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PREFACE TO FIRST EDITION

In writing this book, the author had as his primary object the provision of a
complete up-to-date text-book of quantitative inorganic analysis, both theory
and practice, at a moderate price to meet the requirements of University and
College students of all grades. It is believed that the material contained therein
is sulucienuy compreuenswe to cover the Syuauuses of all examinations in which
quantitative inorganic analysis plays a part. The elementary student has been
provided for, and those sections devoted to his needs have been treated in
considerable detail. The volume should therefore be of value to the student
throughout the whole of his career. The book will be suitable inter alia for
students preparing for the various Intermediate B.Sc. and Higher School
Certificate Examinations, the Ordinary and Higher National Certificates in
Chemistry, the Honours and Special B.Sc. of the Universities, the Associateship
of the Institute of Chemistry, and other examinations of equivalent standard.
It is hoped, also, that the wide range of subjects discussed within its covers will
resuit in the volume having a special appeal to practising analytical chemists
and to all those workers in industry and research who have occasion to utilise
methods of inorganic quantitative analysis.

The kind reception accorded to the author’s Text Book of Qualitative Chemical
Analysis by teachers and reviewers seems to indicate that the general arrange-
ment of that book has met with approval. The companion volume on
Quantitative Inorganic Analysis follows essentially similar lines. Chapter I is
devoted to the theoretical basis of quantitative inorganic analysis, Chapter 11
to the experimental technique of quantitative analysis, Chapter III to volumetric
analysis, Chapter IV to gravimetric analysis (including electro-analysis),
Chapter V to colorimetric analysis, and Chapter VI to gas analysis; a
comprehensive Appendix has been added, which contains much useful matter

for the practising analytical chemist. The experimental side is based essentially
upon the writer’s experience with ]nroé classes of students of various orades
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Most of the determinations have been tested out in the laboratory in collaboration
with the author’s colleagues and senior students, and in some cases this has
resulted in slight modifications of the details given by the original authors.
Particular emphasis has been laid upon recent developments in experimental
technique. Frequently the source of certain apparatus or chemicals has been
given in the text; this is not intended to convey the impression that these
materials cannot be obtained from other sources, but merely to indicate that
the author’s own experience is confined to the particular products mentioned.

The ground covered by the book can best be judged by perusal of the Table
of Contents. An attempt has been made to strike a balance between the classical
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PREFACE TO FIRST EDITION

and modern procedures, and to present the subject of analytical chemistry as
it is today. The theoretical aspect has been stressed throughout, and numerous
cross-references are given to Chapter [ (the theoretical basis of quantitative
inorganic anaiysis).

No references to the original literature are given in the text. This is because
the introduction of such references would have considerably increased the size
and therefore the price of the book. However, a discussion on the literature of
analytical chemistry is given in the Appendix. With the aid of the various volumes
mentioned therein — which should be available in all libraries of analytical
chemistry — and the Collective Indexes of Chemical Abstracts or of British
Chemical Abstracts, little difficulty will, in general, be experienced in finding the
original sources of most of the determinations described in the book.

In the preparation of this volume, the author has utilised pertinent material
wherever it was to be found. While it is impossible to acknowledge every source
individually, mention must, however, be made of Hillebrand and Lundell’s
Applied Inorganic Analysis (1929) and of Mitchell and Ward’s Modern Methods

i1 Duantitatineg  hominal Aunalucic (102I0Y In cancliicinan the writer wichac tn
e BUnolGLive Lnemlhi AnlGiysis (1704, 11l COLCIUSIULL, IV WIHICD WISKIVS

express his thanks: to Dr. G. H. Jeffery, A.L.C,, for reading the galley proofs
and making numerous helpful suggestions; to Mr. A. S. Nickelson, B.Sc., for
reading some of the galley proofs; to his laboratory steward, Mr. F. Mathie,
for preparing a number of the diagrams, including most of those in Chapter VI,
and for his assistance in other ways; to Messrs. A. Gallenkamp and Co., Ltd,,
of London, E.C.2, and to Messrs. Fisher Scientific Co, of Pittsburgh, Pa., for
providing a number of diagrams and blocks;* and to Mr. F. W. Clifford, F.L.A,,
Librarian to the Chemical Society, and his able assistants for their help in the
task of searching the extensive literature.
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author.

ARTHUR I. VOGEL
Woolwich Polytechnic, London, SE18
June, 1939

* Acknowledgment to other firms and individuals is made in the body of the text.
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PREFACE TO THE FIFTH EDITION

We consider ourselves most fortunate to have had the opportunity to continue
the collaboration we enjoyed over the previous Fourth Edition of Arthur L
Vogel’s Textbook of Quantitative Inorganic Analysis and to prepare this
Fifth Edition.

It will not have gone unnoticed by readers familiar with earlier editions that
the title has now been altered to Vogel’s Textbook of ‘Quantitative Chemical
Analysis’. This has been done because the growth and development of analytical
chemistry has now totally blurred the boundaries which rather artificially existed
between inorganic and organic chemistry. As a result we have made a deliberate
policy to incorporate a number of useful organic analytical applications and
experiments in the new text. It says much for the foresight of Dr Vogel that he
clearly anticipated this development as in the Third Edition he incorporated
organic fluorescence and an introductory chapter on infrared spectroscopy, and
we have built upon this basis. As a result this volume is a far more substantial
revision than that which was given to the Fourth Edition and we believe that
it will be of value to an even wider readership in both academic and industrial
circles.

One change that will be evident to many chemists is the deletion of normalities
and equivalents from the body of the text. This has been done because current
teaching and all our external contacts indicated that there was little long-term
benefit in retaining them. However, there are many older readers who still
employ this system and because of this we have retained a detailed explanation
of normalities and equivalents as an Appendix.

The other changes we have made are almost too numerous to list separately
in a Preface. As far as possible all subject areas have been up-dated and numerous
references given to research papers and other textbooks to enable the reader to
study particular topics more extensively if required

Part A, dealing with the Fundamentals of Quantitative Chemical Analysis,
has been extended to incorporate sections of basic theory which were originally
spread around the body of the text. This has enabled a more logical development
of theoretical concepts to be possible. Part B, concerned with errors, statistics,
and sampling, has been extensively rewritten to cover modern approaches to
sampling as well as the attendant difficulties in obtaining representative samples
from bulk materials. The statistics has been restructured to provide a logical,
stepwise approach to a subject which many people find difficult.

The very extensive changes that have taken place over recent years and the
broad application to organic separations necessitated a major revision of Part C
covering solvent extraction and chromatographic procedures. These particular
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chapters now incorporate a number of separations of organic materials, most
of which can be fairly readily carried out even in modestly equipped laboratories.

The traditional areas of ‘wet’ chemistry came under very close scrutiny and
it was felt that whilst the overall size of Part D could be Juauﬁcu.u_y 1Cduu:d
the chapter on titrimetry required modification to include a section on titrations
in non-aqueous solvents as these are of particular application to organic
materials. It was also felt that environmentally important titrations such as
those for dissolved oxygen and chemical oxygen demand should be introduced
for the first time. By way of contrast to this we considered that gravimetry has
greatly diminished in application and justified a substantial reduction in volume.
This in no way undermines its importance in terms of teaching laboratory skills,
but the original multitude of precipitations has been substantially pruned and
experimental details abbreviated.

Electroanalytical methods is another area which has changed substantially
in recent years and this has been reflected in the treatment given to Part E.
Apart from a revision of the theory and the circuit diagrams, modifications have
been made to the experiments and the chapters have been reorganised in a more
logical sequence. Because of the obvious overlap in theory and application,
amperometry has now been incorporated into the chapter on voltammetry.
Even more substantial changes have been made to the spectroanalytical methods
in Part F, in which all chapters have received a major revision, especially to
include more organic applications where possible. Details of Fourier transform
techniques and derivative spectroscopy are included for the first time, along
with a general up-date on instrument design. The growing importance of
quantitative infrared spectrophotometry has well justified the re-introduction
of a chapter dealing more extensively with this topic. Similarly the extensive
and rapid growth of procedures and applications in atomic absorption
spectroscopy has necessitated another major revision in this area.

A full revision has been made to the appendices and some of those used in
the Fourth Edition have now been incorporated into the main text where
appropriate. At the same time other tables have been extended to include more
organic compounds and additional appendices include correlation tables
for infrared, absorption characteristics for ultraviolet/visible, and additional
statistical tables, along with the essential up-dated atomic weights.

In carrying out this revision we owe a great debt to the many companies
and individuals who have so willingly helped us not only in giving permission
to reproduce their tables and diagrams but who have often gone to considerable
trouble to provide us with current information and special photographs and
illustrations. We have also paid special attention to the many ideas, suggestions
and corrections made by readers who took the trouble to write to us when the
Fourth Edition was published. Most of these were constructive and useful,
especially the one from Papua—New Guinea pointing out to us the difficulty of
producing a ‘flesh-coloured precipitate’! We have done our best to avoid such
misleading errors on this occasion. Nevertheless we will be pleased to learn of
any errors which may have inadvertently crept into the text and/or suggestions
for further improvement. We greatly hope that this edition will continue to
maintain the very high standards for quantitative analysis which Dr Arthur I
Vogel helped to establish with the First Edition some 50 years ago.

Finally, we wish to express our especial thanks to our friends and colleagues
who have so willingly helped us with data, sources of material and discussion
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throughout the revision of this book. We are grateful to Thames Polytechnic
for its continued support and enthusiasm in our work and particularly to the
School of Chemistry in which we have all spent many years. Needless to say,
wec owe a great debt to our wives who have once agam encUuraged, assisted
and tolerated us over the many months spent discussing, writing, revising,
checking and proof-reading this edition. We hope that along with us they will
feel that the final result more than justifies the efforts that have been put into
it and that we have produced a book which will continue to be of substantial

value in the teaching and application of analytical chemistry.

G. H. JEFFERY, J. BASSETT, J. MENDHAM, R. C. DENNEY
Thames Polytechnic, Woolwich, London, SE18 6PF, England
August, 1988
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A NOTE ON UNITS AND REAGENT PURITY

ST units have been used throughout this book, but as the ‘litre’ (L) has been
accepted as a special name for the cubic decimetre (dm?) although this is not
strictly speaking an SI term we have felt that it is appropriate to employ it
throughout this book. Similarly we have chosen to use millilitres (mL) instead
of cubic centimetres (cm?).

Concentrations of solutions are usually expressed in terms of moles per litre:
a molar solution (M) has one mole of solute per L.

It should also be emphasised that unless otherwise stated all reagents
employed in the analytical procedures should be of appropriate ‘analytical
grade’ or ‘spectroscopic grade’ materials. Similarly, where solutions are prepared
in water this automatically means “distilled’ or ‘deionised’ water from which
all but very minor impurities will have been removed.
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PART A

FUNDAMENTALS OF
QUANTITATIVE CHEMICAL
ANALYSIS






CHAPTER 1
INTRODUCTION

1.1 CHEMICAL ANALYSIS

‘The resolution of a chemical compound into its proximate or ultimate parts;
the determination of its elements or of the foreign substances it may contain’:
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This definition outlines in very broad terms the scope of analytical chemistry.
When a completely unknown sample is presented to an analyst, the first
requirement is usually to ascertain what substances are present in it. This
fundamental problem may sometimes be encountered in the modified form of
deciding what impurities are present in a given sample, or perhaps of confirming
that certain specified impurities are absent. The solution of such problems lies
within the province of qualitative analysis and is outside the scope of the present
volume.

Having ascertained the nature of the constituents of a given sample, the
&i‘i'c‘uy‘SL is then ucqucuuy called upaii to determine how much of each
component, or of specified components, is present. Such determinations lie
within the realm of quantitative analysis, and to supply the required information
a variety of techniques is available.

1.2 APPLICATIONS OF CHEMICAL ANALYSIS

In a modern industrialised society the analytical chemist has a very important
role to play. Thus most manufacturing industries rely upon both qualitative
and quantitative chemical analysis to ensure that the raw materials used meet
certain specifications, and also to check the quality of the final product. The
examination of raw materials is carried out to ensure that there are no unusual

substances present which might be deleterious to the manufacturing process or
appear as a harmful impurity in the final nroduct. Further. since the value of
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the raw material may be governed by the amount of the required ingredient
which it contains, a quantitative analysis i1s performed to establish the proportion
of the essential component: this procedure is often referred to as assaying. The
final manufactured product is subject to quality control to ensure that its
essential components are present within a pre-determined range of composition,
whilst impurities do not exceed certain specified limits. The semiconductor
industry is an example of an industry whose very existence is dependent upon
very accurate determination of substances present in extremely minute quantities.

The development of new products (which may be mixtures rather than pure
materials, as for example a polymer composition, or a metallic alloy) also
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requires the services of the analytical chemist. It will be necessary to ascertain
the composition of the mixture which shows the optimum characteristics for
the purpose for which the material is being developed

Many industrial processes give rise to pottutants which can present a health
problem. Quantitative analysis of air, water, and in some cases soil samples,
must be carried out to determine the level of pollution, and also to establish
safe limits for pollutants.

In hospitals, chemical analysis is widely used to assist in the diagnosis of
illness and in monitoring the condition of patients. In farming, the nature and
level of fertiliser application is based upon information obtained by analysis of
the soil to determine its content of the essential plant nutrients, nitrogen,
phosphorus and potassium, and of the trace elements which are necessary for
heaithy plant growth.

Geological surveys require the services of analytical chemists to determine
the composition of the numerous rock and soil samples collected in the field.
A particular instance of such an exercise is the qualitative and quantitative
examination of the samples of ‘moon rock’ brought back to Earth in 1969 by
the first American astronauts to land on the moon.

Much legislation enacted by governments relating to such matters as pollution
of the atmosphere and of rivers, the monitoring of foodstuffs, the control of
substances hazardous to health, the misuse of drugs, and many others are
dependent upon the work of analytical chemists for implementation.

When copper(1I) sulphate is dissolved in distilled water, the copper is present
in solution almost entirely as the hydrated copper ion [Cu(H,Q)¢]%%. If
however, a natural water (spring water or river water) is substituted for the
distilled water, then some of the copper ions will interact with various substances
present in the natural water. These substances may include acids derived from
vegetation (such as humic acids and fulvic acid), colloidal materials such as
clay particles, carbonate ions (CO37) and hydrogencarbonate ions (HCO3)
derived from atmospheric carbon dioxide, and various other cations and anions
leached from the rocks with which the water has been in contact. The copper
ions which become adsorbed on colloidal particles, or those which form an
organic complex with (for example) fulvic acid, will no longer show the usual
behaviour of hydrated copper(Il) ions and thus their biological and geological
effects are modified. For the investigation of such problems in natural waters,
it is therefore necessary for the analyst to devise procedures whereby the various
copper-containing species in the solution can be identified, and the distribution
of the copper among them determined. Such procedures are referred to as
‘speciation’.

1.3 SAMPLING

The results obtained for the proportion of a certain constituent in a given sample
may form the basis of assessing the value of a large consignment of the
commodity from which the sample was drawn. In such cases it is absolutely
essential to be certain that the sample used for analysis is truly representative
of the whole. When dealing with a homogeneous liquid, sampling presents few
problems, but if the material under consideration is a solid mixture, then it is
necessary to combine a number of portions to ensure that a representative
sample is finally selected for analysis. The analyst must therefore be acquainted
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TYPES OF ANALYSIS 14

with the normal standard sampling procedures employed for different types of
materials.

1.4 TYPES OF ANALYSIS

With an appropriate sample available, attention must be given to the question
of the most suitable technique or techniques to be employed for the required
determinations. One of the major decisions to be made by an analyst 1s the
choice of the most effective procedure for a given analysis, and in order to arrive
at the correct decision, not only must he be familiar with the practical details
of the various techniques and of the theoretical principles upon which they are
based, he must also be conversant with the conditions under which each method
is reliable, aware of possible interferences which may arise, and capable of
devising means of circumventing such problems. He will also be concerned with
questions regarding the accuracy and the precision to be expected from given
methods and, in addition, he must not overlook such factors as time and costing,

The most accurate method for a certain determination mav nrove to be ]r-‘ncrfhv
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or to involve the use of expensive reagents, and in the interests of economy it
may be necessary to choose a method which, although somewhat less exact,
yields results of sufficient accuracy in a reasonable time.

Important factors which must be taken into account when selecting an
appropriate method of analysis include (a) the nature of the information which
is sought, (b) the size of sample available and the proportion of the constituent
to be determined, and (¢) the purpose for which the analytical data are required.

The nature of the information sought may involve requirement for very
detailed data, or alternatively, results of a general character may suffice. With

respect to the information which is furnished, different types of chemica

may be classified as follows:

1. proximate analysis, in which the amount of each element in a sample 1s
determined with no concern as to the actual compounds present;

2. partial analysis, which deals with the determination of selected constituents
in the sample;

3. trace constituent analysis, a specialised instance of partial analysis in which
we are concerned with the determination of specified components present in
very minute quantity;

4. complete analysis, when the proportion of each component of the sample is
determined.

On the basis of sample size, analytical methods are often classified as:

macro, the analysis of quantities of 0.1 g or more;

meso (semimicro), dealing with quantities ranging from 10" 2g to 10 ! g;
micro, for quantities in the range 107* g to 1072 g;

submicro, for samples in the range 10" *g to 1073 g;

ultramicro, for quantities below 104 g.

Rl alb i o

The term ‘semimicro’ given as an alternative name for classification (2) is not
very apt, referring as it does to samples larger than micro.

A major constituent is one accounting for 1-100 per cent of the sample under
Investigation; a minor constituent is one present in the range 0.01-1 per cent;
a trace constituent is one present at a concentration of less than 0.01 per cent.

5
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With the development of increasingly sophisticated analytical techniques it has
become possible to determine substances present in quantities much lower than
the 0.01 per cent upper level set for trace constituents. It is therefore necessary to
make further subdivisions: trace corresponds to 102-10*ug per gram, or
102-10* parts per million (ppm), microtrace to 102-10"' pg per gram,
(107*-10"7 ppm), nanotrace to 102-10~! fm per gram (10~7-10"'° ppm).

When the sample weight is small (0.1-1.0 mg), the determination of a trace
component at the 0.01 per cent level may be referred to as subtrace analysis. If the
trace component is at the microtrace level, the analysis is termed sub-
microtrace. With a still smaller sample (not larger than 0.1 mg) the determination
of a component at the trace level is referred to as ultratrace analysis, whilst
with a component at the microtrace level, the analysis is referred to as
ultra-microtrace.

The purpose for which the analytical data are required may perhaps be
related to process control and quality control. In such circumstances the
objective is checking that raw materials and finished products conform to
specification, and it may also be concerned with monitoring various stages in
a manufacturing process. For this kind of determination methods must be
employed which are quick and which can be readily adapted for routine work:
in this area instrumental methods have an important role to play, and in certain
cases may lend themselves to automation. On the other hand, the problem may
be one which requires detailed consideration and which may be regarded as
being more in the nature of a research topic.

1.5 USE OF LITERATURE
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Faced with a rcscarchumylc problem, the ana ybl will Jrcqucuuy be dealing with
a situation which is outside his normal experience and it will be necessary to
seek guidance from published data. This will involve consultation of multi-
volume reference works such as Kolthoff and Elving, Treatise on Analytical
Chemistry; Wilson and Wilson, Comprehensive Analytical Chemistry; Fresenius
and Jander, Handbuch der analytischen Chemie; of a compendium of methods
such as Meites, Handbook of Analytical Chemistry; or of specialised monographs
dealing with particular techniques or types of material. Details of recognised
procedures for the analysis of many materials are published by various official
bodies, as for example the American Society for Testing Materials (ASTM), the
British Standards Institution and the Commission of European Communities.
It may be necessary to seek more up-to-date information than that available
in the books which have been consulted and this will necessitate making use

of review nuhlicationsg (P a Annual Reports of the Chemical Society: reviews in
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The Analyst and Analytlcal Chemistry), and of abstracts (e.g. Analytical
Abstracts; Chemical Abstracts), and referring to journals devoted to analytical
chemistry and to specific techniques: see Section 1.7.*

Such a literature survey may lead to the compilation of a list of possible
procedures and the ultimate selection must then be made in the light of the
criteria previously enunciated, and with special consideration being given to
questions of possible interferences and to the equipment available.

* Selected Bibliographies and References are given at the end of each part of the book; for Part A,
see Sections 3.38 and 3.39.
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1.6 COMMON TECHNIQUES

The main techniques employed in quantitative analysis are based upon (a) the

X
quantitative performance of suitable chemical reactions and either measuring

the amount of reagent needed to complete the reaction, or ascertaining the
amount of reaction product obtained; (b) appropriate electrical measurements
(e.g. potentiometry); (¢) the measurement of certain optical properties {(e.g.
absorption spectra). In some cases, a combination of optical or electrical
measurements and quantitative chemical reaction {e.g. amperometric titration)
may be used.

The quantitative execution of chemical reactions is the basis of the traditional
or ‘classical’ methods of chemical analysis: gravimetry, titrimetry and volumetry.
In gravimetric analysis the substance being determined is converted into an
insoluble precipitate which is collected and weighed, or in the special case of
electrogravimetry electrolysis is carried out and the material deposited on one
of the electrodes is weighed.

In titrimetric analysis (often termed volumetric analysis in certain books),
the substance to be determined is allowed to react with an appropriate reagent
added as a standard solution, and the volume of solution needed for complete
reaction i1s determined. The common types of reaction which are used in
titrimetry are {a) neutralisation (acid—base) reactions; (b) complex-forming
reactions; {c) precipitation reactions; (d) oxidation—reduction reactions.

Volumetry is concerned with measuring the volume of gas evolved or
absorbed in a chemical reaction.

Electrical methods of analysis (apart from electrogravimetry referred to
above)involve the measurement of current, voltage or resistance in relation to the
concentration of a certain species in solution, Technigues which can be included
under this general heading are (i) voltammetry (measurement of current at a
micro-electrode at a specified voltage); (i) coulometry (measurement of current
and time needed to complete an electrochemical reaction or to generate sufficient
material to react completely with a specified reagent); (iii) potentiometry
{measurement of the potential of an electrode in equilibrium with an ion to be
determined); (iv) conductimetry (measurement of the electrical conductivity of
a solution).

Optical methods of analysis are dependent either upon (i) measurement of
the amount of radiant energy of a particular wavelength absorbed by the sample,
or (11) the emission of radiant energy and measurement of the amount of energy
of a particular wavelength emitted. Absorption methods are usually classified
according to the wavelength involved as {a) visible spectrophotometry
{colorimetry), (b) ultraviolet spectrophotometry, and (c) infrared spectro-
photometry.

Atomic absorption spectroscopy involves atomising the specimen, often by
spraying a solution of the sample into a flame, and then studying the absorption
of radiation from an electric lamp producing the spectrum of the element to be
determined.

Although not strictly absorption methods in the sense in which the term is
usually employed, turbidimetric and nephelometric methods which involve
measuring the amount of light stopped or scattered by a suspension should also
be mentioned at this point.

Emission methods involve subjecting the sample to heat or electrical treatment

%
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1 INTRODUCTION

so that atoms are raised to excited states causing them to emit energy:
it 1s the intensity of this emitted energy which is measured. The common
excitation techniques are:

(a) emission spectroscopy, where the sample is subjected to an electric arc or
spark plasma and the light emitted {which may extend into the ultraviolet
region) is examined;

(b) flame photometry, in which a solution of the sample is injected into a flame;

(c) fluorimetry, in which a suitable substance in solution {(commonly a metal-
fluorescent reagent complex) is excited by irradiation with visible or
ultraviolet radiation.

Chromatography is a separation process employed for the separation of
mixtures of substances. It is widely used for the identification of the components
of mixtures, but as explained in Chapters 8 and 9, it is often possible to use
the procedure to make quantitative determinations, particularly when using

Gas Chromatography {GC) and High Performance Liquid Chromatography
(HPLC)

[P e 3 LU R

1.7 INSTRUMENTAL METHODS

The methods dependent upon measurement of an electrical property, and those
based upon determination of the extent to which radiation is absorbed or upon
assessment of the intensity of emitted radiation, all require the use of a suitable
instrument, e.g. polarograph, spectrophotometer, ¢tc., and in consequence such
methods are referred to as ‘instrumental methods’. Instrumental methods are
usually much faster than purely chemical procedures, they are normally

applicable at concentrations far too small to be amenable to determination by

classical methods, and they find wide application in industry. In most cases a
microcomputer can be interfaced to the instrument so that absorption curves,
polarograms, titration curves, etc., can be plotted automatically, and in fact, by
the incorporation of appropriate servo-mechanisms, the whole analytical process
may, in suitable cases, be completely automated.

Despite the advantages possessed by instrumental methods in many directions,
their widespread adoption has not rendered the purely chemical or ‘classical’
methods obsolete; the situation is influenced by three main factors.

1. The apparatus required for classical procedures is cheap and readily available
in all laboratories, but many instruments are expensive and their use will
only be justified if numerous samples have to be analysed, or when dealing
with the determination of substances present in minute quantities (trace,
subtrace or uitratrace analysis).

2. With instrumental methods it is necessary to carry out a calibration operation
using a sample of material of known composition as reference substance.

3. Whilst an instrumental method is ideally suited to the performance of a large
number of routine determinations, for an occasional, non-routine, analysis
it is often simpler to use a classical method than to go to the trouble of
preparing requisite standards and carrying out the calibration of an
instrument.

Clearly, instrumental and classical methods must be regarded as supplementing
each other.
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1.8 OTHER TECHNIQUES

In addition to the main general methods of analysis outlined above there are
also certain specialised techniques which are applied in special circumstances.
Among these are X-ray methods, methods based upon the measurement of
radioactivity, mass spectrometry, the so-called kinetic methods, and thermal
methods.

X-ray methods. When high-speed electrons collide with a solid target {(which
can be the material under investigation), X-rays are produced. These are often
referred to as primary X-rays, and arise because the electron beam may displace
an electron from the inner electron shells of an atom in the target, and the
electron lost is then replaced by one from an outer shell; in this process energy
is emitted as X-rays. In the resultant X-ray emission it is possible to identify
certain emission peaks which are characteristic of elements contained in the
target. The wavelengths of the peaks can be related to the atomic number of

the elements producing them, and thus provide a means of identifying elements
present in the target samnle. Further. under controlled conditions, the intencgitv
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of the peaks can be used to determine the amounts of the various elements
present. This is the basis of electron probe microanalysis, in which a small target
area of the sample is pinpointed for examination, This has important applications
in metallurgical research, in the examination of geological samples, and in
determining whether biological materials contain metallic elements.

When a beam of primary X-rays of short wavelength strikes a solid target,
by a similar mechanism to that described above, the target material will emit
X-rays at wavelengths characteristic of the atoms involved: the resultant
emission is termed secondary or fluorescence radiation. The sample area can

be large, and quantitative results obtained by examining the peak heights of

the fluorescence radiation can be taken as 1nd1cative of sample composition.
X-ray fluorescence analysis is a rapid process which finds application in
metallurgical laboratories, in the processing of metallic ores, and in the cement
industry.

Crystalline material will diffract a beam of X-rays, and X-ray powder
diffractometry can be used to identify components of mixtures. These X-ray
procedures are examples of non-destructive methods of analysis.

Radioactivity. Methods based on the measurement of radioactivity belong to
the realm of radiochemistry and may involve measurement of the intensity of
the radiation from a naturally radioactive material; measurement of induced
radioactivity arising from exposure of the sample under investigation to a
neutron source (activation analysis); or the application of what is known as the
isotope dilution technique.

Typical applications of such methods are the determination of trace elements
in (a) the investigation of pollution problems; (b) the examination of geological
specimens; (c) quality control in the manufacture of semiconductors.

Mass spectrometry. In this technique, the material under examination is
vaporised under a high vacuum and the vapour is bombarded by a high-energy
electron beam. Many of the vapour molecules undergo fragmentation and
produce ions of varying size. These ions can be distinguished by accelerating
them in an electric field, and then deflecting them in a magnetic field where they
follow paths dictated by their mass/charge ratio (m/e) to detection and recording

9



1 INTROGLUCTION

equipment: cach kind of ion gives a peak in the mass spectrum. Non-volatile
inorganic materials can be e¢xamined by vaporising them by subjecting them
toa high voltage electric spark

Mass spectrometry can be used for gas analyblb, for the anal y
products, and in examining semiconductors for impurities. It 1s als

tool for establishing the structure of organic compounds.

Kinetic methods. These methods of quantitative analysis are based upon the
fact that the speed of a given chemical reaction may frequently be increased by
the addition of a small amount of a catalyst, and within limits, the rate of the
catalysed reaction will be governed by the amount of catalyst present. If a
calibration curve 1s prepared showing variation of reaction rate with amount
of catalyst used, then measurement of reaction rate will make it possible to
determine how much catalyst has been added in a certain instance. This provides
a sensitive method for determining sub-microgram amounts of appropriate

substances,
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solution by adding a catalyst which will destroy it completely, and measuring
the concomitant change in for example, the absorbance of the solution for visible
or ultraviolet radiation. Such procedures are applied in clinical chemistry.

Optical methods. Those of particular application to organic compounds are:

1. Use of a refractometer to make measurements of the refractive index of liquids.
This will often provide a means of identifying a pure compound, and can
also be used (in conjunction with a calibration curve) to analyse a mixture
of two liquids.

2. Measurement of the optical rotation of optically active compounds.
Polanmetric measurements can likewise be used as a method of identifying
pure substances, and can also be employed for quantitative purposes.

Thermal methods. Changes in weight, or changes in energy, recorded as a
function of temperature (or of time) can provide valuable analytical data. For
example, the conditions can be established under which a precipitate produced
in a gravimetric determination can be safely dried. Common techniques include
the recording as a function of temperature or time of {a@) change in weight
(Thermogravimetry, TG); (b) the difference in temperature between a test
substance and an inert reference material { Differential Thermal Analysis, DTA);
(c¢) the energy necessary to establish a zero temperature difference between a
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DSC).

1.9 FACTORS AFFECTING THE CHOICE OF ANALYTICAL
METHODS

An indication has been given in the preceding sections of a number of techniques
available to the analytical chemist. The techniques have differing degrees of
sophistication, of sensitivity, of selectivity, of cost and also of time requirements,
and an important task for the analyst is the sclection of the best procedure for

10



FACTORS AFFECTING THE CHOICE OF ANALYTICAL METHODS 1.9

a given determination. This will require careful consideration of the following
criteria.

(a) The type of analysis required: elemental or molecular, routine or occasional.

(b) Problems arising from the nature of the material to be investigated,
e.g. radioactive substances, corrosive substances, substances affected by
water.

(c) Possible interference from components of the material other than those of
interest.

(d) The concentration range which needs to be investigated.

(e) The accuracy required.

(f) The facilities available; this will refer particularly to the kinds of
instrumentation which are at hand.

(g) The time required to complete the analysis; this will be particularly relevant
when the analytical results are required quickly for the control of a
manufacturing process. This may mean that accuracy has to be a secondary
rather than a prime consideration, or it may require the use of expensive
instrumentation.

(h) The number of analyses of similar type which have to be performed; in
other words, does one have to deal with a limited number of determinations
or with a situation requiring frequent repetitive analyses?

(i) Does the nature of the specimen, the kind of information sought, or the
magnitude of the sample available indicate the use of non-destructive
methods of analysis as opposed to the more commonly applied destructive
methods involving dissolution of the sample (possibly in acid) prior to the
application of normal analytical techniques?

Some information relevant to the choice of appropriate methods is given i
condensed form in Table 1.1, which is divided into three sections: the ‘classica

techniques; a selection of instrumental methods; some ‘non-destructive’ methods.

=

Table 1.1 Conspectus of some common quantitative analytical methods

Method Speed Relative Concentration Accuracy
cost range (pC)*
Gravimetry ) L 1-2 H
Titrimetry M L 1-4 H
Coulometry S-M L-M 1-4 H
Voltammetry M M 3-10 M
Potentiometry M-F L-M 1-7 M
Spectrophotometry M-F L-M 3-6 M
Atomic spectrometry F M-H 3-9 M
Emission (plasma) spectrometry F H 5-9 M
Chromatography (GLC; HPLC) F M-H 3-9 M
Neutron activation S H T(a) M
X-ray fluorescence F H t(b) H

1 . . .
*pC = log,q————, where Concentration is expressed in moles per litre.
Concn

+ Concentration range has little significance: detection values are (@) 107°-107 "2 g; (b) 1073107 % g,
Abbreviations: F, Fast; H, High; L, Low; M, Moderate; S, Slow.
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1.10 INTERFERENCES

Whatever the method finally chosen for the required determination, it should
1deaﬂy be a S'ﬁe(.'uu. luclhud, that is to say, it should be capaulc of 111€aSi1i'ii’ig
the amount of desired substance accurately, no matter what other substances
may be present. In practice few analytical procedures attain this ideal, but many
methods are selective; in other words, they can be used to determine any of a
small group of 1ons 1n the presence of certain specified ions. In many instances
the desired selectivity is achieved by carrying out the procedure under carefully
controlled conditions, particularly with reference to the pH of the solution.

Frequently, however, there are substances present that prevent direct
measurement of the amount of a given ion; these are referred to as interferences,
and the selection of methods for separating the interferences from the substance
to be determined are as important as the choice of the method of determination.
Typical separation procedures include the following:

(a) Selective precipitation. The addition of appropriate reagents may convert

interfering ions into precipitates which can be filtered off, careful pH control
is often necessary in order to achieve a clean separation, and it must be
borne in mind that precipitates tend to adsorb substances from solution
and care must be taken to ensure that as little as possible of the substance
to be determined is lost in this way.

(b) Masking. A complexing agent is added, and if the resultant complexes are
sufficiently stable they will fail to react with reagents added in a subsequent
operation: this may be a titrimetric procedure or a gravimetric precipitation

method.
(¢) Selective oxidation (reduction). The sample 1s treated with a selective
oxidising or reducmg agent which will react with some of the ions present:

the resultant change in oxidation state will often facﬂltate separation. For
example, to precipitate iron as hydroxide, the solution is always oxidised
so that iron(II1) hydroxide 1s precipitated: this precipitates at a lower pH
than does iron(Il) hydroxide and the latter could be contaminated with
the hydroxides of many bivalent metals.

(d) Solvent extraction. When metal ions are converted into chelate compounds
by treatment with suitable organic reagents, the resulting complexes are
soluble in organic solvents and can thus be extracted from the aqueous
solution. Many ion-association complexes containing bulky ions which are
largely organic in character (e.g. the tetraphenylarsonium ion (CgHy), As ¥)
are soluble 1n organic solvents and can thus be utilised to extract appropriate
metals ions from aqueous solution. Such treatment may be used to isolate
the ion which is to be determined, or alternatively, to remove interfering
substances.

(e) Ion exchange. Ion exchange materials are insoluble substances containing
ions which are capable of replacement by ions from a solution containing
electrolytes. The phosphate ion is an interference encountered in many
analyses involving the determination of metals; in other than acidic solutions
the phosphates of most metals are precipitated. If, however, the solution is
passed through a column of an anion exchange resin in the chloride form,
then phosphate ions are replaced by chloride ions. Equaily, the determination
of phosphates is difficult in the presence of a variety of metallic ions, but

12



DATA ACQUISITION AND TREATMENT 111

if the solution is passed through a column of a cation exchange resin in the
protonated form, then the interfering cations are replaced by hydrogen ions.
(f) Chromatography The term chromatography is applled to separatlon
LcCI‘lﬁlunb in which the components of solutions travel down a column at
different rates, the column being packed with a suitable finely divided solid
termed the stationary phase, for which such diverse materials as cellulose
powder, silica gel and alumina are employed. Having introduced the test
solution to the top of the column, an appropriate solvent (the mobile phase)
is allowed to flow slowly through the column. In adsorption chromatography
the solutes are adsorbed on the column material and are then eluted by
the mobile phase: the less easily adsorbed components are eluted first and
the more readily adsorbed components are eluted more slowly, thus effecting
separation. In partition chromatography the solutes are partitioned between
the mobile phase and a film of liquid (commonly water) firmly absorbed
on the surface of the stationary phase. A typical example is the separation

of cobalt from nickel in solution in concentrated hydrochloric acid: the
Stnhnnnru phase ig cellulose nowder. the mobile nhage, acetone containinge
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hydrochlorlc acid; the cobalt is eluted whilst the nickel remains on the
column. If compounds of adequate volatility are selected, then ‘gas
chromatography may be carried out in which the mobile phase is a current
of gas, e.g. nitrogen. For liquids it is frequently possible to dispense with a
column and to use the adsorbent spread as a thin layer on a glass plate
(thin layer chromatography) and in some cases a roll or a sheet of filter
paper without any added adsorbent may be used (paper chromatography):
these techniques are especially useful for handling small amounts of material.
Of particular interest in this field are the developments associated with high
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1.11 DATA ACQUISITION AND TREATMENT

Once the best method of dealing with interferences has been decided upon and
the most appropriate method of determination chosen, the analysis should be
carried out in duplicate and preferably in triplicate. For simple classical
determinations the experimental results must be recorded in the analyst’s
notebook. However, many modern instruments employed in instrumental
methods of cnalysis are interfaced with computers and the analytical results
may be displayed on a visual display unit, whilst a printer will provide a printout
of the pertinent data which can be used as a permanent record.

A simple calculation will then convert the experimental data into the
information which is sought: this will usually be the percentage of the relevant
component in the analytical sample. When using computer-interfaced instruments
the printout will give the required percentage value. The results thus obtained
will be subject to a degree of uncertainty as is true for every physical
measurement, and it is necessary to establish the magnitude of this uncertainty
in order that meaningful results of the analysis can be presented.

It is, therefore, necessary to establish the precision of the results, by which
we mean the extent to which they are reproducible. This is commonly expressed
in terms of the numerical difference between a given experimental value and
the mean value of all the experimental results. The spread or range in a set of
results 1s the numerical difference between the highest and lowest results: this

13
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figure is also an indication of the precision of the measurements. However, the
most important measures of precision are the standard deviation and the
variance: these are discussed in Chapter 4.
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for the sample is termed the systematic error in the analysis: it indicates the
accuracy of the analysis.

¢

1.12 SUMMARY

Summarising, the following steps are necessary when confronted with an
unfamiliar quantitative determination.

1. Sampling.
2. Literature survey and selection of possible methods of determination.
3. Consideration of interferences and procedures for their removal.

Pooling the information gathered under headings (2) and (3), a final selection
will be made of the method of determination and of the procedure for eliminating
interferences.

4. Dissolution of sample.

5. Removal or suppression of interferences.
6. Performance of the determination.

7. Statistical analysis of the results.

For References and Bibliography see Sections 3.38 and 3.39.
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CHAPTER 2

FUNDAMENTAL THEORETICAL
PRINCIPLES OF REACTIONS IN
SOLUTION

Many of the reactions of qualitative and quantitative chemical analysis take
place in solution; the solvent is most commonly water but other liquids may
also be used. It is, therefore necessary to have a general knowledge of the

conditions which exist in solution
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chemical reactions.
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2.1 CHEMICAL EQUILIBRIUM

If a mixture of hydrogen and iodine vapour is heated to a temperature of about
450°C 1n a closed vessel, the two elements combine and hydrogen iodide is
formed. It is found, however, that no matter how long the duration of the
experiment, some hydrogen and iodine remain uncombined. If pure hydrogen
iodide is heated in a closed vessel to a temperature of about 450 °C, the substance
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the heating, some hydrogen iodide remains unchanged. This is an example of
a reversible reaction in the gaseous phase.

H,(g) + [,(g) = 2HI(g)

An example of a reversible reaction in the liquid phase is afforded by the
esterification reaction between ethanol and acetic (ethanoic) acid forming ethyl
acetate and water. Since, however, ethyl acetate undergoes conversion to acetic
acid and ethanol when heated with water, the esterification reaction never
proceeds to completion.

C,H,OH + CH,COOH = CH,COOC,H, + H,0

It is found that after the elapse of a sufficient time interval, all reversible
reactions reach a state of chemical equilibrium. In this state the composition
of the equilibrium mixture remains constant, provided that the temperature
(and for some gaseous reactions, the pressure also) remains constant.
Furthermore, provided that the conditions (temperature and pressure) are
maintained constant, the same state of equilibrium may be obtained from either
direction of a given reversible reaction. In the equilibrium state, the two opposing
reactions are taking place at the same rate so that the system is in a state of
dynamic equilibrium.

It must be emphasised that the composition of a given equilibrium system
can be altered by changing the conditions under which the system is maintained
and it is necessary to consider the effect of changes in (a) the temperature,
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2 FUKDAMENTAL THEORETICAL PRIKCIPLES OF REACTIONS IK SOLUTION

(b) the pressure and (c) the concentration of the components. According to the
Le Chatelier—Braun Principle: ‘If a constraint is applied to a system in
equilibrium the system will adjust itself so as to nullify the effect of the
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light of thls statement.

(a) Temperature. The formation of ammonia from its elements is a reversible
process:

N,(g) + 3H,(g) = 2NH;(g)

in which the forward reaction is accompanied by the evolution of heat (energy),
and is said to be an exothermic reaction; the reverse reaction absorbs heat and
is said to be endothermic. If the temperature of an equilibrium mixture of
nitrogen, hydrogen and ammonia is increased, then the reaction which absorbs
heat will be favoured, and so ammonia is decomposed.

(b) Pressure. Referring to the hydrogen iodide equilibrium system, the

stoichiometric coeflicients of the molecules on each side of the equation for the

reaction are equal, and there is no change in volume when reaction occurs.
Therefore, if the pressure of the system is doubled, thus halving the total volume,
the two sides of the equation are equally affected, and so the composition of
the equilibrium mixture remains unchanged.

In the nitrogen, hydrogen, ammonia equilibrium system, there is a decrease
in volume when ammonia is produced, and hence an increase in pressure will
favour the formation of ammonia. Any gaseous equilibrium in which a change
in volume takes place will be affected by a change in pressure. For equilibrium
in the liqud phase moderate changes in pressure have practically no effect on
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pressure changes do not affect the equilibrium.

(¢) Concentration of reagents. If hydrogen is added to the equilibrium mixture
resuiting from the thermal decomposition of hydrogen iodide, it is found that
more hydrogen iodide is present when equilibrium is restored. In accordance
with the Le Chatelier—-Braun Principle, the system has reacted to remove some
of the added hydrogen.

22 THE LAW OF MASS ACTION

Guldberg and Waage (1867) clearly stated the Law of Mass Action (sometimes
termed the Law of Chemical Equilibrium)in the form: ‘The velocity of a chemical
reaction is proportional to the product of the active masses of the reacting
substances’. ‘Active mass’ was interpreted as concentration and expressed in
moles per litre. By applying the law to homogeneous systems, that is to systems
in which all the reactants are present in one phase, for example in solution, we
can arrive at a mathematical expression for the condition of equilibrium in a
reversible reaction.
Consider first the simple reversible reaction at constant temperature:

A+B=C+D
The rate of conversion of A and B is proportional to their concentrations, or
1 =k, x[A]x[B]
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THE LAW OF MASS ACTION 2.2

where k, is a constant known as the rate constant or rate coeflicient, and the
square brackets (see footnote Section 2.21) denote the concentrations (mol L ™ 1)
of the substances enclosed within the brackets.

1r1 [ ATY 1 Tuvy
Slmllarly, the rate of conversion of C and D is 51 €l O

ro =k, x[C]x[D]

At equilibrium, the two rates of conversion will be equal:

y-

ry=r,
or ki x[A] x[B] = k, x[C] x[D]
or [C1x[D] _ k& _

[Al x[B] k;

K 1s the equilibrium constant of the reaction at the given temperature.
The expression may be generalised. For a reversible reaction represented by:

P:Ay +p,A,+p3As+ ... =2¢B +¢,B,+93B3+ ...

where p,,p,, p3 and q,, q,, g5 are the stoichiometric coefficients of the reacting
species, the condition for equilibrium is given by the expression:

[Bi1" x[B, 1" x [B3]%...
[A ] x [A, ] x [As]%...

This result may be expressed in words: when equilibrium is reached in a reversible
reaction, at constant temperature, the product of the concentrations of the
resultants (the substances on the right-hand side of the equation) divided by
the product of the concentrations of the reactants (the substances on the
left-hand side of the equation), each concentration being raised to a power equal
to the stoichiometric coefficient of the substance concerned in the equation for
the reaction, i1s constant.

The equilibrium constant of a reaction can be related to the changes in Gibbs
Free Energy (AG), enthalpy (AH) and entropy (AS) which occur during the
reaction by the mathematical expressmns

= K

AG® = —RTInK® = —2303RTlog,, K
dinK®  AH®
dT ~ RT?

AG® = AH® — TAS®

In these expressions, the superscript symbol (&) indicates that the quantities
concerned relate to a so-called ‘standard state’. For the derivation and the
significance of these expressions, a textbook of physical chemistry!' should
be consulted, but briefly a reaction will be spontaneous when AG is negative,
it will be at equilibrium when AG 1s zero, and when AG is positive the reverse
reaction will be spontanecous. It follows that a reaction is favoured when heat
1s produced, i.e. it is an exothermic reaction so that the enthalpy change AH is
negative. It is also favoured by an increase in entropy, that is when AS is positive.
A knowledge of the values of the equilibrium constants of certain selected systems
can be of great value to the analyst; for example in dealing with acid—base

interactions, with solubility equilibria, with systems involving complex ions,
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2 FUNDAMENTAL THEORETICAL PRINCIPLES OF REACTIONS IN SOLUTION

with oxidation-reduction systems, and with many separation problems: note
however that equilibrium constants do not give any indication of the rate of
reaction. These matters are dealt with in detail in succeeding sections of this
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2.3 FACTORS AFFECTING CHEMICAL REACTIONS IN
SOLUTION

There are three main factors whose influence on chemical reactions in selution
need to be considered: (a) the nature of the solvent; (b) temperature; and
(c) the presence of catalysts.

(a) Nature of the solvent. Reactions in aqueous solution generally proceed
rapidly because they involve interaction between ions. Thus the precipitation
of silver chloride from a chioride solution by the addition of silver nitrate
solution can be formulated

Ag* +Cl™ = AgCl(solid)

Reactions between molecules in solution, for example the formation of ethyl
acetate from acetic acid and ethanol, are generally comparatively slow. It is
therefore convenient to classify solvents as ionising solvents if they tend to
produce solutions in which the solute is ionised, and as non-ionising solvents
if they give solutions in which the solute is not ionised. Common ionising
solvents include water, acetic acid, hydrogen chloride, ammonia, amines,
bromine trifluoride and sulphur dioxide. Of these solvents, the first four are
characterised by a capability of giving rise to hydrogen ions, as for example
with water:

2H,O=H,0* +OH"
and with ammonia:
2NH, == NH] + NH;

These four solvents can thus be termed protogenic solvents, whilst bromine
trifluoride and sulphur dioxide which do not contain hydrogen are non-protonic
solvents. Non-ionising solvents include hydrocarbons, ethers, esters and higher
alcohols; the lower alcohols, especially methanol and ethanol, do show slight
ionising properties with approprate solutes.

(b) Temperature. Reaction rates increase rapidly with rising temperature, and
in some analytical procedures it is necessary to heat the solution to ensure that
the required reaction takes place with sufficient rapidity

[-\Il examprc Ul bLlCﬁ GCH&VIUU[ lb Llle thfaLlUH Ul dLlUlllC(] UXd. ate sol ULiGﬁS
with potassium permanganate solution, When potassium permanganate solution
is added to a sclution of an oxalate containing sulphuric acid at room
temperature, reaction proceeds very slowly, and the solution sometimes acquires
a brown tinge due to the formation of manganese(1V) oxide. If, however, the
solution is heated to about 70 °C before adding any permanganate solution,
then the reaction becomes virtually instantaneous, and no manganese(IV) oxide
is produced.

(c) Catalysts. The rates of some reactions can be greatly increased by the
presence of a catalyst. This is a substance that ailters the rate of a reaction
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without itself undergoing any net change: it follows that a small amount of the
catalyst can influence the conversion of large quantities of the reactants. If the
reaction under consideration is reversible then the catalyst affects both the
forward and back reac 1101‘18, and aitho ug,u the reaction is Spéedcd up, the pOSu.xuu
of equilibrium is unchanged.

An example of catalytic action is provided by the titration of oxalates with
potassium permanganate solution referred to above. It is found that even though
the oxalate solution is heated, the first few drops of permanganate solution are
only slowly decolorised, but as more permanganate solution is added the
decoloration becomes instantaneous. This is because the reaction between
oxalate ions and permanganate ions is catalysed by the Mn*™* ions formed by
the reduction of permanganate ions:

MnO; +8H™* + 5¢~ =Mn?* +4H,0

Other examples are the use of osmium(VIII) oxide (osmium tetroxide) as

catalyst in the titration of solutions of arsenic(Ill) oxide with cerium(IV)
sulphate solution. and the use of mn]vhdnte(VT\ ions to catalvse the formation

preres SRRV, i S RAL RAIRAL Y RSN SRS RS LB YO i AL i Y

of 10dtne by the reaction of todide 1ons w1th hydrogen peroxide. Certaln reactions
of various organic compounds are catalysed by several naturally occurring
proteins known as enzymes.

The determination of trace quantities of many substances can be accomplished
by examining the rate of a chemical reaction for which the substance to be
determined acts as a catalyst. By comparing the observed rate of reaction with
rates determined for the same reaction, with known quantities of the same
catalyst present, the unknown concentration can be caiculated. Likewise a
catalyst may be used to convert a substance for which no suitable analytical
product whlch can be determlned. Alternatlvely, the Substance to be determmed
may be destroyed by adding a catalyst, and the resultant change in some
measured property, for example the absorption of light, enables the amount of
substance present to be evaluated. Thus, uric acid in blood can be determined
by measurement of the absorption of ultraviolet radiation at a wavelength of
292 nm, but the absorption is not specific. The absorption meter reading 1s
recorded, and then the uric acid 1s destroyed by addition of the enzyme uricase.
The absorption reading is repeated, and from the difference between the two
results, the amount of uric acid present can be calculated.

24 ELECTROLYTIC DISSOCIATION

Aqueous solutions of many salts, of the common ‘strong acids’ (hydrochloric,
nitric and sulphuric), and of bases such as sodium hydroxide and potassium
hydroxide are good conductors of electricity, whereas pure water shows only a
very poor conducting capability. The above solutes are therefore termed
electrolytes. On the other hand, certain solutes, for example ethane-1,2-diol
(ethylene glycol) which is used as ‘antifreeze’, produce solutions which show a
conducting capability only little different from that of water: such solutes are
referred to as non-electrolytes, Most reactions of analytical importance occurring
in aqueous solution involve electrolytes, and it is necessary to consider the
nature of such solutions.

19
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Salts. The structure of numerous salts in the solid state has been investigated
by means of X-rays and by other methods, and it has been shown that they are
composed of charged atoms or groups of atoms held togetherin a crystal lattice;

[ney are Sal(l to DC ionic LOl’l’lpOllIl(.lS WHCD [ﬂCbC bdllb are UISSOIVCU lIl a bUlVCIll
of high dielectric constant such as water, or are heated to the melting point,

the crystal forces are weakened and the substances dissociate into the pre-existing
charged particles or ions, so that the resultant liquids are good conductors of
electricity; they are referred to as strong electrolytes. Some salts, however,
exemplified by cyanides, thiocyanates, the halides of mercury and cadmium,
and by lead acetate, give solutions which show a significant electrical conductance,
but which is not as great as that shown by solutions of strong electrolytes of
comparable concentration. Solutes showing this behaviour are referred to as
weak electrolytes: they are generally covalent compounds which undergo only
limited 1onisation when dissolved in water:

BA=B*+A"

Acids and bases, An acid mav he

Acids and bas \n acid may be define

ned as whic
in water, undergoes dissociation with the fo rmatlon of hydr gen ions as the
only positive 1ons:

HCil=H*+Cl™
HNO,=H"* + NO;

Actually the hydrogen ion H* (or proton) does not exist in the free state in
aqueous solution; each hydrogen ion combines with one molecule of water to
form the hydroxonium ion, H;O *. The hydroxonium ion is a hydrated proton.
The above equations are therefore more accurately written:

HCi+ H,O0=H,0" +Cl-
HNO, +H,0=H,0" + NOj

The ionisation may be attributed to the great tendency of the free hydrogen
ions H* to combine with water molecules to form hydroxonium ions.
Hydrochloric and nitric acids are almost completely dissociated in aqueous
solution in accordance with the above equations; this is readily demonstrated
by freezing-point measurements and by other methods.

Polyprotic acids ionise in stages. In sulphuric acid, one hydrogen atom is
almost completely ionised:

H,S0,+ H,0=H;0" + HSO

The second hydrogen atom is only partially ionised, except in very dilute
solution:

HSO; +H,0=H,;0" + 503"
Phosphoric(V) acid also ionises in stages:
H,PO,+H,0=H,;0" + H,PO_
H,PO; +H,0=H,0* + HPOZ~
HPO}” +H,O=H,0" + PO}~

The successive stages of ionisation are known as the primary, secondary, and
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tertiary ionisations respectively. As already mentioned, these do not take place
to the same degree. The primary ionisation is always greater than the secondary,
and the secondary very much greater than the tertiary

Acids of the type of acetic acid (CH,COOH]) give an almost normal
freezing-point depression in aqueous solution; the extent of dissociation is
accordingly small. It is usual, therefore, to distinguish between acids which are
completely or almost completely ionised in solution and those which are only
slightly ionised. The former are termed strong acids (examples: hydrochloric,
hydrobromic, hydriodic, iodic(V), nitric and perchloric [ chloric(VII)] acids,
primary ionisation of sulphuric acid), and the latter are called weak acids
(examples: nitrous acid, acetic acid, carbonic acid, boric acid, phosphorous
(phosphoric(III}) acid, phosphoric(V) acid, hydrocyanic acid, and hydrogen
sulphide). There is, however, no sharp division between the two classes.

A base was originally defined as a substance which, when dissolved in water,
undergoes dissociation with the formation of hydroxide ions OH™ as the only
negative ions. Thus sodium hydroxide, potassium hydroxide and the hydroxides

of certain bivalent metals are almost comnletelv dissociated in agueons solution:
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NaOH - Na* +QH "~
Ba(OH), —» Ba’* +20H"

These are strong bases. Aqueous ammonia solution, however, is a weak base.
Only a small concentration of hydroxide ions is produced in aqueous solution:

NH,+H,0=NH; +OH"

General concept of acid and bases. The Bronsted—Lowry theory. The simple
concept given in the preceding paragraphs suffices for many of the requirements
of quantitative inorganic analysis in aqueous solution. It is, however, desirable
to have some knowledge of the general theory of acids and bases proposed
independently by J. N. Brensted and by T. M. Lowry in 1923, since this is
applicable to all solvents. According to this theory, an acid is a species having
a tendency to lose a proton, and a base is a species having a tendency to add
on a proton. This may be represented as:
Acid = Proton + Conjugate base
A=H"+B (a)
It must be emphasised that the symbol H* represents the proton and not the
‘hydrogen ion’ of variable nature existing in different solvents (OH3, NH,,
CH,CO,H;, C,H;OH3, etc.); the definition is therefore independent of
solvent. The above equation represents a hypothetical scheme for defining A
and B and not a reaction which can actually occur. Acids need not be neutral
molecules (e.g., HCl, H,SO,, CH,CO, H), but may also be anions (e.g., HSO [,
H,PO,, HOOC-COO ") and cations (e.g. NH}, C;cH;NHT, Fe(H,0)32%).
The same is true of bases where the three classes can be illustrated by NH,
C¢HsNH,, H,0; CH,COO ™, OH", HPO}~, OC,H;; Fe(H,0)s;(OH)**.
Since the free proton cannot exist in solution in measurable concentration,
reaction does not take place unless a base is added to accept the proton from
the acid. By combining the equations A; =B, + H* and B, + H*=A,, we
obtain
A, +B,=A,+B, (b)
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A, —B, and A, — B, are two conjugate acid—base pairs. This is the most
important expression for reactions involving acids and bases; it represents the
transfer of a proton from A, to B, or from A, to 81 The stronger the acid A
and the weaker Az, the mare complete will be the reaction [U} The stronger
acid loses its proton more readily than the weaker; similarly, the stronger base
accepts a proton more readily than does the weaker base. It is evident that the
base or acid conjugate to a strong acid or a strong base is always weak, whereas
the base or acid conjugate to a weak acid or weak base is always strong.
In aqueous solution a Brensted—-Lowry acid A

A+H,0=H;0*"+B

is strong when the above equilibrium is virtually complete to the right so that
[A] is almost zero. A strong base is one for which [B], the equilibrium
concentration of base other than hydroxide ion, is almost zero.

Acids may thus be arranged in series according to their relative combining

tendencies with a base, which for aqueous solutions (in which we are largely
mtereeted\ 1S water:

HCl1+ H,O=H,0" +Cl~
Acid, Base, Acid, Base,

This process is essentially complete for all typical ‘strong’ (i.e. highly ionised)
acids, such as HCl, HBr, HI, HNO,, and HCIO,. In contrast with the ‘strong’
acids, the reactions of a typical ‘weak’ or slightly ionised acid, such as acetic
acid or propionic (propanoic) acid, proceeds only slightly to the right in the
equation:

CH,COOH + H,0 =H,0* + CH,CO0O"~
Acid, Base, Acid, Base,

The typical strong acid of the water system is the hydrated proton H;O ¥,
and the role of the conjugate base is minor if it is a sufficiently weak base, ¢.g.
Cl7, Br7, and ClO, . The conjugate bases have strengths that vary inversely
as the strengths of the respective acids. It can easily be shown that the basic
ionisation constant of the conjugate base Ky ,,; 1s equal to K,/ K where
K, is the 1onic product of water.

Scheme (b) includes reactions formerly described by a variety of names, such
as dissociation, neutralisation, hydrolysis and buffer action (see below). One
acid—base pair may involve the solvent (in water H;O* —H,Oor H,O — OH ™),
showing that ions such as H;O" and OH™ are in principle only particular
examples of an extended class of acids and bases though, of course, they do
occupy a particularly important place in practice. It follows that the properties
of an acid or base may be greatly influenced by the nature of the solvent
employed.

Another definition of acids and bases is due to G. N. Lewis (1938). From
the experimental point of view Lewis regarded all substances which exhibit
‘typical’ acid-base properties (neutralisation, replacement, effect on indicators,
catalysis), irrespective of their chemical nature and mode of action, as acids or
bases. He related the properties of acids to the acceptance of electron pairs, and
bases as donors of electron pairs, to form covalent bonds regardless of whether
protons are involved. On the experimental side Lewis’ definition brings
together a wide range of qualitative phenomena, e.g. solutions of BF;, BCl;,

A,conj.»
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AlCl;, or SO, in an inert solvent cause colour changes in indicators similar to
those produced by hydrochloric acid, and these changes are reversed by bases
so that titrations can be carried out. Compounds of the type of BF ; are usually
described as Lewis acids or eleciron accepiors. The Lewis bases (e.g. ammonia,
pyridine) are virtually identical with the Brensted—-Lowry bases. The great
disadvantage of the Lewis definition of acids is that, unlike proton-transfer
reactions, it is incapable of general quantitative treatment.

The implications of the theory of the complete dissociation of strong
electrolytes in aqueous solution were considered by Debye, Hiickel and Onsager,
and they succeeded in accounting quantitatively for the increasing molecular
conductivity of a strong electrolyte producing singly charged ions with decreasing
concentration of the solution over the concentration range 0-0.002M. For full
details, textbooks of physical chemistry must be consulted.

It is important to realise that whilst complete dissociation occurs with
strong electrolytes in aqueous solution, this does not mean that the effective
concentrations of the ions are identical with their molar concentrations in any

solution of the electrolyte: if this were the case the variation of the osmotic

properties of the solution with dilution could not be accounted for. The variation
of colligative, e.g. osmotic, properties with dilution is ascribed to changes in the
activity of the ions; these are dependent upon the electrical forces between the
ions. Expressions for the variations of the activity or of related quantities,
applicable to dilute solutions, have also been deduced by the Debye—Hiickel
theory. Further consideration of the concept of activity follows in Section 2.5.

2.5 ACTIVITY AND ACTIVITY COEFFICIENT

In the deduction of the Law of Mass Action it was assumed that the effective
concentrations or active masses of the components could be expressed by the
stoichiometric concentrations. According to thermodynamics, this is not strictly

true. The rigorous equilibrium equation for, say, a binary electrolyte:
AB=A" +B~
. A, X dg-
y (ay Xay) _
A

where a, ., ag-, and a,g represent the activities of A*, B™, and AB respectively,
and K, is the true or thermodynamic, dissociation constant. The concept of
activity, a thermodynamic quantity, is due to G. N. Lewis. The quantity is
related to the concentration by a factor termed the activity coefficient:

Activity = Concentration X
Thus at any concentration

ap» = ya--[AT],ap- = yp-.[B7 ], and a,p = y,p.[AB]
where y refers to the activity coefficients,* and the square brackets to the

* The symbol used is dependent upon the method of expressing the concentration of the solution.
The recommendations of the [IUPAC Commision on Symbols, Terminology and Units (1969) are
as follows: concentration in moles per litre (molarity), activity coefficient represented by y,
concentration in mols per kilogram {molality), activity coefficient represented by y, concentration
expressed as mole fraction, activity coefficient represented by f.
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concentrations. Substituting in the above equation, we obtain:

yar-[A"Ixyy .[B"] [A"].[B"] YA X Vs
_TAR1 FAR'I v,

)
JABL® %1 | g | J AB

= K,

This is the rigorously correct expression for the Law of Mass Action as applied
to weak electrolytes.

The activity coefficient varies with the concentration. For ions it also varies
with the 1onic charge, and is the same for all dilute solutions having the same
ionic strength, the latter being a measure of the electrical field existing in the
solution. The term ionic strength, designated by the symbol I, is defined as equal
to one half of the sum of the products of the concentration of each ion multiplied
by the square of its charge number, or I =0.5Z¢;z?, where ¢; is the ionic
concentration in moles per litre of solution and z; is the charge number of the
ion concerned. An example will make this clear. The ionic strength of
0.1 M HNO, solution containing 0.2M Ba(NO,), is given by:

0.5{0.1 (for H*) + 0.1 (for NO3)
+02 x 22 (for Ba?*) + 0.2 x 2 (for NO3)} = 0.5{1.4} = 0.7

It can be shown on the basis of the Debye—Hiickel theory that for aqueous
solutions at room temperature:

05052 ¥ A
14+33x107a.1°3

where y; is the activity coefficient of the ion, z, is the charge number of the ion
concerned, I is the ionic strength of the solution, and a is the average ‘effective

- 0.5
diameter’ of all the ions in the solution. For very dilute solutions (I°° < 0.1)

the second term of the denominator is negligible and the equation reduces to
logy; = —0.505z%.1°3

For more concentrated solutions (1°-° > 0.3) an additional term BI is added to
the equation; B is an empirical constant. For a more detailed treatment of the
Debye—Hiickel theory a textbook of physical chemistry should be consulted.’

logy, = —

2.6 SOLUBILITY PRODUCT

For sparingly soluble salts (i.e. those of which the solubility is less than
0.01 mol per L) it is an experimental fact that the mass action product of the
concentrations of the ions is a constant at constant temperature. This product
K, is termed the ‘solubility product’. For a binary electrolyte:

AB=A"+B"~
Kap = [AT]1x[B7]
In general, for an electrolyte A, B,, which ionises into pA?* and gB?" ions:
A,B, = pAi* 4 gBF~
Ka,n) = [A**]” x [BF7]*
A plausible deduction of the solubility product relation is the following. When

excess of a sparingly soluble electrolyte, say silver chloride, is shaken up with
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water, some of it passes into solution to form a saturated solution of the salt
and the process appears to cease. The following equilibrium is actually present
(the silver chloride is completely ionised in solution):

AgCl(solid) = Ag* + Cl1™

The rate of the forward reaction depends only upon the temperature, and at
any given temperature:

ry =k,

where k, is a constant. The rate of the reverse reaction is proportional to the
activity of each of the reactants; hence at any given temperature:

ry = kyXay Xag-
where k, is another constant. At equilibrium the two rates are equal, ie.
kl - k2 X aAg+ X aCl—

or X

Qagt ? - = ki/kQ =K

Ag- = Kagon

In the very dilute solutions with which we are concerned, the activities may be
taken as practically equal to the concentrations so that [Ag* ] x [Cl™ ] = const.

It is important to note that the solubility product relation applies with
sufficient accuracy for purposes of quantitative analysis only to saturated
solutions of slightly soluble electrolytes and with small additions of other salts.
In the presence of moderate concentrations of salts, the ionic concentration,
and therefore the ionic strength of the solution, will increase. This will, in general,
lower the activity coefficients of both ions, and consequently the ionic
concentrations (and therefore the solubility) must increase in order to maintain
the solubility product constant. This effect, which is most marked when the
added electrolyte does not possess an ion in common with the sparingly soluble
salt, is termed the salt effect.

It will be clear from the above short discussion that two factors may come
into play when a solution of a salt containing a common ion is added to a
saturated solution of a slightly soluble salt. At moderate concentrations of the
added salt, the solubility will generally decrease, but with higher concentrations
of the soluble salt, when the ionic strength of the solution increases considerably
and the activity coefficients of the ions decrease, the solubility may actually
increase. This is one of the reasons why a very large excess of the precipitating
agent is avoided in quantitative analysis.

The following examples illustrate the method of calculating solubility
products from solubility data and also the reverse procedure.

Example 1. The solubility of silver chloride is 0.0015 g per L. Calculate the
solubility product.

The relative molecular mass of silver chloride is 143.3. The solubility is
therefore 0.0015/143.3 = 1.05 x 10™ > mol per L. In a saturated solution, 1 mole
of AgCl will give 1 mole each of Ag* and Cl~. Hence [Ag"]=1.05 x 107
and [C1"]=1.05x 10" mol L™ 1.

K agen = [AgT] x [C17] = (1.05 x 10™%) x (1.05 x 10~3)

=1.1x10"1°mol> L2
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Example 2. Calculate the solubility product of silver chromate, given that its
solubility is 2.5 x 1072 gL~ L.

Ag,CrO, = 2Ag* + CrO}~

The relative molecular mass of Ag,CrO, is 331.7; hence the solubility =
25%x1072/331.7=75x10">mol L™~

Now 1 mole of Ag,CrO, gives 2 moles of Ag* and 1 mole of CrO}~;
therefore

K ag,cro) = [Ag T x [CrO;™] = (2x 7.5 x 107°) x (7.5 x 1077)
=1.7x10"“molP L’

Example 3. The solubility product of magnesium hydroxide is 3.4 x
10~ mol® L3, Calculate its solubility in grams per L.

Mg(OH), = Mg?* + 20H~
[Mg2*]x[OH ]2 = 34 x 10~ 11

The relative molecular mass of magnesium hydroxide is 58.3. Each mole of
magnesium hydroxide, when dissolved, yields 1 mole of magnesium ions and 2
moles of hydroxyl ions. If the solubility is xmolL™!, [MgZ*]=x and
[OH ~ ] = 2x. Substituting these values in the solubility product expression:

x x(2x)? =34 x 107!

or x=20x10"*molL"?
=20x10"* x 583
=12x10"2gL™!

The great importance of the solubility product concept lies in its bearing
upon precipitation from solution, which is, of course, one of the important
operations of quantitative analysis. The solubility product is the ultimate value
which is attained by the ionic concentration product when equilibrium has been
established between the solid phase of a difficultly soluble salt and the solution.
If the experimental conditions are such that the ionic concentration product is
different from the solubility product, then the system will attempt to adjust itself
in such a manner that the ionic and solubility products are equal in value. Thus
if, for a given electrolyte, the product of the concentrations of the ions in solution
is arbitrarily made to exceed the solubility product, as for example by the
addition of a salt with a common ion, the adjustment of the system to equilibrium
results in precipitation of the solid salt, provided supersaturation conditions
are excluded. If the ionic concentration pi’()uuu, is less than the sol ubuu_y pi‘(‘)duu
or can arbitrarily be made so, as (for example) by complex salt formation or by
the formation of weak electrolytes, then a further quantity of solute can pass
into solution until the solubility product is attained, or, if this is not possible,
until all the solute has dissolved.

2.7 QUANTITATIVE EFFECTS OF A COMMON ION

Animportant application of the solubility product principle is to the calculation
of the solubility of sparingly soluble salts in solutions of salts with a common
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ion. Thus the solubility of a salt MA in the presence of a relatively large amount
of the common M ions,* supplied by a second salt MB, follows from the
definition of solubility products:

[MT]x[A7] = K ma
or [A7] = Ks(MA]/[M+]

The solubility of the salt is represented by the [A~] which it furnishes in
solution. It is clear that the addition of a common ion will decrease the solubility
of the salt.

Example 4. Calculate the solubility of silver chloride in (a) 0.001 M and (b)
0.01 M sodium chloride solutions respectively (Kgagey = 1.1 x 107'°mol* L~?).

In a saturated solution of silver chloride [Cl1™]=./1.1 x 10719 =105 x
107> mol L ~*; this may be neglected in comparison with the excess of Cl~ ions
added.

For (@) [C1™] = 1 x 103, [Ag*] = 1.1 x 10~ 1°/1 x 10~ 2
=11x10""molL™!

For (b) [C1"] = 1 x 1072, [Ag*] = 1.1 x 10~ 1°/1 x 10~ 2

1.1 x 107 % mol L~?

Thus the solubility 1s decreased 100 times in 0.001M sodium chloride and
1000 times in 0.01 M sodium chloride. Similar results are obtained for 0.001 M
and 0.01 M silver nitrate solutions.

Il

Example 5. Calculate the solubilities of silver chromate in 0.001M and
0.01 M silver nitrate solutions, and in 0.001 M and 0.01 M potassium chromate
solutions (Ag,CrO,: K,=1.7x 10712 mol® L3, solubility in water = 7.5 x
107> mol L™1),

[Ag*]? x [CrO2~] = 1.7 x 10~ 12

or [CrO2~] = 1.7 x 10~ 12/[Ag* ]2

For 0.001 M silver nitrate solution: [Ag*] = 1x 1073

S [CrO27] = 1.7x10712/1 x 1076 = 1.7 x 10 ¢ mol L1,

For 0.01 M silver nitrate solution: [Ag*] = 1 x 1072

[CrO2" ] = 1.7x107%2/1 x107* = 1.7x 10" ®mol L™ L

The solubility product equation gives:

[Ag*] = /1.7 x 107 12/[CrO2"]

For [CrO}™] = 0.001, [Ag*] = /1.7 x 107 12/1 x 1073
=41x10"°molL™?

*This enables us to neglect the concentration of M ™ ions supplied by the sparingly soluble salt
itself, and thus to simplify the calculation.
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For [CrO%™] = 001, [Ag*] = /1.7 x 107 12/1 x 102
=13x10""molL™?

This decrease in solubility by the common ion effect is of fundamental
importance in gravimetric analysis. By the addition of a suitable excess of a
precipitating agent, the solubility of a precipitate is usually decreased to so small
a value that the loss from solubility influences is negligible. Consider a specific
case — the determination of silver as silver chloride. Here the chloride solution
is added to the solution of the silver salt. If an exactly equivalent amount is
added, the resultant saturated solution of silver chloride will contain 0.0015 g per L
(Example 1). If 0.2 g of silver chloride is produced and the volume of the solution
and washings is 500 mL, the loss, owing to solubility, will be 0.00075g or
0.38 per cent of the weight of the salt; the analysis would then be 0.38 per cent
too low. By using an excess of the precipitant, say, to a concentration of 0.01 M,
the solubility of the silver chloride is reduced to 1.5 x 10 7% g L™ ! (Example 4),
and the loss will be 1.5 x 10™2 x 0.5 x 100/0.2 = 0.0038 per cent. Silver chloride
is therefore very suitabie for the quantitative determination of silver with high
accuracy.

It should, however, be noted that as the concentration of the excess of
precipitant increases, so too does the ionic strength of the solution. This leads
to a decrease in activity coefficient values with the result that to maintain the
value of K more of the precipitate will dissolve. In other words there is a limit
to the amount of precipitant which can be safely added in excess. Also, addition
of excess precipitant may sometimes result in the formation of soluble complexes
causing some precipitate to dissolve.

2.8 FRACTIONAL PRECIPITATION

In the previous section the solubility product principle has been used in
connection with the precipitation of one sparingly soluble salt. It is now necessary
to examine the case where two slightly soluble salts may be formed. For
simplicity, consider the situation which arises when a precipitating agent is
added to a solution containing two anions, both of which form slightly soluble
salts with the same cation, e.g. when silver nitrate solution is added to a solution
containing both chloride and iodide ions. The questions which arise are: which
salt will be precipitated first, and how completely will the first salt be precipitated
before the second ion begins to react with the reagent?

The solubility products of silver chloride and silver iodide are respectively
12x 10" %mol’L ™% and 1.7 x 10 % mol? L.~ ?; ie.

[Ag*]x[Cl™] = 1.2x1071° (1)
[Agt]x[I"]=17x10"1° (2)

It is evident that silver iodide, being less soluble, will be precipitated first since
its solubility product will be first exceeded. Silver chloride will be precipitated
when the Ag* ion concentration is greater than

Ks(AgCl) — 1.2 X 10_10
[ ] [C17]

and then both salts will be precipitated simultaneously. When silver chloride
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commences to precipitate, silver ions will be in equilibrium with both salts, and
equations (1) and (2) will be simultaneously satisfied, or

LAg F] = Ks(Ag!) — Ks(AgC!) (3)
(-1 al

- -16

and L! _] _ Keaw _17x10°°7 1.4 x 1076 (4)
[C17]  Kuagey 1.2x10%

Hence when the concentration of the iodide ion is about one-millionth part of

the chloride ion concentration, silver chioride will be precipitated. If the initial

concentration of both chloride and iodide ions is 0.1 M, then silver chloride will

be precipitated when

[1°]=01x14x10°=14x10""M = 18x10"5gL"!

Thus an almost complete separation is theoretically possible. The separation is
feasible in practice if the point at which the iodide precipitation is complete can

be detected. This may be done: (a) by the use of an adsorption indicator (see

Section 10.75(c)), or ( b) by a potentiometric method with a silver electrode (see
Chapter 15).
For a mixture of bromide and iodide:

[17]  Kuag, 17x1071° 1

[Br~]  K.agn 35x10713° 20x10°

Precipitation of silver bromide will occur when the concentration of the bromide
ion in the solution is 2.0 x 10° times the iodide concentration. The separation
1s therefore not so complete as in the case of chloride and iodide, but can
nevertheless be effected with fair accuracy with the aid of adsorption indicators
(Section 10.75(¢)).

2.9 EFFECT OF ACIDS ON THE SOLUBILITY OF A PRECIPITATE

For sparingly soluble salts of a strong acid the effect of the addition of an acid
will be similar to that of any other indifferent electrolyte but if the sparingly
soluble salt MA is the salt of a weak acid HA, then acids will, in general, have
a solvent effect upon it. If hydrochloric acid is added to an aqueous suspension
of such a salt, the following equilibrium will be established:

M*+A"+H*=HA+M"*

If the dissociation constant of the acid HA is very small, the anion A~ will be
removed from the solution to form the undissociated acid HA. Consequently
more of the salt will pass into solution to replace the anions removed in this
way, and this process will continue until equilibrium is established (i.e. until
[M*] x [A~ ] has become equal to the solubility product of MA) or, if sufficient
hydrochloric acid is present, until the sparingly soluble salt has dissolved
completely. Similar reasoning may be applied to salts of acids, such as
phosphoric(V) acid (K, =7.5x 10 3 molL"!; K, =62x10"8mol L™ ;
K;=5x10""mol L™1), oxalic acid (K, =59 x10"?mol L™ !; K, = 6.4 x
107°mol L™'), and arsenic(V) acid. Thus the solubility of, say, silver
phosphate(V) in dilute nitric acid is due to the removal of the PO~ ion as
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HPOZ™ and/or H,PO:
PO}~ +H* =HPO2~; HPO} +H* =H,PO;

With the salts of certain weak acids, such as carbonic, sulphurous, and nitrous
acids, an additional factor contributing to the increased solubility is the actual
disappearance of the acid from solution either spontaneously, or on gentle
warming. An explanation is thus provided for the well-known solubility of the
sparingly soluble sulphites, carbonates, oxalates, phosphates(V), arsenites(III),
arsenates(V), cyanides (with the exception of silver cyanide, which is actually
a salt of the strong acid H[Ag(CN),]), fluorides, acetates, and salts of other
organic acids in strong acids.

The sparingly soluble sulphates (e.g. those of barium, strontium, and lead)
also exhibit increased solubility in acids as a consequence of the weakness of
the second-stage ionisation of sulphuric acid (K, =12 x 1072 mol L ™ 1):

QM2Z2Z- , IT+ L 1TQamM —
2y T 11 — U,

Since, however, K, is comparatively large, the solvent effect is relatively small;
this is why in the quantitative separation of barium sulphate, precipitation may
be carried out in slightly acid solution in order to obtain a more easily filterable
precipitate and to reduce co-precipitation (Section 11.5).

The precipitation of substances within a controlled range of pH is discussed
in Section 11.10.

210 EFFECT OF TEMPERATURE ON THE SOLUBILITY OF A PRECIPITATE

The solubility of the precipitates encountered in quantitative analysis increases
with rise of temperature. With some substances the influence of temperature is
small, but with others it is quite appreciable. Thus the solubility of silver chloride
at 10 and 100°C is 1.72 and 21.1 mg L ™! respectively, whilst that of barium
sulphate at these two temperatures is 2.2 and 3.9 mg L ™! respectively. In many
instances, the common ion effect reduces the solubility to so.small a value that
the temperature effect, which is otherwise appreciable, becomes very small.
Wherever possible it is advantageous to filter while the solution is hot; the rate
of filtration is increased, as is also the solubility of foreign substances, thus
rendering their removal from the precipitate more complete. The double
phosphates of ammonium with magnesium, manganese or zinc, as well as lead
sulphate and silver chloride, are usually filtered at the laboratory temperature
to avoid solubility losses.

2.11 EFFECT OF THE SOLVENT ON THE SOLUBILITY OF A PRECIPITATE

The solubility of most inorganic compounds is reduced by the addition of
organic solvents, such as methanol, ethanol, propan-l-ol, acetone, etc. For
example, the addition of about 20 per cent by volume of ethanol renders the
solubility of lead sulphate practically negligible, thus permitting quantitative
separation. Similarly calcium sulphate separates quantitatively from 50 per cent
ethanol. Other examples of the influence of solvents will be found in Chapter 11.
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212 ACID—BASE EQUILIBRIA IN WATER

Consider the dissociation of a weak electrolyte, such as acetic acid, in dilute
aqueous solution:

CH,COOH + H,0=H,0" + CH;COO0"~
This will be written for simplicity in the conventional manner:
CH,COOH=H" + CH,CO0O"~

where H™ represents the hydrated hydrogen ion. Applying the Law of Mass
Action, we have:

[CH;COO0 ] x[H"]/[CH;COOH] = K

K is the equilibrium constant at a particular temperature and is usually known
as the ionisation constant or dissociation constant. If 1 mole of the electrolyte
1s dissolved in Vlitres of solution (V =1/c, where ¢ is the concentration in
moles per litre}, and if o is the degree of ionisation at equilibrium, then the
amount of un-ionised electrolyte will be (1 — a)} moles, and the amount of each
of the ions will be a moles. The concentration of un-ionised acetic acid will
therefore be (1 — «)/ ¥, and the concentration of each of the ions a/ V. Substituting
in the equilibrium equation, we obtain the expression:

2?/(1—a)V =K or a?c/(l—a)=K

This is known as Ostwald’s Dilution Law.

Interionic effects are, however, not negligible even for weak acids and the
activity coefficient product must be introduced into the expression for the
ionisation constant:

a’c Yur-Ya-,
(1—a) yux ’

Reference must be made to textbooks of physical chemistry (see Bibliography,
Section 3.39) for details of the methods used to evaluate true dissociation
constants of acids.

From the point of view of quantitative analysis, sufficiently accurate values
for the ionisation constants of weak monoprotic acids may be obtained by using
the classical Ostwald Dilution Law expression: the resulting ‘constant’ is
sometimes called the ‘concentration dissociation constant’.

K =

A~ = CH,CO0"

2.13 STRENGTHS DF ACIDS AND BASES

The Bronsted—Lowry expression for acid—base equilibria (see Section 2.4)

A,+B,=A,+B, (b)
leads, upon application of the Law of Mass Action, to the expression:
B
« _ [A1[B,] )
(A1 [B,]

where the constant K depends on the temperature and the nature of the solvent.
This expression is strictly valid only for extremely dilute solutions: when ions
are present the electrostatic forces between them have appreciable effects on
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the properties of their solutions, and deviations are apparent from ideal laws
(which are assumed in the derivation of the Mass-Action Law by thermodynamic
or kinetic methods); the deviations from the ideal laws are usually expressed
in terms of activities or activity coefficients. For our purpose, the deviations due
to interionic attractions and ionic activities will be regarded as small for small
lonic concentrations and the equations will be regarded as holding in the same
form at higher concentrations, provided that the total ionic concentration does
not vary much in a given set of experiments.

To use the above expression for measuring the strength of an acid, a standard
acid—base pair, say A,-B,, must be chosen, and it is usually convenient to
refer acid—base strength to the solvent. In water the acid—base pair H; O *-H, O
is taken as the standard. The equilibrium defining acids is therefore:

A+H,0=B+H;0" (c)

and the constant

< _ [BI[H,0"] “
[A1[H,O0] )

gives the strength of A, that of the ion H;O ™ being taken as unity. Equation (¢)
represents what is usually described as the dissociation of the acid A in water,
and the constant K’ is closely related to the dissociation constant of A in water
as usually defined and differing only in the inclusion of the term [H,O] in the
denominator. The latter term represents the ‘concentration’ of water molecules
in liquid water (55.5 moles per litre on the ordinary volume concentration scale).
When dealing with dilute solutions, the value of [H,O] may be regarded as
constant, and equation (6) may be expressed as:

[BJ[H"]
K ="+ = 7
o= TR (7
by writing H™ for H;O* and remembering that the hydrated proton is meant.
This equation defines the strength of the acid A. If A is an uncharged molecule
(e.g. a weak organic acid), B is the anion derived from it by the loss of a proton,
and (7) is the usual expression for the ionisation constant. If A is an anion such
as H,PO_, the dissociation constant [HPOZ J[H*]/[H,PO, ] is usually
referred to as the second dissociation constant of phosphoric(V) acid. If A is a
cation acid, for example the ammonium ion, which interacts with water as shown
by the equation

NH; + H,O = NH, + H,0*

the acid strength is given by [NH;J[H*]/[NH/ ].

On the above basis it is, in principle, unnecessary to treat the strength of
bases separately from acids, since any protolytic reaction involving an acid must
also involve its conjugate base. The basic properties of ammonia and various
amines in water are readily understood on the Bronsted—Lowry concept.

H,O=H*+0OH"
NH,+H* = NH}
NH, +H,O=NH; + OH"
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The basic dissociation constant K, is given by:

K= ®)

LJ.‘J.J.3J

Since [H*J[OH ™} = K, (the ionic product of water), we have
Kb = Kw/Ka

The values of K, and K, for different acids and bases vary through many
powers of ten. It is often convenient to use the dissociation constant exponent
pK defined by

pK == 10g10 }./K B _IOgIOK

The larger the pK, value is, the weaker is the acid and the stronger the base.
For very weak or slightly ionised electrolyes, the expression a?/(1 —a)V =K

reduces to a* = KV or a = ./K¥, since « may be neglected in comparison with
unity. Hence for any two weak acids or bases at a given dilution V (in L), we
have a, = \/Kl V and «, =\/E2V, or o,/u, =\/K1/4 /K,. Expressed in
words, for any two weak or slightly dissociated electrolytes at equal dilutions, the
degrees of dissociation are proportional to the square roots of their ionisation
constants. Some values for the dissociation constants at 25 °C for weak acids
and bases are collected in Appendix 7.

2.14 DISSOCIATION OF POLYPROTIC ACIDS

When a polyprotic acid is dissolved in water, the various hydrogen atoms
undergo ionisation to different extents. For a diprotic acid H, A, the primary
and secondary dissociations can be represented by the equations:

H,A=H*+HA"
HA- == H* +A?"

If the acid is a weak electrolyte, the Law of Mass Action may be applied, and
the following expressions obtained:

[H*J[HAT]/[H,A] = K, ()
[H*I[A*7]/[HAT] = K, (10)

K, and K, are known as the primary and secondary dissociation constants
respectively. Each stage of the dissociation process has its own ionisation
constant, and the magnitudes of these constants give a measure of the extent
to which each ionisation has proceeded at any given concentration. The greater
the value of K, relative to K,, the smaller will be the secondary dissociation,
and the greater must be the dilution before the latter becomes appreciable. It
is therefore possible that a diprotic (or polyprotic) acid may behave, so far as
dissociation is concerned, as a monoprotic acid. This is indeed characteristic of
many polyprotic acids.

A triprotic acid H3A (e.g. phosphoric(V) acid) will similarly yield three
dissociation constants, K ;, K,, and K, which may be derived in an analogous
manner:

[H*][H,A"]/[H;A] = K, (9)
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[H*1[HA*"]/[H,A"] =K, (10°)
[H*][A> ]/[HA> ] = K, (11)

Application of th ese theoretical considerations to situations encountered in
practice may be illustrated by numerical examples.

Example 6. Calculate the concentrations of HS™ and S?~ in a solution of
hydrogen sulphide.

A saturated aqueous solution of hydrogen sulphide at 25 °C, at atmospheric
pressure, is approximately 0.1M, and for H,S the primary and secondary
dissociation constants may be taken as 1.0 x 10" "molL "' and 1 x 10~ **mol L™!
respectively.

In the solution the following equilibria are involved:

H,S+H,0=HS™ +H,0"; K, =[H*][HS J/[H,S] (d)
HS +H,0=5>"4+H,0%; K,=[H*][S? ]/[HS™] (e)

H, O=H'+0H

Electroneutrality requires that the total cation concentration must equal total
anion concentration and hence, taking account of charge numbers,

[H*] =[HS"1+2[S* ]+[OH"] (f)

but since in fact we are dealing with an acid solution, [H*]>10"7>[OH "]
and we can simplify equation (e) to read

- 2_
[H"] = [HS"]+2[S""] (9)
The 0.1 mol H, S is present partly as undissociated H,S and partly as the ions

HS ™~ and S%7, and it follows tha t
[H,S]+[HS™ ]+[82 ] =01 (h)

The very small value of K, indicates that the secondary dissociation and
therefore [S®~] are extremely minute, and ignoring [S?~] in equation (g)
we are left with the result

[H*] ~ [HS™]

Since K, is also small, [H* ]« [H,S] and so equation (k) can be reduced to
[H,S] ~ 0.1

Using these results in equation (d) we find

[H*]?/01 =1x1077;, [H*]=[HS ]=10x10
From equation (e) it then follows that

(LOX 107H[S27]/(10x 107 %) =1 x 10714

and [S?" ] =1x10""molL "%

215 COMMON ION EFFECT

The concentration of a particular ion in an ionic reaction can be increased by
the addition of a compound which produces that ion upon dissociation. The
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particular ion is thus derived from the compound already in solution and also
from the added reagent, hence the name ‘common ion’. If the original compound
is a weak electrolyte, the Law of Mass Action will be applicable. The result is
that there is a higher concentration of this ion in solution than that derived
from the original compound alone, and new equilibrium conditions will be
produced. Examples of the calculation of the common ion effect are given below.
In general, it may be stated that if the total concentration of the common ion
is only slightly greater than that which the original compound alone would
furnish, the effect is small; if, however, the concentration of the common ion is
very much increased (e.g. by the addition of a completely dissociated salt), the
effect is very great, and may be of considerable practical importance. Indeed,
the common ion effect provides a valuable method for controlling the concentration
of the ions furnished by a weak electrolyte.

Example 7. Calculate the sulphide ion concentration in a 0.25M hydrochloric
acid solution saturated with hydrogen sulphide.

This concentration has been chosen since it is that at which the sulphides of
certain heavy metals are precipitated. The total concentration of hydrogen
sulphide may be assumed to be approximately the same as in aqueous solution,
ie. 0.t M; the [H* ] will be equal to that of the completely dissociated HCI,
ie. 0.25M, but the [S%~] will be reduced below 1 x 107 !* (see Example 6).

Substituting in equations (d) and (e) (Example 6), we find:

K, x[H,S8] 10x 1077 x 0.1

[HS™] = =40x10"¥molL~!

[H*] 0.25
[SZ—] KZX[HS‘J (1X10_14)X(4X10_8) 1.6 10—21 lLfl
= = = . m
[H'] 0.25 8 ©

Thus by changing the acidity from 1.0 x 10 ~* M (that present in saturated H,S
water) to 0.25M, the sulphide ion concentration is reduced from 1 x 10~ !* to
1.6 x 10721,

Example 8. What effect has the addition of 0.1 mol of anhydrous sodium acetate
to 1 L of 0.1 M acetic acid upon the degree of dissociation of the acid?

The dissociation constant of acetic acid at 25°C is 1.75 x 10> mol L ! and
the degree of ionisation o in 0.1 M solution may be computed by solving the
quadratic equation:

[H*]x[CH;COO™]  a*c Coc o =5
[CH,COOH] (l—o) 777
For our purpose it is sufficiently accurate to neglect o in (1 — ) since « 18 small:
sa=/Kfjc=./175x10"* = 00132
Hence in 0.1 M acetic acid,
[H*] = 0.00132, [CH,COO ] = 0.001 32,
and [CH;COOH] = 0.0987 mo] L ~!

The concentrations of sodium and acetate ions produced by the addition of the
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completely dissociated sodium acetate are:
[Na®] =0.1,and [CH,COO "] = 0.1 mol L ~! respectively.

The acetate ions from the salt will tend to decrease the ionisation of the acetic
acid, and consequently the acetate ion concentration derived from it. Hence we
may write [CH;COO ™ ]=0.1 for the solution, and if «’ is the new degree of
ionisation, [H*]=a’'c=0.1a’, and [CH,COOH] = (1 —a')c =0.1, since o is
negligibly small.

Substituting in the mass action equation:

[H*]x [CH,COO™] 0.la' x 0.1

— 175 %105
[CH,COOH] 0.1 3%

or o =175%x10"%
[H*] =a’'c=175x10">mol L}

The addition of a tenth of a mole of sodium acetate to a 0.1 M solution of
acetic acid has decreased the degree of ionisation from 1.32 to 0.018 per cent,
and the hydrogen ion concentration from 0.00132 to 0.000018 mol L1,

Example 9. What effect has the addition of 0.5 mol of ammonium chloride
to 1L of 0.1 M aqueous ammonia solution upon the degree of dissociation of
the base?

(Dissociation constant of NH, in water=1.8 x 10 mol L™ 1)

In 0.1 M ammonia solution « = ﬁS x 107°/0.1 =0.0135. Hence [OH "] =
0.00135, [NHJ 1=0.00135, and [NH,] =0.0986 mol L™, Let a’ be the degree
of ionisation in the presence of the added ammonium chloride. Then
[OH ]J=a'c=0.12", and [NH;] =(1 —«')c =0.1, since o’ may be taken as
negligibly small. The addition of the completely ionised ammonium chloride
will, of necessity, decrease the [NH; ] derived from the base and increase
[NH,], and as a first approximation [NH; ] =0.5.

Substituting in the equation:

[NHfIx[OH"] 05 x0.1a
[NH,] ol
@ =36x10"3and[OH ] =36x10"%molL"!

=18x10"3

The addition of half a mole of ammonium chloride to 1litre of a 0.1 M
solution of aqueous ammonia has decreased the degree of ionisation from 1.35
to 0.0036 per cent, and the hydroxide ion concentration from 0.00135 to
0.0000036 mol L~ 1.

2.16 THE IONIC PRODUCT OF WATER

Kohlrausch and Heydweiller (1894) found that the most highly purified water
that can be obtained possesses a small but definite conductivity. Water must
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therefore be slightly ionised in accordance with the equation:
H,O=H*+0OH™*

Applying the Law of Mass Action to this equation, we obtain, for any given
temperature:

Ay X don- _ [H*].[OH™] y Yu+-You-
ay,o [H,0] Yu,0

Since water is only slightly ionised, the ionic concentrations will be small, and
their activity coefficients may be regarded as unity; the activity of the un-ionised
molecules may also be taken as unity. The expression thus becomes:

[H"] x[OH™]
[H,0]

In pure water or in dilute aqueous solutions, the concentration of the
undissociated water may be considered constant. Hence:

[H*]x[OH™] = K,

where K, is the ionic product of water. It must be pointed out that the
assumption that the activity coefficients of the ions are unity and that the activity
coefficient of water is constant applies strictly to pure water and to very dilute
solutions (ionic strength < 0.01); in more concentrated solutions, i.e. in solutions
of appreciable ionic strength, the activity coefficients of the ions are affected
(compare Section 2.5), as is also the activity of the un-ionised water. The ionic
product of water will then not be constant, but will depend upon the ionic
strength of the solution. It is, however, difficult to determine the activity
coefficients, except under specially selected conditions, so that in practice the
ionic product K,,, although not strictly constant, is employed.

The ionic product varies with the temperature, but under ordinary
experimental conditions (at about 25 °C) its value may be taken as 1 x 107 1#
with concentrations expressed in mol L ~!. This is sensibly constant in dilute
aqueous solutions. If the product of [H*] and [OH ™ ] in aqueous solution
momentarily exceeds this value, the excess ions will immediately combine to
form water. Similarly, if the product of the two ionic concentrations is
momentarily less than 107 '* more water molecules will dissociate until the
equilibrium value is attained.

The hydrogen and hydroxide ion concentrations are equal in pure water;

therefore [H*]=[OH ]=./K, =10""mol L™ ! at about 25 °C. A solution
in which the hydrogen and hydroxide ion concentrations are equal is termed
an exactly neutral solution. If [H "] is greater than 107, the solution is acid,
and if less than 1077, the solution is alkaline (or basic). It follows that at
ordinary temperatures [OH ~ ] is greater than 107 in alkaline solution and
less than this value in acid solution.

= a constant

= a constant

* Strictly speaking the hydrogen ion H* exists in water as the hydroxonium ion H;O* (Section
2.4). The electrolytic dissociation of water should therefore be written:

2H,0 = H,0* + OH"~

For the sake of simplicity, the more familiar symbol H* will be retained.
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In all cases the reaction of the solution can be quantitatively expressed by
the magnitude of the hydrogen ion (or hydroxonium ion) concentration, or,
less frequently, of the hydroxide ion concentration, since the following simple
relations between [H ] and [ OH ™ ] exist:

m%fj", and [OH_]= k

w

[H7] = [H+}

The variation of K, with temperature is shown in Table 2.1.

Table 2.1 Ionic product of water at various temperatures

Temp. (°C) K, x 10 Temp. (°C) K, x 1014
0 0.12 35 2.09
5 0.19 40 2.92

10 0.29 45 4.02

15 0.45 50 5.47

20 0.68 55 7.30

25 1.01 60 9.61

30 1.47

2.17 THE HYDROGEN ION EXPONENT

For many purposes, especially when dealing with small concentrations, it is
cumbersome to express concentrations of hydrogen and hydroxyl ions in terms
of moles per litre. A very convenient method was proposed by S. P. L. Serensen
(1909). He introduced the hydrogen ion exponent pH defined by the relationships:

pH =log,o I/[H*] = —log,c[H*}, or [H*]=107%"

The quantity pH is thus the logarithm (to the base 10) of the reciprocal of the
hydrogen ion concentration, or is equal to the logarithm of the hydrogen ion
concentration with negative sign. This method has the advantage that all states
of acidity and alkalinity between those of solutions containing, on the one hand,
I mol L™! of hydrogen ions, and on the other hand, 1 mol L ™! of hydroxide
ions, can be expressed by a series of positive numbers between 0 and 14. Thus
a neutral solution with [H*]=10"7 has a pH of 7; a solution with a
hydrogen ion concentration of 1 molL ™! has a pH of 0 ([H*1=10°); and a
solution with a hydroxide-ion concentration of 1 molL ™! has [H*]=
K, /[OH ]=10"'4/10° =10 '*, and possesses a pH of 14, A neutral solution
is therefore one in which pH = 7, an acid solution one in which pH < 7, and an
alkaline solution one in which pH > 7. An alternative definition for a neutral
solution, applicable to all temperatures, is one in which the hydrogen ion and
hydroxide ion concentrations are equal. In an acid solution the hydrogen ion
concentration exceeds the hydroxide ion concentration, whilst in an alkaline or
basic solution, the hydroxide ion concentration is greater.

Example 10. (i) Find the pH of a solution in which[H*]=4.0 x 10" > mol L L.
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pH = log,o1/[H"] = log1 —log[H"]
=logl—logd40x 1073
= 0 —5.602
4.398
(ii) Find the hydrogen ion concentration corresponding to pH = 5.643.
pH =log,, 1/[H"] =logl —log[H™] = 5.643
Sog[HT ] = —5.643

This must be written in the usual form containing a negative characteristic and
a positive mantissa:

log[H*] = —5.643 = 6357

By reference to a calculator or to tables of antilogarithms we find [H¥ ] =
228 x 107 ®mol L 1,

(iii) Calculate the pH of a 0.01 M solution of acetic acid in which the degree
of dissociation is 12.5 per cent.

The hydrogen ion concentration of the solution is 0.125 x 0.01
= 125x10"*mol L™
pH = log,;o 1/[H*] =log ! —log[H™]
= 0—3.097
= 2.903
The hydroxide ion concentration may be expressed in a similar way:
pOH = —log;,[OH ] = log,, 1/[OH ],- or [OH™] = 107POH
If we write the equation:
[H*]x[OH ] =K, = 10"
in the form: |
log[H*J+1og[OH } =logK, = —14
then pH +pOH = pK,, = 14

This relationship should hold for all dilute solutions at about 25°C.

Figure 2.1 will serve as a useful mnemonic for the relation between [H * ], pH,
[OH™], and pOH in acid and alkaline solution.

The logarithmic or exponential form has also been found useful for expressing
other small quantities which arise in quantitative analysis. These include:
(i) dissociation constants (Section 2.13), (ii} other ionic concentrations, and
(ii1) solubility products (Section 2.6).

(i) For any acid with a dissociation constant of K:

pKa = logl/Ka = —logKa
Similarly for any base with dissociation constant K,:
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[H*] 1(10°% 107! 1072 10" % 10-* 107% 107° 10°7 10°% 107° 10" (0-"* 1072103 [0 '*

pH o0 I 2 3 4 5§ 6 7 & 9 10 11 12 13 14
pOH 14 13 12 11 100 % & 7 6 5 4 3 2 1 0

[OH J10-" (0-' 1021077 10-'* 107° 107% 107 107® 107% 10-* 107% 10°% 107} 1(10°)
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(ii) For any ion I of concentration [1]:

pl = log1/[1] = —log[I]

Thus, for [Na*]=8 x 10 > mol L™!, pNa =4.1.
(iii) For a salt with a solubility product K:

pK, =logl/K, = —logK..

218 THE HYDROLYSIS OF SALTS
Salts may be divided into four main classes:

(1) those derived from strong acids and strong bases, e.g. potassium chloride;

(2) those derived from weak acids and strong bases, e.g. sodium acetate;

(3) those derived from strong acids and weak bases, e.g. ammonium chloride;
and

(4) those derived from weak acids and weak bases, e.g. ammonium formate or
aluminium acetate,

When any of these from classes (2) to (4) is dissolved in water, the solution,
as is well known, is not always neutral in reaction. Interaction may occur with
the ions of water, and the resulting solution will be neutral, acid, or alkaline
according to the nature of the salt.

With an aqueous solution of a salt of class (1), neither do the anions have
any tendency to combine with the hydrogen ions nor do the cations with the
hydroxide ions of water, since the related acids and bases are strong electrolytes.
The equilibrium between the hydrogen and hydroxide ions in water:

H,O=H*+OH" (i)
is therefore not disturbed and the solution remains neutral.

Consider, however, a salt MA derived from a weak acid HA and a strong
base BOH {class (2)}. The salt is completely dissociated in aqueous solution:

MA ->M* +A"

A very small concentration of hydrogen and hydroxide ions, originating from
the small but finite ionisation of water, will be initially present. HA is a weak
acid, i.e. it is dissociated only to a small degree; the concentration of A~ ions
which can exist in equilibrium with H™ ions is accordingly small. In order to
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maintain the equilibrium, the large initial concentration of A~ ions must be
reduced by combination with H* ions to form undissociated HA:

H*"+A™ =HA ()

The hydrogen ions required for this reaction can be obtained only from the
further dissociation of the water; this dissociation produces simultaneously an
equivalent quantity of hydroxyl ions. The hydrogen ions are utilised in the
formation of HA; consequently the hydroxide ion concentration of the solution
will increase and the solution will react alkaline.

It is usual in writing equations involving equilibria between completely
dissociated and slightly dissociated or sparingly soluble substances to employ
the ions of the former and the molecules of the latter. The reaction is therefore
written:

AT +H,0=0H" +HA (k)
This equation can also be obtained by combining (i) and (j), since both
quhbrla must co-exist. This interaction between the ion (or ions) of a salt and

water is called ‘hydrolysis’.

Consider now the salt of a strong acid and a weak base {class (3)}. Here
the initial high concentration of cations M * will be reduced by combination
with the hydroxide ions of water to form the little-dissociated base MOH until
the equilibrium:

M* +OH™ = MOH

is attained. The hydrogen ion concentration of the solution will thus be
increased, and the solution will react acid. The hydrolysis is here represented by:

M*+H,0=MOH+H"

For salts of class (4), in which both the acid and the base are weak, two
reactions will occur simultaneously

M*+H,O=MOH+H*; A"+H,0O=HA+OH"

The reaction of the solution will clearly depend upon the relative dissociation
constants of the acid and the base. If they are equal in strength, the solution
will be neutral; if K, > K, it will be acid, and if K, > K, it will be alkaline.

Having considered all the possible cases, we are now in a position to give a
more general definition of hydrolysis. Hydrolysis is the interaction between an
ion (or ions) of a salt and water with the production of (a) a weak acid or a
weak base, or (b) of both a weak acid and a weak base.

The phenomenon of salt hydrolysis may be regarded as a simple application
of the general Bronsted—-Lowry equation

Ai+B,=A;+B,
Thus the equation for the hydrolysis of ammonium salts
NH,; +H,O0=NH,+ H,0"

is really identical with the expression used to define the strength of the
ammonium ion as a Brensted—Lowry acid (see Section 2.4) and the constant
K, for NH; is in fact what is usually termed the hydrolysis constant of an
ammonium salt.
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The hydrolysis of the sodium salt of a weak acid can be treated similarly.
Thus for a solution of sodium acetate

CH;COO™ +H,0=CH;COOH +OH"
the hydrolysis constant is
[CH;COOH]J[OH™]J/[CH,CO0 "] =K, =K,/K,

where K, 1s the dissociation constant of acetic (ethanoic) acid.

2.19 HYDROLYSIS CONSTANT AND DEGREE OF HYDROLYSIS

Case 1. Salt of a weak acid and a strong base. The equilibrium in a solution of
salt MA may be represented by:

A" +H,O=0H  +HA
Applying the Law of Mass Action, we obtain:

Qon- X Gua _ [OH"].[HA] x You--Yua
aa- [A7] Ya-
where K, is the hydrolysis constant. The solution is assumed to be dilute so
that the activity of the un-ionised water may be taken as constant, and the
approximation that the activity coefficient of the un-ionised acid is unity

and that both ions have the same activity coefficient may be introduced.
Equation (12) then reduces to:

K, = [0H‘]>_<[HA] i~
[A]

This is often written in the form:

K. = [Base] x [Acid ]

" 7 [Unhydrolysed salt]

= K, (12)

The free strong base and the unhydrolysed salt are completely dissociated and
the acid is very little dissociated.

The degree of hydrolysis is the fraction of each mole of anion A~ hydrolysed
at equilibrium. Let 1 mole of salt be dissolved in V' L of solution, and let x
be the degree of hydrolysis. The concentrations in mol L ™! are:

[HA]=[OH "1 =x/V; [AT]=(0-x)/V
Substituting these values in equation (13):

_[OH"]x[HA] x/Vxx/V  x?
B [A™] C (1=x)y/V (1-x)V

Ky

This expression enables us to calculate the degree of hydrolysis at the dilution
V; it is evident that as V increases, the degree of hydrolysis x must increase.
The two equilibria:

H,O=H" +OH~ and HA=H"+A"
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must co-exist with the hydrolytic equilibrium;:
O=HA+OH~

1 wo relationships:

[H"]x[OH ] =K, and [H*]x[A ]/[HA] = K,
must hold in the same solution as:

[OH" ]x [HAJ/[A"] = K,

K, [H*]x[OH ]x[HA] [OH ]Jx[HA] _
K, [H*}x[A™] [A7]
therefore K, /K, = K,

or pK, = pK, —pK,

But

The hydrolysis constant is thus related to the ionic product of water and
the ionisation constant of the acid. Since K, varies slightly and K, varies
considerably with temperature, K, and consequently the degree of hydrolysis
will be largely influenced by changes of temperature.

The hydrogen ion concentration of a solution of a hydrolysed salt can be
readily calculated. The amounts of HA and of OH ™ ions formed as a result of
hydrolysis are equal; therefore, in a solution of the pure salt in water,
[HA] =[OH " ]. If the concentration of the salt is ¢ mol L ™!, then:

[HAIx[OH"] [OH")* _  _K,
[A™] ¢ MK,
and {OH_]T\/C.KW//KG

or [H*]=./K,.K,/c, since [H*]=K,/[OH ]

and pH = ipK, +3ipK,+3loge

To be consistent we should use pc = —log ¢ so that the equation becomes:
pH = 3pK,. + $pK,— 3pc (14)

Equation (14) can be employed for the calculation of the pH of a solution
of a salt of a weak acid and a strong base. Thus the pH of a solution of sodium
benzoate (0.05mol L™ ') is given by:

pH = 7.0+ 2.10 — 1(1.30) = 8.45
(Benzoic acid: K, = 637 x 10 °mol L™ !; pK, = 4.20)

Such a calculation will provide useful information as to the indicator which
should be employed in the titration of a weak acid and a strong base (see
Section 10.13).

Example 1]1. Calculate: (i) the hydrolysis constant, (ii) the degree of hydrolysis,
and (iii) the hydrogen ion concentration of a solution of sodium acetate
(0.01 mol L 1) at the laboratory temperature.

K, 10x10""
K. 175%x10°°

K, = =57x 10710

a
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The degree of hydrolysis x is given by:

x2

Kh:(]—x\V
! ;v

Substituting for K, and V (= 1/c), we obtain:
x? x 001
(1-x)

Solving this quadratic equation, x = 0.0002 38 or 0.0238 per cent.

If the solution were completely hydrolysed, the concentration of acetic
(ethanoic) acid produced would be 0.01 mol L. ~!. But the degree of hydrolysis
is 0.0238 per cent, therefore the concentration of acetic acid is 2.38 x 107 °mol L L.
This is also equal to the hydroxide ion concentration produced, i.e. pOH = 5.62.

pH = 140—-562 = 8.38
The pH may also be calculated from equation (14):
pH = {pK, + ipK,—ipc = 7.0+238 — 4(2) = 8.38

57x1071° =

Case 2. Salt of a strong acid and a weak base. The hydrolytic equilibrium is
represented by:

M*+H,0=MOH+H"*

By applying the Law of Mass Action along the lines of Case 1, the following
equations are obtained:

v _ [H*]x[MOH]  [Acid] x [Base] _ K,
T [M*] "~ [Unhydrolysed salt] ~ X,

xZ

T (U—x)V
K, is the dissociation constant of the base. Furthermore, since [MOH] and
[H*] are equal:
_[H*]1x[MOH] [H*]* K,

K,

[M™*] ¢ K,
[H*] =./c.K,/K,,
or pH = ipK, —3pK,+3pc (15)

Equation (15) may be applied to the calcula
salts of strong acids and weak bases. Thus the p

chioride (0.2 mol L 1) is:
pH = 7.0 — 2.37 + £(0.70) = 4.98
(Ammonia in water: K, = 1.8 x 107 mol L ™'; pK, = 4.74)

~

Case 3. Salt of a weak acid and a weak base. The hydrolytic equilibrium is
expressed by the equation:

M*+A~ +H,0=MOH + HA
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Applying the Law of Mass Action and taking the activity of un-ionised water
as unity, we have:

K aymoH Aya [MVH_-JI . [HAJ Yron YHA
h= = - X
p+ X Gp- [M*].[A7] Ym Va-

By the usual approximations, i.e. by assuming that the activity coefficients of
the un-ionised molecules and, less justifiably, of the ions are unity, the following
approximate equation is obtained:

_ [MOH] x[HA] = [Base] x [Acid]
"7 [M*]1x[A"] ~ [Unhydrolysed salt]?

If x is the degree of hydrolysis of 1 mole of the salt dissolved in ¥V litres of
solution, then the individual concentrations are:

[MOH] = [HA]=x/V; [M*]1=[A"]=(1-x)/V

leading to the result

B x/V.x/V o x?
(l—x)/V(t—x)/V  (1—x)?

The degree of hydrolysis and consequently the pH is independent of the
concentration of the solution.*

It may be readily shown that:
K, =K, /K,xK,
or pKh = pKw_ pKa_ pr

K

This expression enables us to calculate the value of the degree of hydrolysis
from the dissociation constants of the acid and the base.

The hydrogen ion concentration of the hydrolysed solution is calculated in
the following manner:

[HA] x/V x
(A1 N N o

But x/(1 —x)=./K,
Hence [H*] =K, /K, =K, xK,/K,
or pH =3pK, +4pK,-ipK, (16)

If the ionisation constants of the acid and the base are equal, that is K, =K,
pH=1pK, =70 and the solution is neutral, although hydrolysis may be
considerable. If K, > K,, pH <7 and the solution is acid, but when K, > K,
pH > 7 and the solution reacts alkaline.

The pH of a solution of ammonium acetate is given by:

pH = 7.0+2.38 —2.37 = 7.1

ie. the solution is approximately neutral. On the other hand, for a dilute

[H*] = K, x

*This applies only if the original assumptions as to activity coefficients are justified. In solutions
of appreciable ionic strength, the activity coefficients of the ions will vary with the total ionic strength.
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solution of ammonium formate:
pH = 7.0+ 1.88 — 2.37 = 6.51

Vi - (B & 414 7~ . 1n—-—4 _
| Formic acla: A, = 1.7/ X 1V

1.e. the solution has a slightly acid reaction.

2.20 BUFFER SDLUTIDNS

A solution of hydrochloric acid (0.0001 mol L ™) should have a pH equal to 4,
but the solution is extremely sensitive to traces of alkali from the glass of the
containing vessel and to ammonia from the air. Likewise a solution of sodium
hydroxide (0.0001 mol L ~ 1), which should have a pH of 10, is sensitive to traces
of carbon dioxide from the atmosphere. Aqueous solutions of potassium chloride
and of ammonium acetate have a pH of about 7. The addition to 1 L of these
solutions of 1 mL of a solution of hydrochloric acid (1 mol L™!) results in a
change of pH to 3 in the former case and in very littie change in the latter. The
resistance of a solution to changes in hydrogen ion concentration upon the
addition of small amounts of acid or alkali is termed buffer action; a solution
which possesses such properties is known as a buffer solution. It is said to
possess ‘reserve acidity’ and ‘reserve alkalinity’. Buffer solutions usually consist
of solutions containing a mixture of a weak acid HA and its sodium or potassium
salt (A7), or of a weak base B and its salt (BH™). A buffer, then, is usually a
mixture of an acid and its conjugate base. In order to understand buffer action,
consider first the equilibrium between a weak acid and its salt. The dissociation
of a weak acid is given by:

HA=H*+ A"

and its magnitude is controlled by the value of the dissociation constant K :

Ay X ay- Aya
—— = K,, or ay. =—xK, (17)
Aya ap-

The expression may be approximated by writing concentrations for activities:

+7 - L[HA] 18
[H*] = 5y <K, (18)
This equilibrium applies to a mixture of an acid HA and its salt, say MA. If
the concentration of the acid be ¢, and that of the salt be c,, then the
concentration of the undissociated portion of the acid is (¢,—[H™*]). The
solution is electrically neutral, hence [A ~] = ¢, + [H™ ] (the salt is completely
dissociated). Substituting these values in the equilibrium equation (18), we have:

_c,—[H"]

=

(19)

This 1s a quadratic equation in [H* ] and may be solved in the usual manner.
It can, however, be simplified by introducing the following further approximations.
In a mixture of a weak acid and its salt, the dissociation of the acid is repressed
by the common ion effect, and [H*] may be taken as negligibly small by

46



BUFFER SOLUTIONS  2.20

comparison with ¢, and c,. Equation (19) then reduces to:

+1 G +~ _ [Acid]
[H ]—C—S.K,,, or [H"] = [Salt] x K, (20)
Salt
or pH = pKa+log[ alt] (21)

['Acid ]

The equations can be readily expressed in a somewhat more general form
when applied to a Brensted—Lowry acid A and its conjugate base B:

A=H"+B
(e.g. CH;COOH and CH,COO 7, etc.). The expression for pH is:

B
pH = pK, + log%
where K, =[H"][B]/[A].
Similarly for a mixture of a weak base of dissociation constant K, and its
salt with a strong acid:
[Base]

LOH"] = Tqiii]

x K, (22)

[Salt]
[Base]

or pOH = pK, +log (23)

Confining attention to the case in which the concentrations of the acid and
e a1 5 E o bk snmidrmanliend atd tlaa LT B Mo $la LT A8
ii§ Sail are cquai, i.€. 01 a nair-néuilraiseq acig wnen po = pA,. 110uS i6€ pri 01
a half-neutralised solution of a weak acid is equal to the negative logarithm
of the dissociation constant of the acid. For acetic (ethanoic) acid, K, =
1.75 x 10™ > mol L™, pK, = 4.76; a half-neutralised solution of, say 0.1M acetic
acid will have a pH of 4.76. If we add a smail concentration of H™ ions to such
a solution, the former will combine with acetate ions to form undissociated

acetic acid:
H* + CH;COO ™ = CH,COOH

Similarly, if a small concentration of hydroxide ions be added, the latter will
combine with the hydrogen ions arising from the dissociation of the acetic acid
and form water; the equilibrium will be disturbed, and more acetic acid will
dissociate to replace the hydrogen ions removed in this way. In either case, the
concentration of the acetic acid and acetate ion (or salt) will not be appreciably
changed. It follows from equation (21) that the pH of the solution will not be
materially affected.

Example 12. Calculate the pH of the solution produced by adding 10 mL of
{ M hydrochloric acid to I L of a solution which is 0.1 M 1n acetic (ethanoic)
acid and 0.1 M in sodium acetate (K,=1.75 x 10" mol L 1)

The pH of the acetic acid—sodium acetate buffer solution is given by the
equation:
[Salt]
[Acid]

pH = pX, +log =476 4+00 = 4.76
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The hydrogen ions from the hydrochloric acid react with acetate ions forming
practically undissociated acetic acid, and neglecting the change in volume from
1000 mL to 1010 mL we can say

CH,COO™ = 0.1 —0.01 = 0.09
CH;COOH = 0.1 +0.01 = 0.11
and pH = 4.76 +10g0.09/0.11 = 4.76 — 0.09 = 4.67

Thus the pH of the acetic acid-sodium acetate buffer solution is only altered
by 0.09 pH unit on the addition of the hydrochloric acid. The same volume of
hydrochloric acid added to ! litre of water (pH = 7) would lead to a solution
with pH = —10g(0.01) =2; a change of 5pH units. This example serves to
illustrate the regulation of pH exercised by buffer solutions.

A solution containing equal concentrations of acid and its salt, or a
half-neutralised solution of the acid, has the maximum ‘buffer capacity’. Other
mixtures also possess considerable buffer capacity, but the pH will differ shightly

- tralicad hati f
from that of the half-neutralised acid. Thus in a quarter-neutralised solution of

acid, [ Acid] = 3 [Salt]:

pH = pK,+1log} = pK,+ 1.52 = pK,— 048

For a three-quarter-neutralised acid, [Salt] =3 [Acid]:
pH = pK,+1log3 = pK,+ 048

In general, we may state that the buffering capacity is maintained for mixtures
within the range 1 acid:10 salt and 10 acid:1 salt and the approximate pH
range of a weak acid buffer is:

pH = pK,+ 1

The concentration of the acid is usually of the order 0.05-0.2 mol L™ 1. Similar
remarks apply to weak bases. It is clear that the greater the concentrations of
acid and conjugate base in a buffer solution, the greater will be the buffer
capacity. A quantitative measure of buffer capacity is given by the number of
moles of strong base required to change the pH of 1 litre of the solution by
1 pH unit.

The preparation of a buffer solution of a definite pH is a simple process once
the acid (or base) of appropriate dissociation constant is found: small variations
in pH are obtained by variations in the ratios of the acid to the salt concentration.
One example is given in Table 2.2.

Before leaving the subject of buffer solutions, it is necessary to draw attention
to a possible erroneous deduction from eguation (21), namely that the

hydrogen-lon concentration of a buffer solutlon 18 dependent only upon the
ratio of the concentrations of acid and salt and upon K,, and not upon the
actual concentrations; otherwise expressed, that the pH of such a buffer mixture
should not change upon dilution with water. This is approximately although
not strictly true. In deducing equation (18), concentrations have been substituted
for activities, a step which is not entirely justifiable except in dilute solutions.
The exact expression controlling buffer action is:
aH*=iIi§—XKa= Ca'ya
Q- Cs-Va-

x K

) (24)
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Table 2.2 pH of acetic acid—sodium acetate buffer
mixtures

10 mL mixtures of x mL of 0.2M acetic acid and y mL of
0.2M sodium acetate

Acetic acid (x mL) Sodium acetate (y mL) pH

9.5 0.5 3.48
9.0 1.0 3.80
80 20 4.16
70 3.0 4.39
6.0 4.0 4.58
5.0 50 4.76
4.0 6.0 493
30 7.0 5.13
20 8.0 5.36
1.0 9.0 571
0.5 9.5 6.04

The activity coefficient y, of the undissociated acid is approximately unity in
dilute aqueous solution. Expression (24) thus becomes:

[Acid]
= x K 25
n [Salt] x y,- X Ra (25)
or pH = pK,+ log[Salt]/[Acid] + log ya- (26)

This is known as the Henderson—Hasselbalch equation.

If a buffer solution is diluted, the ionic concentrations are decreased and so,
as shown in Section 2.5, the ionic activity coefficients are increased. It follows
fram anniatinan {YAY thot tha «wIT ic in~rrancad
11uvilil \.ﬂLlu(I.Ll.Ull \LU} uiiat iiiw l}ll Iy 1LV CAdMAL.

Buffer mixtures are not confined to mixtures of monoprotic acids or monoacid
bases and their salts. We may employ a mixture of salts of a polyprotic acid,

e.g. NaH, PO, and Na,HPO,. The salt NaH, PO, is completely dissociated:
NaH,PO,—=Na" + H,PO,

The ion H, PO, acts as a monoprotic acid:

H,PO, =H" + HPO3:"

for which K (= K, for phosphoric acid) is 6.2 x 10”8 mol L !, The addition
of the salt Na,HPO, is analogous to the addition of, say, acetate ions to a
solution of acetic acid, since the tertiary ionisation of phosphoric acid
(HPOZ " =H™* + PO} ") is small (K;=35x 107> mol L '). The mixture of
NaH,PO, and Na,HPO, is therefore an eflective buffer over the range
pH 72+1.0 (=pK +1i) It wili be noted that this is a mixture of a
Bronsted—Lowry acid and its conjugate base.

Buffer solutions find many applications in quantitative analysis, e.g. many
precipitations are quantitative only under carefully controlled conditions of pH,
as are also many compleximetric titrations: numerous examples of their use will
be found throughout the book.

2.21 COMPLEX IONS

The increase in solubility of a precipitate upon the addition of excess of the
precipitating agent is frequently due to the formation of a complex ion. A
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complex ion is formed by the union of a simple ion with either other ions of
opposite charge or with neutral molecules as shown by the following examples.

When potassium cyanide solution is added to a solution of silver nitrate, a
white precipitate of silver cyanide is first formed because the solubility product
of silver cyanide:

[Ag"Ix[CN"] = Ks(AgCN) (27)
1s exceeded. The reaction is expressed:
CN™ +Ag" = AgCN

The precipitate dissolves upon the addition of excess of potassium cyanide, the
complex ion [Ag(CN),] ™ being produced:

AgCN(solid) + CN ™ (excess) = [Ag(CN), ]~ *
(or AgCN + KCN = K[Ag(CN),] — a soluble complex salt)

This complex ion dissociates to give silver ions, since the addition of
sulphide ions yields a precipitate of silver sulphide (solubility product
1.6 x 10~** mol> L ~3), and also silver is deposited from the complex cyanide
solution upon electrolysis. The complex ion thus dissociates in accordance with
the equation:

[Ag(CN),] = Ag* +2CN"

Applying the Law of Mass Action, we obtain the dissociation constant of the
complex ion:

[Ag*Ix[CN"]* _

=K. (28)
[{Ag(CN)Z}_] A2 diss. A J
which has a value of 1.0 x 1072 mol? L™2 at the ordinary temperature. By
inspection of this expression, and bearing in mind that excess of cyanide ion is
present, it is evident that the silver ion concentration must be very small, so
small 1n fact that the solubility product of silver cyanide is not exceeded.

The inverse of equation (28) gives us the stability constant or formation
constant of the complex ion:

« _ L{Ag(CN),} 7]
[Ag"I1x [CN T2

Consider now a somewhat different type of complex ion formation, viz. the
production of a complex ion with constituents other than the common ion

an . 4 Zon ¢l o 1ok . ML, o o 15 1 Lo.. +l. Py PN M4 DRIy oS- TIPS Y [P P
P[Cbclll 1I1 LIIC SOLULIOILL, LIS I UAClllpllllUU Uy LLIC bUluUlllly U1 SHVCYI CLHHHOLIAC
in ammonia solution. The reaction is:
AgCl +2NH,; = [Ag(NH,),]* +CI~

Here again, electrolysis, or treatment with hydrogen sulphide, shows that silver

= 10%' mol~2 L2 (29)

*Square brackets are commonly used for two purposes: to denote concentrations and also to
include the whole of a complex ion; for the latter purpose curly brackets (braces) are sometimes
used. With careful scrutiny there should be no confusion regarding the sense in which the square
brackets are used: with complexes there will be no charge signs inside the brackets.
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ions are present in solution. The dissociation of the complex ion is represented by:
[Ag(NH,),]" == Ag™ + 2NH,
and the dissociation constant is given by:
_ [Ag*] x[NH;]?
= [{As(NH;),} ']
The stability constant K = 1/K 5, = 1.5 x 10" mol ~2 L2

The magnitude of the dissociation constant clearly shows that only a very small
silver ion concentration is produced by the dissociation of the complex ion.

The stability of complex ions varies within very wide limits. It is quantitatively
expressed by means of the stability constant. The more stable the complex, the
greater is the stability constant, i.e. the smaller is the tendency of the complex
ion to dissociate into its constituent ions. When the complex ion is very stable,
e.g. the hexacyanoferrate(II) ion [ Fe(CN)¢]* ™, the ordinary ionic reactions of
the components are not shown.

The application of complex-ion formation in chemical separations depends
upon the fact that one component may be transformed into a complex ion which
no longer reacts with a given reagent, whereas another component does react.
One example may be mentioned here. This is concerned with the separation of
cadmium and copper. Excess of potassium cyanide solution is added to the
solution containing the two salts when the complex ions [Cd(CN),]?~ and
[Cu(CN),]? " respectively are formed. Upon passing hydrogen sulphide into
the solution containing excess of CN ~ ions, a precipitate of cadmium sulphide
is produced. Despite the higher solubility product of CdS (1.4 x 10~ 28 mol? L ™2
as against 6.5 x 10"*>mol? L~2 for copper(II) sulphide), the former is
precipitated because the complex cyanocuprate(l) ion has a greater stability
constant (2 x 102 mol *L* as compared with 7 x 10'°mol "*L* for the
cadmium compound).

= 6.8 x 107®mol*L "2

2.22 COMPLEXATION

The processes of complex-ion formation referred to above can be described by
the general term complexation. A complexation reaction with a metal ion
involves the replacement of one or more of the coordinated solvent molecules
by other nucleophilic groups. The groups bound to the central ion are called
ligands and in aqueous solution the reaction can be represented by the
equation:

LV, V'l & e} AT MO
s

1v1\112\_1}n+L - PVJ.(JJ.Z H O

)(n-" I)L + 112

Here the ligand (L) can be either a neutral molecule or a charged ion, and
successive replacement of water molecules by other ligand groups can occur
until the complex ML, is formed; n is the coordination number of the metal
ion and represents the maximum number of monodentate ligands that can be
bound to it.

Ligands may be conveniently classified on the basis of the number of points
of attachment to the metal ion. Thus simple ligands, such as halide ions or the
molecules H, O or NH ,, are monodentate, i.c. the ligand is bound to the metal
ion at only one point by the donation of a lone pair of electrons to the metal.
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2 FUNDAMENTAL THEORETICAL PRINCIPLES OF REACTIONS IN SOLUTION

When, however, the ligand molecule or ion has two atoms, each of which has
a lone pair of electrons, then the molecule has two donor atoms and it may be
possible to form two coordinate bonds with the same metal ion; such a ligand
is said to be bidentate and may be exempuucd UY conszderalion of the
tris(ethylenediamine)cobalt(III) complex, [Co(en),;]>*. In this six-coordinate
octahedral complex of cobalt(Ill), each of the bidentate ethylenediamine*
molecules i1s bound to the metal ion through the lone pair electrons of the two
nitrogen atoms. This results in the formation of three five-membered rings, each
including the metal ion; the process of ring formation is called chelation.
Multidentate ligands contain more than two coordinating atoms per molecule,
e.g. 1,2-diaminoethanetetra-acetic acid (ethylenediaminetetra-acetic acid, EDTA),t
which has two donor nitrogen atoms and four donor oxygen atoms in the
molecule, can be hexadentate.
In the foregoing it has been assumed that the complex species does not contain
more than one metal ion, but under appropriate conditions a binuclear complex,
i.e. one containing two metal ions, or even a polynuclear complex, containing

more than two metal ions mav be formed. Thus interaction between Zn?* and
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Cl~ ions may result in the formation of binuclear complexes, e.g. [Zn,Cl]*~

in addition to simple species such as ZnCl; and ZnClZ~. The formation of
bi- and poly-nuclear complexes will clearly be favoured by a high concentration
of the metal ion; if the latter is present as a trace constituent of a solution,
polynuclear complexes are unlikely to be formed.

2.23 STABILITY OF COMPLEXES

The thermodynamic stability of a species is a measure of the extent to which
this species will be formed from other species under certain conditions, provided
that the system is allowed to reach equilibrium. Consider a metal ion M in
solution together with a monodentate ligand L, then the system may be described
by the following stepwise equilibria, in which, for convenience, coordinated
water molecules are not shown:

M+ L=ML; K, = [ML]/[M][L]
ML + L =ML,; K, =[ML,]/[ML][L]
ML(n—1)+L::MLn; Kn = [MLPI]/[ML(H—I)][L]
The equilibrium constants K, K,,...,K, are referred to as stepwise stability
constants.
An alternative way of expressing the equilibria is as follows:
M4+ L =ML, B; =[ML]/[M][L]

M +2L=ML,; f#,=[ML,]/[M][L]*
M +nlL =ML,; f,=[ML,]/[M][L]"

The equilibrium constants 8, f3,,..., B, are called the overall stability constants
and are related to the stepwise stability constants by the general expression

n

* Ethane-1,2-diamine.
t1,2-Bis[ bis(carboxymethyl)amino Jethane.
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In the above equilibria it has been assumed that no insoluble products are
formed nor any polynuclear species.

A knowledge of stability constant values is of considerable importance in
analytical chemistry, since they provide information about the concentrations
of the various complexes formed by a metal in specified equilibrium mixtures;
this is invaluable in the study of complexometry, and of various analytical
separation procedures such as solvent extraction, ion exchange, and chromato-

graphy.?3

2.24 METAL ION BUFFERS
Consider the equation for compiex formation
M+L=ML; K=[ML]/[M][L]

and assume that ML is the only complex to be formed by the particular system.
The equilibrium constant expression can be rearranged to give:

- ] = 4

[M]=1/Kx[ML]/[L]
log[M] = log1/K +log[ML]/[L]
pM = log K —log[ ML]/[L]

This shows that the pM value of the solution is fixed by the value of K and the
ratio of complex-ion concentration to that of the free ligand. If more of M is
added to the solution, more complex will be formed and the value of pM will
not change appreciably. Likewise, if M is removed from the solution by some
reaction, some of the complex will dissociate to restore the value of pM. This
recalls the behaviour of buffer solutions encountered with acids and bases
(Section 2.20), and by analogy, the complex-ligand system may be termed a
metal ion buffer.

2.25 FACTORS INFLUENCING THE STABILITY OF COMPLEXES

The stability of a complex will obviously be related to (a) the complexing ability
of the metal ion involved, and (b) characteristics of the ligand, and it is important
to examine these factors briefly.

(a) Complexing ability of metals. The relative complexing ability of metals is
conveniently described in terms of the Schwarzenbach classification, which is
broadly based upon the division of metals into Class A and Class B Lewis acids,
ie. electron acceptors. Class A metals are distinguished by an order of affinity
(in aqueous solution) towards the halogens F~ > Cl~ >Br~ >1", and form
their most stable complexes with the first member of each group of donor atoms
in the Periodic Table (i.e. nitrogen, oxygen and fluorine). Class B metals
coordinate much more readily with I~ than with F~ in aqueous solution, and
form their most stable complexes with the second (or heavier) donor atom from
each group (i.e. P, S, Cl). The Schwarzenbach classification defines three
categories of metal ion acceptors:

1. Cations with noble gas configurations. The alkali metals, alkaline earths and
aluminium belong to this group which exhibit Class A acceptor properties.
Electrostatic forces predominate in complex formation, so interactions
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between small ions of high charge are particularly strong and lead to stable
complexes.

2. Cations with completely filled d sub-shells. Typical of this group are copper(I)
silver(I) and gold(I) which exhibit Class B acceptor properties. These ions
have high polarising power and the bonds formed in their complexes have
appreciable covalent character.

3. Transition metal ions with incomplete d sub-shells. In this group both
Class A and Class B tendencies can be distinguished. The elements with
Class B characteristics form a roughly triangular group within the Periodic
Table, with the apex at copper and the base extending from rhenium to
bismuth. To the left of this group, elements in their higher oxidation states
tend to exhibit Class A properties, while to the right of the group, the higher
oxidation states of a given element have a greater Class B character.

The concept of ‘hard’ and ‘soft’ acids and bases is useful in characterising
the behaviour of Class A and Class B acceptors. A soft base may be defined
as one in which the donor atom is of high polarisability and of low
electronegativity, is easily oxidised, or is associated with vacant, low-lying
orbitals. These terms describe, in different ways, a base in which the donor
atom electrons are not tightly held, but are easily distorted or removed. Hard
bases have the opposite properties, i.c. the donor atom is of low polarisability
and high electronegativity, is difficult to reduce, and is associated with vacant
orbitals of high energy which are inaccessiblie.

On this basis, it is seen that Class A acceptors prefer to bind to hard bases,
e.g. with nitrogen, oxygen and fluorine donor atoms, whilst Class B acceptors
prefer to bind to the softer bases, e.g. P, As, S, Se, Cl, Br, I donor atoms.
Examination of the Class A acceptors shows them to have the following
distinguishing features; small size, high positive oxidation state, and the
absence of outer electrons which are easily excited to higher states. These
are all factors which lead to low polarisability, and such acceptors are called
hard acids. Class B acceptors, however, have one or more of the following
properties: low positive or zero oxidation state, large size, and several easily
excited outer electrons (for metals these are the d electrons). These are all
factors which lead to high polarisability, and Class B acids may be called
soft acids.

A general principle may now be stated which permits correlation of the
complexing ability of metals: ‘Hard acids tend to associate with hard bases
and soft acids with soft bases’. This statement must not, however, be regarded
as exclusive, i.e. under appropriate conditions soft acids may complex with
hard bases or hard acids with soft bases.

(b) Characteristics of the ligand. Among the characteristics of the ligand
which are generally recognised as influencing the stability of complexes in
which it i1s involved are (i) the basic strength of the ligand, (ii) its chelating
properties (if any), and (iii) steric effects. From the point of view of the
analytical applications of complexes, the chelating effect is of paramount
importance and therefore merits particular attention.

The term chelate effect refers to the fact that a chelated complex, i.e. one
formed by a bidentate or a multidenate ligand, is more stable than the
corresponding complex with monodentate ligands: the greater the number of
points of attachment of ligand to the metal ion, the greater the stability of
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the complex. Thus the complexes formed by the nickel(II) ion with (a) the
monodentate NH; molecule, (b) the bidentate ethylenediamine (1,2-diamino-
ethane), and (c) the hexadentate ligand ‘penten’ {(H,N-CH,-CH,),N
CH, - CH,-N(CH,-CH, NH,;),} show an overall stability constant value
for the ammonia complex of 3.1 x 108, which is increased by a factor of about
10'° for the complex of ligand (b), and is approximately ten times greater
still for the third complex.

The most common steric effect is that of inhibition of complex formation
owing to the presence of a large group either attached to, or in close proximity
to, the donor atom.

A further factor which must also be taken into consideration from the
point of view of the analytical applications of complexes and of complex-
formation reactions is the rate of reaction: to be analytically useful it is usually
required that the reaction be rapid. An important classification of complexes is
based upon the rate at which they undergo substitution reactions, and leads to
the two groups of labile and inert complexes. The term labile complex is

. vy . . . . .
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time required for mixing the reagents. Thus, for example, when excess of aqueous
ammonia is added to an aqueous solution of copper(II) sulphate, the change
in colour from pale to deep blue is instantaneous; the rapid replacement of
water molecules by ammonia indicates that the Cu(ll) ion forms kinetically
labile complexes. The term inert is applied to those complexes which undergo
slow substitution reactions, i.e. reactions with half-times of the order of hours
or even days at room temperature. Thus the Cr(III) ion forms kinetically inert
complexes, so that the replacement of water molecules coordinated to Cr(III)
by other ligands is a very slow process at room temperature
Kinetic inertness or }abuuy is influenced b Oy many 1a0a0rs, but the fGHOWiﬂg
general observations form a convenient guide to the behaviour of the complexes
of various elements.
(1) Main group elements usually form labile complexes.
(i) With the exception of Cr(lIlI) and Co(Ill), most first-row transition
elements form labile complexes.
(iii) Second- and third-row transition elements tend to form inert complexes.
For a full discussion of the topics introduced in this section a textbook of
inorganic chemistry (e.g. Ref. 4) or one dealing with complexes (e.g. Ref. 2),
should be consulted.

2.26 COMPLEXONES

The formation of a single com
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plex species rather than the stepw tiQ

of such species will clearly simplify complexometric t:tratlons and fa xhtate the
detection of end points. Schwarzenbach? realised that the acetate ion is
able to form acetato complexes of low stability with nearly all polyvalent cations,
and that if this property could be reinforced by the chelate effect, then much
stronger complexes would be formed by most metal cations. He found that the
aminopolycarboxylic acids are excellent complexing agents: the most important
of these is 1,2-diaminoethanetetra-acetic acid (ethylenediaminetetra-acetic acid).
The formula (I) is preferred to (II), since it has been shown from measurements
of the dissociation constants that two hydrogen atoms are probably held in the
form of zwitterions. The values of pK are respectively pK, = 2.0, pK, =27,

n
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pK,=6.2, and pK, =103 at 20 °C; these values suggest that it behaves as a
dicarboxylic acid with two strongly acidic groups and that there are two
ammonium protons of which the first ionises in the pH region of about 6.3 and
the second at a pH of about 11.5. Various trivial names are used for
ethylenediaminetetra-acetic acid and its sodium salts, and these include Trilon B,
Complexone III, Sequestrene, Versene, and Chelaton 3; the disodium salt is
most widely employed in titrimetric analysis. To avoid the constant use of the
long name, the abbreviation EDTA is utilised for the disodium salt.

+ +
H—N—CH,—CH,—N—H
_ / \
00C—CH, CH,—COOH
(L)
HOOC—C\HZ CH,—COOH

/ \
HOOC—CH, . CH,—COOH
(11}

CH,—COOH
(111)
/CHZ—COOH
CH, N
/ N/ \
H?_(IJ (IZH CH,—COOH
H,C CH ¢y, cooH
\/\/
CH, N
\CHFCOOH
(IV)
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CH,COO~ CH,COO"~
HN HN
N\
(CH,), CH,COOH (CH,), CH,COOH
\ ~_-CH,C00"
/0 HN
(CH,), (C{Iz)z/CHZCOOA
O HN
/ /
(CH,), (C\Hz)z CH,COOH
\ /CHZCOOH .
+ HN
HN ~ B
Y ~CH,COO0
CH,COO~
(V) EGTA (VI) TTHA

Other complexing agents (complexones) which are sometimes used include
(a) nitrilotriaceticacid (II1) (NITA or NTA or Complexone I; this has pK, = 1.9,
pK, =2.5, and pK; =9.7), (b) trans-1,2-diaminocyclohexane-N,N,N',N'-tetra-
acetic acid (IV): this should presumably be formulated as a zwitterion structure
like (I); the abbreviated name is CDTA, DCyTA, DCTA or Complexone IV,
(c) 2,2’-ethylenedioxybis { ethyliminodi(acetic acid)} (V) also known as ethylene
glycolbis(2-aminoethyl ether)N,N,N’,N'-tetra-acetic acid (EGTA), and (d)
triethylenetetramine-N,N,N' . N" N'”,N"'-hexa-acetic acid (TTHA) (VI). CDTA
often forms stronger metal complexes than does EDTA and thus finds
applications in analysis, but the metal complexes are formed rather more slowly
than with EDTA so that the end-point of the titration tends to be drawn out
with the former reagent. EGTA finds analytical application mainly in the
determination of calcium in a mixture of calcium and magnesium and is probably
superior to EDTA in the calcium/magnesium water-hardness titration
(Section 10.61) TTHA forms 1:2 complexes with many trivalent cations and
with some divalent metals, and can be used for determining the components of
mixtures of certain ions without the use of masking agents (see Section 10.47).

However, EDTA has the widest general application in analysis because of

.

its powerful complexing action and commercial availability. The spatial structure
of its anion, which has six donor atoms, enables it to satisfy the coordination
number of six frequently encountered among the metal ions and to form
strainless five-membered rings on chelation. The resulting complexes have
similar structures but differ from one another in the charge they carry.

To simplify the following discussion EDTA is assigned the formula H,Y:
the disodium salt is therefore Na, H,Y and affords the complex-forming ion
H,Y?™ in aqueous solution; it reacts with all metals in a 1:1 ratio. The reactions
with cations, e.g. M?*, may be written as:

M?* +H,Y* = MY?™ +2H* ()
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For other cations, the reactions may be expressed as:

M3** +H,Y*" =MY +2H? (m)
A4t  TT wWw2-— _ L wAvYr . ATY -+ FERY
M™" +H,Y" = MY+:2R1" )
or M"" +H,Y?*" =(MY)" ¥+ +2H* (0)

One mole of the complex-forming H,Y?2~ reacts in all cases with one mole of
the metal ion and in each case, also, two moles of hydrogen ion are formed. It
is apparent from equation (o) that the dissociation of the complex will be
governed by the pH of the solution; lowering the pH will decrease the stability
of the metal-EDTA complex. The more stable the complex, the lower the pH
at which an EDTA titration of the metal ion in question may be carried out.
Table 2.3 indicates minimum pH values for the existence of EDTA complexes
of some selected metals.

Table 2.3 Stability with respect to pH of some metal-EDTA complexes

Minimum pH at which Selected metals

complexes exist

1-3 Zr*t " Hf*Y: Th**; Bi**; Fe®t

4-6 Pb2*; Cu?*; Zn2*: Co2*; Ni%?"; Mn?"*; FeZ*; AI®*; Cd?*; Sn2*
§-10 Ca?*;Sr2%; Ba?*; Mg?*

It is thus seen that, in general, EDTA complexes with metal ions of the charge
number 2 are stable in alkaline or slightly acidic solution, whilst complexes with
ions of charge numbers 3 or 4 may exist in solutions of much higher acidity.

2.2]1 STABILITY CONSTANTS OF EDTA COMPLEXES

The stability of a complex 1s characterised by the stability constant (or formation
constant) K:

Mt Y4 = (MY)n—d+ (p)
K = [(MY)"" 4+ ]/ [M"][Y*"] (q)

Some values for the stability constants (expressed as log K) of metal-EDTA
complexes are collected in Table 2.4: these apply to a medium of ionic strength
I=0.1at 20°C.

Table 2.4 Stability constants {as log K} of metai-EDTA
complexes

Mg?* 8.7 Zn?* 16.7 La* 157
Ca** 10.7 Cd2+* 16.6 Lu3* 20.0
Sr2+ 8.6 Hg?* 219 Sc3+ 23.1
Ba?* 7.8 Pb2+ 18.0 Ga3*t 20.5
Mn2+ 13.8 A3 16.3 In** 24.9
Fe?* 14.3 Fed* 25.1 Th*t 23.2
Co** 16.3 Y3 18.2 Ag* 7.3
Nj2+ 18.6 Cr3* 24.0 Lit 2.8
Cu?* 188 Ce3* 159 Na * 1.7
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In equation (g) only the fully ionised form of EDTA, ie. the ion Y*~, has
been taken into account, but at low pH values the species HY? ™, H, Y2, H, Y~
and even undissociated H, Y may well be present; in other words, only a part

f tha ENTA 4- ;
of the EDTA uncombined with metal may be present as Y*~. Further, in

equation (g) the metal ion M"* is assumed to be uncomplexed, i.e. in aqueous
solution it is simply present as the hydrated ion. If, however, the solution also
contains substances other than EDTA which can complex with the metal ion,
then the whole of this ion uncombined with EDTA may no longer be present
as the simple hydrated ion. Thus, in practice, the stability of metal-EDTA
complexes may be altered (a) by variation in pH and (b) by the presence of
other complexing agents. The stability constant of the EDTA complex will then
be different from the value recorded for a specified pH in pure aqueous solution;
the value recorded for the new conditions is termed the ‘apparent’ or
‘conditional’ stability constant. It is clearly necessary to examine the eflect of
these two factors in some detail.

(a) pH effect. The apparent stability constant at a given pH may be calculated
from the ratio K/«, where « is the ratio of the total uncombined EDTA (in all
forms) to the form Y*~. Thus K, the apparent stability constant for the
metal-EDTA complex at a given pH, can be calculated from the expression

log Ky = logK —loga (30)

The factor « can be calculated from the known dissociation constants of EDTA,
and since the proportions of the various ionic species derived from EDTA will
be dependent upon the pH of the solution, « will also vary with pH; a plot of
log o« against pH shows a variation of loga=18 at pH=1 to loga =0 at
pH = 12: such a curve is very useful for dealing with calculations of apparent
stability constants. Thus, for example, from Table 2.4, log K of the EDTA
complex of the Pb?* ion is 18.0 and from a graph of log « against pH, it is
found that at a pH of 5.0, log « = 7. Hence from equation (30), at a pH of 5.0
the lead—EDTA complex has an apparent stability constant given by:

log Ky =180-70=11.0

Carrying out a similar calculation for the EDTA complex of the Mg?* ion
(log K = 8.7), for the same pH (5.0), it is found:

log K ;(Mg(II)— EDTA) = 87— 7.0 = 1.7

These results imply that at the specified pH the magnesium complex is
appreciably dissociated, whereas the lead complex is stable, and clearly titration
of an Mg(il) solution with EDTA at this pH will be unsatlslact()ry, but titration
of the lead solution under the same conditions will be quite feasible. In practice,
for a metal ion to be titrated with EDTA at a stipulated pH the value of log K
should be greater than 8 when a metallochromic indicator is used.

As indicated by the data quoted in the previous section, the value of log
is small at high pH values, and it therefore follows that the larger values of
log K are found with increasing pH. However, by increasing the pH of the
solution the tendency to form slightly soluble metailic hydroxides is enhanced
owing to the reaction:

(MY)"~%* + nOH™ = M(OH), + Y*~
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The extent of hydrolysis of (MY )"~ ** depends upon the characteristics of the
metal ion, and is largely controlled by the solubility product of the metallic
hydroxide and, of course, the stability constant of the complex. Thus iron(III)
is precipitated as hydroxide (K, =1 x 10~ 36) in basic solution, but nickel{II),
for which the relevant solubility product is 6.5 x 10~ '® remains complexed.
Clearly the use of excess EDTA will tend to reduce the effect of hydrolysis in
basic solutions. It follows that for each metal ion there exists an optimum pH

which will give rise to a maximum value for the apparent stability constant.

(b) The effect of other complexing agents. If another complexing agent (say
NH,)is also present in the solution, then in equation (g) [M"* ] will be reduced
owing to complexation of the metal ions with ammonia molecules. It is
convenient to indicate this reduction in effective concentration by introducing
a factor B, defined as the ratio of the sum of the concentrations of all forms of
the metal ion not complexed with EDTA to the concentration of the simple
(hydrated) ion. The apparent stability constant of the metal-EDTA complex,
taking into account the effects of both pH and the presence of other complexing
agents, 1s then given by:

log Ky; = log K —log o —log . (31)

2.28 ELECTRODE POTENTIALS

When a metal is immersed in a solution containing its own ions, say, zinc in
zinc sulphate solution, a potential difference is established between the metal
and the solution. The potential difference E for an electrode reaction

M* 4+ ne=M

is given by the expression:
RT
E = Ee+n—FlnaM“ (32)

where R is the gas constant, T is the absolute temperature, F the Faraday
constant, n the charge number of the ions, ay.. the activity of the ions in the
solution, and E® is a constant dependent upon the metal. Equation (32) can
be simplified by introducing the known values of R and F, and converting
natural logarithms to base 10 by multiplying by 2.3026; it then becomes:

0.0001984T
E=E°+————logay.-
n
For a temperature of 25°C (T = 298K)
0.0591
E = E‘e + log aMn+ (33)

For many purposes in quantitative analysis, it is sufficiently accurate to replace
ape+ by ¢y, the 10n concentration (in moles per litre):

g gy 00591

log cpr+ (34)
The latter is a form of the Nernst equation.
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If in equation (33), ay.- is put equal to unity, E is equal to E®. E® is called
the standard electrode potential of the metal; both E and E® are expressed in
volts.

=1 ’)“A b2
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solution, it is necessary to have another electrode and solution of accurately
known potential difference. The two electrodes can then be combined to form
a voltaic cell, the e.m.f. of which can be directly measured. The e.m.f. of the cell
is the difference of the electrode potentials at zero current; the value of the
unknown potential can then be calculated. The primary reference electrode 1s
the normal or standard hydrogen electrode (see also Section 15.2). This consists
of a piece of platinum foil, coated electrolytically with platinum black, and
immersed in a solution of hydrochloric acid containing hydrogen ions at unit
activity. (This corresponds to 1.18 M hydrochloric acid at 25 °C.) Hydrogen gas
at a pressure of one atmosphere is passed over the platinum foil through the
side tube C (Fig. 2.2) and escapes through the small holes B in the surrounding
glass tube A. Because of the periodic formation of bubbles, the level of the liquid
inside the tube fluctuates, and a part of the foil is alternately exposed to the
solution and to hydrogen. The lower end of the foil is continuously immersed
in the solution to avoid interruption of the electric current. Connection between
the platinum foil and an external circuit is made with mercury in D. The platinum
black has the property of adsorbing large quantities of atomic hydrogen, and
it permits the change from the gaseous to the ionic form and the reverse process
to occur without hindrance; it therefore behaves as though it were composed
entirely of hydrogen, that is, as a hydrogen electrode. Under fixed conditions,
viz. hydrogen gas at atmospheric pressure and unit activity of hydrogen ions
in the solution in contact with the electrode, the hydrogen electrode possesses
electrode is equal to zero at all temperatures. Upon connecting the standard
hydrogen electrode with a metal electrode consisting of a metal in contact with
a solution of its ions of unit activity and measuring the cell e.m.f. the standard
electrode potential of the metal may be determined. The cell is usually written as

Pt,H,|H*(a = NiM"*(a = 1)|M

D

C A
H2 i
A
1 || [Ee——=]
h'c,: — 5 —
= — - —
o o — —
—B Zay=12]
===

Fig. 2.2
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In this scheme, a single vertical line represents a metal—electrolyte boundary at
which a potential difference is taken into account: the double vertical broken
lines represent a liquid junction at which the potential is to be disregarded or
is considered to be eliminated by a salt bridge.

When reference is made to the electrode potential of a zinc electrode, it is
the e.m.f. of the cell:

Pt,H,|H*(a = 1){Zn?*|Zn
or the e.m.f. of the half-cell Zn?*|Zn which is meant. The cell reaction is:
H, +Zn?>" - 2H*(a = 1)+ Zn
and the half-cell reaction is written as:
Zn** +2e=7n
The electrode potential of the Fe?*,Fe?*|Pt electrode is the e.m.f. of the cell:
Pt,H,|H*(a = 1)ijFe®*,Fe?*|Pt
or the e.m.f. of the half-cell Fe?** Fe?*|Pt. The cell reaction is:
iH, +Fe** » H"(a = 1)+ Fe?*
and the half-cell reaction is written:
Fe’t +e=Fe?*
The convention is adopted of writing all hali-cell reactions as reductions:
M" +ne - M
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When the activity of the ion M"* is equal to unity (approximately true for a
1 M solution), the electrode potential E is equal to the standard potential E®,
Some important standard electrode potentials referred to the standard hydrogen
electrode at 25 °C (in aqueous solution) are collected in Table 2.5.3

Table 2.5 Standard electrode potentials at 25°C

Electrode reaction  E© (volts)  Electrode reaction  E© (volts)
Li* +e=Li ~3.045 T +e="TI —0.336
K*+e=K —2925 Co?* +2¢=Co —-0.277
Ba?* +2¢ =Ba —-290 Ni** +2¢=Ni —0.25
Sr2* 4 2¢ =Sr —2.89 Sn?* 4+ 2¢=S8n —0.136
Calt +2¢=Ca —2.87 Pb2*t 1+ 2=Pb —0.126
Na* +e¢=Na —-2.714 2H* +2e=H, 0.000
Mg?* +2e=Mg —2.37 Cu?* +2e=Cu +0.337
AP+ 4 3e = Al —1.66 Hg?* +2e=Hg  +0.789
Mn?* 4+ 2e = Mn —1.18 Agt +e=Ag +0.799
Zn?* 4 2e=17n -0.763 Pd?* +2e=Pd +0.987
Fe?t 3 2e=Fe —0.440 Pt2*t +2e =Pt +1.2
Cd?* +2e=Cd —0.403 Au*t 4+ 3e=Auy +1.50

It may be noted that the standard hydrogen electrode is rather difficult to
manipulate. In practice, electrode potentials on the hydrogen scale are usually
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CONCENTRATION CELLS 2.29

determined indirectly by measuring the e.m.f. of a cell formed from the electrode
in question and a convenient reference electrode whose potential with respect
to the hydrogen electrode is accurately known. The reference electrodes generally
used are the calomel electrode and the silver—siiver chloride electrode (see
Sections 15.3—4).

When metals are arranged in the order of their standard electrode potentials,
the so-called electrochemical series of the metals is obtained. The greater the
negative value of the potential, the greater is the tendency of the metal to pass
into the ionic state. A metal will normally displace any other metal below it in
the series from solutions of its salts. Thus magnesium, aluminium, zinc, or iron
will displace copper from solutions of its salts; lead will displace copper, mercury,
or silver; copper will displace silver.

The standard electrode potential is a quantitative measure of the readiness
of the element to lose electrons. It is therefore a measure of the strength of the
element as a reducing agent in aqueous solution; the more negative the potential
of the element, the more powerful is its action as a reductant.

Tt mangt h mnhaciced that gtandard alectrad 1
It must be emphasised that standard electrode potential values

equilibrium condition between the metal electrode and the solution. Potentials
determined under, or calculated for, such conditions are often referred to as
‘reversible electrode potentials’, and it must be remembered that the Nernst
equation is only strictly applicable under such conditions.

2.29 CONCENTRATION CELLS

An electrode potential varies with the concentration of the ions in the solution.
Hence two electrodes of the same metal, but immersed in solutions containing
different concentrations of its ions, may form a cell. Such a cell is termed a
concentration cell. The e.m.f. of the cell will be the algebraic difference of the
two potentials, if a salt bridge be inserted to eliminate the liquid—liquid junction
potential. It may be calculated as follows. At 25°C:

0.0591 0.059
E = logc1+E9—( 1logc2~+—E9)
05
= 00591 logc—l, where ¢; > ¢,
n c,

As an example consider the cell:

- +
AgNO . " AgNO .
Ag : E 3 aq i +g 3 4q Ag
[Ag™] = 0.00475Mi[Ag™ ] = 0.043M
«— —
E, E,

Assuming that there is no potential difference at the liquid junction:

_ 00591, 0043
=71 °%000475

E=E, —E, = 0.056 volt
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2.30 CALCULATION OF THE e.m.f. OF A VOLTAIC CELL

An interesting application of electrode potentials is to the calculation of the
e.m.f. of a voltaic cell. One of the simplest of galvanic cells is the Daniell cell.
It consists of a rod of zinc dipping into zinc sulphate solution and a strip of
copper in copper sulphate solution; the two solutions are generally separated
by placing one inside a porous pot and the other in the surrounding vessel. The
cell may be represented as:

Zn|ZnS0O,aq. iCuS0O aq.|Cu

At the zinc electrode, zinc ions pass into solution, leaving an equivalent negative
charge on the metal. Copper ions are deposited at the copper electrode, rendering
it positively charged. By completing the external circuit, the current (electrons)
passes from the zinc to the copper. The chemical reactions in the cell are as
follows:

(a) zinc electrode: Zn = Zn?* + 2e;

(hY rAannar alantradas p|12+ l Vo — My
\U} UUPPUI vivivil UL« U e ~— U

The net chemical reaction is:
Zn + Cu?* = Zn** +Cu

The potential difference at each electrode may be calculated by the formula
given above, and the e.m.f. of the cell is the algebraic difference of the two
potentials, the correct sign being applied to each.

As an example we may calculate the e.m.f. of the Daniell cell with molar
concentrations of zinc ions and copper(II) ions:

E = ER,— EZ, = +034—(—076) = 1.10 volts
The small potential difference produced at the contact between the two solutions
(the so-called liquid—junction potential) is neglected.

231 OXIDATION—REDUCTION CELLS

Reduction is accompanied by a gain of electrons, and oxidation by a loss of
electrons. In a system containing both an oxidising agent and its reduction
product, there will be an equilibrium between them and electrons. If an inert
electrode, such as platinum, is placed in a redox system, for example, one
containing Fe(III) and Fe(II) ions, it will assume a definite potential indicative
of the position of equilibrium. If the system tends to act as an oxidising agent,
then Fe®** — Fe2* and it will take electrons from the platinum, leavmg the latter
positively charged; if, however, the system has reducmg properties (Fe** - Fe™),
electrons will be given up to the metal, which will then acquire a negative charge.
The magnitude of the potential will thus be a measure of the oxidising or
reducing properties of the system.

To obtain comparative values of the ‘strengths’ of oxidising agents, it is
necessary, as in the case of the electrode potentials of the metals, to measure
under standard experimental conditions the potential difference between the
platinum and the solution relative to a standard of reference. The primary
standard is the standard or normal hydrogen electrode (Section 2.28) and its
potential is taken as zero. The standard experimental conditions for the redox
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CALCULATION OF THE STANDARD REDUCTION POTENTIAL 232

system are those in which the ratio of the activity of the oxidant to that of the
reductant is unity. Thus for the Fe** — Fe?* electrode, the redox cell would be:

The potential measured in this way is called the standard reduction potential.
A selection of standard reduction potentials is given in Table 2.6.

The standard potentials enable us to predict which ions will oxidise or reduce
other ions at unit activity (or molar concentration). The most powerful oxidising
agents are those at the upper end of the table, and the most powerful reducing
agents at the lower end. Thus permanganate ion can oxidise Cl~ .17, Fe?*
and [ Fe(CN)4]*; Fe** can oxidise H;AsO, and I~ but not Cr20-2, or Cl~
It must be emphasised that for many oxidants the pH of the medium is of great
importance, since they are generally used in acidic media. Thus in measuring
the standard potential of the MnO; —-Mn?* system; MnO; +8H™ + Se =
Mn2* + 4H,0, it is necessary to state that the hydrogen-ion activity is unity;
this ieads to E€ = + 1.52 volts. Similarly, the value of E® for the Cr,O3 ™ -Cr?”*
system is + 1.33 volts. This means that the MnO; —~Mn?* system is a better
oxidising agent than the Cr,027 -Cr?®* system. Since the standard potentials
for C1,-2C1~ and Fe®**-Fe?* systems are + 1.36 and 0.77 volt respectively,
permanganate and dichromate will oxidise Fe(II) ions but only permanganate
will oxidise chloride ions; this explains why dichromate but not permanganate
(except under very special conditions) can be used for the titration of Fe(II) in
hydrochloric acid solution. Standard potentials do not give any information as
to the speed of the reaction: in some cases a catalyst is necessary in order that
the reaction may proceed with reasonable velocity.

Standard potentiais are determined with fuil consideration of activity effects,
and are really limiting values, They are rarely, if ever, observed directly in a
potentiometric measurement. In practice, measured potentials determined
under defined concentration conditions (formal potentials) are very useful for
predicting the possibilities of redox processes. Further details are given in
Section 10.90.

2.32 CALCULATION OF THE STANDARD REDUCTION POTENTIAL

A reversible oxidation-reduction system may be written in the form
Oxidant + ne == Reductant

or

Ox + ne — Red

(oxidant = substance in oxidised state, reductant = substance in reduced state).
The electrode potential which is established when an inert or unattackable
electrode is immersed in a solution containing both oxidant and reductant is
given by the expression:

RT
E, = E® 4 —~pdo
nF  ageq

where E; is the observed potential of the redox electrode at temperature T
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Table 2.6 Standard reduction potentials at 25°C

Half-reaction E®, volts
F,+ 2= 2F- +2.65
S,08™ + 26 =2803" +2.01
Co?" fe= Co?* +182
Pb** 4 2e = Pb2+ +1.70
MnO; +4H* 4+ 3e = MnO, + 2H,0 +1.69
Ce?* 4+ e = Ce** (nitrate medium) +1.61
BrO; + 6H" + 5¢ = $Br, + 3H,0 +1.52
MnO; +8H™* +5e=Mn?* +4H,0 +1.52
Ce** + e= Ce?* (sulphate medium) +1.44
Cl, +2e=2CI" +1.36
Cr,02” 4+ 14H* + 6e = 2Cr?** +7H,0 +1.33
T +2e =TI +1.25
MnO, +4H" 4+ 2¢ = Mn** 4+ 2H,0 +1.23
O, +4H" +4e = 2H,0 +1.23
107 +6H* + 5e =3I, 4+ 3H,0 +1.20
Br, +2¢e = 2Br~ +1.07
HNO,+H" +e = NO + H,0 +1.00
NO; +4H"* + 3e == NO 4+ 2H,0 +0.96
2Hg?* + 2e = Hg?* +0.92
ClO™ +H,0 +2e=Cl~ +20H" +0.89
Cu?* +17 +e=Cul +0.86
Hgi* +2e = 2Hg +0.79
Fe3* + e = Fe?* +0.77
BrO”™ +H,0+2e=Br  +20H" +0.76
BrO; +3H,0+6e=Br~ +60H" +0.61
MnOZ~ +2H,0 + 2¢ = MnO, + 40H " +0.60
MnO, +e=MnO;" +0.56
H,AsO, + 2H* + 2¢ = H,AsO, + H,0 +0.56
Cu?* 4+ C17 e = Cull +0.54
I, +2e=20" +0.54
IO"+H,04+2e=1" +20H" +0.49
[Fe(CN), 1~ +e < [Fe(CN)g]*" +0.36
UO32* +4H* 4+ 2e == U** + 2H,0 +0.33
10; +3H, 0+ 6e=1" +60H" +0.26
Cu?t 4+e=Cu* +0.15
Sn*t 4 2e == Sn?* +0.15
TiO** +2H* 4+ e=Ti** + H,0 +0.10
S,027 +2e=128,02" +0.08
JH* +2e=H, 0.00
V3t pem V2 —-0.26
Cr3* 4 e=Cr?* —041
Bi(OH), + 3e = Bi + 30H"~ —0.44
Fe(OH), + ¢ = Fe(OH), + OH " ~0.56
Ut +e== U3 —0.61
AsO3™ +3H,0 + 2e = H,AsO; + 40H " —0.67
[Sn(OH)g]* ™ +2¢ = [HSnO,] +H,0 +30H~  —090
[Zn(OH),]? " + 2e=Zn + 4OH" -1.22
{H;AIO;]" + H,O + 3e = Al + 4OH"~ —2.35

relative to the standard or normal hydrogen electrode taken as zero potential,
E® is the standard reduction potential,* n the number of electrons gained by

* E© is the value of E; at unit activities of the oxidant and reductant. If both activities are variable,
e.g. Fe®* and Fe?*, E® corresponds to an activity ratio of unity.
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the oxidant in being converted into the reductant, and ag, and ag.4 are the
activities of the oxidant and reductant respectively.
Since activities are often difficult to determine directly, they ma y be replaced
P S S 1y ) R PG |- PR "t p

Uy COMCeIir dllUllb, LllC Cliul l.LlClCU_Y l[lll UUULCU lb ubudli_y Ul 11U gre
The equation therefore becomes:

RT, cq
E,=E°+—In—

nF  Cgreg
Substituting the known values of R and F, and changing from natural to common
logarithms, at a temperature of 25 °C (T = 298K):

0.0591 Ox
Ezs- == Ee'{" 1 [ ]

n [Red]

If the concentrations (or, more accurately, the activities) of the oxidant and
reductant are equal, E,;.= E®, i.e. the standard reduction potential. It follows
from this expression that, for example, a ten-fold change in the ratio of the
concentrations of the oxidant to the reductant will produce a change in the
potential of the system of 0.0591/n voits.

2.33 EQUILIBRIUM CONSTANTS OF OXIDATION—REDUCTION REACTIONS

The general equation for the reaction at an oxidation—reduction electrode may
be written:

pA+qB+rC .Ane=sX+tY+uZ+ ...

where a refers to activities, and n to the number of electrons involved in the
oxidation—-reduction reaction. This expression reduces to the following for a
temperature of 25 °C (concentrations are substituted for activities to permit
ease of application in practice):

E—E°4 0.0591 log cR.ck.ci...
n cx.cy.cy...

It 1s, of course, possible to calculate the influence of the change of concentration
of certain constituents of the system by the use of the latter equation. Consider,
for example, the permanganate reaction:

MnO; +8H™* + Se=Mn?* +4H,0
0.0591  [MnO;]x[H"*]®

E = E°® 1
TS BT (M ]

(at 25°C)

The concentration {(or activity) of the water is taken as constant, since it is
assumed that the reaction takes place in dilute solution, and the concentration
of the water does not change appreciably as the result of the reaction. The
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2 FUNDAMENTAL THEORETICAL PRINCIPLES OF REACTIONS IN SOLUTION

equation may be written in the form:

00591 [MnO;] 00591
t s Og[Mn2+1 5

;;;;; 1 ~

E = E® log[H*]®

This enables us to calculate the effect of change in the ratio [MnQO; ]/[Mn?*]
at any hydrogen ion concentration, other factors being maintained constant. In
this system, however, difficulties are experienced in the calculation owing to the
fact that the reduction products of the permanganate ion vary at different
hydrogen ion concentrations. In other cases no such difficulties arise, and the
calculation may be employed with confidence. Thus in the reaction:

H,AsO, + 2H* + 2¢ = H,AsO, + H,0
00591 [H;AsO,]x [H*]?
2 %8 [H,AsO,]

0.0591 H;A 0.0591
or E=E°+ 059 logE,f‘SO'*] +—

2 [H;AsO;]

E=E®°+

(at 25°C)

log[H*]?

It is now possible to calculate the equilibrium constants of oxidation-reduction
reactions, and thus to determine whether such reactions can find application in
quantitative analysis. Consider first the simple reaction:

Cl, + 2Fe?* = 2C1~ + 2Fe?*

The equilibrium constant is given by:
[Cl~]?>x [Fe?**]?
[Cl,1 = [Fe?"]?
The reaction may be regarded as taking place in a voltaic cell, the two half-cells
being a Cl,,2C1~ system and a Fe®* Fe®* system. The reaction is allowed to

proceed to equilibrium, and the total voltage or e.m.f. of the cell will then be zero,
i.e. the potentials of the two electrodes will be equal:

0.0591 [Cl,] 0.0591 [Fe3*]
E8152CI' + 2 log[cl —2]2 = E%”,Fe“ + 1 log[FeZ+]
Now E§ - =1.36 volts and ER;. ... = 0.75 volt, hence
[Fe3*t]2 x[C1~]? 06l
[Fe2*12 x [Cl,]  0.02965
or K=47x10%

The large value of the equilibrium constant signifies that the reaction will proceed
from left to right almost to completion, i.e. an iron(II) salt is almost completely
oxidised by chlorine.

Consider now the more complex reaction:

MnO, + 5Fe?* + 8H* = Mn?* + 5Fe** +4H,0
The equilibrium constant K is given by:
B ‘[Mn2+] x [Fe3+]5
[MnO; ] x [Fe?*]> x[H*]®

=K

log = 20.67 = logK
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The term 4H, O is omitted, since the reaction is carried out in dilute solution,
and the water concentration may be assumed constant. The hydrogen ion
concentration is taken as molar. The complete reaction may be divided into

[ R P R

two [ldll bCii lCdbllUﬂb LUITCprﬂ(.lng to [ne partlal equauons
MnO, +8H™* + 5S¢ = Mn?** +4H,0 (35)
and Fe’* =Fe3* +e (36)
For (35) as an oxidation-reduction electrode, we have:

0.0591 . [MnO_ ]x[H*]®

— F©
E + 5 log [Ml‘l2+]
00591, [MnO;]x[H*"]®
= 1.52
+ 5 log [Mn2+]

The partial equation (36) may be multiplied by 5 in order to balance (35)
electrically:

5Fe®* = SFe3* 4 Se (37)
For (37) as an oxidation-reduction electrode:
0.0591 [Fe3*]? 0.0591  [Fe3*]°®
= E© = 0.
+ 5 og[Fez+]5 0.77 + 5 log[Fez+Js

Combining the two electrodes into a cell, the e.m.f. will be zero when equilibrium
1s attained, l.e.

0.0591 [MnO;]x[H*]® 0.0591 [Fe®*]>
152+ " logm——t1 2t 2 1 0774 logi—srazs
S [IEAZ S Y I 5 Lre 1

[Mn?*] x [Fe**]? _5(1.52-0.77)
[MnO;]x[Fe?*]°x[H*]® = 0.0591
B [Mn2+]X[Fe3+]5

" [MnO; ] x[Fe**]*x[H"]®

This result clearly indicates that the reaction proceeds virtually to completion.
It is a simple matter to calculate the residual Fe(Il) concentration in any
particular case. Thus consider the titration of 10 mL of a 0.1 M solution of
iron(II) ions with 0.02M potassium permanganate in the presence of hydrogen
ions, concentration 1 M. Let the volume of the solution at the equivalence pomt
be 100 mL. Then [Fe?*]=0.01 M since it is known that the reaction is
practically complete, [Mn?*] =1 x [Fe3*]1=0.002M, and [Fe?*]=x. Let
the excess of permanganate solution at the end-point be one drop or 0.05 mL;
its concentration will be 0.05 x 0.1/100 =5 x 10~ > M = [MnQO] ]. Substituting
these values in the equation:
(2 x 10~ 3)><(1>< 107%)°

1073 x x% x 18
or x=[Fe?*]=58x10"'""molL"!

It is clear from what has already been stated that standard reduction potentials
may be employed to determine whether redox reactions are sufficiently complete

= 63.5

or log

= 3 x 1063

K = = 3 x 10°3
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for their possible use in quantitative analysis. It must be emphasised, however,
that these calculations provide no information as to the speed of the reaction,
upon which the application of that reaction in practice will ultimately depend.

This question must form the basis of a separate experimental study, which may

include the investigation of the influence of temperature, variation of pH and
of the concentrations of the reactants, and the influence of catalysts. Thus,
theoretically, potassium permanganate should quantitatively oxidise oxalic acid
in aqueous solution. It is found, however, that the reaction is extremely slow
at the ordinary temperature, but is more rapid at about 80 °C, and also increases
in velocity when a little manganese(1I) ion has been formed, the latter apparently
acting as a catalyst.

It is of interest to consider the calculation of the equilibrium constant of the
general redox reaction, Viz.:

a Ox; + b Red; = b Oxy + a Red,

The complete reaction may be regarded as composed of two oxidation—reduction
electrodes. a Ox,, a Red; and b Oxy, b Red; combined together into a cell; at
equilibrium, the potentials of both electrodes are the same:

00591 [Ox]"

E, = E?
! o+ Og[Red,]"
0.0591 [Oxy]?

_ o
E, =E5+ - Og[Red"]”

At equilibrium, E; = E,, and hence:
0.0591 [Ox]* o, 00591 [Ox,]°

E? + log = ES + log
n [Red,]" n [Red,]°
[Oxy]® x [Red,]* n s
= =_ - (ES—E®
or logrp i T x [Ox,° _ 08K = gosor (ET ~£2)

This equation may be employed to calculate the equilibrium constant of any
redox reaction, provided the two standard potentials E¥ and E§ are known;
from the value of K thus obtained, the feasibility of the reaction in analysis may
be ascertained.

It can readily be shown that the concentrations at the equivalence point,
when equivalent quantities of the two substances Ox; and Red,; are allowed to
react, are given by:

[Red,;] _ [Ox[l] . (HH:/E
[Ox(] [Redy]
This expression enables us to calculate the exact concentration at the equivalence

point in any redox reaction of the general type given above, and therefore the
feasibility of a titration in quantitative analysis.

For References and Bibliography see Sections 3.38 and 3.39,
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3.1 INTRODUCTION

In this chapter the more important basic techniques and the apparatus
commonly used in analytical operations will be described. It is essential that
lﬂC UCg]Hﬂer SrlOIJlU Decomc ldmllldr wun Lﬂese prOCCUUICb, d.IlU d.lSO achire
dexterity in handling the various pieces of apparatus. The habit of clean, orderly
working must also be cultivated, and observance of the following points will

be helpful in this direction.

1. The bench must be kept clean and a bench-cloth must be available so that
any spillages of solid or liquid chemicals (solutions) can be removed
immediately.

2. All glassware must be scrupulously clean (see Section 3.8), and if it has been
standing for any length of time, must be rinsed with distilled or de-ionised
water before use. The outsides of vessels may be dried with a lint-free
glass-cloth which is reserved exclusively for this purpose, and which is
frequently laundered, but the cloth should not be used on the insides of the
vessels.

3. Under no circumstances should the working surface of the bench become
cluttered with apparatus. All the apparatus associated with some particular
operation should be grouped together on the bench; this is most essential to
avoid confusion when duplicate determinations are in progress. Apparatus
for which no further immediate use is envisaged should be returned to the
locker, but if it will be needed at a later stage, it may be placed at the back
of the bench.

4. If a solution, precipitate, filtrate, etc., is set aside for subsequent treatment,
the container must be labelled so that the contents can be readily identified,
and the vessel must be suitably covered to prevent contamination of the
contents by dust: in this context, bark corks are usually unsuitable; they
invariably tend to shed some dust. For temporary labelling, a ‘Chinagraph’
pencil or a felt tip pen which will write directly on to glass is preferable to
the gummed labels which are used when more permanent labelling is required.

5. Reagent bottles must never be allowed to accumulate on the bench; they
must be replaced on the reagent shelves immediately after use.

6. Itshould be regarded as normal practice that all determinations are performed
in duplicate.

7. A stiff covered notebook of A4 size must be provided for recording
experimental observations as they are made. A double page should be devoted
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to each determination, the title of which, together with the date, must be
clearly indicated. One of the two pages must be reserved for the experimental
observations, and the other should be used for a brief description of the

procedure followed, but with a full account of any special features associated

with the determination, In most cases it will be found convenient to divide
the page on which the experimental observations are to be recorded into two
halves by a vertical line, and then to halve the right-hand column thus created
with a second vertical line. The left-hand side of the page can then be used
to indicate the observations to be made, and the data for duplicate
determinations can be recorded side by side in the two right-hand columns.

The record must conclude with the calculation of the result of the analyses,
and in this connection the equation(s) for the principal chemical reaction(s)
involved in the determination should be shown together with a clear
exposition of the procedure used for calculating the result. Finally, appropriate
comments should be made upon the degree of accuracy and the precision
achieved.

Many modern instruments used in the analytical laboratory are interfaced
with a computer and a printer provides a permanent record of the
experimental data and the final result may even be given. This printout should
be permanently attached to the observations page of the laboratory record
book, and it should be regarded as normal practice to perform a ‘rough’
calculation to confirm that the printed result is of the right order.

8. Safety procedures must be observed in the laboratory at all times. Many
chemicals encountered in analysis are poisonous and must be carefully
handled. Whereas the dangerous properties of concentrated acids and of
widely recognised poisons such as potassium cyanide are well known, the
dangers associated with organo-chlorine solvents, benzene and many other
chemicals are less apparent,

Many operations involving chemical reactions are potentially dangerous,
and in such cases recommended procedures must be carefully followed and
obeyed. All laboratory workers should familiarise themselves with local safety
requirements (in some laboratories, the wearing of safety spectacles may be
compulsory), and with the position of first-aid equipment,

For further guidance it is recommended that some study should be made
of books devoted to hazards and safe practices in chemical laboratories.
Some institutions and organisations issue booklets dealing with these matters
and further information will be found in citations 1217 of the Bibliography,
Section 3.39.

BALANCES
32 THE ANALYTICAL BALANCE

One of the commonest procedures carried out by the analyst is the measurement
of mass. Many chemical analyses are based upon the accurate determination
of the mass of a sample, and that of a solid substance produced from it
(gravimetric analysis), or upon ascertaining the volume of a carefully prepared
standard solution (which contains an accurately known mass of solute) which
is required to react with the sample (titrimetric analysis). For the accurate
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measurement of mass in such operations, an analytical balance is employed;
the operation is referred to as weighing, and invariably reference is made to the
weight of the object or material which is weighed.

1 t ~f hiant 1o tha T f ott 1
The weight of an object is the force of attraction

exerted upon the object:

Ana t~ gravi
uuv Ly Ela\'l

W = mg

where w is the weight of the object, m its mass, and g is the acceleration due
to gravity. Since the attraction due to gravity varies over the earth’s surface
with altitude and also with latitude, the weight of the object is variable, whereas
its mass is constant. It has however become the custom to employ the term
‘weight’ synonymously with mass, and it is in this sense that ‘weight’ is employed
in quantitative analysis.

The analytical balance is thus one of the most important tools of the analytical
chemist, and it is one which of recent years has undergone radical changes.
These changes have been prompted by the desire to produce an instrument
which is more robust, less dependent upon the experience of the operator, less
susceptible to the environment, and above all, one which will hasten the weighing
operation. In meeting these requirements, the design of the balance has been
fundamentally altered, and the conventional free-swinging, equal-arm, two-pan
chemical balance together with its box of weights is now an uncommon sight.

An important development was the replacement of the two-pan balance with
its three knife edges by a two-knife single-pan balance. In this instrument one
balance pan and its suspension is replaced by a counterpoise, and dial-operated
ring weights are suspended from a carrier attached to the remaining pan support:
see Fig. 3.1. In this system all the weights are permanently in position on the
carrier when the beam is at rest, and when an object to be weighed is placed
upon the balance pan, weights must be removed from the carrier to compensate
for the weight of the object. Weighing is completed by allowing the beam to
assume its rest position, and then reading the displacement of the beam on an
optical scale which is calibrated to read weights below 100 mg. Weighing is thus
accomplished by substitution; many such manually operated balances are still
in service in analytical laboratories.

i ii—DiaI—operaled weights

] ﬁ]\ﬁ i Graticule

Fig. 3.1

The standard modern instrument however is the electronic balance, which
provides convenience in weighing coupled with much greater freedom from
mechanical failure, and greatly reduced sensitivity to vibration. The operations
of selecting and removing weights, smooth release of balance beam and pan
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support, noting the reading of weight dials and of an optical scale, returning
the beam to rest, and replacing weights which have been removed, are eliminated.
With an electronic balance, operation of a single on—off control permits the
operator to read the weight of an object on the balance pan immediately from
a digital display: most balances of this type can be coupled to a printer which
gives a printed record of the weight. The majority of balances incorporate a
tare facility which permits the weight of a container to be balanced out, so that
when material is added to the container, the weight recorded is simply that of
the material used. Many balances of this type incorporate a self-testing system
which indicates that the balance is functioning correctly each time it is switched
on, and also include a built-in weight calibration system. Operation of the
calibration control leads to display of the weight of the standard incorporated
within the balance, and thus indicates whether any correction is necessary. A
more satisfactory calibration procedure is to check the balance readings against
a series of calibrated analytical weights.

Electronic balances operate by applying an electromagnetic restoring force

1 1 heod that wh hiact 1
to the support to which the balance pan is attached, so that when an object is

added to the balance pan, the resultant displacement of the support is cancelled
out. The magnitude of the restoring force is governed by the value of the current
flowing in the coils of the electromagnetic compensation system, and this is
proportional to the weight placed on the balance pan: a microprocessor converts
the value of the current into the digital display in grams.

The balance must of course be protected from draughts and from dust, and
the balance pan is situated within an enclosure provided with glass doors which
can be opened to provide access to the pan. The remainder of the balance,
including the electrical components, is contained in a closed compartment
attachad to the rear of the

man Anrmmaartmont
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Electronic balances are available to cover weight ranges of

up to about 150 g and reading to 0.1 mg (macrobalance),

up to about 30 g and reading to 0.01 mg (semimicro balance),
up to about 20 g and reading to 1 ug (microbalance),

up to 5 g and reading to 0.1 ug (ultramicro balance).

P~

Thus a wide variety of analytical balances is available.

3.3 OTHER BALANCES

For many laboratory operations it is necessary to weigh objects or materials
which are far heavier than the upper weight limit of a macro analytical balance,
or small amounts of material for which it is not necessary to weigh to the limit
of sensitivity of such a balance: this type of weighing is often referred to as a
‘rough weighing’. A wide range of electronic balances is available for such
purposes with characteristics such as, for example,

Maximum capacity Reading to
350 g 001 g
3500 g 01g
6 kg 01g
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With these top pan balances it is not necessary to shield the balance pan from
gentle draughts, and weighings can be accomplished very rapidly and with the
usual facility of the results being recorded with a printer.

3.4 WEIGHTS, REFERENCE MASSES

Although with modern balances it is not necessary to make use of a box of
weights in the weighing process, as indicated in Section 3.2 a set of weights is
desirable for checking the accuracy of a balance.

For scientific work the fundamental standard of mass is the international
prototype kilogram, which i1s a mass of platinum-iridium alloy made in 1887
and deposited in the International Bureau of Weights and Measures near Paris.
Authentic copies of the standard are kept by the appropriate responsible
authorities* in the various countries of the world; these copies are employed
for the comparison of secondary standards, which are used in the calibration
of weights for scientific work. The unit of mass that is almost universally

Pmn]nvpd in laboratory work, however, is the gram, which may be defined as
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the one-thousandth part of the mass of the international prototype kilogram.

An ordinary set of analytical weights contains the following: grams, 100, 50,
30,20, 10, 5, 3, 2, 1; milligrams, 500—100 and 50—10in the same 5, 3, 2, 1 sequence.
The weights from 1 g upwards are constructed from a non-magnetic nickel-
chromium alloy (80% Ni, 20% Cr), or from austenitic stainless steel; plated
brass is sometimes used but is less satisfactory. The fractional weights are made
from the same alloys, or from a non-tarnishable metal such as gold or platinum.
For handling the weights a pair of forceps, preferably ivory-tipped, are provided
and the weights are stored in a box with suitably shaped compartments.

£ A
Anal_yucal ‘v'v’eight.) can be Puluhaaud Whluh have been manufactured to

‘Class A’ standard; this is the only grade of laboratory weights officially
recognised in the United Kingdom. In ‘Class A’ weights the following tolerances
are permitted: 100g, 0.5mg; 50g, 0.25mg; 30g, 0.15mg; 20g, 0.10mg;
10 g—100 mg, 0.05 mg; 50-10mg, 0.02 mg.

The National Bureau of Standards at Washington recognises the following
classes of precision weights:

Class M For use as reference standards, for work of the highest precision,
and where a high degree of constancy over a period of time is
required.

Class S For use as working reference standards or as high-precision
analytical weights,

Class §-1 Precision analytical weights for routine analytical work.

Class J Microweight standards for microbalances.

3.5 CARE AND USE OF ANALYTICAL BALANCES

No matter what type of analytical balance is employed, due attention must be
paid to the manner in which it is used. The following remarks apply particularly
to electronic balances.

*The National Physical Laboratory {NPL)} in Great Britain, the National Bureau of Standards
{NBS) in USA, etc.
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. Never exceed the stated maximum load of the balance.

The balance must be kept clean. Remove dust from the pan and from the
floor of the pan compartment with a camel hair brush.
Objects to be weighed should never be handied with the fingers; aiways use
tongs or a loop of clean paper.
Objects to be weighed should be allowed to attain the temperature of the
balance before weighing, and if the object has been heated, sufficient time
must be allowed for cooling. The time required to attain the temperature of
the balance varies with the size, etc., of the object, but as a rule 30—40 minutes
is sufficient.
No chemicals or objects which might injure the balance pan should ever be
placed directly on it. Substances must be weighed in suitable containers, such
as small beakers, weighing bottles or crucibles, or upon watch glasses. Liquids
and volatile or hygroscopic solids must be weighed in tightly closed vessels,
such as stoppered weighing bottles.

The addition of chemicals to the receptacle must be done outside the

1 1 1 tanla n the
balance case. It is good practice to weigh the chosen receptacle on the

analytical balance, to transfer it to a rough balance, to add approximately
the required amount of the necessary chemical, and then to return the
receptacle to the analytical balance for re-weighing, thus giving the exact
weight of substance taken.

Nothing must be left on the pan when the weighing has been completed. If
any substance is spilled accidentally upon the pan or upon the floor of the
balance compartment, it must be removed at once.

Exposure of the balance to corrosive atmospheres must be avoided.

The actual weighing process will include the following steps.

Brush the balance pan lightly with a camel hair brush to remove any dust,
With the balance at rest, place the object to be weighed, which must be at or
close to room temperature, on the pan, and close the pan compartment case.
Set the on/off control of the balance to the ‘on’ position and record the
weight shown on the digital display: if the balance is linked to a printer,
confirm that the printed result agrees with the digital display. Return the
control to the ‘off” position,

When all weighings have been completed, remove the object which has
been weighed, clear up any accidental spillages, and close the pan compartment.

The above remarks apply particularly to analytical balances of the macrobalance
range; microbalances and ultramicro balances must be handled with special
care, particularly with regard to the temperature of objects to be weighed.

3.6 ERRORS IN WEIGHING

The chief sources of error are the following:

1.

2.
3.

1.
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Change in the condition of the containing vessel or of the substance between
successive weighings.

Effect of the buoyancy of the air upon the object and the weights,

Errors in recording the weights.

The first source of error is occasioned by change in weight of the containing
vessel: (a) by absorption or loss of moisture, (b) by electrification of the



ERRORS IN WEIGHING 3.6

surface caused by rubbing, and (¢) by its temperature being different from
that of the balance case. These errors may be largely eliminated by wiping
the vessel gently with a linen cloth, and allowing it to stand at least 30 minutes
in pr0x1u1uy to the balance before welgmng The electrification, which may
cause a comparatively large error, particularly if both the atmosphere and the
clothare dry, is slowly dissipated on standing; it may be removed by subjecting
the vessel to the discharge from an antistatic gun. Hygroscopic, efflorescent,
and volatile substances must be weighed in completely closed vessels.
Substances which have been heated in an air oven or ignited in a crucible
are generally allowed to cool in a desiccator containing a suitable drying
agent. The time of cooling in a desiccator cannot be exactly specified, since
it will depend upon the temperature and upon the size of the crucible as well
as upon the material of which it is composed. Platinum vessels require a
shorter time than those of porcelain, glass, or silica. It has been customary
to leave platinum crucibles in the desiccator for 20—25 minutes, and crucibles
of other materials for 30—35 minutes before being weighed. It is advisable to

cover crucibles and other open vessels

ML MWL ANAS daiia W HVIL Y WSO WED.

. When a substance is immersed in a fluid, its true weight is diminished by the
weight of the fluid which 1t displaces. If the object and the weights have the
same density, and consequently the same volume, no error will be introduced
on this account. If; however, as is usually the case, the density of the object
is different from that of the weights, the volumes of air displaced by each
will be different. If the substance has a lower density than the weights, as is
usual in analysis, the former will displace a greater volume of air than the
latter, and it will therefore weigh less in air than in a vacuum. Conversely,
if a denser material (e.g. one of the precious metals) is welghed the weight

in varnnm wunill ha lace than tha annarant waiaht 3
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Consider the weighing of 1 litre of water, first in vacue, and then in air.
It is assumed that the flask containing the water is tared by an exactly similar
flask, that the temperature of the air is 20 °C and the barometric pressure is
101325 Pa (760 mm of mercury). The weight of 1 litre of water in vacuo under
these conditions is 998.23 g. If the water is weighed in air, it will be found
that 998.23 g are too heavy. We can readily calculate the difference. The
weight of 1 litre of air displaced by the water is 1.20g. Assuming the
weights to have a density of 8.0, they will displace 998.23/8.0=124.8 mL, or
124.8 x 1.20/1000 = 0.15 g of air. The net difference in weight will therefore
be 1.20 — 0.15 = 1.05 g. Hence the weight in air of 1 litre of water under the
experimental conditions named is 998.23 — 1.05=997.18 g, a difference of
0.1 per cent from the weight in vacuo.

Now consider the case of a solid, such as potassium chloride, under the
above conditions. The density of potassium chloride is 1.99. If 2 g r of the salt
are weighed, the apparent loss in weight (= weight of air dlsplaced) is
2% 0.0012/1.99 =0.0012 g. The apparent loss in weight for the weights is
2x0.0012/8.0=0.00030g. Hence 2g of potassium chloride will weigh
0.0012 — 0.00030=10.00090 g less in air than in vacuo, a difference of
0.05 per cent.

It must be pointed out that for most analytical purposes where it is desired
to express the results in the form of a percentage, the ratio of the weights in
air, so far as solids are concerned, will give a result which is practically the
same as that which would be given by the weights in vacuo. Hence no buoyancy
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correction is necessary in these cases. However, where absolute weights are
required, as in the calibration of graduated glassware, corrections for the
buoyancy of the air must be made (compare Section 3.16). Although an
electronic balance does not employ any weights, the above remarks apply
to weights recorded by the balance because the balance scale will have been
established by reference to metal (stainless steel) weights used in air.

Now consider the general case. It is evident that the weight of an object
in vacuo 1s equal to the weight in air plus the weight of air displaced by the
object minus the weight of air displaced by the weights. It can easily be shown
that if W, = weight in vacuo, W, = apparent weight in air, d, = density of air,
d,, = density of the weights, and d, = density of the body, then:

w, W,
W, = Vl/,,+da(—”——“)

d, d
The density of the air will depend upon the humidity, the temperature, and
the pressure. For an average relative humidity (50 per cent) and average
conditions of temperature and pressure in a laboratory, the density of the
air will rarely fall outside the limits 0.0011 and 0.0013 g mL ™!, It is therefore
permissible for analytical purposes to take the weight of 1 mL of air as
0.0012g.

Since the difference between W, and W, does not usually exceed 1 to

2 parts per thousand, we may write:

w, W,

w

If a substance of density d, weighs W, grams in air, then W,.k milligrams are
to be added to the weight in air in order to obtain the weight in vacuo. The
correction is positive if the substance has a density lower than 8.0, and
negative 1f the density of the substance is greater than 8.0.

3. The correct reading of weights is best achieved by checking weights as they
are added to the balance and as they are removed from the balance. In the
case of electronic balances any digital displays should be read at least twice.

GRADUATED GLASSWARE
3.7 UNITS OF VOLUME

For scientific purposes the convenient unit to employ for measuring reasonably
large volumes of liquids is the cubic decimetre (dm?), or, for smaller volumes,
the cubic centimetre (cm?). For many years the fundamental unit employed was
the litre, based upon the volume occupied by one kilogram of water at 4 °C (the
temperature of maximum density of water): the relationship between the litre
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as thus defined and the cubic decimetre was established as
1 litre = 1.000028 dm?® or 1 millilitre = 1.000028 ¢m?3.
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to accept the term litre as a special name for the cubic decimetre, and to discard
the original definition. With this new meaning of the term litre (L), the millilitre

(mL) and the cubic centimetre {cm?®) are identical.

3.8 GRADUATED APPARATUS

'The most commonly used pieces of apparatus in titrimetric (volumetric) analysis
are graduated flasks, burettes, and pipettes. Graduated cylinders and weight
pipettes are less widely employed. Each of these will be described in turn.

Graduated apparatus for quantitative analysis is generally made to
specification limits, particularly with regard to the accuracy of calibration. In
the United Kingdom there are two grades of apparatus available, designated
Class A and Class B by the British Standards Institution. The tolerance limits
are closer for Class A apparatus, and such apparatus is intended for use in work
of the highest accuracy: Class B apparatus is employed in routine work. In the
United States, specifications for only one grade are available from the National
Bureau of Standards at Washington, and these are equivalent to the British
Class A.

Cleaning of glass apparatus. Before describing graduated apparatus in detail,
reference must be made to the important fact that all such glassware must be
perfectly clean and free from grease, otherwise the results will be unreliable.
One test for cleanliness of glass apparatus is that on being filled with distilled
water and the water withdrawn, only an unbroken film of water remains. If the
water collects in drops, the vessel is dirty and must be cleaned. Various methods
are available for cleaning glassware.

Many commercially available detergents are suitable for this purpose, and
some manufacturers market special formulations for cleaning laboratory
glassware; some of these, e.g. ‘Decon 90’ made by Decon Laboratories of
Portslade, are claimed to be specially effective in removing contamination due
to radioactive materials.

‘Teepol’ is a relatively mild and inexpensive detergent which may be used
for cleaning glassware. The laboratory stock solution may consist of a 10 per
cent solution in distilled water. For cleaning a burette, 2 mL of the stock solution
diluted with 50 mL of distilled water are poured into the burette, allowed to stand
for 3 to 1 minute, the detergent run off, the burette rinsed three times with tap
water, and then several times with distilled water. A 25 mL pipette may be
similarly cleaned using 1 mL of the stock solution diluted with 25-30 mL of
distilled water.

A method which is frequently used consists in filling the apparatus with
‘chromic acid cleaning mixture’ (CARE), a nearly saturated solution of
powdered sodium dichromate or potassium dichromate in concentrated sulphuric
acid, and allowing it to stand for several hours, preferably overnight; the acid
is then poured off, the apparatus thoroughly rinsed with distilled water, and
allowed to drain until dry. [It may be mentioned that potassium dichromate
is not very soluble in concentrated sulphuric acid (about 5 g per litre), whereas
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sodium dichromate (Na,Cr,0,,2H,0) is much more soluble (about 70 g per
litre); for this reason, as well as the fact that it is much cheaper, the latter is usually
preferred for the preparation of ‘cleaning mixture’. From time to time it is
dUVldelC to [l.lLCl l,llC bUUlUIIl Ulbllfomalc 5u1puuflc a.ClU lIlll&lU[C Lllfougll da
little glass wool placed in the apex of a glass funnel: small particles or sludge,
which are often present and may block the tips of burettes, are thus removed.
A more efficient cleaning liquid is a mixture of concentrated sulphuric acid and
fuming nitric acid; this may be used if the vessel is very greasy and dirty, but
must be handled with extreme caution.

A very effective degreasing agent, which it is claimed is much quicker-acting
than ‘cleaning mixture’ is obtained by dissolving 100 g of potassium hydroxide
in 50 mL of water, and after cooling, making up to 1 litre with industrial
methylated spirit.®*

3.9 TEMPERATURE STANDARD

The capacity of a glass vessel varies with the temperature, and it is therefore
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necessary to define the temperature at which its capacity is intended to be
correct: in the UK a temperature of 20 °C has been adopted. A subsidiary
standard temperature of 27 °C is accepted by the British Standards Institution,
for use in tropical climates where the ambient temperature is consistently above
20°C. The US Bureau of Standards, Washington, in compliance with the view
held by some chemists that 25°C more nearly approximates to the average
laboratory temperature in the United States, will calibrate glass volumetric
apparatus marked either 20°C or 25°C.

Taking the coefficient of cubical expansion of soda glass as about 0.000 030
and of borosilicate glass about 0.000 010 per 1 °C, Part A of Table 3.1 gives the
correction to be added when the sign is +, or subtracted when the sign is —,
to or from the capacity of a 1000 mL flask correct at 20°C in order to obtain
the capacity at other temperatures.

In the use of graduated glassware for measurement of the volume of liquids,
the expansion of the liquid must also be taken into consideration if temperature
corrections are to be made. Part B of Table 3.1 gives the corrections to be added
or subtracted in order to obtain the volume occupied at 20 °C by a volume of
water which at the tabulated temperature is contained in an accurate 1000 mL
flask having a standard temperature of 20 °C. It will be seen that the allowance
for the expansion of water is considerably greater than that for the expansion

Table 3.1 Temperature correctious for a 1 L graduated flask

Temperature (°C) (A) Expansion of giass {B) Expansion of water
Correction (mL) Correction (mL)
Soda glass Borosilicate glass  Soda glass Borosilicate glass
5 —0.39 —0.15 +1.37 +1.61
10 —026 —0.10 +1.24 +1.40
15 —0.13 —0.05 +0.77 +0.84
20 0.00 0.00 0.00 0.00
25 +0.13 +0.05 —1.03 —1.11
30 +0.26 +0.10 —2.31 —2.46
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of the glass. For dilute (e.g. 0.1 M) aqueous solutions, the corrections can be
regarded as approximately the same as for water, but with more concentrated
solutions the correction increases, and for non-aqueous solutions the corrections
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3.10 GRADUATED FLASKS

A graduated flask (known alternatively as a volumetric flask or a measuring
flask), is a flat-bottomed, pear-shaped vessel with a long narrow neck. A thin
line etched around the neck indicates the volume that it holds at a certain
definite temperature, usually 20 °C (both the capacity and temperature are
clearly marked on the flask); the flask is then said to be graduated to contain.
Flasks with one mark are always taken to contain the volume specified. A flask
may also be marked to deliver a specified volume of liquid under certain definite
conditions; these are, however, not suitable for exact work and are not widely
used. Vessels intended to contain definite volumes of liquid are marked C or
TC or In, while those intended to deliver definite volumes are marked D or
TD or Ex.

The mark extends compietely around the neck in order to avoid errors due
to parallax when making the final adjustment; the lower edge of the meniscus
of the liquid should be tangential to the graduation mark, and both the front
and the back of the mark should be seen as a single line. The neck is made
narrow so that a small change in volume will have a large effect upon the height
of the meniscus: the error in adjustment of the meniscus is accordingly small.

The flasks should be fabricated in accordance with BS 5898 (1980)* and the

opening should be ground to standard (interchangeable) specifications and fitted
with an Ianr:‘hnnoPn ble OIQQQ or nlastic (anmnn]v pn]vnrnnvlpne‘l stopper.
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They should conform to elther Class Aor Class B spemﬁcatlon BS 1792 (1982);
examples of permitted tolerances for Class B grade are as follows:

Flask size 5 25 100 250 1000 mL
Tolerance 0.04 0.06 0.15 0.30 0.80 mLL

For Class A flasks the tolerances are approximately halved: such flasks may be
purchased with a works calibration certificate, or with a British Standard Test
(BST) Certificate.

Graduated flasks are available in the following capacities: 1, 2, 5, 10, 20, 50,
100, 200, 250, 500, 1000, 2000 and 5000 mL. They are employed in making up
standard solutions to a given volume; they can also be used for obtaining, with
the aid of pipettes, aliquot portions of a solution of the substance to be analysed.

3.11 PIPETTES

Pipettes are of two kinds: (i) those which have one mark and deliver a small,
constant volume of liquid under certain specified conditions (transfer pipettes);

*Many modern British Standards are closely linked to the specifications laid down by the
International Standardisation Organisation based in Geneva; in the above example the relevant
reference is to ISO 384-1978.”
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(11) those in which the stems are graduated and are employed to deliver various
small volumes at discretion (graduated or measuring pipettes).
The transfer pipette consists of a cylindrical bulb joined at both ends to
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while the lower (delivery) tube is drawn out to a fine tip. The graduated or
measuring pipette is usually intended for the delivery of pre-determined variable
volumes of liquid: it does not find wide use in accurate work, for which a burette
is generally preferred. Transfer pipettes are constructed with capacities of 1, 2,
5, 10, 20, 25, 50 and 100 mL; those of 10, 25 and 50 mL capacity are most
frequently employed in macro work. They should conform to BS 1583 (1986);
[SO 648-1984 and should carry a colour code ring at the suction end to identify
the capacity [ BS 5898 (1980)]: as a safety measure an additional bulb is often
incorporated above the graduation mark. They may be fabricated from lime-soda
or Pyrex glass, and some high-grade pipettes are manufactured in Corex glass
(Corning Glass Works, USA). This is glass which has been subjected to an
ion exchange process which strengthens the glass and aliso leads to a greater
surface hardness, thus giving a product which is resistant to scratching and
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chipping. Pipettes are avallable to Class A and Class B specifications: for the
latter grade typical tolerance values are:

Pipette capacity 5 10 25 50 100mL
Tolerance 0.01 0.04 0.06 0.08 0.12mL

whilst for Class A, the tolerances are approximately halved.

To use such pipettes, a suitable pipette filler is first attached to the upper or
suction tube. These devices are obtainable in various forms, a simple version
consisting of a rubber or plastic bulb fitted with glass ball valves which can be
operated between finger and thumb: these control the entry and expulsion of
air from the bulb and thus the flow of liquid into and out of the pipette. Suction
by mouth must never be used to fill a pipette with liquid chemicals or with a
solution containing chemicals.

The pipette is then rinsed with a little of the liquid to be transferred, and
then filled with the liquid to about 1-2 cm above the graduation mark. Any
adhering liquid is removed from the outside of the lower stem by wiping with
a piece of filter paper, and then by careful manipulation of the filler, the liquid
is allowed to run out slowly until the bottom of the meniscus just reaches the
graduation mark: the pipette must be held vertically and with the graduation
mark at eye-level. Any drops adhering to the tip are removed by stroking against
a glass surface. The liquid is then allowed to run into the receiving vessel, the
tip of the pipette touching the wall of the vessel. When the continuous discharge
has ceased, the jet is held in contact with the side of the vessel for 15 seconds
(draining time). At the end of the draining time, the tip of the pipette is removed
from contact with the wall of the receptacle; the liquid remaining in the jet of
the pipette must not be removed either by blowing or by other means.

A pipette will not deliver constant volumes of liquid if discharged too rapidly.
The orifice must be of such size that the time of outflow is about 20 seconds
for a 10 mL pipette, 30 seconds for a 25 mL pipette, and 35 seconds for a
50 mL pipette.

Graduated pipettes consist of straight, fairly narrow tubes with no centrai
bulb, and are aiso constructed to a standard specification [ BS 6696 (1986)];
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they are likewise colour-coded in accordance with ISO 1769. Three different
types are available:

Type 1 delivers a measured volume from a top zero to a selected graduation
mark;

Type 2 delivers a measured volume from a selected graduation mark to the
jet: i.e. the zero is at the jet;

Type 3 is calibrated to contain a given capacity from the jet to a selected
graduation mark, and thus to remove a selected volume of solution.

For Type 2 pipettes the final drop of liquid remaining in the tip must be expelled,
which is contrary to the usual procedure. Such pipettes are therefore distinguished
by a white or sand-blasted ring near the top of the pipette.

For dealing with smaller volumes of solution, micropipettes, often referred
to as syringe pipettes, are employed. These can be of a ‘push-button’ type, in
which the syringe is operated by pressing a button on the top of the pipette:
the plunger travels between two fixed stops and so a remarkably constant volume

of liquid 1s delivered. Such pipettes are fitted with disposable plastic tips (usually

of polythene or polypropylene) which are not wetted by aqueous solutions, thus
helping to ensure constancy of the volume of liquid delivered. The liquid is
contained entirely within the plastic tip and so, by replacing the tip, the same
pipette can be employed for different solutions. Such pipettes are available to
deliver volumes of 1 to 1000 uL, and the delivery is reproducible to within about
1 per cent.

Microlitre syringe pipettes are available with capacities ranging from 10 to
250 uL and with the body of the pipette calibrated. When fitted with a needle
tip they are particularly useful for introducing liquids into gas chromatographs
(' nmtar Q)
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Micrometer syringe pipettes are fitted with a micrometer head which operates
the plunger of the syringe, and when fitted with a stainless steel needle tip can
be used for the dropwise addition of liquid; the volume added is recorded by
the micrometer.

Automatic pipettes. The Dafert pipette (Fig. 3.2) is an automatic version of a
transfer pipette. One side of the two-way tap is connected to a reservoir
containing the solution to be dispensed. When the tap is in the appropriate
position, solution fills the pipette completely, excess solution draining away

0

Fig. 3.2
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through the overflow chamber. The pipette now contains a definite volume of
solution which is delivered to the receiver by appropriate manipulation of the
tap. These pipettes, are available in a range of sizes from 5-100mL and are
useful in routine work.

Autodispensers are also useful for measuring definite volumes of solutions
on a routine basis. Solution is forced out of a container by depressing a syringe
plunger: the movement of the plunger and hence the volume of liquid dispensed
are controlled by means of a moveable clamp. The plunger is spring-loaded so
that, when released, it returns to its original position and i1s immediately ready
for operation again.

Tilting pipettes, which are attached to a reagent bottle, are only suitable for
delivering approximate volumes of solution.

312 BURETTES

Burettes are long cylindrical tubes of uniform bore throughout the graduated
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varieties, the stopcock may be replaced by a rubber pinch valve 1ncorporat1ng
a glass sphere. A diaphragm-type plastic burette tap is marketed: this can be
fitted to an ordinary burette and provides a delicate control of the outflow of
ligquid. The merits claimed include: (a) the tap cannot stick, because the liquid
in the burette cannot come into contact with the threaded part of the tap; (b)
no lubricant is generally required; (¢) there is no contact between ground glass
surfaces; and (d) burettes and taps can be readily replaced. Burette taps made
of polytetrafluoroethylene (PTFE or Teflon) are also available; these have the
great advantage that no lubricant is required.

It is sometimes advantageous to employ a burette with an extended jet which
is bent twice at right angles so that the tip of the jet is displaced by some
7.5-10cm from the body of the burette. Insertion of the tip of the burette into
complicated assemblies of apparatus is thus facilitated, and there is a further
advantage, that if heated solutions have to be titrated the body of the burette
is kept away from the source of heat. Burettes fitted with two-way stopcocks
are useful for attachment to reservoirs of stock solutions.

As with other graduated glassware, burettes are produced to both Class A
and Class B specifications in accordance with the appropriaté standard
[ BS 846 (1985); ISO 385 (1984)], and Class A burettes may be purchased with
BST Certificates. All Class A and some Class B burettes have graduation marks
which completely encircle the burette; this is a very important feature for the
avoidance of parallax errors in reading the burette. Typical values for the
tolerances permitted for Class A burettes are:

it Pl iiiile L3 Lt R L L A

Total capacity 5 10 50 100mL
Tolerance 0.02 0.02 005 010mL

For Class B, these values are approximately doubled. In addition to the volume
requirements, limits are also imposed on the length of the graduated part of
the burette and on the drainage time.

When in use, a burette must be firmly supported on a stand, and various
types of burette holders are available for this purpose. The use of an ordinary
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laboratory clamp is not recommended: the ideal type of holder permits the
burette to be read without the need of removing it from the stand.

Lubricants for glass stopcocks. The object of lubricating the stopcock of a
burette is to prevent sticking or ‘freezing’ and to ensure smoothness in action.
The simplest lubricant is pure Vaseline, but this is rather soft, and, unless used
sparingly, portions of the grease may readily become trapped at the point where
the jet is joined to the barrel of the stopcock, and lead to blocking of the jet.
Various products are available commercially which are better suited to the
lubrication of burette stopcocks. Silicone-containing lubricants must be avoided
since they tend to ‘creep’ with consequent contamination of the walls of the
burette.

To lubricate the stopcock, the plug is removed from the barrel and two thin
streaks of lubricant are applied to the length of the plug on lines roughly midway
between the ends of the bore of the plug. Upon replacing in the barrel and
turning the tap a few times, a uniform thin film of grease is distributed round
the ground joint. A spring or some other form of retainer may be subsequently
attached to the key to lessen the chance of it becoming dislodged when in use.

Reference is again made to the Teflon stopcocks and to the diaphragm type
of burette tap which do not require lubrication.

Mode of use of a burette. If necessary, the burette is thoroughly cleaned using
one of the cleaning agents described in Section 3.8 and is then well rinsed with
distilled water. The plug of the stopcock is removed from the barrel, and after
wiping the plug and the inside of the barrel dry, the stopcock is lubricated as
described in the preceding paragraph. Using a small funnel, about 10 mL of the
solution to be used are introduced into the burette, and then after removing
the funnel, the burette is tilted and rotated so that the sclution flows over the
whole of the internal surface; the liquid is then discharged through the stopcock.
After repeating the rinsing process, the burette is clamped vertically in the burette
holder and then filled with the solution to a little above the zero mark. The
funnel is removed, and the liquid discharged through the stopcock until the
lowest point of the liquid meniscus is just below the zero mark; the jet is inspected
to ensure that all air bubbles have been removed and that it is completely full
of liquid. To read the position of the meniscus, the eye must be at the same
level as the meniscus, in order to avoid errors due to parallax. In the best type
of burette, the graduations are carried completely round the tube for each
millilitre (mL) and half-way round for the other graduation marks: parallax is
thus easily avoided. To aid the eye in reading the position of the meniscus a
piece of white paper or cardboard, the lower half of which is blackened either
by painting with dull black paint or by pasting a piece of dull black paper upon
it, is employed. When this is placed so that the sharp dividing line is 1 -2 mm
below the meniscus, the bottom of the meniscus appears to be darkened and is
sharply outlined against the white background; the level of the liquid can then
be accurately read. A variety of ‘burette readers’ are available from iaboratory
supply houses, and a home-made device which is claimed to be particularly
effective has been described by Woodward and Redman.® For all ordinary
purposes readings are made to 0.05ml, but for precision work, readings
should be made to 0.01-0.02mL, using a lens to assist the estimation of the
subdivisions.

To deliver hiquid from a burette into a conical flask or other similar receptacle,
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3  COMMON APPARATUS AND BASIC TECHNIQUES

place the fingers of the left hand behind the burette and the thumb in front,
and hold the tap between the thumb and the fore and middle fingers. In this
way, there i1s no tendency to pull the plug out of the barrel of the stopcock, and
the operation is under complete control. Any drop adhering to the jet after the
liquid has been discharged is removed by bringing the side of the receiving
vessel into contact with the jet. During the delivery of the liquid, the flask may
be gently rotated with the right hand to ensure that the added liquid is well
mixed with any existing contents of the flask.

313 WEIGHT BURETTES

For work demanding the highest possible accuracy in transferring various
quantities of liquids, weight burettes are employed. As their name implies, they
are weighed before and after a transfer of liquid. A very useful form is shown
diagrammatically in Fig. 3.3(a). There are two ground-giass caps of which the
lower one is closed, whilst the upper one is provided with a capillary opening;

the loss by mfaporanon is accordingly negligible. For hygroscopic liquids, a

small ground glass cap is fitted to the top of the capillary tube. The burette is
roughly graduated in SmL intervals. The titre thus obtained is in terms of
weight loss of the burette, and for this reason the titrants are prepared on a
weight/weight basis rather than a weight/volume basis. The errors associated
with the use of a volumetric burette, such as those of drainage, reading, and
change in temperature, are obviated, and weight burettes are especially useful
when dealing with non-aqueous solutions or with viscous liquids.

N

(a)
Fig. 3.3

An alternative form of weight burette due to Redman®’ consists of a
glass bulb, flattened on one side so that it will stand on a balance pan. Above
the flattened side is the stopcock-controlied discharge jet, and a filling orifice
which is closed with a glass stopper. The stopper and short neck into which it
fits are pierced with holes, by alighment of which air can be admitted, thus
permitting discharge of the contents of the burette through the delivery jet.
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The Lunge—Rey pipette is shown in Fig. 3.3(b). There is a small central buib
(5-10mL capacity) closed by two stopcocks 1 and 2; the pipette 3 below the
stopcock has a capacity of about 2mL, and is fitted with a ground on test-tube 4.

This pipette is of particular value for the weighing out of corrosive and fuming
liquids.

3.14 PISTON BURETTES

In piston burettes, the delivery of the liquid is controiled by movement of a
tightly fitting plunger within a graduated tube of uniform bore. They are
particularly useful when the piston is coupied to a motor drive, and in this form
serve as the basis of automatic titrators. These instruments can provide
automatic plotting of titration curves, and provision is made for a variable rate
of delivery as the end point is approached so that there is no danger of
overshooting the end point.

3.15 GRADUATED (MEASURING) CYLINDERS

These are graduated vessels available in capacities from 2 to 2000 mL. Since
the area of the surface of the liquid is much greater than in a graduated flask,
the accuracy is not very high. Graduated cylinders cannot therefore be employed
for work demanding even a moderate degree of accuracy. They are, however,
useful where only rough measurements are required.

3.16  CALIBRATION OF VOLUMETRIC APPARATUS

Far manet analx It
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standard will prove to be satisfactory, but for work o he hlghcst accuracy it
is advisable to calibrate all apparatus for Wthh a recent test certificate is
unavailable. The calibration procedure involves determination of the weight of
water contained in or delivered by the particular piece of apparatus. The
temperature of the water is observed, and from the known density of water at
that temperature, the volume of water can be calculated. Tables giving density
values are usually based on weights in vacuo (Section 3.6), but the data given
in Table 3.2 are based on weighings in air with stainless-steel weights, and these
can be used to calculate the relevant volume directly from the observed weight
of water. It is suggested that the data given in the table be plotted on a graph
so that the volume of 1 gram of water at the exact temperature at which the
calibration was performed can be ascertained. Fuller tables are given in
BS 6696 (1986).
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Table 3.2 Volume of 1 g of water at various temperatures

Temp. (°C) Volume (mL) Temp. (°C) Volume (mL)

10.00 1.0013 22.00 1.0033
12.00 1.0015 24.00 1.0037
14.00 1.0017 26.00 1.0044
16.00 1.0021 2800 1.0047
18.00 1.0023 30.00 1.0053
20.00 1.0027
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3  COMMON APPARATUS AND BASIC TECHNIQUES

In all calibration operations, the apparatus to be calibrated must be carefully
cleaned and allowed to stand adjacent to the balance which is to be employed,
together with a supply of distilled or de-ionised water, so that they assume the
temperature of the room. Flasks will also need to be dried, and this can be
accomplished by rinsing twice with a little acetone and then blowing a current
of air through the flask to remove the acetone.

Graduated flask. After allowing the clean dry flask to stand in the balance
room for an hour it is stoppered and weighed. A small filter funnel, the stem
of which has been drawn out so that it reaches below the graduation mark of
the flask, is then inserted into the neck and de-ionised (distilled) water, which
has also been standing in the balance room for an hour, is added slowly until
the mark is reached. The funnel is then carefully removed, taking care not to
wet the neck of the flask above the mark, and then, using a dropping tube,
water is added dropwise until the meniscus stands on the graduation mark. The
stopper is replaced, the flask re-weighed, and the temperature of the water noted.
The true volume of the water filling the flask to the graduation mark can be
calculated with the aid of Table 3.2.

Pipette. The pipette is filled with the distilled water which has been standing
in the balance room for at least an hour, to a short distance above the mark.
Water is run out until the meniscus is exactly on the mark, and the out-flow is
then stopped. The drop adhering to the jet is removed by bringing the surface
of some water contained in a beaker in contact with the jet, and then removing
it without jerking. The pipette is then allowed to discharge into a clean, weighed
stoppered flask (or a large weighing bottle) and held so that the jet of the pipette
is in contact with the side of the vessel (it will be necessary to incline slightly
either the pipette or the vessel). The pipette is allowed to drain for 15 seconds
after the outflow has ceased, the jet still being in contact with the side of the
vessel. At the end of the draining time the receiving vessel is removed from
contact with the tip of the pipette, thus removing any drop adhering to the
outside of the pipette and ensuring that the drop remaining in the end is always
of the same size. To determine the instant at which the outflow ceases, the
motion of the water surface down the delivery tube of the pipette is observed,
and the delivery time is considered to be complete when the meniscus comes
to rest slightly above the end of the delivery tube. The draining time of
15 seconds is counted from this moment. The receiving vessel is weighed, and
the temperature of the water noted. The capacity of the pipette is then calculated
with the aid of Table 3.2. At least two determinations should be made.

sential to establish that
it is satisfactory with regard to (a) leakage, and (b) delivery time, before
undertaking the actual calibration process. To test for leakage, the plug is
removed from the barrel of the stopcock and both parts of the stopcock are
carefully cleaned of all grease; after wetting well with de-ionised water, the
stopcock is reassembled. The burette is placed in the holder, filled with distilled
(de-ionised) water, adjusted to the zero mark, and any drop of water adhering
to the jet removed with a piece of filter paper. The burette is then allowed to
stand for 20 minutes, and if the meniscus has not fallen by more than one scale
division, the burette may be regarded as satisfactory as far as leakage is
concerned.

Burette. If it is necessary to calibrate a burette, it is esse
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To test the delivery time, again separate the components of the stopcock,
dry, grease and reassemble, then fill the burette to the zero mark with distilled
water, and place in the holder. Adjust the position of the burette so that the jet
comes inside the neck of a conical flask standing on the base of the burette
stand, but does not touch the side of the flask. Open the stopcock fully, and
note the time taken for the meniscus to reach the lowest graduation mark of
the burette: this should agree closely with the time marked on the burette, and
in any case, must fall within the limits laid down by BS 846 (1985).

If the burette passes these two tests, the calibration may be proceeded with.
Fill the burette with the distilled water which has been allowed to stand in the
balance room to acquire room temperature: ideally, this should be as near to
20°C as possible. Weigh a clean, dry stoppered flask of about 100 mL capacity,
then, after adjusting the burette to the zero mark and removing any drop
adhering to the jet, place the flask in position under the jet, open the stopcock
fully and allow water to flow into the flask. As the meniscus approaches the
desired calibration point on the burette, reduce the rate of flow until eventually

t th 11 ih A 1-
it is discharging dropwise, and adjust the meniscus exactly to the required mark.

Do not wait for drainage, but remove any drop adhering to the jet by touching
the neck of the flask against the jet, then re-stopper and re-weigh the flask.
Repeat this procedure for each graduation to be tested; for a 50 mL burette,
this will usually be every 5 mL. Note the temperature of the water, and then,
using Table 3.2, the volume delivered at each point is calculated from the weight
of water collected. The results are most conveniently used by plotting a
calibration curve for the burette.

WATER FOR LABORATORY USE
3.17 PURIFIED WATER

From the earliest days of quantitative chemical measurements it has been
recognised that some form of purification is required for water which is to be
employed in analytical operations, and with increasingly lower limits of detection
being attained in instrumental methods of analysis, correspondingly higher
standards of purity are imposed upon the water used for preparing solutions.
Standards have now been laid down for water to be used in laboratories,?
which prescribe limits for non-volatile residue, for residue remaining after
ignition, for pH and for conductance. The British Standard 3978 (1987)
(ISO 3696-1987) recognises three different grades of water.

(a) Grade 3 is suitable for ordinary analytical purposes and may be nrcpa_rcd
by single distillation of tap water, by de-ionisation, or by reverse osmosis:
see below.

(b) Grade 2 is suitable for more sensitive analytical procedures, such as atomic
absorption spectroscopy and the determination of substances present in
trace quantities. Water of this quality can be prepared by redistillation of
Grade 3 distilled water, or by the distillation of de-ionised water, or of the
product of reverse osmosis procedures.

(¢c) Grade ! water is suitable for the most stringent requirements including
high-performance liquid chromatography and the determination of substances

present in ultratrace amounts. Such water is obtained by subjecting
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3 COMMON APPARATUS AND BASIC TECHNIQGUES

Grade 2 water to reverse osmosis or de-ionisation, followed by filtration
through a membrane filter of pore size 0.2 um to remove particulate matter.
Alternatively, Grade 2 water may be redistilled in an apparatus constructed

£omsan Lanon
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The standards laid down for the three grades of water are summarised in
Table 3.3.

Table 3.3 Standards for water to be used in analytical operations

Grade of water

Parameter 1 2 3

pH at 25°C * * 5.0-7.5
Electrical conductance, mS m ™! at 25°C 0.01 01 05
QOxidisable matter (equivalent to T 008 04

mg oxygen L™ 1)

Absorbance at 254 nm, 1 cm cell 0.001 001 I
Residue after evaporation, mg kg ™? t 1 2

Si0, content, mg L. 7! 0.01 002 1t

* pH measurements in highly purified water are difficult; results are of
doubtful significance,

1 Not applicable.

1 Not specified.

For many years the sole method of purification available was by distillation,
and distilled water was universally employed for laboratory purposes. The
modern water-still is usuvally made of glass and is heated electrically, and
provision is made for interrupting the current in the event of failure of the
cooling water, or of the boiler-feed supply; the current is also cut off when the
receiver is full.

Pure water can also be obtained by allowing tap water to percolate through
a mixture of ion exchange resins: a strong acid resin which will remove cations
from the water and replace them by hydrogen ions, and a strong base resin
(OH ~ form) which will remove anions. A number of units are commercially
available for the production of de-ionised water, and the usual practice is to
monitor the quality of the product by means of a conductance meter. The resins
are usually supplied in an interchangeable cartridge, so that maintenance is
reduced to a minimum. A mixed-bed ion exchange column fed with distilied
water is capable of producing water with the very low conductance of about
20x107°Q 'em ™! (2.0 uscm ™ 1), but in spite of this very low conductance,
the water may contain traces of organic impurities which can be detected by
means of a spectrofluorimeter. For most purposes, however, the traces of organic
material present in de-ionised water can be ignored, and it may be used in most
situations where distilled water is acceptable.

An alternative method of purifying water is by reverse osmosis. Under normal
conditions, if an aqueous solution is separated by a semi-permeable membrane
from pure water, osmosis will lead to water entering the solution to dilute it.
If, however, sufficient pressure is applied to the solution, i.e. a pressure in excess
of its osmotic pressure, then water will flow through the membrane from the
solution; the process of reverse osmosis is taking place. This principle has been
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adapted as a method of purifying tap water. The tap water, at a pressure of
3—5 atmospheres, is passed through a tube containing the semi-permeable
membrane. The permeate which is collected usually still contains traces of

inorganic material and is therefore not suitable for operations requiring very

pure water, but it will serve for many laboratory purposes, and is very suitabie
for further purification by ion exchange treatment. The water produced by
reverse osmosis 1s passed first through a bed of activated charcoal which removes
organic contaminants, and is then passed through a mixed-bed ion exchange
column and the resuitant effluent is finally filtered through a sub-micron filter
membrane to remove any last traces of colloidal organic particles.

The high-purity water thus produced typically has a conductance of about
0.5x107°Q " 'cm™! (0.5uScm™!) and is suitable for use under the most
stringent requirements. It will meet the purity required for trace-element
determinations and for operations such as ion chromatography. It must however
be borne 1in mind that such water can readily become contaminated from the
vessels in which it 1s stored, and also by exposure to the atmosphere. For the
determination of organic compounds the water should be stored in containers
made of resistant glass (e.g. Pyrex), or ideally of fused silica, whereas for
tnorganic determinations the water is best stored in containers made from
polythene or from polypropylene.

3.18 WASH BOTTLES

A wash bottle is a flat-bottomed flask fitted up to deliver a fine stream of distilied
water or other liquid for use in the transfer and washing of precipitates. A
convenient size is a 500-750 mL flask of Pyrex or other resistant glass; it
should be fitted up as shown in Fig. 3.4. A rubber bung is used, and the jet
should deliver a fine stream of water; a suitable diameter of the orifice is I mm.
Thick string, foam rubber, or other insulating material, held in place by copper
wire, should be wrapped round the neck of the flask in order to protect the
hand when hot water i1s used. In order to protect the mouth from scalding by
the back rush of steam through the mouth-piece when the blowing is stopped,
it 1s convenient to use a three-holed rubber stopper; a short piece of giass tubing
open at both ends is inserted in the third hole. The thumb is kept over this tube
whilst the water is being blown out, and is removed immediately before the
mouth pressure is released. All-glass wash bottles, fitted with ground-glass joints,
can be purchased. They should be used with organic solvents that attack rubber.

N~

TR,

Fig. 3.4
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A polythene wash bottle is available commercially and is inexpensive. It is
fitted with a plastic cap carrying a plastic jet, and has flexible sides. The bottle
can be held in the hand; application of slight pressure by squeezing gives an
easily controliable jet of water. It is more or less unbreakabie and is inert to
many wash liquids. A polythene wash bottle should be used only for cool liguids.

Polythene wash bottles are sometimes charged with wash liquids other than
water. Attention must be drawn to the fact that the components of some wash
solutions may pass into the polythene and may be released into the space in
the bottie when it is set aside: repeated fillings and rinsings may be required to
remove the chemicals from the bottle. It is safer to label the wash bottle and
to reserve it for the special wash liquid. Such wash solutions inciude a weakly
acid solution saturated with hydrogen sulphide, dilute aqueous ammonia,
saturated bromine water, and dilute nitric acid.

3.19 GLASSWARE, CERAMICS, PLASTIC WARE

In the following sections, a brief account of general laboratory apparatus relevant
to quantitative analysis will be given. The commonest materials of construction
of such apparatus are glass, porcelain, fused silica, and various plastics; the
merits and disadvantages of these are considered below.

Glassware. In order to avoid the introduction of impurities during analysis,
apparatus of resistance glass should be employed. For most purposes Pyrex
glass (a borosilicate glass) is to be preferred. Resistance glass is very slightly
affected by all solutions, but, in general, attack by acid solutions is less than
that by pure water or by alkaline solutions; for this reason the latter should be
acidified whenever possible, if they must be kept in glass for any length of time.
Attention should also be given to watch, clock, and cover glasses; these should
also be of resistance glass. As a rule, giassware should not be heated with a
naked flame; a wire gauze should be interposed between the flame and the glass
vessel.

For special purposes, Corning Vycor glass (96 per cent silica) may be used.
It has great resistance to heat and equally great resistance to thermal shock,
and is unusually stable to acids (except hydrofluoric acid), water, and various
solutions,

The most satisfactory beakers for general use are those provided with a
spout. The advantages of this form are: (a) convenience of pouring, (b) the
spout forms a convenient place at which a stirring rod may protrude from a
covered beaker, and (c¢) the spout forms an outlet for steam or escaping gas
when the beaker is covered with an ordinary clock glass. The size of a beaker
must be selected with due regard to the volume of the liquid which it is to
contain. The most useful sizes are from 250 to 600 mL.

Conical (or Erlenmeyer’s) flasks of 200-500 mL capacity find many
applications, for example, in titrations.

Funnels should enclose an angle of 60°. The most useful sizes for quantitative
analysis are those with diameters of 5.5, 7 and 9 cm. The stem should have an
internal diameter of about 4 mm and should not be more than 15 cm long. For
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filling burettes and transferring solids to graduated flasks, a short-stem,
wide-necked funnel is useful.

Porcelain apparatus. Porcelain is generally employed for operations in which
hot liquids are to remain in contact with the vessel for prolonged periods. It is
usually considered to be more resistant to solutions, particularly alkaline
solutions, than glass, although this will depend primarily upon the quality of
the glaze. Shallow porcelain basins with lips are employed for evaporations.
Casseroles are lipped, flat-bottomed porcelain dishes provided with handles;
they are more convenient to use than dishes.

Porcelain crucibles are very frequently utilised for igniting precipitates and
heating small quantities of solids because of their cheapness and their ability
to withstand high temperatures without appreciable change. Some reactions,
such as fusion with sodium carbonate or other alkaline substances, and also
evaporations with hydrofluoric acid, cannot be carried out in porcelain crucibles
owing to the resultant chemical attack. A slight attack of the porcelain also
takes place with pyrosulphate fusions.

Fused-silica apparatus. Two varieties of silica apparatus are availabie
commercially, the transiucent and the transparent grades. The former is much
cheaper and can usually be employed instead of the transparent variety. The
advantages of silica ware are: (a) its great resistance to heat shock because of
its very small coefficient of expansion, (b) it is not attacked by acids at a high
temperature, except by hydrofluoric acid and phosphoric acid, and {¢) it is more
resistant to pyrosulphate fusions than is porcelain. The chief disadvantages of
silica are: {a) it is attacked by alkaline solutions and particularly by fused alkalis
and carbonates, (b) it is more brittle than ordinary glass, and (c¢) it requires a

+
much longer time for heating and cooling than does, say, platinum apparatus.

Corning Vycor apparatus (96 per cent silica glass) possesses most of the merits
of fused silica and is transparent.

Plastic apparatus. Plastic materials are widely used for a variety of items of
common laboratory equipment such as aspirators, beakers, bottles, Buchner

Table 3.4 Plastics used for laboratory apparatus

Material Appearancet Highest Chemical reagents} Attacking
temperatnre  Acids Alkalis organic
°C) solvents?

Weak Strong Weak Strong

Polythene (L.D.) TL 80-90 R R* v R 1,2

Polythene (H.D.) TL-O 100-110 v R* A A 2

Polypropylene T-TL 120-130 v R* \'% v 2

TPX (Polymethylpentene) T 170-180 \Y R* \Y A 1,2

Polystyrene T 85 \'% R* v v Most

PTFE (Teflon) O 250-300 \Y \Y \Y \'s A

Polycarbonate T 120130 R A F A Most

PVC [Poly(vinyl chloride)] T-O 50-70 R R* R R 2,3, 4

Nylon TL-O 120 R A R F \Y

1+ O =opaque; T = transparent; TL = translucent.

1 A = attacked; F = fairly resistant; R = resistant; R* = generally resistant but attacked by oxidising
mixtures; V = very resistant.

§ 1 = hydrocarbons; 2 = chlorohydrocarbons; 3 = ketones; 4 = cyclic ethers; V = very resistant.
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funnels and flasks, centrifuge tubes, conical flasks, filter cruciblies, filter funnels,
measuring cylinders, scoops, spatulas, stoppers, tubing, weighing bottles, etc.;
such products are often cheaper than their glass counterparts and are frequently
less 1faglw Auuougn inert towards many Cﬂei‘nicalb, there are some limitations
on the use of plastic apparatus, not the least of which is the generally
rather low maximum temperature to which it may be exposed: salient properties
of the commonly used plastic materials are summarised in Tabie 3.4.

Attention is drawn to the extremely inert character of Teflon, which 1s so
lacking in reactivity that it is used as the liner in pressure digestion vessels in
which substances are decomposed by heating with hydrofluoric acid, or with
concentrated nitric acid (see Section 3.31).

3.20 METAL APPARATUS

Crucibles and basins required for special purposes are often fabricated from
various metajs, amongst which piatinum hoids pride of place by virtue of its
general resistance to chemical attack.

Platinum. Platinum is used mainly for crucibles, dishes and electrodes; it has
a very high melting point (1773 °C), but the pure metal is too soft for general
use, and is therefore always hardened with small quantities of rhodium, iridium,
or gold. These alloys are slightly volatile at temperatures above 1100 °C, but
retain most of the advantageous properties of pure platinum, such as resistance
to most chemical reagents, inciuding molten alkali carbonates and hydrofluoric
acid (the exceptions are dealt with below), excellent conductivity of heat, and
extremely small adsorption of water vapour. A 25 mL platinum crucible has
an area of 80—100 cm? and, in consequence, the error due to volatility may be
appreciable if the crucible is made of an alloy of high iridium content. The
magnitude of this loss will be evident from Table 3.5, which gives the approximate
loss in weight of crucibles expressed in mg/100 cm?/hour at the temperature
indicated. An alloy consisting of 95 per cent platinum and 5 per cent gold is
referred to as a ‘non-wetting’ alloy and fusion samples are readily removed
from crucibles composed of this alloy; removal is assisted by keeping the crucibie
tilted while the melt is solidifying. Crucibles made of this alloy are used in
preparing samples for investigation by X-ray fluorescence.

A recent development is the introduction of ZGS (Zirconia Grain Stabilised)
platinum. This is produced by the addition of a small amount of zirconia
(zirconium(IV) oxide) to moiten platinum which leads to modiﬁcation of the
microstructure of the solid material with increased hot strength and greater
resistance to chemical attack. Whereas the recommended operating temperature
for pure platinum is 1400 °C, the ZGS material can be used up to 1650 °C.

Table 3.5 Weight loss of platinum crucibles

Temp. (°C) Pure Pt 99% Pt—1%]Ir 97.5%Pt-2.5%]Ir

900 0.00 0.00 0.00
1000 0.08 0.30 0.57
1200 0.81 1.2 25
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Apparatus can also be constructed from ‘“TRIM’ which consists of palladium
coated with ZGS platinum; this permits the production of stouter apparatus
with the corrosion resistance of ZGS platinum at an appreciably cheaper price.

A Ty hantad N 1 11
Platinum crucibles should be supported, when heated, upon a platinum

triangle. If the latter is not available, a silica triangle may be used. Nichrome
and other metal triangles should be avoided; pipe-clay triangles may contain
enough iron to damage the platinum. Hot platinum crucibles must always be
handied with platinum-tipped crucible tongs; unprotected brass or iron tongs
produce stains on the crucible. Platinum vessels must not be exposed to a
luminous flame, nor may they be allowed to come into contact with the inner
cone of a gas flame; this may result in the disintegration of the surface of the
metal, causing it to become brittle, owing, probably, to the formation of a
carbide of platinum.

It must be appreciated that at high temperatures platinum permits the flame
gases to diffuse through it, and this may cause the reduction of some substances
not otherwise affected. Hence if a covered crucible is heated by a gas flame there
1s a reducing atmosphere in the crucible: in an open crucible diffusion into the
air 1s so rapld that this effect is not appreciable. Thus if iron(III) oxide 1s heated
in a covered crucible, it is partly reduced to metallic iron, which alloys with the
platinum; sodium sulphate is similarly partly reduced to the sulphide. It is,
advisable, therefore, in the ignition of iron compounds or sulphates to place the
crucible in a slanting position with free access of air.

Platinum apparatus may be used without significant loss for:

1. Fusions with (a) sodium carbonate or fusion mixture, (b) borax and lithium
metaborate, (¢) alkali bifluorides, and (d) alkali hydrogensulphates (slight
attack in the last case above 700 °C, which is diminished by the addition of
ammonium sulphate).

2. Evaporations with {a) hydrofluoric acid, () hydrochloric acid in the absence
of oxidising agents which yield chiorine, and (¢) concentrated sulphuric acid
(a slight attack may occur).

3. Ignition of (a) barium sulphate and sulphates of metals which are not readily
reducible, (b) the carbonates, oxalates, etc., of calcium, barium and strontium,
and (¢) oxides which are not readily reducible, e.g. CaO, SrO, Al, O;, Cr, 03,
Mn;0,, TiO,, ZrO,, ThO,, MoO,, and WO,. (BaO, or compounds which
yield BaO on heating, attack pilatinum.)

Platinum is attacked under the following conditions, and such operations
must not be conducted in platinum vessels:

1. Heating with the following liquids: {a) aqua regia, {b) hydrochloric acid and
oxidising agents, (c) hquid mixtures which evolve bromine or iodine, and
(d) concentrated phosphoric acid (slight, but appreciable, action after
prolonged heating).

2. Heating with the following solids, their fusions, or vapours: (a) oxides,
peroxides, hydroxides, nitrates, nitrites, suiphides, cyanides, hexacyano-
ferrate(III), and hexacyanoferrate(1I) of the alkali and alkaline-earth metals
(except oxides and hydroxides of calcium and strontium); (b) molten lead,
silver, copper, zing, bismuth, tin, or goid, or mixtures which form these metals
upon reduction; (¢) phosphorus, arsenic, antimony, or silicon, or mixtures
which form these elements upon reduction, particularly phosphates, arsenates,
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3 COMMON APPARATUS AND BASIC TECHNIQUES

and silicates in the presence of reducing agents; (d) sulphur (slight action),
selenium, and tellurium; () volatile halides (including iron(III) chloride),
espec1ally those which decompose readlly, ( f) all sulphldes or mixtures
LUIlldlI]]I]g bu1pnur dI](.l d C&rDOI]dU: or l'ly(.lIUXl(R: dIlU {g‘) bUDbLaITCes Ul
unknown composition: (k) heating in an atmosphere containing chlorine,

sulphur dioxide, or ammonia, whereby the surface is rendered porous.

Solid carbon, however produced, presents a hazard. It may be burnt off at
low temperatures, with free access to air, without harm to the crucible, but it
should never be ignited strongly. Precipitates in filter paper should be treated
in a similar manner; strong ignition is only permissible after all the carbon has
been removed. Ashing in the presence of carbonaceous matter should not be
conducted in a platinum crucible, since metallic elements which may be present
will attack the platinum under reducing conditions.

Cleaning and preservation of platinum ware. All platinum apparatus {crucibles,
dishes, etc.) should be kept clean, polished, and in proper shape. If, say, a
platinum crucible becomes stained, a little sodium carbonate should be fused
in the crucible, the molten solid poured out on to a dry stone or iron slab, the
residual solid dissolved out with water, and the vessel then digested with
concentrated hydrochioric acid: this treatment may be repeated, if necessary. If
fusion with sodium carbonate is without effect, potassium hydrogensulphate
may be substituted; a slight attack of the platinum will occur. Disodium
tetraborate may also be used. In some cases, the use of hydrofluoric acid or
potassium hydrogenfluoride may be necessary. Iron stains may be removed by
heating the covered crucible with a gram or two of pure ammontum chioride
and applying the full heat of a burner for 2—3 minutes.

All platinum vessels must be handled with care to prevent deformation and
denting. Platinum crucibles must on no account be squeezed with the object of
loosening the solidified cake after a fusion. Box-wood formers can be purchased
for crucibles and dishes; these are invaluable for re-shaping dented or deformed
platinum ware.

Platinum-clad stainless steel laboratory ware is available for the evaporation
of solutions of corrosive chemicals. These vessels have all the corrosion-resistance
properties of platinum up to about 550 °C. The main features are: (1) much
lower cost than similar apparatus of platinum; {2) the overall thickness 1s about
four times that of similar ali-platinum apparatus, thus leading to greater
mechanical strength; and (3) less susceptible to damage by handling with
tongs, etc.
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are in the evaporation of alkaline solutions and for fusions with caustic aikalis;
mn the latter case, the silver is slightly attacked. Gold vessels (m.p. 1050 °C) are
more resistant than silver to fused alkalis. Silver melts at 960 °C, and care should
therefore be taken when it is heated over a bare flame.

Nickel ware. Crucibles and dishes of nickel are employed for fusions with alkalis
and with sodium peroxide (CARE!). In the peroxide fusion a little nickel is
introduced, but this is usually not objectionable. No metal entirely withstands
the action of fused sodium peroxide. Nickel oxidises in air, hence nickel apparatus
cannot be used for operations involving weighing.
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Iron ware. Iron crucibles may be substituted for those of nickel in sodium
peroxide fusions. They are not so durable, but are much cheaper.

Stainless-steel ware. Beakers, crucibles, dishes, funnels, etc., of stainless steel
are available commercially and have obvious uses in the faboratory. They will
not rust, are tough, strong, and highly resistant to denting and scratching.

3.21 HEATING APPARATUS

Various methods of heating are required in the analytical laboratory ranging
from gas burners, electric hot plates and ovens to muffle furnaces.

Burners. The ordinary Bunsen burner is widely employed for the attainment
of moderately high temperatures. The maximum temperature is attained by
adjusting the regulator so as to admit rather more air than is required to produce
a non-luminous flame; too much air gives a noisy flame, which is unsuitable.

Owing to the differing combustion characteristics and calorific values of the
gaseous fuels which are commonly available [ natural gas, liquefied petroleum
(bottled) gas], slight variations in dimensions, including jet size and aeration
controls, are necessary: for maximum efficiency it is essential that, unless the
burner is of the ‘All Gases’ type which can be adjusted, the burner should be
the one intended for the available gas supply.

Hot plates. The electrically heated hot plate, preferably provided with three
controls — ‘Low’, ‘Medium’ and ‘High’ — is of great value in the analytical
laboratory. The heating elements and the internal wiring should be totally
enclosed; this protects them from fumes or spilled liquids. Electric hot plates
with ‘stepless’ controls are also marketed; these permit a much greater selection

of surface temperatures to be made. A combined electric hot plate and magnetic
stirrer is also available. For some purposes a steam bath may be used.

Electric ovens. The most convenient type is an electrically heated, thermostatically
controlled drying oven having a temperature range from room temperature to
about 250-300 °C; the temperature can be controlled to within +1-2 °C. They
are used principally for drying precipitates or solids at comparatively low
controlled temperatures, and have virtually superseded the steam oven.

Microwave ovens. These also find application for drying and heating operations.
They are particularly useful for determining the moisture content of materials
since the elimination of water takes place very rapidly on exposure to microwave
radiation.

Muffle furnaces. An electricaily heated furnace of muffie form shouid be
available in every well-equipped laboratory. The maximum temperature shouid
be about 1200 °C. If possible, a thermocouple and indicating pyrometer should
be provided; otherwise the ammeter in the circuit should be calibrated, and a
chart constructed showing ammeter and corresponding temperature readings.

Gas-heated muffle furnaces are marketed; these may give temperatures up to
about 1200 °C.

Air baths. For drying solids and precipitates at temperatures up to 250°C in
which acid or other corrosive vapours are evolved, an electric oven should not
be used. An air bath may be constructed from a cylindrical metal (copper, iron,
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or nickel) vessel with the bottom of the vessel pierced with numerous holes. A
silica triangle, the legs of which are appropriately bent, is inserted inside the
bath for Supporting an evaporating dish, crucible, etc. The whole is heated by
a Bunsen flame, which is shielded from draughts. The insulating layer of air
prevents bumping by reducing the rate at which heat reaches the contents of
the inner dish or crucible. An air bath of similar construction but with special
heat-resistant glass sides may also be used; this possesses the obvious advantage

of visibility inside the air bath.

Infrared lamps and heaters. Infrared lamps with internai reflectors are available
commercially and are valuable for evaporating solutions. The lamp may be
mounted immediately above the liquid to be heated: the evaporation takes place
rapidly, without spattering and aiso without creeping. Units are obtainable
which permit the application of heat to both the top and bottom of a number
of crucibles, dishes, etc., at the same time; this assembiy can char filter papers
in the crucibles quite rapidly, and the fiiter paper does not catch fire.

Immersion heaters. An immersion heater consisting of a radiant heater encased
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in a sifica sheath, is useful for the direct heating of most acids and other liquids
(except hydrofluoric acid and concentrated caustic alkalis). Infrared radiation
passes through the silica sheath with little absorption, so that a large proportion
of heat 1s transferred to the liquid by radiation. The heater 1s almost unaffected
by violent thermal shock due to the low coefficient of thermal expansion of the
silica.

Heating mantles. These consist of a flexible ‘knitted’ fibre glass sheath which
fits snugly around a flask and contains an electrical heating element which
operates at black heat. The mantie may be supported in an aluminium case
which stands on the bench, but for use with suspended vessels the mantie is
supplied without a case. Electric power 1s supplied to the heating element through
a control unit which may be either a continuously variable transformer or a
thyristor controller, and so the operating temperature of the mantle can be
smoothly adjusted.

Heating manties are particularly designed for the heating of flasks and find
wide application in distillation operations. For details of the distillation
procedure and description of the apparatus employed, a textbook of practical
organic chemistry should be consulted.’

Crucibles and beaker tongs. Apparatus such as crucibies, evaporating basins
and beakers which have been heated need to be handled with suitable tongs.
Crucible tongs should be made of solid nickel, nickel steel, or other rustless
ferro-alloy. For handling hot platinum crucibles or dishes, platinum-tipped
tongs must be used. Beaker tongs are availabie for handling beakers of
160-2000 mL capacity. The tongs have jaws: an adjustable screw with locknut
limits the span of these jaws and enables the user to adjust them to suit the
container size.

3.22 DESICCATORS AND DRY BOXES

It is usually necessary to ensure that substances which have been dried by
heating (e.g. in an oven, or by ignition) are not unduly exposed to the atmosphere,
otherwise they will absorb moisture more or less rapidly. In many cases, storage
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in the dry atmosphere of a desiccator, allied to minimum exposure to the
atmosphere during subsequent operations, will be sufficient to prevent appreciable
absorption of water vapour. Some substances, however, are so sensitive to
atmospheric moisture that all handiing must be carried out in a ‘dry box’.

A desiccator is a covered glass container designed for the storage of objects
in a dry atmosphere; it is charged with some drying agent, such as anhydrous
calctum chloride {largely used in elementary work), silica gel, activated alumina,
or anhydrous calcium sulphate (‘Drierite’). Silica gel, alumina and calctum
sulphate can be obtained which have been impregnated with a cobalt salt so
that they are self-indicating: the colour changes from blue to pink when the
desiccant is exhausted. The spent material can be regenerated by heating 1n an
electric oven at 150-180°C (silica gel); 200-300 °C (activated alumina)
230-250 °C (Drierite); and it is therefore convenient to place these drying agents
in a shallow dish which is situated at the bottom of the desiccator, and which
can be easily removed for baking as required.

The action of desiccants can be considered from two points of view. The
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exhausted desiccant, is related to the vapour pressure of the latter, 1.e. the vapour
pressure is a measure of the extent to which the desiccant can remove moisture,
and therefore of its efficiency. A second factor is the weight of water that can
be removed per unit weight of desiccant, i.e. the drying capacity. In general,
substances that form hydrates have higher vapour pressures but also have greater
drying capacities. It must be remembered that a substance cannot be dried by
a desiccant of which the vapour pressure i1s greater than that of the substance
itself.

The relative ei’ﬁciencies of various drying agents wi]l be evident from the data
presemcd in Table 3.6. These were determined b oy aapuauus pr Upcu_y conditioned
air through U-tubes charged with the desiccants; they are applicable, strictly,
to the use of these desiccants in absorption tubes, but the figures may reasonably
be applied as a guide for the selection of desiccants for desiccators. It would
appear from the table that a hygroscopic material such as ignited alumina
should not be allowed to cool in a covered vessel over ‘anhydrous’ calcium
chloride; anhydrous magnesium perchlorate or phosphorus pentoxide 1s
satisfactory.

Table 3.6 Comparative efliciency of drying agents

Drying agent Residual water Drying agent Residual water
{mg per L of air) (mg per L of air)
CaCl, (gran. ‘anhyd.” tech.) 1.5 Al, O, 0.005
NaOH (sticks) 0.8 CaSO, 0.005
H,SO, (95%) 0.3 Molecular sieve 0.004
Silica gel 0.03 H,S80, 0.¢03
KOH (sticks) 0.014 Mg(ClO,), 0.002
P,0, 0.60002

The normal (or Scheibler) desiccator 1s provided with a porcelain plate having
apertures to support crucibles, etc.: this is supported on a constriction sttuated
roughly halfway up the wall of the desiccator. For small desiccators, a silica
triangle, with the wire ends suitably bent, may be used. The ground edge of the
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desiccator should be lightly coated with white Vaseline or a special grease in
order to make it air-tight; too much grease may permit the lid to slide.

There is however controversy regarding the effectiveness of desiccators. If
the lid is briefly removed from a desiccator then it may take as long as two
hours to remove the atmospheric moisture thus introduced, and to re-establish
the dry atmosphere: during this period, a hygroscopic substance may actually
gain in weight while in the desiccator. It is therefore advisable that any substance
which is to be weighed should be kept in a vessel with as tightly fitting a lid as
possible while it is in the desiccator.

The problem of the cooling of hot vessels within a desiccator is also important.
A cructble which has been strongly ignited and immediately transferred to a
desiccator may not have attained room temperature even after one hour. The
situation can be improved by allowing the crucible to cool for a few minutes
before transferring to the desiccator, and then a cooling time of 20—25 minutes
is usually adequate. The inclusion in the desiccator of a metal block

(e.g. aluminium) upon which the crucible may be stood, is also helpful in
ensuring the attainment of temperature equilibrium.
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When a hot object, such as a crucible, is placed in a desiccator, about
5-10 seconds should elapse for the air to become heated and expand before
putting the cover in place. When re-opening, the cover should be slid open very
gradually in order to prevent any sudden inrush of air due to the partial
vacuum which exists owing to the cooling of the expanded gas content of the
desiccator, and thus prevent material being blown out of the crucible.

A desiccator is frequently also employed for the thorough drying of solids
for analysis and for other purposes. Its effictent operation depends upon the
condition of the desiccant; the latter should therefore be renewed at frequent
intervals, particularly if its drying capacity is low. For dealing with large
quantities of solid a vacuum desiccator is advisable.

Convenient types of ‘vacuum’ desiccators are illustrated in Fig. 3.5. Large
surfaces of the solid can be exposed; the desiccator may be evacuated, and
drying 1s thus much more rapid than in the ordinary Scheibler type. These
desiccators are made of heavy glass, plastics, or even metal, and are designed
to withstand reduced pressure; nevertheless, no desiccator should be evacuated
unless it is surrounded by an adequate guard in the form of a stout wire cage.

(a) (h)
Fig. 3.5
For most purposes the ‘vacuum’ produced by an efficient water pump
(20-30 mm mercury) will suffice; a guard tube containing desiccant should be

inserted between the pump and the desiccator. The sampie to be dried should
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be covered with a watch or clock glass, so that no mechanical loss ensues as a
result of the removal or admission of air. Air must be admitted slowly into an
exhausted desiccator: if the substance is very hygroscopic a drying train should
DC auacnea io me S[OpCOCK in OI'GCI' 10 malntam a Sa[]SlaCLOfy vacuum W]L[llll
the desiccator, the flanges on both the lid and the base must be well lubricated
with Vaseline or other suitable grease. In some desiccators an elastomer ring
isincorporated in a groove in the flange of the lower component of the desiccator:
when the pressure is reduced, the ring is compressed by the lid of the desiccator,
and an air-tight seal is produced without the need for any grease. The same
desiccants are used as with an ordinary desiccator.

Dry boxes (glove boxes) which are especially intended for the manipulation
of materials which are very sensitive to atmospheric moisture (or to oxygen),
consist of a plastic or metal box provided with a window (of glass or clear
plastic) on the upper side, and sometimes also on the side walls. A pair of rubber
or plastic gloves are fitted through air-tight seals through the front side of the

box, and by placing the hands and forearms into the gloves, manipulations may

be carried out inside the box. One end of the box is fitted with an air-lock so

that apparatus and materials can be introduced into the box without disturbing
the atmosphere inside. A tray of desiccant placed inside the box will maintain
a dry atmosphere, but to counter the unavoidable leakages in such a system,
it is advisable to supply a slow current of dry air to the box; inlet and outlet
taps are provided to control this operation. If the box is flushed out before use
with an inert gas (e.g. nitrogen), and a slow stream of the gas is maintained
while the box is in use, materials which are sensitive to oxygen can be safely
handled. For a detailed discussion of the construction and uses of glove boxes,
see Ref. 10.

3.23 STIRRING APPARATUS

Many operations involving solutions of reagents require the thorough mixing
of two or more reactants, and apparatus suitable for this purpose ranges from
a simple glass stirring rod to electrically operated stirrers.

Stirring rods., These are made from glass rod 3-5mm in diameter, cut into
suitable lengths. Both ends should be rounded by heating in the Bunsen or
blowpipe flame. The length of the stirring rod should be suitable for the size
and the shape of the vessel for which it is employed, e.g. for use with a beaker
provided with a spout, it should project 3—5 cm beyond the lip when in a resting
position.

A short piece of Teflon or of rubber tubing (or a rubber cap) fitted tightly
over one end of a stirring rod of convenient size gives the so-calied ‘policeman’;
it is used for detaching particles of a precipitate adhering to the side of a vessel
which cannot be removed by a stream of water from a wash bottle: it should
not, as a rule, be employed for stirring, nor should it be allowed to remain in
a solution.

Boiling rods. Boiling liquids and liquids in which a gas, such as hydrogen
sulphide, sulphur dioxide etc., has to be removed by boiling can be prevented
from superheating and ‘bumping’ by the use of a boiling rod (Fig. 3.6). This
consists of a piece of glass tubing closed at one end and sealed approximately
1 cm from the other end; the latter end is immersed in the liquid. When the rod
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K

Fig. 3.6

is removed, the liquid in the open end must be shaken out and the rod rinsed
with a jet of water from a wash bottle. This device should not be used in solutions
which contain a precipitate.

Stirring may be conveniently effected with the so-called magnetic stirrer. A

rotating field of maonetic faorce ig pmnlnvpd to induce variable-sneed stirring
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action within either closed or open vessels. The stirring is accomplished with
the aid of a small cylinder of iron sealed in Pyrex glass, polythene, or Teflon,
which is caused to rotate by a rotating magnet.

The usual type of glass paddle stirrer is also widely used in conjunction with
an electric motor fitted with either a transformer-type, or a solid-state, speed
controller. The stirrer may be either connected directly to the motor shaft or
to a spindle actuated by a gear box which forms an integral part of the motor
housing; by these means, wide variation in stirrer speed can be achieved.

Under some circumstances, €.g. the dissolution of a sparingly soluble solid,

it may be more advantugcsus to make use of a mechanical shaker. Various

models are available, ranging from ‘wrist action shakers’ which will accommodate
small-to-moderate size flasks, to those equipped with a comparatively powerful
electric motor and capable of shaking the contents of large bottles vigorously.

3.24 FILTRATION APPARATUS

The simplest apparatus used for filtration is the filter funnel fitted with a filter
paper. The funnel should have an angle as close to 60° as possible, and a long
stem (15cm) to promote rapid filtration. Filter papers are made in varying
grades of porosity, and one appropriate to the type of material to be filtered
must be chosen (see Section 3.34).

In the majority of quantitative determinations involving the collection and
weighing of a precipitate, it is convenient to be able to collect the precipitate
in a crucible in which it can be weighed directly, and various forms of filter
crucible have been devised for this purpose. Sintered glass crucibles are made
of resistance glass and have a porous disc of sintered ground glass fused into
the body of the crucible. The filter disc is made in varying porosities as indicated
by numbers from O (the coarsest) to 5 (the finest); the range of pore diameter
for the various grades is as follows:

Porosity 0 1 2 3 4 5
Pore diameter pm  200-250 100-120 40-50 2(-30 5-10 1-2
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Porosity 3 is suitable for precipitates of moderate particle size, and porosity 4
for fine precipitates such as barium sulphate. These crucibles should not be
heated above about 200 °C.

Silica crucibles of similar pattern are also available, and, although expensive,
have certain advantages in thermal stability,

Filter crucibles with a porous filter base are available in porcelain (porosity 4),
in silica (porosities 1, 2, 3,4), and in alumina (coarse, medium and fine porosities):
these have the advantage as compared with sintered crucibles, of being capable
of being heated to much higher temperatures. Nevertheless, the heating must
be gradual otherwise the crucible may crack at the join between porous base
and glazed side.

For filtering large quantities of material, a Buchner funnel is usually
employed; alternatively, one of the modified funnels shown diagrammatically
in Fig. 3.7 may be used. Here (a) is the ordinary porcelain Buchner funnel, (b)
is the ‘sht sieve’ glass funnel. In both cases, one or (better) two good-quality
filter papers are placed on the plate; the glass type is preferable since it is

transparent and itis easy to see whether the funnel is perfectly clean. Type ( c)isa

Pyrex funnel with a sintered glass plate; no filter paper is required so that
strongly acidic and weakly alkaline solutions can be readily filtered with this
funnel. In all cases the funnel of appropriate size is fitted into a filter flask (d),
and the filtration conducted under the diminished pressure provided by a filter
pump or vacuum line.

]
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(u) (b (c) (d)
Fig. 3.7

One of the disadvantages of the porcelain Buchner funnel is that, being of
one-piece construction, the filter plate cannot be removed for thorough cleaning
and it is difficult to see whether the whole of the plate is clean on both sides.
In a modern polythene version, the funnel is made in two sections which can
be unscrewed, thus permitting inspection of both sides of the plate.

In some circumstances, separation of solid from a liquid is better achieved
by use of a centrifuge than by filtration, and a small, electrically driven centrifuge
is a useful piece of equipment for an analytical laboratory. It may be employed
for removing the mother liquor from recrystallised salts, for collecting difficultly
filterable precipitates, and for the washing of certain precipitates by decantation.
It is particularly useful when small quantities of solids are involved; centrifuging,
followed by decantation and re-centrifuging, avoids transference losses and yields
the solid phase in a compact form. Another valuable application is for the
separation of two immiscible phases.
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3.25 WEIGHING BOTTLES

Most chemicals are weighed by diﬁerence by placing the material inside a
stoppered weighing bottle which is then weighed. The requisite amount of
substance is shaken out into a suitable vessel (beaker or ﬂask), and the weight
of substance taken is determined by re-weighing the weighing bottle. In this
way, the substance dispensed receives the minimum exposure to the atmosphere
during the actual weighing process: a feature of some importance if the
material is hygroscoplc

The most convenient form of weighing bottle is one fitted with an external
cap and made of glass, polythene or polycarbonate. A weighing bottle with an
internally fitting stopper is not recommended; there is always the danger that
small particles may lodge at the upper end of the bottle and be lost when the
stopper is pressed into place.

If the substance is unaffected by exposure to the air, it may be weighed
on a watch glass, or in a disposable plastic container. The weighing funnel
(Fig. 3.8) is very useful, particularly when the solid is to be transferred to a
flask: having weighed the solid into the scoop-shaped end which is flattened so
that it will stand on the balance pan, the narrow end is inserted into the neck
of the flask and the solid washed into the flask with a stream of water from a
wash bottle.

—

Fig. 3.8

Woodward and Redman®° have described a specially designed weighing bottle
which will accommodate a small platinum crucible: when a substance has been
ignited in the crucible, the crucible is transferred to the weighing bottle and
subsequently weighed in this. This device obviates the need for a desiccator.

If the substance to be weighed is a liquid, it is placed in a weighing bottle
fitted with a cap carrying a dropping tube.

REAGENTS AND STANDARD SOLUTIONS
3.26 REAGENTS

The purest reagents available should be used for quantitative analysis; the
analytlcal reagent quality is generally employed. In Great Britain ‘AnalaR’
chemicals from BDH Chemicals conform to the specifications given in the
handbook ‘AnalaR’ Standards for Laboratory Chemicals.'' In the USA the
American Chemical Society committee on Analytical Reagents has established
standards for certain reagents, and manufacturers supply reagents which are
labelled ‘Conforms to ACS Specifications’. In addition, certain manufacturers
market chemicals of high purity, and each package of these analysed chemicals
has a label giving the manufacturer’s limits of certain impurities.

With the increasingly lower limits of detection being achieved in various
types of instrumental analysis, there is an ever growing demand for reagents of
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correspondingly improved specification, and some manufacturers are now
offering a range of specially purified reagents such as the BDH Ltd ‘Aristar’
chemicals, specially purified solvents for spectroscopy (e.g. BDH Ltd ‘Spectrosol’)
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and bpcuuﬂy prepared reagents for ChlUAUdLUglaphy.

In some instances, where a reagent of the requisite purity is not available, it
may be advisable to weigh out a suitable portion of the appropriate pure metal
(e.g. the Johnson, Matthey ‘Specpure’ range), and to dissolve this in the
appropriate acid.

It must be remembered that the label on a bottle is not an infallible guarantee
of the purity of a chemical, for the following reasons:

(@) Some impurities may not have been tested for by the manufacturer.

(b) The reagent may have been contaminated after its receipt from the
manufacturers either by the stopper having been left open for some time,
with the consequent exposure of the contents to the laboratory atmosphere
or by the accidental return of an unused portion of the reagent to the bottie.

(c) In the case of a solid reagent, it may not be sufficiently dry. This may be
due either to insufficient drying by the manufacturers or to leakage through
the stoppers during storage, or to both of these causes.

However, if the analytical reagents are purchased from a manufacturing firm
of repute, the instructions given (a) that no bottle is to be opened for a longer
time than is absolutely necessary, and (b) that no reagent is to be returned to the
bottle after it has been removed, the likelihood of any errors arising from some
of the above possible causes is considerably reduced. Liquid reagents should be
poured from the bottle; a pipette should never be inserted into the reagent
bottle. Particular care should be taken to avoid contamination of the stopper
never be placed on the shelf or on the working bench; it may be placed upon
a clean watchglass, and many chemists cultivate the habit of holding the stopper
between the thumb and fingers of one hand. The stopper should be returned
to the bottle immediately after the reagent has been removed, and all reagent
bottles should be kept scrupulously clean, particularly round the neck or mouth
of the bottle.

If there is any doubt as to the purity of the reagents used, they should be
tested by standard methods for the impurities that might cause errors in the
determinations. It may be mentioned that not all chemicals employed in
guantitative analysis are available in the form of analytical reagents; the purest
commercially available products should, if necessary, be purified by known
methods: see below. The exact mode of drying, if required, will vary with the
reagent; details are given for specific reagents in the text.

3.27 PURIFICATION OF SUBSTANCES

If a reagent of adequate purity for a particular determination is not available,
then the purest available product must be purified: this is most commonly done
by recrystallisation from water. A known weight of the solid is dissolved in a
volume of water sufficient to give a saturated or nearly saturated solution at
the boiling point: a beaker, conical flask or porcelain dish may be used. The
hot solution is filtered through a fluted filter paper placed in a short-stemmed
funnel, and the filtrate collected in a beaker: this process will remove insoluble
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material which is usually present. If the substance crystallises out in the funnel,
it should be filtered through a hot-water funnel. The clear hot filtrate is cooled
rapidly by immersion in a dish of cold water or in a mixture of ice and water,
accor uulg to the SGiuuuuy of the SGuu the solution is CGnStai‘lu_y stirred in order
to promote the formation of small crystals, which occlude less mother liquor
than larger crystals. The solid is then separated from the mother liquor by
filtration, using one of the Buchner-type funnels shown in Fig. 3.7 (Section 3.24).
When all the liquid has been filtered, the solid is pressed down on the funnel
with a wide glass stopper, sucked as dry as possible, and then washed with small
portions of the original solvent to remove the adhering mother liquor. The
recrystallised solid is dried upon clock glasses at or above the laboratory
temperature according to the nature of the material; care must of course be
taken to exclude dust. The dried solid is preserved in glass-stoppered bottles.
It should be noted that unless great care is taken when the solid is removed
from the funnel, there is danger of introducing fibres from the filter paper, or

small particles of glass from the glass filter disc: scraping of the filter paper or
of the filter disc must be avoided.
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Some solids are either too soluble, or the solubility does not vary sufficiently
with temperature, in a given solvent for direct crystallisation to be practicable.
In many cases, the solid can be precipitated from, say, a concentrated aqueous
solution by the addition of a liquid, miscible with water, in which it is less
soluble. Ethanol, in which many inorganic compounds are almost insoluble, is
generally used. Care must be taken that the amount of ethanol or other solvent
added is not so large that the impurities are also precipitated. Potassium
hydrogencarbonate and antimony potassium tartrate may be purified by this
method.
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organlc solvents, and here again, prec1p1tat10n by the addition of another solvent
in which the required compound is insoluble, may be effective; while liquids
can be purified by fractional distillation.

Sublimation. This process is employed to separate volatile substances from
non-volatile impurities. fodine, arsenic(IIl) oxide, ammonium chloride and a
number of organic compounds can be purified in this way. The material to be
purified is gently heated in a porcelain dish, and the vapour produced is
condensed on a flask which is kept cool by circulating cold water inside it.

Zone refining. This is a purification technique originally developed for the
refinement of certain metals, and is applicable to all substances of reasonably
low melting point which are stable at the melting temperature. In a zone refining
apparatus, the substance to be purified i1s packed into a column of glass or
stainless steel, which may vary in length from 15 cm (semimicro apparatus) to
1 metre. An electric ring heater which heats a narrow band of the column is
allowed to fall slowly by a motor-controlled drive, from the top to the bottom
of the column. The heater is set to produce a molten zone of material at a
temperature 2—-3 °C above the melting point of the substance, which travels
slowly down the tube with the heater. Since impurities normally lower the
melting point of a substance, it follows that the impurities tend to flow down
the column in step with the heater, and thus to become concentrated in the
lower part of the tube. The process may be repeated a number of times (the
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PREPARATION AND STORAGE OF STANDARD SOLUTIONS 3.28

apparatus may be programmed to reproduce automatically a given number of
cycles), until the required degree of purification has been achieved.

3.28 PREPARATION AND STDRAGE OF STANDARD SOLUTIDNS

In any analytical laboratory it is essential to maintain stocks of solutions of

various reagents: some of these will be of accurately known concentration (i.e.

standard solutions) and correct storage of such solutions is imperative.
Solutions may be classified as:

reagent solutions which are of approximate concentration;

standard solutions which have a known concentration of some chemical;
standard reference solutions which have a known concentration of a primary
standard substance (Section 10.6);

4. standard titrimetric solutions which have a known concentration (determined
either by weighing or by standardisation) of a substance other than a primary
standard.

bl e

The TUPAC Commission on Analytical Nomenclature refers to (3) and (4)
respectively as Primary Standard Solutions and Secondary Standard Solutions.

For reagent solutions as defined above (i.e. 1) it is usually sufficient to weigh
out approximately the amount of material required, using a watchglass or a
plastic weighing container, and then to add this to the required volume of
solvent which has been measured with a measuring cylinder.

To prepare a standard solution the following procedure is followed. A
short-stemmed funnel is inserted into the neck of a graduated flask of the
appropriate size. A suitable amount of the chemical is placed in a weighing
bottle which is weighed, and then the required amount of substance is transferred
from the weighing bottle to the funnel, taking care that no particles are lost.
After the weighing bottle has been re-weighed, the substance in the funnel is
washed down with a stream of the liquid. The funnel is thoroughly washed,
inside and out, and then removed from the flask; the contents of the flask are
dissolved, if necessary, by shaking or swirling the liquid, and then made up to
the mark: for the final adjustment of volume, a dropping tube drawn out to
form a very fine jet is employed.

If a watch glass is employed for weighing out the sample, the contents are
transferred as completely as possible to the funnel, and then a wash bottle is
used to remove the last traces of the substance from the watch glass. If the
weighing scoop (Fig. 3.8; Section 3.25) is used, then of course a funnel is not
needed provided that the flask is of such a size that the end of the scoop is an
ecasy fit in the neck.

If the substance is not readily soluble in water, it is advisable to add the
material from the weighing bottle or the watchglass to a beaker, followed by
distilled water; the beaker and its contents are then heated gently with stirring
until the solid has dissolved. After allowing the resulting concentrated solution
to cool a little, it is transferred through the short-stemmed funnel to the
graduated flask, the beaker is rinsed thoroughly with several portions of distilled
water, adding these washings to the flask, and then finally the solution i1s made
up to the mark: it may be necessary to allow the flask to stand for a while
before making the final adjustment to the mark to ensure that the solution is
at room temperature. Under no circumstances may the graduated flask be heated.
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3 CONMMON APPARATUS AND BASIC TECHNIQUES

Insome circumstances it may be considered preferable to prepare the standard
solution by making use of one of the concentrated volumetric solutions supplied
1n sealed ampoules which only require dilution in a graduated flask to produce
a standard solution.

Solutions which are comparatively stable and unaffected by exposure to air
may be stored in 1litre or 2.5litre bottles; for work requiring the highest
accuracy, the bottles should be Pyrex, or other resistance glass, and fitted with
ground-glass stoppers: the solvent action of the solution being thus considerably
reduced. It is however necessary to use a rubber bung instead of a glass stopper
for alkaline solutions, and in many instances a polythene container may well
replace glass vessels. It should be noted, however, that for some solutions as,
for example, iodine and silver nitrate, glass containers only may be used, and
in both these cases the bottle shouid be made of dark (brown) glass: solutions
of EDTA (Section 10.49) are best stored in polythene containers.

The bottie should be clean and dry: a little of the stock solution is introduced,
the bottie well rinsed with this solution, drained, the remainder of the solution

pnanrl 1n and the hottle immediately afnnnprpr‘ If the hottle is not dry hut
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has recently been thoroughly rinsed with distilled water, it may be rinsed
successively with three small portions of the solution and drained well after
each rinsing; this procedure is, however, less satisfactory than that employing
a clean and dry vessel. Immediately after the solution has been transferred to
the stock bottle, it should be labelled with: (1) the name of the solution; (2) its
concentration; (3) the data of preparation; and (4) the initials of the person
who prepared the solution, together with any other relevant data. Unless the
bottle is completely filled, internal evaporation and condensation will cause
drops of water to form on the uppcr part of the inside of the vessel. For this
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For expressing concentrations of reagents, the molar system is universally
applicable, i.e. the number of moles of solute present in 1L of solution.
Concentrations may also be expressed in terms of normality if no ambiguity is
likely to arise (see Appendix 17).

Solutions liable to be affected by access of air (e.g. aikali hydroxides which
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Fig. 3.9
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absorb carbon dioxide; iron(IT) and titanium (IIT) which are oxidised) may be
stored in the apparatus shown diagrammatically in Fig. 3.9. A is a large storage
bottle of 10—15 litres capacity B is a 50 mL burette provided with an automatic
filling device at C (the point of the drawn-out tube is adjusted to be exactly at
the zero mark of the burette), D is the burette—bottle clamp, E is a two-holed
ground-glass joint, F is a ground-glass tension joint, a rubber tube is connected
to a hydrogen cylinder and to the T-joint below L, H is a Bunsen valve, and J
is hydrogen. The burette is filled by closing tap K and passing hydrogen through
the rubber tube attached to the T-piece (below tap L) with tap L closed; taps L
and K are opened, and the excess of liquid allowed to siphon back.

Another apparatus for the storage of standard solutions is shown in Fig. 3.10
which is self-explanatory. The solution is contained in the storage bottle A, and
the 50 mL burette is fitted into this by means of a ground-glass joint B. To fill
the burette, tap C is opened and the liquid pumped into the burette by means
of the small bellows E. F is a small guard tube; this is filled with soda-lime or

‘Carbosorb’ when caustic alkali is contained in the storage bottle. Bottles with
a canamrv up to 2 litres are nrmnded with standard ground- olnee mmfc Inroc-
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bottles up to 15 L capacity, can also be obtained. W]th both of these storage
vessels, for strongly alkaline solutions, the ground-glass joints should be replaced
by rubber bungs or rubber tubing.

)

Fig. 3.10

The Dafert pipette (Fig. 3.2; Section 3.11) is a convenient apparatus for
dispensing fixed volumes of a standard solution, as are also the various liquid
dispensers which are availabie,

SOME BASIC TECHNIQUES
3.29 PREPARATION OF THE SUBSTANCE FOR ANALYSIS

Presented with a large quantity of a material to be analysed, the analyst is
immediately confronted with the problem of selecting a representative sample
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3 COMMON APPARATUS AND BASIC TECHNIQUES

for the analytical investigations. It may well be that the material is in such large
pieces that comminution is necessary in order to produce a specimen suitable
for handling in the laboratory. These important factors are considered in
Chapter 5 (Sections 5.2; 5.4), and as explained therein, the material is usually
dried at 105-110 °C before analysis.

3.30 WEIGHING THE SAMPLE

If necessary refer to Section 3.5 dealing with the operation of a chemical balance,
and to Sections 3.25 and 3.22 which are concerned with the use of weighing
bottles and desiccators respectively.

The material, prepared as above, is usually transferred to a weighing bottle
which is stoppered and stored in a desiccator. Samples of appropriate size are
withdrawn from the weighing bottle as required, the bottle being weighed before
and after the withdrawal, so that the weight of substance is obtained by difference.

Attention is drawn to vibro- spatulas which are useful adjuncts to the

lan~t e |
weighing-out of powders. The spatula is connected to the electric mams, and

the powder is placed on the blade of the spatula. When the current is switched
on, the blade is caused to vibrate and to deposit solid gradually into the beaker
or other container over which it is held: the intensity of the vibration may be
adjusted.

3.31 SOLUTION OF THE SAMPLE

Most organic substances can be dissolved readily in a suitable organic solvent
and some are directly soluble in water or can be dissolved in aqueous solutions
of acids (basic materials) or of alkalis (acidic materials). Many inorganic
substances can be dissolved directly in water or in dilute acids, but materials
such as minerals, refractories, and alloys must usually be treated with a variety
of reagents in order to discover a suitable solvent: in such cases the preliminary
qualitative analysis will have revealed the best procedure to adopt. Each case
must be considered on its merits; no attempt at generalisation will therefore be
made. It is however of value to discuss the experimental technique of the simple
process of solution of a sample in water or in acids, and also the method of
treatment of insoluble substances.

For a substance which dissolves readily, the sample is weighed out into a
beaker, and the beaker immediately covered with a clockglass of suitable size
(its diameter should not be more than about 1 cm larger than that of the beaker)

with its convex side facing downwards. The beaker should have a spout in order
to nrnmde an outlet for the escape of steam or gas. The solvent is then added
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by pouring it carefully down a glass rod, the lowcr end of which rests against
the wall of the beaker; the clockglass is displaced somewhat during this process.
If a gas is evolved during the addition of the solvent (e.g. acids with carbonates,
metals, alloys, etc.), the beaker must be kept covered as far as possible during
the addition. The reagent is then best added by means of a pipette or by means
of a funnel with a bent stem inserted beneath the clockglass at the spout of the
beaker; loss by spirting or as spray is thus prevented. When the evolution of
gas has ceased and the substance has completely dissolved, the underside of the
clockglass is well rinsed with a stream of water from a wash bottle, care being
taken that the washings fall on to the side of the beaker and not directly into
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the solution. If warming is necessary, it is usually best to carry out the dissolution
in a conical flask with a small funnel in the mouth; loss of liquid by spirting is
thus prevented and the escape of gas is not hindered. When using volatile
solvents, the flask should be fitted with a reflux condenser.

It may often be necessary to reduce the volume of the solution, or sometimes
to evaporate completely to dryness. Wide and shallow vessels are most suitable,
since a large surface is thus exposed and evaporation is thereby accelerated.
Shallow beakers of resistance glass, Pyrex evaporating dishes, porcelain basins
or casseroles, silica or platinum basins may be employed; the material selected
will depend upon the extent of attack of the hot liquid upon it and upon the
constituents being determined in the subsequent analysis. Evaporations should
be carried out on the steam bath or upon a low-temperature hot plate; slow
evaporation is preferable to vigorous boiling, since the latter may lead to some
mechanical loss in spite of the precautions to be mentioned below. During
evaporations, the vessel must be covered by a Pyrex clockglass of slightly larger
diameter than the vessel, and supported either on a large all-glass triangle or

upon three small U-rods of Pyrex glass hanging over the rim of the container.

Needless to say, at the end of of the evaporation the sides of the vessel, the
lower side of the clockglass and the triangle and glass hooks (if employed)
should be rinsed with distilled water into the vessel.

For evaporation at the boiling point either a conical flask with a short Pyrex
funnel in the mouth or a round-bottomed flask inclined at an angle of about
45° may be employed; in the latter the drops of liquid, etc., thrown up by the
ebullition or by effervescence will be retained by striking the inside of the flask,
while gas and vapour will escape freely. When organic solvents are employed
the flask should be fitted with a ‘swan-neck’ tube and a condenser so that the

enlvant ie rarnvarad
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Consideration must be given to the possibility of losses occurring during the
concentration procedure; for example, boric acid, halogen acids and nitric acid
are lost from boiling aqueous solutions.

Substances which are insoluble (or only slightly soluble) in water can often
be dissolved in an appropriate acid, but the possible loss of gaseous products
must be borne in mind. The evolution of carbon dioxide, hydrogen sulphide
and sulphur dioxide from carbonates, sulphides and sulphites respectively will
be immediately apparent, but less obvious are losses of boron and silicon as
the corresponding fluorides during evaporations with hydrofluoric acid, or loss
of halogen by the treatment of halides with a strong oxidising agent such as
nitric acid.

Concentrated hydrochloric acid will dissolve many metals (generally those
situated above hydrogen in the electrochemical series), as well as many metallic
oxides. Hot concentrated nitric acid dissolves most metals, but antimony, tin
and tungsten are converted to slightly soluble acids thus providing a separation
of these elements from other components of alloys. Hot concentrated sulphuric
acid dissolves many substances and many organic materials are charred and
then oxidised by this treatment.

A mixture of hydrochloric and nitric acids (3:1 by volume) known as
aqua regia is a very potent solvent largely due to its oxidising character, and
the addition of oxidants such as bromine or hydrogen peroxide frequently
increases the solvent action of acids.

Hydrofluoric acid is mainly used for the decomposition of silicates; excess
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hydrofluoric acid is removed by evaporation with sulphuric acid leaving a
residue of metallic sulphates. Complexes of fluoride ions with many metallic
cations are very stable and so the normal properties of the cation may not be
CXIIIDHCU ].l lb l[lﬁfel()fe essential to ensure LUmplGlC l't)ﬂ'l()le UI l'lll()['l(.lC dfl(l
to achieve this, it may be necessary to repeat the evaporation with sulphuric
acid two or three times. Hydrofluoric acid must be handled with great care; it
causes serious and painful burns of the skin.

Perchloric acid attacks stainless steels and a number of iron alloys that do
not dissolve in other acids. Perchloric acid must be used with great care; the hot
concentrated acid gives explosive reactions with organic materials or easily
oxidised inorganic compounds, and it is recommended that if frequent reactions
and evaporations involving perchloric acid are to be performed, a fume cupboard
which is free from combustible organic materials should be used. A mixture of
perchloric and nitric acids is valuable as an oxidising solvent for many organic
materials to produce a solution of inorganic constituents of the sample. For
safety in such operations, the substance should be treated first with concentrated

nitric acid. the mixture heated. and then careful additions of small guantities
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of perchloric acid can be made until the oxidation is complete. Even then, the
mixture should not be evaporated because the nitric acid evaporates first
allowing the perchioric acid to reach dangerously high concentrations. If a
mixture of nitric, perchloric and sulphuric acids (3:1:1 by volume) is used, then
the perchloric acid is also evaporated leaving a sulphuric acid solution of the
components to be analysed. In this operation the organic part of the material
under investigation is destroyed and the process is referred to as ‘wet ashing’.

Substances which are insoluble or only partially soluble in acids are brought
into solution by fusion with the appropriate reagent. The most commonly used

1y ntg r fluivag ac thavy are ~allad nhvdrang endin rhanata
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either alone or, less frequently, mixed with potassium nitrate or sodium peroxide;
potassium pyrosulphate, or sodium pyrosulphate; sodium peroxide; sodium
hydroxide or potassium hydroxide. Arnhydrous lithium metaborate has found
favour as a flux, especially for materials containing silica;'?> when the
resulting fused mass is dissolved in dilute acids, no separation of silica takes
place as it does when a sodium carbonate melt is similarly treated. Other
advantages claimed for lithium metaborate are the following.

1. No gases are evolved during the fusion or during the dissolution of the melt,
and hence there is no danger of losses due to spitting.

2. Fusions with lithium metaborate are usually guicker (15 minutes will often
suffice), and can be performed at a lower temperature than with other fluxes.

3. The loss of platinum from the crucible is less during a lithium metaborate
fusion than with a sodium carbonate fusion.

4. Many elements can be determined directly in the acid solution of the melt
without the need for tedious separations.

Naturally, the flux employed will depend upon the nature of the insoluble
substance. Thus acidic materials are attacked by basic fluxes (carbonates,
hydroxides, metaborates), whilst basic materials are attacked by acidic fluxes
(pyroborates, pyrosulphates, and acid fluorides). In some instances an oxidising
medium is useful, in which case sodium peroxide or sodium carbonate mixed
with sodium peroxide or potassium nitrate may be used. The vessel in which
fusion is effected must be carefully chosen; platinum crucibles are employed for
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sodium carbonate, lithium metaborate and potassium pyrosulphate; nickel or
silver crucibles, for sodium hydroxide or potassium hydroxide; nickel, gold,
silver, or iron crucibles for sodium carbonate and/or sodium peroxide; nickel
crucibies for sodium carbonate and potassium nitrate (platinum is slighily
attacked).

For the preparation of samples for X-ray fluorescence spectroscopy, lithium
metaborate is the preferred flux because lithium does not give rise to interfering
X-ray emissions. The fusion may be carried out in platinum crucibles or in
crucibles made from specially prepared graphite: these graphite crucibles can
also be used for the vacuum fusion of metal samples for the analysis of occluded
£ases.

To carry out the fusion, a layer of flux is placed at the bottom of the crucible,
and then an intimate mixture of the flux and the finely divided substance added;
the crucible should be not more than about half-full, and shouid, generally, be
kept covered during the whole process. The crucible is very gradually heated
at first, and the temperature slowly raised to the required temperature. The final

t h
temperature should not be higher than is actually necessary; any possible further

attack of the flux upon the crucible is thus avoided. When the fusion, which
usually takes 30-60 minutes, has been completed, the crucible is grasped by
means of the crucible tongs and gently rotated and tilted so that the molten
material distributes itself around the walls of the container and solidifies there
as a thin layer. This procedure greatly facilitates the subsequent detachment
and solution of the fused mass. When cold, the crucible is placed in a casserole,
porcelain dish, platinum basin, or Pyrex beaker (according to the nature of the
flux) and covered with water. Acid is added, if necessary, the vessel is covered
with a clockglass, and the temperature is raised to 95-100 °C and maintained
until solution is achieved.

Many of the substances which require fusion treatment to render them soluble
will in fact dissolve in mineral acids if the digestion with acid is carried out
under pressure, and conseguently at higher temperatures than those normally
achieved. Such drastic treatment requires a container capable of withstanding
the requisite pressure, and also resistant to chemical attack: these conditions
are met in acid digestion vessels (bombs). These comprise a stainless-stecl
pressure vessel {capacity 50 mL) with a screw-on lid and fitted with a Teflon
liner. They may be heated to 150-180°C and will withstand pressures of
80—-90 atmospheres; under these conditions decomposition of refractory materials
may be accomplished in 45 minutes. Apart from the saving in time which is
achieved, and the fact that the use of expensive platinum ware is obviated, other

advantages of the method are that no losses can occur during the treatment,
and the resulting solution is free from the henvv loading of alkali metals which
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follows the usual fusion procedures. A recent modzﬁcanon is the construction
of vessels made entirely of Teflon which can be heated in a microwave oven,
with even more rapid reaction times. A full discussion of decomposition
techniques is given in Ref. 13.

A decomposition procedure applicable to organic compounds containing
elements such as halogens, phosphorus or sulphur, consists in combustion of
the organic material in an atmosphere of oxygen; the inorganic constituents
are thus converted to forms which can be determined by titrimetric or
spectrophotometric procedures. The method was developed by Schoniger'#!?
and is usually referred to as the Schoniger Oxygen Flask Method. A number
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of reviews of the procedures have been published'®!” giving considerable
details of all aspects of the subject.

In outline the procedure consists of carefully weighing about 5-10mg of
sample on to a shaped piece of paper (Fig. 3.11¢} which is folded in such a way
that the tail (wick) is free. This is then placed in a platinum basket or carrier
suspended from the ground-glass stopper of a 500 mL or 1 litre flask. The flask,
containing a few millilitres of absorbing solution (e.g. aqueous sodium hydroxide),
is filled with oxygen and then sealed with the stopper with the platinum basket
attached.

{ > A & B
(@) ) (c)

Fig. 3.11 Conventional flasks for microdeterminations: (a) air leak design; (5) stopper
design; (c) filter paper for wrapping sample. Reproduced by permission from A. M. B.
Macdonald, in Advances in Analytical Chemistry and Instrumentation, C. N. Reilly (Ed.),
Vol. 4, Interscience, New York, 1965, p. 75.

placed in the flask neck, or better still ignited by remote electrical control, or
by an infrared lamp. In any case combustion is rapid and usually complete
within 5--10 seconds. After standing for a few minutes until any combustion
cloud has disappeared, the flask is shaken for 2-3 minutes to ensure that
complete absorption has taken place. The solution can then be treated by a
method appropriate to the element being determined.

Organic sulphur is converted to sulphur trioxide and sulphur dioxide by the
combustion, absorbed in hydrogen peroxide, and the sulphur determined as
sulphate.

The combustion products of organic halides are usually absorbed in sodium
hydroxide containing some hydrogen peroxide. The resulting solutions may be
analysed by a range of available procedures. For chiorides the method most
commonly used is that of argentimetric potentiometric titration!® (see Section
15.20), whilst for bromides a mercurimetric titration'® is comparable with the
argentimetric method.

Phosphorus from organophosphorus compounds, which are combusted to
give mainly orthophosphate, can be absorbed by either sulphuric acid or nitric
acid and readily determined spectrophotometrically either by the molybdenum
blue method or as the phosphovanadomolybdate (Section 17.39).

Procedures have also been devised for the determination of metallic
constituents. Thus, mercury is absorbed in nitric acid and titrated with sodium
diethyldithiocarbamate, whilst zinc is absorbed in hydrochloric acid and
determined by an EDTA titration (see Section 10.65).
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The simplest method for decomposing an organic sample is to heat it in an
open crucible until all carbonaceous matter has been oxidised leaving a residue
of inorganic components usually as oxide. The residue can then be dissolved
in dilute acid giving a solution which can be analysed by appropriate procedures.
This technique is referred to as dry ashing; it is obviously inapplicable when
the inorganic component is volatile. Under these conditions the wet ashing
procedure described under perchloric acid must be used. A full discussion of

the destruction of organic matrices is given in Ref. 20.

3.32 PRECIPITATION

The conditions for precipitation of inorganic substances are given in Section 11.6.
Precipitations are usually carried out in resistance-glass beakers, and the
solution of the precipitant is added slowly (for example, by means of a pipette,
burette, or tap funnel) and with efficient stirring of the suitably diluted solution.
The addition must always be made without splashing; this is best achieved by
allowing the solution of the reagent to flow down the side of the beaker or
precipitating vessel. Only a moderate excess of the reagent is generaily required;
a very large excess may lead to increasing solubility (compare Section 2.6) or
contamination of the precipitate. After the precipitate has settled, a few drops
of the precipitant should always be added to determine whether further
precipitation occurs. As a general rule, precipitates are not filtered off immediately
after they have been formed; most precipitates, with the exception of those which
are definitely colloidal, such as iron(11I} hydroxide, reguire more or less digestion
(Section 11.5) to complete the precipitation and make all particles of filterable
size. In some cases digestion is carried out by setting the beaker aside and
leaving the precipitate in contact with the mother liquor at room temperature
for 12-24 hours; in others, where a higher temperature is permissible, digestion
1s usually effected near the boiling point of the solution. Hot plates, water baths,
or even a low flame if no bumping occurs, are employed for the latter purpose;
in all cases the beaker should be covered with a clockglass with the convex side
turned down. If the solubility of the precipitate is appreciable, it may be necessary
to allow the solution to attain room temperature before filtration.

3.33 FILTRATION

This operation is the separation of the precipitate from the mother liquor, the
object being to get the precipitate and the filtering medium quantitatively free
from the solution. The media employed for filtration are: (1) filter paper;
(2) porous fritted plates of resistance glass, e.g. Pyrex (sintered -glass filtering
crucibles), of silica (Vitreosil filtering crucibles), or of porcelain {porcelain
filtering crucibles): see Section 3.24.

The choice of the filtering medium will be controlled by the nature of the
precipitate (filter paper is especially suitable for gelatinous precipitates) and
also by the gquestion of cost. The limitations of the various filtering media are

given in the account which follows.

3.34 FILTER PAPERS

Quantitative filter papers must have a very small ash content; this is achieved
during manufacture by washing with hydrochloric and hydrofluoric acids. The
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sizes generally used are circles of 7.0, 9.0, 11.0, and 12.5 cm diameter, those of
9.0 and 11.0cm being most widely employed. The ash of a 11 ¢m circle should
not exceed 0.0001 g; if the ash exceeds this value, it should be deducted from
ulC WClEllL Ul lIlC lglliLCU reSlUUC LVldIlUldblureIS glVC VdIUCb IUI l[lC dVCIdgC db[l
per paper: the value may also be determined, if desired, by igniting several filter

papers in a crucible. Quantitative filter paper is made of various degrees of
porosity. The filter paper used must be of such texture as to retain the smallest
particles of precipitate and yet permit of rapid filtration. Three textures are
generally made, one for very fine precipitates, a second for the average precipitate
which contains medium-sized particles, and a third for gelatinous precipitates
and coarse particles. The speed of filtration is slow for the first, fast for the third,
and medium for the second. ‘Hardened’ filter papers are made by further
treatment of quantitative filter papers with acid; these have an extremely small
ash, a much greater mechanical strength when wet, and are more resistant to
acids and alkalis: they should be used in all quantitative work. The characteristics
of the Whatman series of hardened ashless filter papers are shown in Table 3.7.

Table 3.7 ‘Whatman’ quantitative filter papers

Filter paper Hardened ashless
Number 540 541 542
Speed Medium  Fast Slow
Particle size retention = Medium  Coarse  Fine
Ash (%) 0.008 0.008 0.008
The size of the filter paper selected for a particular operation is determined

by the bulk of the precipitate, and not by the volume of h liquid to be filtered.
The entire precipitate should occupy about a third of the capacity of the filter
at the end of the filtration. The funnel should match the filter paper in size; the
folded paper should extend to within 1-2 cm of the top of the funnel, but never
closer than 1 cm.

A funnel with an angle as nearly 60° as possible should be employed; the
stem should have a length of about 15 cm in order to promote rapid filtration.
The filter paper must be carefully fitted into the funnel so that the upper portion
beds tightly against the glass. To prepare the filter paper for use, the dry paper
is usually folded exactly in half and exactly again in quarters. The folded paper
is then opened so that a 60° cone is formed with three thicknesses of paper on
the one side and a single thickness on the other; the paper is then adjusted to
fit the funnel. The paper is placed in the funnel, moistened thoroughly with
water, pressed down tightly to the sides of the funnel, and then filled with water.
If the paper fits properly, the stem of the funnel will remain filled with liquid
during the filtration.

To carry out a filtration, the funnel containing the properly fitted paper is
placed in a funnel stand (or is supported vertically in some other way) and a
clean beaker placed so that the stem of the funnel just touches the side; this
will prevent splashing. The liquid to be filtered is then poured down a glass rod
into the filter, directing the liguid against the side of the filter and not into the
apex; the lower'end of the stirring rod should be very close to, but should not
quite touch, the filter paper on the side having three thicknesses of paper. The
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paper is never filled completely with the solution; the level of the liquid should
not rise closer than to within 5-10 mm of the top of the paper. A precipitate
which tends to remain in the bottom of the beaker should be removed by holding
the g}ass rod across the beaker, uuiug the beaker, and u1i‘c‘:Cung d_;CL of water
from a wash bottle so that the precipitate is rmsed into the filter funnel. This
procedure may also be adopted to transfer the last traces of the precipitate in
the beaker to the filter. Any precipitate which adheres firmly to the side of the
beaker or to the stirring rod may be removed with a rubber tipped rod or
‘policeman’ {Section 3.23),

Filtration by suction is rarely necessary: with gelatinous and some finely
divided precipitates, the suction will draw the particles into the pores of the
paper, and the speed of filtration will actually be reduced rather than increased.

3.35 CRUCIBLES WITH PERMANENT POROUS PLATES

Reference has already been made in Section 3.24 to these crucibles and to
crucibles with a porous base. In use, the crucible is supported in a special holder,
known as a crucxble adapter, by means of a wide rubber tube (Flg 3.12), the
bottom of the crucible should be quite free from the side of the funnel and from
the rubber gasket, the latter in order to be sure that the filtrate does not come
into contact with the rubber. The adapter passes through a one-holed rubber
bung into a large filter flask of about 750 mL capacity. The tip of the funnel
must project below the side arm of the filter flask so that there is no risk that
the liquid may be sucked out of the filter flask. The filter flask should be coupled
with another flask of similar capacity, and the latter connected to a water filter
pump; if the water in the pump should ‘suck back’, it will first enter the empty
flask and the filtrate will not be contaminated. It is advisable also to have some
sort of pressure regulator to limit the maximum pressure under which filtration
is conducted. A simple method is to insert a glass tap in the second filter flask,
as in the figure; alternatively, a glass T-piece may be introduced between the
receiver and the pump, and one arm closed either by a glass tap or by a piece
of heavy rubber tubing (‘pressure’ tubing) carrying a screw clip.

il
[\
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Fig. 3.12

When the apparatus is assembled, the crucible is half-filled with distilled
water, then gentle suction is applied to draw the water through the crucible.
When the water has passed through, suction 1s maintained for 1-2 minutes to
remove as much water as possible from the filter plate. The crucible is then
placed on a small ignition dish or saucer or upon a shallow-form Vitreosil
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capsule and dried to constant weight at the same temperature as that which
will be subsequently used in drying the precipitate. For temperatures up to
about 250°C a thermostatically controlled electric oven should be used. For
higher temperatures, the crucible may be heated in an electricaily heated muffle
furnace. In all cases the crucible is allowed to cool in a desiccator before weighing.

When transferring a precipitate into the crucible, the same procedure is
employed as described in Section 3.34 referring to the use of filter papers: care
must be taken that the liquid level in the crucible is never less than 1 cm from
the top of the crucible.

Care must be taken with both sintered glass and porous base crucibles to
avoid attempting the filtration of materials that may clog the filter plate. A new
crucible should be washed with concentrated hydrochloric acid and then with
distilled water. The crucibles are chemically inert and are resistant to all solutions
which do not attack silica; they are attacked by hydrofiuoric acid, fluorides,
and strongly alkaline solutions.

Crucibles fitted with permanent porous plates are cleaned by shaking out as
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with a suitable solvent. A hot 0.1 M solution of the tetrasodium salt of the
ethylenediaminetetra-acetic acid is an excellent solvent for many of the
precipitates [ except metallic sulphides and hexacyanoferrates(I11)] encountered
in analysis. These include barium sulphate, calcium oxalate, calcium phosphate,
calcium oxide, lead carbonate, lead iodate, lead oxalate, and ammonium
magnesium phosphate. The crucible may either be completely immersed in the
hot reagent or the latter may be drawn by suction through the crucible.

3.36 WASHING PRECIPITATES

Most precipitates are produced in the presence of one or more soluble
compounds. Since the latter are frequently not volatile at the temperature at
which the precipitate is ultimately dried, it is necessary to wash the precipitate
to remove such material as completely as possible. The minimum volume of
the washing liquid required to remove the objectionable matter should be used,
since no precipitate is absolutely insoluble. Qualitative tests for the removal of
the impurities should be made on small volumes of the filtered washing solution.
Furthermore, it is better to wash with a number of small portions of the washing
liquid, which are well drained between each washing, than with one or two
large portions, or by adding fresh portions of the washing liguid while solution
still remains on the filter (see Section 11.8).

The ideal washing liquid should comply as far as possible with the following
conditions.

—

. It should have no solvent action upon the precipitate, but dissolve foreign
substances easily.

It should have no dispersive action on the precipitate.

It should form no volatile or insoluble product with the precipitate.

It should be easily volatile at the temperature of drying of the precipitate.
It should contain no substance which is likely to interfere with subseguent
determinations in the filtrate.

SNk W

In general, pure water should not be used unless it is certain that it will not
dissolve appreciable amounts of the precipitate or peptise it. If the precipitate
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1s appreciably soluble in water, a common ion is usually added, since any
electrolyte is less soluble in a dilute solution containing one of its ions than it
is in pure water (Section 2. 7) as an example the washing of calcium oxalate
with dilute ammonium oxalate solution may be cited. If the precipitate tends
to become colloidal and pass through the filter paper (this is frequently observed
with gelatinous or flocculent precipitates), a wash solution containing an
electrolyte must be employed (compare Section 11.3). The nature of the
electrolyte is immaterial, provided it has no action upon the precipitate during
washing and is volatilised during the final heating. Ammonium salts are usually
selected for this purpose: thus ammonium nitrate solution is employed for
washing iron(III) hydroxide. In some cases it is possible to select a solution
which will both reduce the solubility of the precipitate and prevent peptisation;
for example, the use of dilute nitric acid with silver chloride. Some precipitates
tend to oxidise during washing; in such instances the precipitate cannot be
allowed to run dry, and a special washing solution which re-converts the oxidised
compoundsinto the original condition must be employed, e.g. acidified hydrogen

sulphide water for copper sulphide. Gelatinous precipitates, like aluminium

hydroxide, require more washing than crystalline ones, such as calcium oxalate.

In most cases, particularly if the precipitate settles rapidly or is gelatinous,
washing by decantation may be carried out. As much as possible of the liquid
above the precipitate is transferred to the prepared filter (either filter paper or
filter crucible), observing the usual precautions, and taking care to avoid, as far
as possible, disturbing the precipitate. Twenty to fifty millilitres of a suitable
wash liquid is added to the residue in the beaker, the solid stirred up and allowed
to settle. If the solubility of the precipitate allows, the solution should be heated,
since the rate of filtration will thus be increased. When the supernatant liquid
i$ clear, as much as PUBDIblU of the nquid is decanted L}‘uuusu the ﬁ1wuu5
medium. This process is repeated three to five times (or as many times as is
necessary) before the precipitate is transferred to the filter. The main bulk of
the precipitate is first transferred by mixing with the wash solution and pouring
off the suspension, the process being repeated until most of the solid has been
removed from the beaker. Precipitate adhering to the sides and bottom of the
beaker is then transferred to the filter with the aid of a wash bottle as described
in Section 3.34, using a ‘policeman’ if necessary to transfer the last traces of
precipitate. Finally, a wash bottle is used to wash the precipitate down to the
bottom of the filter paper or to the plate of the filter crucible.

In all cases, tests for the completeness of washing must be made by collecting
a small sample of the washing solution after it is estimated that most of the

impurities have been removed, and applying an appropriate qualitative test.
Where filtration is carried out under suction. a small test-tube is placed under
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the crucible adapter.

3.37 DRYING AND IGNITING PRECIPITATES

After a precipitate has been filtered and washed, it must be brought to a constant
composition before it can be weighed. The further treatment will depend both
upon the nature of the precipitate and upon that of the filtering medium; this
treatment consists in drying or igniting the precipitate. Which of the latter two
terms is employed depends upon the temperature at which the precipitate is
heated. There is, however, no definite temperature below or above which the
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precipitate is said to be dried or ignited respectively. The meaning will be
adequately conveyed for our purpose if we designate drying when the temperature
is below 250 °C (the maximum temperature which is readily reached in the usual
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to, say 1200 °C. Prempntates that are to be dried should be collected on filter
paper, or in sintered-glass or porcelain filtering crucibles. Precipitates that are
to be ignited are collected on filter paper, porcelain filtering crucibles, or silica
filtering crucibles. Ignition is simply effected by placing in a special ignition dish
and heating with the appropriate burner; alternatively, these crucibles (and,
indeed, any type of crucible} may be placed in an electrically heated muffie
furnace, which is equipped with a pyrometer and a means for controlling the
temperature.

Attention is directed to the information provided by thermogravimetric
analysis?'?*%? concerning the range of temperature to which a precipitate
should be heated for a particular composition. In general, thermal gravimetric
curves seem to suggest that in the past precipitates were heated for too long a
period and at too high a temperature. It must, however, be borne in mind that
in some cases the thermal gravimetric curve is influenced by the experimental
conditions of precipitation, and even if a horizontal curve is not obtained, it is
possible that a suitable weighing form may be available over a certain
temperature range. Nevertheless, thermograms do provide valuable data
concerning the range of temperature over which a precipitate has a constant
composition under the conditions that the thermogravimetric analysis was made;
these, at the very least, provide a guide for the temperature at which a precipitate
should be dried and heated for quantitative work, but due regard must be paid

to the general chemical properties of the weighing form.

Alfhnnoh prpmnafafpc which qunwr-‘ 1gn1hnn will usually be collected in
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porcelain or silica filtering crucibles, there may be some occasions where filter
paper has been used, and 1t is therefore necessary to describe the method to be
adopted in such cases. The exact technique will depend upon whether the
precipitate may be safely ignited in contact with the filter paper or not. It must
be remembered that some precipitates, such as barium sulphate, may be reduced
or changed in contact with filter paper or its decomposition products.

A. Incineration of the filter paper in the presence of the precipitate. A silica
crucible is first ignited to constant weight (i.e. to within 0.0002 g) at the same
temperature as that to which the precipitate is ultimately heated. The well-
drained filter paper and precipitate are carefully detached from the funnel; the
filter paper is folded so as to enclose the precipitate completely, care being taken
not to tear the paper. The packet is placed point-down in the weighed crucible,
which is supported on a pipe-clay, or better, a silica triangle resting on a ring
stand. The crucible is slightly inclined, and partially covered with the lid, which
should rest partly on the triangle. A very small flame is then placed under the
crucible lid; drying thus proceeds quickly and without undue risk. When the
moisture has been expelled, the flame is increased slightly so as to carbonise
the paper slowly. The paper should not be allowed to inflame, as this may cause
a mechanical expulsion of fine particles of the precipitate owing to the rapid
escape of the products of combustion: if, by chance, it does catch fire, the flame
should be extinguished by momentarily placing the cover on the mouth of the
crucible with the aid of a pair of crucible tongs. When the paper has completely
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carbonised and vapours are no longer evolved, the flame is moved to the back
{bottom) of the crucible and the carbon slowly burned off while the flame is
gradually increased.* After all the carbon has been bumed away, the crucible
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for this purpose) and heated to the required temperature by means of a Bunsen
burner. Usually it takes about 20 minutes to char the paper, and 30-60 minutes
to complete the ignition

When the ignition is ended, the flame is removed and, after 1-2 minutes, the
crucible and lid are placed in a desiccator containing a suitable desiccant
(Section 3.22), and ailowed to cool for 25-30 minutes, The crucible and lid are
then weighed. The crucible and contents are then ignited at the same temperature
for 10-20 minutes, allowed to cool in a desiccator as before, and weighed again.
The ignition is repeated until constant weight is attained. Crucibles should
always be handled with clean crucible tongs and preferably with platinum-tipped
tongs.

It is important to note that ‘heating to constant weight’ has no real
significance unless the periods of heating, cooling of the covered crucible, and
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weighing are dupllcated

B. Incineration of the filter paper apart from the precipitate. This method is
employed in all those cases where the ignited substance is reduced by the burning
paper; for example, barium sulphate, lead sulphate, bismuth oxide, copper oxide,
etc. The funnel containing the precipitate is covered by a piece of qualitative
filter paper upon which is written the formula of the precipitate and the name
of the owner; the paper is made secure by crumpling its edges over the rim of
the funnel so that they will engage the outer conical portion of the funnel. The
funnel is pmu:u in a uxylug oven maintained at 100-105 °C, for 1-2 hours or
until completely dry. A sheet of glazed paper about 25cm square (white or
black, to contrast with the colour of the precipitate) is placed on the bench
away from all draughts. The dried filter is removed from the funnel, and as
much as possible of the precipitate is removed from the paper and allowed to
drop on a clockglass resting upon the glazed paper. This is readily done by
very gently rubbing the sides of the filter paper together, when the bulk of the
precipitate becomes detached and drops upon the clockglass. Any small particles
of the precipitate which may have fallen upon the glazed paper are brushed
into the clockglass with a small camel-hair brush. The clockglass containing
the precipitate is then covered with a larger clockglass or with a beaker. The
filter paper is now carefully folded and placed inside a weighed porcelain or

silica crucible. The crucible is placed ona triangle and the filter paper incinerated
as detailed above, The crucible is allowed to cool and the filter ash subiected
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to a suitable chemical treatment in order to convert any reduced or changed
material into the form finally desired. The cold crucible is then placed upon the
glazed paper and the main part of the precipitate carefully transferred from the
clockglass to the crucible. A small camel-hair brush will assist in the transfer.
Fially, the precipitate is brought to constant weight by heating to the necessary
temperature as detailed under A.

*If the carbon on the lid is oxidised only slowly, the cover may be heated separately in a flame. It
1s, of course, held in clean crucible tongs.
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CHAPTER 4
ERRORS AND STATISTICS

4.1 LIMITATIONS OF ANALYTICAL METHODS

The function of the analyst is to obtain a result as near to the true value as
possible by the correct application of the analytical procedure employed. The
level of confidence that the analyst may enjoy in his results will be very small
unless he has knowledge of the accuracy and precision of the method used as
well as being aware of the sources of error which may be introduced. Quantitative
analysis is not simply a case of taking a sample, carrying out a single
determination and then claiming that the value obtained is irrefutable. It also
requires a sound knowledge of the chemistry involved, of the possibilities of
interferences from other ions, elements and compounds as well as of the statistical
distribution of values. The purpose of this chapter is to explain some of the
terms employed and to outline the statistical procedures which may be applied
to the analytical results.

4.2 CLASSIFICATION OF ERRORS

The errors which affect an experimental result may conveniently be divided into
‘systematic’ and ‘random’ errors.

Systematic (determinate) errors. These are errors which can be avoided, or
whose magnitude can be determined. The most important of them are:

1. Operational and personal errors. These are due to factors for which the
individual analyst is responsible and are not connected with the method or
procedure: they form part of the ‘personal equation’ of an observer. The
errors are mostly physical in nature and occur when sound analytical
technique is not followed. Examples are: mechanical loss of materials in
various steps of an analysis; underwashing or overwashing of precipitates;
ignition of precipitates at incorrect temperatures; insufficient cooling of
crucibles before weighing; allowing hygroscopic materials to absorb moisture
before or during weighing; and use of reagents containing harmful impurities.

Personal errors may arise from the constitutional inability of an individual
to make certain observations accurately. Thus some persons are unable to
judge colour changes sharply in visual titrations, which may result in a slight
overstepping of the end point.

2. Instrumental and reagent errors. These arise from the faulty construction of
balances, the use of uncalibrated or improperly calibrated weights, graduated
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glassware, and other instruments; the attack of reagents upon glassware,
porcelain, etc., resulting in the introduction of foreign materials; volatilisation
of platinum at very high temperatures; and the use of reagents containing
impurities.

3. Errors of method. These originate from incorrect sampling and from
incompleteness of a reaction. In gravimetric analysis errors may arise owing
to appreciable solubility of precipitates, co-precipitation, and post-prempltatlon
decomposition, or volatilisation of weighing forms on ignition, and precipitation
of substances other than the intended ones. In titrimetric analysis errors may
occur owing to failure of reactions to proceed to completion, occurrence of
induced and side reactions, reaction of substances other than the constituent
being determined, and a difference between the observed end point and the
stoichiometric equivalence point of a reaction.

4. Additive and proportional errors. The absolute value of an additive error is
independent of the amount of the constituent present in the determination.

Examples of additive errors are loss in weight of a crucible in which a
nrecmltate i1s ignited. and errors in wmoh‘rq. The presence of this error is

Wl v et DAt ke, 2% 22072 a4y e

revealed by takmg samples of different welghts

The absolute value of a proportional error depends upon the amount of
the constituent. Thus a proportional error may arise from an impurity in a
standard substance, which leads to an incorrect value for the molarity of a
standard solution. Other proportional errors may not vary linearly with the
amount of the constituent, but will at least exhibit an increase with the
amount of constituent present. One example is the ignition of aluminium
oxide: at 1200 °C the aluminium oxide is anhydrous and virtually non-
hygroscopic; ignition of various weights at an appreciably lower temperature

will show a proportional type of error.

Random (indeterminate) errors. These errors manifest themselves by the slight
variations that occur in successive measurements made by the same observer
with the greatest care under as nearly identical conditions as possible. They are
due to causes over which the analyst has no control, and which, in general, are
so intangible that they are incapable of analysis. If a sufficiently large number
of observations is taken it can be shown that these errors lie on a curve of the
form shown in Fig. 4.1 (Section 4.9). An inspection of this error curve shows:
(a) small errors occur more frequently than large ones; and (b) positive and
negative errors of the same numerical magnitude are equally likely to occur.

4.3 ACCURACY

The accuracy of a determination may be defined as the concordance between
it and the true or most probable value. It follows, therefore, that systematic
€rrors cause a constant error (either too high or too low) and thus affect the
accuracy of a result. For analytical methods there are two possible ways of
determining the accuracy; the so-called absolute method and the comparative
method.

Absolute method. A synthetic sample containing known amounts of the
constituents in question is used. Known amounts of a constituent can be obtained
by weighing out pure elements or compounds of known stoichiometric
composition. These substances, primary standards, may be available commercially
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or they may be prepared by the analyst and subjected to rigorous purification
by recrystailisation, etc. The substances must be of known purity. The test of
the accuracy of the method under consideration is carried out by taking varying
amounts of the constituent and proceeding according to Spemucu instructions.
The amount of the constituent must be varied, because the determinate errors
in the procedure may be a function of the amount used. The difference between
the mean of an adequate number of results and the amount of the constituent
actually present, usually expressed as parts per thousand, is a measure of the
accuracy of the method in the absence of foreign substances.

The constituent in question will usually have to be determined in the presence
of other substances, and it will therefore be necessary to know the effect of these
upon the determination. This will require testing the influence of a large number
of elements, each in varying amounts — a major undertaking. The scope of
such tests may be limited by considering the determination of the component
in a specified range of concentration in a material whose composition is more

or less fixed both with respect to the elements which may be present and their
relative amounts. It ig dpmrnhlp however, to studv the effect of as manv foreign
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elements as feasible. In practice, it is frequently found that separations will be
required before a determination can be made in the presence of varying elements;
the accuracy of the method is likely to be largely controlled by the separations
involved.

Comparative method. Sometimes, as in the analysis of a mineral, it may be
impossible to prepare solid synthetic samples of the desired composition. It is
then necessary to resort to standard samples of the material in question (mineral,
ore, alloy, etc.) in which the content of the constituent sought has been

. .
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comparative method, involving secondary standards, is obviously not altogether
satisfactory from the theoretical standpoint, but is nevertheless very useful in
applied analysis. Standard samples can be obtained from various sources (see
Section 4.5).

If several fundamentally different methods of analysis for a given constituent
are available, e.g. gravimetric, titrimetric, spectrophotometric, or spectrographic,
the agreement between at least two methods of essentially different character
can usually be accepted as indicating the absence of an appreciable systematic
error in either (a systematic error is one which can be evaluated experimentally
or theoretically).

44 PRECISION
Precision may be defined as the concordance of a series of measurements of the
same quantity. Accuracy expresses the correctness of a measurement, and
precision the ‘reproducibility’ of a measurement (the latter definition will be
modified later). Precision always accompanies accuracy, but a high degree of
precision does not imply accuracy. This may be illustrated by the following
example.

A substance was known to contain 49.10 4+ 0.02 per cent of a constituent A.
The results obtained by two analysts using the same substance and the same
analytical method were as follows.
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Analyst (1) %A 49.01; 49.25; 49.08; 49.14

Correct value | | Average value

|
I
1
l
|
|
I
I
I

X ! X | {
49.20 49.30 49.40

[ X X
49.00 49.1

1
I
I
I
I
|
I
I
0
The arithmetic mean is 49.12% and the results range from 49.01% to 49.25%.

Analyst (2) %A 49.40; 49.44; 49.42; 45.42

Correct value Average value

I
!I* XXX

I
|
I
I
|
!
| | I X

4900 49.10 4920 4930  49.40

—

The arithmetic mean is 49.42% and the results range from 49.40% to 45.44%.

We can summarise the results of the analyses as follows.

(a) The values obtained by Analyst 1 are accurate (very close to the correct
result), but the precision is inferior to the results given by Analyst 2. The
values obtained by Analyst 2 are very precise but are not accurate.

(b) The results of Analyst 1 face on both sides of the mean value and could be
attributed to random errors. It is apparent that there is a constant
(systematic) error present in the results of Analyst 2.

Precision was previously described as the reproducibility of a measurement.
However, the modern analyst makes a distinction between the terms ‘reproducible’
and ‘repeatable’. On further consideration of the above example:

(c) If Analyst 2 had made the determinations on the same day in rapid
succession, then this would be defined as ‘repeatable’ analysis. However, if
the determinations had been made on separate days when laboratory
conditions may vary, this set of results would be defined as ‘reproducible’.

Thus, there is a distinction between a within-run precision (repeatability) and
a between-run precision (reproducibility).
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MINIMISATION OF ERRORS 4.5

4.5 MINIMISATION OF ERRORS

Systematic errors can often be materially reduced by one of the following
methods.

1. Calibration of apparatus and application of corrections. All instruments
(weights, flasks, burettes, pipettes, etc.} should be calibrated, and the
appropriate corrections applied to the original measurements. In some cases
where an error cannot be eliminated, it is possible to apply a correction for
the effect that it produces; thus an impurity in a weighed precipitate may be
determined and its weight deducted.

2. Running a blank determination. This consists in carrying out a separate
determination, the sample being omitted, under exactly the same experimental
conditions as are employed in the actual analysis of the sample. The object
1s to find out the effect of the impurities introduced through the reagents and
vessels, or to determine the excess of standard solution necessary to establish

the end-point under the conditions met with in the titration of the unknown

Al hi 1- +1 A hila L th + 1 tha
Sample A aarge cianc correction is uﬂuﬁSlrauu/, occause tnf CXact vaiuce uicn

becomes uncertain and the precision of the analysis is reduced.

3. Running a control determination, This consists in carrying out a determination
under as nearly as possible identical experimental conditions upon a quantity
of a standard substance which contains the same weight of the constituent
as is contained in the unknown sample. The weight of the constituent in the
unknown can then be calculated from the relation:

Result found for standard  Weight of constituent in standard
Result found for unknown X

where x 1s the weight of the constituent in the unknown.

In this connection it must be pointed out that standard samples which
have been analysed by a number of skilled analysts are commercially available.
These include certain primary standards (sodium oxalate, potassium
hydrogenphthalate, arsenic(111} oxide, and benzoic acid) and ores, ceramic
materials, irons, steels, steel-making alloys, and non-ferrous alloys.

Many of these are also available as BCS Certified Reference Materials
(CRM) supplied by the Bureau of Analysed Samples Ltd, Newham Hall,
Middlesborough, UK, who also supply EURONORM Certified Reference
Materials (ERCM), the composition of which is specified on the basis of
results obtained by a number of laboratories within the EEC. BCS Reference
Materials are obtainable from the Community Bureau of Reference, Brussels,
Belgium. In the USA similar reference materials are supplied by the National
Bureau of Standards.

4. Use of independent methods of analysis. In some instances the accuracy of a
result may be established by carrying out the analysis in an entirely different
manner. Thus iron may first be determined gravimetrically by precipitation
as iron(III} hydroxide after removing the interfering elements, followed by
ignition of the precipitate to iron(IIl) oxide. It may then be determined
titrimetrically by reduction to the iron(II) state, and titration with a standard
solution of an oxidising agent, such as potassium dichromate or cerium(IV)
sulphate, Another example that may be mentioned is the determination of
the strength of a hydrochloric acid solution both by titration with a standard
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solution of a strong base and by precipitation and weighing as silver chloride.
If the results obtained by the two radically different methods are concordant,
it is highly probable that the values are correct within small limits of error.
Running pa‘ruuet determinations. These serve as a check on the result of a
single determination and indicate only the precision of the analysis. The
values obtained for constituents which are present in not too small an amount
should not vary among themselves by more than three parts per thousand.
If larger variations are shown, the determinations must be repeated until
satisfactory concordance is obtained. Duplicate, and at most triplicate,
determinations should suffice. It must be emphasised that good agreement
between duplicate and triplicate determinations does not justify the conclusion
that the result is correct; a constant error may be present. The agreement
merely shows that the accidental errors, or variations of the determinate
errors, are the same, or nearly the same, in the parallel determinations.

Standard addition. A known amount of the constituent being determined is

added to the sample, which is then analysed for the total amount of constituent
present. The difference between the analytical results for samples with and
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w1thout the added constituent gives the recovery of the amount of added
constituent. If the recovery is satisfactory our confidence in the accuracy of
the procedure is enhanced. The method is usually applied to physico-chemical
procedures such as polarography and spectrophotometry.

Internal standards. This procedure is of particular value in spectroscopic and
chromatographic determinations. It involves adding a fixed amount of a
reference material (the internal standard) to a series of known concentrations
of the material to be measured. The ratios of the physical value (absorption
or peak size) of the internal standard and the series of known concentrations
are plotted against the concentration values. This should give a straight line.
Any unknown concentration can then be determined by adding the same
quantity of internal standard and finding where the ratio obtained falls on
the concentration scale.

Amplification methods. In determinations in which a very small amount of
material is to be measured this may be beyond the limits of the apparatus
available. In these circumstances if the small amount of material can be
reacted in such a way that every molecule produces two or more molecules
of some other measurable material, the resultant amplification may then
bring the quantity to be determined within the scope of the apparatus or
method available.

Isotopic dilution. A known amount of the element being determined,
containing a radioactive isotope, is mixed with the sample and the element
is isolated in a pure form (usually as a compound), which is weighed or
otherwise determined. The radioactivity of the isolated material is measured
and compared with that of the added element: the weight of the element in
the sample can then be calculated.

4.6 SIGNIFICANT FIGURES AND CDMPUTATIDNS

The term ‘digit’ denotes any one of the ten numerals, including the zero. A
significant figure is a digit which denotes the amount of the quantity in the
place in which it stands. The digit zero is a significant figure except when it is
the first figure in a number. Thus in the quantities 1.2680 g and 1.0062 g the
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zero is significant, but in the quantity 0.0025 kg the zeros are not significant
figures; they serve only to locate the decimal point and can be omitted by proper
choice of units, i.e. 2.5 g. The first two numbers contain five significant figures,
but 0.0025 contains only two significant figures.

Observed quantities should be recorded with one uncertain figure retained.
Thus in most analyses weights are determined to the nearest tenth of a
milligram, e.g. 2.1546 g. This means that the weight is less than 2.1547 g and
more than 2.1545 g, A weight of 2.150 g would signify that it has been determined
to the nearest milligram, and that the weight is nearer to 2.150 g than it is to
either 2.151 g or 2.149 g. The digits of a number which are needed to express
the precision of the measurement from which the number was derived are known
as significant figures.

There are a number of rules for computations with which the student should
be familiar.

1. Retain as many significant figures in a result or in any data as will give only
one uncertain figure. Thus a volume which is known to be between 20.5 mL
and 20.7 mL should be written as 20.6 mL, but not as 20.60 mL, since the
latter would indicate that the value lies between 20.59 mL and 20.61 mL.
Also, if a weight, to the nearest 0.1 mg, is 5.2600 g, it should not be written
as 5.260 g or 5.26 g, since in the latter case an accuracy of a centigram is
indicated and in the former a milligram.

2. In rounding off quantities to the correct number of significant figures, add
one to the last figure retained if the following figure (which has been rejected)
is 5 or over. Thus the average of 0.2628, 0.2623, and 0.2626 15 0.2626 (0.2625-).

3. In addition or subtraction, there should be in each number only as many
significant figures as there are in the least accurately known number. Thus the
addition

168.11 + 7.045 +0.6832
should be written
168.11 +7.05+0.68 = 175.84

The sum or difference of two or more quantities cannot be more precise than
the quantity having the largest uncertainty.

4. In multiplication or division, retain in each factor one more significant figure
than is contained in the factor having the largest uncertainty. The percentage
precision of a product or quotient cannot be greater than the percentage
precision of the least precise factor entering into the calculation. Thus the
multiplication

1.26 x 1.236 x 0.6834 x 24.8652
should be carried out using the values
1.26 x 1.236 x 0.683 x 24.87

and the result expressed to three significant figures.

4.7 THE USE OF CALCULATORS AND MICROCOMPUTERS

The advent of reasonably priced hand-held calculators has replaced the use of
both logarithms and slide-rules for statistical calculations. In addition to the
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normal arithmetic functions, a suitable calculator for statistical work should
enable the user to evaluate the mean and standard deviation (Section 4.8), linear
regression and correlation coefficient (Section 4.16). The results obtained by
the use of the calculator must be carcfully scrutinised to ascertain the
number of significant figures to be retained, and should always be checked
against a ‘rough’ arithmetical calculation to ensure there are no gross
computational errors. Microcomputers are used for processing large amounts
of data. Although computer programming is outside the scope of this book it
should be pointed out that standard programs now exist in BASIC, and other
high-level computer languages (see Bibliography, Section 5.7).

The microcomputer may also be interfaced with most types of electronic
equipment used in the laboratory. This facilitates the collection and processing
of the data, which may be stored on floppy or hard discs for later use.

There is a large amount of commercial software available for performing the
statistical calculations described later in this chapter, and for more advanced
statistical tests beyond the scope of this text.

4.8 MEAN AND STANDARD DEVIATION

When a quantity is measured with the greatest exactness of which the instrument,
method, and observer are capable, it is found that the results of successive
determinations differ among themselves to a greater or lesser extent. The average
value is accepted as the most probable. This may not always be the true value.
In some cases the difference may be small, in others it may be large; the reliability
of the result depends upon the magnitude of this difference. It is therefore of
interest to enquire briefly into the factors which affect and control the
trustworthiness of chemical analysis.

The absolute error of a determination is the difference between the observed
or measured value and the true value of the quantity measured. It is a measure
of the accuracy of the measurement.

The relative error is the absolute error divided by the true value; it is usually
expressed in terms of percentage or in parts per thousand. The true or absolute
value of a quantity cannot be established experimentally, so that the observed
result must be compared with the most probable value. With pure substances
the quantity will ultimately depend upon the relative atomic mass of the
constituent elements. Determinations of the relative atomic mass have been
made with the utmost care, and the accuracy obtained usually far exceeds that
attained in ordinary quantitative analysis; the analyst must accordingly accept
their reliability. With natural or industrial products, we must accept provisionally
the results obtained by analysts of repute using carefully tested methods. If
several analysts determine the same constituent in the same sample by different
methods, the most probable value, which is usually the average, can be deduced
from their results. In both cases, the establishment of the most probable value
involves the application of statistical methods and the concept of precision.

In analytical chemistry one of the most common statistical terms employed
is the standard deviation of a population of observations. This is also called
the root mean square deviation as it is the square root of the mean of the sum
of the squares of the differences between the values and the mean of those values
(this is expressed mathematically below) and is of particular value in connection
with the normal distribution.
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If we consider a series of n observations arranged in ascending order of
magnitude:

the arithmetic mean (often called simply the mean) is given by:

Xi+X+ X530+ ...+ X2 X,
n

X =

The spread of the values is measured most efficiently by the standard deviations
defined by:

S=\/(xl——f)2+(x2—f)2+...(x,,—f)z

n—1

In this equation the denominator is (n — 1) rather than # when the number
of values i1s small.
The equation may also be written as:

Z(x—x)?

s = n—1

The square of the standard deviation is called the variance. A further measure
of precision, known as the Relative Standard Deviation (R.S.D.), is given by:

RSD. =

=] w

This measure is often expressed as a percentage, known as the coefficient of
variation (C.V.):

s x 100

X

CV. =

Example 1. Analyses of a sample of iron ore gave the following percentage
values for the iron content: 7.08, 7.21, 7.12, 7.09, 7.16, 7.14, 7.07, 7.14, 7.18, 7.11.
Calculate the mean, standard deviation and coefficient of variation for the values.

Results (x) X—X (x —x)?
7.08 —-0.05 0.0025
7.21 0.08 0.0064
7.12 —0.01 0.000t
7.09 —0.04 0.0016
7.16 0.03 0.0009
7.14 0.01 0.000t
7.07 —0.06 0.0036
7.14 0.01 0.000t
7.18 0.05 0.0025
7.11 —0.02 0.0004

Tx=71.30 T(x—%)? =0.0182

Mean x 7.13 per cent
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RN
= /0.0020
= +0.045 per cent

0.045 x 100
C. V.= %— = (.63 per cent

The mean of several readings (X) will make a more reliable estimate of the
true mean (u) than is given by one observation. The greater the number of
measurements (n), the closer will the sample average approach the true mean.
The standard error of the mean s, is given by:

Sl

In the above example,
04

<
wLh

s, = £ = +0.014

El

and if 100 measurements were made,

=+ 06 = +0.0045

100

Hence the precision of a measurement may be improved by increasing the
number of measurements.

o’

i

4.9 DISTRIBUTIDN OF RANDOM ERRDRS

In the previous section (4.8) it has been shown that the spread of a series of
results obtained from a given set of measurements can be ascertained from the
value of the standard deviation. However, this term gives no indication as to
the manner in which the results are distributed.

If a large number of replicate readings, at least 50, are taken of a continuous
variable, e.g. a titrimetric end-point, the results attained will usually be
distributed about the mean in a roughly symmetrical manner. The mathematical
model that best satisfies such a distribution of random errors is called the
Normal (or Gaussian) distribution. This is a bell-shaped curve that is symmetrical
about the mean as shown in Fig. 4.1.

The curve satisfies the equation:

1 —{x—u)?

€ 2
27

It is important to know that the Greek letters o and p refer to the standard
deviation and mean respectively of a total population, whilst the Roman letters
s and x are used for samples of populations, irrespective of the values of the
population mean and the population standard deviation.

With this type of distribution about 68 per cent of all values will fall within
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Fig. 4.1
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o standard deviations, and 99.7 per cent within three standard deviations.
From the worked example (Example 1 in Section 4.8) for the analysis of an
iron ore sample, the standard deviation is found to be +0.045 per cent. If the
assumption is made that the results are normally distributed, then 68 per cent
(approximately seven out of ten results) will be between +0.045 per cent and
95 per cent will be between +0.090 per cent of the mean value. It follows that
there will be a 5 per cent probability (1 in 20 chance) of a result differing from
the mean by more than +0.090 per cent, and a 1 in 40 chance of the result
being 0.090 per cent higher than the mean.

on on on cithe f
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410 RELIABILITY OF RESULTS

Statistical figures obtained from a set of results are of limited value by themselves.
Analysis of the results can be considered in two main categories: (a) the reliability
of the results; and (b) comparison of the results with the true value or with
other sets of data (Section 4.12).

A most important consideration is to be able to arrive at a sensible decision
as to whether certain results may be rejected. It must be stressed that values
should be rejected only when a suitable statistical test has been applied or when
there is an obvious chemical or instrumental reason that could justify exclusion
of a result. Too frequently, however, there is a strong temptation to remove
what may appear to be a ‘bad’ result without any sound justification. Consider
the following example.

Example 2. The following values were obtained for the determination of
cadmium in a sample of dust: 4.3, 4.1, 4.0, 3.2 ug g~ 1. Should the last value, 3.2,
be rejected?

The @ test may be applied to solve this problem,

|Questionable value — Nearest value|

Largest value — Smallest value
_132-40] 08

— = — = (0.727
4332 1.1
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If the calculated value of Q exceeds the critical value given in the Q table
(Appendix 14), then the questionable value may be rejected.

In this example Q calculated is 0.727 and Q critical, for a sample size of four,
is 0.831. Hence the result 3.2 ug g ~* should be retained. If, however, in the above
example, three additional measurements were made, with the results:
4.3,4.1,4.0,32,42,39,40 ugg™?

Then

Q_i3.2—3.9| _0.7_0636
43-32 11

The value of @ critical for a sample size of seven is 0.570, so rejection of the
value 3.2 ug ¢~ ! is justified.
It should be noted that the value Q has no regard to algebraic sign.

411 CONFIDENCE INTERVAL

b L LR R LR}l

When a small number of observations is made, the value of the standard
deviation s, does not by itself give a measure of how close the sample mean x
might be to the true mean. It is, however, possible to calculate a confidence
interval to estimate the range within which the true mean may be found. The
limits of this confidence interval, known as the confidence limits, are given by
the expression:

.. ; ts
Confidence limits of g, for n replicate measurements, g = X + -—— (1)

N
where ¢t is a parameter that depends upon the number of degrees of freedom
(v) (Section 4.12) and the confidence level required. A table of the values of ¢
at different confidence levels and degrees of freedom (v) is given in Appendix 12.

Example 3. The mean (X) of four determinations of the copper content of a
sample of an alloy was 8.27 per cent with a standard deviation s = 0.17 per cent.
Calculate the 95% confidence limit for the true value.

From the t-tables, the value of ¢ for the 95 per cent confidence level with
(n—1), i.e. three degrees of freedom, is 3.18.

Hence from equation (1), the 95 per cent confidence level,

3.18 x 0.17

NZ

= 8.27 +£ 0.27 per cent

95%(C.L.) for pu = 827 +

Thus, there is 95 per cent confidence that the true value of the copper content
of the alloy lies in the range 8.00 to 8.54 per cent.

If the number of determinations in the above example had been 12, then
the reader may wish to confirm that

220 x0.17

Ji2

= 8.27 £0.11 per cent

95%(C.L.) for u = 827 +
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Hence, on increasing the number of replicate determinations both the values of
t and s/./n decrease with the result that the confidence interval is smaller. There

is, however, often a limit to the number of replicate analyses that can be sensibly
performed. A method for estimating the optimum number of replicate
determinations is given in Section 4.15.

4.12 COMPARISON OF RESULTS

The comparison of the values obtained from a set of results with either (a) the
true value or (b) other sets of data makes it possible to determine whether the
analytical procedure has been accurate and/or precise, or if it is superior to
another method.

There are two common methods for comparing results: (a) Student’s t-test
and (b) the variance ratio test (F-test).

These methods of test require a knowledge of what is known as the number
of degrees of freedom. In statistical terms this is the number of independent
values necessary to determine the statistical ql.i&i'ituy Thus a sample of n values
has n degrees of freedom, whilst the sum Z(x — x)? is considered to have n — 1
degrees of freedom, as for any defined value of X only n — 1 values can be freely
assigned, the nth being automatically defined from the other values.

(a) Student’s r-test. This is a test’ used for small samples; its purpose
is to compare the mean from a sample with some standard value and to express
some level of confidence in the significance of the comparison. It is also used
to test the difference between the means of two sets of data X, and x,.

The value of ¢t is obtained from the equation:

_ (X—u)/n

h

(2)

where u is the true value.

It is then related to a set of t-tables (Appendix 12) in which the probability
(P) of the t-value falling within certain limits is expressed, either as a percentage
or as a function of unity, relative to the number of degrees of freedom.

Example 4. t-Test when the true mean is known.
If x the mean of the 12 determinations = 8.37, and u the true value= 791,
say whether or not this result is significant if the standard deviation is 0.17.
From equation (2)

_(837-791)/12

Fa N K

U.lv

=94

From t-tables for eleven degrees of freedom (one less than those used in the
calculation)

for P = 0.10 (10 per cent) 0.05 (5 per cent) 0.0l (1 per cent)
t = 1.80 2.20 3.11

and as the calculated value for ¢ is 9.4 the result is highly significant. The ¢-table
tells us that the probability of obtaining the difference of 0.46 between the
experimental and true result is less than 1 in 100. This implies that some
particular bias exists in the laboratory procedure.

fl
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Had the calculated value for t been less than 1.80 then there would have
been no significance in the results and no apparent bias in the laboratory
procedure, as the tables would have indicated a probability of greater than
1 in 10 of obtaining that value. It should be pointed out that these values refer
to what is known as a double-sided, or two-tailed, distribution because it
concerns probabilities of values both less and greater than the mean. In some
calculations an analyst may only be interested in one of these two cases, and
under these conditions the t-test becomes single-tailed so that the probability

from the tables is halved.

() F-test. This is used to compare the precisions of two sets of data,”
for example, the results of two different analytical methods or the results from
two different laboratories. It is calculated from the equation:
SZ
F=3 (3)
B
N.B. The larger value of s is always used as the numerator so that the value
of F is always greater than unity. The value obtained for F is then checked for
its significance against values in the F-table calculated from an F-distribution
(Appendix 13} corresponding to the numbers of degrees of freedom for the two
sets of data.

Example 5. F-test comparison of precisions.

The standard deviation from one set of 11 determinations was s, = 0.210,
and the standard deviation from another 13 determinations was sg = 0.641. Is
there any significant difference between the precision of these two sets of results?

From equation (3)

_(0.641)* 0411
©(0.210)2 0044

for
P=010 0.05 0.01
F =228 291 4.71

The first value (2.28) corresponds to 10 per cent probability, the second value
(2.91)to 5 per cent probability and the third value (4.71) to I per cent probability.

Under these conditions there is less than one chance in 100 that these
precisions are similar. To put it another way, the difference between the two
sets of data is highly significant.

Had the value of F turned out to be less than 2.28 then it would have been
possible to say that there was no significant difference between the precisions,
at the 10 per cent level.

9.4

413 COMPARISON OF THE MEANS OF TWO SAMPLES

When a new analytical method is being developed it is usual practice to compare
the values of the mean and precision of the new (test) method with those of an
established (reference) procedure.

The value of t when comparing two sample means X; and x, is given by the
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expression:
X;—X
t= /;—’2—' (4)
Sp/ 1/ny+1/n,
where s, the pooled standard deviation, is calculated from the two sample
standard deviations s, and s,, as follows:

(ny —1)sf + (ny — 1)s3

5
ny+n,—2 (%)

It should be stressed that there must not be a significant difference between the
precisions of the methods. Hence the F-test (Section 4.12) is applied prior to
using the ¢-test in equation (5).

Example 6. Comparison of two sets of data.

The following results were obtained mn a comparison between a new method
nnr‘ nfnnr‘nvr‘ mnfl\r\r‘ Pr\v #LA r‘nfnvminn 1r\ﬂ r\P fl\a “Av-na“fnno “1nllai ;n LRy aY-Yas | n]
CGLINE DLALINEALIUE FLIIGUITUCE 1V LIS VEULUIRITLILEA LIUVLE UL LIDG Pb‘l L ¥ w ua5u VGl 11 A apuuuu
steel

New method Standard method
Mean x, = 7.85 per cent x, = 8.03 per cent

+0.095 per cent

Standard deviation s; = +0.130 per cent s,
= 6

Number of samples #n, =5 n,

Test at the 5 per cent probability value if the new method mean is significantly
different from the standard reference mean.

The F-test must be applied to establish that there is no significant difference
between the precisions of the two methods.

2 2
_sa (01307 o,
s2~ (0.095)2

The F-value (P =5 per cent) from the tables (Appendix 13) for four and five
degrees of freedom respectively for s, and sy = 5.19.

Thus, the calculated value of F (1.87) s less than the tabulated value; therefore
the methods have comparable precisions (standard deviations) and so the -test
can be used with confidence.

From equation (5) the pooled standard deviation s, is given by:

. /(5 — 1) x 0.0169 + (6 — 1) x 0.0090
p .V 9
and from equation (4)

7.85—-8.03 0.18

- 0.112./1/5+1/6 ~0.112 % 0.605

At the 5 per cent level, the tabulated value of t for (n; + n, — 2), i.c. nine degrees
of freedom, is 2.26.

SINCe fogicutated 2:06 > tpuiaea 2-26, there is a significant difference, at the
specified probability, between the mean results of the two methods.

= +0.112

= 2.66
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414 PAIRED ¢-TEST

Another method of validating a new procedure is to compare the results using
samples of varying composition with the values obtained by an accepted method.
The manner of performing this calculation is best illustrated by an example:

Example 7. The t-test using samples of differing composition (the paired ¢-test).
Two different methods, A and B, were used for the analysis of five different iron
compounds.

Sample 1 2 3 4 5
Method A 17.6 6.8 14.2 20.5 9.7 per cent Fe
Method B 179 7.1 13.8 203 10.2 per cent Fe

It should be apparent that in this example it would not be correct
to attempt the calculation by the method described previously (Section 4.13).

In this case the differences (d) between each pair of results are calculated
and d, the mean of the difference, is obtained. The standard deviation s, of the
differences is then evaluated. The results are tabulated as follows.

Method A  Method B d d—d (d—d)?
17.6 17.9 +0.3 0.2 0.04
6.8 7.1 +03 0.2 0.04
14.2 13.8 —04 0.5 0.25
20,5 20.3 ~02 —03 0.09
9.7 10.2 +0.5 04 0.16
Sd=05 S(d—d)* =058
d=0.1
0.58
Sd = —4— = __|' 0.38

Then t is calculated from the equation

_Jﬁ 010\[_0.589

s, 038
The tabulated value of ¢ is 2.78 (P = 0.05) and since the calculated value is less
than this, there is no significant difference between the methods.

-21%2 2P o R R e 2 1

415 THE NUMBER OF REPLICATE DETERMINATIONS

To avoid unnecessary time and expenditure, an analyst needs some guide to
the number of repetitive determinations needed to obtain a suitably reliable
result from the determinations performed. The larger the number the greater the
reliability, but at the same time after a certain number of determinations any
improvement in precision and accuracy is very small.

Although rather involved statistical methods exist for establishing the number
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of parallel determinations, a reasonably good assessment can be made by
establishing the variation of the value for the absolute error A obtained for an
increasing number of determinations.
ts

A=—

n
The value for t is taken from the 95 per cent confidence limit column of the
t-tables for n — 1 degrees of freedom.

The values for A are used to calculate the reliability interval L from the
equation:

100A
L= — per cent

where z is the approximate percentage level of the unknown being determined.
The number of replicate analyses is assessed from the magnitude of the change
in L with the number of determinations.

Example 8. Ascertain the number of replicate analyses desirable (a) for the
determination of approximately 2 per cent Cl~ in a material if the standard
deviation for determinations is 0.051, (b) for approximately 20 per cent Cl~ if
the standard deviation of determinations is 0.093.

(a) For 2 per cent Cl™:

Number of Is 100A Difference (per cent)
determinations A=— L———
n z
2 12.7 x 0.051 x 0.71 =0.4599 2299
3 4.3 % 0.051 x 0.58=0.1272 6.36 16.63
4 3.2 x 0.051 x 0.50 = 0.0816 4.08 2.28
5 2.8 x 0.051 x 0.45=0.0642 3.21 0.87
6 2.6 x 0.051 x 0.41 =0.0544 272 0.49

(b) For 20 per cent Cl:

Numbe_r of_ ts 100A Difference (per cent)
determinations A=— L=—
n 2z
2 12.7 x 0.093 x 0.71 =0.838 419
3 4.3 x 0.093 x 0.58 =0.232 1.16 3
4 3.2 x0.093 x 0.50=0.148 0.74 0.42
5 2.8 x0.093 x 045=0.,117 0.59 0.15
6 2.6 x 0,093 x 0.41 =0.099 0.49 0.10

In (a) the reliability interval is greatly improved by carrying out a third
analysis. This is less the case with (b) as the reliability interval is already narrow.
In this second case no substantial improvement is gained by carrying out more
than two analyses.

This subject is dealt with in more detail by Eckschlager,* and Shewell®
has discussed other factors which influence the value of parallel determinations.
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416 CORRELATION AND REGRESSION

When using instrumental methods it is often necessary to carry out a calibration
procedure by using a series of samples (standards) each having a known
concentration of the analyte to be determined. A calibration curve is constructed
by measuring the instrumental signal for each standard and plotting this response
against concentration (See Scctions 17.14 and 17.21). Provided the same
experimental conditions are used for the measurement of the standards and for
the test (unknown) sample, the concentration of the latter may be determined
from the calibration curve by graphical interpolation.

There are two statistical tests that should be applied to a calibration curve:

(a) to ascertain if the graph is linear, or in the form of a curve;
(b) to evaluate the best straight line (or curve) throughout the data points.

Correlation coeflicient. In order to establish whether there is a linear relationship
between two variables x; and y, the Pearson’s correlation coefficient r is used.

nY‘x_ v, — Yv Yy
RaX ¥V —aXya)y (6)

T J/InEx = (X, 21 nEyE — (B,

where n is the number of data points.

The value of r must lie between + 1 and — 1: the nearer it is to +1, or in
the case of negative correlation to — 1, then the greater the probability that a
definite linear relationship exists between the variabies x and y. Values of r that
tend towards zero indicate that x and y are not linearly related (they may be
related in a non-linear fashion).

Although the correlation coefficient r would easily be calculated with the aid

of a modern calculator or computer package, the following example wi

how the value of r can be obtained.

Example 9. Quinine may be determined by measuring the fluorescence intensity
in 1M H,SO, solution (Section 18.4). Standard solutions of quinine gave the
following fluorescence values. Calculate the correlation coefficient r.

Concentration of quinine (x,) 0.00 0.10 0.20 0.30 0.40 ug mL™!
Fluorescence intensity (y,) 0.00 5.20 9.90 15.30 19.10 arbitrary units

The terms in equation (6) are found from the following tabulated data.

2 2

X1 J1 EF| i Y

0.00 0.00 0.00 0.00 0.00

0.10 520 0.01 27.04 0.52

0.20 9.90 0.04 98.01 1.98

0.30 15.30 0.09 234.09 4.59

0.40 19.10 0.16 364.81 7.64
Y x, =100 Yy, =495 3 x3=030 Y yi=72395 Y Xy, =1473
Therefore

(Zx,)? = 1.000; (Zy,)* =2450.25; n=15
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Substituting the above values in equation (6), then

5 % 14.73 — 1.00 x 49.5 24.15
r=— . : = = 09987
(5 x 030~ 1.000)(5 x 723.95 — 2450.25) /58475

Hence, there is a very strong indication that a linear relation exists between
fluorescence intensity and concentration (over the given range of concentration).

It must be noted, however, that a value of r close to either +1 or —1 does
not necessarily confirm that there is a linear relationship between the variables.
It is sound practice first to plot the calibration curve on graph paper and
ascertain by visual inspection if the data points could be described by a straight
line or whether they may fit a smooth curve.

The significance of the value of r is determined from a set of tables
{Appendix 15). Consider the following example using five data (x,y,) points:
From the table the value of r at 5 per cent significance value is 0.878. If the
value of r is greater than 0.878 or less than —0.878 (if there is negative
correlation), then the chance that this value could have occurred from random
data points is less than 5 per cent. The conclusion can, therefore, be drawn that
it is likely that x, and y, are linearly related. With the value of r = 0.998,
obtained in the example given above there is confirmation of the statement that
the linear relation between fluorescence intensity and concentration is highly
likely.

4.17 LINEAR REGRESSION

Once a linear relationship has been shown to have a high probability by the
value of the correlation coefficient (r), then the best straight line through the
data points has to be estimated. This can often be done by visual inspection of
the calibration graph but in many cases it is far better practice to evaluate the
best straight line by linear regression (the method of least squares).

The equation of a straight line is

y=ax+b

where y, the dependent variable, is plotted as a result of changing x, the
independent variable. For example, a calibration curve (Section 21.16) in atomic
absorption spectroscopy would be obtained from the measured values of
absorbance (y-axis) which are determined by using known concentrations of
metal standards (x-axis).

To obtain the regress1on hne yonx’, the slope of the line (a) and the intercept

A tlan - aTa Fiuan v tlhn FAll acsiieny A1 fimsa
Ull L.{IC _}/"cl)\lb \U} dlC glvill Uy t.{lC lUllUWlllS CL[UCILIUJJD

a4 = ”Zx1y21 “EX1ZZJ’1 (7)
nExy —(Xxq)
and b =j—ax (8)

where X is the mean of all values of x, and y is the mean of all values of y,.

Example 10. Calculate by the least squares method the equation of the best
straight line for the calibration curve given in the previous example.
From Example 9 the following values have been determined.
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Ex; = 1.00; Ty, = 49.5; x? = 030; Zx,y, = 1473; (Zx,)* = 1L000;
the number of points (n) = 5

and the values

z 1.0
g0 10,
n 5

and

_ Xy, 495
=——=-—=99

Y n 5

By substituting the values in equations (7) and (8), then

_ 5x1473-1.00x49.5 2415

(5x030)— (100~ 05 ~ 483

and

b=99—-(483x02) = 0.24

So the equation of the straight line is
y = 483x+0.24

If the fluorescence intensity of the test solution containing quinine was found
to be 16.1, then an estimate of the concentration of quinine (x ug mL ~ ') in this
unknown could be

16.10 = 48.3x + 0.24
1586
"~ 4830

The determination of errors in the slope a and the intercept b of the regression
line together with multiple and curvilinear regression is beyond the scope of
this book but references may be found in the Bibliography, page 156.

X = 0.32g ugmL !

4.18 COMPARISON OF MORE THAN TWO MEANS (ANALYSIS OF VARIANCE)

The comparison of more than two means is a situation that often arises in
analytical chemistry. It may be useful, for example, to compare (a) the mean
results obtained from different spectrophotometers all using the same analytical
sample; (b) the performance of a number of analysts using the same titration
method. In the latter example assume that three analysts, using the same
solutions, each perform four replicate titrations. In this case there are two
possible sources of error: (a) the random error associated with replicate
measurements; and (b) the variation that may arise between the individual
analysts. These variations may be calculated and their effects estimated by a
statistical method known as the Analysis of Variance (ANOVA), where thg

. ) $
square of the standard deviation, s2, is termed the variance, V. Thus F = ;;—
2

) V
where s7 > s2, and may be written as F = _V_L where V, > V,.
2
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An Analysis of Variance calculation is best illustrated by using specific values
in situation (b) just referred to.

Example 11. Three analysts were each asked to perform four replicate titrations
using the same solutions. The results are given below.

Titre (mL)

Analyst A Analyst B Analyst C

2253 2248 22.57
22.60 22,40 22,62
22.54 22.48 22.61
22.62 2243 22,65

To simplify the calculation it is sound practice to subtract a common number,
e.g. 22.50, from each value. The sum of each column is then determined. Note:
this will have no effect on the final values.

Analyst A Analyst B Analyst C

0.03 —0.02 0.07
0.10 —0.10 0.12
0.04 —0.02 0.11
0.12 —0.07 0.15
Sum = 0,29 -0.21 0.45

The following steps have to be made in the calculation:
(a) The grand total
T =029-021+045

= 0.53
(b) The correction factor (C.F.)
T2 (0.53)
CF. = N- 0 - 0.0234

where N is the total number of results.
(c) The total sum of squares. This is obtained by squaring each result, summing
the totals of each column and then subtracting the correction factor (C.F.).

Analyst A Analyst B Analyst C

0.0009 0.0004 0.0049
0.0100 0.0100 0.0144
0.0016 0.0004 0.0121
0.0144 0.0049 0.0225
Sum = 0.0269 0.0157 0.0539
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Total sum of squares = (0.0269 + 0.0157 + 0.0539) — C.F.
= 0.0965 —0.0234 = 0.0731

(d) The between-treatment (analyst) sum of squares. The sum of the squares of
each individual column is divided by the number of results in each column,
and then the correction factor is subtracted.

Between sum of squares = 2(0.29% + 0.212 + 0.45%2) — 0.0234
= 0.0593

(e) The within-sample sum of squares. The between sum of squares is subtracted
from the total sum of squares.

0.0731 —0.0593 = 0.0138
(f) The degrees of freedom (v). These are obtained as follows:

The total number of degrees of freedomv=N—-1=11

Tha hotwunoan_teantrnmant dacrang AF fraandm 1 FO S I |
N LW UULWUDII Livdatiliviiy Ubélhua Ul ITCCQOUIELL V = © I — &

The within-sample degrees of freedom v=(N ~1)—(C—1)=9

where C is the number of columns (in this example, the number of analysts).
(g) A table of Analysis of Variance (ANOVA table) may now be set up.

Source of variation  Sum of squares df. Mean square
‘Between analysts”  0.0593 2 0.0593/2 =0.0297
‘Within titrations” 0.0138 9 0.0138/9 =0.00153
Total 0.0731 11

(h) The F-test is used to compare the two mean squares:

00297
2% 7 0.00153

From the F-tables (Appendix 13), the value of F at the 1 per cent level for
the given degrees of freedom is 8.02. The calculated result (19.41) is higher
than 8.02; hence there is a significant difference in the results obtained by
the three analysts. Having ascertained in this example there is a significant
difference between the three analysts, the next stage would be to determine
whether the mean result is different from the others, or whether all the
means are significantly different from each other.

= 19.41

The procedure adopted to answer these questions for the example given
above is as follows:

(a) Calculate the titration means for each analyst. The mean titration values
are X(A)=225TmL; x(B)=2245mL; and x(C)=22.61 mL.

(b) Calculate the quantity defined as the ‘least significant difference’, which 1is
given by s./2/n ty o5 where s is the square root of the Residual Mean
Square, i.e. the ‘within-titration” Mean Square. Hence s =.,/0.00153; n is
the number of results in each column (in this example, 4); t is the 5 per cent
value from the t-tables (Appendix 12), with the same number of degrees of
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freedom as that for the Residual term, i.e. the ‘within-titration’ value. In
this example the number of degrees of freedom is 9, so the least significant
difference is given by

v 0.00153 x . /2/4 x 2.26 = 0.06 mL

If the titration means are arranged in increasing order, then X(B)<
x(A)<x(C), and x(C)— x(B) and x (A} — x(B) are both greater than 0.06,
whereas x (C) — x (A) is less than 0.06. Hence there is no significant difference
between analysts A and C, but the results of analyst B are significantly different
from those of both A and C.

It should be noted that in this example the performance of only one variable,
the three analysts, is investigated and thus this technique is called a one-way
ANOVA. If two variables, e.g. the three analysts with four different titration
methods, were to be studied, this would require the use of a two-way ANOVA.
Details of suitable texts that provide a solution for this type of problem
and methods for multivariate analysis are to be found in the Bibliography,

YA
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419 THE VALUE OF STATISTICS

Correctly used, statistics is an essential tool for the analyst. The use of statistical
methods can prevent hasty judgements being made on the basis of limited
information. It has only been possible in this chapter to give a brief resumé of
some statistical techniques that may be applied to analytical problems. The
approach, therefore, has been to use specific examples which illustrate the scope
of the subject as applied to the treatment of analytical data. There is a danger
that this approach may overlook some basic concepts of the subject and the
reader is strongly advised to become more fully conversant with these statistical
methods by obtaining a selection of the excelient texts now available.

In addition there is the rapidly developing subject of Chemometrics, which
may be broadly defined as the application of mathematical and statistical
methods to design and/or to optimise measurement procedures, and to provide
chemical information by analysing relevant data. Space does not permit an
inclusion in this book of such topics as experimental design and instrumental
optimisation techniques or more sophisticated subjects as pattern recognition.
There 1s no doubt however, that a knowledge of the scope of Chemometrics
will be increasingly important for any competent analytical chemist. Details of
some useful texts, both introductory and more advanced, are given in the
Bibliography (Sectlon 5.8). The reader should be aware, however that some

gsional-nrocessing technigues are included in this book, e.g. information will be

signal-processing techniques are included in this book, e.g. information
found on derlvatlve spectroscopy (Section 17.12) and Fourier transform
methods (Section 19.2).

For References and Bibliography see Sections 5.7 and 5.8,
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CHAPTER &
SAMPLING

5.1 THE BASIS OF SAMPLING

The purpose of analysis is to determine the quality or composition of a material;
and for the analytical results obtained to have any validity or meaning it 1s
essential that adequate sampling procedures be adopted. Sampling is the process
of extracting from a large quantity of material a small portion which is truly
representative of the composition of the whole material.

Sampling methods fall into three main groups:

—

those in which all the material is examined;

. casual sampling on an ad hoc basis;

. methods in which portions of the material are selected based upon statistical
probabilities.

W N

Procedure (1)is normally impracticable, as the majority of methods employed
are destructive, and in any case the amount of material to be examined 1s
frequently excessive. Even for a sample of manageable size the analysis would
be very time-consuming, it would require large quantities of reagents, and would
monopolise instruments for long periods.

Sampling according to (2) i1s totally unscientific and can lead to decisions
being taken on inadequate information. In this case, as the taking of samples
is entirely casual, any true form of analytical control or supervision is impossible.

For these reasons the only reliable basis for sampling must be a mathematical
one using statistical probabilities. This means that although not every item or
every part of the sample is analysed, the limitations of the selection are carefuily
calculated and known in advance. Having calculated the degree of acceptable
risk or margin of variation, the sampling plan is then chosen that will give the
maximum information and control that is compatible with a rapid turnover of
samples. For this reason, in the case of sampling from batches the selection of
individual samples is carried out according to special random tables® which
ensure that personal factors do not influence the choice.

5.2 SAMPLING PROCEDURE

The sampling procedure may involve a number of stages prior to the analysis
of the material. The sampling stages are outlined in Fig. 5.1,

For the most part, bulk materials are non-homogeneous, e.g. minerals,
sediments, and foodstuffs, They may contain particles of different composition
which are not uniformly distributed within the material. In this case, a number
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Bulk material

Increment
\ Y /
Gross sample
y
Sub-sample
'
Test or analysis sample
Fig. 5.1

of increments is taken in a random manner from points in the bulk material,
so that each part has an equal chance of being selected. The combination of
these increments then forms the gross sample. The gross sample is often too

A P P,

large for direct analysis and must be divided further to produce a sub-sample.
The sub-sample may require treatment, for example reduction in particle size
or thorough mixing, before the analytical sample can be obtained. The analytical
sample should retain the same composition of the gross sample.

It must be stressed, however, that the whole object may be the analytical
sample, e.g. a specimen of moon-rock. Ideally this sample would be analysed
by non-destructive methods. Occasionally the bulk material may be homogeneous
(some water samples) and then only one increment may be needed to determine
the properties of the bulk. This increment should be of suitable size to provide
samples for replicate analyses.

5.3 SAMPLING STATISTICS

The errors arising in sampling, particularly in the case of heterogeneous solids,
may be the most important source of uncertainty in the subsequent analysis of
the material. If we represent the standard deviation of the sampling operation
(the sampling error) by sg and the standard deviation of the analytical procedures
(the analytical error) by s,, then the overall standard deviation s (the total
error) is given by

St = /83 +s3 (1)

or

151



5 SAMPLING

where V represents the appropriate variance. The separate evaluation of both
Vs (the sampling variance) and V, (the analytical variance) may be achieved by
using the analysis of variance procedure (See Section 4.18). A comparison can
be made of the between-sample variance — an estimate of the sampiing error —
and the within-sample variance — an estimate of the analytical error.

Example 1. If the sampling error is +3 per cent and the analytical error is
+ 1 per cent, from equation (1) we can see that the total error s is given by

st = +/3%+ 1% = +3.16 per cent

If, in the above example, the analytical error was +0.2 per cent then the
total error sy would be equal to 4-3.006 per cent, Hence the contribution of
the analytical error to the total error is virtually insignificant. Youden’
has stated that once the analytical uncertainty is reduced to one-third of the
sampling uncertainty, further reduction of the former is not necessary. It is most
important to realise that if the sampling error is large, then a rapid analytical

PR D R e ko am mmm =

method with relatively low precision may suffice.
In designing a sampling plan the following points should be considered:®

(@) the number of samples to be taken;

(b) the size of the sample;

(¢} should individual samples be analysed or should a sample composed of
two or more increments (composite) be prepared.

If the composition of the bulk material to be sampled is unknown, it is
sensible practice to perform a preliminary investigation by collecting a number
of samples and determining the analyte of interest.

The confidence limits (see Section 4.11) are given by the relationship

,uz)?itss/\/r—t (2)

where s, 1s the standard deviation of individual samples, x is the mean of the
analytical results and serves as an estimate of the true mean y, and n is the
number of samples taken.

Example 2. An estimate of the variability of nickel in a consignment of an ore,
based on 16 determinations, was found to be +1.5%. How many samples
should be taken to give (at the 95 per cent confidence level) a sampling error
of less than 0.5 per cent nickel?

The value 0.5 percent is in fact the difference between the sample mean
x and the actual value u. If this value is represented by E, then equation (2)
may be written as

E = tss/ﬁ

and, therefore,

(t Ss)2
=
E

From the tables (Appendix 12) the value of t for (n — 1), 15 degrees of freedom
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at the 95 per cent confidence level 1s 2.13.

2.1 1.5\2
on = (——B_X—S) ~ 41

ns
\ J.J J

Hence, from this test it has been shown that at least 41 samples are required
if the specifications given in the above exampie are to be satisfied.

The other major problem concerned with sampling is that of the sample size.
The size of the sample taken from a heterogeneous material is determined by
the variation in particle size, and the precision needed in the results of the
analysis.

The major source of error in sampling can arise from the taking of increments
from the bulk material. It can be shown from random sampling theory that the
accuracy of the sample is determined by its total size. Hence, the sampling
variance, V, is inversely proportional to the mass of the sample. However, this
statement is not true if the bulk material consists of varying particle sizes; then
the number of increments taken will influence the sampling accuracy. The
sampiing variance, ¥, is inverseily proportionai to the number of sampiing
increments (n):
= 3)

7]
where k is a constant dependent on the size of the increment and variation
within the bulk material.

54 SAMPLING AND PHYSICAL STATE

Many of the problems occurring during sampling arise from the physical nature
of the materials to be studied.® Although gases and liquids can, and do, present
difficuities, the greatest problems of adequate sampling undoubtedly arise with
solids.

Gases. Few problems arise over homogeneity of gas mixtures where the storage
vessel is not subjected to temperature or pressure variations. Difficulties may
arise if precautions are not taken to clear valves, taps and connecting lines of
any other gas prior to passage of the sampie. Similarly care must be taken that
no gaseous components will react with the sampling and analytical devices.

Liquids. In most cases general stirring or mixing is sufficient to ensure
homogeneity prior to sampling. Where separate phases exist it is necessary to
determine the relative volumes of each phase in order to compare correctly the
composition of one phase with the other. The phases shouid in any case be
individually sampled as it is not possible to obtain a representative sampie of
the combined materials even after vigorously shaking the separate phases
together.

Solids. It is with solids that real difficulties over homogeneity arise. Even
materials that superficially have every appearance of being homogeneous in fact
may have localised concentrations of impurities and vary in composition. The
procedure adopted to obtain as representative a sample as possible will depend
greatly upon the type of solid. This process is of great importance since, if it is
not satisfactorily done, the labour and time spent in making a careful analysis
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5 SAMPLING

of the sample may be completely wasted. If the material is more or less
homogeneous, sampling is comparatively simple. If, however, the material is
bulky and heterogeneous, sampling must be carried out with great care, and
the method will vary somewhat with the nature of the bulk solid.

The underlying principle of the sampling of material in bulk, say of a truckload
of coal or iron ore, is to select a large number of portions in a systematic manner
from different parts of the bulk and then to combine them. This large sample
of the total weight is crushed mechanically, if necessary, and then shovelled into
a conical pile. Every shovelful must fall upon the apex of the cone and the
operator must walk around the cone as he shovels; this ensures a comparatively
even distribution. The top of the cone is then flattened out and divided into
quarters. Opposite quarters of the pile are then removed, mixed to form a smaller
conical pile, and again quartered. This process is repeated, further crushing
being carried out if necessary, until a sample of suitable weight (say, 200-300 g)
is obtained.

If the quantity of material is of the order of 2—3 kg or less, intermixing may

. " e s o ;
be accomplished by the method known as ‘tabling’. The finely divided material

is spread on the centre of a large sheet of oilcloth or similar material. Each
corner is pulled in succession over its diagonal partner, the lifting being reduced
to a minimum; the particles are thus caused to roll over and over on themselves,
and the lower portions are constantly brought to the top of the mass and
thorough intermixing ensues. The sample may then be rolled to the centre of
the cloth, spread out, and quartered as before. The process is repeated until a
sufficiently small sample is obtained. The final sample for the laboratory, which
is usually between 25 and 200 g in weight, is placed in an air-tight bottle. This
method produces what is known as the ‘average sample and any analysis on
it should a}wa_ya be \,uuxpcucd with those of a second samp < ¢ same material
obtained by the identical routine.

Mechanical methods also exist for dividing up particulate material into
suitably sized samples. Samples obtained by these means are usuaily representative
of the bulk material within limits of less than +1 per cent, and are based upon
the requirements established by the British Standards Institution. Sample
dividers exist with capacities of up to 10L and operate either by means of
a series of rapidly rotating sample jars under the outlet of a loading funnel, or
by a rotary cascade from which the samples are fed into a series of separate
compartments. Sample dividers can lead to a great deal of time-saving in
laboratories dealing with bulk quantities of powders or minerals.

The sampling of metals and alloys may be effected by drilling holes through

a representative ingot at selected points; all the material from the holes is
collected. mixed, and a sample of suitable size used for analvsis. Turnings or
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scrapings from the out31de are not suitable as these frequently possess superﬁc:al
impurities from the castings or moulds.

In some instances in which grinding presents problems it is possible to obtain
a suitable homogeneous sample by dissolving a portion of the material in an
appropriate solvent.

Before analysis the representative solid sample is usually dried at 105-110°C,
or at some higher specified temperature if necessary, to constant weight. The
results of the analysis are then reported on the ‘dry’ basis, viz. on a material
dried at a specified temperature. The loss in weight on drying may be determined,
and the resuits may be reported, if desired on the original ‘moist’ basis; these
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figures will only possess real significance if the material is not appreciably
hygroscopic and no chemical changes, other than the loss of water, take place
on drying.

In a course of systematic quantitative analysis, such as that with which we
are chiefly concerned in the present book, the unknowns supplied for analysis
are usually portions of carefully analysed samples which have been finely ground
until uniform.

It should be borne in mind that although it is possible to generalise on
sampling procedures, all industries have their own established methods for
obtaining a record of the quantity and/or quality of their products. The sampling
procedures for tobacco leaves will obviously differ from those used for bales of
cotton or for coal. But although the types of samples differ considerably the
actual analytical methods used later are of general application.

5.5 CRUSHING AND GRINDING

If the material is hard (e.g. a sample of rock), it is first broken into small pieces
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on a hard steel plate w:th a hardened hammer The loss of fragments is prevented
by covering the plate with a steel ring, or in some other manner. The small
lumps may be broken in a ‘percussion’ mortar (also known as a ‘diamond’
mortar) (Fig. 5.2). The mortar and pestle are constructed entirely of hard tool
steel. One or two small pieces are placed in the mortar, and the pestle inserted
into position; the latter is struck lightly with a hammer until the pieces have
been reduced to a coarse powder. The whole of the hard substance may be
treated in this manner. The coarse powder is then ground in an agate mortar
in small quantities at a time. A mortar of mullite is claimed to be superior to

nf an-ah:: mulhte ic a hn ganeniic Cerams aforw:l that 1c harder
one Gi agaiv. munifi€ 15 a uuxuu&uuuuuo ceramicC maieria: tatn 1s uul.\.u.u., more

resistant to abrasion, and less porous than agate. A synthetic sapphire mortar
and pestle (composed essentially of a specially prepared form of pure aluminium
oxide) is marketed; it is extremely hard (comparable with tungsten carbide)
and will grind materials not readily reduced in ceramic or metal mortars.
Mechanical (motor-driven) mortars are available commercially.

/

N N
A

Fig. 5.2

56 HAZARDS IN SAMPLING

The handling of many materials is fraught with hazards'® and this is no less
so when sampling materials in preparation for chemical analysis. The sampler
must always wear adequate protective clothing and if possible have detailed
prior knowledge of the material being sampled. When dangers from toxicity
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exist the necessary antidotes and treatment procedures should be available and
established before sampling commences.’! In no instances should naked flames
be allowed anywhere near the sampling area.

Apart from the toxic nature of many gases, the additional hazards are those
of excessive release of gas due to pressure changes, spontaneous ignition of
flammable gases and sudden vaporisation of liquefied gases.

With liquids, dangers frequently arise from easily volatilised and readily
flammable liquids. In all cases precautions should be greater than under
normal circumstances due to the unpredictable nature and conditions of taking
samples, The sampler must always be prepared for the unexpected, as can arise,
for example, if a container has built up excess pressure, or if the wrong liquid
has been packed. Toxic and unknown liquids should never be sucked along
tubes or into pipettes by mouth.

Even the sampling of solids must not be casually undertaken, and the operator
should always use a face mask as a protection until it is established that the
powdered material is not hazardous.

It should be borne in mind that sampling of radioactive substances is a
specialist operation at all times and should be carried out only under strictly
controlled conditions within restricted areas. In almost all instances the operator
must be protected against the radioactive emanations from the substance he is
sampling.

Correct sampling of materials is therefore of importance in two main respects;
firstly to obtain a representative portion of the material for analysis, and secondly
to prevent the occurrence of accidents when sampling hazardous materials.
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CHAPTER 6
SOLVENT EXTRACTION

6.1 GENERAL DISCUSSION

Liquid-liquid extraction is a technique in which a solution (usually aqueous)
is brought into contact with a second solvent (usually organic), essentially
immiscible with the first, in order to bring about a transfer of one or more
solutes into the second solvent. The separations that can be performed are
simple, clean, rapid, and convenient. In many cases secparation may be effected
by shaking in a separatory funnel for a few minutes. The technique is equally
applicable to trace level and large amounts of materials.

In the case of inorganic solutes we are concerned largely with samples in
aqueous solution so that it is necessary to produce substances, such as neutral
metal chelates and ion-association complexes, which are capable of extraction
into organic solvents. For organic solutes, however, the extraction system
may sometimes involve two immiscible organic solvents rather than the
aqueous—organic type of extraction.

The technique of liquid-liquid extraction has, of course, been widely used
to separate the components of organic systems; in particular, solvent extraction
may be employed to effect a ‘clean-up’ and to achieve concentration of the
solutes of interest prior to analysis. This is illustrated by the clean-up steps
which have been used for the analysis of organochlorine pesticides, at the
0.1 ugg ™! level, in animal fats and dairy products. In one such procedure the
solution of animal fat in hexane (25mL) is extracted with three successive
portions (10 mL) of dimethylformamide (DMF) saturated with hexane. The
combined DMF extracts are washed with hexane (10 mL) saturated with DMF
to remove any remaining traces of fat; after separation of the hexane it is
equilibrated with further DMF (10 mL) to reduce loss of pesticide residue. The
pesticide compounds are finally partitioned back into clean hexane after adding
water to the combined DMF extracts. The hexane layer is used for the
quantitative analysis of the extracted pesticide residues using gas chromatography
with an electron-capture detector [ Section 9.2(4)]. It is of interest to note that
the extraction procedure involves two organic phases (1.€. no aqueous phase is
involved) and that miscibility is minimised by saturating cach solvent with
the other. Extraction procedures for organic species, however, do not in general
possess the same degree of selectivity as may be achieved for metal-containing
systems, and the chief analytical application of solvent extraction is for the
determination of metals as minor and trace constituents in various inorganic
and organic materials.

Although solvent extraction has been used predominantly for the isolation
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6  SOLVENT EXTRACTION

and pre-concentration of a single chemical species prior to its determination, it
may also be applied to the extraction of groups of metals or classes of
organic compounds, prior to their determination by techniques such as atomic
absorption or chromatography.

To understand the fundamental principles of extraction, the various terms
used for expressing the effectiveness of a separation must first be considered.
For a solute 4 distributed between two immiscible phases a and b, the Nernst
Distribution (or Partition) Law states that, provided its molecular state is the

same in both liquids and that the temperature is constant:

Concentration of solute in solventa  [A4],
Concentration of solute in solvent b [A4],

= Kp

where K, is a constant known as the distribution (or partition) coefficient. The
law, as stated, is not thermodynamically rigorous (e.g. it takes no account of
the activities of the various species, and for this reason would be expected to
apply only in very dilute solutions, where the ratio of the activities approaches
unity), but is a useful approximation. The law in its simple form does not apply
when the distributing species undergoes dissociation or association in either
phase. In the practical applications of solvent extraction we are interested
primarily in the fraction of the total solute in one or other phase, quite regardless
of its mode of dissociation, association, or interaction with other dissolved
species. It is convenient to introduce the term distribution ratio D (or extraction
coeflicient E):

D = (C a/(Ca)s

where the symbol C , denotes the concentration of A in all its forms as determined
analytically.

A problem often encountered in practice is to determine what is the most
efficient method for removing a substance quantitatively from solution. It can
be shown that if ¥ mL of, say, an aqueous solution containing x, g of a solute
be extracted n times with v-mL portions of a given solvent, then the weight of
solute x, remaining in the water layer is given by the expression:

DV \"
= X —_—
n \DV +uv

where D is the distribution ratio between water and the given solvent. It follows,
therefore, that the best method of extraction with a given volume of extracting
liquid is to employ the liquid in several portions rather than to utilise the whole
quantity in a single extraction.

This may be illustrated by the following example. Suppose that 50 mL of
water containing 0.1 g of iodine are shaken with 25 mL of carbon tetrachloride.
The distribution coefficient of iodine between water and carbon tetrachloride
at the ordinary laboratory temperature is 1/85, i.e. at equilibrium the iodine
concentration in the aqueous layer is 1/85th of that in the carbon tetrachloride
layer. The weight of 1odine remaining in the aqueous layer after one extraction
with 25 mL, and also after three extractions with 8.33 mL of the solvent, can
be calculated by application of the above formula. In the first case, if x; g of
iodine remains in the 50 mL of water, its concentration is x;/50gmL™!; the
concentration in the carbon tetrachloride layer will be (0.1 —x,)/25gmL ™!
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Hence:
x4/50 1

01—~ /25 Rs’
e L v

or x; = 0.00230g

The concentration in the aqueous layer after three extractions with 8.33 mL of
carbon tetrachloride is given by:

~ (1/85) x 50
¥ 0‘1((50/85)+ 8.33

The extraction may, therefore, be regarded as virtually complete.
If we confine our attention to the distribution of a solute A between water
and an organic solvent, we may write the percentage extraction E., as:

100[4],V, 100D
[A1V, +[Al.V. D+ (Vi/V,)

where V, and V,, represent the volumes of the organic and aqueous phases
respectively. Thus, the percentage of extraction varies with the volume ratio of
the two phases and the distribution coefficient.

If the solution contains two solutes A and B it often happens that under the
conditions favouring the complete extraction of A, some B is extracted as well.
The effectiveness of separation increases with the magnitude of the separation
coefficient or factor f8, which is related to the individual distribution ratios as
follows:

p_ [A1/Bl, _ [AL/A], D,

[Al./[Bl. [Bl,/[Bl, Ds
If D,=10and Dz =0.1, a single extraction will remove 90.9 per cent of A and
9.1 per cent of B (ratio 10:1); a second extraction of the same aqueous phase
will bring the total amount of A4 extracted up to 99.2 per cent, but increases
that of B to 17.4 per cent (ratio 5.7:1). More complete extraction of 4 thus
involves an increased contamination by B. Clearly, when one of the distribution
ratios is relatively large and the other very small, almost complete separation
can be quickly and easily achieved. If the separation factor is large but the
smaller distribution ratio is of sufficient magnitude that extraction of both
components occurs, it is necessary to resort to special techniques to suppress
the extraction of the unwanted component.

3
) = 0.0000287 g

Ey =

6.2 FACTORS FAVOURING SOLVENT EXTRACTION

[t is well known that hydrated inorganic salts tend to be more soluble in water
than in organic solvents such as benzene, chloroform, etc., whereas organic
substances tend to be more soluble in organic solvents than in water unless
they incorporate a sufficient number of hydroxyl, sulphonic, or other hydrophilic
groupings. In solvent extraction analysis of metals we are concerned with
methods by which the water solubility of inorganic cations may be masked by
interaction with appropriate (largely organic) reagents; this will in effect remove
some or all of the water molecules associated with the metal ion to which the
water solubility is due.

Ionic compounds would not be expected to extract into organic solvents
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from aqueous solution because of the large loss in electrostatic solvation energy
which would occur. The most obvious way to make an aqueous ionic species
extractable is to neutralise its charge. This can be done by formation of a neutral
metal chelate complex or by ion association; the larger and more hydrophobic
the resulting molecular species the better will be its extraction.

In chelation complexes (sometimes called inner complexes when uncharged)

the central metal ion coordinates with a polyfunctional organic base to form a
stable ring compound, e.g. copper(II) ‘acetylacetonate’ or iron(III) ‘cupferrate’:

‘ ;FCS* /
QN—O‘ YNH,* QN—O

CH, —C=0 CH,—C—OH
/4
H,C e HC
\
léCu“
O O
I
CH,—C” clru/z CH, ﬁ/ \?u/z
~ ~
CcZ-CH, C~CH,

Fe/3

The factors which influence the stability of metal ion complexes have been

discussed in Section 2.23, but it is appropriate to emphasise here the significance
of the chelate effect and to list the features of the ligand which affect chelate
formation:

1.

The basic strength of the chelating group. The stability of the chelate
complexes formed by a given metal ion generally increase with increasing
basic strength of the chelating agent, as measured by the pK, values.

The nature of the donor atoms in the chelating agent. Ligands which contain
donor atoms of the soft-base type form their most stable complexes with the
relatively small group of Class B metal ions (i.¢. soft acids) and are thus more
sclective reagents. This is illustrated by the reagent diphenylthiocarbazone
(dithizone) used for the solvent extraction of metal ions such as Pd**, Ag™,
Hg?*, Cu?*, Bi**, Pb?*, and Zn?".

Ring size. Five- or six-membered conjugated chelate rings are most stable
since these have minimum strain. The functional groups of the ligand must
be so situated that they permit the formation of a stable ring.
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4. Resonance and steric effects. The stability of chelate structures is enhanced
by contributions of resonance structures of the chelate ring: thus copper
acetylacetonate (see formula above) has greater stability than the copper
chelate of Saucytaluumme A gUUU exampw of steric hindrance is gi'v’eu U_y
2,9-dimethylphenanthroline (neocuproin), which does not form a complex
with iron(II) as does the unsubstituted phenanthroline; this hindrance is at
a minimum in the tetrahedral grouping of the reagent molecules about a
univalent tetracoordinated ion such as that of copper(I). A nearly specific

reagent for copper is thus available.

The choice of a satisfactory chelating agent for a particular separation should,
of course, take all the above factors into account. The critical influence of pH
on the solvent extraction of metal chelates is discussed in the following section.

6.3 QUANTITATIVE TREATMENT OF SOLVENT EXTRACTION EQUILIBRIA

The solvent extraction of a neutral metal chelate complex

SAGALIVA VLD &8 Ad -A 2aaweiai

chelating agent HR according to the equation
M"* +nR™ = MR,

may be treated quantitatively on the basis of the following assumptions: (a) the
reagent and the metal complex exist as simple unassociated molecules in both
phases; (b) solvation plays no significant part in the extraction process; and
(c) the solutes are uncharged molecules and their concentrations are generally
so low that the behaviour of their solutions departs little from ideality. The
dissociation of the chelating agent HR in the aqueous phase is represented by

the eqau ation
l,‘l \1 CELAFAL

HR=H" +R"

The various equilibria involved in the solvent-extraction process are expressed
in terms of the following thermodynamic constants:

Dissociation constant of complex, K, = [M"* ][R 12/[MR,]..
Dissociation constant of reagent, K, = [H*] [R™]./[HR],
Partition coefficient of complex, p. = [MR,],/[MR,],
Partition coefficient of reagent, p, = [HR],/[HR],

where the subscripts ¢ and r refer to complex and reagent, and w and o to
aqueous and organic phase respectively.

The distribution ratio, i.c. the ratio of the amount of metal extracted as
complex into the organic phase to that remaining in all forms in the agueous
phase, is given by

= [MR,1,/{[MR,],+[M""],}
which can be shown'® to reduce to
D = K[HRI/[H" T,
where K = (K,p,)"/K.p.
If the reagent concentration remains virtually constant
D = K*/[H" ], where K* = K[HR]”
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and the percentage of solute extracted, E, is given by
log E —log(100 — E) = log D

= log K* + npH
The distribution of the metal in a given system of the above type is a function
of the pH alone. The equation represents a family of sigmoid curves when E is
plotted against pH, with the position of each along the pH axis depending only
on the magnitude of K* and the slope of each uniquely depending upon .
Some theoretical extraction curves for divalent metals showing how the position
of the curves depends upon the magnitude of K* are depicted in Fig. 6.1;
Fig. 6.2 illustrates how the slope depends upon n. It is evident that a ten-fold
change in reagent concentration is exactly offset by a ten-fold change in
hydrogen ion concentration, i.e. by a change of a single unit of pH: such a
change of pH s much easier to effect in practice. If pH,, is defined as the pH
value at 50 per cent extraction (E., = 50) we see from the above equation that

1
leiz = —'—logK*
n

The difference in pH  ,, values of two metal ions in a specific system is a measure
of the ease of separation of the two ions. If the pH, , values are sufficiently far
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apart, then excellent separation can be achieved by controlling the pH of
extraction. It is often helpful to plot the extraction curves of metal chelates. If
one takes as the criterion of a successful single—stage separation of two metals
Uy‘ pu control a 99 per cent extraction of one with a maximum of 1 per cent
extraction of the other, for bivalent metals a difference of two pH units would
be necessary between the two pH, , values; the difference is less for tervalent
metals. Some figures for the extraction of metal dithizonates in chloroform are
given in Table 6.1. If the pH is controlled by a buffer solution, then those metals
with pH, , values in this region, together with all metals having smaller pH, ,
values, w1ll be extracted. The pH,,, values may be altered (and the selectivity
of the extraction thus increased) by the use of a competitive complexing agent
or of masking agents. Thus in the separation of mercury and copper by extraction
with dithizone in carbon tetrachloride at pH 2, the addition of EDTA forms a
water-soluble complex which completely masks the copper but does not affect
the mercury extraction. Cyanides raise the pH,,, values of mercury, copper,
zine, and cadmium in dithizone extraction with carbon tetrachloride.

Table 6.1
Metal ion Cu(Il) Hg(11) Ag  Sn(lI) Co NiZn Pb
Optimum pH of extraction 1 1-2 1-2 6-9 7-9 8 8.5-11

6.4 SYNERGISTIC EXTRACTION

The phenomenon in which two reagents, when used together, extract a metal
ion with enhanced efficiency compared to their individual action is called

mm 3 hat hinh atal
Qy“m‘g‘sm A commoen fOrn] nf °}’“erg18tlc extraunﬂn 1S that lﬂ WNICHH 4 mgdotai

ion, M"* | is extracted by a mixture of an acidic chelating reagent, HR, and an
uncharged basic reagent, S. The joint action of the reagents is especially
pronounced in those cases where the coordination capacity of the metal ion is
not fully achieved in the MR, chelate; then the extractant S gives a mixed
complex, MR, S, which is extracted with much greater efficiency than the parent
chelate. This concept has been usefully applied in the case of the reagent dithizone
by using it in combination with bases such as pyridine and 1,10-phenanthroline.
Thus, although the complex formed by manganese(11) with dithizone alone is
of no analytical value because it decomposes rapidly, the red complex formed
by manganese(1l) with dithizone and pyridine is sufficiently stable to light and
oxidation for it to be used in a sensitive photometric procedure for determining
trace amounts of manganese.” Again the normally very slow reaction of
nickel (IT) with dithizone, H, Dz, is greatly accelerated by the addition of nitrogen
bases such as 1,10- phenanthrolme (phen). The complex formed according to
the equation:

Ni?** + 2H,Dz + phen = [ Ni(HDz),(phen)] + 2H*

is the basis of a very sensitive extraction—photometric method for nickel® (see
also Section 6.17),

In addition to systems of the above type, i.e. involving adduct formation,
various other types of synergistic extraction systems are recognised and have
been reviewed.* An example is the synergistic influence of zinc in the extraction
and AAS determination of trace cadmium in water.’
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6  SOLVENT EXTRACTION

6.5 ION ASSOCIATION COMPLEXES

An alternative to the formation of neutral metal chelates for solvent extraction
is that in which the species of analytical interest associates with oppositely
charged ions to form a neutral extractable species.® Such complexes may form
clusters with increasing concentration which are larger than just simple ion
pairs, particularly in organic solvents of low dielectric constant. The following
types of ion association complexes may be recognised.

. Those formed from a reagent yielding a large organic ion, e.g. the
tetraphenylarsonium, (CH ), As™, and tetrabutylammonium, (n-C,Hy) N
ions, which form large ion aggregates or clusters with suitable oppositely
charged ions, e.g. the perrhenate ion, ReO . These large and bulky ions do
not have a primary hydration shell and cause disruption of the hydrogen-
bonded water structure; the larger the ion the greater the amount of disruption
and the greater the tendency for the ion association species to be pushed
into the organic phase.
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unhydrated univalent cation will extract any such large univalent anion. On

the other hand polyvalent ions, because of their greater hydration energy,

are not so easily extracted and good separations are possible between MnO
ReO; or TcO, and CrOZ~, MoOZ~ or WO}, for example.

2. Those involving a cationic or anionic chelate complex of a metal ion.
Thus chelating agents having two uncharged donor atoms, such as
1:10-phenanthroline, form cationic chelate complexes which are large and
hydrocarbon-like. Tris{phenanthroline) iron(II) perchlorate extracts fairly
well into chloroform, and extraction is virtually complete using large anions
such as long-chain alkyl sulphonate ions in place of Cl1O . The determination
of anionic detergents using ferroin has been described.’

Dagnall and West® have described the formation and extraction of a blue
ternary complex, Ag(I)-1,10-phenanthroline-bromopyrogallol red (BPR),
as the basis of a highly sensitive spectrophotometric procedure for the
determination of traces of silver (Section 6.16). The reaction mechanism
for the formation of the blue complex in aqueous solution was investigated
by photometric and potentiometric methods and these studies led to the
conclusion that the complex is an ion association system, (Ag(phen),),BPR?",
i.¢. involving a cationic chelate complex of a metal ion (Ag™) associated with
an anionic counter ion derived from the dyestuff (BPR). Ternary complexes
have been reviewed by Babko.?

Types (1) and (2) represent extraction systems involving coordinately
unsolvated large ions and differ in this important respect from type (3).

3. Those in which solvent molecules are dlrectly involved in formation of the
ion association complex. Most of the solvents (ethers, esters, ketones and
alcohols) which participate in this way contain donor oxygen atoms and the
coordinating ability of the solvent is of vital significance. The coordinated
solvent molecules facilitate the solvent extraction of salts such as chlorides
and nitrates by contributing both to the size of the cation and the resemblance
of the complex to the solvent.

A class of solvents which shows very marked solvating properties for inorganic
compounds comprises the esters of phosphoric(V) (orthophosphoric) acid. The
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functional group in these molecules is the semipolar phosphoryl group,

AN

7PLO', which has a basic oxygen atom with good steric availability. A

ST TR

typical compound is tri-n-butyl phosphate (TBP), which has been widely used
in solvent extraction on both the laboratory and industrial scale; of particular
note is the use of TBP for the extraction of uranyl nitrate and its separation
from fission products.

The mode of extraction in these ‘oxonium’ systems may be illustrated by
considering the ether extraction of iron(IIl) from strong hydrochloric acid
solution. In the aqueous phase chloride ions replace the water molecules
coordinated to the Fe®* ion, yielding the tetrahedral FeCl; ion. It is recognised
that the hydrated hydroniumion, H;O *(H,0), or H,O/, normally pairs with
the complex halo-anions, but in the presence of the organic solvent, solvent
molecules enter the aqueous phase and compete with water for positions in the
solvation shell of the proton. On this basis the primary species extracted into
the ether (R,0) phase is considered to be [H;O(R,0)3, FeCl; ] although

acorecation of this snecies mav occur in solvents of low dielectric constant
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The principle of ion-pair formation has long been used for the extraction of
many metal ions, but not the alkali metals, due to the lack of complexing agents
forming stable complexes with them. A significant development of recent years,
however, has been the application of the so-called ‘crown ethers’ which form
stable complexes with a number of metal ions, particularly the alkali metal ions.
These crown ethers are macrocyclic compounds containing 9-60 atoms,
including 3-20 oxygen atoms, in the ring. Complexation is considered to
result mainly from electrostatic ion—dipole attraction between the metal ion

situated in the cavity of the ring and the oxygen atoms surroundmg it. The

Nat K + A F 2+ h
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and dicyclohexyl-18-crown-6 as complex-forming reagent has been described.'®

6.6 EXTRACTION REAGENTS

This section provides a brief review of a number of chelating and other extraction
reagents, as well as some organic solvents, with special interest as to their
selective extraction properties. The handbook of Cheng et al. should be consulted
for a more detailed account of organic analytical reagents.!?

Acetylacetone (pentane-2,4-dione), CH,CO-CH,-COCH;. Acctylacetone is a
colourless mobile liquid, b.p. 139°C, which is sparingly soluble in water
(0.17gmL ™! at 25°C) and miscible with many organic solvents. It is useful
both as a solution (in carbon tetrachloride, chioroform, benzene, xylene, etc.)
and as the pure liquid. The compound is a f-diketone and forms well-defined
chelates with over 60 metals. Many of the chelates (acetylacetonates) are soluble
in organic solvents, and the solubility is of the order of grams per litre, unlike
that of most analytically used chelates, so that macro- as well as micro-scale
separations are possible. The selectivity can be increased by using EDTA as a
masking agent. The use of acetylacetone as both solvent and extractant [e.g.
for Al, Be, Ce, Co(1lI), Ga, In, Fe, U(VI), etc.] offers several advantages over
its use in solution in carbon tetrachloride, etc.: extraction may be carried out
at a lower pH than otherwise feasible because of the higher reagent concentration;
and often the solubility of the chelate is greater in acetylacetone than in many
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6  SOLVENT EXTRACTION

organic solvents. The solvent generally used is carbon tetrachloride; the organic
layer is heavier than water.
An interesting application is the separation of cobalt and nickel: neither

L/U[ll) nor 1\11(11) lUI'II]S GXII’dleDlB LHGIdIeS but bO(lll) Cl’lelate 1S eXU'aCIaDle
extraction is therefore possible following oxidation.

Thenoyltrifluoroacetone (TTA), C4H;S-CO-CH,-COCF,. This is a crystalline
solid, m.p. 43°C,; it is, of course, a f-diketone, and the trifluoromethyl group
increases the acidity of the enol form so that extractions at low pH values are
feasible. The reactivity of TTA is similar to that of acetylacetone: it is generally
used as a 0.1-0.5 M solution in benzene or toluene. The difference in extraction
behaviour of hafnium and zircontum, and also among lanthanides and actinides,
is especially noteworthy.

Other fluorinated derivatives of acetylacetone are trifluoroacetylacetone
(CF;COCH,COCH;) and hexafluoroacetylacetone (CF;COCH ,COCF,),
which form stable volatile chelates with aluminium, beryllium, chromium(III)
and a number of other metal ions, These reagents have consequently been used
for the solvent extraction of such metal ions, with subsequent separation and
analysis by gas chromatography [see Section 9.2(2)].

8-Hydroxyquinoline (oxine). Oxine is a versatile organic reagent and
forms chelates with many metallic ions. The chelates of doubly and triply charged
metal ions have the general formulae M(C,H,ON), and M(C;H,ON);:
the oxinates of the metals of higher charge may differ somewhat in compo-
sition, e.g. Ce(CyHgON),; Th(C,HgON),-(CoH,ON); WO,(C,H;ON),;
MOOZ(C9H6ON)2; U306(C9H6ON)6-(C9H7ON). Oxine is generally used
as a 1 per cent (0.07 M) solution in chloroform, but concentrations as high as
10 per cent are advantageous in some cases (¢.g. for strontium).
8-Hydroxyquinoline, having both a phenolic hydroxyl group and a basic
nitrogen atom, is amphoteric in aqueous solution; it is completely extracted
from aqueous solution by chloroform at pH < 5 and pH > 9; the distribution
coefficient of the neutral compound between chloroform and water is 720 at
18 °C. The usefulness of this sensitive reagent has been extended by the use of
masking agents (cyanide, EDTA, citrate, tartrate, etc.) and by control of pH.

Dimethylglyoxime. The complexes with nickel and with palladium are soluble
in chloroform. The optimum pH range for extraction of the nickel complex is
4-12 in the presence of tartrate and 7-12 in the presence of citrate (solubility
35-50 ug NimL ™! at room temperature); if the amount of cobalt exceeds 5 mg
some cobalt may be extracted from alkaline solution. Palladium(II) may be
extracted out of ca 1 M-sulphuric acid solution.

1-Nitroso-2-naphthol. The reagent forms extractable complexes (chloroform)
with Co(III) in an acid medium and with Fe(II) in a basic medium.

Cupferron (ammonium salt of /NV-nitroso-/V-phenylhydroxylamine). The reagent
is used in cold aqueous solution (about 6 per cent). Metal cupferrates are soluble
in diethyl ether and in chloroform, and so the reagent finds wide application
in solvent-extraction separation schemes. Thus Fe(IIT), Ti, and Cu may be
extracted from 1.2 M HCI solution by chloroform: numerous other elements
may be extracted largely in acidic solution.
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Diphenylthiocarbazone (dithizone), C(H;-N—=N-CS-NH-NH-C.H;. The
compound is insoluble in water and dilute mineral acids, and is readily soluble
in dilute aqueous ammonia. It is used in dilute solution in chloroform or carbon
tetrachloride. Dithizone is an important selective reagent for quantitative
determinations of metals: colorimetric (and, of course, spectrophotometric)
analyses are based upon the intense green colour of the reagent and the
contrasting colours of the metal dithizonates in organic solvents. The selectivity
is improved by the control of pH and the use of masking agents, such as cyanide,
thiocyanate, thiosulphate, and EDTA.

The use of dithizone in combination with various organic bases for synergistic
extraction has already been indicated (Section 6.4).

Sodium diethyldithiocarbamate, {(C,Hs),N-CS-S} "Na™. This reagent is
generally used as a 2 per cent aqueous solution; it decomposes rapidly in
solutions of low pH. It is an effective extraction reagent for over 20 metals into
various organic solvents, such as chloroform, carbon tetrachloride, and ethanol.
The selectivity is enhanced by the control of pH and the addition of masking
agents.

Ammonium pyrrolidine dithiocarbamate (APDC). The reagent is a white to
pale yellow crystalline substance and is commonly supplied in bottles which
contain a piece of ammonium carbonate in a muslin bag. In this form it is stable
for at least one year at temperatures below 30 °C, but the finely divided material
exposed to the ordinary atmosphere is much less stable.

CH,—CH, /s
/N=C\ M.W. = 164.28
CH,—CH, SNH,

The stability of the reagent in acid solution, together with its ability to
complex a wide range of metals, make it a very useful general extracting reagent,
especially for heavy metals. The chief applications of APDC in quantitative
analysis are as follows:

(a) The separation and/or concentration (can be 100-fold or more) of heavy
metals prior to their determination by atomic absorption spectrophotometry®?;

(b) The extraction and determination of metals by spectrophotometry
(UV /visible) or for removing heavy metals prior to spectrophotometric
determination of other elements (e.g. magnesium, calcium, aluminium).

Although APDC complexes are soluble in many organic solvents, it is found
that 4-methylpent-2-one (isobutyl methyl ketone) and heptan-2-one (n-pentyl
methyl ketone) are, in general, the most satisfactory for direct nebulisation into
the air/acetylene flame used in atomic absorption spectroscopy.

Tri-n-butyl phosphate, (n-C,H,);PO,. This solvent is useful for the extraction
of metal thiocyanate complexes, of nitrates from nitric acid solution (e.g. cerium,
thallium, and uranium), of chloride complexes, and of acetic acid from aqueous
solution. In the analysis of steel, iron(III) may be removed as the soluble
‘iron(1II) thiocyanate’. The solvent is non-volatile, non-flammable, and rapid
in its action.
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Tri-n-octylphosphine oxide, (n-C3gH,),PO. This compound (TOPOQO) dissolved
in cyclohexane (0.1M) is an excellent extraction solvent. Thus the distribution
ratio of U(VI) is of the order of 10° times greater for TOPO than for
tri-n-butyl phosphate. The following elements are compietely extracted from
1M-hydrochloric acid: Cr(VI) as H,Cr,0,,2TOPO; Zr(I1V) as ZrCl,,2TOPO;
Ti(IV); U(VI) as UO,(NO;),,2TOPO; Fe(IIl); Mo(VI) and Sn(IV). If the
hydrochloric acid concentration is increased to 7M, Sb(IH), Ga(IlI) and V(IV)
are completely extracted.

Poly (macrocyclic) compounds. The analytical application of compounds such
as crown polyethers and cryptands is based on their ability to function as
ligands and form stable stoichiometric complexes with certain cations. Special
importance is due to their preference for alkali metal ions which do not form
complexes with many other ligands. A number of these compounds are
commercially available and their properties and analytical applications have
been described by Cheng et al.'!

1+
Cetyltrimethylammonium bromide (CTMB). Quaternary ammonium salts

having one or more long-chain alkyl groups (e.g. CTMB and the corresponding
chloride) have important applications as analytical reagents. These applications
are mainly based on the ability of the quaternary ammonium ion to act (a) as
a cationic reagent for the ion-pair extraction of metals as complex anions and
(b) as a cationic micelle-forming reagent for photometric determination of
metals.

CH, +
'fH3(CH2)15_N—CH3J Br~ M.W. = 36445
CH,

In the latter function, the reagent behaves as a surfactant and forms a cationic
micelle at a concentration above the critical micelle concentration (1 x 10™*M
for CTMB). The complexation reactions occurring on the surface of the micelles
differ from those in simple aqueous solution and result in the formation of a
complex of higher ligand to metal ratio than in the simple aqueous system; this
effect is usually accompanied by a substantial increase in molar absorptivity of
the metal complex.

CTMB is commercially available as a colourless hygroscopic powder, readily
soluble in water, alcohol and acetone. The aqueous solution foams strongly
when shaken.

6.7 SOME PRACTICAL CONSIDERATIONS

Solvent extraction is generally employed in analysis to separate a solute (or
solutes) of interest from substances which interfere in the ultimate quantitative
analysis of the material, sometimes the interfering solutes are extracted
selectively. Solvent extraction is also used to concentrate a species which in
aqueous solution is too dilute to be analysed.

The choice of solvent for extraction is governed by the following considerations.
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1. A high distribution ratio for the solute and a low distribution ratio for
undesirable impurities.

Low solubility in the aqueous phase.

Sufficientiy iow viscosity and sufficient density difference from the aqueous
phase to avoid the formation of emulsions.

Low toxicity and flammability.

Ease of recovery of solute from the solvent for subsequent analytical
processing. Thus the b.p. of the solvent and the ease of stripping by chemical
reagents merit attention when a choice is possible.

RPN

W

Sometimes mixed solvents may be used to improve the above properties.
Salting-out agents may also improve extractability.

Extraction. Extraction may be accomplished in either a batch operation or a
continuous operation. Batch extraction, the simplest and most widely used

method, is employed where a large distribution ratio for the desired separation
is readily obtainable. A small number of batch extractions readily remove the
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desired component completely and may be carried out in a 51mple separatory
funnel. The two layers are shaken in the separatory funnel until equilibrium is
attained, after which they are allowed to settle completely before separating. The
extraction and separation should be performed at constant temperature, since
the distribution ratio as well as the volumes of the solvent are influenced by
temperature changes. It must be borne in mind that too violent agitation of the
extraction mixture often serves no useful purpose: simple repeated inversions
of the vessel suffice to give equilibrium in a relatively few inversions. If droplets
of aqueous phase are entrained in the organic extract it is possible to remove

them by filtering the extract through a dry filter paper: the filter paper should

be washed several times with fresh organic solvent.

When the distribution ratio is low, continuous methods of extraction are
used. This procedure makes use of a continuous flow of immiscible solvent
through the solution; if the solvent is volatile, it is recycled by distillation and
condensation and is dispersed in the aqueous phase by means of a sintered glass
disc or equivalent device. Apparatus is available for effecting such continuous
extractions with automatic return of the volatilised solvent (see the Bibliography,
Section 9.10).

Stripping. Stripping is the removal of the extracted solute from the organic
phase for further preparation for the detailed analysis. In many analytical
procedures involving an extraction process, however, the concentration of the
desired solute is determined directly in the organic phase.

Where other methods of analysis are to be employed, or where further
separation steps are necessary, the solute must be removed from the organic
phase to a more suitable medium. If the organic solvent is volatile (e.g. diethyl
ether) the simplest procedure is to add a small volume of water and evaporate
the solvent on a water bath; care should be taken to avoid loss of a volatile
solute during the evaporation. Sometimes adjustment of the pH of the solution,
change in valence state, or the use of competitive water-soluble complexing
reagents may be employed to prevent loss of the solute. When the extracting
solvent is non-volatile the solute is removed from the solvent by chemical means,
e.g. by shaking the solvent with a volume of water containing acids or other
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reagents, whereby the extractable complex is decomposed. The metal ions are
then quantitatively back-extracted into the aqueous phase.

Impurities present in the organic phase may sometimes be removed by
backwashing. The organic extract when shaken with one or more smaii portions
of a fresh aqueous phase containing the optimum reagent concentration and of
correct pH will result in the redistribution of the impurities in favour of the
aqueous phase, since their distribution ratios are low: most of the desired element
will remain in the organic layer.

Completion of the analysis. The technique of solvent extraction permits the
separation and often the pre-concentration of a particular element or substance
(or of a group of elements or substances). Following this separation procedure,
the final step of the analysis involves the quantitative determination of the
species of interest by an appropriate technique.

Spectrophotometric methods may often be applied directly to the solvent
extract utilising the absorption of the extracted species in the ultraviolet or
visible region. A typical example is the extraction and determination of nickel
as dimethylglyoximate in chloroform by measuring the absorption of the
complex at 366 nm. Direct measurement of absorbance may also be made
with appropriate ion association complexes, e.g. the ferroin—anionic detergent
system, but improved results can sometimes be obtained by developing a chelate
complex after extraction. An example is the extraction of uranyl nitrate
from nitric acid into tributyl phosphate and the subsequent addition of
dibenzoylmethane to the solvent to form a soluble coloured chelate.

Further techniques which may be applied directly to the solvent extract are
flame spectrophotometry and atomic absorption spectrophotometry (AAS).!3
The direct use of the solvent extract in AAS may be advantageous since the
presence of the organic solvent generally enhances the sensitivity of the method.
However, the two main reasons for including a chemical separation in the
preparation of a sample for AAS are:

(a) the concentration of the element to be determined is below the detection
limit after normal preparation of the sample solution; and

(b) it is necessary to separate the species of interest from an excessive
concentration of other solutes, affecting the nebuliser and burner system,
or from a very strong chemical interference effect.

Solvent extraction is probably the separation technique which is most widely
used in conjunction with AAS. It often allows the extraction of a number of
elements in one operation and, because of the specific nature of AAS,
non-selective reagents such as the thiocarbamate derivatives (e.g. APDC) may
be used for the liquid—liquid extraction (see Section 6.18).

Multi-element analyses involving solvent extraction and high performance
liquid chromatography (HPLC) have also been described. The extracts,
containing metal—chelate complexes with sulphur-containing reagents, such as
dithizone and diethyldithiocarbamate, were used directly for determination of
the metals by HPLC.'*

Automation of solvent extraction. Although automatic methods of analysis do
not fall within the scope of the present text, it is appropriate to emphasise here
that solvent extraction methods offer considerable scope for automation. A fully
automated solvent extraction procedure, using APDC, for the determination of
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trace metals in water has been described.!® Details of the use of automatic
analysers are best obtained by referring to the appropriate manufacturers’
manuals.

SOME APPLICATIONS
6.8 DETERWHNATION OF BERVLLIUM AS THE ACETYLACETONE COMPLEX

Discussion. Beryllium forms an acetylacetone complex, which is soluble in
chloroform, and yields an absorption maximum at 295 nm. The excess of
acetylacetone in the chloroform solution may be removed by rapid washing
with 0.1M-sodium hydroxide solution. It is advisable to treat the solution
containing up to 10 ug of Be with up to 10 mL of 2 per cent EDTA solution:
the latter will mask up to 1 mg of Fe, Al, Cr, Zn, Cu, Pb, Ag, Ce, and U.

Procedure. Prepare a solution containing 10 ug of beryllium in 50 mL. (CARE:
Beryllium compounds are toxic.) Use beryllium sulphate, BeSO,,4H,0. To
50.0 mL of this solution contained in a beaker, add dilute hydrochloric acid
until the pH is 1.0, and then introduce 10.0 mL of 2 per cent EDTA solution.
Adjust the pH to 7 by the addition of 0.1M sodium hydroxide solution. Add
50mL of 1 per cent aqueous acetylacetone and readjust the pH to 7-8. After
standing for 5 minutes, extract the colourless beryllium complex with three
10 mL portions of chloroform. Wash the chloroform extract rapidly with two
50 mL portions of 0.1M sodium hydroxide in order to remove the excess of
acetylacetone. To determine the absorbance at 295 nm (in the ultraviolet region
of the spectrum) it may be necessary to dilute the extract with chloroform.
Measure the absorbance using 1.0 cm absorption cells against a blank.

Repeat the determination with a solution containing 100 ug of iron(II) and
of aluminium ion; the absorbance is unaffected.

6.9 DETERMINATION OF BORON USING FERROIN

Discussion. The method is based upon the complexation of boron as the
bis(salicylato)borate(III) anion (A), (borodisalicylate), and the solvent extraction
into chloroform of the ion-association complex formed with the ferroin.
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The intensity of the colour of the extract due to ferroin is observed
spectrophotometrically and may be related by calibration to the boron content
of the sample.

The method has been applied to the determination of boron in river water
and sewage,'® the chief sources of interference being copper(Il) and zinc
ions, and anionic detergents. The latter interfere by forming ion-association
complexes with ferroin which are extracted by chloroform; this property
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may, however, be utilised for the joint determination of boron and anionic
detergents by the one procedure. The basis of this joint determination is that
the ferroin—-anionic detergent complex may be immediately extracted into
L[llOI'OIOIIIl whereas l.[le IOI'HId.llOl’l of [[lC DOIOUIS&IIC}’IdLﬁ d.]’ll()ﬂ IIOIII GOHC aLlU
and salicylate requires a reaction time of one hour prior to extraction using
ferroin. The absorbance of the chloroform extract obtained after zero minutes
thus gives a measure of the anionic detergent concentration, whereas the
absorbance of the extract after a one-hour reaction period corresponds to the
amount of boron plus anionic detergent present. Interference due to copper(II)

ions may be eliminated by masking with EDTA.

Reagents. Sulphuric acid solution, 0.05M.

Sodium hydroxide solution, 0.1M.

Sodium salicylate solution, 10 per cent w/v.

EDTA solution, 1 per cent w/v. Use the disodium salt of EDTA,

Ferroin solution, 2.5 x 1072 M. Dissolve 0.695g of iron(II) sulphate
heptahydrate and 1.485 g of 1,10-phenanthroline hydrate in 100 mL of distilled
water.

Boric acid solution, 2.5 x 107* M. Dissolve 61.8 mg of boric acid in 1 L of
distilied water; dilute 250 mL of this solution to 1 L to give the standard boric
acid solution.

Use analytical reagent grade materials whenever possible and store the
solutions in polythene bottles.

Procedure. (a) Zero-minutes reaction time. Neutralise a measured volume of
the sample containing 1 -2 mg L~ ! of boron with sodium hydroxide or sulphuric
acid (0.05M) to a pH of 5.5 (use a pH meter). Note the change in volume and
hence calculate the volume correction factor to be applied to the final resuit.
Measure 100 mL of the neutralised sample solution into a flask, add 10 mL of
10 per cent sodium salicylate solution and 17.5mL of 0.05M sulphuric acid,
and mix the solutions thoroughly. Adjust the pH of the solution to pH 6 to 7
with 0.1M sodium hydroxide and transfer the solution immediately to a
separatory funnel; wash the flask with 20 mL of distilled water and add the
washings to the rest of the solution. Add by pipette 1 mL of 1 per cent EDTA
solution and 1 mL of 2.5 x 10~ 2M ferroin solution and again throughly mix
the solution. Add 50 mL of chloroform and shake the funnel for 30 seconds to
mix the phases thoroughly. Allow the layers to separate and transfer the
chloroform layer to another separatory funnel. Wash the chloroform by shaking
it vigorously for 30 seconds with 100 mL of water and repeat this process with
a second 100 mL of water. Filter the chloroform phase through cotton-wool
and measure the absorbanCc, Aa, agamsL purc chloroform at 516 nm ina 1 cm
cell [this 1 ecm cell reading is used to calculate the boron concentration on the
basis of equation (1) (see below), but if the zero-minutes reading is to be used for
determination of anionic detergent concentration a 2 cm cell reading is more
suitable].

(b) One-hour reaction time. Measure a second 100 mL of neutralised sample
solution into a flask, add 10 mL of 10 per cent sodium salicylate solution and
17.5mL of 0.05 M sulphuric acid solution. Mix the solutions thoroughly, allow
the mixture to stand for one hour and adjust the pH of the solution to 6-7
with 0.1 M sodium hydroxide. Now proceed as previously described, under (a),
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to obtain the absorbance, 4,,. The absorbance, A4, to be used in the calculation
of the boron concentration is obtained from the following equation:

A=A1‘h—(Ag—A{mu..mn} (1}

Ciansjv

A prank)o 18 determined by repeating procedure (@), i.€. zero-minutes, using 100 mL
of distilled water in place of the sample solution.

Calculate the amount of boron present by reference to a calibration graph
of absorbance against boron concentration (mg L™!). Multiply the result
obtained by the appropriate volume correction factor arising from neutralisation
of the sample.

Calibration. Take 5, 10, 25, 50, 75 and 100 mL of the standard boric acid
solution (2.5 x 10" *M) and make each up to 100 mL with distilled water;
this yields a boron concentration range up to 2.70mgL~ ' Continue with
each solution as described under procedure (b), i.e. one-hour reaction time,
except that the initial neutralisation of the boron solution to pH 5.5 is not
necessary. Construct a calibration graph of absorbance at 516 nm against boron
concentration, mg L~!. For maximum accuracy, the calibration should be
carried out immediately prior to the analysis of samples.

6.10 DETERMINATION OF COPPER AS THE DIETHYLDITHIOCARBAMATE COMPLEX

Discussion. Sodium diethyldithiocarbamate (B) reacts with a weakly acidic or
ammoniacal solution of copper(Il) in low concentration to produce a brown
colloidal suspension of the copper(Il) diethyldithiocarbamate. The suspension
may be extracted with an organic solvent (chloroform, carbon tetrachloride or
butyl acetate} and the coloured extract analysed spectrophotometrically at
560 nm (butyl acetate) or 435 nm (chloroform or carbon tetrachloride).

S
(C;Hs),N—C (B)

ST}Na™
Many of the heavy metals give slightly soluble products (some white, some
coloured) with the reagent, most of which are soluble in the organic solvents
mentioned. The selectivity of the reagent may be improved by the use of masking
agents, particularly EDTA.
The reagent decomposes rapidly in solutions of low pH.

Procedure. Dissolve 0.0393 g of pure copper(1I) sulphate pentahydrate in 1L
of water in a graduated flask. Pipette 10.0 mL of this solution (containing about
100 ug Cu) into a beaker, add 5.0 mL of 25 per cent aqueous citric acid solution,
render slightly alkaline with dilute ammonia solution and boil off the excess of
ammonia; alternatively, adjust to pH 8.5 using a pH meter. Add 15.0mL of
4 per cent EDTA solution and cool to room temperature. Transfer to a
separatory funnel, add 10 mL of 0.2 per cent aqueous sodium diethyldithio-
carbamate solution, and shake for 45 seconds. A yellow—brown colour develops
in the solution. Pipette 20 mL of butyl acetate (ethanoate) into the funnel and
shake for 30 seconds. The organic layer acquires a yellow colour. Cool, shake
for 15 seconds and allow the phases to separate. Remove the lower aqueous
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layer; add 20 mL of 5 per cent sulphuric acid (v/v), shake for 15 seconds, cool,
and separate the organic phase. Determine the absorbance at 560 nm in 1.0 cm
absorption cells against a blank. All the copper is removed in one extraction.

Repeat the experiment in the presence of 1 mg of iron(Iil); no interference
can be detected.

6.11 DETERMINATION OF COPPER AS THE ‘NEO-CUPROIN' COMPLEX

Discussion. ‘Neo-cuproin’ (2,9-dimethyl-1,10-phenanthroline) can, under certain
conditions, behave as an almost specific reagent for copper(I). The complex is
soluble in chloroform and absorbs at 457 nm. It may be applied to the
determination of copper in cast iron, alloy steels, lead—tin solder, and various
metals.

Procedure. To 10.0 mL of the solution containing up to 200 ug of copper in a
separatory funnel, add 5.0mL of 10 per cent hydroxylammonium chloride
solution to reduce Cu(Il) to Cu(l), and 10 mL of a 30 per cent sodium citrate
solution to complex any other metals which may be present. Add ammonia
solution until the pH is about 4 (Congo red paper), followed by 10mL of a
0.1 per cent solution of ‘neo-cuproin’ in absolute ethanol. Shake for about
30 seconds with 10 mL of chloroform and allow the layers to separate. Repeat
the extraction with a further 5mL of chloroform. Measure the absorbance at
457 nm against a blank on the reagents which have been treated similarly to
the sample.

6.12 DETERMINATION OF IRON AS THE 8-HYDROXYQUINOLATE

Discussion. Iron(III)(50-200 ug) can be extracted from aqueous solution with
a 1 per cent solution of 8-hydroxyquinoline in chloroform by double extraction
when the pH of the aqueous solution is between 2 and 10. At a pH of 2-2.5
nickel, cobalt, cerium(III), and aluminium do not interfere. Iron(I1I) oxinate is
dark-coloured in chloroform and absorbs at 470 nm.

Procedure, Weigh out 0.0226 g of hydrated ammonium iron(III} sulphate and
dissolve it in 1 L of water in a graduated flask; 50 mL of this solution contain
100 pg of iron. Place 50.0 mL of the solution in a 100 mL separatory funnel,
add 10mL of a 1 per cent oxine (analytical grade) solution in chloroform and
shake for 1 minute. Separate the chloroform layer. Transfer a portion of the
latter to a 1.0 cm absorption cell. Determine the absorbance at 470nm in a
spectrophotometer, using the solvent as a blank or reference. Repeat the
extraction with a further 10 mL of 1 per cent oxine solution in chloroform, and
measure the absorbance to confirm that all the iron was extracted.

Repeat the experiment using 50.0 mL of the iron(1IT) solution in the presence
of 100 ug of aluminium ion and 100 ug of nickel ion at pH 2.0 (use a pH meter
to adjust the acidity) and measure the absorbance. Confirm that an effective
separation has been achieved.

Note. Some typical results are given below. Absorbance after first extraction 0.605; after
second extraction 0.004; in presence of 100 ug Al and 100 ug Ni the absorbance obtained
1s 0.602.
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6.13 DETERMINATION OF LEAD BY THE DITHIZONE METHOD*

Discussion. Diphenylthiocarbazone (dithizone) behaves in solution as a
tautomeric mixture of (C) and (D):

7 ——
HS—C S=C
\
N=NCH, N=NCH,
(€) (D)

It functions as a monoprotic acid (pK, = 4.7) up to a pH of about 12; the acid
proton is that of the thiol group in (C). ‘Primary’ metal dithizonates are formed
according to the reaction:

M"" +nH,Dz=M(HDz),+nH™

Some metals, notably copper, silver, gold, mercury, bismuth, and palladium,
form a second complex (which we may term ‘secondary’ dithizonates) at a
higher pH range or with a deficiency of the reagent:

2M(HDz), =M,Dz, + nH,Dz

In general, the ‘primary’ dithizonates are of greater analytical utility than the
‘secondary’ dithizonates, which are less stable and less soluble in organic
solvents.

Dithizone is a violet-black solid which is insoluble in water, soluble in dilute
ammonia solution, and also soluble in chloroform and in carbon tetrachloride
to yield green solutions. It is an excellent reagent for the determination of small
(microgram) quantities of many metals, and can be made selective for certain
metals by resorting to one or more of the following devices.

(a) Adjusting the pH of the solution to be extracted. Thus from acid solution
(0.1-0.5M) silver, mercury, copper, and palladium can be separated from
other metals; bismuth can be extracted from a weakly acidic medium; lead
and zinc from a neutral or faintly alkaline medium; cadmium from a strongly
basic solution containing citrate or tartrate.

(b) Adding a complex-forming agent or masking agent, e.g. cyanide, thiocyanate,
thiosulphate, or EDTA.

It must be emphasised that dithizone is an extremely sensitive reagent
and 1s applicable to quantities of metals of the order of micrograms. Only
the purest dithizone may be used, since the reagent tends to oxidise to
diphenylthiocarbadiazone, Sc=C(N=—NCH),: the latter does not react with
metals, is insoluble in ammonia solution, and dissolves in organic solvents to
give yellow or brown solutions. Reagents for use in dithizone methods of analysis
must be of the highest purity. De-ionised water and redistilled acids are
recommended: ammonia solution should be prepared by passing ammonia gas
into water. Weakly basic and neutral solutions can frequently be freed from

* This experiment is not recommended for elementary students or students having little experience
of analytical work.
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reacting heavy metals by extracting them with a fairly strong solution of
dithizone in chloroform until a green extract is obtained. Vessels (of Pyrex)
should be rinsed with dilute acid before use. Blanks must always be run.

Only one example of the use of dithizone in solvent extraction will be given
in order to illustrate the general technique involved.

Procedure. Dissolve 0.0079 g of pure lead nitrate in 1 L of water in a graduated
flask. To 10.0 mL of this solution (containing about 50 ug of lead) contained in
a 250 mL separatory funnel, add 75 mL of ammonia—cyanide—sulphite mixture
(Note 1), adjust the pH of the solution to 9.5 (pH meter) by the cautious addition
of hydrochloric acid (CARE!),* then add 7.5 mL of a 0.005 per cent solution
of dithizone in chloroform (Note 2), followed by 17.5 mL of chloroform. Shake
for 1 minute, and allow the phases to separate. Determine the absorbance at
510 nm against a blank solution in a 1.0 cm absorption cell. A further extraction
of the same solution gives zero absorption indicative of the complete extraction
of the lead. Almost the same absorbance is obtained in the presence of 100 ug
of copper ion and 100 ug of zinc ion.

Notes. (1) This solution is prepared by diluting 35 mL of concentrated ammonia solution
(sp. gr. 0.88) and 3.0 mL of 10 per cent potassium cyanide solution (eaution) to 100 mL,
and then dissolving 0.15 g of sodium sulphite in the solution.

(2) One millilitre of this solution is equivalent to about 20 ug of lead. The solution
should be freshly prepared using the analytical-grade reagent, ideally taken from a new
or recently opened reagent bottle.

6.14 DETERMINATION OF MOLYBDENUM BY THE THIOCYANATE METHOD

Discussion. Molybdenum(VI) in acid solution when treated with tin(II)
chloride [ best in the presence of a little iron(IT) ion] is converted largely into
molybdenum(V): this forms a complex with thiocyanate ion, probably largely
Mo(SCN)s, which is red in colour. The latter may be extracted with solvents
possessing donor oxygen atoms (3-methylbutanol is preferred). The colour
depends upon the acid concentration (optimum concentration 1M) and the
concentration of the thiocyanate ion (<41 per cent, but colour intensity is
constant in the range 2—10 per cent); it is little influenced by excess of tin(II)
chloride. The molybdenum complex has maximum absorption at 465 nm.

Reagents. Standard molybdenum solution. Dissolve 0.184 g of ammonium
molybdate (NH,)s[M0,0,,]14H,0 in 1 L. of distilled water in a graduated
flask: this gives a 0.01 per cent Mo solution containing 100 ug Mo mL ™1,
Alternatively, dissolve 0.150 g of molybdenum trioxide in a few millilitres of
dilute sodium hydroxide solution, dilute with water to about 100 mL, render
slightly acidic with dilute hydrochloric acid, and then dilute to 1 L with water
in a graduated flask: this is a 0.0100 per cent solution. It can be diluted to
0.001 per cent with 0.1M hydrochloric acid.

Ammonium iron(11) sulphate solution. Dissolve 10 g of the salt in 100 mL of very
dilute sulphuric acid.

* 1t is essential that the pH of the mixture does not fall below 9.5, even temporarily, as there is
always the possibility that HCN could be liberated.
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Tin(11I) chloride solution. Dissolve 10 g of tin(II) chloride dihydrate in 100 mL
of 1M hydrochloric acid.

Potassium thiocyanate solution. Prepare a 10 per cent aqueous solution from
the pure salit.

Procedure. Construct a calibration curve by placing 1.0, 2.0, 3.0, 4.0, and 5.0 mL
of the 0.001 per cent Mo solution (containing 10 ug, 20 ug, 30 ug, 40 ug, and
50 ug Mo respectively) in 50 mL separatory funnels and diluting each with an
equal volume of water. Add to each funnel 2.0 mL of concentrated hydrochloric
acid, 1.0 mL of the ammonium iron(II) sulphate solution, and 3.0 mL of the
potassium thiocyanate solution; shake gently and then introduce 3.0 mL of the
tin(IT) chloride solution. Add water to bring the total volume in each separatory
funnel to 25 mL and mix. Pipette 10.0 mL of redistilled 3-methylbutanol into
each funnel and shake individually for 30 seconds. Allow the phases to separate,
and carefully run out the lower aqueous layer. Remove the glass stopper and pour
the alcoholic extract through a small plug of purified glass wool in a small
funnel and collect the organic extract in a 1.0 cm absorption cell. Measure the
absorbance at 465 nm in a spectrophotometer against a 3-methylbutanol blank.
Plot absorbance against ug of Mo. A straight line is obtained over the range
0-50 ug Mo: Beer’s law is obeyed (Section 17.2).

Determine the concentration of Mo in unknown samples supplied and
containing less than 50 ug Mo per 10 mL: use the calibration curve, and subject
the unknown to the same treatment as the standard solutions.

The above procedure may be adapted to the determination of molybdenum
in steel. Dissolve a 1.00 g sample of the steel (accurately weighed) in 5 mL of
1:1 hydrochloric acid and 15 mL of 70 per cent perchloric acid. Heat the solution
until dense fumes are evolved and then for 6—7 minutes longer. Cool, add 20mL
of water, and warm to dissolve all salts. Dilute the resulting cooled solution to
volume in a 1L flask. Pipette 10.0mL of the diluted solution into a 50 mL
separatory funnel, add 3 mL of the tin(II) chloride solution, and continue as
detailed above. Measure the absorbance of the extract at 465nm with a
spectrophotometer, and compare this value with that obtained with known
amounts of molybdenum. Use the calibration curve prepared with equal
amounts of iron and varying quantities of molybdenum. If preferred, a mixture
of 3-methylbutanol and carbon tetrachloride, which is heavier than water, can
be used as extractant.

Note. Under the above conditions of determination the following elements interfere in
the amount specified when the amount of Mo is 10 ug (error greater than 3 per cent):
V, 0.4 mg, yellow colour [interference prevented by washing extract with tin(II) chloride
solution]; Cr(VI), 2 mg, purple colour; W(VI), 0.15 mg, yellow colour; Co, 12 mg, slight
green colour; Cu, 5 mg; Pb, 10 mg; Ti(III), 30 mg (in presence of sodium fluoride).

6.15 DETERMINATION OF NICKEL AS THE DIMETHYLGLYOXIME COMPLEX

Discussion. Nickel (200-400 ug) forms the red dimethylglyoxime complex
in a slightly alkaline medium; it is only slightly soluble in chloroform
(35-50 ug NimL ™). The optimum pH range of extraction of the nickel complex
is 7-12 in the presence of citrate. The nickel complex absorbs at 366 nm and
also at 465—-470 nm.
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Procedure. Weigh out 0.135g of pure ammonium nickel sulphate
(Ni1SO,,(NH,),S0,,6H,0) and dissolve it in I L of water in a graduated flask.
Transfer 10.0mL of this solution (Ni content about 200 ug) to a beaker
containing 90 mL of water, add 5.0 g of citric acid, and then dilute ammonia
solution until the pH is 7.5. Cool and transfer to a separatory funnel, add 20 mL
of dimethylglyoxime solution (Note 1) and, after standing for a minute or two,
12 mL of chloroform. Shake for 1 minute, allow the phases to settle out, separate
the red chloroform layer, and determine the absorbance at 366 nm in a 1.0cm
absorption cell against a blank. Extract with a further 12 mL of chloroform and
measure the absorbance of the extract at 366 nm; very little nickel will be found.

Repeat the experiment in the presence of 500 ug of iron(IIT) and 500 ug of
aluminium ions; no interference will be detected, but cobait may interfere
(Note 2).

Notes. (1) The dimethylglyoxime reagent is prepared by dissolving 0.50g of
dimethylglyoxime in 250 mL of ammonia solution and diluting to 500 mL with water.

(2) Cobalt forms a brown soluble dimethylglyoxime complex which is very slightly
extracted by chloroform; the amount is only significant if large amounts of Co ( > 2—3 mg)
are present. If Co is suspected it is best to wash the organic extract with ca 0.5M ammonia
solution: enough reagent must be added to react with the Co and leave an excess for
the Ni. Large amounts of cobalt may be removed by oxidising with hydrogen peroxide,
complexing with ammontum thiocyanate (as a 60 per cent aqueous solution), and
extracting the compound with a pentyl alcohol-diethyl ether (3: 1) mixture. Copper(II)
is extracted to a small extent, and is removed from the extract by shaking with
0.5M ammonia solution. Copper in considerable amounts is not extracted if it is
complexed with thiosulphate at pH 6.5. Much Mn tends to inhibit the extraction of Ni;
this difficulty s overcome by the addition of hydroxylammonium chloride. Iron(IIl)
does not interfere.

6.16 DETERMINATION OF SILVER BY EXTRACTION AS ITS ION ASSOCIATION
COMPLEX WITH 1,10-PHENANTHROLINE AND BROMOPYROGALLOL RED

Discussion. Silver can be extracted from a nearly neutral aqueous solution into
nitrobenzene as a blue ternary ion association complex formed between
silver(I) ions, 1,10-phenanthroline and bromopyrogaliol red. The method is
highly selective in the presence of EDTA, bromide and mercury(II) ions as
masking agents and only thiosulphate appears to interfere.®

Reagents. Silver nitrate solution, 10 *M. Prepare by dilution of a standard
0.1 M silver nitrate solution.

1,10-Phenanthroline solution. Dissolve 49.60 mg of analytical grade 1,10-
phenanthroline in distilled water and dilute to 250 mL.

Ammonium acetate (ethanoate) solution, 20 per cent. Dissolve 20g of the
analytical grade salt in distilled water and dilute to 100 mL.

Bromopyrogallol red solution, 10~*M, Dissolve 14.0 mg of bromopyrogaliol red
and 2.5 g of ammonium acetate in distilled water and dilute to 250 mL. This
solution should be discarded after five days.

EDTA solution, 10~'M. Dissolve 3.7225 g of analytical grade disodium salt in
distilled water and dilute to 100 mL.

Sodium nitrate solution, 1M. Dissolve 8.5 g of analytical grade sodium nitrate
in distilled water and dilute to 100 mL.
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Nitrobenzene, analytical grade.
Sodium hydroxide, analytical grade pellets.

Procedure. Calibration. Pipette successively 1,2, 3,4and 5 mL of 10~ * M silver
nitrate solution, 1 mL of 20 per cent ammonium acetate solution, 5mL of
1073M 1,10-phenanthroline solution, t mL of 10~ ' M EDTA solution and t mL
of 1 M sodium nitrate solution into five 100 mL separatory funnels. Add sufficient
distilled water to give the same volume of solution in each funnel, then add
20 mL of nitrobenzene and shake by continuous inversion for one minute. Allow
about 10 minutes for the layers to separate, then transfer the lower organic
layers to different 100 mL separatory funnels and add to the latter 25 mL of
10 =% M bromopyrogallol red solution. Again shake by continuous inversion for
one minute and allow about 30 minutes for the layers to separate. Run the
lower nitrobenzene layers into clean, dry 100 mL beakers and swirl each beaker
until all cloudiness disappears (Note 1). Finally transfer the solutions to  cm
celis and measure the absorbance at 590 nm against a blank carried through
the same procedure, but containing no silver. Plot a calibration curve of
absorbance against silver content (ug).

I mL of 1074*M AgNO, =10.788 ug of Ag

Determination. To an aliquot of the silver(I) solution containing between 10
and 50 ug of silver, add sufficient EDTA to complex ail those cations present
which form an EDTA complex. If gold is present ( $ 250 ug) it is masked by
adding sufficient bromide ion to form the AuBr_ complex. Cyanide, thiocyanate
or iodide ions are masked by adding sufficient mercury(Il) ions to complex
these anions followed by sufficient EDTA to complex any excess mercury(II).
Add 1 mL of 20 per cent ammonium acetate solution, etc., and proceed as
described under Calibration.

Note. (1) More rapid clarification of the nitrobenzene extract is obtained if the beakers
contain about five pellets of sodium hydroxide. The latter is, however, a source of
instability of the colour system and its use is, therefore, not recommended.

6.17 DETERMINATION OF NICKEL BY SYNERGISTIC EXTRACTION®

Discussion. Using dithizone and 1,10-phenanthroline (Note 1), nickel is rapidly
and quantitatively extracted over a broad pH range (from 5.5 to at least 11.0)
to give a highly coloured mixed ligand complex having an absorption band
centred at 520 nm. The complex is sufficiently stable to permit the removal
of excess dithizone by back-extraction with 0.1 M sodium hydroxide, so that a
‘monocolour’ method is applicable. The molar absorptivity of this compiex is
491 x 10*mol ™! L cm ™!, which makes the method significantly more sensitive
than any other method for determination of nickel.?

Procedure. To 10 mL of a solution (Note 2) containing from 1 to 10 ug of
nickel(I) add 5 mL of a phthalate or acetate (ethanoate) buffer of pH 6.0 or,
if the sample solution is acidic, use dilute ammonia to adjust the pH. To this
solution now add 15mL of a chloroform solution of dithizone (7 x 107 M)
and 1,10-phenanthroline (3 x 10~ M). Shake the phases for five minutes in a

* This experiment is not recommended for students having little experience of analytical work.
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separatory funnel, allow them to settle and separate the aqueous and chloroform
layers. Remove excess dithizone from the chloroform layer by back-extraction
with 10 mL of 0.1 M sodium hydroxide: vigorous shaking for about one minute

P, P T PEGSIRY LGNNI [ A o ctiea

is sufficient. Again separate the chloroform layer and measure its absorbance
in a tem cell at 520 nm against a similarly treated blank. Construct a
calibration curve (which should be a straight line through the origin) using

standard nickel(Il) solutions containing 2, 4, 6, 8 and 10 ug in 10 mL.

Notes. (1) The reagent solution should be freshly prepared using analytical-grade
dithizone and 1,10-phenanthroline, preferably taken from new or recently opened reagent
bottles.

(2) Glassware should be rinsed with dilute acid and then several times with de-ionised
water. All aqueous solutions must be made up using de-ionised water.

6.18 EXTRACTION AND DETERMINATION OF LEAD, CADMIUM, AND COPPER USING
AMMONIUM PYROLLIDINE DITHIOCARBAMATE

Discussion. Because of the specific nature of atomic absorption spectroscopy
(AAS) as a measuring technique, non-selective reagents such as ammonium
pyrollidine dithiocarbamate (APDC) may be used for the liquid-liquid
extraction of metal ions. Complexes formed with APDC are soluble in a number
of ketones such as methyl isobutyl ketone which is a recommended solvent for
use in atomic absorption and allows a concentration factor of ten times. The
experiment described illustrates the use of APDC as a general extracting reagent
for heavy metal ions.

Reagents and solutions. APDC solution. Dissolve 1.0 g of APDC in water, dilute
to 100 mL and filter (Note 1).

Standard solutions. Prepare, by appropriate dilution of standardised stock
solutions of lead, cadmium and copper(Il) ions, mixed aqueous standards of
Pb2*, Cd%* and Cu?* containing the following concentrations of each metal
ion: 0.4, 0.6, 0.8 and 1.0mg L~ (Note 2).

Procedure. To 100 mL of sample solution, containing 0.5 to 1.0mgL ™! of
Pb2*, Cd2* and Cu?” ions, add 10 mL of APDC solution and adjust to pH 5
with dilute acetic (ethanoic) acid or sodium hydroxide. Transfer the solution
to a separatory funnel and extract the complex into 8§ mL of methyl isobutyl
ketone (MIBK) by vigorously shaking the phases for 30 seconds. Allow the
mixture to stand for about two minutes, transfer the aqueous phase to another
separatory funnel and repeat the extraction with 2 mL of MIBK. Discard the
aqueous phase, which should now be colourless, combine the extracts in the
first funnel, mix, and filter through a cotton-wool plug into a small dry beaker.
Standard extracts should be prepared from the mixed aqueous standards using
the same procedure. Aspirate the standard extracts successively into the flame,
followed by the sample extract. In each_case read the separate absorbances
obtained using lead, cadmium and copper hollow cathode lamps (Note 3). Plot
a calibration curve for each metal ion and use this to determine the concentrations
of Pb2*, Cd?*, and Cu?* in the sample solution.

When the AAS measurements have been completed, aspirate de-ionised water
for several minutes to ensure thorough cleaning of the nebuliser—burner system,
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Notes. (1) The solution should be freshly prepared using analytical reagent grade APDC
(see Section 6.6).

(2) De-tonised water must be used in the preparation of all aqueous solutions.

(3) The detailed experimental procedure for determinations by AAS is given in

Section 21,14,

For References and Bibliography see Sections 9.9 and 9.10.
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CHAPTER 7
ION EXCHANGE

7.1 GENERAL DISCUSSION

The term ion exchange is generally understood to mean the exchange of ions
of like sign between a solution and a solid highly insoluble body in contact with
it. The solid (ion exchanger) must, of course, contain ions of its own, and for
the exchange to proceed sufﬁmently rapidly and extensively to be of practlcal
value, the solid must have an open, permeable molecular structure so that ions
and solvent molecules can move freely in and out. Many substances, both natural
(e.g. certain clay minerals) and artificial, have ion exchanging properties, but
for analytical work synthetic organic ion exchangers are chiefly of interest,
although some inorganic materials, e.g. zirconyl phosphate and ammonium
12-molybdophosphate, also possess useful ion exchange capabilities and have
specialised applications.!” All ion exchangers of value in analysis have several
properties in common, they are almost insoluble in water and in organic solvents,
and they contain active or counter-ions that will exchange reversibly with other
ions in a surrounding solution without any appremablc physwal change
occurring in the material. The ion exchanger is of complex nature and is, in
fact, polymeric. The polymer carries an electric charge that is exactly neutralised
by the charges on the counter-ions. These active ions are cations in a cation
exchanger and anions in an anion exchanger. Thus a cation exchanger consists
of a polymeric anion and active cations, while an anion exchanger is a polymeric
cation with active anions.

A widely used cation exchange resin is that obtained by the copolymerisation
of styrene (A) and a small proportion of divinylbenzene (B), followed by
sulphonation; it may be represented as (C):

———CH—CH ——CH——CH,—CH——

¢ N—cu=cH,
=/

SO H* SO H*

CH —CH— CH
CH;=CH—©—CH=CH2 —CH,— CH CH CH,—
(B)
SO7H* SO7H* (C)
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The formula enables us to visualise a typical cation exchange resin. It consists
of a polymeric skeleton, held together by linkings crossing from one polymer
chain to the next: the ion exchange groups are carried on this skeleton. The
physical properties are largely determined by the degree of cross-linking. This
cannot be determined directly in the resin itself: it is often specified as the moles
per cent of the cross-linking agent in the mixture polymerised. Thus ‘polystyrene
sulphonic acid, 5 per cent DVB’ refers to a resin containing nominally 1 mole
in 20 of divinylbenzene: the true degree of cross-linking probably differs
somewhat from the nominal value, but the latter is nevertheless useful for grading
resins. Highly cross-linked resins are generally more brittle, harder, and more
impervious than the lightly cross-linked materials; the preference of a resin for
one ion over another is influenced by the degree of cross-linking. The solid
granules of resin swell when placed in water to give a gel structure, but the
swelling is limited by the cross-linking. In the above example the divinylbenzene
units ‘weld” the polystyrene chains together and prevent it from swelling
indefinitely and dispersing into solution. The resulting structure is a vast
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to the framework. These fixed negative charges are balanced by an equivalent
number of cations: hydrogen ions in the hydrogen form of the resin and sodium
ions in the sodium form of the resin, etc. These ions move freely within the
water-filled pores and are sometimes called mobile ions; they are the ions which
exchange with other ions. When a cation exchanger containing mobile ions C*
is brought into contact with a solution containing cations B ™ the latter diffuse
into the resin structure and cations C™* diffuse out until equilibrium is attained.
The solid and the solution then contain both cations C* and B* in numbers
depending upon the position of equilibrium. The same mechanism operates for
the exchange of anions in an anion exchanger.

Anion exchangers are likewise cross-linked, high-molecular-weight polymers.
Their basic character is due to the presence of amino, substituted amino, or
quaternary ammonium groups. The polymers containing quaternary ammonium
groups are strong bases; those with amino or substituted amino groups possess
weak basic properties. A widely used anion exchange resin is prepared by
copolymerisation of styrene and a little divinylbenzene, followed by chloro-
methylation (introduction of the —CH,Cl grouping, say, in the free para
position) and interaction with a base such as trimethylamine. A hypothetical
formulation of such a polystyrene anion exchange resin is given as (D).

—CH—CH,—CH—CH,—CH-—CH,—

] ] <
X ™ W
CH,NMe§Cl‘I CH,NMe;iCi-
ca—"H \?Hz
—CH,—(|3H CH—CH,—
CH,NMe3Cl- CH,NMe; CI~
(D)
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Numerous types of both cation and anion exchange resins have been
prepared, but only a few can be mentioned here. Cation exchange resins include
that prepared by the copolymerisation of methacrylic acid (E) with glycol

CH,—C(CH,)—COOCH,
CH,—C(CH,)—COOH

(E) CH,—C(CH,)—COOCH,

(F)

bismethacrylate (F) (as the cross-linking agent); this contains free —COOH
groups and has weak acidic properties. Weak cation exchange resins containing
free —COOH and —OH groups have also been synthesised. Anion exchange
resins containing primary, secondary, or tertiary amino groups possess weakly
basic properties. We may define a cation exchange resin as a high-molecular-
weight, cross-linked polymer containing sulphonic, carboxylic, phenolic, etc.,
groups as an integral part of the resin and an equivalent number of cations: an
anion exchange resin is a polymer containing amine (or quaternary ammonium)
groups as integral parts of the polymer lattice and an equivalent number of
anions, such as chloride, hydroxyl, or sulphate ions.
The fundamental requirements of a useful resin are:

[a—y

the resin must be sufficiently cross-linked to have only a negligible solubility;

2. the resin must be sufficiently hydrophilic to permit diffusion of ions through
the structure at a finite and usable rate;

3. the resin must contain a sufficient number of accessible ionic exchange groups
and it must be chemically stable;

4. the swollen resin must be denser than water.

A new polymerisation technique yields a cross-linked ion exchange resin
having a truly macroporous structure quite different from that of the conventional
homogeneous gels already described. An average pore diameter of 130 nm is
not unusual and the introduction of these macroreticular resins (e.g. the
Amberlyst resins developed by the Rohm and Haas Co.) has extended the scope
of the ion exchange technique. Thus, the large pore size allows the more complete
removal of high-molecular-weight ions than is the case with the gel-type resins.
Macroporous resins are also well suited for non-aqueous ion exchange
applications.*®

New types of ion exchange resins have also been developed to meet the
specific needs of high-performance liquid chromatography (HPLC) (Chapter 8).
These include pellicular resins and microparticle packings (e.g. the Aminex-type
resins produced by Bio-Rad). A review of the care, use and application of the
various ion exchange packings available for HPLC is given in Ref. 19,

Some of the commercially available ion exchange resins are collected in
Table 7.1. These resins, produced by different manufacturers, are often
interchangeable and similar types will generally behave in a similar manner.
For a more comprehensive list of ion exchange resins and their properties,
reference may be made to the booklet published by BDH Ltd (see the
Bibliography, Section 9.10).

Finally, mention should be made to the development of silica-based ion
exchange packings for HPLC. Their preparation is similar to that for the
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Table 7.1 Comparable ion exchange materials

Type Duolite Rohm & Haas Dow Chemical Bio-Rad Labs
International Ltd Co., USA Co., USA Ltd, Watford, UK

Strong acid Duolite C225 Amberlite 120 Dowex 50 AG50W

cation Duolite C255 Amberlite 200* AGMP-50*

exchangers Duolite C26C*

Weak acid Duolite C433 Amberlite 84 Bio-Rex 70*

cation Duolite C464* Amberlite 50

exchangers

Strong base Duolite A113 Amberlite 400 Dowex 1 AGI1

anion Duolite A116 Amberlite 410 Dowex 2 AGMP-1*

exchangers Duolite A161* Amberlite 900*

Weak base Duolite A303 Amberlite 45 AG3-X4A

anion Duolite A378* Amberlite 68

exchangers Amberlite 93*

Chelating Duolite ES466* Amberlite 718* Chelex 100

resins

* Macroporous/macroreticular resins.

bonded-phase packings (Chapter 8) with the ion exchange groups being
subsequently introduced into the organic backbone. The small particle size
(5-10 um diameter) and narrow distribution of such packings provide high
column efficiencies and typical applications include high-resolution analysis of
amino acids, peptides, proteins, nucleotides, etc. These silica-based packings are
preferred when column efficiency is the main criterion but, when capacity is the
main requirement, the resin microparticle packings should be selected. The
chromatographic properties of ion exchange packings for analytical separations
have been compared.?°

7.2 ACTION OF ION EXCHANGE RESINS

Cation exchange resins* contain free cations which can be exchanged for cations
in solution (soln).

(Res.A7)B* + C* (soln) = (Res. A7)C* +B™* (s0ln)

If the experimental conditions are such that the equilibrium is completely

displaced from left to right the cation C* is completely fixed on the cation
exchanger. If the solution contains several cations (C*, D', and F+\ the
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exchanger may show different affinities for them, thus making separatlons
possible. A typical example is the displacement of sodium jons in a sulphonate
resin by calcium ions:

2(Res.SO; )Na*t + Ca?* (soln) = (Res.SO;); Ca** + 2Na™ (soln)

* These will be represented by (Res.A " )B*, where Res. is the basic polymer of the resin, A~ is the
anion attached to the polymeric framework, B* is the active or mobile cation: thus a sulphonated
polystyrene resin in the hydrogen form would be written as {Res.SO3 )H *. A similar nomenclature
will be employed for anion exchange resins, e.g. (Res. NMe 3 )Cl ™.
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The reaction is reversible; by passing a solution containing sodium ions through
the product, the calcium ions may be removed from the resin and the original
sodium form regenerated S1m11ar1y, by passmg a solution of a neutral salt

llllngll lllU llyUlUBUIl lUI[ll UI a bUlleUIllb IUblIl, an t?quchuﬂIll LlleIlllly Ul LIIU
corresponding acid is produced by the following typical reaction:

(Res.SO;)H™ + Na* Cl~ (soln)=(Res.SO; )Na* + H* Cl~ (soln)

For the strongly acidic cation exchange resins, such as the cross-linked
polystyrene sulphonic acid resins, the exchange capacity is virtually independent
of the pH of the solution. For weak acid cation exchangers, such as those
containing the carboxylate group, ionisation occurs to an appreciable extent
only in alkaline solution, i.e. in their salt form; consequently the carboxylic
resins have very little action in solutions below pH 7. These carboxylic
exchangers in the hydrogen form will absorb strong bases from solution:

(Res.COO " )H* + Na*OH ™ (soln) = (Res.COO ~")Na* + H,0O

but will have little action upon, say, sodium chloride; hydrolysis of the salt form
of the resin occurs so that the base may not be completely absorbed even if an
excess of resin is present.

Strongly basic anion exchange resins, e.g. a cross-linked polystyrene containing
quaternary ammonium groups, are largely ionised in both the hydroxide and

the salt forms. Some of their typical reactions may be represented as:
2(Res.NMey )Cl~ +SOZ~ (soln) = (Res.NMe7),S02~ + 2Cl~ (soln)
(Res.NMe; )Cl™ + OH™ (soln) = (Res.NMe;F)OH ™~ + Cl~ (soln)
(Res.NMe7)OH™ + H*Cl~ (soln) = (Res.NMe;)Cl~ + H,O

These resins are similar to the sulphonate cation exchange resins in their activity,
and their action is largely independent of pH. Weakly basic ion exchange resins
contain little of the hydroxide form in basic solution. The equilibrium of, say,

(Res.NMe,) + H,0O == (Res.NHMe,)"OH ~

is mainly to the left and the resin is largely in the amine form. This may also
be expressed by stating that in alkaline solutions the free base Res. NHMe,-OH
is very little ionised. In acidic solutions, however, they behave like the strongly
basic ion exchange resins, yielding the highly ionised salt form:

(Res.NMe,)+ H"Cl~ = (Res.NHMe; )Cl~

They can be used in acid solution for the exchange of anions, for example:
(Res.NHMe; )Cl~ + NOj (soln) = (Res.NHMe; )NO; + Cl~ (soln)
Basic resins in the salt form are readily regenerated with alkali.

Ion exchange equilibria. The ion exchange process, involving the replacement
of the exchangeable ions A, of the resin by ions of like charge B, from a solution,
may be written:

A, + B;= B, + 4
The process is a reversible one and for ions of like charge the selectivity
coefficient, K, is defined by:
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he concentra
either the resin or solution phase. The values of selectivity coefficients are
obtained experimentally and provide a guide to the relative affinities of ions for
a particular resin. Thus if K5 > 1 the resin shows a preference for ion B, whereas
if KB <1 its preference is for ion A; this applies to both anion and cation
exchanges.

The relative selectivities of strongly acid and strongly basic polystyrene resins,
with about 8 per cent DVB, for singly charged ions are summarised in Table 7.2.
It should be noted that the relative selectivities for certain ions may vary with
a change in the extent of cross-linking of the resin; for example, with a 10 per
cent DVB resin the relative selectivity values for Li* and Cs* ions are 1.00 and
4.15, respectively.

Cation  Relative selectivity Anion Relative selectivity

Li* 1.00 F- 0.09
H* 1.26 OH~ 0.09
Na* 1.88 cl- 1.00
NH; 222 Br- 2.80
K* 2.63 NOj 3.80
Rb* 2.89 I~ 8.70
Cs* 291 Clo; 100

The extent to which one ion is absorbed in preference to another is of
fundamental importance: it will determine the readiness with which two or more
substances, which form ions of like charge, can be separated by ion exchange
and also the ease with which the ions can subsequently be removed from the
resin. The factors determining the distribution of inorganic ions between an ion
exchange resin and a solution inciude:

1. Nature of exchanging ions. (a) Atlow aqueous concentrations and at ordinary
temperatures the extent of exchange increases with increasing charge of
the exchanging ion, i.e.

Nat <Ca?t <Al** < Th*t

(b) Undersimilar conditions and constant charge, for singly charged ions the

extent of exchange increases with decrease in size of the hydrated cation

Lit <H" <Na*<NH] <K*<Rb*<Cs*

while for doubly charged ions the ionic size is an important factor but the
incomplete dissociation of salts of such cations also plays a part

Cd** <Be?* <Mn?** <Mg?* = Zn?* <Cu?* = Nj**
<Co?* <Ca?* <Sr?* < Pb2* < Ba?*

(c) With strongly basic anion exchange resins, the extent of exchange for
singly charged anions varies with the size of the hydrated ion in a similar
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manner to that indicated for cations. In dilute solution multicharged
anions are generally absorbed preferentially.

(d) When a cation in solution is being exchanged for an ion of different
charge the relative affinity of the ion of higher charge increases in direct
proportion to the dilution. Thus to exchange an ion of higher charge on
the exchanger for one of lower charge in solution, exchange will be
favoured by increasing the concentration, while if the ion of lower charge
is in the exchanger and the ion of higher charge is in solution, exchange
will be favoured by high dilutions.

2. Nature of ion exchange resin. The absorption* of ions will depend upon the
nature of the functional groups in the resin. It will also depend upon the
degree of cross-linking: as the degree of cross-linking is increased, resins
become more selective towards ions of different sizes (the volume of the ion
is assumed to include the water of hydration); the ion with the smaller
hydrated volume will usually be absorbed preferentially.

to the exchange

Exchange of organic ions. Although similar principle 1e
consideration.

S
of organic ions, “the following features must also b taken

anpl
rr
1

1. The sizes of organic ions differ to a much greater extent than is the case for
inorganic ions and may exceed 100-fold or even 1000-fold the average size
of inorganic ions.

2. Many organic compounds are only slightly soluble in water so that
non- aqueous ion exchange has an important role in operations with organic
substances.?

Clearly the application of macroreticular (macroporous) ion exchange resins
will be often advantageous in the separation of organic species.

Ion exchange capacity. The total ion exchange capacity of a resin is dependent
upon the total number of ion-active groups per unit weight of material, and the
greater the number of ions, the greater will be the capacity. The total ion
exchange capacity is usually expressed as millimoles per gram of exchanger.
The capacities of the weakly acidic and weakly basic ion exchangers are
functions of pH, the former reaching moderately constant values at pH above
about 9 and the latter at pH below about 5. Values for the total exchange
capacities, expressed as mmol g~! of dry resin, for a few typical resins are:
Duolite C225 (Na* form), 4.5-5; Zerolit 226 (H* form), 9--10; Duolite A113
(CI™ form), 4.0; Amberlite IR-45, 5.0. The total exchange capacity expressed as
mmol mL ™! of the wet resin is about 4 — } of the mmol g ! of the dry resin.
These ﬁgures are useful in estimating very approximately the quantity of resin
1cquucd in a determination: an aucquau: excess must be E‘:ﬁ’i‘piﬁyEu, since the
‘break-through’ capacity is often much less than the total capacity of the resin.
In most cases a 100 per cent excess is satisfactory.

The exchange capacity of a cation exchange resin may be measured in the
laboratory by determining the number of milligram moles of sodium ion which
are absorbed by 1 g of the dry resin in the hydrogen form. Similarly, the exchange
capacity of a strongly basic anion exchange resin is evaluated by measuring the
amount of chloride ion taken up by 1 g of dry resin in the hydroxide form.

* The term absorption is used whenever ions or other solutes are taken up by an ion exchanger. It
does not imply any specific types of forces responsible for this uptake.
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It should be noted that large-size ions may not be absorbed by a medium
cross-linked resin so that its effective capacity is seriously reduced. A resin with
larger pores should be used for such ions.

Changing the ionic form: some widely used resins. It is frequently necessary to
convert a resin completely from one ionic form to another. This should be done
after regeneration, if this is being practised to ‘clean’ the resin (for example, if
the ‘standard’ grade of ion exchanger is used). An excess of a suitable salt
solution should be run through a column of the resin. Ready conversion will
occur if the ion to be introduced inte the resin has a higher, or only a slightly
lower, affinity than that actually on the resin. When replacing an ion of lower
charge number on the exchanger by one of higher charge number, the conversion
is assisted by using a dilute solution of replacing salt (preferably as low as
0.01 M), while to substitute a more highly charged ion in the exchanger by one
of lower charge number, a comparatively concentrated solution should be used
(say, a 1 M solution).

Strongly acidic cation exchangers are usually supplied in the hydrogen or
sodium forms, and strongly basic anion exchangers in the chloride or hydroxide
forms; the chloride form is preferred to the free base form, since the latter readily
absorbs carbon dioxide from the atmosphere and becomes partly converted
into the carbonate form. Weakly acidic cation exchangers are generally supplied
in the hydrogen form, while weakly basic anion exchange resins are available
in the hydroxide or chloride forms.

The resins are available in ‘standard’ grade, in a purer ‘chromatographic’
grade, and in some cases in a more highly purified ‘analytical’ grade: ‘standard’
grade materials should be subjected to a preliminary ‘cleaning’ by a regeneration
procedure (see Section 7.8).

Strongly acidic cation exchangers (polystyrene sulphonic acid resins ). These
resins (Duolite C225, Amberlite 120, etc.) are usually marketed in the sodium
form* and to convert them into the hydrogen form (which, it may be noted,
are also available commercially) the following procedure may be used.

The cleaned standard grade resin (which may of course be replaced by one
of the purer grades) is treated with 2M or with 10 per cent hydrochloric acid;
one bed volume of the acid is passed through the column in 10-15 minutes.
The effluent should then be strongly acid to methyl orange indicator; if it is
not, further acid must be used (about three bed volumes may be required). The
excess of acid is drained to almost bed level and the remaining acid washed
away with distilled or de-iomsed water, the volume required being about six
times that of the bed. This operation occupies about 20 minutes: it is complete
when the final 100 mL of effluent requires less than 1 mL of 0.2M sodium
hydroxide to neutralise its acidity using methyl orange as indicator. The resin
can now be employed for the exchange of its hydrogen ions for cations present
in a given solution. Tests on the effluent show that its acidity, due to the exchange,
rises to a maximum, which is maintained until the capacity is exhausted when
the acidity of the treated solution falls. Regeneration is then necessary and is
performed, after backwashing, with 2 M hydrochloric acid as before.

* The resin is supplied in moist condition, and should not be allowed to dry out; particulate fracture
may occur after repeated drying and re-wetting.
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Weakly acidic cation exchangers (e.g. polymethylacrylic acid resins ). These
resins (Zerolit 226, Amberlite 50, etc.) are usually supplied in the hydrogen
form. They are readily changed into the sodium form by treatment with

1M sodium uyu10)(lut: an increase in volume of 80-100 per cent may be
expected. The swelling is reversible and does not appear to cause any damage
to the bead structure. Below a pH of about 3.5, the hydrogen form exists almost
entirely in the little ionised carboxylic acid form. Exchange with metal ions will
occur in solution only when these are associated in solution with anions of
weak acids, ie. pH values above about 4.

The exhausted resin is more easily regenerated than the strongly acidic
exchangers; about 1.5 bed volumes of 1 M hydrochloric acid will usually suffice.

Strongly basic anion exchangers (polystyrene quaternary ammonium resins ).
These resins (Duolite A113, Amberlite 400, etc.) are usually supplied in the
chloride form. For conversion into the hydroxide form, treatment with 1 M
sodium hydroxide is employed, the volume used depending upon the extent of
conversion desired; two bed volumes are satisfactory for most purposes. The
rinsing of the resin free from alkali should be done with de-ionised water free
from carbon dioxide to avoid converting the resin into the carbonate form;
about 2 litres of such water will suffice for 100 g of resin. An increase in volume
of about 20 per cent occurs in the conversion of the resin from the chloride to
the hydroxide form.

Weakly basic anion exchangers ( polystyrene tertiary amine resins ). These resins
(Duolite A303, Amberlite 45, etc.) are generally supplied in the free base
(hydroxide) form. The salt form may be prepared by treating the resin with
about four bed volumes of the appropriate acid (e.g. 1M hydrochloric acid)

m fFarid: tha final affln a1
and rlnS‘I‘g with water ¢ to remove the excess Ol aCid; ne 1na: cilluent will not

be exactly neutral, since hydrolysis occurs slowly, resultmg in slightly acidic
effluents. As with cation exchange, quantitative anion exchange will occur only
if the anion in the resin has a lower affinity for the resin than the anion to be
exchanged in the solution. When the resin is exhausted, regeneration can be
accomplished by treatment with excess of 1 M sodium hydroxide, followed by
washing with de-ionised water until the effluent is neutral. If ammonia solution
1s used for regeneration the amount of washing required is reduced.

7.3 10N EXCHANGE CHROMATOGRAPHY

If a mixture of two or more different cations, B, C, etc., is passed through an
ion exchange column, and if the quantities of these ions are small compared
with the total capacity of the column for ions, then it may be possible to recover
the absorbed ions separately and consecutively by using a suitable regenerating
(or eluting) solution. If cation B is held more firmly by the exchange resin than
cation C, all the C present will flow out of the bottom of the column before
any of B is liberated, provided that the column is long enough and other
experimental factors are favourable for the particular separation. This separation
technique is sometimes called ion exchange chromatography. Its most spectacular
success has been the separation of complex mixtures of closely related substances
such as amino acids and tanthanides.

The process of removing absorbed ions is known as elution, the solution
employed for elution is termed the eluant, and the solution resulting from elution
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is called the eluate. The liquid entering the ion exchange column may be termed
the influent and the liquid leaving the column is conveniently called the effluent.
If a solution of a suitable eluant is passed through a column charged with an
ion B the course of the reaction may be followed by analysing continuously the
effluent solution. If the concentration of B in successive portions of the eluate
is plotted against the volume of the eluate, an elution curve is obtained such
as is shown in Fig. 7.1. It will be seen that practically all the B is contained in
a certain volume of liquid and also that the concentration of B passes through

a maximum.

Concentration of ion in eluate

Volume of eluate, mL

Fig. 7.1

If the ion exchange column is loaded with several ions of similar charge, B,
C, etc., elution curves may be obtained for each ion by the use of appropriate
eluants. If the elution curves are sufficiently far apart, as in Fig. 7.2, a quantitative
separation is possible; only an incomplete separation is obtained if the elution
curves overlap. Ideally the curves should approach a Gaussian (normal)
distribution (Section 4.9) and excessive departure from this distribution may
indicate faulty technique and/or column operating conditions.

Concentration of ion in eluate

J\J\

Volume of eluate, mL

Fig. 7.2

The rate at which two constituents separate in the column is determined by
the ratio of the two corresponding distribution coefficients, where the distribution
coefficient is given by the equation
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Amount of solute on resin ~ Amount of solute in solution

Weight of resin, g " Volume of solution, mL
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a small known quantity of resin is shaken with a solution containing a known
concentration of the solute, followed by analysis of the two phases after
equilibrium has been attained. The separation factor, «, is used as a measure

of the chromatographic separation possible and is given by the equation,
o= Kdl/ Kdz

where K, and K, are the distribution coefficients of the two constituents. The
greater the deviation of « from unity the easier will be the separation. For
normal laboratory practice, a useful guide 1s that quantitative separation should
be achieved if a is above 1.2 or less than 0.8.

An important relationship exists between the weight distribution coefficient
and the volume of eluant (V,,,,) required to reach the maximum concentration
of an eluted ion in the effluent. This is given by the equation:

Vmax = Kd I/0 + VO

where V, is the volume of liquid in the interstices between the individual resin
beads. If the latter are spheres of uniform size and close-packed in the column,
V, 1s approximately 0.4 of the total bed volume, V,. The void fraction V,/V, of
the column may, however, be determined experimentally or calculated from
density data.

The volume distribution coefficient is also a useful parameter for chromato-
graphic calculations and is defined as

i1

D Amount of ion in 1 mL of resin bed

"~ Amount of ion in 1 mL of interstitial volume
It 1s related to the weight distribution coefficient by
Dv = Kdﬁ

where B is the void fraction of the settled column.
It is also related to V. by the equation

Vmax = Vb(Dv + B)

It should be remembered that the relationships given above are strictly
applicable only when the loading of the column is less than S per cent of its

capacity.
The application of these parameters may be illustrated by the following
example.

Example. A mixture of ca 0.05 mmole each of chloride and bromide ions is to

be separated on an anion exchange column of length 10cm and 1c¢cm?

cross-section, using 0.035M potassium nitrate as the eluant. The distribution

coefficients (K ;) for the chloride and bromide ions respectively are 29 and 65.
. 65

Separation factor « = 5 = 2.24

This value indicates that a satisfactory separation could be achieved, and this
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is confirmed by calculation of the V,,,. values for the appearance of the chloride
and bromide peaks.
From the column dimensions, the bed volume is

V, = 10cm x 1.0cm? = 10.0 mL

and the void volume (assuming f=10.4) is
Vo = 04x100mL = 4mL

Hence for the chiloride peak,

Viax = KqVo+ Vo = (29 x4)+4 = 120mL
and for bromide,

Vipax = (65 x 4Y 4+ 4 = 264 mL

The relatively large values of V, . indicate, however, that the separation will
be lengthy and the elution bands broad, particularly for the bromide band. The
use of a more concentrated solution of eluant significantly reduces the values
of V,.. and the elution bands become much sharper. Thus the distribution
coeflicient for bromide using a 0.35 M potassium nitrate solution is 6.5 and using
the same column, V,,,, =(6.5 x 4)+ 4 =30mL.

In many cases the efficient separation of a mixture by ion exchange
chromatography requires that the eluant concentration be changed during the
course of the elution. This may be done in a stepwise manner or by a continuous
change in concentration as in gradient elution; the latter procedure can be
carried out using simple laboratory equipment. A comprehensive discussion
of the technique and of gradient elution devices is given in the review by
L.R.Snyder.*? A more recent development, however, is the use of microcomputer-
controlled systems for gradient elution, e.g. for the separation of amino acids
by ion exchange chromatography.??

The scope of separations by ion exchange chromatography may be extended
by using for fixation or for elution a solution capable of complexing the ions
exchanged. The formation of complexes may assist separations by diminishing
the concentrations of free ions, and also by producing complexes of different
stabilities, thus leading to significantly different behaviour with selected eluants.?*

The results of ion exchange separations may be influenced by varying the
pH, the solvent or eluant, the temperature, the nature of the ion exchange resin,
the particle size, the rate of flow of eluant, and the length of the column.

14 10N CHROMATOGRAPHY

Ion chromatography (IC) is a relatively new technique pioneered by Small
et al.?® and which employs in a novel manner some well-established principles
of ion exchange and allows electrical conductance to be used for detection and
quantitative determination of ions in solution after their separation. Since
electrical conductance is a property common to all ionic species in solution, a
conductivity detector clearly has the potential of being a universal monitor for
all ionic species.

A feature of ion exchange chromatography is, of course, that ioni¢ solutions
are used as eluants, so that the eluted species are present in an electrolyte
background. The problem which now arises in the application of electrical
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conductance for quantifying eluted ionic species may be illustrated by the simple
example of the separation and determination of sodium and potassium in a
sample in which these are the only cations present. Complete separation of these
two cations may be achieved using a strong acid cation exchange resin with
aqueous hydrochloric acid as eluant. However, the high conductance of the
hydrochloric acid in the effluent effectively ‘swamps’ the lower conductance due
to the sodium and potassium ions, so preventing their measurement by electrical
conductance.

In IC this problem of electrolyte background is overcome by means of eluant
suppression. Thus in the above example of sodium and potassium analysis, 1f
the effluent from the separating column is passed through a strong base
anion exchange resin in the hydroxide form (suppressor column) the following
two processes occur:

(a) Neutralisation of the hydrochloric acid
HCl + OH™ (resin) — Cl~ (resin}+ H,0
(b) NaCl (KCi)+ OH ™ (resin) —» NaOH (KOH)+ Cl~ (resin)

A consequence of these ion exchange processes 1s that the sample cations are
presented to the conductivity detector not in a highly conducting background
but in the very low conductivity of de-ionised water. It may be noted here that
de-ionised water is not always the product of eluant suppression, the essential
feature being that a background of low electrical conductivity i1s produced.
Analogous schemes can be devised for anion analysis, in which case a strong
acid cation exchange resin (H™ form) is employed in the suppressor column.

Ton chromato graphy permits the determmatlon of both inorganic and orgamc
ionic prthb, often in concentrations of 50 HE L1? \ppU} or less. Since anaxyms
time is short (frequently less than 20 minutes) and sample volumes may be less
than 1 mL, IC is a fast and economical technique. It has found increasing
application in a number of different areas of chemical analysis and particularly
for the quantitative determination of anions. The state-of-the-art has been
reviewed.2®

A flow scheme for the basic form of ion chromatography is shown in Fig. 7.3,
which illustrates the requirements for simple anion analysis. The instrumentation
used in IC does not differ significantly from that used in HPLC and the reader
1s referred to Chapter 8 for details of the types of pump and sample injection
system employed. A brief account is given here, however, of the nature of the
separator and suppressor columns and of the detectors used in ion chromatography.

Separator column. The specific capacity of the separating column 1s kept small
by using resins of low capacity. For example, low-capacity anion exchangers
have been prepared by a surface agglomeration method in which finely divided
anion exchange resin is contacted with surface-sulphonated styrene—divinyl-
benzene copolymer; the small particles of anion exchanger are held tenaciously
on the oppositely charged surface of the sulphonated beads.2” These resins are
stable over a wide range of pH, in which respect they are superior to glass- or
silica-based pellicular resins.

Suppressor column. Where electrical conductance is used for detection of sample
ions in the effluent from the columns, an eluant background of low conductivity
1s required. The function of the suppressor column is to convert eluant ions
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Fig. 7.3 Ion chromatography flow scheme (anion analysis).

Into species giving low or zero conductance, e.g. where NaHCO; 1s used as
eluant for anion analysis this is converted into a background of dilute carbonic
acid by using a strong acid suppressor resin.

The low-concentration eluants used to separate the sample ions on the
separator column allow a substantial number of samples (typically about 50)
to be analysed before the suppressor column is completely exhausted. Clearly
an important practical consideration is the need to minimise the frequency of
regeneration of the suppressor column and, for this reason, the specific capacity
of the column i1s made as large as possible by using resins of moderate to high
cross-linking. Some instruments contain two suppressor columns in parallel,
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thus allowing one column to be regenerated while the other is in use. A more
convenient arrangement, however, 1s the use of a hollow-fibre suppressor, such
as that developed by Dionex Ltd, which allows continuous operation of the ion
chromatograph. In the case of anion analysis, the suppressor incorporates a
tubular cation exchange membrane which is constantly regenerated by dilute
sulphuric acid flowing through the outer casing.

It is appropriate to refer here to the development of non-suppressed ion
chromatography. A simple chromatographic system for anions which uses a
conductivity detector but requires no suppressor column has been described by
Fritz and co-workers.?® The anions are separated on a column of macroporous
anion exchange resin which has a very low capacity, so that only a very dilute
solution (ca 10™*M) of an aromatic organic acid salt (e.g. sodium phthalate)
is required as the eluant. The low conductance of the eluant eliminates the need
for a suppressor column and the separated anions can be detected by electrical
conductance. In general, however, non-suppressed ion chromatography is an
order of magnitude less sensitive than the suppressed mode.

Detectors. Although electrical conductance has been widely used for detecting
1ons 1n ion chromatography, the scope of the technique has been considerably
extended by the use of other types of detector. It 1s convenient broadly to classify
detectors into two series.

1. Detectors employing electrochemical principles:

(a) Conductimetric detectors. Conductance is a fundamental property of ions
in solution making it an ideal technique for monitoring ion exchange
separations because of its universal and linear response. It is the optimum
mode of detection for strong acid anions (pK, < 7), providing high
sensiti VIty in the absence of baukgr\njﬂﬁd ulcvuuly"“

(b) Amperometric detectors. This type of detector may be used to detect ions
which are electrochemically active but not readily detected by conductance
measurement, e.g. weak acid anions such as CN~, HS™ (pK,> 7). The
detector commonly features interchangeable silver or platinum working
electrodes and may be used alone (no suppressor then being required)
or simultaneously with a conductivity detector.

2. Detectors based on established optical absorption and emission techniques,
are typified by:

(a) Spectrophotometric detectors. The operation of spectrophotometric
detectors is based on the absorbance of monochromatic light by the
column effluent in accordance with the Beer—Lambert law (Section 17.2).

As most organic species have significant absorption in the UV region of
the snectrum. these detectors have wide annlication QPnclhvltv (‘]Pnr[v
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depends on how strongly the sample absorbs at the wavelength of
maximum absorption, but detection limits in the low- (or even sub-)
nanogram range may be achieved in favourable conditions.

An alternative approach using a spectrophotometric detector has been
described by Small and Miller®® The essential feature here is that the
eluting ion, which is commonly phthalate, must absorb ultravielet light
thus allowing its concentration to be monitored at a suitable wavelength
as it emerges from the column. When a non-absorbing sample ion elutes
from the column, the concentration of eluting ion decreases and the
detector registers a negative response which i1s proportional to the
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concentration of sample ion. This procedure has contributed to the ease
with which non-absorbing species can be detected, particularly sample
1ons with pK, > 7 for which conductance detection is not appropriate.

Eliinwocrnnn Aot oprtnrc Alth Aniah a mranmartian af inarganio
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and organic compounds are naturally fluorescent, the inherent sensitivity
and selectivity of fluorescence detection offers significant advantages. The
development of appropriate pre-column and post-column derivatisation
procedures has furthered the application of fluorescence detection for
the trace analysis of non-fluorescent or weakly fluorescing species.?®

The reader is recommended to consult the monograph by Scott for
further details of all detectors®! used in ion chromatography.

—
o
S

Ion chromatography has been successfully applied to the quantitative analysis
of ions in many diverse types of industrial and environmental samples. The
technique has also been valuable for microclemental analysis, e.g. for the
determination of sulphur, chlorine, bromine, phosphorus and iodine as
heteroatoms in solid samples. Combustion in a Schoniger oxygen flask
(Section 3.31)is a widely used method of degrading such samples, the products
of combustion being absorbed in solution as anionic or cationic forms, and the
solution then directly injected into the ion chromatograph.

A typical application of ion chromatography for the separation and
determination of simple anions is illustrated by the experiment described in
Section 7.15.

1.5 10N EXCHANGE IN ORGANIC AND AQUEOUS—ORGANIC SOLVENTS

Investigations in aqueous systems have established many of the fundamental
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of the ion exchange process has, however, been extended by the use of both
organic and mixed aqueous—organic solvent systems.??33

The organic solvents generally used are oxo-compounds of the alcohol, ketone
and carboxylic acid types, generally having dielectric constants below 40. Cations
and anions should, therefore, pair more strongly in such solvent systems than
in water and this factor may in itself be expected to alter selectivities for the resin.
In addition to influencing these purely electrostatic forces, the presence of the
organic solvent may enhance the tendency of a cation to complex with anionic
or other ligands, thus modifying its 1on exchange behaviour. In mixed aqueous—
organic solvents the magnitude of such effects will clearly be dependent on the
proportion of organic¢ solvent present.

As already indicated, ion exchange resins are osmotic systems which swell
owing to solvent being drawn into the resin. Where mixed solvent systems are
used the possibility of preferential osmosis occurs and it has been shown that
strongly acid cation and strongly basic anion resin phases tend to be
predominantly aqueous with the ambient solution predominantly organic. This
effect ( preferential water sorption by the resin) increases as the dielectric constant
of the organic solvent decreases.

An interesting consequence of selective sorption is that conditions for
partition chromatography arise which may enhance the normal ion exchange
separation factors. This aspect has been utilised by Korkisch®* for separation
of inorganic ions by the so-called ‘combined ion exchange—solvent extraction
method’ (CISE).
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1.6 CHELATING ION EXCHANGE RESINS

The use of complexing agents in solution in order to enhance the efficiency of
separation of cation mixtures (e.g. lanthanides) using conventional cation or
anion exchange resins is well estabhshed. An alternatlve mode of application
of complex formation is, however, the use of chelating resins which are ion
exchangers in which various chelating groups {(e.g. dimethyiglyoxime and
iminodiacetic acid) have been incorporated and are attached to the resin matrix.

An important feature of chelating ion exchangers is the greater selectivity
which they offer compared with the conventional type of ion exchanger. The
affinity of a particular metal ion for a certain chelating resin depends mainly
on the nature of the chelating group, and the selective behaviour of the resin
is largely based on the different stabilities of the metal complexes formed on
the resin under various pH conditions. It may be noted that the binding energy
in these resins is of the order of 60-105kJ mol~?!, whereas in ordinary ion
exchangers the strength of the electrostatic binding is only about 8—-13 kJ mol 7!

The exchange process in a chelating resin is generally slower than in the
ordinary type of exchanger, the rate apparently being controlled by a particle
diffusion mechanism.

According to Gregor et al*® the following properties are required for a
chelating agent which is to be incorporated as a functional group into an
ion exchange resin:

1. the chelating agent should yield, either alone or with a cross-linking substance,
a resin gel of sufficient stability to be capable of incorporation into a polymer
matrix;

2. the chelating group must have sufficient chemical ablllty, so that durmg
the Syi“lmcma of the resin its functional structure is not chan gt:u U_y pijluc:ubduuu
or any other reaction;

3. the steric structure of the chelating group should be compact so that the
formation of the chelate rings with cations will not be hindered by the resin
matrix.

4, the specific arrangements of the ligand groups should be preserved in the
resin. This 1s particularly necessary since the complexing agents forming
sufficiently stable complexes are usually at least tridentate.

These considerations indicate that many chelating agents could not be
incorporated into a resin without loss of their selective complexing abilities.
Ligands which do not form 1:1 complexes (e.g. 8-quinolinol) would be
unsuitable, as also would molecules such as EDTA, which are insufficiently
compact. In the latter case, it is improbable that the chelate configurations
occurring in aqueous solution could be maintained in a cross-linked polymer.
The closely related iminodiacetic acid group does, however, meet the requirements
described, being compact and forming 1:1 complexes with metal cations.

CH,

/\ 7N
\/M\/
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The basicity of the nitrogen atom can be influenced by whether the imino
group is attached directly to a benzene nucleus or whether a methylene
group is interposed

Although chelating resins containing various ligand donor atoms have
been synthesised, the iminodiacetic acid resins (N and O donor atoms)
undoubtedly form the largest group.3®*” The resin based on iminodiacetic
acid in a styrene divinylbenzene matrix is available commercially under
the trade names of Dowex Chelating Resin A-1 and Chelex 100, and its
chemical and physical properties have been fully investigated.

The starting material for the synthesis of this chelating resin is chloromethylated
styrene—divinylbenzene, which undergoes an amination reaction and is then
treated with monochloracetic acid:

~—CH—CH,— —CH—CH,— _CH—CHZ—
\/\ | NH, \/\ ] CH,CICOOH (\ , CH,COOH
\\)(CHZCl \)(CHQNH;,_ \KCHZN/
CH,COOH

The selectivity of this type of exchange resin is illustrated by Chelex 100
which shows unusually high preference for copper, iron and other heavy
metals (i.e. metals which form complexes having high stability constants
with this type of ligand) over such cations as sodium, potassium and calcium;
it is also much more selective for the alkaline earths than for the alkali metal
cations. The resin’s high affinity for these ions makes it very useful for removing,
concentrating or analysing traces of them in solutions, even when large
amounts of sodium and potassium are present (see the experiment described in
Section 7.14),

In contrast to the above resins, the chelating resin Amberlite IRC-718
is based upon a macroreticular matrix. It is claimed to exhibit superior
physical durability and adsorption kinetics when compared to chelating
resins derived from gel polymers and should also be superior for use in
non-aqueous solvent systems.

Itis appropriate here to refer to the use of chelating resins for ligand-exchange
chromatography, a useful technique for pre-concentration and separation of
compounds which can form complexes or adducts with metal ions. An ion
exchanger containing a complexing metal ion, e.g. Cu?*, Ni?* is used as a
solid sorbent; the use of ule}aung resins is auvamag&‘:()ub since the successful
application of ligand exchange depends on keeping the complexing metal ion
in the resin. The potential ligands, e.g. amines, amino acids, polyhydric alcohols,
are sorbed from solutions (or gases), separations occurring because of differences
in the stabilities of the metal-ligand complexes. On this basis high capacities and
selectivities can be achieved. Examples of the application of ligand-exchange
chromatography are:

1. the separation and quantitative determination of amphetamine and related
compounds,*® and
2. the concentration and separation of amino acids in saline solutions.*°
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An extensive review of ligand-exchange chromatography has been given by
Davankov.*®

1.7 LIQUID ION EXCHANGERS

The ion exchange processes involving exchange resins occur between a solid
and a liquid phase whereas in the case of liquid ion exchangers the process
takes place between two immiscible solutions. Liquid ion exchangers consist of
high-molecular-weight acids and bases which possess low solubility in water
and high solubility in water-immiscible solvents. Thus, a solution of a base
insoluble in water, in a solvent which is water-immiscible, can be used as an
anion exchanger; similarly a solution of an acid insoluble in water can act as
a cation exchanger for ions in aqueous solution. A comprehensive list of liquid
ion exchangers has been given by Coleman et al*!

The liquid anion exchangers at present available are based largely on primary,

secondary and tertiary aliphatic amines, e.g. the exchangers Amberlite LA.1
[ N-dodecenyl(trialkylmethyl)amine] and Amberlite LA.2 FN-lan\z]Hﬂn"(vL
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methy])amlne], both secondary amines. These anion exchange 11qu1ds are best
employed as solutions (ca 2.5 to 12.5% v/v) in an inert organic solvent such
as benzene, toluene, kerosene, petroleum ether, cyclohexane, octane, etc.

The liquid exchangers Amberlite LA.1 and LA.2 may be used to remove
acids from solution

R'R"NH + HX - R’'R”NH, X
or in a salt form for various ion exchange processes
R'R”"NH,Cl + NaNO,; —» R'R"NH, NQO, + NaCl

Examples of liquid cation exchangers are alkyl and dialkyl phosphoric acids,
alkyl sulphonic acids and carboxylic acids, although only two appear to have
been used to any extent, viz. di-(2-ethylhexyl)phosphoric(V) acid and
dinonylnaphthalene sulphonic acid.

The operation of liquid ion exchangers involves the selective transfer of a
solute between an aqueous phase and an immiscible organic phase containing
the liquid exchangers. Thus high-molecular-weight amines in acid solution yield
large cations capable of forming extractable species (e.g. ion pairs) with various
anions. The technique employed for separations using liquid ion exchangers is
thus identical to that used in solvent extraction separations and these exchangers
offer many of the advantages of both ion exchange and solvent extraction.
There are, however, certain difficulties and disadvantages associated with their
use which it is important to appreciate in order to make effective use of liquid
1on exchangers.

Probably the chief difficulty which arises is that due to the formation of
emulsions between the organic and aqueous phases. This makes separation of
the phases difficult and sometimes impossible. It is clearly important to select
liquid exchangers having low surface activity and to use conditions which wiil
minimise the formation of stable emulsions [ see Section 6.7, consideration (3)].

Another disadvantage in the use of liquid ion exchangers is that it is frequently
necessary to back-extract the required species from the organic phase into an
aqueous phase prior to completing the determination. The organic phase may,
however, sometimes be used directly for determination of the extracted species,
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in particular by aspirating directly into a flame and estimating extracted metal
ions by flame emission or atomic absorption spectroscopy.

The extraction of metals by liquid amines has been widely investigated and
depends on the formation of anionic compiexes of the metals in aqueous solution.
Such apphcatlons are lustrated by the use of Amberlite LA.1 for extraction of
zirconium and hafnium from hydrochlorlc acid solutions, and the use of liquid

amines for extraction of uranium from sulphuric acid solutions.*?*43

Exhausted liquid ion exchangers may be regenerated in an analogous manner
to ion exchange resins, e.g. Amberlite LA.1 saturated with nitrate ions can be
converted to the chloride form by treatment with excess sodium chloride
solution.

The properties and applications of liquid ion exchangers have been
reviewed.**

APPLICATIONS IN ANALYTICAL CHEMISTRY
7.8 EXPERIMENTAL TECHNIQUES®

The simplest apparatus for ion exchange work in analysis consists of a burette
provided with a glass-wool plug or sintered glass disc (porosity 0 or 1) at the
lower end. Another simple column is shown in Fig. 7.4(a); the ion exchange
resin is supported on a glass-wool plug or sintered-glass disc. A glass-wool pad
may be placed at the top of the bed of resin and the eluting agent is added from
a tap funnel supported above the column. The siphon overflow tube, attached
to the column by a short length of rubber or PVC tubing, ensures that the level

(a) (b) (c)
Fig. 74

* The simple techniques described in this section do not, of course, apply to ion chromatography
(IC) or HPLC.
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of the liquid does not fall below the top of the resin bed, so that the latter is
always wholly immersed in the liquid. The ratio of the height of the column to
the diameter 1s not very critical but is usually 10 or 20:1. Another form of
column is uepiCLcu in FIB / ‘-r\u) (nm arawii to SCEUC) a convenient size 1s 30 cm
long, the lower portion of about 10 mm and the upper portion of about 25 mm
internal diameter. A commercially available column, fitted with ground-glass
joints is illustrated in Fig. 7.4(c).

The 1on exchange resin should be of small particle size, so as to provide a
large surface of contact; it should, however, not be so fine as to produce a very
slow flow rate. For much laboratory work 50—100 mesh or 100-200 mesh
materials are satisfactory. In all cases the diameter of the resin bead should be
less than one-tenth of that of the column. Resins of medium and high
cross-linking rarely show any further changes in volume, and only if subjected
to large changes of ionic strength will any appreciable volume change occur.
Resins of low cross-linking may change in volume appreciably even with smali
variations of ionic strength, and this may resuit in channelling and possible

blocking of the column: these effects limit the use of these materials. To obtain
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satisfactory separations, it is essential that the solutions should pass through
the column in a uniform manner. The resin particles should be packed uniformly
in the column: the resin bed should be free from air bubbles so that there is no
channelling.

To prepare a well-packed column, a supply of exchange resin of narrow size
range is desirable. An ion exchange resin swells if the dry solid is immersed in
water; no attempt should therefore be made to set up a column by pouring the dry
resin into a tube and then adding water, since the expansion will probably
shatter the tube. The resin should be stirred with water in an open beaker for

m anvy fina narticlag ramny A hy dacantatin nd tha racin chiirey
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transferred portionwise to the tube previously filied with water. The tube may
be tapped gently to prevent the formation of air bubbles. To ensure the removal
of entrained air bubbiles, or any remaining fine particles, and also to ensure an
even distribution of resin granules, it is advisable to ‘backwash’ the resin column
before use, i.e. a stream of good-quality distilled water or of de-ionised water
is run up through the bed from the bottom at a sufficient flow rate to loosen
and suspend the exchanger granules. The enlarged upper portion of the exchange
tube shown in Fig. 7.4(b) or (c) will hold the resin suspension during washing,
If a tube of uniform bore is used the volume of resin employed must be suitably
adjusted or else a tube attached by a rubber bung to the top of the column;
the tube dips into an open filter flask, the side arm of which acts as the overflow
and is connected by rubber tubing to waste. When the wash water is clear, the
flow of water is stopped and the resin is allowed to settle in the tube. The excess
of water is drained off; the water level must never fall below the surface of the
resin, or else channelling will occur, with consequent incompiete contact between
the resin and solutions used in subsequent operations. The apparatus with a
side-arm outlet (Fig. 7.4a) has an advantage in this respect in that the resin
will not run dry even if left unattended, since the outlet is above the surface of
the resin.

lon exchange resins (standard grades) as received from the manufacturers
may contain unwanted ionic impurities and sometimes traces of water-soluble
intermediates or incompletely polymerised material; these must be washed out
before use. This is best done by passing 2M hydrochloric acid and 2 M sodium
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hydroxide alternately through the column, with distilled-water rinsings in
between, and then washing with water until the effluent is neutral and salt-free.
‘Analytical grade’ and/or ‘chromatographic grade’ ion exchange resins that
have undergone this preiliminary washing are avaiiabie commercialiy.

For analytical work the exchange resin of ‘analytical’ grade (Amberlite) or
of ‘chromatographic’ grade (Duolite; Amberlite, etc.) of a particle size of
100-200 mesh 1s preferred. However, for student work, the ‘standard’ grade of
resin of 50100 or 15--50 mesh, which is less expensive, is generally satisfactory.
The *standard’ grade of resin must, however, be conditioned before use. Cation
exchange resins must be soaked in a beaker in about twice the volume of
2M hydrochloric acid for 30-60 minutes with occasional stirring; the fine
particles are removed by decantation or by backwashing a column with distilled
or de-ionised water until the supernatant liquid is clear. Anion exchange resins
may be washed with water in a beaker until the colour of the decanted wash
liquid reaches a minimum intensity; they may then be transferred to a wide
glass column and cycled between 1 M hydrochloric acid and 1 M alkali. Sodium
hydroxide is used for strongly basic resins, and ammonia ( preferably) or sodium
carbonate for weakly basic resins. For all resins the final treatment must be
with a solution leading to the resin in the desired ionic form.

A 50mL or 100 mL burette, with Pyrex glass-wool plug or sintered-glass
disc at the lower end, can generally be used for the determinations described
below: alternatively, the column with side arm (Fig. 7.4a) is equally convenient
in practice for student use. Reference wili be made to the Duolite resins; the
equivalent Amberlite or other resin (see Table 7.1 in Section 7.1) may of course
be used.

7.9 DETERMINATION OF THE CAPACITY OF AN ION EXCHANGE RESIN (COLUMN
METHOD)

Cation exchange resin. Dry the purified resin (e.g. Duolite C225 in the hydrogen
form) by placing it in an evaporating dish, covering with a clockglass supported
on two glass rods to provide protection from dust while giving access to the
air, and leaving in a warm place (25-35°C) until the resin is completely
free-running (2-3 days). The capacity of the resulting resin remains constant
over a long period if kept in a closed bottle. Drying at higher temperatures (say,
100 °C) is not recommended, owing to possible fracture of the resin beads.
Partiy fill a small column, 15 cm x 1 cm (Fig. 7.4a) with distilled water, taking
care to displace any trapped air from beneath the sintered-glass disc. Weigh

out accurately about 0.5 g of the air-dried resin in a glass scoop and transfer it
with the aid of a small camel-hair brush through a drv funnel into the column.
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Add sufficient distilled water to cover the resin. Dislodge any air bubbles that
stick to the resin beads by applying intermittent pressure to the rubber
tubing, thus causing the level of the liquid in the column to rise and fail slightly.
Adjust the level of the outlet tube so that the liquid in the column will drain
to a level about 1 cm above the resin beads.

Fill a 250 mL separatory funnel with ca 0.25M sodium sulphate solution.
Allow this solution to drip into the column at a rate of about 2 mL per minute,
and collect the effluent in a 500 mL conical flask. When all the solution has
passed through the column, titrate the effluent with standard 0.1 M sodium
hydroxide using phenolphthalein as indicator.
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The reaction may be represented as:
R H*+Na*=2R" Na*+H"
and proceeds to completion because of the large excess and large volu
sodium sulphate solution passed through the column.

The capacity of the resin in millimoles per gram is given by av/W,
where a 1s the molarity of the sodium hydroxide solution, v is the volume in
mL, and W is the weight (g) of the resin.

Anion exchange resin. Proceed as in the previous experiment using 1.0g,
accurately weighed, of the air-dried strongly basic anion exchanger (e.g. Duolite
A113, chloride form). Fill the 250 mL separatory funnel with ca 0.25M sodium
nitrate solution, and allow this solution to drop into the column at the rate of
about 2 mL per minute. Collect the effluent in a 500 mL conical flask, and titrate
with standard 0.1 M silver nitrate using potassium chromate as indicator.

The reaction which occurs may be written as:

R*Cl~ +NO; =R*NOj +Cl~

The capacity of the resin expressed as millimoles per gram is given by
bv/ W, where v mL of bM AgNO, are required by W g of the resin.

1.10 SEPARATION OF ZINC AND MAGNESIUM ON AN ANION EXCHANGER

Theory. Several metal ions (e.g. those of Fe, Al, Zn, Co, Mn, etc.) can be
absorbed from hydrochloric acid solutions on anion exchange resins owing to
the formation of negatively charged chloro-complexes. Each metal is absorbed
over a well-defined range of pH, and this property can be used as the basis of
a method of separation. Zinc is absorbed from 2 M acid, while magnesium (and
aluminium}) are not; thus by passing a mixture of zinc and magnesium through
a column of anion exchange resin a separation is effected. The zinc is subsequently
eluted with dilute nitric acid.

Procedure, Prepare a column of the anion exchange resin using about 15g of
Duolite A113 in the chloride form (Section 7.9). The column should be made
up in 2M hydrochloric acid.

Prepare separate standard zinc (about 2.5mgZnmL™') and standard
magnesium (about 1.5mgMgmL ™) ion solutions by dissolving accurately
weighed quantities of zinc shot and magnesium (for Grignard reaction) in
2M hydrochloric acid and diluting each to volume in a 250 mL graduated flask.
Pipette 10.0 mL of the zinc ion solution and 10.0 mL of the magnesium ion
solution into a small separatory funnel supported in the top of the ion exchange
column, and mix the solutions, Allow the mixed solution to flow through the
column at a rate of about 5mL per minute. Wash the funnel and column with
50 mL of 2M hydrochloric acid: do not permit the level of the liquid to fali
below the top of the resin column. Collect all the effluent in a conical flask; this
contains all the magnesium. Now change the receiver. Elute the zinc with 30 mL
of water, followed by 80 mL of ca 0.25 M nitric acid. Determine the magnesium
and the zinc in the respective eluates by neutralisation with sodium hydroxide
solution, followed by titration with standard EDTA solution using a buffer
solution of pH = 10 and solochrome black indicator (Section 10.62).
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The following results were obtained in a typical experiment:

Weight of zinc taken = 25.62 mg; found = 25.60 mg
Weight of magnesium taken = 14.95 mg; found = 14.89 mg

Magnesium may conveniently be determined by atomic absorption spectro-
scopy (Section 21.21) if a smaller amount (ca 4 mg) is used for the separation.
Collect the magnesium effluent in a 1 L graduated flask, dilute to the mark with
de-ionised water and aspirate the solution into the flame of an atomic absorption
spectrometer, Calibrate the instrument using standard magnesium solutions
covering the range 2 to 8 ppm.

1.11 SEPARATION OF CHLORIDE AND BROMIDE ON AN ANION EXCHANGER

Theory. The anion exchange resin, originaily in the chloride form, is converted
into the nitrate form by washing with sodium nitrate solution. A concentrated
solution of the chioride and bromide mixture is introduced at the top of the
column. The halide ions exchange rapidly with the nitrate ions in the resin,
forming a band at the top of the column. Chlor1de ion 1s more rapidly eluted
from this band than bromide ion by sodium nitrate solution, so that a separation
is possible. The progress of elution of the halides is followed by titrating fractions

of the effluents with standard silver nitrate solution.

Procedure. Prepare an anion exchange column (Section 7.8) using about 40 g
of Duolite A113 (chloride form). The ion exchange tube may be 16 cm long and
about 12 mm internal diameter. Wash the column with 0.6 M sodium nitrate
until the effluent contains no chloride ion (silver nitrate test) and then wash
with 50 mL of 0.3 M sodium nitrate.

Weigh out accurately about 0.10 g of analytical grade sodium chloride and
about 0.20 g of potassium bromide, dissolve the mixture in about 2.0 mL of
water and transfer quantitatively to the top of the column with the aid of
0.3 M sodium nitrate. Pass 0.3 M sodium nitrate through the column at a flow
rate of about 1 mL per minute and collect the effluent in 10 mL fractions.
Transfer each fraction in turn to a conical flask, dilute with an equal volume
of water, add 2 drops of 0.2M potassium chromate solution and titrate with
standard 0.02 M silver nitrate.

Before commencing the elution titrate 10.0 mL of the 0.3 M sodium nitrate
with the standard silver nitrate solution, and retain the product of this blank
titration for comparing with the colour in the titrations of the eluates. When
the titre of the eluate falls almost to zero (ie. nearly equal to the blank
titration) — ca 150 mL of effluent — elute the column with 0.6 M sodium nitrate.
lltrate as DClUfe unill no more DrUm]UG lb U€16Cieu [llirC dlmOS[ LCI’O} f‘\ new
blank titration must be made with 10.0 mL of the 0.6 M sodium nitrate.

Plot a graph of the total effluent collected against the concentration of halide
in each fraction (millimoles per litre). The sum of the titres using 0.3 M sodium
nitrate eluant (less blank for each titration) corresponds to the chloride, and
the parallel figure with 0.6 M sodium nitrate corresponds to the bromide
recovery.

A typical experiment gave the following results:

Weight of sodium chloride used =0.1012g =61.37mg Ci~
Weight of potassium bromide used =0.1934 g = 129.87 mg Br ~

209



7 10N EXCHANGE

Concentration of silver nitrate solution =0.019 36 M
Cl17: total titres (less blanks) = 89.54 mL = 61.47 mg
Br : total titres (less blanks) = 83.65 mL = 1294 mg

1.12 DETERMINATIDN DF THE TOTAL CATION CDNCENTRATION IN WATER

Theory. The following procedure is a rapid one for the determination of the
total cations present in water, particularly that used for industrial ion exchange
plants, but may be used for all samples of water, including tap water. When
water containing dissolved ionised solids is passed through a cation exchanger
in the hydrogen form all cations are removed and replaced by hydrogen ions.
By this means any alkalinity present in the water is destroyed, and the neutral
salts present in solution are converted into the corresponding mineral acids.
The effluent is titrated with 0.02M sodium hydroxide using screened methyl
orange as indicator.

Procedure. Prepare a 25-30cm column of Duolite C225 in a 14-16 mm
chromatographic tube (Section 7.8). Pass 250mL of 2M hydrochloric acid
through the tube during about 30 minutes; rinse the column with distilled water
until the effluent is just alkaline to screened methyl orange or until a 10mL
portion of the effluent does not require more than one drop of 0.02 M sodium
hydroxide to give an alkaline reaction to bromothymol blue indicator. The resin
is now ready for use: the level of the water should never be permitted to drop
below the upper surface of the resin in the column. Pass 50.0 mL of the sample
of water under test through the column at a rate of 3-4 mL per minute, and
discard the effluent. Now pass two 100.0 mL portions through the column at
the same rate, collect the effluents separately, and titrate each with standard
0.02 M sodium hydroxide using screened methyl orange as indicator. After the
determination has been completed, pass 100—150 mL of distilled water through
the column.

From the results of the titration calculate the millimoles of caicium present
in the water. It may be expressed, if desired, as the equivalent mineral acidity
(EMA)1n terms of mg CaCOj per litre of water (i.e. parts per million of CaCQ,).
In general, if the titre is 4 mL of sodium hydroxide of molarity B for an aliquot
volume of ¥ mL, the EMA is given by (4B x 50 x 1000)/V.

Commercial samples of water are frequently alkaline due to the presence of
hydrogencarbonates, carbonates, or hydroxides. The alkalinity is determined
by titrating a 100.0 mL sample with 0.02M hydrochloric acid using screened
methyl orange as indicator (or to a pH of 3.8). To obtain the total cation content
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7.13 SEPARATION OF CADMIUM AND ZINC ON AN ANION EXCHANGER

Theory. Cadmium and zinc form negatively charged chloro-complexes which
are absorbed by a strongly basic anion exchange resin, such as Duolite A113.
The maximum absorption of cadmium and zinc is obtained in 0.12 M hydrochloric
acid containing 100 g of sodium chloride per litre. The zinc is eluted quantitatively
by a 2M sodium hydroxide solution containing 20 g of sodium chloride per
litre, while the cadmium is retained on the resin. Finally, the cadmium is eluted
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with 1 M nitric acid. The zinc and cadmium in their respective effluents may be
determined by titration with standard EDTA.

Elements such as Fe(III), Mn, Al, Bi, Ni, Co, Cr, Cu, Ti, the alkaline-earth

metals, and the lanthanides are not absorbed on the resin in the HCi-NaCi
medium.
Reagents. Anion exchange column. Prepare an anion exchange column using
25-30 g of Duolite A113 (chioride form) following the experimental details given
in Section 7.8. Allow the resin to settie in 0.5M hydrochloric acid. Transfer the
resin slurry to the column: after settling, the resin column should be about
20 cm in length if a 50 mL burette is used.

Reagent I. This consists of 0.12M hydrochioric acid containing 100g of
analytical-grade sodium chloride per litre.

Reagent I1. This consists of 2M sodium hydroxide containing 20 g of sodium
chloride per litre.

Zinc-ion solution. Dissolve about 7.0g of analytical grade zinc sulphate
heptahydrate in 25 mL of Reagent L

Cadmium-ion solution. Dissolve about 6.0 g of anaiytical grade crystaliised
cadmium sulphate in 25 mL of Reagent 1.

EDTA solution. 0.0 M. See Section 10.49.

Buffer solution, pH = 0. Dissolve 7.0g of analytical grade ammonium
chloride and 57 mL of concentrated ammonia solution (sp. gr. 0.88) in water
and dilute to 100 mL.

Solochrome black indicator mixture. Triturate 0.20 g of the solid dyestuff with
50 g of potassium chloride.

Xylenol orange indicator. Finely grind (triturate) 0.20 g of the solid dyestuff
with 50 g of potassium chioride (or nitrate). This solid mixture is used because
solutions of xyienol orange are not very stable.

Nitric acid, ca I M.

Procedure. Wash the anion exchange column with two 20 mL portions of
Reagent I; drain the solution to about 0.5 cm above the top of the resin. Mix
thoroughly equal volumes (200mL each) of the zinc and cadmium ion
solutions and transfer by means of a pipette 2.00 mL of the mixed solution to
the top of the resin column. Allow the solution to drain to within about 0.5 cm
of the-top of the resin and wash down the tube above the resin with a little of
Reagent 1. Pass 150 mL of Reagent II through the column at a flow rate of
about 4mL min~' and collect the eluate (containing the zinc) in a 250 mL
graduated flask; dilute to volume with water. Wash the resin with about 50 mL
of water to remove most of the sodium hydroxide solution. Now place a 250 mL
graduated flask in position as receiver and pass 150 mL of 1 M nitric acid through
the column at a rate of about 4 mL min ~!; the cadmium wilil be eluted. Dilute
the effluent to 250 mL with distilled water.

The resin may be regenerated by passing Reagent I through the column, and
can then be used again for analysis of another Zn—Cd sampile.

Analyses. (a) Original zinc-ion solution. Dilute 2.00 mL (pipette) to 100 mL in
a graduated flask. Pipette 10.0 mL of the diluted solution into a 250 mL conical
flask, add ca 90 mL of water, 2 mL of the buffer solution, and sufficient of the
solochrome black indicator mixture to impart a pronounced red colour to the
solution. Titrate with standard 0.01M EDTA to a pure blue colour (see
Section 10.59).
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(b) Zinc ion eluate. Pipette 50.0 mL of the soiution into a 250mL conical
flask, neutralise with hydrochloric acid, and dilute to about 100 mL with water.
Add 2 mL of the buffer mixture, then a littie solochrome black indicator powder,
and titrate with standard 0.01 A7 EDTA until the colour changes from red to
pure blue.

(c) Original cadmium ion solution. Dilute 2.00 mL (pipette) to 100 mL in a
graduated flask. Pipette 10.0 mL of the diluted solution into a 250 mL conical
flask, add ca 40 mL of water, followed by solid hexamine and a few milligrams
of xylenoi orange indicator. If the pH is correct (5-6) the solution wiil have a
pronounced red colour (see Section 10.59). Titrate with standard 0.01 M EDTA
until the colour changes from red to clear orange—yellow.

(d) Cadmium ion eluate. Pipette 50.0 mL of the soiution into a conical flask,
and partially neutraiise (to pH 3—-4) with aqueous sodium hydroxide. Add soiid
hexamine (to give a pH of 5-6) and a little xylenol orange indicator. Titrate
with standard 0.01 M EDTA to a colour change from red to clear orange- yellow.

Some typical results are given below.

0.20 mL of original Zn?* solution required 17.50 mL of 0.01038M EDTA
. Weight of Zn?* per mL = 17.50 x 5 x 0.01038 x 65.38 = 59.35 mg
50.0mL of Zn>* eluate = 17.45mL of 0.01038 M EDTA.

. Zn?* recovered =5 x 17.45 x 0.01038 x 65.38 = 59.21 mg

0.200 mL of original Cd?* solution required 19.27 mL of 0.01038M EDTA.
.. Weight of Cd?* per mL =5 x 19.27 x 0.01038 x 112.4=1124mg

50.0 mL of Cd?* eluate = 19.35 mL of 0.01038 M EDTA.

.Cd?* recovered =5 x 19.35 x 0.01038 x 112.4 = 112.8 mg.

7.14 CONCENTRATION OF COPPER(Il) IONS FROM A BRINE SOLUTION USING A
CHELATING ION EXCHANGE RESIN

Theory, Conventional anion and cation exchange resins appear to be of limited
use for concentrating trace metals from saline solutions such as sea water. The
introduction of chelating resins, particularly those based on iminodiacetic acid,
makes it possibie to concentrate trace metals from brine solutions and separate
them from the major components of the solution. Thus the eifements cadmium,
copper, cobalt, nickel and zinc are seiectively retained by the resin Chelex-100
and can be recovered subsequently for determination by atomic absorption
spectrophotometry.*® To enhance the sensitivity of the AAS procedure the eluate
1s evaporated to dryness and the residue dissoived in 90 per cent aqueous
acetone.* The use of the chelating resin oﬂ"ers the advantage over concentration

tha PR RO +h ~b £
b_y’ solvent extraction that, n pr;ﬂCI}uu, tnere 1s no imit to tne volume of Sﬁluylu

which can be used.

Reagents. Standard copper (11 ) solutions. Dissolve 100 mg of spectroscopicaliy
pure copper metal in a slight excess of nitric acid and dilute to 1L in a
graduated flask with de-ionised water. Pipette a 10 mL aliquot into a 100 mL
graduated flask and make up to the mark with acetone (analytical grade); the
resultant solution contains 10 ug of copper per mL. Use this stock solution to

*1n the illustrative experiment described here, copper(11) ions in a brine solution are concentrated
from 0.1 to about 3.3 ppm prior to determination by atomic absorption spectrophotometry.
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prepare a series of standard solutions containing 1.0-5.0 ug of copper per mL,
each solution being 90 per cent with respect to acetone.

Sample solution. Prepare a sample solution containing 100 ug of copper(II)
in 1 L of 0.5M sodium chioride solution in a graduaied flask.

Ion exchange column. Prepare the Chelex-100 resin (100-500 mesh) by
digesting it with excess (about 2-3 bed-volumes) of 2M nitric acid at room
temperature. Repeat this process twice and then transfer sufficient resin to fill
a 1.0cm diameter column to a depth of 8 cm. Wash the resin column with

several bed-volumes of de-ionised water.

Procedure. Allow the whole of the sample solution (1 L) to flow through the
resin column at a rate not exceeding 5 mL min ~'. Wash the column with 250 mL
of de-ionised water and reject the washings. Elute the copper(Il) ions with
30mL of 2M nitric acid, place the eluate in a small conical flask (100 mL,
preferably silica) and evaporate carefuily to dryness on a hotplate (use a low
temperature setting). Dissolve the residue in 1 mL of 0.1 M nitric acid introduced
by pipette and then add 9 mL of acetone. Determine copper in the resulting
solution using an atomic absorption spectrophotometer which has been
calibrated using the standard copper(II) solutions.

Note. All glass and silica apparatus to be used should be allowed to stand overnight
filled with a 1:1 mixture of concentrated nitric and sulphuric acids and then thoroughly
rinsed with de-ionised water. This treatment effectively removes traces of metal ions.

1.15 DETERMINATION OF ANIONS USING 10N CHROMATOGRAPHY

The experiment described illustrates the application of ion chromatography
(Section 7.4) to the separation and determination of the foliowing anions: Br ™,
Ci7, NOj; and NO, . It may be readily extended to inciude other anions, such
as F7, H, PO, and SOZ~. The experiment is based on the Waters ILC Series
Ion/Liquid Chromatograph which does not require the use of a suppressor
column.

Solutions. Weigh out accurately the foliowing amounts of analytical-grade salts:
NaCl (0.1648 g); KBr (0.1489 g); NaNO, (0.1372 g); NaNO, (0.1500 g). Dissolve
each salt in 100 mL of distilled, de-ionised water in a graduated flask to give
standard concentrates containing 1000 ppm of anion. Store these standard
solutions in clean plastic ware (e.g. polyethylene or polypropylene); glass
containers are not suitable for ion chromatography since cations tend to be
leached from them.

Prepare a series of standard solutions of each anion covering the required
concentration range by appropriate dilution of the standard concentrates with
distilled, de-ionised water.

Borate—gluconate eluant. Prepare a buffer concentrate by dissolving the
following substances in water and making up to 1 L with distilled, de-ionised
water:

Sodium gluconate l6g
Boric acid 18 g
Sodium tetraborate ( Na,B,0,,10H,0 ) 25g
Glycerol 125 mL

The concentrate is stable for up to six months.
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Prepare 1 L of the following borate/gluconate eluant* immediately prior to
its use:

Buffer concentrate 20 mL
Acetonitrile 120mL
Water 860 mL

The eluant must be filtered and de-gassed before use, e.g. using a Millipore filter
system.

Column. A Waters IC-PAK A or equivalent anion exchange column, operating
at ambient temaperature. Equilibrate the column with the mobile phase (eluant)
by allowing the latter to flow through the column for 1 hour.

=70
10 pl Injection
10 ppm C1~
20 ppm NOj; , Br—, NOy ‘
Flow rate 1-2 mL min™~! Gain 0-01 3 60
Sensitivity range 500 us <
Chart speed 50 cm h™! |
G
—150
—40
N
Len “
o
z T 30
20
]\ 1o
A ]
10 5 0°
Volume mL

Fig. 7.5

* I necessary, adjust the pH to 8.4-8.5 using boric acid crystals or 0.1 M sodium hydroxide; the
pH of the eluant is critical.
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Procedure. Inject 10 uL of standard anion solution into the column and elute
with the borate/gluconate eluant at a flow rate of 1.2mL min~'. Record the
chromatogram and measure the peak height (or peak area). Repeat this
procedure using the range of standard anion solutions and prepare a calibration
graph of peak height against anion concentration (mgL ') for each of the
anions to be determined. Finally inject 10 uL of the anion mixture (e.g. Cl~,
10 ppm; NO, , Br™, NO; , 20 ppm) and record the chromatogram; the elution
sequence is C17, NO,, Br™ and NO; as shown in the typical chromatogram
(Fig. 7.5). Measure the peak height for each anion and find the anion
concentration by reference to the appropriate calibration graph.

For References and Bibliography see Sections 9.9 and 9.10.
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CHAPTER 8
COLUMN AND THIN-LAYER LIQUID
CHROMATOGRAPHY

8.1 INTRODUCTION

The term ‘liquid chromatography’ covers a variety of separation techniques,
such as liquid—solid, liquid-liquid, ion exchange (see Chapter 7) and size-
exclusion chromatography, all of course involving a liquid mobile phase.
Classical liquid column chromatography is characterised by use of relatively
wide-diameter glass columns, packed with a finely divided stationary phase,
with the mobile phase percolating through the column under gravity. Although
many remarkable separations have been achieved, these are generally slow and
examination of the recovered fractions (e.g. by chemical or spectroscopic
techniques) can be tedious. Since about 1969, however, the development of
modern high-performance liquid chromatography (HPLC) has enabled liquid
chromatography to match the great success achieved by gas chromatography
in providing the following features:

high resolving power;

speed of separation;

continuous monitoring of the column effluent;

accurate quantitative measurement;

repetitive and reproducible analysis using the same column; and
automation of the analytical procedure and data handling.

=AU ol e

High-performance liquid chromatography 1s in some respects more versatile
than gas chromatography since (a) it is not limited to volatile and thermally
stable samples, and (b) the choice of mobile and stationary phases is wider.

The present chapter is largely concerned with HPLC, together with a
summary of developments in quantitative thin-layer chromatography, but a
brief account of the various types of liquid chromatography is given first together
with a guide to the choice of appropriate separation mode.

8.2 TYPES OF LIQUID CHROMATOGRAPHY

There are four main types of liquid chromatography which require discussion.

1. Liquid—solid chromatography (LSC). This process, often termed adsorption
chromatography, is based on interactions between the solute and fixed active
sites on a finely divided solid adsorbent used as the stationary phase. The
adsorbent, which may be packed in a column or spread on a plate, is generally
a high surface area, active solid such as alumina, charcoal or silica gel, the last
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of these being the most widely used. A practical consideration is that highly
active adsorbents may give rise to irreversible solute adsorption; silica gel, which
is slightly acidic, may strongly retain basic compounds, whilst alumina (non-acid
washed) is basic and should not be used for the chromatography of base-sensitive
compounds. Adsorbents of varying particle size, e.g. 2040 um for TLC and
down to 5 um for HPLC, may be purchased commercially.

The role of the solvent in LSC is clearly vital since mobile-phase (solvent)
molecules compete with solute molecules for polar adsorption sites. The stronger
the interaction between the mobile phase and the stationary phase, the weaker
will be solute adsorption, and vice versa. The classification of solvents according
to their strength of adsorption is referred to as an eluotropic series,*® which
may be used as a guide to find the optimum solvent strength for a particular
separation; a trial-and-error approach may, however, be required and this is
done more rapidly by TLC than by using a column technique. Solvent purity
is very important in LSC since water and other polar impurities may significantly
affect column performance whilst the presence of UV-active impurities is

undesirable when using UV-type detectors.

In general, the compounds best separated by LSC are those which are soluble
in organic solvents and are non-ionic. Water soluble non-ionic compounds are
better separated using either reverse-phase or bonded-phase chromatography.

2. Liquid-liquid (partition) chromatography (LLC). This type of chromatography
is similar in principle to solvent extraction (see Chapter 6), being based upon
the distribution of solute molecules between two immiscible liquid phases
according to their relative solubilities. The separating medium consists of a
finely divided inert support (e.g silica gel, kieselguhr, etc.) holding a fixed
(stationary) liquid phase, and separation is achieved by passing a mobile phase
over the stationary phase. The latter may be in the form of a packed column,
a thin layer on glass, or a paper strip.

It is convenient to divide LLC into two categories, based on the relative
polarities of the stationary and mobile phases. The term ‘normal LLC’ is used
when the stationary phase is polar and the mobile phase is non-polar. In this
case the solute elution order is based on the principle that non-polar solutes
prefer the mobile phase and elute first, while polar solutes prefer the stationary
phase and elute later. In reverse-phase chromatography (RPC), however, the
stationary phase is non-polar and the mobile phase is polar; the solute elution
order is commonly the reverse of that observed in normal LLC, i.e. with polar
compounds eluting first and non-polar ones later. This is a popular mode of
operation due to its versatility and scope, the almost universal application of
RPC arising from the fact that nearly all organic molecules have hydrophobic
regions in their structure and are therefore capable of interacting with the
non-polar stationary phase.* Since the mobile phase in RPC is polar, and
commonly contains water, the method is particularly suited to the separation
of polar substances which are either insoluble in organic solvents or bind too
strongly to solid adsorbents (LSC) for successful elution. Table 8.1 shows some
typical stationary and mobile phases which are used in normal and reverse
phase chromatography.

* The reverse-phase technique is used less, however, with the advent of hydrophobic bonded phases
(Section 8.2(3)).
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Table 8.1 Typical stationary and mobile phases for normal and reverse phase chromatography

Stationary phases Mobile phases
Normal
B, B’-Oxydipropionitrile Saturated hydrocarbons, e.g. hexane, heptane; aromatic solvents,

Carbowax {400, 600, 750, etc.) e.g. benzene, xylene; saturated hydrocarbons mixed with up to
Glycols (ethylene, diethylene) - 10 per cent dioxan, methanol, ethanol, chloroform, methylene

Cyanoethylsilicone chloride (dichloromethane)

Reverse-phase

Squalane Water and alcohol-water mixtures; acetonitrile and
Zipax-HCP acetonitrile—water mixtures

Cyanoethylsilicone

Although the stationary and mobile phases in LLC are chosen to have as
little solubility in one another as possible, even slight solubility of the stationary

phase in the mobile phase may result in the slow removal of the former as the
mobile nhnqe flows over the column sunnort. For this reason the mobile nhase
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must be pre-saturated with stationary phase before entering the column. This
is conveniently done by using a pre-column before the chromatographic column;
the pre-column should contain a large-particle packing (e.g. 30—60 mesh silica
gel) coated with a high percentage (30-40 per cent) of the stationary phase to
be used in the chromatographic column. As the mobile phase passes through
the pre-column it becomes saturated with stationary phase before entering the
chromatographic column.

The support materials for the stationary phase can be relatively inactive
supports, e.g. glass beads, or adsorbents similar to those used in LSC. It is
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as this can result in a mixed mechanism (partition and adsorption) rather than
true partition. This complicates the chromatographic process and may give
non-reproducible separations. For this reason, high loadings of liquid phase are
required to cover the active sites when using high surface area porous adsorbents.

It is appropriate here to refer to ion-pair chromatography (IPC) which is
essentially a partition-type process analogous to the ion-association systems
used in solvent extraction (see Section 6.5). In this process the species of interest
assoclates with a counter ion of opposite charge, the latter being selected to
confer solubility in an organic solvent on the resulting ion pair. The technique
can be used for a wide variety of 1onisable compounds but particularly for those
yielding large aprotic ions, e.g. quaternary ammonium compounds, and for
compounds such as amino acids which are difficult to extract in the uncharged
form. The stationary phase consists of an aqueous medium containing a high
concentration of a counter ion and at an appropriate pH, typical support
materials being cellulose, diatomaceous earth and silica gel. The mobile phase
18 generally an organic medium having low to moderate solvating power. The
application of IPC is well illustrated by the separation of sulpha drugs on a
microparticulate silica;*” the stationary phase contains 0.1 M tetrabutylammonium
sulphate and is buffered at pH 9.2, and a butanol-hexane (25:75) mobile phase
is used. A useful advantage of the ion-pair technique is the possibility of selecting
counter ions which have a high response to specific detectors, e.g. counter ions
of hmigh molar absorptivity like bromothymol blue, or highly fluorescent
anions such as anthracene sulphonate.
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3. Bonded-phase chromatography (BPC). To overcome some of the problems
associated with conventional LLC, such as loss of stationary phase from the
support material, the stationary phase may be chemically bonded to the support
material. This form of liquid chromatography, in which both monomeric and
polymeric phases have been bonded to a wide range of support materials, is
termed ‘bonded-phase chromatography’.

Silylation reactions have been widely used to prepare bonded phases. The

silanol groups (~\—Si—OH at the surface of silica gel are reacted with substituted
g pZ g

chlorosilanes. A typical example is the reaction of silica with a dimethylchlorosilane
which produces a monomeric bonded phase, since each molecule of the silylating
agent can react with only one silanol group:

CH, | CH;
— iSi—OH + Cl~?i—R - ?i—O—Si—R + HCl
1 | | i
CH, CH,

The use of di- or tri-chlorosilanes in the presence of moisture can result in a
polymeric layer being formed at the silica surface, i.c. a polymeric bonded phase.
Monomeric bonded phases are, however, preferred since they are easier to
manufacture reproducibly than the polymeric type. The nature of the main
chromatographic interaction can be varied by changing the characteristics of
the functional group R; in analytical HPLC the most important bonded phase
is the non-polar C-18 type in which the modifying group R is an octadecyl
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molecules and will therefore affect the chromatographic properties of the bonded
phase, sometimes producing undesirable effects such as tailing in RPC. Such
effects can be minimised by the process of ‘end-capping’ in which these silanol
groups are rendered inactive by reaction with trimethylchlorosilane:

| e Rt
— Si—OH + Cl—Si — CH; - — S$i—O—Si—CH;,
| CH, | CH,

An important property of these siloxane phases is their stability under the
conditions used in most chromatographic separations; the siloxane bonds are
attacked only in very acidic (pH < 2) or basic {pH > 9) conditions. A large
number of commercial bonded-phase packings are available in particle sizes
suitable for HPLC.*8

4. Gel permeation (exclusion) chromatography (GPC). This form of liquid
chromatography permits the separation of substances largely according to their
molecular size and shape. The stationary phases used in GPC are porous
materials with a closely controlled pore size, the primary mechanism of retention
of solute molecules being the different penetration (or permeation) by each
solute molecule into the interior of the gel particles. Molecules whose size is
too great will be effectively barred from certain openings into the gel network
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and will, therefore, pass through the column chiefly by way of the interstitial
liquid volume. Smaller molecules are better able to penetrate into the interior
of the gel partlcles dependmg of course on their size and upon. the distribution
Ul pUl'C blzes dlelleC to L[lCl’ﬂ, dIl(.l arc moirc uro‘ngly I'CLdlIlCU

The materials originally used as stationary phases for GPC were the xerogels
of the polyacrylamide (Bio-Gel) and cross-linked dextran (Sephadex) type.
However, these semi-rigid gels are unable to withstand the high pressures used
in HPLC, and modern stationary phases consist of microparticles of styrene-—
divinylbenzene copolymers (Ultrastyragel, manufactured by Waters Associates),
silica, or porous glass.

The extensive analytical applications of GPC cover both organic and
inorganic materials.*® Although there have been many applications of GPC to
simple inorganic and organic molecules, the technique has been mainly applied
to studies of complex biochemical or highly polymerised molecules.

Choice of mode of separation. To select the most appropriate column type, the
analyst requires some knowledge of the physical characteristics of the sample
as well as the type of information required from the analysis. The diagram in
Fig. 8.1 gives a general guide to the selection of a chromatographic method for
separation of compounds of molecular weight <2000; for samples of higher
molecular weight (>2000) the method of choice would be size-exclusion or
gel-permeation chromatography. A prediction of the correct chromatographic
system to be used for a given sample cannot be made with certainty, however,
and must usually be confirmed by experiment. For a complex sample, no single
method may be completely adequate for the separation and a combination of
techniques may be required. Computer-aided methods for optimisation of
separation conditions in HPLC have been described.>°

Sample
Water-soluble Organic-solvent-soluble
[ I I I
lonic Non-ionic Polar Non-polar
l I I | | | I l |
IEC IPC LSC BPC RPC BPC RPC RPC LSC

IEC = ion exchange chromatography BPC = bonded-phase chromatography
IPC = ion pair chromatography RPC = reverse-phase chromatography
LSC = liquid—solid chromatography

Fig. 8.1

8.3 EQUIPMENT FOR HPLC

The essential features of a modern liquid chromatograph are illustrated in the

block diagram (Fig. 8.2) and comprise the following components;

1. solvent delivery system which includes a pump, associated pressure and flow
controls and a filter on the inlet side;
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Solvent \ Gradient Sample

: . Pum, .
reservolrs device P mjector

Column

Detector Data Recorder
pl"OCCSSOl"

Fig. 8.2

sample injection system;

the colummn;

the detector:

strip chart recorder;

data handling device and microprocessor control.

oL

A briefaccount of the individual components will be given here, but specialised
texts should be consulted for a detailed description of the instrumentation
available for HPLC.>' The manufacturer’s instructions must be consulted for
details of the mode of operation of particular instruments.

High-pressure pumps. The pump is one of the most important components of
the liquid chromatograph, since its performance directly affects retention time,
reproducibility and detector sensitivity. For analytical applications in which
colummns 25-50 cm in length (4.0- 10 mm i.d.) and packed with particles as small
as 5 or 10 um are typically used, the pump should be capable of delivering the
mobile phase at flow rates of 1-5 mL min ~! and at pressures reaching 5000 psi.
Most of the work in analytical HPLC is, however, done using pressures between
about 400 and 1500 psi. Although the SI unit of pressure is the Pascal (Pa),
instrument manufacturers commonly report pressures in bar or pounds per
square inch ( psi), the relevant conversion factors being, 1 bar = 10° Pa = 14.5 psi.
The supply of mobile phase to the column should be constant, reproducible
and pulse-free.

The types of pumps used for HPLC can be divided into two categories:
conistant-pressure pumps (e.g. the inexpensive gas-displacement pump) and the
constant-volume type (e.g. the reciprocating and syringe pumps). The most
commonly used pumps in HPLC are the single- or multi-head reciprocating
type. The former delivers the flow as a series of pulses which must be damped
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using a pulse dampener; dual- and triple-head reciprocating pumps can be
operated without a pulse dampener since they minimise pulsation, but are more
expensive than single -head pumps.

The choice of a suitabie mobiie phase is vital in HPLC and it is appropriaie
to refer to the factors influencing this choice. Thus, the eluting power of the
mobile phase is determined by its overall polarity, the polarity of the stationary
phase and the nature of the sample components. For ‘normal-phase’ separations
eluting power increases with increasing polarity of the solvent, while for
‘reverse-phase’ separations eluting power decreases with increasing solvent
polarity. Optimum separating conditions can be often achieved by using a
mixture of two solvents, and gradient elution is frequently used where sample
components vary widely in polarity. For gradient elution using a low-pressure
mixing system, the solvents from separate reservoirs are fed to a mixing chamber
and the mixed solvent is then pumped to the column; in modern instruments
delivery of solvent to the pump is controlled by time-proportioning electrovalves,
regulated by a microprocessor.®?
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viscosity (lower viscosity generally gives greater chromatographle efficiency),
detector compatibility, flammability, and toxicity. Many of the common solvents
used in HPLC are flammable and some are toxic and it is therefore advisable
for HPLC instrumentation to be used in a well-ventilated laboratory, if possible
under an extraction duct or hood.

Special grades of solvents are available for HPLC which have been carefully
purified to remove UV-absorbing impurities and any particulate matter. If,
however, other grades of solvent are used, purification may be required since
impurities present would, if strongly UV-absorbing, affect the detector or, if of
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added as a stabiliser, in chloroform), influence the separation. It is also important
to remove dissolved air or suspended air bubbles which can be a major cause
of practical problems in HPLC, particularly affecting the operation of the pump
and detector. These problems may be avoided by de-gassing the mobile phase
before use; this can be accomplished by placing the mobile phase under vacuum,
or by heating and ultrasonic stirring. Compilations of useful solvents for HPLC
are available.®?

Sample injection system. Introduction of the sample is generally achieved in
one of two ways, either by using syringe injection or through a sampling valve.

Septum injectors allow sample introduction by a high-pressure syringe
through a self-sealing elastomer septum. One of the problems associated with
septum injectors is the ieaching effect of the mobile phase in contact with the
septum, which may give rise to ghost peaks. In general, syringe injection for
HPLC is more troublesome than in gas chromatography.

Although the problems associated with septum injectors can be eliminated
by using stop-flow septumless injection, currently the most widely used devices
in commercial chromatographs are the microvolume sampling valves (Fig. 8.3)
which enable sampies to be introduced reproducibiy into pressurised columns
without significant interruption of the mobile phase flow. The sample is loaded
at atmospheric pressure into an external loop in the valve and introduced into
the mobile phase by an appropriate rotation of the valve. The volume of sample
introduced, ranging from 2 ul. to over 100 uL, may be varied by changing
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the volume of the sample loop or by using special variable-volume sample
valves. Automatic sample injectors are also available which allow unattended
(e.g. overnight) operation of the instrument. Valve injection is preferred for
quantitative work because of its higher precision compared to syringe injection.

The column. The columns most commonly used are made from precision-bore
polished stainless steel tubing, typical dimensions being 10-30cm long and
4 or Smm internal diameter. The stationary phase or packing is retained at
cach end by thin stainless steel frits with a mesh of 2 um or less.

The packings used in modern HPLC consist of small, rigid particles having

a narrow particle-size distribution. The types of packing may conveniently be
divided into the following three general categories,

_- I e} WwEIN AL LR

(a) Porous, polymeric beads based on styrene—divinylbenzene copolymers.
These are used for ion exchange (see Chapter 7) and size exclusion
chromatography (Section 8.2), but have been replaced for many analytical
applications by silica-based packings which are more efficient and
mechanically stable.

(b) Porous-layer beads (diameter 30—55 um) consisting of a thin shell (1-3 um)
of silica, or modified silica or other material, on an inert spherical core (e.g.
glass beads). These pellicular-type packings are still used for some ion
exchange applications, but their general use in HPLC has declined with
the development of totally porous microparticulate packings.

(c) Totally porous silica particles (diameter < 10 um, with narrow particle size
range) are now the basis of the most commercially important column
packings for analytical HPLC. Compared with the porous-fayer beads,
totally porous silica particles give considerable improvements in column
efficiency, sample capacity, and speed of analysis.

The development of bonded phases (Section 8.2) for liquid-liquid chromato-
graphy on silica-gel columns is of major importance. For example, the widely
used C-18 type permits the separation of moderately polar mixtures and is used
for the analysis of pharmaceuticals, drugs and pesticides.

The procedure chosen for column packing depends chiefly on the mechanical
strength of the packing and its particle size. Particles of diameter >20 um can
usually be dry-packed, whereas for particles with diameters <20 um slurry
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packing techniques are used in which the particles are suspended in a suitable
solvent and the suspension (or slurry) driven into the column under pressure.
The essential features for successful slurry packing of columns have been
summarised.’* Many analysts will, however, prefer to purchase the commercially
available HPLC columns, for which the appropriate manufacturer’s catalogues
should be consulted.

Finally, the useful life of an analytical column is increased by introducing a
guard column. This is a short column which is placed between the injector and
the HPLC column to protect the latter from damage or loss of efficiency caused
by particulate matter or strongly adsorbed substances in samples or solvents. It
may also be used to saturate the eluting solvent with soluble stationary phase
[see Section 8.2(2)]. Guard columns may be packed with microparticulate
stationary phases or with porous-layer beads; the latter are cheaper and easier
to pack than the microparticulates, but have lower capacities and therefore
require changing more frequently.

Detectors. The function of the detector in HPLC is to monitor the mobile phase
as it emerges from the columun. The detection process in liquid chromatography
has presented more problems than in gas chromatography; there is, for example
no equivalent to the universal flame ionisation detector of gas chromatography
for use in liquid chromatography. Suitable detectors can be broadly divided
into the following two classes:

(a) Bulk property detectors which measure the difference in some physical
property of the solute in the mobile phase compared to the mobile phase
alone, e.g. refractive index and conductivity* detectors. They are generally
universal in application but tend to have poor sensitivity and limited range.
Such detectors are usually affected by even small changes in the mobile-phase
composition which precludes the use of techniques such as gradient elution.

(b) Solute property detectors, €.g. spectrophotometric, fluorescence and electro-
chemical detectors. These respond to a particular physical or chemical
property of the solute, being ideally independent of the mobile phase. In
practice, however, complete independence of the mobile phase is rarely
achieved, but the signal discrimination is usually sufficient to permit
operation with solvent changes, e.g. gradient elution. They generally provide
high sensitivity (about 1 in 10° being attainable with UV and fluorescence
detectors) and a wide linear response range but, as a consequence of their
more selective natures, more than one detector may be required to meet
the demands of an analytical problem. Some commercially available
detectors have a number of different detection modes built into a single
umnit, e.g. the Perkin—Elmer ‘3D’ system which combines UV absorption,

fluorescence and conductimetric detection.

Some of the important characteristics required of a detector are the following.

(a) Sensitivity, which is often expressed as the noise equivalent concentration,
ie. the solute concentration, C,, which produces a signal equal to the
detector noise level. The lower the value of C, for a particular solute, the
more sensitive is the detector for that solute.

*The conductance detector is a universal detector for ionic species and is widely used in ion
chromatography (see Section 7.4},
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(b) A linear response. The linear range of a detector is the concentration range
over which its response is directly proportional to the concentration of
solute. Quantitative analysis is more difficult outside the linear range of
concentration.

(¢) Typeof response, i.c. whether the detector is universal or selective. A universal
detector will sense all the constituents of the sample, whereas a selective
one will only respond to certain components. Although the response of the
detector will not be independent of the operating conditions, €.g column
temperature or flow rate, it is advantageous if the response does not change
too much when there are small changes of these conditions.

A summary of these characteristics for different types of detectors is given
in Table 8.2,

Table 8.2 Typical detector characteristics in HPLC

Type Response C,(gmL~!) Linear range*
Amperometric Selective  1071° 10*-10°
Conductimetric Selective 1077 103-10*
Fluorescence Selective 10712 103-10*
UV/visible absorption  Selective 1072 10*-10°
Refractive index Universal 107° 103-10*

* The range over which the response is essentially linear is expressed
as the factor by which the lowest concentration (C,) must be
multiplied to obtain the highest concentration,

A detailed description of the various detectors available for use in HPLC i1s
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the monograph by Scott.’>®> A brief account of the principal types of detectors
1s given below.

Refractive index detectors. These bulk property detectors are based on the
change of refractive index of the eluant from the column with respect to pure
mobile phase. Although they are widely used, the refractive index detectors
suffer from several disadvantages — lack of high sensitivity, lack of suitability
for gradient elution, and the need for strict temperature control ( £0.001 °C)
to operate at their highest sensitivity. A pulseless pump, or a reciprocating pump
equipped with a pulse dampener, must also be employed. The effect of these
limitations may to some extent be overcome by the use of differential systems
in which the column eluant is compared with a reference flow of pure mobile
phase. The two chief types of RI detector are as follows.

1. The deflection refractometer (Fig. 8.4), which measures the deflection of a
beam of monochromatic light by a double prism in which the reference and
sample cells are separated by a diagonal glass divide. When both cells contain
solvent of the same composition, no deflection of the light beam occurs; if,
however, the composition of the column mobile phase is changed because
of the presenice of a solute, then the altered refractive index causes the beam
to be deflected. The magnitude of this deflection is dependent on the
concentration of the solute in the mobile phase.

2. The Fresnel refractometer which measures the change in the fractions of
reflected and transmitted light at a glass-liquid interface as the refractive
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Fig. 8.4 Refractive index detector.

index of the liquid changes. In this detector both the column mobile phase
and a reference flow of solvent are passed through small cells on the back
surface of a prism. When the two liquids are identical there is no difference
between the two beams reaching the photocell, but when the mobile phase
containing solute passes through the cell there is a change in the amount of
light transmitted to the photocell, and a signal is produced. The smaller cell
volume (about 3 L) in this detector makes it more suitable for high-efficiency
columns but, for sensitive operation, the cell windows must be kept
scrupulously clean.

Ultraviolet detectors. The UV absorption detector is the most widely used in
HPLC, being based on the principle of absorption of UV visible light as the
effluent from the column is passed through a small flow cell held in the radiation
beam. It is characterised by high sensitivity (detection limit of about
1 x107°gmL ! for highly absorbing compounds) and, since it is a solute
property detector, it is relatively insensitive to changes of temperature and flow
rate. The detector is generally suitable for gradient elution work since many of
the solvents used in HPLC do not absorb to any significant extent at the
wavelengths used for monitoring the column efluent. The presence of air bubbles
in the mobile phase can greatly impair the detector signal, causing spikes on
the chromatogram; this effect can be minimised by degassing the mobile phase
prior to use, e.g. by ultrasonic vibration. Both single and double beam
(Fig. 8.5) instruments are commercially available. Although the original
detectors were single- or dual-wavelength instruments (254 and/or 280 nm),
some manufacturers now supply variable-wavelength detectors covering the
range 210800 nm so that more selective detection is possible.

No account of UV detectors would be complete without mention of the diode
array (multichannel) detector, in which polychromatic light is passed through
the flow cell. The emerging radiation is diffracted by a grating and then falls
on to an array of photodiodes, each photodiode receiving a different narrow-
wavelength band. A microprocessor scans the array of diodes many times a
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second and the spectrum so obtained may be displayed on the screen of a VDU
or stored in the instrument for subsequent print-out. An important feature of
the muitichannel detector is that it can be programmed to give changes in
detection wavelength at specified points in the chromatogram; this facility can
be used to ‘clean up’ a chromatogram, e.g. by discriminating against interfering
peaks due to compounds in the sample which are not of interest to the analyst.

Fluorescence detectors. These devices enable fluorescent compounds (solutes)
present 1n the mobile phase to be detected by passing the column effluent through
a cell irradiated with ultraviolet light and measuring any resultant fluorescent
radiation. Although only a small proportion of inorganic and organic compounds
are naturally fluorescent, many biologically active compounds (e.g. drugs)

and environmental contaminants (e.g. polycyclic aromatic hydrocarbons) are
fluorescent and this, together with the high sensitivity of these detectors, explains
their widespread use. Because both the excitation wavelength and the detected
wavelength can be varied, the detector can be made selective. The application
of fluorescence detectors has been extended by means of pre- and post-column
derivatisation of non-fluorescent or weakly fluorescing compounds (see
Section 8.4).

Electrochemical detectors. The term ‘electrochemical detector’ in HPLC
normally refers to amperometric or coulometric detectors, which measure the
current assoclated with the oxidation or reduction of solutes. In practice it is
difficult to use electrochemical reduction as a means of detection in HPLC
because of the serious interference (large background current) caused by
reduction of oxygen in the mobile phase. Complete removal of oxygen is difficult
so that electrochemical detection is usually based on oxidation of the solute.
Examples of compounds which can be conveniently detected in this way are
phenols, aromatic amines, heterocyclic nitrogen compounds, ketones, and
aldehydes. Since not all compounds undergo electrochemical oxidation, such
detectors are selective and selectivity may be further increased by adjusting the
potential applied to the detector to discriminate between different electroactive
species. It may be noted here that an anode becomes a stronger oxidising agent
as its electrode potential becomes more positive. Of course, electrochemical
detection requires the use of conducting mobile phases, e.g. containing inorganic
salts or mixtures of water with water-miscible organic solvents, but such
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conditions are often difficult to apply to techniques other than reverse phase

and ion exchange chromatography.

The amperometric detector is currently the most widely used electrochemical
detector, having the advantages of high sensitivity and very small internal cell
volume. Three electrodes are used:

1. the working electrode, commonly made of glassy carbon, is the electrode at
which the electroactive solute species is monitored;

2. thereference electrode, usually a silver—silver chloride electrode, gives a stable,
reproducible voltage to which the potential of the working electrode 1s
referred; and

3. the auxiliary electrode is the current-carrying electrode and usually made of
stainless steel.

Despite their higher sensitivity and relative cheapness compared with ultraviolet
detectors, amperometric detectors have a more limited range of applications,
being often used for trace analyses where the ultraviolet detector does not have

sufficient sensitivity.
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8.4 DERIVATISATION

In liquid chromatography, in contrast to gas chromatography [ see Section 9.2(2)],
derivatives are almost invariably prepared to enhance the response of a particular
detector to the substance of analytical interest. For example, with compounds
lacking an ultraviolet chromophore in the 254 nm region but having a reactive
functional group, derivatisation provides a means of introducing into the
molecule a chromophore suitable for its detection Derivative preparation can
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afterwards (post-column derivatisation). The most commonly used techniques
are pre-column off-line and post-column on-line derivatisation.

Pre-column off-line derivatisation requires no modification to the instrument
and, compated with the post-column techniques, imposes fewer limitations on
the reaction conditions. Disadvantages are that the presence of excess reagent
and by-products may interfere with the separation, whilst the group introduced
into the molecules may change the chromatographic properties of the sample.

Post-column on-line derivatisation is carried out in a special reactor situated
between the column and detector. A feature of this techmique 1s that the
derivatisation reaction need not go to completion provided it can be made
reproducible. The reaction, however, needs to be fairly rapid at moderate
temperatures and there should be no detector response to any excess reagent
present. Clearly an advantage of post-column derivatisation is that ideally the
separation and detection processes can be optimised separately. A problem
which may arise, however, is that the most suitable eluant for the chromatographic
separation rarely provides an ideal reaction medium for derivatisation; this is
particularly true for electrochemical detectors which operate correctly only
within a limited range of pH, ionic strength and aqueous solvent composition.

Reagents which form a derivative that strongly absorbs UV /visible radiation
are called chromatags; an example is the reagent ninhydrin, commonly used
to obtain derivatives of amino acids which show absorption at about 570 nm.
Derivatisation for fluorescence detectors is based on the reaction of non-
fluorescent reagent molecules (fluorotags) with solutes to form fluorescent
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derivatives; the reagent dansyl chloride (I) is used to obtain fluorescent
derivatives of proteins, amines and phenolic compounds, the excitation and
emission wavelengths being 335-365 nm and 520 nm, respectively.

()

The reader is recommended to consult the relevant textbooks®® (see also
Bibliography, Section 9.10) for a more comprehensive account of chemical
derivatisation in liquid chromatography.

8.5 QUANTITATIVE ANALYSIS

Quantitative analysis by HPLC clearly requires that a relationship is established
between the magnitude of the detector signal and the concentration of a
particular solute in the sample, the former being measured by either the
corresponding peak area or the peak height. Peak area measurements are
preferred when the column flow can be controlled precisely, since peak area is
relatively independent of mobile-phase composition. Manual methods may be
used for calculating peak areas (see Section 9.4) but computing integrators are
preferred for data handling in chromatography and are now often a part of the
lllbu u[ucutcu deKdgC u UIC pCd.K arcas arc IIlEdbUIeU WiUl ai lﬂlegIdLUI [nc
latter prints out the retention time for each peak together with a number which
is proportional to the peak area. The percentage of each compound in the
mixture may then be calculated on the basis of area normalisation, i.e. by
expressing each peak area as a percentage of the total area of all the peaks in
the chromatogram. Since, however, the detector response is likely to differ for
the various components of the mixture, it is essential to correct each peak area
before using area normalisation; this is done by finding the relative response
factors for the detector (see Section 8.8).

8.6 THIN-LAYER CHROMATOGRAPHY
The important difference between thin- layer chromatography (TLC) and
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than of the physical phenomena (adsorptlon partltlon etc.) on which separation
1s based. Thus, in TLC the stationary phase consists of a thin layer of sorbent
(e.g. silica gel or cellulose powder) coated on an inert, rigid, backing material
such as a glass plate or plastic foil so that the separation process occurs on a
flat essentially two-dimensional surface. The analogous technique of paper
chromatography has largely been superseded by TLC in analytical laboratories,
especially with the advent of thin-layer plates coated with cellulose. Although
TLC is widely used for qualitative analysis, it does not in general provide
quantitative information of high precision and accuracy. Recent changes in the
practice of TLC have, however, resulted in improved performance both in terms
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of separations and in quantitative measurements; these developments are
referred to as high-performance thin-layer chromatography (HPTLC). A brief
account of the technique of thin-layer chromatography follows together with a

summary of the main features of HPTLC (Section 8.7).

Technique of thin-layer chromatography. Preparation of the plate. In thin-layer
chromatography a variety of coating materials is available, but silica gel 1s most
frequently used. A slurry of the adsorbent (silica gel, cellulose powder, etc.) is
spread uniformly over the plate by means of one of the commercial forms of
spreader, the recommended thickness of adsorbent layer being 150-250 ym.
After air-drying overnight, or oven-drying at 80-90 °C for about 30 minutes, -
it is ready for use.

Ready to use thin-layers (ie. pre-coated plates or plastic sheets) are
commercially available; the chief advantage of plastic sheets is that they can be
cut to any size or shape required, but they have the disadvantage that they
bend in the chromatographic tank unless supported.

Two points of practical importance may be noted here:

1. care should be exercised in handling the plate to avoid placing fingers on
the active adsorbent surface and so introducing extraneous substances;

2. pre-washing of the plate is advisable in order to remove extraneous material
contained in the layer, and this may be done by running the development
solvent to the top of the plate.

Sample application. The origin line, to which the sample solution is applied, is
usually located 2-2.5cm from the bottom of the plate. The accuracy and
precision with which the sample ‘spots’ are applied is, of course, very important
when quantitative analysis is required. Volumes of 1, 2 or 5 4L are applied using
an appropriate measuring instrument, e.g. an Agla syringe or a Drummond
micropipette (the latter is a calibrated capillary tube fitted with a small rubber
teat). Care must be taken to avoid disturbing the surface of the adsorbent as
this causes distorted shapes of the spots on the subsequently developed
chromatogram and so hinders quantitative measurement. It may also be noted
that losses may occur if the usual method of drying applied spots in a gentle
current of air is used. The use of low boiling point solvents clearly aids drying
and also helps to ensure compact spots ( +2-3 mm diameter).

Development of plates. The chromatogram is usually developed by the ascending
technique in which the plate is immersed in the developing solvent (redistilled
or chromatographic grade solvent should be used) to a depth of 0.5cm. The
tank or chamber used is preferably lined with sheets of filter paper which dip
into the solvent in the base of the chamber; this ensures that the chamber is
saturated with solvent vapour (Fig. 8.6). Development is allowed to proceed
until the solvent front has travelled the required distance (usually 10-15 cm),
the plate is then removed from the chamber and the solvent front immediately
marked with a pointed object.

The plate is allowed to dry in a fume cupboard or in an oven; the drying
conditions should take into account the heat- and light-sensitivity of the
separated compounds.

The positions of the separated solutes can be located by various methods.
Coloured substances can be seen directly when viewed against the stationary
phase whilst colourless species may usually be detected by spraying the plate
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Fig. 8.6 Reproduced from D. Abbott and R. S. Andrews, An Introduction to Chromatography,
Longman, London, 1965.

with an appropriate* reagent which produces coloured areas in the regions which
they occupy. Some compounds fluoresce in ultraviolet light and may be located
in this way. Alternatlvely if fluorescing material is mcorporated in the adsorbent
the solute can be observed as a dark spot on a fluorescent background when
viewed under ultraviolet light. (When locating zones by this method the eyes
should be protected by wearing special protective goggles or spectacles.) The
spots located by this method can be delineated by marking with a needie.

Quantitative evaluation. Methods for the quantitative measurement of separated
solutes on a thin-layer chromatogram can be divided into two categories. In
the more generally used in-situ methods, quantitation is based on measurement
of the photodensity of the spots directly on the thin-layer plate, preferably using
a densitometer. The latter instrument scans the individual spots by either
reflectance or absorption of a light beam, the scan usually being along the line
of development of the plate. The difference in intensity of the reflected (or
transmitted) light between the adsorbent and the solute spots is observed as a
series of peaks plotted by a chart recorder. The areas of the peaks correspond
to the quanttities of the substances in the various spots. This type of procedure
requires comparison with spots obtained using known amounts of standard
mixtures which must be chromatographed on the same plate as the sample. The
design and specifications of commercially available densitometers have been
reviewed.>”

The alternative, and cheaper, procedure is to remove the separated components
by scraping off the relevant portion of the adsorbent after visualisation by a
non-destructive technique. The component is conveniently extracted by placing
the adsorbent in a centrifuge tube and adding a suitable solvent to dissolve the
solute. When the solute has dissolved the tube is spun in a centrifuge, the
supernatant liquid removed and analysed by an appropriate quantitative
technique, e.g. ultraviolet, visible or fluorescence spectrometry or gas—liquid
chromatography. Alternatively the solute may be extracted by transferring the
adsorbent on to a short column of silica gel supported by a sinter filter and
eluting with the solvent. Again the extract is analysed by a suitable quantitative
technique. In each case, of course, it is necessary to obtain a calibration curve

*Spraying of locating reagents should always be performed in a fume cupboard.
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for known quantities of the solute in the chosen solvent. Quantitative thin-layer
elution techniques have been reviewed by Court.>®
It should be noted that to obtain the best results in any of these quantitative
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spots with R, values <0.3 tend to be too concentrated whereas those with R;
values >0.7 are too diffuse.

8.7 HIGH PERFORMANCE THIN-LAYER CHROMATOGRAPHY (HPTLC)

Recent developments in the practice of thin-layer chromatography have resulted
in a breakthrough in performance which has led to the expression ‘high
performance thin-layer chromatography’. These developments have not been
the result of any specific advance in instrumentation (as with HPLC), but rather
the culmination of improvements in the various operations involved in TLC.
The three chief features of HPTLC are summarised below, but for a
comprehensive account of the subject the reader is recommended to consult a
more specialised text.>®

Quality of the adsorbent layer. Layers for HPTLC are prepared using specially
purified silica gel with average particle diameter of 5-15 yum and a narrow
particle size distribution. The silica gel may be modified if necessary, e.g.
chemically bonded layers are available commercially as reverse-phase plates.
Layers prepared using these improved adsorbents give up to about 5000
theoretical plates and so provide a much improved performance over
conventional TLC; this enables more difficult separations to be effected using
HPTLC, and also enables separations to be achieved in much shorter times.

Methods of sample application. Due to the lower sample capactty of the HPTLC
layer, the amount of sample applied to the layer is reduced. Typical sample
volumes are 100200 nL which give starting spots of only 1.0-1.5 mm diameter;
after developing the plate for a distance of 3-6 cm, compact separated spots
are obtained giving detection limits about ten times better than in conventional
TLC. A further advantage is that the compact starting spots allow an increase
in the number of samples which may be applied to the HPTLC plate.

The introduction of the sample into the adsorbent layer is a critical process
in HPTLC. For most quantitative work a platinum—iridium capillary of fixed
volume (100 or 200 nL), sealed into a glass support capillary of larger bore,
provides a convenient spotting device. The capillary tip is polished to provide
a smooth, planar surface of small area (ca 0.05 mm?), which when used with a
mechanical applicator minimises damage to the surface of the plate; spotting
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The availability of scanning densitometers. Commercial instruments for in-situ
quantitative analysis based on direct photometric measurement have played an
important role in modern thin-layer chromatography. Although double beam
instruments are available, single beam single wavelength operation is mainly
used 1n HPTLC since the quality and surface homogeneity of the plates are
generally very good.

High performance thin-layer chromatography has found its greatest application
in the areas of clinical (e.g. analysis of drugs in blood) and environmental
analysis.
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8.8 DETERMINATION OF ASPIRIN, PHENACETIN AND CAFFEINE IN A MIXTURE

High performance liquid chromatography is used for the separation and
quantitative analysis of a wide variety of mixtures, especially those in which the
components are insufficiently volatile and/or thermally stable to be separated
by gas chromatography. This is illustrated by the following method which may
be used for the quantitative determination of aspirin and caffeine in the common
analgesic tablets, using phenacetin as internal standard; where APC tablets are
available the phenacetin can also be determined by this procedure.

Sample mixture. A suitable sample mixture is obtained by weighing out
accurately'about 0.601 g of aspirin, 0.076 g of phenacetin and 0.092 g of caffeine.
Dissolve the mixture in 10 mL absolute ethanol, add 10 mL of 0.5 M ammonium
formate solution and dilute to 100 mL with de-ionised water.

Solvent (mobile phase). Ammonium formate (0.05M) in 10 per cent (v/v)
ethanol-water at pH 4.8. Use a flow rate of 2 mL min~" with inlet pressure of
about 117 bar (1 bar = 10° Pa).

Column. 15.0cm x 4.6 mm, packed with a 5um silica SCX (strong cation
exchanger) bonded phase.

Detector. UV absorbance at 244 nm (or 275 nm).

Procedure. Inject 1 uL of the sample solution and obtain a chromatogram.
Under the above conditions the compounds are separated in about 3 minutes, the
elution sequence being (1) aspirin; (2) phenacetin; (3) caffeine. Measure peak
areas with an integrator and normalise the peak area for each compound (1.e.
express each peak area as a percentage of the total peak area). Compare these
lUDU}lB Wl Lh LhD kllUWll L«Ullll)UDlLlUll Uf LhU llllALUlU, dlDblUle.lJ.blUD Cl.l IDU buuauau
of different detector response to the same amount of each substance.

Determine the response factors (r) for the detector relative to phenacetin
(=1} as internal standard by carrying out three runs, using 1 zL injection, and
obtaining the average value of r.

Peak area of compound/Mass of compound

Relative response factor, r =
Peak area of standard/Mass of standard

Correct the peak areas initially obtained by dividing by the appropriate response
factor and normalise the corrected values. Compare this result with the known
composition of the mixture.

8.9 THIN-LAYER CHROMATOGRAPHY — THE RECOVERY OF SEPARATED SUBSTANCES

8Y ELUTION TECHNIQUES

The purpose of the experiment is to illustrate the elution technique for the
recovery of pure substances after their separation by thin-layer chromatography.
The experiment can be readily extended to include the quantitative determination
of the recovered substances.

Apparatus. Prepared silica gel plates.
Chromatographic tank (see Fig. 8.6).
Drummond (or similar) micropipette.
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8 COLUMN AND THIN-LAYER LIQUID CHROMATOGRAPHY

Chemicals. Indicator solutions ( ~0.1 per cent, aq. ). Bromophenol blue; Congo
red; phenol red.

Mixture (M) of above three indicator solutions.

Developing solvent, n-Butanol—ethanol-0.2M ammonia (60:20:20 by volume).
Chromatographic grade solvents should be used.

Procedure. Pour the developing solvent into the chromatographic tank to a
depth of about 0.5 cm and replace the lid. Take a prepared plate and carefully
‘spot’ 5 L. of each indicator on the origin line (see Section 8.6, under Sample
application) using a micropipette. Allow to dry, slide the plate into the tank
and develop the chromatogram by the ascending soivent for about 1 h, Remove
the plate, mark the solvent front and dry the plate in an oven at 60 °C for about
15 min. Evaluate the R; value for each of the indicators using the equation

Distance compound has moved from origin
£ =

Distance of solvent front from origin

Take a second prepared plate and “spot’ three separate 5 ¢L of mixture M
on to the origin line using a micropipette. Place the dry plate into the tank,
replace the lid and allow the chromatogram to run for about 1 h. Remove the
plate, mark the solvent front and dry the plate at 60 °C for about 15 min. Identify
the separated components on the basis of their R; values.

Carefully scrape the separated bromophenol blue ‘spots’ on to a sheet of
clean smooth-surfaced paper using a narrow spatula (this is easier if two grooves
are made down to the glass on either side of the spots). Pour the blue powder
into a small centrifuge tube, add 2 mL of ethanol, 5 drops of 0.880 ammonia
solution, and stir briskly until the dye is completely extracted. Centrifuge and
remove the supernatant blue solution from the residual white powder. Repeat
this procedure with the separated Congo red and phenol red ‘spots’.

An alternative elution technique is to transfer the powder (e.g. for bromophenol
blue) to a glass column fitted with a glass-wool plug or glass sinter, and elute
the dye with ethanol containing a little ammonia. The eluted solution, made up
to a fixed volume in a small graduated flask, may be used for colorimetric/
spectrophotometric analysis of the recovered dye (see Chapter 17). A calibration
curve must, of course, be constructed for each of the individual compounds.

For References and Bibliography see Sections 9.9 and 9.10.

234



CHAPTER 9
GAS CHROMATOGRAPHY

9.1 INTRODUCTION

Gas chromatography is a process by which a mixture s separated into its
constituents by a moving gas phase passing over a stationary sorbent. The
technique is thus similar to liquid—liquid chromatography except that the mobile
liquid phase is replaced by a moving gas phase. Gas chromatography is divided
mnto two major categories: gas—liquid chromatography (GLC), where separation
occurs by partitioning a sample between a mobile gas phase and a thin layer
of non-volatile liquid coated on an inert support, and gas—solid chromatography
(GSC), which employs a solid of large surface area as the stationary phase. The
present chapter deals with gas—liquid chromatography and some of its
applications in the field of quantitative chemical analysis. However, before
considering these applications it is appropriate to describe briefly the apparatus
used m, and some of the basic principles of, gas chromatography. A comprehensive
account of the various aspects of modern gas chromatography is, of course,
beyond the scope of the present text and, for more detailed accounts of these
topics the texts listed in the Bibliography at the end of this chapter should be
consulted.

9.2 APPARATUS

A gas chromatograph (see block diagram Fig. 9.1a) consists essentially of
the following parts.

Peaks correspond to

- - individual components detected
l Flowmeter ,.,L—.- Sample — — Sample injected
Chart 1
Gas Heated recorder
cylinder GLC
column l
1
0 Time —
Detector
(a) (bj

Fig. 9.1 (a) Block diagram of a gas chromatograph. (5) Typical chart record. Reproduced
by permission from R. C. Denney, The Truth about Breath Tests, Nelson, London, 1970.
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9  GAS CHROMATODGRAPHY

1. A supply of carrier gas from a high-pressure cylinder. The carrier gas used
is either helium, nitrogen, hydrogen or argon, the choice of gas depending on
factors such as availability, purity required, consumption and the type of detector

Al mad Thie hali Y -
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employed because of its high thermal conductivity relative to that of the vapours
of most organic compounds. Associated with this high pressure supply of carrier
gas are the attendant pressure regulators and flow meters to control and monitor
the carrier gas flow; the operating efficiency of the apparatus is very dependent
on the maintenance of a constant flow of carrier gas.

It is appropriate to emphasise here two important safety considerations:

(a) free-standing gas cylinders must always be supported by means of clamps
or chains;

(b) waste gases, especially hydrogen, must be vented through an extraction
hood.

2. Sample injection system and derivatisation. Numerous devices have been
developed for introducing the sample, but the major applications involve liquid
samples that are 1ntroduced using a microsyringe with hypodermic needle. The
latter is inserted through a self-sealing silicone rubber septum and the sample
injected smoothly into a heated metal block at the head of the column.
Manipulation of the syringe may be regarded as an art developed with practice
and the aim must be to introduce the sample in a reproducible manner. The
temperature of the sample port should be such that the liquid is rapidly vaporised
but without either decomposing or fractionating the sample; a useful rule of
thumb is to set the sample port temperature approximately to the boiling point
of the least volatile component. For greatest efficiency, the smallest possible
sample size (1-10 uL) consistent with detector sensitivity should be used.

It should be noted here that the difficulty of accurately injecting small
quantities of liquids imposes a significant limitation on quantitative gas
chromatography. For this reason, it is essential in quantitative GLC to use a
procedure, such as the use of an internal standard, which allows for any variation
in size of the sample and the effectiveness with which it is applied to the column
(see Sections 9.4(5) and 9.7).

Many samples are, however, unsuitable for direct injection into a gas
chromatograph because, for example, of their high polarity, low volatility or
thermal instability. In this respect the versatility and application of gas
chromatography has been greatly extended by the formation of volatile
derivatives, especially by the use of silylation reagents. The term ‘silylation’ is
normally taken to mean the introduction of the trimethylsilyl —Si(CH3),, or
similar group in place of active hydrogen atoms in the substance under
investigation. A considerable number of such reagents is now available,®®
including some special silylating agents which give improved detector response,
usually by incorporating a functional group suitable for a selective detector
system. Reagents containing chlorine and bromine atoms, for example, in the
silyl group are used particularly for preparing derivatives injected on to gas
chromatographs fitted with electron-capture detectors. Derivatisation can also
give enhanced resolution from other components in a mixture and improved
peak shape for quantitative analysis.

Although inorganic compounds are generally not so volatile as are organic
compounds, gas chromatography has been applied in the study of certain
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inorganic compounds which possess the requisite properties. If gas chromatography
1s to be used for metal separation and quantitative analysis, the types of
compounds which can be used are limited to those that can be readily formed
in virtually quantitative and easily reproducibie yield. This feature, together
with the requirements of sufficient volatility and thermal stability necessary for
successful gas chromatography, make neutral metal chelates the most favourable
compounds for use in metal analysis. §-Diketone ligands, e.g. acetylacetone and
the fluorinated derivatives, trifluoroacetylacetone (TFA) and hexafluoroacetyl-
acetone (HFA) form stable, volatile chelates with aluminium, beryllium,
chromium(III) and a number of other metal ions; it is thus possible to
chromatograph a wide range of metals as their f-diketone chelates.

O O~

] l
CF;—C—CH=C—CH, TFA anion

O O~

I |
CF;—C—CH=C—CF, HFA anion

The number of reported applications to analytical determinations at the trace
level appear to be few, probably the best known being the determination of
beryllium in various samples. The method generally involves the formation of
the volatile beryllium trifluoroacetylacetonate chelate, its solvent extraction into
benzene with subsequent separation and analysis by gas chromatography..®!

Various types of derivatisation have now been developed for both gas and
liquid chromatography. For more detailed information regarding the choice of
a suitable derivative for a particular analytical problem, the appropriate works
of reference should be consulted.52-%3

For compounds of high molecular mass, however, the formation of derivatives
does not help to solve the problem of involatility. This difficulty may be overcome
by breaking the large molecules up into smaller and more volatile fragments
which may then be analysed by gas—liquid chromatography, i.e. by using the
technique known as pyrolysis gas chromatography (PGC).

Pyrolysis GC is a technique in which a non-volatile sample is pyrolysed
under rigidly controlled conditions, usually in the absence of oxygen, and the
decomposition products separated in the gas chromatographic column. The
resulting chromatogram (pyrogram)is used for both qualitative and quantitative
analysis of the sample. If the latter is very complex, complete identification of
the pyrolysis fragments may not be possible, but in such cases the pyrogram
may be used to ‘fingerprint’ the sample. PGC has been applied to a wide variety
of samples, but its major use has been in polymer analysis for the investigation
of both synthetic and naturally occurring polymers. The various PGC systems
can generally be classified into two distinct types:

(a) Static-mode (furnace) reactors which typically consist of a quartz reactor
tube and a Pregl type of combustion furnace. Solid samples are placed in
the reactor tube and the system is closed. The furnace is then placed over
the combustion tube and the sample heated to the pyrolysis temperature.
In this type of pyrolysis system, the time required to reach the necessary
temperature 18 much longer (up to 30 seconds) than in dynamic pyrolysis,
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9  GAS CHROMATOGRAPHY

resulting in a greater number of secondary reactions. An important
advantage of the static-mode system, however, is the usually larger sample
capacity.

Dynamic { filament ) reactors in which the sample is plac
filament or wire igniter (platinum and nichrome wires have been used)
which is then sealed in a reactor chamber; in PGC the iatter is typically
the injection port of the gas chromatograph. As the carrier gas passes over
the sample, a d.c. charge is applied, and the sample is heated rapidly to the
pyrolysis temperature. As the sample decomposes, the pyrolysis products
are carried away into a cooler area (reducing the possibility of secondary

reactions) before entering the gas chromatographic column.
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3. The column. The actual separation of sample components is effected in the
column where the nature of the solid support, type and amount of liquid phase,
method of packing, length and temperature are important factors in obtaining
the desired resolution.

The column is enclosed in a thermostatically controlled oven so that its
temperature is held constant to within 0.5°C, thus ensuring reproducibie
conditions. The operating temperature may range from ambient to over 400 °C
and for isothermal operation is kept constant during the separation process.

Although many types of column have been developed for gas chromatography,
they may be divided into two major groups:

(a) Packed columns. Conventional analytical columns are usually prepared with
2—-6 mm internal diameter glass tubing or 3-10 mm outer diameter metal tubing,
which is normally coiled for compactness. Glass columns must be used if any
of the sample components are decomposed by contact with metal.

The material chosen as the inert support should be of uniform granular size
and have good handling characteristics (i.e. be strong enough not to break down
in handling) and be capable of being packed into a uniform bed in a column.
The surface area of the material should be large so as to promote distribution
of the liquid phase as a film and ensure the rapid attainment of equilibrium
between the stationary and mobile phases. The most commonly used supports
(e.g. Celite) are made from diatomaceous materials which can hold liquid phases
in amounts exceeding 20 per cent without becoming too sticky to flow freely
and can be easily packed.

Commercial preparations of these supports are available in narrow mesh-
range fractions; to obtain particles of uniform size the material should be sieved
to the desired particle size range and repeatedly water floated to remove fine
particles which contribute to excessive pressure drop in the final column. To a
good approximation the height equivalent of a theoretical plate is proportional
to the average particle diameter so that theoretically the smallest possible
particles should be preferred in terms of column efficiency. Decreasing particle
size will, however, rapidly increase the gas pressure necessary to achieve
flow through the column and in practice the best choice is 80/100 mesh for a
3mm i.d. column. It may be noted here that for effective packing of any column
the internal diameter of the tubing should be at least eight times the diameter
of the solid support particles.

Various types of porous polymers have also been developed as column
packing material for gas chromatography, e.g. the Porapak series (Waters
Associates) and the Chromosorb series (Johns Manville) which are styrene
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copolymers although modified with different, mainly polar, monomers. An
entirely different type of porous polymer is Tenax GC which is based on
2,6- d;phenylphenylene oxide; a spemal feature of this column packmg is its hlgh
maxlmui‘n Operaung lei‘l‘lperalUIC of 400 L, Tenax UL I]db been USCU for
concentrating and determining trace volatile organic constituents in gases and
biological fluids,®*

The selection of the most suitable liquid phase for a particular separation is

crucial. Liquid phases can be broadly classified as follows:

1. Non-polar hydrocarbon-type liquid phases, e.g. paraffin oil (Nujol), squalane,
Apiezon L grease and silicone-gum rubber; the latter is used for high-
temperature work (upper limit ~ 400 °C).

2. Compounds of intermediate polarity which possess a polar or polarisable
group attached to a large non-polar skeleton, e.g. esters of high-molecular-
weight alcohols such as dinonyl phthalate.

3. Polar compounds containing a relatively large proportion of polar groups,
e.g. the carbowaxes (polyglycols).

4. Hydrogen-bonding class, i.e. polar liquid phases such as glycol, glycerol,
hydroxyacids, etc., which possess an appreciable number of hydrogen atoms
available for hydrogen bonding.

The column packing is prepared by adding the correct amount of liquid
phase dissolved in a suitable solvent (e.g. acetone or dichloromethane) to a
weighed quantity of the solid support in a suitable dish. The volatile solvent is
removed either by spontaneous evaporation or by careful heating, the mixture
being gently agitated to ensure a uniform distribution of the liquid phase in the
support. Final traces of the solvent may be removed under vacuum and the
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The relative amount of stationary liquid phase in the column packing is usually
expressed on the basis of the percentage by weight of liquid phase present,
e.g. 15 per cent loading indicates that 100 g column packing contains 15 g of
liquid phase on 85 g of inert support. The solid should remain free flowing after
being coated with the liquid phase.

Micropacked columns, sometimes referred to as packed capillary columns,
have been used in gas chromatography, e.g. for the determination of trace
components in complex mixtures. These columns are characterised by small
internal diameters (i.d. <1.0mm) and packing densities comparable with
conventional packed columns. In general, the column packing technique requires
higher pressures and constant vibration (e.g. ultrasonic) to achieve the necessary
packing density. Micropacked columns give high efﬁciency but practical
problems, especially sample injection at high back-pressures, have limited their

specally nple njectio Dack S ve lImited
use.

(b) Open tubular columns. These capillary columns (1.d. <1 mm) are increasingly
used in GLC because of their superior resolving power for complex mixtures.
This results from the high theoretical plate numbers which can be attained with
long columns of this type for a relatively small pressure drop. In these capillary
columns the stationary phase is coated on the inner wall of the tube, two basic
types of capillary column being available:

1. wall-coated open tubular (WCOT), in which the stationary phase is coated
directly on to the inner wall of the tubing;
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2. support-coated open tubular (SCOT), which have a finely-divided layer of
solid support material deposited on the inner wall on to which the stationary
phase is then coated These SCOT columns are not as efficient as WCOT
columns but have a higher sample capacity, which enables them to be used
without a stream splitter.

Capillary columns are fabricated from thin-walled stainless steel, glass, or
high-purity fused silica tubing (the last is preferred for its inertness). Typical
dimensions of the columns, which are coiled, are 25-200m long and 0.2-0.5 mmi.d.

Excellent open tubular columns may now be purchased, providing a number
of stationary phases of differing polarity on WCOT and SCOT columns, and
whose efficiency, greatly improved sample detectability, and thermal stability
surpass those exhibited by packed columns; their chief disadvantage 1s that they
have a lower sample capacity than packed columns.®%®

4. The detector. The function of the detector, which is situated at the exit of
the separation column, is to sense and measure the small amounts of the
separated components present in the carrier gas stream leaving the column. The
output from the detector is fed to a recorder which produces a pen-trace called
a chromatogram (Fig. 9.1b). The choice of detector will depend on factors such
as the concentration level to be measured and the nature of the separated
components. The detectors most widely used in gas chromatography are the
thermal conductivity, flame-ionisation and electron-capture detectors, and a
brief description of these will be given. For more detailed descriptions of these
and other detectors more specialised texts should be consulted.57%°

Some of the important properties of a detector in gas chromatography are
briefly discussed below.

(a) Sensitivity. This is usually defined as the detector response (mV) per unit
concentration of analyte (mgmL ~1). It is closely related to the limit of
detection (MDL) since high sensitivity often gives a low limit of detection.
Since, however, the latter is generally defined as the amount (or concentration)
of analyte which produces a signal equal to twice the baseline noise, the
limit of detection will be raised if the detector produces excessive noise. The
sensitivity also determines the slope of the calibration graph (slope increases
with increasing sensitivity) and therefore influences the precision of the
analysis [see also (b) below].

(b) Linearity. The linear range of a detector refers to the concentration range
over which the signal is directly proportional to the amount (or concentration)
of analyte. Linearity in detector response will give linearity of the calibration
graph and allows the latter to be drawn with more certainty. With a convex
calibration curve, the precision is reduced at the higher concentrations
where the slope of the curve is much less. A large linear range is a great
advantage, but detectors with a small linear range may still be used because
of their other qualities, although they will need to be recalibrated over a
number of different concentration ranges.

(c) Stability. An important characteristic of a detector is the extent to which
the signal output remains constant with time, assuming there 1s a constant
input. Lack of stability can be exhibited in two ways, viz. by baseline noise
or by drift, both of which will limit the sensitivity of the detector. Baseline
noise, caused by a rapid random variation in detector output, makes 1t

240



APPARATUS 9.2

difficult to measure small peaks against the fluctuating background. Baseline
drift, a siow systematic variation in output, resuits in a sloping baseline which
in severe cases may even go off scale during the analysis. Drift is often due
to factors external to the detector, such as temperature change or column
bleed, and so is controllabie, whereas noise is usually due to poor contacts
within the detector and imposes a more fundamental limit on its performance.

(d) Universal or selective response. A universal detector will respond to all the
components present in a mixture. In contrast, a selective detector senses
only certain components in a sample which can be advantageous if it
responds only to those which are of interest, thus giving a considerably
simplified chromatogram and avoiding interference.

Thermal conductivity detector. The most important of the bulk physical
property detectors i1s the thermal conductivity detector (TCD) which is a
universal, non-destructive, concentration-sensitive detector. The TCD was one
of the earliest routine detectors and thermal conductivity cells or katharometers
are still widely used in gas chromatography. These detectors employ a heated
metal filament or a thermistor (a semiconductor of fused metal oxides) to sense
changes in the thermal conductivity of the carrier gas stream. Helium and
hydrogen are the best carrier gases to use in conjunction with this type of
detector since their thermal conductivities are much higher than any other gases;
on safety grounds helium 1s preferred because of its inertness.

In the detector two pairs of matched filaments are arranged in a Wheatstone
bridge circuit; two filaments in opposite arms of the bridge are surrounded by
the carrier gas only, while the other two filaments are surrounded by the effluent
from the chromatographic column. This type of thermal conductivity cell is
illustrated in Fig. 9.2(a) with two gas channels through the cell; a sample channel
and a reference channel. When pure carrier gas passes over both the reference
and sample filaments the bridge is balanced, but when a vapour emerges from
the column, the rate of cooling of the sample filaments changes and the bridge
becomes unbalanced. The extent of this imbalance is a measure of the
concentration of vapour in the carrier gas at that instant, and the out-of-balance

Carrier

gas Pure —
+ carrier
sample gas

Detector
output

Polarised jet
Insulators
Body (earthed)

Hydrogen

Carrier gas + sample
(@ (2] T

Fig. 9.2 (a) Thermal conductivity detector. (5) Flame ionisation detector.
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signal is fed to a recorder thus producing the chromatogram. The differential
technique used is thus based on the measurement of the difference in thermal
conductivity between the carrier gas and the carrier gas /sample mixture.

The TCD is generauy used for the detection of permanent gases, 1ight
hydrocarbons and compounds which respond poorly to the flame-ionisation
detector (FID). Used in conjunction with a Porapak column it is useful for the
determination of water (see Section 9.5) and it has also been employed in gas
chromatographic studies of metal chelates, e.g. for the quantitative determination
of mixtures of beryllium, aluminium, gallium and indium trifluoroacetylacetonates
(see Section 9.2(2)). For many general applications, however, it has been replaced
by the FID, which is more sensitive (up to 1000-fold), has a greater linear
response range, and provides a more reliable signal for quantitative analysis.

lonisation detectors. An important characteristic of the common carrier gases
is that they behave as perfect insulators at normal temperatures and pressures.
The increased conductivity due to the presence of a few charged molecules in
the effluent from the column thus provides the high sensitivity which is a feature
of the 1onisation based detectors. Ionisation detectors in current use include the
flame 10nisation detector (FID), thermionic ionisation detector (TID), photo-
ionisation detector (PID) and electron capture detector (ECD) each, of course,
employing a different method to generate an ion current, The two most widely
used ionisation detectors are, however, the FID and ECD and these are described
below.

Flame ionisation detector. The basis of this detector is that the effluent from
the column is mixed with hydrogen and burned in air to produce a flame which
has sufficient energy to ionise solute molecules having low ionisation potentials.
The ions produced are collected at electrodes and the resuiting ion current
measured; the burner jet is the negative electrode whilst the anode is usually a
wire or grid extending into the tip of the flame. This is shown diagrammatically
in Fig. 9.2(b).

The combustion of mixtures of hydrogen and air produces very few ions so
that with only the carrier gas and hydrogen burning an essentially constant
signal is obtained. When, however, carbon-containing compounds are present
ionisation occurs and there is a large increase in the electrical conductivity of
the flame. Because the sample is destroyed in the flame a stream-splitting device
is employed when further examination of the eluate is necessary; this device is
inserted between the column and detector and allows the bulk of the sample
to by-pass the detector.

The FID has wide applicability, being a very nearly universal detector for
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sensitivity, stability, fast response and wide linear response range ( ~107), has
made it the most popular detector in current use.”®

Electron capture detector. Most jonisation detectors are based on measurement
of the increase in current (above that due to the background ionisation of the
carrier gas) which occurs when a more readily ionised molecule appears in the
gas stream. The electron capture detector differs from other ionisation detectors
in that it exploits the recombination phenomenon, being based on electron
capture by compounds having an affinity for free electrons; the detector thus
measures a decrease rather than an increase in current.
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A B-ray source (commonly a foil containing *H or ®*Ni) is used to generate
‘slow’ electrons by ionisation of the carrier gas (nitrogen preferred) flowing
through the detector. These slow electrons migrate to the anode under a fixed
potential and give rise to a steady baseline current. When an electron-capturing
gas (i.c. eluate molecules) emerges from the column and reacts with an electron,
the net result is the replacement of an electron by a negative ion of much greater
mass with a corresponding reduction in current flow.

The response of the detector is clearly related to the electron affinity of the
eluate molecules being particularly sensitive to compounds containing halogens
and sulphur, anhydrides, conjugated carbonyls, nitrites, nitrates and organo-
metalliccompounds. The ECD is the second most widely used 1onisation detector
due to its high sensitivity to a wide range of compounds. It is, for example, used
in trace analysis of pesticides, herbicides, drugs, and other biologically active
compounds, and is of value in detecting ultratrace amounts of metals as their
chelate complexes.”!

Compared with the flame ionisation detector, however, the ECD is more
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chromatograms. The ECD requires careful attention to obtain reliable results.
Cleanliness is essential and the carrier gases must be very pure and dry. The
two most likely impurities in these gases are water and oxygen which are
sufficiently electronegative to produce a detector response and so give a noisy
baseline.

Table 9.1 gives a summary of some important detector characteristics.

Table 9.1 Detector characteristics

Type  MDL*(gs—!) Linear range Temp. limit (°C)  Features

TCD 107 %-10"8 104 450 Non-destructive, but
temperature and flow-sensitive

FID 10~ 11 107 400 Destructive, excellent stability
and linearity

ECD 10713 102 350 Non-destructive but easily

contaminated and
temperature-sensitive

* The minimum detectable level is commonly given in terms of the mass flow rate in grams per second.

Element-selective detectors. Many samples, e.g. those originating from
environmental studies, contain so many constituent compounds that the gas
chromatogram obtained is a complex array of peaks. For the analytical chemist,
who may be interested in only a few of the compounds present, the replacement
of the essentially non-selective type of detector (ie. thermal conductivity,
flame 1onisation, etc.) by a system which responds selectively to some property
of certain of the eluted species may overcome this problem.

The most common selective detectors in use generally respond to the presence
of a characteristic element or group in the eluted compound. This is well
illustrated by the thermionic ionisation detector (TID) which is essentially a
flame 1omsation detector giving a selective response to phosphorus- and/or
nitrogen-containing compounds. Typically the TID contains an electrically
heated rubidium silicate bead situated a few millimetres above the detector jet
tip and below the collector electrode. The temperature of the bead is maintained
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at 600—800 °C while a plasma is sustained in the region of the bead by hydrogen
and air support gases. A reaction cycle is so produced in which the rubidium
is vaporised, ionised and ﬁnally recaptured by the bead. During this process an
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current is enhanced when nitrogen or phosphorus compounds are eluted, due
it is thought to the production of radicals in the flame or plasma which accelerate
the rate of rubidium recycling.”® The selectivity of this detector can facilitate
otherwise difficult analyses, e.g. the determination of pesticides such as Malathion
and Parathion.

Another example i1s the flame photometric detector (FPD) which offers
simultaneous sensitivity and specificity for the determination of compounds
containing sulphur and phosphorus. The operating principle of the FPD 1s that
combustion of samples containing phosphorus or sulphur in a hydrogen-rich
flame results in the formation of luminescent species that emit light characteristic
of the heteroatom introduced into the flame. Selection of an appropriate filter
(394 or 526 nm bandpass) allows selectivity for sulphur or phosphorus,
respectively. It is advantageous to use nitrogen as the carrier gas and mix it
with oxygen at the column exit; hydrogen is introduced at the burner
to initiate combustion.”?

The principles and applications of element-selective detectors have been
reviewed.”®

The element specificity of atomic absorption spectrometry has also been used
in conjunction with gas chromatography to separate and determine organo-
metallic compounds of similar chemical composition, e.g. alkyl leads in petroleum;
here lead 1s determined by AAS for each compound as it passes from the gas
chromatograph.”®

F‘mallv a hmh degree of specific molecular identification can be achiev ed by
the 1nterfacmg of the gas chromatograph with various spectroscopic instruments.
Although the quantitative information obtained from a chromatogram is usually
good, the certainty of identification based only on the retention parameter may
be suspect. In the case of spectroscopic techniques, however, the reverse situation
applies since these provide excellent qualitative information, enabling a pure
substance to be identified, but less satisfactory quantitative information is
often obtained from their signals. The combination of chromatographic and
spectroscopic techniques thus provides more information about a sample than
may be obtained from either instrument independently. The chief combined
techniques are gas chromatography interfaced with mass spectrometry (GC-MS),
Fourier transform infrared spectrometry (GC-FTIR), and optical emission
spectroscopy (GC-OES).”®

9.3 PROGRAMMED TEMPERATURE GAS CHROMATOGRAPHY

Gas chromatograms are usually obtained with the column kept at a constant
temperature. Two important disadvantages result from this isothermal mode
of operation.

1. Early peaks are sharp and closely spaced (i.e. resolution is relatively poor in
this region of the chromatogram), whereas late peaks tend to be low, broad
and widely spaced (i.e. resolution is excessive).

2. Compounds of high boiling point are often undetected, particularly in the
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study of mixtures of unknown composition and wide boiling point range;

the solubilities of the higher-boiling substances in the stationary phase are

so large that they are almost completely immobilised at the inlet to the
column, especially where the latter is operated at a relatively low temperature.

The above consequences of isothermal operation may be largely avoided by
using the technique of programmed-temperature gas chromatography (PTGC)
in which the temperature of the whole column is raised during the sample
analysis.

A temperature programme consists of a series of changes in column
temperatures which may be conveniently selected by a microprocessor controller.
The programme commonly consists of an initial isothermal period, a linear
temperature rise segment, and a final isothermal period at the temperature which
has been reached, but may vary according to the separation to be effected.
The rate of temperature rise, which may vary over a wide range, is a compromise
between the need for a slow rate of change to obtain maximum resolution and
a rapid change to minimise analysis time.

Programmed-temperature gas chromatography permits the separation of
compounds of a very wide boiling range more rapidly than by isothermal
operation of the column. The peaks on the chromatogram are also sharper and
more uniform in shape so that, using PTGC, peak heights may be used to obtain
accurate quantitative analysis.””

9.4 QUANTITATIVE ANALYSIS BY GLC

The quantitative determination of a component in gas chromatography using
differential-type detectors of the type previously described is based upon
measurement of the recorded peak area or peak height; the latter is more suitable
in the case of small peaks, or peaks with narrow band width. In order that these
quantities may be related to the amount of solute in the sample two conditions
must prevail:

(a) the response of the detector-recorder system must be linear with respect
to the concentration of the solute;

(b) factors such as the rate of carrier gas flow, column temperature, etc., must
be kept constant or the effect of variation must be eliminated, e.g. by use
of the internal standard method.

Peak area 1s commonly used as a quantitative measure of a particular
component in the sample and can be measured by one of the following
techniques.

1. Planimeiry. The planimeter is a mechanical device which enables the peak
area to be measured by tracing the perimeter of the peak. The method is slow
but can give accurate results with experience in manipulation of the planimeter.

Accuracy and precision, however, decrease as peak area diminishes.

2. Geometrical methods. In the so-called triangulation methods, tangents are
drawn to the inflection points of the elution peak and these two lines together
with the baseline form a triangle (Fig. 9.3); the area of the latter is calculated
as one-half the product of the base length times the peak height, the value
obtained being about 97 per cent of the actual area under the chromatographic
peak when this 1s Gaussian in shape.

245



9  GAS CHROMATOGRAPHY

Detector response

Time or volume of carrier gas

Fig. 9.3 Measurement of peak area by triangnlation.

The area may also be computed as the product of the peak height times the
width at half the peak height, i.e., by the height x width at half height method.
Since the exact location of the tangents (required for the triangulation method)
to the curve is not easily determined it is in general more accurate to use the
method based on width at half-height.

3. Integration by weighing. The chromatographic peak is carefully cut out of
the chart and the paper weighed on an analytical balance. The accuracy of the
method is clearly dependent upon the constancy of the thickness and moisture
content of the chart paper, and it is usually preferable (unless an automatic
integrator is available) to use geometrical methods.

4. Automatic integration. The older methods for computing peak area are
time-consuming and often unsatisfactory in terms of accuracy and reproducibility
of results. The greater use of capillary column chromatography, with its resulting
sharp, closely spaced peaks has accentuated the need for a rapid, automatic
instrumental method for data processing. The instrument currently most widely
used in quantitative gas chromatography is the digital integrator; real-time
digital automatic integrators process the analytical signal as the analyses are being
run. These systems automatically identify peaks, compute peak areas and/or
peak heights, and provide the results either in printed form or in one
of the various computer-compatible formats.

The measurement of individual peak areas can be difficult when the
chromatogram contains overlapping peaks. However, this problem can be often
overcome by the use of derivative facilities which give first- or second-derivative
chromatograms (see Section 17.12, for the analogous derivative procedures used
in spectroanalytical methods).

5. Data evaluation. It is, of course, necessary to correlate peak area with the
amount or concentration of a particular solute in the sample. Quantitation by
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simple calibration with standards is prone to errors (e.g. arising from the use
of a microsyringe with a conventional injection port}, and is not generally used;
the commonly used methods are those of area normalisation and internal
standards which allow for variations in the size of sample, etc. In area
normalisation, the composition of the mixture is obtained by expressing the
area of each individual peak as a percentage of the total area of all the peaks
in the chromatogram; correction should be made for any significant variation
in sensitivity of the detector for the different components of the mixture (see

Section 9.7).

Quantitative analysis using the internal standard method. The height and area
of chromatographic peaks are affected not only by the amount of sample but
also by fluctuations of the carrier gas flow rate, the column and detector
temperatures, etc., i.e. by vanations of those factors which influence the sensitivity
and response of the detector. The effect of such variations can be eliminated by
use of the internal standard method in which a known amount of a reference
substance is added to the sample to be analysed before injection into the column.
The requirements for an effective internal standard (Section 4.5) may be
summarised as follows:

(a) it should give a completely resolved peak, but should be eluted close to the
components to be measured;

(b) its peak height or peak area should be similar in magnitude to those of the
components to be measured; and

(c) it should be chemically similar to but not present in the original sample.

The procedure comprises the addition of a constant amount of internal
standard to a fixed volume of several synthetic mixtures which contain varying
known amounts of the component to be determined. The resulting mixtures are
chromatographed and a calibration curve is constructed of the percentage of
component in the mixtures against the ratio of component peak area/standard
peak area. The analysis of the unknown mixture is carried out by addition of
the same amount of internal standard to the specified volume of the mixture;
from the observed ratio of peak areas the solute concentration is read off using
the calibration curve.

Provided a suitable internal standard is available, this is probably the most
reliable method for quantitative GLC. For example, the concentration of ethanol
in blood samples has been determined using propan-2-ol as the internal standard.

Standard addition. The sample is chromatographed before and after the
addition of an accurately known amount of the pure component to be
determined, and its weight in the sample 1s then derived from the ratio of its
peak areas in the two chromatograms. Standard addition is particularly useful
in the analysis of complex mixtures where it may be difficult to find an internal
standard which meets the necessary requirements.

95 ELEMENTAL ANALYSIS USING GAS CHROMATOGRAPHY

An important application of gas chromatography is its use for determination
of the elements carbon, hydrogen, nitrogen, oxygen and sulphur in organic and
organometallic samples. A brief account of the procedure used is given here,
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based on those adopted for the Carlo Erba Elemental Analyser; further details
may of course be obtained by referring to the manufacturer’s manual.

Determination of C, H and N. The weighed samples (usually about 1 mg), held
in a clean, dry, tin container, are dropped at pre-set intervals of time into a
vertical quartz tube maintained at 1030 °C and through which flows a constant
stream of helium gas. When the samples are introduced the helium stream is
temporarily enriched with pure oxygen and flash combustion occurs. The
mixture of gases so obtained is passed over Cr, O, to obtain quantitative
combustion, and then over copper at 650 °C to remove excess oxygen and reduce
oxides of nitrogen to N,. Finally the gas mixture passes through a chromato-
graphic column (2 m long) of Porapak QS heated to approximately 100°C,
The individual components (N,, CO,, H,O) are separated and eluted to a
thermal conductivity detector, the detector signal being fed to a potentiometric
recorder in parallel with an integrator and digital print-out. The instrument is
calibrated by combustion of standard compounds, such as cyclohexanone-2,4-
dinitrophenylhydrazone.

It is appropriate to mention here the determination of Total Organic Carbon
(TOC) which is important in water analysis and water quality monitoring,
giving an indication of the overall amount of organic pollutants. The water is
first acidified and purged to remove carbon dioxide from any carbonate or
hydrogencarbonate present. After this treatment, a small measured volume of
the water is injected into a gas stream which then passes through a heated
packed tube where the organic material is oxidised to carbon dioxide. The latter
is determined either by infrared absorption or is converted to methane for
determination by gas chromatography using a flame ionisation detector [ see
Section 9.2].

Determination of oxygen. The sample is weighed into a silver container which
has been solvent-washed, dried at 400 °C and kept in a closed container to
avoid oxidation. It is dropped into a reactor heated at 1060 °C, quantitative
conversion of oxygen to carbon monoxide being achieved by a layer of
nickel-coated carbon (see Note). The pyrolysis gases then flow into the
chromatographic column (1 m long) of molecular sieves (5 x 10~8 cm) heated
at 100 °C; the CO is separated from N,, CH,, and H,, and is measured by a
thermal conductivity detector.

Note. The addition of a chlorohydrocarbon vapour to the carrier gas is found to
enhance the decomposition of the oxygen-containing compounds.

Determination of sulphur. The initial procedure for flash combustion of the
sample 1s essentially that described for the determination of C, H and N.
Quantitative conversion of sulphur to sulphur dioxide is then achieved by
passing the combustion gases over tungsten( VI) oxide, WO, and excess oxygen
is removed by passing the gases through a heated reduction tube containing
copper. Finally the gas mixture passes through a Porapak chromatographic
column heated at 80 °C in which SO, is separated from other combustion gases

and measured by a thermal conductivity detector.

9.6 DETERMINATION OF ALUMINIUM BY GAS CHROMATOGRAPHIC ANALYSIS OF ITS
TRIS{ACETYLACETONATO) COMPLEX

The purpose of this experiment is to illustrate the application of gas chromato-
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graphic analysis to the determination of trace amounts of metals as their chelate
complexes. The procedure described for the determination of aluminium may
be adapted for the separation and determination of aluminium and chromium(III)
as their acetyiacetonates.78

Sample. The solvent extraction of aluminium from aqueous solution using
acetylacetone can provide a suitable sample solution for gas chromatographic
analysis.

Take SmL of a solution containing about 15 mg of aluminium and adjust
the pH to between 4 and 6. Equilibrate the solution for 10 minutes with two
successive 5 mL portions of a solution made up of equal volumes of acetylacetone
(pure, redistilled) and chloroform, Combine the organic extracts. Fluoride ion
causes serious interference to the extraction and must be previously removed.

Introduce a 0.30 L portion of the solvent extract into the gas chromatograph.
It is found that solutions of concentrations greater than 0.3 M are unsuitable
as they deposit solid and thus cause a blockage of the 1 uL microsyringe used
for the injection of the sample. The syringe is flushed several times with the
sample solution, filled with the sample to the required volume, excess liquid
wiped from the tip of the needle and the sample injected into the chromatograph.

Apparatus. A gas chromatograph equipped with a flame-ionisation detector
and data-handling system. The use of a digital integrator is particularly
convenient for quantitative determinations, but other methods of measuring
peak area may be used (Section 9.4).

Pure nitrogen (oxygen-free), at a flow rate of 40 mL min ™', is used as carrier

gas. The dimensions of the glass column are 1.6 m length and 6 mm o.d., and
it is packed with 5 per cent by weight SE-30 on Chromosorb W as the stationary
phase. The column is maintained at a temperature of 165 °C.
Procedure. Extract a series of aqueous aluminium solutions containing 5-25 mg
aluminium in 5mL, using the procedure described above under Sample.
Calibrate the apparatus by injecting 0.30 uL of each extract into the column
and recording the peak area on the chromatogram. Plot a graph of peak area
against concentration.

Determine aluminium (present as its acetylacetonate) in the sample solution
by injecting 0.30 L into the column. Record the peak area obtained and read
off the aluminium concentration from the calibration graph (see Note).

Note. The calibration procedure is, however, of limited accuracy and a more accurate
result may be obtained using the method of standard addition (Section 9.4)

9.7 ANALYSIS OF A MIXTURE USING THE INTERNAL NORMALISATION METHOD

To obtain an accurate quantitative analysis of the composition of a mixture, a
knowledge of the response of the detector to each component is required. If the
detector response is not the same for each component, then the areas under the
peaks clearly cannot be used as a direct measure of the proportion of the
components in the mixture. The experiment described illustrates the use of an
internal normalisation method for the quantitative analysis of a mixture of the
following three components: ethyl acetate (ethanoate), octane, and ethyl
n-propyl ketone (hexan-3-one).
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Reagents and apparatus required. Ethyl acetate (1), octane (11 ), ethyl n-propyl
ketone (111} and toluene (IV}, all GPR or comparable grade.

Mixture A containing compounds (I), (II), and (III) in an unknown ratio.
Microsyringe.

Gas chromatograph. Preferably equipped with a flame ionisation detector and
a digital integrator.

Column. Packed with stationary phase containing 10 per cent by weight of

dinonyl phthalate.

Procedure.

1. Prepare a mixture B which contains equal amounts by weight of the
compounds (I), (IT), and (III).

2. Set the chromatograph oven to 75°C and the carrier gas (pure nitrogen)
flow rate to 40-45 mL min 1.

3. When the oven temperature has stabilised, inject a 0.3 uL. sample of mixture
B and decide from the peak areas whether the detector response is the same
for each component.

4. If the detector response differs, make up by weight a 1:1 mixture of each of
the separate components (I, II, and III) with compound (IV). Inject a 0.1 L
sample of each mixture, measure the corresponding peak area, and hence
deduce the factors which will correct the peak areas of components (I), (II),
and (ITT) with respect to the internal standard (IV).

5. Prepare a mixture, by weight, of 4 with compound (IV). Inject a 0.3 uL
sample of this mixture, measure the various peak areas and, after making
appropriate corrections for differences in detector sensitivity, determine the
percentage composition of A.

9.8 DETERMINATION OF SUCROSE AS ITS TRIMETHYLSILYL DERIVATIVE USING
GAS—LIQUID CHROMATOGRAPHY

The purpose of the experiment is to illustrate the application of derivatisation
in the analysis of sugar and related substances by gas—liquid chromatography.
The silylation method described is an almost universal derivatisation procedure
for carbohydrate analysis by GC.”®

Reagents and apparatus. The reagents and solvents should be pure and dry,
and should be tested in advance in the gas chromatographic system which is
to be used in the experiment.

Pyridine. Purify by refluxing over potassium hydroxide, followed by distillation.

Store the purified pyridine over the same reagent.
Trimethylchlorosilane ( TMCS ), (CH;),;SiCl

Hexamethyldisilazane (HMDS ), (CH,; );Si—NH—Si({CH;);.

Reaction vessel. Use a small tube or vial fitted with a Teflon-lined screw cap.
Gas chromatograph. Operate the column isothermally at 210 °C using a flame

1onisation detector.

Procedure. Treat 10 mg of sucrose with 1 mL of anhydrous pyridine, 0.2 mL of
HMDS, and 0.1 mL of TMCS in the plastic-stoppered vial (or similar container).
Shake the mixture vigorously for about 30 seconds and allow it to stand for
10 min at room temperature; if the carbohydrate appears to remain insoluble
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in the reaction mixture, warm the vial for 2—3 min at 75-85 °C. Inject 0.3 uL
of the resulting mixture into the gas chromatograph.

Note. Anhydrous reaction conditions are generally essential since the silylated derivatives
are sensitive to water in varying degrees.
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CHAPTER 10
TITRIMETRIC ANALYSIS

THEORETICAL CONSIDERATIONS
10.1 TITRIMETRIC ANALYSIS

out by determining the volume of a solution of accurately known concentration
which is required to react quantitatively with a measured volume of a solution
of the substance to be determined. The solution of accurately known strength
is called the standard solution, sece Section 10.3. The weight of the substance to
be determined is calculated from the volume of the standard solution used and
the chemical equation and relative molecular masses of the reacting compounds.

The term ‘volumetric analysis’ was formerly used for this form of quantitative
determination but it has now been replaced by titrimetric analysis. It is
considered that the latter expresses the process of titration rather better, and
the former is 1u‘m:;ly to be confused with measurements of VOIUITICS, such as those
involving gases. In titrimetric analysis the reagent of known concentration is
called the titrant and the substance being titrated is termed the titrand. The
alternative name has not been extended to apparatus used in the various
operations; so the terms volumetric glassware and volumetric flasks are still
common, but it is better to employ the expressions graduated glassware and
graduated flasks and these are used throughout this book.

The standard solution is usually added from a long graduated tube called a
burette. The process of adding the standard solution until the reaction is just
complete is termed a titration, and the substance to be determined is titrated.
The point at which this occurs is called the equivalence point or the theoretical
(or stoichiometric) end point. The completion of the titration is detected by
some physical change, produced by the standard solution itself (e.g. the faint

mnk colour formed hv nnfﬂcclnm ﬁPrmnnonnnfp\ or. more nclm]]v hv the
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addition of an auxxhary reagent known as an indicator; alternatlvely some
other physical measurement may be used. After the reaction between the
substance and the standard solution is practically complete, the indicator should
give a clear visual change (either a colour change or the formation of turbidity)
in the liquid being titrated. The point at which this occurs is called the end point
of the titration. In the ideal titration the visible end point will coincide with the
stoichiometric or theoretical end point. In practice, however, a very small
difference usually occurs; this represents the titration error. The indicator and
the experimental conditions should be so selected that the difference between
the visible end point and the equivalence point is as small as possible.
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10 TITRIMETRIC ANALYSIS

For use in titrimetric analysis a reaction must fulfil the following conditions.

1. There must be a simple reaction which can be expressed by a chemical
equation; the substance to be determined should react completely with the
reagent in stoichiometric or equivalent proportions.

2. The reaction should be relatively fast. (Most ionic reactions satisfy this
condition.) In some cases the addition of a catalyst may be necessary to
increase the speed of a reaction.

3. There must be an alteration in some physical or chemical property of the
solution at the equivalence point.

4. An indicator should be available which, by a change in physical properties
(colour or formation of a precipitate), should sharply define the end point
of the reaction. [If no visible indicator is available, the detection of the
equivalence point can often be achieved by following the course of the
titration by measuring (@) the potential between an indicator electrode and
a reference electrode (potentiometric titration, see Chapter 15); (b) the
change in electrical conductivity of the solution (conductimetric titration, see
Chapter 13); (¢) the current which passes through the titration cell between
an indicator electrode and a depolarised reference electrode at a suitable
applied e.m.f. (amperometric titration, see Chapter 16); or (d) the change in
absorbance of the solution (spectrophotometric titration, sce Section 17.48).]

Titrimetric methods are normally capable of high precision (1 part in 1000)
and wherever applicable possess obvious advantages over gravimetric methods.
They need simpler apparatus, and are, generally, quickly performed; tedious
and difficult separations can often be avoided. The following apparatus is
required for titrimetric analysis: (i) calibrated measuring vessels, including

burettes, pipettes, and measuring flasks (see Chapter 3); (ii) substances of known

purity for the preparation of standard solutions; (111) a v1sua1 indicator or an
instrumental method for detecting the completion of the reaction.

10.2 CLASSIFICATION OF REACTIONS IN TITRIMETRIC ANALYSIS

The reactions employed in titrimetric analysis fall into four main classes. The
first three of these involve no change in oxidation state as they are dependent
upon the combination of ions. But the fourth class, oxidation—reduction
reactions, involves a change of oxidation state or, expressed another way, a
transfer of electrons.

1. Neutralisation reactions, or acidimetry and alkalimetry. These include the
titration of free bases, or those formed from salts of weak acids by hydrolysis,
with a standard acid (acidimetry), and the titration of free acids, or those formed
by the hydrolysis of salts of weak bases, with a standard base (alkalimetry).
The reactions involve the combination of hydrogen and hydroxide ions to form
water.

Also under this heading must be included titrations in non-aqueous solvents,
most of which involve organic compounds.

2. Complex formation reactions. These depend upon the combination of ions,

other than hydrogen or hydroxide ions, to form a soluble, slightly dissociated
ion or compound, as in the titration of a solution of a cyanide with silver nitrate
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STANDARD SOLUTIONS 103

(2CN~ + Ag"=[Ag(CN),]7) or of chloride ion with mercury(Il) nitrate
solution (2C1~ + Hg?*=HgCl,).

Ethylenediaminetetra acetic acid, largely as the disodium salt of EDTA, is a
very important reagent for complex formation titrations and has become one
of the most important reagents used in titrimetric analysis. Equivalence point
detection by the use of metal-ion indicators has greatly enhanced its value in

titrimetry.

3. Precipitation reactions. These depend upon the combination of jons to form
a simple precipitate as in the titration of silver ion with a solution of a chloride
(Section 10.74). No change in oxidation state occurs.

4. Oxidation—reduction reactions. Under this heading are included ali reactions
involving change of oxidation number or transfer of electrons among the
reacting substances. The standard solutions are either oxidising or reducing
agents. The principal oxidising agents are potassium permanganate, potassium
dichromate, cerium(iV) suiphate, iodine, potassium iodate, and potassium
bromate. Frequently used reducing agents are iron(II) and tin(IT) compounds,
sodium thiosulphate, arsenic(I1l) oxide, mercury(I) nitrate, vanadium(II)
chloride or sulphate, chromium(II) chloride or sulphate, and titanium(III)

chloride or sulphate.

10.3 STANDARD SOLUTIONS

The word ‘concentration’ is frequently used as a general term referring to a
quantity of substance in a defined volume of solution. But for quantitative
titrimetric analysis use is made of standard solutions in which the base unit of
quantity employed is the mole. This follows the definition given by the
International Union of Pure and Applied Chemistry! in which:

‘The mole is the amount of substance which contains as many elementary
units as there are atoms in 0.012 kilogram of carbon-12. The elementary unit
must be specified and may be an atom, a molecule, an ion, a radical, an
electron or other particle or a specified group of such particles.’

As a result standard solutions are now commonly expressed in terms of molar
concentrations or molarity (M). Such standard solutions are specified in terms
of the number of moles of solute dissolved in 1 litre of solution; for any solution,

Molarity (M) = Moles of solute

Volume of solution in litres

As the term ‘mole’ refers to an amount of substance with reference to the
specified mass of carbon-12, it is possible to express the relative molecular mass
(the basis for the mole) for any substance as the additive sum of the relative
atomic masses (R.A.M.s) of its component elements, for example:

The relative molecular mass for sulphuric acid, H,SO,, is calculated from
the relative atomic masses as follows:
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10 TITRIMETRIC ANALYSIS

Element R.A.M.

Hydrogen 1.0079 x 2= 20158
Sulphur 3206 x1=3206
Oxygen 15.9994 x 4 = 63,9986
Relative Molecular Mass =98.0744

This approach can be used to obtain the R A.M. of any compound, so that

1 mole of Hg,Cl, has a mass of 0.47209 kg
1 mole of Na, CO,, 10H, O has a mass of 0.286 141 kg
1 mole of H,S0O, has a mass of 0.098 074 kg

It follows from this, that a molar solution of sulphuric acid will contain
98.074 grams of sulphuric acid in 1 litre of solution, or 49.037 grams in 500 mL
of solution. Similarly, a 0.1 M solution will contain 9.8074 grams of sulphuric
acid in 1 litre of solution, and a 0.01 M solution will have 0.980 74 gram in the
same volume. So that the concentration of any solution can be expressed in
terms of the molar concentration so long as the weight of substance in any
specified volume is known.

104 EQUIVALENTS, NORMALITIES AND OXIDATION NUMBERS

Although molar concentrations are now commonly used in determinations of
reacting quantities in titrimetric analysis, it has been traditional to employ other
concepts involving what are known as ‘equivalent weights’ and ‘normalities’
for this purpose. In neutralisation reactions the equivalent weight/normality
concept is relatively straightforward, but for reduction—oxidation titrations it
often requires an understanding of what are known as ‘oxidation numbers’ of
the substances involved in the redox reaction. Although the modern approach
is to discard this form of calculation and quantitation, the authors of this book
fully appreciate that there are many scientists who do prefer to use it, and some
who claim it has clear advantages over the molar concept. Because of this, a
full explanation of this approach to titrimetry is retained as Appendix 17 but
all other quantitative aspects in this book are in terms of moles per litre.

10.5 PREPARATION OF STANDARD SOLUTIONS

If a reagent i1s available in the pure state, a solution of definite molar strength
is prepared simply by weighing out a mole, or a definite fraction or multiple
thereof, dissolving it in an appropriate solvent, usually water, and making up
the solution to a known volume. It is not essential to weigh out exactly a mole
(or a multiple or sub-multiple thereof); in practice it is more convenient to
prepare the solution a little more concentrated than is ultimately required, and
then to dilute it with distilled water until the desired molar strength is obtained.
If M, is the required molarity, ¥, the volume after dilution, M, the molarity
originally obtained, and V, the original volume taken, M, ¥V, =M,V,, or
Vi=M,V,/M,. The volume of water to be added to the volume V, is
(¥, —V,)mL.

The following is a list of some of the substances which can be obtained in a
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PRIMARY AND SECDNDARY STANDARDS  10.6

state of high purity and are therefore suitable for the preparation of standard
solutions: sodium carbonate, potassium hydrogenphthalate, benzoic acid,
sodium tetraborate, sulphamic acid, potassium hydrOgeniodate sodium oxalate,
mivm, sifver 1uuatc, sodium uhluudc putaSSJmu uhluude, 1061n6, pULaSSI'Cuu
bromate, potassium iodate, potassium d1chromate, lead nitrate and arsenic(IIT)
oxide.

When the reagent is not available in the pure form as in the cases of most
alkali hydroxides, some inorganic acids and various deliquescent substances,
solutions corresponding approximately to the molar strength required are first
prepared. These are then standardised by titration against a solution of a pure
substance of known concentration. It is generally best to standardise a solution
by a reaction of the same type as that for which the solution is to be employed,
and as nearly as possible under identical experimental conditions. The titration
error and other errors are thus considerably reduced or are made to cancel out.
This indirect method is employed for the preparation of, for instance, solutions

of most acids (the constant boiling point mixture of definite composition of
hvdrochloric acid can be weighed out dlrm‘ﬂv if dpcirprﬂ sodium hvdroxide,

RLFREA Wil L S A wltid VW Siiwas AL Selalennly 14 NMewidilNsNE SULSRSIR A VAL,

potassium hydroxide and barlum hydrox1de, potasswm permanganate,
ammonium and potassium thiocyanates, and sodium thiosulphate.

10.6 PRIMARY AND SECDNDARY STANDARDS

In titrimetry certain chemicals are used frequently in defined concentrations as
reference solutions. Such substances are referred to as primary standards or
secondary standards. A primary standard is a compound of sufficient purity
from which a standard solution can be prepared by direct weighing of a quantity
of it, followed by dilution to give a defined volume of solution. The solution
produced is then a primary standard solution. A primary standard should satisfy
the following requirements.

1. It must be easy to obtain, to purify, to dry (preferably at 110-120 °C), and
to preserve in a pure state. (This requirement is not usually met by hydrated
substances, since it is difficult to remove surface moisture completely without
effecting partial decomposition.)

2. The substance should be unaltered in air during weighing; this condition
implies that it should not be hygroscopic, oxidised by air, or affected by
carbon dioxide. The standard should maintain an unchanged composition
during storage.

3. The substance should be capable of being tested for 'mpurities by qualitative
and other tests of known sensitivity. ( The total amount of impurities should
not, in general, exceed 0.01-0.02 per cent.)

4. It should have a high relative molecular mass so that the weighing errors
may be negligible. (The precision in weighing is ordinarily 0.1-0.2 mg; for
an accuracy of 1 part in 1000, it is necessary to employ samples weighing at
least about 0.2 g.)

5. The substance should be readily soluble under the conditions in which it is
employed.

6. The reaction with the standard solution should be stoichiometric and
practically instantaneous. The titration error should be negligible, or easy to
determine accurately by experiment.

261



10 TITRIMETRIC ANALYSIS

In practice, an ideal primary standard is difficult to obtain, and a compromise
between the above ideal requirements is usually necessary. The substances
commonly employed as primary standards are indicated below:

(a) Acid-base reactions — sodium carbonate Na,CO,, sodium tetraborate
Na,B,O-, potassium hydrogenphthalate KH(C;H,O,), constant boiling
point hydrochloric acid, potassium hydrogeniodate KH(10,),, benzoic
acid (C4H;COOH).

(b) Complex formation reactions — silver, silver nitrate, sodium chloride,
various metals (e.g. spectroscopically pure zinc, magnesium, copper, and
manganese) and salts, depending upon the reaction used.

(c) Precipitation reactions — silver, silver nitrate, sodium chloride, potassium
chloride, and potassium bromide (prepared from potassium bromate).

(d) Oxidation—reduction reactions — potassium dichromate K,Cr,0,,
potassium bromate KBrO ,, potassium iodate KI1O 4, potassium hydrogen-
iodate KH(IO,),, sodium oxalate Na,C,0,, arsenic(1Il) oxide As,O,,
and pure iron.

Hydrated salts, as a rule, do not make good standards because of the difficulty
of efficient drying. However, those salts which do not effloresce, such as sodium
tetraborate Na,B,O,, 10H, O, and copper sulphate CuSQO,,5H,0, are found
by experiment to be satisfactory secondary standards.?

A secondary standard is a substance which may be used for standardisations,
and whose content of the active substance has been found by comparison against
a primary standard. It follows that a secondary standard solution is a solution
in which the concentration of dissolved solute has not been determined from
the weight of the compound dissolved but by reactlon (titration) of a volume

nf tha enlntinan aocainet a mancnrad Al Af o avry ctandard cnliniti
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NEUTRALISATION TITRATIONS
10.7 NEUTRALISATION INDICATORS

The object of titrating, say, an alkaline solution with a standard solution of an
acid is the determination of the amount of acid which is exactly equivalent
chemically to the amount of base present. The point at which this is reached
is the equivalence point, stoichiometric point, or theoretical end point; the resulting
aqueous solution contains the corresponding salt. If both the acid and base are
strong electrolytes, the solution at the end-point will be neutral and have a pH
of 7 (Section 2.17); but if either the acid or the base is a weak electrolyte, the
salt will be hydrolysed to a certain degree, and the solution at the equivalence
point will be either slightly alkaline or slightly acid. The exact pH of the solution
at the equivalence point can readily be calculated from the ionisation constant
of the weak acid or the weak base and the concentration of the solution (see
Section 2.19). For any actual titration the correct end-point will be characterised
by a definite value of the hydrogen-ion concentration of the solution, the value
depending upon the nature of the acid and the base and the concentration of
the solution.

A large number of substances, called neutralisation or acid—base indicators,
change colour according to the hydrogen-ion concentration of the solution. The
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NEUTRALISATION INDICATORS  10.7

chief characteristic of these indicators is that the change from a predominantly
‘acid’ colour to a predominantly ‘alkaline’ colour is not sudden and abrupt,
but takes place within a small interval of pH (usually about two pH units)
termcu l[lC LUIUUI"LlldI'Ige lmef‘val Ul [[lC lIlUlC&tOl’ l [‘16 pOSI[lUIl Ul l[‘le COIUUI'
change interval in the pH scale varies widely with different indicators. For most
acid—base titrations it is possible to select an indicator which exhibits a distinct
colour change at a pH close to that corresponding to the equivalence
point.

The first useful theory of indicator action was suggested by W. Ostwald? based
upon the concept that indicators in general use are very weak organic acids or
bases.

The simple Ostwald theory of the colour change of indicators has been
revised, and the colour changes are believed to be due to structural changes,
including the production of quinonoid and resonance forms; these may be
illustrated by reference to phenolphthalein, the changes of which are characteristic

of all phthalein indicators: see the formulae I-1V given below. In the presence

of dilute alkali the lactone ring in I opens to yield II, and the trzﬂhenylcarbmol

structure (II) undergoes loss of water to produce the resonating ion III which
is red. If phenolphthalein is treated with excess of concentrated alcoholic alkali
the red colour first produced disappears owing to the formation of 1V.

e UsginePeaiacUs gt nc@r
C% @\ou @i

Co0" Cco0- coo~
(11)

(1) (11) - e
l Excess OH™

COo0~
(Iv)

The Brensted—Lowry concept of acids and bases* makes it unnecessary to
distinguish between acid and base indicators: emphasis is placed upon the charge
types of the acid and alkaline forms of the indicator. The equilibrium between
the acidic form In, and the basic form Ing may be expressed as:

in,=H" +1ing (

[
N—

and the equilibrium constant as:

= K., (2)

aln,\
The observed colour of an indicator in solution is determined by the ratio of
the concentrations of the acidic and basic forms. This is given by:
[Ina]  au- X Y,

= 3
[Ing] Ky X Yin, (%)
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10 THRIMETRIC ANALYSIS

where y;, and y,, are the activity coefficients of the acidic and basic forms of
the indicator. Equation (3) may be written in the logarithmic form:
R] - ,_y'ln-

o [I
pH = —logay. = pl&,n+log[I ] gy- - (4)
A In,

The pH will depend upon the ionic strength of the solution (which is, of course,
related to the activity coefficient — see Section 2.5). Hence, when making a
colour comparison for the determination of the pH of a solution, not only must
the indicator concentration be the same in the two solutions but the ionic
strength must also be equal or approximately equal. The equation incidentally
provides an explanation of the so-called salt and solvent effects which are
observed with indicators. The colour-change equilibrium at any particular ionic
strength (constant activity-coefficient term) can be expressed by a condensed
form of equation (4):

pH = pK.. + log [Ing]

UUHAJ
where pKjy, is termed the apparent indicator constant.
The value of the ratio [Ing]/[In,] (i.e. [Basic form]/[ Acidic form]) can
be determined by a visual colour comparison or, more accurately, by a
spectrophotometric method. Both forms of the indicator are present at any
hydrogen-ion concentration. It must be realised, however, that the human eye
has a limited ability to detect either of two colours when one of them
predominates. Experience shows that the solution will appear to have the ‘acid’
colour, i.e. of In,, when the ratio of [In, ] to [Ing] is above approximately 10,

and the ‘alkaline’ colour, ie. of In,, when the ratic of [Ing] to [In,] is

above approximately 10. Thus only the ‘acid’ colour will be visible when
[In,]/[Ing] > 10; the corresponding limit of pH given by equation (5) is:

pH = pKj,— 1

Only the alkaline colour will be visible when [Ing]/[In,]> 10, and the
corresponding limit of pH is:

(5)

pH = pKy, +1

The colour-change interval is accordingly pH = pKj, + 1, i.e. over approximately
two pH units. Within this range the indicator will appear to change from one
colour to the other. The change will be gradual, since it depends upon the ratio
of the concentrations of the two coloured forms (acidic form and basic form).
When the pH of the solution is equal to the apparent dissociation constant of
the indicator pKj,, the ratio [In,] to [Ing] becomes equal to 1, and the
indicator will have a colour due to an equal mixture of the ‘acid’ and ‘alkaline’
forms. This is sometimes known as the ‘middle tint’ of the indicator. This applies
strictly only if the two colours are of equal intensity. If one form is more intensely
coloured than the other or if the eye is more sensitive to one colour than the
other, then the middle tint will be slightly displaced along the pH range of the
indicator.

Table 10.1 contains a list of indicators suitable for titrimetric analysis and
for the colorimetric determination of pH. The colour-change intervals of most
of the various indicators listed in the table are represented graphically in Fig. 10.1.
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Table 10.1 Colour changes and pH range of certain indicators

Indicator Chemical name pH range Colour in Colour in PK'L,
acid alkaline
solution solution
Brilliant cresyl blue (acid) Aminodiethylaminomethyldiphenazonium chloride 0.0-1.0 Red-orange Blue —
Cresol red (acid) 1-Cresolsulphonphthalein 0.2-138 Red Yellow —
m-Cresol purple m-Cresolsulphonphthalein 0.5-25 Red Yellow —
Quinaldine red 1-(p-Dimethylaminophenylethylene)quinoline ethiodide 1.4-3.2 Colourless Red —
Thymol blue (acid) Thymolsulphonphthalein 1.2-2.8 Red Yellow 1.7
Tropaeolin OO p-Anilinophenylazobenzenesulphonic acid sodium salt 13-28 Red Yellow —
Bromophenol blue Tetrabromophenolsulphonphthalein 2.8-46 Yellow Blue 4.1
Ethyl orange 3.0-4.5 Red Orange —
Methyl orange Dimethylaminophenylazobenzenesulphonic acid sodium salt 29-46 Red Orange 37
Congo red Diphenyldiazobis-1-naphthylaminesulphonic acid disodium salt 30-50 Blue Red —
Bromocresol green Tetrabromo-m-cresolsulphonphthalein 3.6-5.2 Yellow Blue 4.7
Methyl red 1-Carboxybenzeneazodimethylaniline 42-6.3 Red Yellow 5.0
Fthyl red 45-6.5 Red Orange —
Chlorophenol red Dichlorophenolsulphonphthalein 4.6-7.0 Yellow Red 6.1
4-Nitrophenol 4-Nitrophenol 50-7.0 Colourless Yellow 7.1
Bromocresol purple Dibromo-o-cresolsulphonphthalein 52-6.8 Yellow Purple 6.1
Bromophenol red Dibromophenolsulphonphthalein 5.2-70 Yellow Red —
Azolitmin (litmus) — 5.0-8.0 Red Blue —
Bromothymol blue Dibromothymolsulphonphthalein 6.0-7.6 Yellow Blue 71
Neutral red Aminodimethylaminotoluphenazonium chloride 6.8-8.0 Red Orange —
Phenol red Phenolsulphonphthalein 6.8-8.4 Yellow Red 7.8
Cresol red (base) 1-Cresolsulphonphthalein 7.2-8.8 Yellow Red 8.2
[ -Naphtholphthalein 1-Naphtholphthalein 7.3-8.7 Yellow Blue 84
m-Cresol purple m-Cresolsulphonphthalein 7.6-9.2 Yellow Purple —
Thymol blue (base) Thymolsulphonphthalein 8.0-96 Yellow Blue 8.9
g-Cresolphthalein Di-o-cresolphthalide 8.2-9.8 Colourless Red —
Phenolphthalein Phenolphthalein 83-10.0  Colourless Red 9.6
Thymolphthalein Thymolphthalein 6.3-105 Colourless Blue 9.3
Alizarin yellow R p-Nitrobenzeneazosalicylic acid 101-121  Yellow Orange—red —
Brilliant cresyl blue (base)  Aminodiethylaminomethyldiphenazonium chloride 10.8-120  Blue Yellow —
Tropaeolin O p-Sulphobenzeneazoresorcinol 11.1-127  Yellow Orange —
Nitramine 2,4,6-Trinitrophenylmethylnitroamine 10.8-13.0  Colourless Orange-brown —

SYOLVIIANI NOILVSITVYLNIN
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Fig. 10.1

It is necessary to draw attention to the variable pH of water which may be
encountered in quantitative analysis. Water in equilibrium with the normal
atmosphere which contains 0.03 per cent by volume of carbon dioxide has a
pH of about 5.7; very carefully prepared conductivity water has a pH close
to 7; water saturated with carbon dioxide under a pressure of one atmosphere
has a pH of about 3.7 at 25 °C. The analyst may therefore be dealing, according
to the conditions that prevail in the laboratory, with water having a pH between
the two extremes pH 3.7 and pH 7. Hence for indicators which show their
alkaline colours at pH values above 4.5, the effect of carbon dioxide introduced
during a titration, either from the atmosphere or from the titrating solutions,
must be seriously considered. This subject is discussed again later (Section 10.12).

10.8 PREPARATION OF INDICATOR SOLUTIONS

As a rule laboratory solutions of the indicators contain 0.5-1 g of indicator per
litre of solvent. If the substance is soluble in water, e.g. a sodium salt, water is
the solvent; in most other cases 70-90 per cent ethanol is employed.

Methyl orange. This indicator is available either as the free acid or as the
sodium salt,

Dissolve 0.5 g of the free acid in 1 litre of water. Filter the cold solution to
remove any precipitate which separates.

Dissolve 0.5g of the sodium salt in 1 litre of water, add 15.2mL of
0.1 M hydrochloric acid, and filter, if necessary, when cold.

Methyl red. Dissolve 1 g of the free acid in 1 litre of hot water, or dissolve in
600 mL of ethanol and dilute with 400 mL of water.
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MIXED INDICATORS 109

1-Naphtholphthalein. Dissolve 1 g of the indicator in 500 mL of ethanol and
dilute with 500 mL of water.

Phenolphthalein. Dissolve 5g of the reagent in 500 mL of ethanol and add
500 mL of water with constant stirring, Filter, if a precipitate forms.

Alternatively, dissolve 1 g of the dry indicator in 60 mL of 2-ethoxyethanol
(Cellosolve), b.p. 135 °C, and dilute to 100 mL with distilled water: the loss by
evaporation is less with this preparation.

Thymolphthalein. Dissolve 0.4 g of the reagent in 600 mL of ethanol and add
400 mL of water with stirring.

Sulphonphthaleins. These indicators are usually supplied in the acid form. They
are rendered water-soluble by adding sufficient sodium hydroxide to neutralise
the sulphonic acid group. One gram of the indicator is triturated in a clean
glass mortar with the appropriate quantity of 0.1 M sodium hydroxide solution,
and then diluted with water to 1 L. The following volumes of 0.1 M sodium
hydroxide are required for 1 g of the indicators: bromophenol blue, 15.0 mL;
bromocresol green, 14.4 mL; bromocresol purple, 18.6 mL; chlorophenol red,
23.6 mL; bromothymol blue, 16.0 mL; phenol red, 28.4mL; thymol blue,
21.5 mL; cresol red, 26.2 mL; metacresol purple, 26.2 mL.

Quinaldine red. Dissolve 1 g in 100 mL of 80 per cent ethanol.

Methyl yellow, neutral red, and Congo red. Dissolve 1 g of the indicator in 1L
of 80 per cent ethanol. Congo red may also be dissolved in water.

4-Nitrophenol. Dissolve 2 g of the solid in 1 L of water.
Alizarin yellow R. Dissolve 0.5 g of the indicator in 1 L of 80 per cent ethanol.

Tropaeolin O and tropaeolin QQO. Dissolve 1 g of the sohd in 1 L of water.
Many of the indicator solutions are available from commercial suppliers
already prepared for use.

10.3 MIXED INDICATORS

For some purposes it is desirable to have a sharp colour change over a narrow
and selected range of pH; this is not easily seen with an ordinary acid—-base
indicator, since the colour change extends over two units of pH. The required
result may, however, be achieved by the use of a suitable mixture of indicators;
these are generally selected so that their pK |, values are close together and the
overlapping colours are complementary at an intermediate pH value. A few
examples will be given in some detail.

(a) A mixture of equal parts of neutral red (0.1 per cent solution in ethanol)
and methylene blue (0.1 per cent solution in ethanol) gives a sharp colour
change from violet-blue to green in passing from acid to alkaline solution
at pH 7. This indicator may be employed to titrate acetic acid (ethanoic
acid) with ammonia solution or vice versa. Both acid and base are
approximately of the same strength, hence the equivalence point will be at
a pH =7 (Section 10.15); owing to the extensive hydrolysis and the flat
nature of the titration curve, the titration cannot be performed except with
an indicator of very narrow range.
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(k) A mixture of phenolphthalein (3 parts of a 0.1 per cent solution in ethanol)
and 1-naphtholphthalein (1 part of a 0.1 per cent solution in ethanol) passes
from pale rose to violet at pH = 8.9. The mixed indicator is suitable for the
titration of phosphoric acid to the diprotic stage (K, = 6.3 x 1078%; the
equivalence point at pH ~ 8.7).

(¢) A mixture of thymol blue (3 parts of a 0.1 per cent aqueous solution of the
sodium salt) and cresol red (1 part of a 0.1 per cent aqueous solution of
the sodium salt) changes from yellow to violet at pH = 8.3. It has been

recommended for the titration of carbonate to the hydrogencarbonate stage.

Other examples are included in Table 10.2.

Table 10.2 Some mixed indicators

Indicator mixture pH Colour change Composition*
Bromocresol green; 43 Orange — blue—green 1 p 0.1% (Na) in w;
methyl orange 1p02% in w
Bromocresol green; 6.1 Pale green — blue violet 1 p0.1% (Na)in w;
chlorophenol red 1p0.1% (Na)in w
Bromothymol blue; 72 Rose pink — green 1 p0.1% in e;
neutral red 1p01%ine
Bromothymol blue; 7.5 Yellow — violet 1 p0.1% (Na)in w;
phenol red 1p0.1% (Na)inw
Thymol blue; 8.3 Yellow — violet 3p01% (Na)in w;
cresol red 1p0.1% (Na)inw
Thymol blue; 9.0 Yellow — violet 1p0.1% in 50% e;
phenolphthalein 3p01% in 50% e
Thymolphthalein; 99 Colourless — violet 1p01% ine;
phenolphthalein 1p01%inw

* Abbreviations: p = part, w = water, e = ethanol, Na = Na salt

The colour change of a single indicator may also be improved by the addition
of a pH-sensitive dyestuff to produce the complement of one of the indicator
colours. A typical example is the addition of xylene cyanol FF to methyl orange
(1.0 g of methyl orange and 1.4 g of xylene cyanol FF in 500 mL of 50 per cent
ethanol): here the colour change from the alkaline to the acid side is
green — grey — magenta, the middle (grey) stage being at pH = 3.8. The above
is an example of a screened indicator, and the mixed indicator solution is
sometimes known as ‘screened’ methyl orange. Another example is the addition
of methyl green (2 parts of a 0.1 per cent solution in ethanol) to phenolphthalein
(1 part of a 0.1 per cent solution in ethanol); the former complements the red—
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from grey to pale blue.

10.10 UNIVERSAL OR MULTIPLE-RANGE INDICATORS

By mixing suitable indicators together changes in colour may be obtained over
a considerable portion of the pH range. Such mixtures are usually called
‘universal indicators’. They are not suitable for quantitative titrations, but may
be employed for the determination of the approximate pH of a solution by the
colorimetric method. One such universal indicator is prepared by dissolving
0.1 g of phenolphthalein, 0.2 g of methyl red, 0.3 g of methyl yellow, 0.4 g of
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bromothymol blue, and 0.5 g of thymol blue in 500 mL of absolute ethanol,
and adding sodium hydroxide solution until the colour is yellow. The colour
changes are: pH 2, red; pH 4, orange; pH 6, yellow pH 8, green pH 10, blue.

Another reapc for a universal indicator is as follows: 0.05 g of met myl orainge,
0.15 g of methyl red, 0.3 g of bromothymol blue, and 0.35 g of phenolphthalein
in 1 L of 66 per cent ethanol. The colour changes are: pH up to 3, red; pH 4,
orange—red; pH 5, orange; pH 6, yellow; pH 7, yellowish-green; pH 8§,
greenish—blue; pH 9, blue; pH 10, violet; pH 11, reddish-violet. Several
‘universal indicators’ are available commercially as solutions and as test papers.

10.11 NEUTRALISATION CURVES

The mechanism of neutralisation processes can be understood by studying the
changes in the hydrogen ion concentration during the course of the appropriate
titration. The change in pH in the neighbourhood of the equivalence point is
of the greatest importance, as it enables an indicator to be selected which will
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ordinate against the percentage of acid neutralised (or the number of mL of
alkali added) as abscissa is known as the neutralisation (or, more generally,
the titration) curve. This may be evaluated experimentally by determination of
the pH at various stages during the titration by a potentiometric method
(Sections 15.15 and 15.20), or it may be calculated from theoretical principles.

10.12 NEUTRALISATION OF A STRONG ACID WITH A STRONG BASE

For this calculation it 1s assumed that both the acid and the base are completely
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the pH values during the course of the neutralisation of the strong acid and the
strong base, or vice versa, at the laboratory temperature. For simplicity of
calculation consider the titration of 100mL of 1M hydrochloric acid with
1M sodium hydroxide solution. The pH of 1 M hydrochloric acid is 0. When
50mL of the 1 M base have been added, S0 mL of unneutralised 1 M acid will
be present in a total volume of 150 mL.

[H™* ] will therefore be 50 x 1/150 = 3.33 x 10~ !, or pH =0.48
For 75mL of base, [H*]=25x1/175=143 x 10~ !, pH = 0.84
For 90mL of base, [H*]=10x1/190=526 x 1072, pH=1.3
For 98 mL of base, [H*]=2x1/198=1.01 x 1072, pH=2.0

For 99 mL of base, [H*]=1x1/199=503 x 1073, pH =23

For 99.9 mL of base, [H*T7=0.1 x 1/199.9 = 5.00 x 10~*, pH = 3.3

Upon the addition of 100 mL of base, the pH will change sharply to 7, i.e. the
theoretical equivalence point. The resulting solution is simply one of sodium
chloride. Any sodium hydroxide added beyond this will be in excess of that
needed for neutralisation.

With 100.1 mL of base, [OH~]=0.1/200.1=5.00 x 10~%, pOH =3.3 and
pH = 10.7
With 101 mL of base, [OH™]=1/201 =500 x 1073 pOH =2.3,and pH =117

These results show that as the titration proceeds, initially the pH rises slowly,
but between the addition of 99.9 and 100.1 mL of alkali, the pH of the solution
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rises from 3.3 to 10.7, i.e. in the vicinity of the equivalence point the rate of
change of pH of the solution is very rapid.

The complete results, up to the addition of 200 mL of alkali, are collected in
1 dble lU 3 I.[llb dlb() IIILIUUCS tfle IlgUICb l()l' U 1 1V1 d.n(.l U UJ'. 1V1 bOlUllOﬁS ()I dLlU
and base respectively. The additions of alkali have been extended in all three
cases to 200 mL; it is evident that the range from 200 to 100 mL and beyond
represents the reverse titration of 100 mL of alkali with the acid in the presence
of the non-hydrolysed sodium chloride solution. The data in the table are

presented graphically in Fig. 10.2.

Table 10.3 pH during titration of 100 mL of HCI with NaOH
of equal concentration

NaOH 1M solution 0.1M solution 0.01 M solution
added (mL)  (pH) (pH) (pH)
0 0.0 10 2.0
50 0.5 L5 25
75 0.8 1.8 2.8
90 1.3 23 33
98 20 30 4.0
99 2.3 33 43
99.5 2.6 316 4.6
99.8 30 4.0 5.0
99.9 33 43 53
100.0 7.0 7.0 7.0
100.1 10.7 9.7 8.7
100.2 11.0 100 9.0
100.5 11.4 10.4 9.4
101 11.7 10.7 9.7
102 120 11.0 10.0
110 12.7 11.7 10.7
125 13.0 12.0 11.0
150 13.3 12.3 113
200 13.5 12.5 115

In quantitative analysis it is the changes of pH near the equivalence point
which are of special interest. This part of Fig. 10.2 is accordingly shown on a
larger scale in Fig. 10.3, on which are also indicated the colour-change intervals
of some of the common indicators.

With IM solutions, it is evident that any indicator with an effective range
between pH 3 and 10.5 may be used. The colour change will be sharp and the

titration error negligible.
With 0.1 M solutions. the ideal pH range for an indicator is limited to 4.5-9.5.
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Methyl orange will exist chiefly in the alkalme form when 99.8 mL of alkali
have been added, and the titration error will be 0.2 per cent, which is negligibly
small for most practical purposes; it is therefore advisable to add sodium
hydroxide solution until the indicator is present completely in the alkaline form.
The titration error is also negligibly small with phenolphthalein.

With 0.01M solutions, the ideal pH range is still further limited to 5.5-8.5;
such indicators as methyl red, bromothymol blue, or phenol red will be suitable.
The titration error for methyl orange will be 1-2 per cent.

The above considerations apply to solutions which do not contain carbon
dioxide. In practice, carbon dioxide is usually present (compare Section 10.7)
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Fig. 10.2 Neutralisation curves of 100 mL of HCl with NaOH of same concentration
(calculated).
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Fig. 10.3 Neutralisation curves of 100 mL of HCl with NaOH of same concentration in
vicinity of equivalence point (calcnlated).

arising from the small quantity of carbonate in the sodium hydroxide and/or
from the atmosphere. The gas is in equilibrium with carbonic acid, of which
both stages of ionisation are weak. This will introduce a small error when
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indicators of high pH range (above pH 5) are used, e.g. phenolphthalein or
thymolphthalein. More acid indicators, such as methyl orange and methyl
yellow, are unaffected by carbonic acid. The difference between the amounts of
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greater than 0.15-0.2mL of 0.1 M sodium hydroxide when 100 mL of 0.1 M
hydrochloric acid are titrated. A method of eliminating this error, other than
that of selecting an indicator with a pH range below pH 3, is to boil the solution
while still acid to expel carbon dioxide and then to continue the titration with
the cold solution. Boiling the solution is particularly efficacious when titrating
dilute (e.g. 0.01 M) solutions.

10.13 NEUTRALISATION OF A WEAK ACID WITH A STRONG BASE

The neutralisation of 100 mL of 0.1 M acetic acid (ethanoic acid) with 0.1 M
sodium hydroxide solution will be considered here; other concentrations can
be treated similarly. The pH of the solution at the equivalence point is given

hy (Qartinn 2 101
Uy | DVLLIVIL &1 7 )

pH = 3pK,, + 3pK,—4pc = 7+ 237 - 4(13) = 872

For other concentrations, we may employ the approximate Mass Action
expression:

[H*]x[CH,COO™]/[CH,;COOH] = K, (6)
or [H*] =[CH;COOH] x K,/[CH,COO™]

or pH = log[Salt]/[ Acid] + pK, (7)
The concentration of the salt (and of the aci d) at any point is calculated from
the volume of alkali added, due allowance being made for the total volume of

the solution.

The initial pH of 0.1M acetic acid is computed from equation (6); the
dissociation of the acid is relatively so small that it may be neglected in expressing
the concentration of acetic acid. Hence from equation (6):

[H*] x [CH,COO J/[CH;COOH] =1.82x10"7
or [H*J?/01 =1.82x107°

or [H*]=./182x107°% =135x 1072

or pH = 2.87

When 50 mL of 0.1 M alkali have been added,

[Salt] = 50 x 0.1/150 = 3.33 x 102

and [Acid] = 50 x 0.1/150 = 3.33 x 10~2

pH = log(3.33 x 1072/333 x 1072) + 474 = 4.74

The pH values at other points on the titration curve are similarly calculated.
After the equivalence point has been passed, the solution contains excess of
OH ™ ions which will repress the hydrolysis of the salt; the pH may be assumed,
with sufficient accuracy for our purpose, to be that due to the excess of base
present, so that in this region the titration curve will almost coincide with that
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for 0.1 M hydrochloricacid ( Fig. 10.2 and Table 10.3). All the results are collected
in Table 10.4, and are depicted graphically in Fig, 10.4. The results for the
titration of 100 mL of 0.1 M solution of a weaker acid (K,=1 x 1077) with

FaUE B W 4 el

a
0.1 M sodium hydroxide at the laboratory temperature are also included.

Table 10.4 Neutralisation of 100 mL of 0.1M acetic acid
(K,=1.82 x 10-5) and of 100 mL of 0.IM HA (K,=1x 1077}
with 0.1Af sodium hydroxide

Vol. of 0.1M NaOH  0.1M acetic acid  0.1M HA (K,=1x 1077)

used (mL) (pH) (pH)
0 29 4.0
10 38 6.0
25 43 6.5
50 4.7 7.0
90 5.7 8.0
99.0 6.7 9.0
99.5 7.0 9.3
99.8 7.4 9.7
999 7.7 9.8
100.0 8.7 99
100.2 10.0 10.0
100.5 104 10.4
101 10.7 10.7
110 11.7 11.7
125 12.0 12,0
150 12.3 123
200 12,5 12,5
pH 14
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Fig. 104 Neutralisation curves of 100 mL of 0.1M acetic acid (K, =1.82 x 10-3) and
of 0.1M acid (K, =1 x 10~7) with 0.1 sodium hydroxide (calculated).
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For 0.1 M acetic acid and 0.1 M sodium hydroxide, it is evident from the
titration curve that neither methyl orange nor methyl red can be used as
indicators. The equivalence point is at pH 8.7, and it is necessary to use an
indicator with a 1.111 ramnge on the sl auguuy alkaline Sldc, such as l.rueﬁ(‘uputhalﬁu,
thymolphthalein, or thymol blue (pH range, as base, 8.0-9.6). For the acid
with K, = 1077, the equivalence point is at pH = 10, but here the rate of change
of pH in the neighbourhood of the stoichiometric point is very much less
pronounced, owing to considerable hydrolysis. Phenolphthalein will commence
to change colour after about 92 mL of alkali have been added, and this change
will occur to the equivalence point; thus the end point will not be sharp and
the titration error will be appreciable. With thymolphthalein, however, the
colour change covers the pH range 9.3—10.5; this indicator may be used, the
end point will be sharper than for phenolphthalein, but nevertheless somewhat
gradual, and the titration error will be about 0.2 per cent. Acids that have
dissociation constants less than 1077 cannot be satisfactorily titrated in 0.1 M
solution with a simple indicator.

In general, it may be stated that weak acid

with phenolphthalem thymolphthalein, or

CJ

(K,>5x 1 )sho.l.ldh titrated
hymol blue as indicato

S
rt

10.14 NEUTRALISATION OF A WEAK BASE WITH A STRONG ACID

This may be illustrated by the titration of 100 mL of 0.1M aqueous ammonia
(K,=1.85x 107°) with 0.1 M hydrochloric acid at the ordinary laboratory
temperature. The pH of the solution at the equivalence point is given by the
equation (Section 2.19):

pH =3ipK,—ipK,+1ipc =7-237+1(13

r== r==w 2r-*p VvV 2r Akl A
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For other concentrations, the pH may be calculated with sufficient accuracy as
follows (compare previous section):

[NHS]x[OH"]/[NH,] = K, (3)
or [OH ] =[NH;]xK,/[NH/] (9)
or pOH = log[ Salt]/[Base] + pK, (10)
or pH = pK, —pK, —log[ Salt]/[ Base] (11)

After the equivalence point has been reached, the solution contains excess of
H* 1ons, hydrolysis of the salt is suppressed, and the subsequent pH changes
may be assumed, with sufficient accuracy, to be those due to the excess of acid
present.

The results computed in the above manner are represented graphically in
Fig. 10.5; the results for the titration of 100 mL of a 0.1 M solution of a weaker
base (K, =1 x 107 7) are also included.

1t is clear that neither thymolphthalein nor phenolphthalein can be employed
in the titration of 0.1 M aqueous ammonia. The equivalence point is at pH 5.3,
and it is necessary to use an indicator with a pH range on the slightly acid side
(3-6.5), such as methyl orange, methyl red, bromophenol blue, or bromocresol
green. The last-named indicators may be utilised for the titration of all weak
bases (K, > 5 x 107%) with strong acids.
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Fig. 10.5 Neutralisation curves of 100 mL 0.1} aqueous ammonia (K,= 1.8 x 10-5)
and of 0.1M base (K, =1 x 10~7) with 0.1M hydrochloric acid.

For the weak base (K, =1 x 1077), bromophenol blue or methyl orange
may be used; no sharp colour change will be obtained with bromocresol green
or with methyl red, and the titration error will be considerable.

10.15 NEUTRALISATION OF A WEAK ACID WITH A WEAK BASE

This case is exemplified by the titration of 100mL of 0.1 M acetic acid
(K,=1.82 x 107%) with 0.1 M aqueous ammonia (K, = 1.8 x 107%). The pH at
the equivalence point is given by (Section 2.19)

pH = ipK, +3pK,—3pK, = 7.0+ 238 —2.37 = 7.1

The neutralisation curve up to the equivalence poiht is almost identical with
that using 0.1 M sodium hydroxide as the base; beyond this point the titration
is virtually the addition of 0.1 M aqueous ammonia solution to 0.1 M ammonium
acetate solution and equation (11) (Section 10.14)is applicable to the calculation
of the pH. The titration curve for the neutralisation of 100 mL of 0.1 M acetic
acid with 0.1 M aqueous ammonia at the laboratory temperature i1s shown by
the broken line in Fig. 10.4. The chief feature of the curve is that the change of
pH near the equivalence point and, indeed, during the whole of the neutralisation
curve is very gradual. There is no sudden change in pH, and hence no sharp
end point can be found with any simple indicator. A mixed indicator, which
exhibits a sharp colour change over a very limited pH range, may sometimes
be found which is suitable. Thus for acetic acid—ammeonia solution titrations,
neutral red-methylene blue mixed indicator may be used (see Section 10.9), but
on the whole, it is best to avoid the use of indicators in titrations involving both
a weak acid and a weak base.
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10.16 NEUTRALISATION OF A POLYPROTIC ACID WITH A STRONG BASE

The shape of the titration curve will depend upon the relative magnitudes of
the various dissociation constants. It is assumed that titrations take place at
the ordinary laboratory temperature in solutions of concentration of 0.1 M or
stronger. For a diprotic acid, if the difference between the primary and secondary
dissociation constants is very large (K, /K , > 10000), the solution behaves like
a mixture of two acids with constants K, and K , respectively; the considerations
given previously may be applied. Thus for sulphurous acid, K, =1.7 x 1072
and K, = 1.0 x 1077, it is evident that there will be a sharp change of pH near
the first equivalence point, but for the second stage the change will be less
pronounced, yet just sufficient for the use of, say, thymolphthalein as indicator
(see Fig. 10.4). For carbonic acid, however, for which K, =43 x 10™7 and
K, =5.6 x 1071 only the first stage will be just discernible in the neutralisation
curve (see Fig. 10.4); the second stage is far too weak to exhibit any point of
inflexion and there is no suitable indicator available for direct titration. As
indicator for the primary stage, thymol blue may be used (see Section 10.13),
although a mixed indicator of thymol biue (3 parts) and cresof red (1 part) (see
Section 10.9) is more satisfactory; with phenolphthalein the colour change will
be somewhat gradual and the titration error may be several per cent.

It can be shown that the pH at the first equivalence point for a diprotic acid
is given by

[(H*] = K.K,c

K,+c¢
Provided that the first stage of the acid is weak and that K, can be neglected
by comparison with ¢, the concentration of salt present, this expression reduces to

[H+] = \/Klea or pH = %PKl‘*’%pKz-

With a knowledge of the pH at the stoichiometric point and also of the
course of the neutralisation curve, it should be an easy matter to select the
appropriate indicator for the titration of any diprotic acid for which K, /K, is
at least 10*. For many diprotic acids, however, the two dissociation constants
are too close together and it is not possible to differentiate between the two
stages. If K, is not less than about 1077, all the replaceable hydrogen may be
titrated, e.g. sulphuric acid (primary stage — a strong acid), oxalic acid, malonic,
succinic, and tartaric acids.

Similar remarks apply to triprotic acids. These may be illustrated by reference
to phosphoric(V) acid (orthophosphoric acid), for which K, =7.5 x 1073,
K,=62x10"% and K, =5x 10713 Here K,/K,=12x10%and K,/K,=
1.2 x 103, so that the acid will behave as a mixture of three monoprotic acids
with the dissociation constants given above. Neutralisation proceeds almost
completely to the end of the primary stage before the secondary stage is
appreciably affected, and the secondary stage proceeds almost to completion
before the tertiary stage is apparent. The pH at the first equivalence point is
given approximately by (5pK, +4pK,)=4.6, and at the second equivalence
point by (3pK, + $pK;)=9.7; in the very weak third stage, the curve is very
flat and no indicator is available for direct titration. The third equivalence point
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may be calculated approximately from the equation (Section 10.13):
pH = $pK, +3pK,—ipc = 7.0 +6.15 - 1(1.6) = 12.35 for 0.1M H,PO,.

For the primary stage (phosphoric(V)acid as a monoprotic acid), methyl orange,
bromocresol green, or Congo red may be used as indicators. The secondary
stage of phosphoric(V) acid is very weak (see acid K,=1 x 1077 in Fig. 104)
and the only suitable simple indicator is thymolphthalein (see Section 10.14);
with phenolphthalein the error may be several per cent. A mixed indicator
composed of phenolphthalein (3 parts) and 1-naphtholphthalein (1 part) is very
satisfactory for the determination of the end point of phosphoric(V) acid as a
diprotic acid (see Section 10.9). The experimental neutrahisation curve of 50 mL
of 0.1M phosphoric(V) acid with 0.1M potassium hydroxide, determined by
potentiometric titration, is shown in Fig. 10.6.

pH 14 ]
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Fig. 10.6 Titration of 50 mL of 0.1M H,PO, with 0.1A KOH.

There are a number of triprotic acids, e.g. citric acid with K, =9.2 x 1074,
K,=27x 1073 K;=1.3 x 10, the three dissociation constants of which are
too close together for the three stages to be differentiated easily. f K5 > ca 1077,
all the replaceable hydrogen may be titrated; the indicator will be determined
by the value of K.

10.17 TITRATION OF ANIONS OF WEAK ACIDS WITH STRONG ACIDS: 'DISPLACEMENT
TITRATIONS'

So far the titrations considered have involved a strong base, the hydroxide ion,

277



10 TITRIMETRIC ANALYSIS

but titrations are also possible with weaker bases, such as the carbonate ion,
the borate ion, the acetate ion, etc. Formerly titrations involving these ions were

regarded as titrations of solutions of hydrolysed salts, and the net result was

that the weak acid was displaced by the stronger acid. Thus in the titration of

sodium acetate solution with hydrochioric acid the following equilibria were
considered:

CH,.COO™ +H,0 = CH,.COOH + OH~ (hydrolysis)

H* + OH™ = H, O (strong acid reacts with OH~ produced by hydrolysis).
The net result thus appeared to be:

H*+CH,COO™ = CH,.COOH

or CH,.COONa+ HCi = CH;.COOH + NaCli

ie. the weak acetic acid was apparently displaced by the strong hydrochioric
acid, and the process was referred to as a displacement titration. According to
the Bronsted—Lowry theory the so-called titration of solutions of hydrolysed
salts is merely the titration of a weak base with a strong (highly ionised) acid.
When the anion of a weak acid is titrated with a strong acid the titration curve
is identical with that observed in the reverse titration of a weak acid itself with
a strong base (compare Section 10.13).

A few examples encountered in practice include the following.

Titration of borate ion with a strong acid. The titration of the tetraborate 10on
with hydrochloric acid is similar to that described above. The net result of the
displacement titration is given by:

B,0%  +2H* +5H,0 = 4H,BO,

i 4 Tii3 NS g

Boric acid behaves as a weak monoprotic acid with a dissociation constant of
6.4 x 107'%. The pH at the equivalence point in the titration of 0.2 M sodium
tetraborate with 0.2 M hydrochloric acid is that due to 0.1 M boric acid, i.e. 5.6.
Further addition of hydrochloric acid will cause a sharp decrease of pH and
any indicator covering the pH range 3.7-5.1 (and slightly beyond this) may be
used; suitable indicators are bromocresol green, methyl orange, bromophenol
blue, and methyl red.

Titration of carbonate ion with a strong acid. A solution of sodium carbonate
may be titrated to the hydrogencarbonate stage (i.e. with one mole of
hydrogen ions), when the net reaction is:

CO%™ + H* = HCO;

The equivalence point for the primary stage of ionisation of carbonic acid is at
pH = (3pK, + 41pK,)=8.3, and we have seen (Section 10.14) that thymol blue
and, less satisfactorily, phenolphthalein, or a mixed indicator (Section 10.9) may
be employed to detect the end point.

Sodium carbonate solution may also be titrated until alt the carbonic acid
is displaced. The net reaction is then:

CO3}™ +2H* = H,CO,
The same end point is reached by titrating sodium hydrogencarbonate solution
with hydrochloric acid:
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HCO; + H* = H,CO,

The end point with 160 mL of 0.2M sodium hydrogencarbonate and 0.2M
hydrochloric acid may be deduced as follows from the known dissociation
constant and concentration of the weak acid. The end point will obviously occur
when 100 mL of hydrochloric acid has been added, i.e. the solution now has a
total volume of 200 mL. Consequently since the carbonic acid liberated from
the sodium hydrogencarbonate (0.02 moles) is now contained in a volume of
200 mL, its concentration is 0.1M. K, for carbonic acid has a value of
4.3 x 1077, and hence we can say:

[H*1x[HCO;]/[H,CO,]1 =K, =43 x 10" "mol L™"
and since

[H"}=[HCO;]

[H*]=./43x10"7x0.1 = 207 x 10°*

o at th ala thire ammraviniato 27 tha cormn Ao e
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ionisation and the loss of carbonic acid, due to any escape of carbon dioxide,
have been neglected. Suitable indicators are therefore methyl yeliow, methyl
orange, Congo red, and bromophenol blue. The experimental titration curve,
determined with the hydrogen electrode, for 100 mL of 0.1 M sodium carbonate
and 0.1 M hydrochlioric acid i1s shown in Fig. 10.7.

pH 14

Indicator
I3 ranges
12
11
10
N Phenol
9 phthalein
g NBHC03 -A\
Thymol blue
7 \\\\
[
6 Brom(;
henol
3 blue
4 H,CO, ?% Methyl
3 f\ orange
2
[
0

0 10 20 30 40 50 60 70 80 90 100
Acid added, mL

Fig. 10.7 Titration of 100 mL of 0.1M Na,CO; with 0.1 HCL

Cations of weak bases (i.e. Bronsted acids such as the phenylammonium ion
CcsH NH7 ) may be titrated with strong bases, and the treatment is similar.
These were formerly regarded as salts of weak bases (e.g. aniline (phenylamine),
K, =40 x 1071°) and strong acids: an example is aniline hydrochloride
(phenylammonium chloride).
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10.18 CHOICE OF INDICATORS IN NEUTRALISATION REACTIONS

As a general rule, for a titration to be feasible there should be a change of
approximately two units of pH at or near the stoichiometric point produced
by the addition of a small volume of the reagent. The pH at the equivalence
point may be calculated by using the equations given in Section 2.19 (see also
below), the pH at either side of the equivalence point (0.1-1 mL) may be
calculated as described in the preceding sections, and the difference will indicate
whether the change is large enough to permit a sharp end point to be observed.
Alternatively, the pH change on both sides of the equivalence point may be
obtained from the neutralisation curve determined by potentiometric titration
(Sections 15.15 and 15.20). If the pH change is satisfactory, an indicator should
be setected that changes at or near the equivalence point.

For convenience of reference, the conclusions already deduced from theoretical
principles are summarised below.

Strong acid and strong base. For 0.1 M or more concentrated solutions, any
indicator may be used which has a range between the limits pH 4.5 and
pH 9.5. With 0.01 M solutions, the pH range 1s somewhat smaller (5.5-8.5). If
carbon dioxide is present, either the solution should be boiled while still acid
and the solution titrated when cold, or an indicator with a range below pH 5
should be employed.

Weak acid and a strong base. The pH at the equivalence point is calculated
from the equation:

pH=3pK, + ipK,— 3pc

Tha nH ranoce f ~ide vt K
1 ll\a Pll l.aus\, I.Ul au:ua Wl .l.\.a

the range is reduced (8—10). The pH range 8—10.5 will cover most of the examples
likely to be encountered; this permits the use of thymol biue, thymolphthalein,
or phenolphthalein.
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Weak base and strong acid. The pH at the equivalence point is computed from
the equation:

pH = 3pK,, — 3pK, +3pc
The pH range for bases with K, > 103 is 3-7, and for weaker bases (K, > 107°)

3-5. Suitable indicators will be methyl red, methyl orange, methyl yeliow,
bromocresol green, and bromophenol blue.

Weak acid and weak base. There is no sharp rise in the neutralisation curve
d.[ll.l, generauy no blIﬂplC llll.llbdl.()r can DC USCU l [lC Ulldl.l(_)[l bﬂOLllU [uer(‘:m[c
be avoided, if possible. The approximate pH at the equivalence point can be

computed from the equation:
pH = ;pK, +3:pK, - ipK,

It is sometimes possible to employ a mixed indicator (see Section 10.9) which
exhibits a colour change over a very limited pH range, for example, neutral
red—methylene blue for dilute ammonia solution and acetic (ethanoic) acid.

Polyprotic acids (or mixtures of acids, with dissociation constants K, K,, and
K;) and strong bases. The first stoichiometric end point is given approximately
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by:
— 1
pH = 3(pK, +pK,)
The second stoichiometric end point is given approximately by:

Anion of a weak acid titrated with a strong acid. The pH at the equivalence
point is given by:

pH = ipK, — 7pK,— ipc

Cation of a weak base titrated with a strong base. The pH at the stoichiometric
end point 1s given by:
pH = 3pK, — 3pK,— tpc

As a general rule, wherever an indicator does not give a sharp end point, it
is advisable to prepare an equal volume of a comparison solution containing
the same quantity of indicator and of the final products and other components
of the titration as in the solution under test, and to titrate to the colour shade
thus obtained.

In cases where it proves impossible to find a suitable indicator (and this will
occur when dealing with strongly coloured solutions) then titration may be
possible by an electrometric method such as conductimetric, potentiometric or
amperometric titration; see Chapters 13—16. In some instances, spectrophotometric
titration (Chapter 17) may be feasible. It should also be noted that if it is possible
to work in a non-aqueous solution rather than in water, then acidic and basic
properties may be altered according to the solvent chosen, and titrations

which are difficult in agueous solution may then bhecome easy to pprf\_ﬂm

This procedure is widely used for the analysis of organic materials but is
of very limited application with inorganic substances and is discussed in
Sections 10.19-10.21.

10.19 TITRATIONS IN NON-AQUEQUS SOLVENTS

The Brensted—Lowry theory of acids and bases referred to in Section 10.7 can
be applied equally well to reactions occurring during acid—base titrations in
non-aqueous solvents. This is because their approach considers an acid as any
substance which will tend to donate a proton, and a base as a substance which
will accept a proton. Substances which give poor end points due to being weak
acids or bases in aqueous solution will frequently give far more satisfactory
end points when titrations are carried out in non-aqueous media. An additional
advantage 1s that many substances which are insoluble in water are sufficiently
soluble in organic solvents to permit their titration in these non-aqueous media.

In the Bronsted—Lowry theory, any acid (HB) is considered to dissociate in
solution to give a proton (H ") and a conjugate base (B ™); whilst any base (B)
will combine with a proton to produce a conjugate acid (HB ™).

HB=H" + B~ (a)
B+H* = HB* (b)

The ability of substances to act as acids or bases will depend very much upon
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the nature of the solvent system which is employed. Non-aqueous solvents are
classified into the four groups: aprotic solvents, protophilic solvents, protogenic
solvents, and amphiprotic solvents.

Aprotic soivents inciude those substances which may be considered to be
chemically neutral and virtually unreactive under the conditions employed.
Carbon tetrachloride and benzene come in this group, they possess low dielectric
constants, do not cause ionisation in solutes and do not undergo reactions with
acids and bases. Aprotic solvents are frequently used to dilute reaction mixtures
while taking no part in the overall process.

Protophilic solvents are substances such as liquid ammonia, amines and
ketones which possess a high affinity for protons. The overall reaction taking
place can be represented as:

HB+S=SH* +B" (¢)

The equilibrium in this reversible reaction will be greatly influenced by the
nature of the acid and that of the solvent. Weak acids are normally used in the
presence of aLTGi’isl_y pTOt(‘;pluuu solvents as their acidic strengum ar¢ then
enhanced and then become comparable to those of strong acids — this 1s referred
to as the ‘levelling effect’.

Protogenic solvents are acidic in nature and readily donate protons. Anhydrous
acids such as hydrogen fluoride and sulphuric acid fall in this category; because
of their strength and ability to donate protons they enhance the strength of
weak bases.

Amphiprotic solvents consist of liquids, such as water, alcohols and weak
organic acids, which are slightly ionised and combine both protogenic and
protophilic properties in being able to donate and to accept protons

IIIUb, aucub (culaumu) auu ulbpldyb auuiu properties lll dissociati I‘g to
produce protons:

CH,COOH = CH,COO~ +H*

But in the presence of perchloric acid, which is a far stronger acid, acetic acid
will accept a proton:

CH,COOH + HCIO, = CH,COOH; + ClO;

The CH,COOH; ion so formed can very readily give up its proton to react
with a base. A weak base will, therefore, have its basic properties enhanced,
and as a consequence titrations between weak bases and perchioric acid can
frequently be readily carried out using acetic acid as solvent.

In general, strongly protophilic solvents lead to the equilibrium of equation
({"l being forced to the richt. This effect is 5o nnwprf‘ll] that in such solvents all
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a(:1ds act as if they were of similar strength. The converse of this occurs with
strongly protogenic solvents which cause all bases to act as if they were of
similar strength. Solvents which act in this way are known as ‘levelling’ solvents.

Determinations in non-aqueous solvents are of importance for substances
which may give poor end points in normal aqueous titrations and for substances
which are not soluble in water. They are also of particular value for determining
the proportions of individual components in mixtures of either acids or of bases.
These differential titrations are carried out in solvents which do not exert a
levelling effect.

Whilst indicators may be used to establish individual end points, as in
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traditional acid—base titrations, potentiometric methods of end point detection
are also used extensively, especially for highly coloured solutions.
Non—aqueous titrations have been used to quantlfy mixtures of prlmary,

S€con udry d.IlU Lcrudry dm]an l()r bLLl(.ly]ng 5u1pn0‘ndmlues m1x1urcs OI pUI'll'lEb
and for many other organic amino compounds and salts of organic acids.

10.20 SOLVENTS FOR NON-AQUEOUS TITRATIONS

A very large number of both inorganic and organic solvents have been used for
non-aqueous determinations, but a few have been used more frequently than
most. Some of the most widely applied solvent systems are discussed below. In
all instances pure, dry analytical reagent quality solvents should be used to
assist in obtaining sharp end points.

Glacial acetic acid (ethanoic acid) is by far the most frequently employed
solvent for this purpose. Before it is used it i1s advisable to check the water
content, which may be between 0.1 and 1.0%, and to add just sufficient acetic
anhydride to convert any water to the acid. The acid may be used by itself or
In conjunction with other solvents such as acetic anhydride, acetonitrile and
nitromethane.

Acetonitrile (methyl cyanide, cyanomethane) is frequently used with other
solvents such as chloroform and phenol, and particularly with acetic acid. It
enables very sharp end points to be obtained in the titration of metal acetates®
when titrated with perchloric acid.

Alcohols: it has been found that determinations of salts of organic acids and
especially of soaps are best carried out in solvent mixtures of glycols and alcohols
or of glycols and hydrocarbons. The most common combinations of this type
are ethylene glycol (dihydroxyethane) with propan-2-ol or butan-1-ol. The
combinations provide admirable solvent power for both the polar and non-polar
ends of the molecule. Another suitable solvent mixture is methanol and benzene.

Dioxan is another popular solvent which is often used in place of glacial
acetic acid when mixtures of substances are to be quantified. Unlike acetic acid,
dioxan is not a levelling solvent and separate end points are normally possible
corresponding to the individual components in the mixtures.

Dimethylformamide (DMF) is a protophilic solvent which is frequently
employed for titrations between, for instance, benzoic acid and amides, although
end points may sometimes be difficult to obtain.

10.21 INDICATORS FOR NON-AQUEOUS TITRATIONS

The various relationships concerning the interconversion between un-ionised
and ionised or different resonant forms of indicators referred to in Section 10.7
apply equaliy well to those indicators used for non-aqueous titrations. However,
in this type of titration the colour change exhibited by an indicator at the
end point is not always the same for different titrations as it depends upon the
nature of the titrand to which it has been added. The colour corresponding to
the correct end point may be established by carrying out a potentiometric
titration while simultaneously observing the colour change of the indicator. The
appropriate colour corresponds to the inflexion point of the titration curve (see
Section 15.18).
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The majority of non-aqueous titrations are carried out using a fairly limited
range of indicators. Typical of those employed are the following.

(a) Crystal violet is used as a 0.5 per cent w/v solution in glacial acetic acid.
Its colour change is from violet through blue, followed by green, then to
greenish-yellow, in reactions in which, for instance, bases such as pyridine
are titrated with perchloric acid.

(b) Methyl red is used as a 0.2 per cent w/v solution in dioxan with a yellow
to red colour change.

(¢) I-Naphthol benzein gives a yellow to green colour change when employed
as a 0.2 per cent w/v solution in acetic acid. It gives sharp end points in
nitromethane containing acetic anhydride for titrations of weak bases
against perchloric acid.

(d) Oracet blue B is used as a 0.5 per cent w/v solution in acetic acid and is
considered to be superior to crystal violet for titrations of bases in acetic
acid with standard perchloric acid. The end point is a distinct change from
blue to pink.

() Quinaldine red has been used as an indicator for drug determinations in
dimethylformamide solution. It 1s used as a 0.1 per cent w/v solution in
ethanol and gives a colour change from purple/red to pale green.

(f) Thymol blue is used extensively as an indicator for titrations of substances
acting as acids in dimethylformamide solution. It is used as a 0.2 per cent
w /v solution in methanol with a sharp colour change from yellow to blue
at the end point.

10.22 PREPARATION OF A STANDARD ACID

Hydrochloric acid and sulphuric acid are widely employed in the preparation
of standard solutions of acids. Both of these are commercially available as
concentrated solutions; concentrated hydrochloric acid is about 10.5-12M, and
concentrated sulphuric acid is about 18 M. By suitable dilution, solutions of
any desired approximate concentration may be readily prepared. Hydrochloric
acid is generally preferred, since most chlorides are soluble in water. Sulphuric
acid forms insoluble salts with calcium and barium hydroxides; for titration of
hot liquids or for determinations which require boiling for some time with excess
of acid, standard sulphuric acid is, however, preferable. Nitric acid is rarely
employed, because it almost invariably contains a little nitrous acid, which has
a destructive action upon many indicators.

For the preparation of standard solutions of hydrochloric acid, two methods

ara avyailahla Th Brat ntilicag the avnarimantal fant that aqtaniic enlittinnge ~f
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hydrochloric acid lose either hydrogen chloride or water upon boiling, according
to whether they are more or less concentrated than the constant boiling point
mixture, until they attain a practically constant composition (constant boiling
point mixture), which depends upon the prevailing pressure. The composition
of this constant boiling mixture, listed in Table 10.5, and its dependence upon
pressure have been determined with great accuracy by Foulk and Hollingsworth.”
The constant boiling point acid is neither hygroscopic nor appreciably
volatile, and its concentration remains unchanged if kept in a well-stoppered
vessel out of direct sunlight. This acid may be employed directly in the
preparation of a solution of hydrochloric acid of known concentration.
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Table 10.5 Composition of constant boiling point hydrochloric
acid

Pressure (Pa)  Percentage of HCl in acid Weight of acid, weighed

(vac, wt.) in air, containing 36.47 g
of HCI (g)
103 991 20.173 180.621
102 658 20.197 180.407
101 325 20.221 180.193
99992 20.245 179.979
98659 20.269 179.766
971325 20.293 179.555

In the second method a solution of the approximate strength required 1is
prepared, and this is standardised against some standard alkaline substance,
such as sodium tetraborate or anhydrous sodium carbonate; standard potassium

iodate or pure silver may also be used (see Section 10.84). If a solution of an

exact strength is required, a solution of an approximate strength somewhat
greater than that desired is first prepared; this is suitably diluted with water
after standardisation (for a typical calculation, see Appendix 17).

10.23 PREPARATION OF CONSTANT BOILING POINT HYDROCHLORIC ACID

Mix 400 mL of pure concentrated hydrochloric acid with 250-400 mL of distilied
water so that the specific gravity of the resultant acid 1s 1.10 (test with a
hydrometer). Insert a thermometer in the neck of a 1 L Pyrex distillation flask

1o i1 P L
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side tube; use an all-glass apparatus. Place 500 mL of the diluted acid in the
flask, distil the liquid at a rate of about 3—4 mL min "~ ! and collect the distillate
in a small Pyrex flask. From time to time pour the distillate into a 500 mL
measuring cylinder. When 375 mL has been collected in the measuring cylinder,
collect a further 50 mL in the small Pyrex flask; watch the thermometer to see
that the temperature remains constant. Remove the receiver and stopper it; this
contains the pure constant boiling point acid. Note the barometric pressure to
the nearest millimetre at intervals during the distillation and take the mean
value. Interpolate the concentration of the acid from Table 10.5.

10.24 DIRECT PREPARATION OF 0.1 # HYDROCHLORIC ACID FROM THE CONSTANT
BOILING POINT ACID

Clean and dry a small, stoppered conical flask. After weighing, do not handle
the flask directly with the fingers; handle it with the aid of a tissue or a linen
cloth. Add the calculated quantity of constant boiling point acid required for
the preparation of 1 L of 0.1 M acid (see Table 10.5) with the aid of a pipette;
make the final adjustment with a dropper pipette. Reweigh the flask to 0.001 g
after replacing the stopper. Add an equal volume of water to prevent loss
of acid, and transfer the contents to a 1 L graduated flask. Wash out the weighing
flask several times with distilled water and add the washings to the original
solution. Make up to the mark with distilled water. Insert the stopper and mix
the solution thoroughly by shaking and inverting the flask repeatedly.
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Note. Unless a solution of exact concentration is required, it is not necessary to weigh
out the exact quantity of constant-boiling acid; the concentration may be calculated
from the weight of acid. Thus if 18.305 g of acid, prepared at 101 325 Pa was diluted to
1L, its concentration would be 18.305/180.193 = 0.101 58 mol L~ 1.

10.25 PREPARATION OF APPROXIMATELY 0.1 7 HYDROCHLORIC ACID AND
STANDARDISATION

Measure out 9 mL of pure concentrated hydrochloric acid by means of a burette,
pour the acid into a 1 L measuring cylinder containing about 500 mL of distilled
water. Make up to the litre mark with distilled water and thoroughly mix by
shaking. This will give a solution that is approximately 0.1 M.

Note. If 1 M hydrochloric acid is required, use 90 mL of the concentrated acid. If
0.01M acid is required, dilute two 50 mL portions of the approximately 0.1 M acid,
removed with a 50 mL pipette, to 1 litre in a graduated flask.

Approximately 0.05M sulphuric acid is similarly prepared from 3 mL of pure
concentrated sulphuric acid.

Two excellent methods (utilising acid—base indicators) are available for
standardisation. The first is widely employed, but the second is more convenient,
less time-consuming, and equally accurate. A third, back-titration, procedure is
also available.

A. Standardisation with anhydrous sodium carbonate. Pure sodium carbonate.
Analytical reagent quality sodium carbonate of 99.9 per cent purity is obtainable
commercially. This contains a little moisture and must be dehydrated by heating
at 260-270 °C for half an hour and allowed to cool in a desiccator before use.
Alternatively, pure sodium carbonate may be prepared by heating sodium
hydrogencarbonate to 260-270 °C for 60-90 minutes; the temperature must
not be allowed to exceed 270 °C, for above this temperature the sodium
carbonate may lose carbon dioxide. It has been recommended? that the sodium
hydrogencarbonate be decomposed by adding to hot (85 °C) water, and then
the hydrated sodium carbonate which crystallises out is filtered off and
dehydrated by heating, first at 100 °C, and finally at 260270 °C.

In all cases the crucible is allowed to cool in a desiccator, and, before it is
quite cold, the solid is transferred to a warm, dry glass-stoppered tube or bottle,
out of which, when cold, it may be weighed rapidly as required. It is important
to remember that anhydrous sodium carbonate is hygroscopic and has a
tendency to change into the monohydrate.

Procedure. Weigh out accurately from a weighing bottle about 0.2 g of the pure
sodium carbonate into a 250 mL conical flask (Note 1), dissolve it in 50-75 mL
of water, and add 2 drops of methyl orange indicator (Note 2) or preferably of
methyl orange—indigo carmine indicator (Section 10.9), which gives a very much
more satisfactory end point (Note 3). Rinse a clean burette three times with 5 mL
portions of the acid: fill the burette to a point 2—3 cm above the zero mark and
open the stopcock momentarily, in order to fill the jet with liquid. Examine the
jet to see that no air bubbles are enclosed. If there are, more liquid must be run
out until the jet is completely filled. Re-fill, if necessary, to bring the level above
the zero mark; then slowly run out the liquid until the level is between the 0.0
and 0.5 mL marks. Read the position of the meniscus to 0.01 mL (Section 3.12).

286



PREPARATION OF APPROXIMATELY 0.14 HYDROCHLORIC ACID AND STANDARDISATION  10.25

Place the conical flask containing the sodium carbonate solution upon a piece
of unglazed white paper or a white tile beneath the burette, and run in the acid
slowly from the burette. During the addition of the acid, the flask must be
constantly rotated with one hand while the other hand controls the stopcock.
Continue the addition until the methyl orange becomes a very faint yeliow or
the green colour commences to become paler, when the methyl orange—indigo
carmine indicator is used. Wash the walls of the flask down with a little distiiied
water from a wash bottle, and continue the titration very carefully by adding
the acid dropwise until the colour of the methyl orange becomes orange or a
faint pink, or the colour of the mixed indicator is a neutral grey. This marks
the end point of the titration, and the burette-reading should be taken and
recorded in a note-book. The procedure is repeated with two or three other
portions of sodium carbonate. The first (or preliminary) titration will indicate
the location of the true end point within 0.5 mL. With experience and care,
subsequent titrations can be carried out very accurately, and should yield
concordant results. From the weights of sodium carbonate and the volumes of

hvdrochloric acid embploved. the strength of the acid mav be computed for each
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t1trat1on. The arithmetical mean is used to calculate the strength of the solution.

Notes. (1) For elementary students, an approximately 0.05M solution of sodium
carbonate may be prepared by weighing out accurately about 1.3 g of pure sodium
carbonate in a weighing bottle or in a small beaker, transferring it to a 250 mL graduated
flask, dissolving it in water (Section 3.28), and making up to the mark. The flask is well
shaken, then 25.00 mL portions are withdrawn with a pipette and titrated with the acid
as described above. Individual titrations should not differ by more than 0.1 mL. Record
the results as in Section 10.30.

(2) To obtain the most accurate results, a comparison solution, saturated with carbon
dioxide and containing the same concentration of sodium chloride (the colour of methyl
orange in a saturated aqueous solution of carbon dioxide is sensitive to the concentration
of sodium chloride) and indicator as the titrated solution at the end point, should be used.

(3) This indicator is prepared by dissolving 1 g of methyl orange and 2.5 g of purified
indigo carmine in ! L of distilled water, and filtering the solution. The colour change on
passing from alkaline to acid solution is from green to magenta with a neutral-grey
colour at a pH of about 4.

The mixed indicator, bromocresol green-dimethyl yellow, may be used with
advantage. The indicator consists of 4 parts of a 0.2 per cent ethanolic solution
of bromocresol green and 1 part of a 0.2 per cent ethanolic solution of dimethyl
yellow: about 8 drops are used for 100 mL of solution. The colour change is
from blue to greenish yellow at pH = 4.0 — 4.1; the colour is yellow at pH = 3.9.

Methyl red may be used as an indicator orov1ded the carbon dioxide in
solution is expelled at the end point by boiling. This indicator gives a red colour
with high concentrations of carbon dioxide such as are produced during
titrations involving carbonates. Add the standard hydrochloric acid to the cold
sodium carbonate solution containing 3 drops of 0.1 per cent methyl red until
the indicator changes colour. Boil the solution gently (preferably with a small
funnel in the mouth of the flask) for 2 minutes to expel carbon dioxide: the
original colour of the indicator will return. Repeat the process until the colour
no longer changes on boiling. Generally, boiling and cooling must be repeated
twice. Care must be taken to avoid loss of liquid by spattering during boiling.
The colour change is more casily perceived than with methyl orange.
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Calculation of molarity. The molarity may be calculated by using the equation:
Na,CO; + 2HCI=2NaCl + CO, + H,O

but the best method is to derive the value entirely in terms of the primary
standard substance — here, sodium carbonate. The relative molecular mass of
sodium carbonate is 106.00. If the weight of the sodium carbonate is divided
by the number of millilitres of hydrochloric acid to which it corresponds, as
found by titration, we have the weight of primary standard equivalent to 1 mL
of the acid, Thus if 0.2500 g of sodium carbonate is required for the neutralisation
of 45.00mL of hydrochloric acid, 1 mL of the acid will correspond to
0.2500/45.00 = 0.005556 g of sodium carbonate. The weight in 1 mL of 0.5M
sodium carbonate solution is 0.053 00 g. Hence the concentration of the acid is
0.005556/0.05300 = 0.1048M.

Another method is the following: 0.2500 g of sodium carbonate required

4500 mL of acid, hence 1L of acid corresponds to 1000 x 0.2500/45.00 = 5.556 g
of sodium carbonate. But 1 L. of 1 M acid corresponds to 53.00 g of sodium
id is 5.556/53.00 =0.1048 M,
B. Standardisation against sodium tetraborate. The advantages of sodium
tetraborate decahydrate (borax) are: (i) it has a large relative molecular mass,
381.44 (that of anhydrous sodium carbonate is 106.00); (ii) it is easily and
economically purified by recrystallisation; (iii) heating to constant weight is not
required; (iv) it is practically non-hygroscopic; and (v) a sharp end point can
be obtained with methyl red at room temperatures, since this indicator is not
affected by the very weak boric acid.

8403_ + 2H+ + 5H20 =4H3B03

Pure sodium tetraborate. The salt is recrystallised from distilled water; 50 mL
of water is used for every 15 g of solid. Care must be taken that the crystallisation
does not take place above 55 °C; above this temperature there is a possibility
of the formation of the pentahydrate, since the transition temperature,
decahydrate = pentahydrate, is 61 °C. The crystals are filtered at the pump,
washed twice with water, then twice with portions of 95 per cent ethanol, followed
by two portions of diethyl ether. Five-millilitre portions of water, ethanol, and
ether are used for 10 g of crystals. Each washing must be followed by suction
to remove the wash liquid. After the final washing, the solid is spread in a thin
layer on a watch- or clock-glass and allowed to stand at room temperature for
12-18 hours. The sodium tetraborate is then dry, and may be kept in a
well-stoppered tube for three to four weeks without appreciable change. An
alternative method of drying is to place the recrystallised product (after having
been washed twice with water) in a desiccator over a solution saturated with
respect to sugar (sucrose) and sodium chloride. The substance is dry after about
three days, and may be kept indefinitely in the desiccator without change. The
latter method is more time-consuming; the product is identical with that
obtained by the ethanol—ether process.

Procedure. Weigh out accurately from a weighing bottle 0.4-0.5g of pure
sodium tetraborate into a 250 mL conical flask (Note 1), dissolve it in about
50 mL of water and add a few drops of methyl red. Titrate with the hydrochloric
acid contained in a burette (for details, see under A) until the colour changes
to pink (Note 2). Repeat the titration with two other portions. Calculate the
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strength of the hydrochloric acid from the weight of sodium tetraborate and
the volume of acid used. The variation of these results should not exceed 1-2
parts per thousand. If it is greater, further titrations must be performed until
the variation fails within these limits. The arithmetical mean is used to caiculate
the concentration of the solution.

Notes. (1) For elementary students, an approximately 0.05M solution of sodium
tetraborate may be prepared by weighing out accurately 4.7-4.8 g of analytical grade
material on a watchglass or in a small beaker transferring it to a 250 mL graduated
flask, dissolving it in water (Section 3.28), and making up to the mark. The contents of
the flask are well mixed by shaking. Portions of 25mL are withdrawn with a pipette
and titrated with the acid as detailed under A. Individual titrations should not differ
by more than 0.t mL.

(2) For work of the highest precision a comparison solution or colour standard may
be prepared for detecting the equivalence point. For 0.05M solutions, this is made by
adding 5 drops of methyl red to a solution containing 1.0 g of sodium chloride and 2.2 g
of boric acid in SO0 mL of water; the solution must be boiled to remove any carbon
dioxide which may be present in the water. It is assumed that 20 mL of wash water are
used in the titration.

Calculation of the molarity. This is carried out as described in A. One mole
of sodium tetraborate is 381.44 g.

C. Argentimetric method. This method is described in Section 10.84.

10.26 PREPARATION OF STANDARD ALKALI

Discussion. The hydroxides of sodium, potassium, and barium are generally
employed for the preparation of solutions of standard alkalis; they are
water-soluble strong bases. Solutions made from aqueous ammonia are
undesirable, because they tend to lose ammonia, especially if the concentration
exceeds 0.5M; moreover, it is a weak base, and difficulties arise in titrations
with weak acids (compare Section 10.15). Sodium hydroxide is most commonly
used because of its cheapness. None of these solid hydroxides can be obtained
pure, so that a standard solution cannot be prepared by dissolving a known
weight in a definite volume of water. Both sodium hydroxide and potassium
hydroxide are extremely hygroscopic; a certain amount of alkali carbonate and
water are always present. Exact results cannot be obtained in the presence of
carbonate with some indicators, and it is therefore necessary to discuss methods
for the preparation of carbonate-free alkali solutions. For many purposes sodium
hydroxide (which contains 1-2 per cent of sodium carbonate) is sufficiently pure.

Carbonate-free sodium hydroxide solution. One of several methods of preparation
may be used:

1. Rinse sodium hydroxide pellets rapidly with deionised water; this removes
the carbonate from the surface. A solution prepared from the washed pellets
is satisfactory for most purposes.

2. If a concentrated solution of sodium hydroxide (equal weights of pellets and
water) is prepared, covered, and allowed to stand, the carbonate remains
insoluble; the clear supernatant liquid may be poured or siphoned off, and
suitably diluted. (Potassium carbonate is too soluble in concentrated alkali
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for this method to be applicable for the preparation of carbonate-free
potassium hydroxide solution.)

A method which yields a product completely free from carbonate ions consists
in the electrolysis of a saturated solution of analytical grade sodium chloride
with a mercury cathode and a platinum anode in the apparatus shown in
Fig. 10.8. About 20-30 mL of re-distilled mercury are placed in a 250 mL
pear-shaped Pyrex separatory funnel; 100-125mL of an almost saturated
solution of sodium chloride are then carefuily introduced. Two short lengths
of platinum wire are sealed into Pyrex glass tubing; one of these dips into
the mercury (cathode), and the other into the salt solution (anode). A little
mercury is placed in the glass tubes, and electrical contact is made by means
of amalgamated copper wires dipping into the mercury in the tubes.
Electrolysis is carried out using 6—8 volts and 0.5-1 amp for several hours;
the funnel is shaken at intervals in order to break up the amalgam crystals
that form on the surface of the mercury. The weight of the sodium dissolved
in the amalgam may be roughly computed from the total current passed; the
current cﬂiclency is 75-80 per cent. When sufficient amalgam has formed,
the mercury is run into a Pyrex flask containing about 100 mL of boiled-out
distilled water and closed with a rubber bung carrying a soda-lime guard
tube. Decomposition of the amalgam, to give the sodium hydroxide solution,
is complete after several days; after 12—18 hours about 75 per cent of the
amalgam is decomposed.

Fig. 10.8

4.

In the anion exchange method, which is the preferred method, carbonate
may be removed from either sodium hydroxide or potassium hydroxide.
The solution is passed through a strong base anion exchange column

2% BRAARLANRL A2 paoRNRe RV RBe & 2 VAE gL, L2222 il ille AV §

(e.g. Duolite Al 13 or Amberlite IRA 400) in the chioride form (see Chapter 7).
Initially the alkali hydroxide converts the resin into the hydroxide form; the
carbonate ion has a greater affinity for the resin than has the hydroxide ion,
and hence is retained on the resin: the first portions of the effluent contain
chloride ion. If it is desired not to dilute the standard base appreciably and
if chloride ion is objectionabie, the effluent is discarded until it shows no test
for chloride. Thus if a column containing one of the above resins, 35 cm long,
is prepared in a 50 mL burette, about 150 mL of 4 per cent sodium hydroxide
solution must be passed through the column of resin at a flow rate of
5-6 mL min~' before the effluent is chloride-free; subsequently the effluent
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may be collected in a 500 mL filter flask with the side arm carrying a soda-lime
guard tube. When about 125 mL of liquid have been collected, 105 mL are
measured out and diluted with boiled-out distilied water to 1 L. The resulting

A + A ~1 Ta +a_§ A 3 it N1 AL Wh th
SOQiuin u_yux roxide solution is carbonate-free and is about 0.1 M. When the

column becomes saturated with carbonate ion it is readily reconverted to
the chloride form by passing dilute hydrochioric acid through it, followed
by water to remove the excess acid.

Strong base anion exchangers in the hydroxide form may be used to prepare
standard solutions of sodium or potassium hydroxide using weighed amounts
of pure sodium chioride or potassium chloride. The resin, after conversion into
the hydroxide form by passage of 1M sodium hydroxide (prepared from
18 M sodium hydroxide so as to be carbonate-free) 1s washed with freshly boiled
distilled water until the effluent contains no chloride ions and is neutral: about
two litres of 1 M sodium hydroxide are required for 40 g of resin, and washing
is with about two litres of water. About 2.92 g of sodium chjoride, accurately
weighed, are dissolved in 100 mL of water. The solution is passed through the
column at the rate of 4 mL min ~'; this is followed by about 300 mL of freshly
boiled distilled water. The eluate is collected in a 500 mL graduated flask by
means of an adapter permitting the use of a soda-lime guard tube. Towards the
end the flow rate is decreased to permit careful adjustment to volume. An
approximately 0.1 M solution of sodium hydroxide results.

A number of firms supplying laboratory chemicals offer solutions of specified
concentration which can be employed for titrimetric analysis. Amongst these,
some manufacturers catalogue sodium hydroxide solutions ‘free from carbonate’,
as for example BDH Ltd ‘AVS’ range of solutions; if only occasional need for
carbonate-free sodium hydroxide solutions arises, this is the simplest way of
satisfying this need. The merits of barium hydroxide solution (Section 10.29)
as a carbonate-free alkali should also be borne in mind, but this suffers from
the disadvantage that the maximum concentration availabie is between 0.025 M
and 0.05 M. Whenever carbonate-free alkali is employed, it is essential that all
the water used in the analyses should aiso be carbon-dioxide-free. With
de-ionised water, there will be littie cause for worry provided that the water is
protected from atmospheric carbon dioxide, and with ordinary distilled water,
dissolved carbon dioxide is readily removed by slowly aspirating a current of
air which has been passed through a tube containing soda-asbestos or soda-lime
through the water for 5-6 hours.

Attention must be directed to the fact that alkaline solutions, particularly if
concentrated, attack glass. They may be preserved, if required, in polythene
bottles, which are resistant to alkali. Furthermore, solutions of the strong bases
absorb carbon dioxide from the air. If such solutions are exposed to the
atmosphere for any appreciable time they become contaminated with carbonate.
This may be prevented by the use of a storage vessel such as is shown in Fig. 3.9;
the guard tube should be filled with soda-lime. A short exposure of an alkali
hydroxide solution to the air will not, however, introduce any serious error. If
such solutions are quickly transferred to a burette and the latter fitted with a
soda-lime guard tube, the error due to contamination by carbon dioxide may
be neglected.

The solution of alkali hydroxide prepared by any of the above methods must
be standardised. Alkaline solutions that are subsequently to be used in the
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presence of carbon dioxide or with strong acids are best standardised against
solutions prepared from constant boiling point hydrochloric acid or potassium
hydrogeniodate or sulphamic acid, or against hydrochloric acid which has been
standardised by means of sodiuin tetraborate or sodiuin carbonate. If the alkali
solution is to be used in the titration of weak acids, it is best standardised
against organic acids or against acid salts of organic diprotic acids, such as
benzoic acid or potassium hydrogenphthalate, respectively. These substances
are commercially available in a purity exceeding 99.9 per cent; potassium
hydrogenphthalate is preferable, since it is more soluble in water and has a
greater relative molecular mass.

Procedure A. Weigh out rapidly about 4.2g of sodium hydroxide on a
watchglass or into a small beaker, dissolve it in water, make up to 1 L with
boiled-out distilled water, mix thoroughly by shaking, and pour the resultant
solution into the stock bottle, which should be closed by a rubber stopper.

Procedure B (carbonate-free sodium hydroxide). Dissolve 50 g of sodium

1 ? far t 78 mY
hydroxide in 50 mL of distilled water in a Pyrex flask, transfer to a 75mL

test-tube of Pyrex glass, and insert a well-fitting stopper covered with tin
foil. Allow it to stand in a vertical position until the supernatant liquid is clear.
For a 0.1 M sodium hydroxide solution carefully withdraw, using a pipette fitted
with a filling device, 6.5 mL of the concentrated clear solution into a 1 L bottle
or flask, and dilute quickly with 1 L of recently boiled-out water.

A clear solution can be obtained more quickly, and incidentally the transfer
can be made more satisfactorily, by rapidly filtering the solution through a
sintered glass funnel with exclusion of carbon dioxide with the aid of the
apparatus shown in Fig. 10.9. It is advisable to calibrate the test-tube in
approx‘lmale;y 5 mL intervals and to put the Br aduations on a thin b.llp of paper
gummed to the outside of the tube.

-Sintered glass funnel

Soda-lime guard tube

—=— T0 pump

NaOH solution

N32C03

Fig. 10.9

10.27 STANDARDISATION OF APPROXIMATELY 0.1 &7 SODIUM HYDROXIDE

If the solution contains carbonate (Procedure A), methyl orange, methyl
orange-indigo carmine, or bromophenol blue must be used in standardisation
against hydrochloric acid of known molar concentration. Phenolphthalein or
indicators with a similar pH range, which are affected by carbon dioxide, cannot
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be used at the ordinary temperature (compare Section 10.7). With carbonate-free
sodium hydroxide (Procedure B, above) phenolphthalein or thymol blue
(Section 10.13) may be employed, and standardisation may be effected against
hydrochioric acid, potassium hydrogeniodate, potassium hydrogenphthalate,
benzoic acid, or other organic acids (Section 10.28).

Procedure A: with standard hydrochloric acid. Place the standardised (approx.
0.1 M) hydrochloric acid in the burette. Transfer 25 mL of the sodium hydroxide
solution into a 250 mL conical flask with the aid of a pipette, dilute with a little
water, add 1-2 drops of methyl orange or 3—4 drops of methyl orange—indigo
carmine indicator, and titrate with the previously standardised hydrochloric
acid. Repeat the titrations until duplicate determinations agree within 0.05 mL
of each other.

Calculation of the molarity. In this particular case the molar concentration is
readily calculated from the simple relationship:

VAXmA: VmeB

where V, and m , refer to the volume and known molarity of the acid respectively,
Vg 1s the volume of alkali solution required for the neutralisation, and my is its
(unknown) molarity.

Procedure B: with potassium hydrogenphthalate. Analytical grade potassium
hydrogenphthalate has a purity of at least 99.9 per cent; it is almost non-
hygroscopic, but, unless a product of guaranteed purity is purchased, it is
advisable to dry it at 120 °C for 2 hours, and allow it to cool in a covered vessel
in a desiccator. Weigh out three 0.6-0.7-g portions of the salt into 250 mL
Pyrex conical flasks (Note), add 75 mL of boiled-out water to each portion,
stopper each flask and shake gently until the solid has dissolved. Titrate each
solution with the sodium hydroxide solution contained in a burette, using
phenolphthalein or thymol blue as indicator.

Calculation of molar concentration. This is similar to that described in Section
10.25. The R.M.M. of potassium hydrogenphthalate is 204.22. The variation in
the results should not exceed 0.1 -0.2 per cent.

Note. For elementary students, an approximately 0.1 M solution is prepared by weighing
out accurately about 5.1 g of the pure material, dissolving it in water, and making it up
to 250 mL in a graduated flask. Volumes of 25 mL are employed in the titrations with
the sodium hydroxide solution. Individual titrations should not differ by more than
0.1 mL.

10.28 OTHER STANDARD SUBSTANCES FOR ACIDIMETRY AND ALKALIMETRY

In addition to the standard substances already detailed for use in standardising
acids and alkalis, numerous others have been proposed. A number of these will
be briefly described.

A. Benzoic acid (C;H;COOH; R.M.M. = 122.12). Analytical grade material
has a purity of at least 99.9 per cent. For work demanding the highest accuracy,
the acid should be dried before use by careful fusion in a platinum crucible
placed in an oven at about 130°C, and then powdered in an agate mortar.
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Benzoic acid is sparingly soluble in water (which is a disadvantage)} and must
therefore be dissolved in 95 per cent ethanol. The mode of use is similar to that
aIready described for potassium hydrogenphthalate (Section 10.27, Procedure B)
For a U ilVI bUlU[lUn OI bdy, bO(llum nyuroxmc welgn out accurdlcly U"l'g
portions of the acid into a 250 mL conical flask, add 10-20 mL of ethanol,
shake until dissolved, and then titrate the solution with the strong alkali using
phenolphthalein as indicator. A blank test should be made with the same volume
of ethanol and the indicator: deduct, if necessary, the volume of the alkali

solution consumed in the blank test.

B. Succinic acid {(CH,COOH),; RM.M. = 118.09}. The pure commercial
product should be recrystallised from pure acetone and dried in a vacuum
desiccator. The purity is checked by means of a melting-point determination
(185-185.5 °C). The acid is fairly soluble in water; phenolphthalein is a suitable
indicator.

C. Potassinm hydrogeniodate {KH(IO3)2, R.M.M. = 389.95}. Unlike the other

1A qf Ane+A 1 Ay An ~
solid standards already described, this is a strong acid and thus permits the use

of any indicator having a pH range between 4.5 and 9.5 for titration with strong
bases. It may be employed for the standardisation of weak bases which are
subsequently to be used with strong acids; an indicator, such as methyl red,
must then be used. The salt is moderately soluble in water (1.33 g/100 mL at
15°C), it is anhydrous and non-hygroscopic, and its aqueous solution is stable
for long periods; the R.M.M. is high, and a 0.01 M solution contains 3.8995 g per litre.

Preparation of pure potassium hydrogeniodate. Dissolve 27 g of potassium iodate
in 125 mL of boiling water, and add a solution of 22 g of iodic acid in 45 mL
of warm water acidified with six drops of concentrated hydrochloric acid.
Potassium hydrogeniodate separates on cooling. Filter on a sintered-glass funnel,
and wash with cold water. Recrystallise three times from hot water: use 3 parts
of water for 1 part of the salt and stir continuously during each cooling. Dry
the crystals at 100 °C for several hours. The purity exceeds 99.95 per cent.

D. Sulphamic acid (NH,SO,0OH; RM.M. = 97.09). A product of high purity
(>99.9 per cent) is available commercially. It is a colourless, crystalline,
non-hygroscopic solid, melting with decomposition at 205°C. The acid is
moderately soluble in water (21.3 gand 47.1 gin 100 g of water at 20°C and 80 °C
respectively). Sulphamic acid acts as a strong acid, so that any indicator with
a colour change in the pH range 4-9 may be employed; bromothymol blue is
particularly suitable for use with strong bases. It undergoes hydrolysis in aqueous
solution:

NH,S0,0H + H,O0 = NH,HSO,
Aqueous solutions should, preferably, not be stored; the titre does not alter on
keeping if an indicator which changes in the acid range is used.

10.29 STANDARD BARIUM HYDROXIDE SOLUTION

This solution is widely employed, particularly for the titration of organic acids.
Barium carbonate is insoluble, so that a clear solution is a carbonate-free strong
alkali. The relative molecular mass of Ba(OH),,8H, O is 315.50, but a standard
solution cannot be prepared by direct weighing owing to the uncertainty of the
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hydration and the possible presence of carbonate. To prepare an approximately
0.05M solution, dissolve 18 g of crystallised barium hydroxide (or of the
commercial substance) in about 1 L of hot water in a large flask. Stopper the
flask and allow the solution to stand for two days or until all the barium
carbonate has completely settled out. Decant or siphon off the clear solution
into a storage bottle of the type depicted in Fig. 3.9. A soda-lime guard tube
must be provided to prevent ingress of carbon dioxide. The solution may be
standardised against standard 0.1 M hydrochioric acid, succinic acid or
potassium hydrogenphthalate; phenolphthalein or thymol blue is employed as
indicator.

10.30 DETERMINATION OF THE Na,CO, CONTENT OF WASHING SODA

Procedure. Weigh out accurately about 3.6 g of the washing-soda crystals,
dissolve in water, and make up to 250 mL in a graduated flask. Mix thoroughly.
Titrate 25 mL of the solution with standard hydrochloric acid of approximately

0.1 M concentration using methyl orange, or, better, methyl orange—indigo

carmine or bromocresol green as indicator. Two consecutive titrations should
agree within 0.05 mL.

Calculation. The weight of anhydrous sodium carbonate, Na, CO,, which has
reacted with the standard hydrochloric acid can be readily caiculated from the
equation:

Na,CO, +2HCl = 2NaCl+H,0 +CO,
106.01 2 x 36.46

Tha sanrnnmtanss ~F Na YUY Ane thae la Antasalatad Fonan a rev YErod oy ~
1I11C pcu.;cutasc Ul 1Nds A3 vadll tllCll uUe ualuulatcu ol tllC HUWIL WClsllt Uf
washing soda empioyed.

A simpler and more general procedure is illustrated by the following example.
Weight of weighing bottle 4 substance = 16.7910g
Weight of weighing bottle + residual substance = 13.0110¢g
.. Weight of sample used = 3.7800 g

This was dissoived in water and made up to 250 mL.
Titration of 25.00 mL of the carbonate solution with 0.1060M HCI, using
methyl orange—indigo carmine as indicator.

Experiment Reading 1 Reading 2 Difference = volume used (mL)
(mL) (mL)
1 0.50 26.60 26.10 (preliminary)
2 0.55 26.45 25.90
3 0.50 26.45 25,95
Mean 2593

{mL 1M HCI = 005300 g Na, CO,
25.93 x 0.1060 = 2.749 mL 1 M HCl
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2.749 x 0.05300 = 0.1457 g Na,COj; in portion titrated.

Weight of washing soda in portion titrated = 3.7800 x 25.0/250 = 0.3780 g
". Percentage of Na,CGO; = 0.1457 x 100/0.3780 = 38.54 per cent

Alternative method of calculation. 25.0 mL of the carbonat
25.93 mL of 0.1060M HCL
But 72.92g HClI=106.01 g Na,CO,

25.93 x 0.1060
25.93mL of 0.1060 M HCl = 1300 x 36.46 ¢ HCl = 0.1002 g HCI

a

solution required

.25 mL Na, CO, solution contain

02
597 * 10601 g Na,CO;

0.1002 x 106.01 x 250 g
7292 x 25

= 1.457 g = 38.54 per cent

.. 3.78 g washing soda contain Na,CO,

10.31 DETERMINATION OF THE STRENGTH OF CONCENTRATED ACIDS

Glacial acetic (ethanoic) acid. Weigh a dry, stoppered 50 mL conical flask,
introduce about 2 g of glacial acetic acid and weigh again. Add about 20 mL
of water and transfer the solution quantitatively to a 250 mL graduated flask.
Wash the small flask several times with water and add the washings to the
graduated flask. Make up to the mark with distilled, preferably boiled-out,
water. Shake the flask well to ensure thorough mixing. Titrate 25 mL portions
of the acid with 0.1 M standard sodium hydroxide solution, using phenolphthalein
or thymol blue as indicator.

NaOH + CH,COOH = CH,;COONa + H,0
I mL 1M NaOH = 0.06005g CH,COOH
Calculate the percentage of CH,COOH in the sample of glacial acetic acid.

Note on the determination of the acetic acid content of vinegar. Vinegar usually contains
4-5 per cent acetic acid. Weigh out about 20 g vinegar as described above, and make
up to 100 mL in a graduated flask. Take 25 mL with a pipette, dilute this with an equal
volume of water, add a few drops of phenolphthalein, and titrate with standard
0.1 M sodium hydroxide solution. As a result of the dilution of the vinegar, its natural
colour will be so reduced that it will not interfere with the colour change of the indicator.
Calculate the acetic actd content of the vinegar, and express the result in grams of acetic
acid per 100 grams vinegar.

Concentrated sulphuric acid. Place about 100 mL of water in a 250mL
graduated flask, and insert a short-stemmed funnel in the neck of the flask.
Charge a weight pipette with a few grams of the acid to be evaluated, and weigh.
Add about 1.3-1.5g of the acid to the flask and re-weigh the pipette.
Alternatively, the acid may be weighed out in a stoppered weighing bottle, and
after adding the acid to the flask, the weighing bottle is re-wetghed. Rinse the
funnel thoroughly, remove from the flask, and allow the flask to stand for 1-2 hours
to regain the temperature of the laboratory; then the solution can be made up
to the mark. Shake and mix thoroughly, and then titrate 25 mL portions with
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standard 0.1 M sodium hydroxide, using methyl orange or methyl orange—indigo
carmine as indicator.

ImL 1M NaOH = 04904 ¢ H,50,

Fuming sulphuric acid (oleum) should be weighed in a Lunge—Ray pipette
(Fig. 3.3b).

Syrupy phosphoric acid. In this case we are dealing with a triprotic acid and
theoretically three equivalence points are possible, but in practice the pH changes
in the neighbourhood of the equivalence points are not very marked (see
Fig. 10.6). For the first-stage neutralisation (pH 4.6) we may employ methyl
orange, methyl orange—indigo carmine or bromocresol green as indicator, but
it is advisable to use a comparator solution of sodium dihydrogenorthophosphate
(0.03 M) containing the same amount of indicator as in the solution being
titrated. For the second stage (pH 9.7), phenolphthalein is not altogether
satisfactory (it changes colour on the early side), thymolphthalein is better;
but the best indicator is a mixture of phenolphthalein (2 parts) with
1-naphtholphthalein (1 part) which changes from pale rose through green to
violet at pH 9.6. For the third stage (pH 12.6) there is no satisfactory indicator.

Procedure. Weigh an empty stoppered weighing bottle, add about 2 g of syrupy
phosphoric(V) acid and re-weigh. Transfer the acid quantitatively to a 250 mL
graduated flask, and then proceed as detailed for sulphuric acid, but using the
phenolphthalein—1-naphtholphthalein mixed indicator.

i mL 1M NaOH = 0.04902 g H, PO,

10.32 DETERMINATION OF A MIXTURE OF CARBONATE AND HYDROXIDE (ANALYSIS
OF COMMERCIAL CAUSTIC SODA)

Discussion. Two methods may be used for this analysis. In the first method
the total alkali (carbonate + hydroxide) is determined by titration with standard
acid, using methyl orange, methyl orange-indigo carmine, or bromophenol blue
as indicator. In a second portion of solution the carbonate is precipitated with
a slight excess of barium chloride solution, and, without filtering, the solution
is titrated with standard acid using thymol blue or phenolphthalein as indicator.
The latter titration gives the hydroxide content, and by subtracting this from
the first titration, the volume of acid required for the carbonate is obtained.

Na,CO; + BaCl, = BaCOj; (insoluble) + 2NaCl

The second method utilises two indicators. It has been stated in Section 10.17
that the pH of half-neutralised sodium carbonate, 1e. at the sodium hydrogen-
carbonate stage, is about 8.3, but the pH changes comparatively slowly in the
neighbourhood of the equivalence point; consequently the indicator colour-
change with phenolphthalein (pH range 8.3-10.0) or thymol blue [ pH range
(base) 8.0-9.6] is not too sharp. This difficulty may be overcome by using a
comparison solution containing sodium hydrogencarbonate of approximately
the same concentration as the unknown and the same volume of indicator. A
simpler method is to employ a mixed indicator (Section 10.9) composed of
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6 parts of thymol blue and 1 part of cresol red; this mixture is violet at pH 8.4,
blue at pH 8.3 and rose at pH 8.2. With this mixed indicator the mixture has
a violet colour in alkaline solution and changes to blue in the vicinity of the
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solution assumes a rose colour. At this stage all the hydroxide has been
neutralised and the carbonate converted into hydrogencarbonate. Let the
volume of standard acid consumed be v mL.

OH™ +H* = H,O
COZ™ +H* = HCO;

Another titration is performed with methyl orange, methyl orange-—indigo
carmine or bromophenol blue as indicator. Let the volume of acid be V' mL.

OH +H* =H,O0
CO3™ +2H* = H,CO,
H,CO,=H,0 +CO,

=22~+3

Then V —2(V —v) corresponds to the hydroxide, 2(V —v) to the carbonate,
and V to the total alkali. To obtain satisfactory results by this method the
solution titrated must be cold (as near 0 °C as 1s practicable), and loss of carbon
dioxide must be prevented as far as possible by keeping the tip of the burette
immersed in the liquid.

Procedure A. Weigh out accurately in a glass-stoppered weighing bottle about
2.5 gof commercial sodium hydroxide (e.g. in flake form). Transfer quantitatively
to a 500 mL graduated flask and make up to the mark. Shake the flask well.
Titrate 25 or S0mL of this solution with standard 0.1 M hydrochloric acid,
using methyl orange or methyl orange—indigo carmine as indicator. Carry out
two or three titrations: these should not differ by more than 0.1mL. This gives
the total alkalinity (hydroxide + carbonate). Warm another 25 or 50 mL portion
of the solution to 70°C and add 1 per cent barium chloride solution slowly
from a burette or pipette in slight excess, i.e. until no further precipitate is
produced. Cool to room temperature, add a few drops of phenolphthalein to
the solution, and titrate very slowly and with constant stirring with standard
0.1 M hydrochloric acid; the end point is reached when the colour just changes
from pink to colourless. If thymol blue is used as indicator, the colour change
is from blue to yellow. The amount of acid used corresponds to the hydroxide
present.

This method yields only approximate results because of the precipitation of
basic barium carbonate in the presence of hydroxide. More accurate resuits are
obtained by considering the above titration as a preliminary one in order to
ascertain the approximate hydroxide content, and then carrying out another
titration as follows. Treat 25-50 mL of the solution with sufficient standard
hydrochloric acid to neutralise most of the hydroxide, then heat and precipitate
as before. Under these conditions, practically pure barium carbonate is
precipitated.

1 mL 1M HCI = 0.0401 g NaOH
ImL {M HCI = 0.05300g Na,CO,
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DETERMINATION OF BORIC ACI0  10.34

Procedure B. The experimental details for the preparation of the initial solution
are similar to those given under Procedure A. Titrate 25 or 50 mL of the cold
solution with standard 0.1 M hydrochloric acid and methyl orange, methyl
orange—indigo carmine, or bromophenol blue as indicator. Titrate another 25
or 50 mL of the cold solution, diluted with an equal volume of water, slowly with
the standard acid using phenolphthalein or, better, the thymol—blue cresol red
mixed indicator; in the latter case, the colour at the end point is rose.

Calculate the result as described in the Discussion above.

10.33 DETERMINATION OF A MIXTURE OF CARBONATE AND HYDROGENCARBONATE

The two methods available for this determination are modifications of those
described in Section 10.32 for hydroxide/carbonate mixtures. In the first
procedure, which is particularly valuable when the sample contains relatively
large amounts of carbonate and small amounts of hydrogencarbonate, the total

alkali is first determined in one portion of the solution by titration with standard
01M h‘rr“l"(‘\{‘h]t‘\f‘!{" acid using methyl orange, methyl orange—indigo carmine

VIV WVIIIVI Y Qi Udiiag iliweil Y1 aitiim, 1iiwvaly Malliim L = SR Z1R223%,

or bromophenol blue as indicator:
CO%™ +2H* = H,CO,

HCO; +H" = H,CO,
H,CO;=H,0+ CO,

Let this volume correspond to ¥V mL 1M HCI. To another sample, a measured
excess of standard 0.1 M sodium hydroxide (free from carbonate) over that
required to transform the hydrogencarbonate to carbonate is added:

HCO; +OH™ = CO2™ +H,0

A slight excess of 10 per cent barium chloride solution is added to the hot
solution to precipitate the carbonate as barium carbonate, and the excess of
sodium hydroxide solution immediately determined, without filtering off the
precipitate, by titration with the same standard acid; phenolphthalein or thymol
blue is used as indicator. If the volume of excess of sodium hydroxide solution
added corresponds to vmL of 1M sodium hydroxide and v"'mL 1M acid
corresponds to the excess of the latter, then v — ¢v" = hydrogencarbonate, and
V — (v —v") = carbonate.

In the second procedure a portion of the cold solution is slowly titrated with
standard 0.1 M hydrochloric acid, using phenolphthalein, or better, the thymol

blue- cresol red mixed indicator. This (say, Y mL) corresponds to half the
carbonate (compare Section 10. ?7\

CO%  +HY* = HCO;

Another sample of equal volume is then titrated with the same standard acid
using methyl orange, methyl orange-indigo carmine or bromophenol blue as
indicator. The volume of acid used (say, y mL) corresponds to carbonate +
hydrogencarbonate. Hence 2Y = carbonate, and y — 2Y = hydrogencarbonate.

10.34 DETERMINATION OF BORIC ACID

Discussion. Boric acid acts as a weak monoprotic acid (K, = 6.4 x 107'%); it
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10 TITRIMETRIC ANALYSIS

cannot therefore be titrated accurately with 0.1 M standard alkali (compare
Section 10.13). However, by the addition of certain organic polyhydroxy
compounds, such as mannitol, glucose sorbitol or glycerol it acts as a much
bLfUnger dLlU UOT fnaﬂnllUl I\ "‘I .) X lU ) dIlU can UC titi‘ateu to a
phenolphthalein end point.

The effect of polyhydroxy compounds has been explained on the basis of the
formation of 1:1 and 1:2-mole ratio complexes between the hydrated borate
ion and 1,2- or 1,3-diols:

>C(OH) >C—0 O—C< |-
2 + H,BO, ’ /B\ l
>C(OH) >C—0 O0—-C«

H™ + 3H,0

Glycerol has been widely employed for this purpose but mannitol and sorbitol
are more effective, and have the advantage that being solids they do not
materially increase the volume of the solution being titrated: 0.5-0.7g of
mannitol or sorbitol in 10 mL of solution is a convenient quantity.

The method may be applied to commercial boric acid, but as this material
may contain ammonium salts it is necessary to add a slight excess of sodium
carbonate solution and then to boil down to half-bulk to expel ammonia. Any
precipitate which separates is filtered off and washed thoroughly, then the filtrate
is neutralised to methyl red, and after boiling, mannitol is added, and the solution
titrated with standard 0.1 M sodium hydroxide solution:

H[boric acid complex] + NaOH = Na[boric acid complex] + H,O
ImL 1M NaOH = 0.06184 g H.BO,

VS A iAx3AFNs

A mixture of boric acid and a strong acid can be analysed by first titrating the
strong acid using methyl red indicator, and then after adding mannitol or
sorbitol, the titration is continued using phenolphthalein as indicator. Mixtures
of sodium tetraborate and boric acid can be similarly analysed by titrating the
salt with standard hydrochloric acid (Section 10.25, B), and then adding mannitol
and continuing the titration with standard sodium hydroxide solution: it must
of course be borne in mind that in this second titration the boric acid liberated
in the first titration will also react.

Procedure. To determine the purity of a sample of boric acid, weigh accurately
about 0.8 g of the acid, transfer quantitattvely to a 250 mL graduated flask and
make up to the mark. Pipette 25 mL of the solution into a 250 mL conical flask,
add an equal volume of distilled water, 2.5-3 g of mannitol or sorbitol, and
titrate with standard 0.1 M sodium hydroxide solution using phenolphthalein
as indicator. It is advisable to check whether any blank correction must be
made: dissolve a similar weight of mannitol (sorbitol) in 50 mL of distilled water,
add phenolphthalein, and ascertain how much sodium hydroxide solution must
be added to produce the characteristic end point colour.

10.35 DETERMINATION OF AMMONIA IN AN AMMONIUM SALT

Discussion. Two methods, the direct and indirect, may be used for this
determination.
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OETERMINATION OF AMMONIA IN AN AMMONIUM SALT  1D.35

In the direct method, a solution of the ammonium salt is treated with a
solution of a strong base (e.g. sodium hydroxide) and the mixture distilled.
Ammonia is quantitatively expelled, and is absorbed in an excess of standard
acid. The excess of acid is back-titrated in the presence of [[lUUlyI red (Or memy:
orange, methyl orange—indigo carmine, bromophenol blue, or bromocresol
green). Each millilitre of 1 M monoprotic acid consumed in the reaction is

equivalent to 0.017032 g NH;:
NH; + OH™ - NH,;1+H,0

In the indirect method, the ammonium salt (other than the carbonate or
bicarbonate) is boiled with a known excess of standard sodium hydroxide
solution. The boiling 1s continued until no more ammonia escapes with the
steam. The excess of sodium hydroxide is titrated with standard acid, using
methyl red (or methyl orange—indigo carmine) as indicator.

Procedure (direct method). Fit up the apparatus shown in Fig. 10.10; note that

in order to provide some flexibility, the spray trap is joined to the condenser
by a hf-mlqnhprwnl ground joint and this makes it easier to clamp both the flask
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and the condenser w1thout introducing any strain into the assembly. The flask
may be of round-bottom form (capacity 500—1000 mL), or (as shown in the
diagram), a Kjeldahl flask. The latter is particularly suitable when nitrogen in
organic compounds is determined by the Kjeldahl method: upon completion
of the digestion with concentrated sulphuric acid, cooling, and dilution of the
contents, the digestion (Kjeldahl) flask is attached to the apparatus as shown
in Fig. 10.10. The purpose of the spray trap is to prevent droplets of sodium

— H
E=4

(P=

Fig. 10.10
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hydroxide solution being driven over during the distillation process. The lower
end of the condenser is allowed to dip into a known volume of standard acid
contained in a suitable receiver, e.g. a conical flask. A commercial distillation
assembly is available in which the tap funnel shown is replaced by a special
liquid addition unit: this is similar in form to the tap funnel, but the tap and
barrel are replaced by a small vertical ground-glass joint which can be closed
with a tapered glass rod. This modification is especially useful when numerous
determinations have to be made as it obviates the tendency of glass taps to
‘stick” after prolonged contact with concentrated solutions of sodium hydroxide.

For practice, weigh out accurately about 1.5 g of ammonium chloride, dissolve
it in water, and make up to 250 mL in a graduated flask. Shake thoroughly.
Transfer 50.0 mL of the solution into the distillation flask and dilute with 200 mL
of water: add a few anti-bumping granules (fused alumina) to promote regular
ebullition in the subsequent distillation. Place 100.0 mL of standard 0.1 M
hydrochloric acid in the receiver and adjust the flask so that the end of the
condenser just dips into the acid. Make sure that all the joints are fitting tightly.

p];\m: 100 MY of 1“ nar cent enlhnm hvdrovide solition in the fuuinnel Run the
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sodium hydroxide solution into the flask by opening the tap, close the tap as
soon as the alkali has entered. Heat the flask so that the contents boil gently.
Continue the distillation for 30-40 minutes, by which time all the ammonia
should have passed over into the receiver; open the tap before removing the
flame. Disconnect the trap from the top of the condenser. Lower the receiver
and rinse the condenser with a little water. Add a few drops of methyl red* and
titrate the excess of acid in the solution with standard 0.1 M sodium hydroxide.
Repeat the determination.
Calculate the percentage of NH; in the solid ammonium salt employed.

1 mL 0.1 M HCl = 1.703 mg NH,

Procedure (indirect method). Weigh out accurately 0.1-0.2 g of the ammonium
salt into a 500 mL Pyrex conical flask, and add 100 mL of standard 0.1 M sodium
hydroxide. Place a small funnel in the neck of the flask in order to prevent
mechanical loss, and boil the mixture until a piece of filter paper moistened
with mercury(I) nitrate solution and held in the escaping steam is no longer
turned black. Cool the solution, add a few drops of methyl red, and titrate with
standard 0.1 M hydrochloric acid. Repeat the determination.

10.36 DETERMINATION OF ORGANIC NITROGEN (THE KJELDAHL PROCEDURE)

Discussion. Although other chemical and physical methods now exist for the

determination of orsanic nitrosen. the Kieldahl nrocedure is still used very
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extensively as it remains a highly reliable technique with well-established
routines. The basic concept of the method is the digestion of organic material,
e.g. proteins, using sulphuric acid and a catalyst to convert any organic nitrogen
to ammonium sulphate in solution. By making the mixture alkaline any
ammonia can be steam-distilled off and the resulting alkaline distillate titrated
with standard acid (see also Section 10.35).

* A sharper colour change is obtained with the mixed indicator methyl red—bromocresol green
{prepared from 1 part of 0.2 per cent methyl red in ethanol and 3 parts of 0.1 per cent bromocresol
green in ethanol),
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DETERMINATION OF NITRATES  10.37

Procedure. Weigh out accurately part of the organic sample, sufficient to contain
about 0.04 g of nitrogen, and place it in the long-necked Kjeldahl digestion
flask. Add 0.7 g of mercury(II) oxide, 15 g of potassium sulphate and 40 mL of
LUHCEﬁlfaLBU bl.UleLII'IC aCI(.l l‘leat tIlt‘ lldbl( geﬁuy II] a bllglllly IﬁCllﬁeU pUbIUOIl
Some frothing is likely to occur and may be controlled by the use of an
anti-foaming agent. When foaming ceases boil the reactants for 2 h. After cooling,
add 200 mL of water and 25 mL of 0.5M sodium thiosulphate solution and mix
well. To the mixture add a few anti-bumping granules, then carefully pour
sufficient 11 M sodium hydroxide solution down the inside of the flask to make
the mixture strongly alkaline (approximately 115mL). Before mixing the
reagents, connect the flask to a distillation apparatus (Fig. 10.10) in which the
tip of the delivery tube is submerged just below the surface of a measured volume
of 0.1 M hydrochloric acid. Ensure that the contents of the distillation flask are
well mixed, then boil until at least 150 mL of liquid have been distilled into the
receiver. Add methyl red indicator to the hydrochloric acid solution and titrate
with 0.1 M sodium hydroxide (titration a mL). Carry out a blank titration on

an eanal meacnrad volume of the 01 A hul‘rnn]‘llnrﬂr- ar-u‘l (fﬂ'rafxr\n hml\
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Using the quantities and concentrations given above, the percentage of
nitrogen in the sample is given by:

B (b—a)x 0.1 x 14 x 100
~ Weight of sample (g)

per cent

10.37 DETERMINATION OF NITRATES

Discussion. Nitrates are reduced to ammonia by means of aluminium, zinc or,
most conveniently, by Devarda’s alloy (50 per cent Cu, 45 per cent Al
5 per cent Zn) in strongly alkaline solution:

3NO; + 8Al+ 50H™ +2H,0 = 8A10; + 3NH,

The ammonia is distilled into excess of standard acid as in Section 10.35.
Nitrites are similarly reduced, and must be altowed for if nitrate alone is to
be determined.

Procedure. Weigh out accurately about 1.0 g of the nitrate. Dissolve it in water
and transfer the solution quantitatively to the distillation flask of Fig. 10.10.
Dilute to about 240 mL. Add 3 g of pure, finely divided Devarda’s alloy (it
should all pass a 20 mesh sieve). Fit up the apparatus completely and place
75-100 mL standard 0.2 M hydrochloric acid in the receiver (500 mL Pyrex
conical flask). Introduce 10 mL of 20 per cent (0.5 M) sodium hydroxide solution
through the funnel, and immediately close the trap. Warm gently to start the
reaction, and allow the apparatus to stand for an hour, by which time the
evolution of hydrogen should have practically ceased and the reduction of nitrate
to ammonia be complete. Then boil the liquid gently and continue the distillation
until 40—50 mL of liquid remain in the distillation flask. Open the tap before
removing the flame. Wash the condenser with a little distilled water, and titrate
the contents of the receiver plus the washings with standard 0.2M sodium
hydroxide, using methy! red as indicator. Repeat the determination. For very
accurate work, it is recommended that a blank test be carried out with distilled
walter.

ImL 1M HCI = 0.06201 g NO;
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10 TITRIMETRIC ANALYSIS

10.33 DETERMINATION OF PHOSPHATE (PRECIPITATION AS QUINOLINE
MOLYBDOPHOSPHATE)

Discussion. When a solution of an orthophosphate is treated with a large excess
of ammonium molybdate solution in the presence of nitric acid at a temperature
of 20-45°C, a precipitate is obtained, which after washing is converted into
ammonium molybdophosphate with the composition (NH,),{ PO,,12M00,].
This may be titrated with standard sodium hydroxide solution using phenolph-
thalein as indicator, but the end point s rather poor due to the liberation of
ammonia. If, however, the ammonium molybdate ts replaced by a reagent
containing sodium molybdate and quinoline, then quinoline molybdophosphate
i1s precipitated which can be isolated and titrated with standard sodium
hydroxide:

(CoH,N),[PO,,12M00,] + 26NaOH
= Na,HPO, + 12Na,MoO, + 3CoH,N + 14H,0

The main advantages over the ammonium molybdophosphate method are:
(1) quinoline molybdophosphate is less soluble and has a constant composttion,
and (2) quinoline is a sufficiently weak base not to interfere in the titration.

Calcium, iron, magnesium, alkali metals, and citrates do not affect the analysis.
Ammonium salts interfere and must be eliminated by means of sodium nitrite
or sodium hypobromite. The hydrochloric actd normally used in the analysis
may be replaced by an equivalent amount of nitric acid without any influence
on the course of the reaction. Sulphuric acid leads to high and erratic results
and its use should be avoided.

The method may be standardised, if desired, with pure potassium dihydrogen-
orthophosphate (see below): sufficient 1:1 hydrochloric acid must be present
to prevent precipitation of quinoline molybdate; the molybdophosphate complex
1s readily formed at a concentration of 20 mL of concentrated hydrochloric acid
per 100 mL of solution especially when warm, and precipitation of the quinoline
salt should take place slowly from boiling solution. A ‘blank’ determination
should always be made; it is mostly due to silica.

Solutions required. Sodium molybdate solution. Prepare a 15 per cent solution
of sodium molybdate, Na, MoO,,2H, O. Store in a polythene bottle.

Quinoline hydrochloride solution. Add 20 mL of redistilled quinoline to 800 mL
of hot water containing 25 mL of pure concentrated hydrochloric acid, and stir
well. Cool to room temperature, add a little filter paper pulp (‘accelerator’),
and again stir well. Filter with suction through a paper-pulp pad, but do not
wash. Dilute to 1 L with water,

Mixed indicator solution. Mix two volumes of 0.1 per cent phenolphthalein
solution and three volumes of 0.1 per cent thymol blue solution (both in ethanol).

To standardise the procedure, potassium dihydrogenphosphate(V) which has
been dried at 105 °C is usually suitable; if necessary it may be further purified
by dissolving 100 g in 200 mL of boiling distilled water, keeping on a boiling
water bath for several hours, filtering through a fluted filter paper from any
turbidity which may appear, and cooling rapidly with constant stirring. The
crystals are filtered with suction on hardened filter paper, washed twice with
ice-cold water and once with 50 per cent ethanol, and drted at 105°C.
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Procedure. This will be described by reference to the standardisation with
potassium dihydrogenphosphate(V). Weigh accurately 0.08-0.09 g of the pure
salt into a 250 mL conical flask and dissolve in about 50 mL of distilled water.
Add 20 mL of concentrated hydrochloric acid, then 30 mL of the sodium
molybdate solution. Heat to boiling, and add a few drops of the quinoline
reagent from a burette while swirling the solution in the flask. Again heat to
boiling and add the quinoline reagent drop by drop with constant swirling until
1 or 2 mL have been added. Boil again, and to the gently boiling solution add
the reagent a few millilitres at a time, with swirling, until 60 mL in all have been
introduced. A coarsely crystalline precipitate is thus produced. Allow the
suspension to stand in a boiling-water bath for 15 minutes, and then cool to
room temperature. Prepare a paper-pulp filter in a funnel fitted with a porcelain
cone, and tamp well down. Decant the clear solution through the filter and
wash the precipitate twice by decantation with about 20 mL of hydrochloric
acid (1:9); this removes most of the excess of quinoline and of molybdate.
Transfer the precipitate to the pad with cold water, washing the flask well; wash

the filter and nrecinitate with 30 mL nortions of water. lettine each umqhtng

VAN LIRUWE pPrvwvipriiaie AR i e A Gavi, lvililae wilwial yyiloaiiia

run through before applying the next, until the washmgs are acid-free (test for
acidity with pH test-paper; about six washings are usually required). Transfer
the filter pad and precipitate back to the original flask: insert the funnel into
the flask and wash with about 50 mL of water to ensure the transfer of all traces
of precipitate. Shake the flask well so that filter paper and precipitate are
completely broken up. Run in 50.0 mL of standard (carbonate-free) 0.5M
sodium hydroxide, swirling during the addition. Shake until the precipitate is
completely dissolved. Add a few drops of the mixed indicator solution and titrate
with standard 0.5M hydrochloric acid to an end point which changes sharply
from pam green to pcuu yc;luw

Run a blank on the reagents, but use 0.1M acid and alkali solutions for
the titrations; calculate the blank to 0.5 M sodium hydroxide. Subtract the blank
(which should not exceed 0.5 mL) from the volume neutralised by the original
precipitate.

1mL 0.5M NaOH = 1.830 mg PO3"

Wilson® has recommended that the hydrochloric acid added before precipitation
be replaced by citric acid, and the subsequent washing of the precipitate is then
carried out solely with distilled water.

The method can be applied to the determination of phosphorus in a wide
variety of materials, e.g. phosphate rock, phosphatic fertilisers and metals, and

is suitable for use in conjunction with the oxygen-flask procedure (Section 3.31),
In all cases it is essential to ensure that the material is so treated that the
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phosphorus is converted to orthophosphate; this may usually be done by
dissolution in an oxidising medium such as concentrated nitric acid or in
60 per cent perchloric acid.

10.39 DETERMINATIDN OF THE RELATIVE MOLECULAR MASS OF AN ORGANIC ACID

Discussion. Many of the common carboxylic acids are readily soluble in water
and can be titrated with sodium hydroxide or potassium hydroxide solutions.
For sparingly soluble organic acids the necessary solution can be achieved by
using a mixture of ethanol and water as solvent.
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10 TITRIMETRIC ANALYSIS

The theory of titrations between weak acids and strong bases is dealt with
in Section 10.13, and is usually applicable to both monoprotic and polyprotic
acids (Section 10.16). But for determinations carrted out in aqueous solutions
it is not normally possibie to differentiate easily between the end points for the
individual carboxylic acid groups in diprotic acids, such as succinic acid, as the
dissociation constants are too close together. In these cases the end points for
titrations with sodium hydroxide correspond to neutralisation of all the acidic
groups. As some organic acids can be obtained in very high states of purity,
sufficiently sharp end points can be obtained to justify their use as standards,
e.g. benzoic acid and succinic acid (Section 10.28). The titration procedure
described in this section can be used to determine the relative molecular mass
(R.M.M.) of a pure carboxylic acid (if the number of acidic groups is known)
or the purity of an acid of known R.M.M.

Procedure. Weigh out accurately about 4 g of the pure organic acid, dissolve
it in the minimum volume of water (Note 1), or 1:1 (v/v)ethanol/water mixture,
and transfer the solution to a 250 mL graduated flask. Ensure the solution is
homogeneous and make up to the required volume. Use a pipette to measure
out accurately a 25 mL aliquot and transfer to a 250 mL conical flask. Using
two drops of phenolphthalein solution as indicator, titrate with standard
0.2M (approx.) sodium hydroxide solution (Note 2) until the colourless solution
becomes faintly pink. Repeat with further 25 mL volumes of the acid solution
until two results in agreement are obtained.

The relative molecular mass is given by:

where

W is the weight of the acid taken,

P is the number of carboxylic acid groups,

V is the volume of sodium hydroxide used, and
M is the molarity of the sodium hydroxide.

Notes. (1) In order to obtain sharp end points all de-ionised water used should be
carbon-dioxide-free, as far as is possible.

(2) Volumes of 0.2M sodium hydroxide required will normally be in the range from
about 15 mL to 30 mL depending upon the nature of the organic acid being determined.

10.40 DETERMINATIDN OF HYDROXYL GRDUPS IN CARBDHYDRATES

Discussion. Hydroxyl groups present in carbohydrates can be readily acetylated
by acetic (ethanoic) anhydride in ethyl acetate containing some perchloric acid.
This reaction can be used as a basis for determining the number of hydroxyl
groups in the carbohydrate molecule by carrying out the reaction with excess
acetic anhydride followed by titration of the excess using sodium hydroxide in
methyl cellosolve.

Solutions required. Acetic anhydride. Prepare 250mL of a 2.0M solution in
ethyl acetate containing 4.0 g of 72 per cent perchloric acid. The solution is
made by adding 4.0 g (2.35mL) of 72 per cent perchloric acid to 150 mL of
ethyl acetate in a 250 mL graduated flask. Pipette 8.0 mL of acetic anhydride
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into the flask, allow to stand for half an hour. Coo! the flask to 5°C, add 42mL
of cold acetic anhydride. Keep the mixture at 5°C for 1 h and then allow 1t to
attain room temperature (Note 1).

Sodium hydroxide. Prepare a solution of approximately 0.5M sodium hydroxide
in methylcetlosolve. This should be standardised by titration with potassium
hydrogenphthalate using the mixed indicator given below.

Pyridine /water. Make up 100 mL of a mixture formed from pyridine and water
in the ratio of 3 parts to 1 part by volume.

Mixed indicator. This should be prepared from 1 part of 0.1 per cent neutralised
aqueous cresol red and 3 parts of 0.1 per cent neutralised thymol biue.

Procedure. Weigh out accurately between 0.15 g and 0.20 g of the carbohydrate
into a 100 mL stoppered conical flask. Pipette into the flask exactly 5.0 mL of
the acetic anhydride/ethyl acetate solution. Carefully swirl the contents until
the solid has fully dissolved, or mix using a magnetic stirrer. Do not heat the
solution. Add 1.5 mL of water and again swirl to mix the contents, then add
10 mL of the 3:1 pyridine/water solution, mix by swirling and allow the mixture
to stand for 5 min. Titrate the excess acetic anhydride with the standardised
0.5M sodium hydroxide using the mixed indicator to give a colour change
from yellow to violet at the end point.

Carry out a blank determination on the acetic anhydride/ethyl acetate
solution following the above procedure without adding the carbohydrate. Use
the difference between the blank titration, V,, and the sample titration, ¥V, to
calculate the number of hydroxyl groups in the sugar (Note 2).

Calculation. The volume of 0.05M NaOH used is given by V, — V,, so the
number of moles of acetic anhydride used in reacting with hydroxyl group is:

(7 _Eyvoe Nng
¥y Vil X U.D
2 x 1000

But each acetic anhydride molecule reacts with two hydroxy! groups, so the
number of moles of hydroxyl groups is:

2Vo— V) x 05  (V— Vi)
2% 1000 2000

If the relative molecular mass (R.M.M.) of the carbohydrate is known, then the
number of hydroxyl groups per molecule is given by:

N x RM.M.
G

where G is the mass of carbohydrate taken.

N =

Notes. (1) All solutions should be freshly prepared before use. Perchloric acid solutions
must not be exposed to sunlight or elevated temperatures as they can be EXPLOSIVE.

(2) The solutions from the titrations should be disposed of promptly after the
determination has been carried out.

10.41 DETERMINATION OF A MIXTURE OF ANILINE AND ETHANOLAMINE USING A
NON-AQUEQUS TITRATION

Discussion. Conventional acid—base titrations are not usually suitable for
establishing the individual proportions of amines of different basicity when they
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10 TITRIMETRIC ANALYSIS

are mixed together. But various non-aqueous procedures have been shown to
be admirable for this purpose. In one well-established method? the mixture of
amines in acetonitrile is titrated with perchloric acid. The two individual
end-points are best obtained using a potentiometric procedure employing a
glass electrode and a saturated calomel electrode (Sections 15.3 and 15.6).

Solutions required. Perchloric acid. Prepare an approximately 0.1 M solution
by adding 2.13 mL of 72 per cent perchloric acid to dioxane and making up to
250 mL in a graduated flask. This solution should be standardised by titrating
against 25mL aliquots of a standard 0.1 M solution of pure potassium
hydrogenphthalate in glacial acetic acid (made by dissolving 2 g of potassium
hydrogenphthalate in glacial acetic acid and making up to 100 mL), using crystal
violet indicator (Section 10.20).

Mixture of amines. A suitable mixture for analysis can be prepared by accurately
weighing roughly equal amounts of aniline and ethanolamine. The determination
is best carried out using a solution made from about 4 g of each amine diluted
to 100 mL with acetonitrile in a graduated flask.

Procedure. Use 5 mL aliquots of the amine mixture diluted with an additional
20mL of acetonitrile contained in a 100 mL beaker. Carry out the titration
using the 0.1 M perchloric acid, following its progress by means of meter readings
(in millivolts) obtained from the two electrodes dipping into the amine solution.
Constant stirring is required throughout. The ethanolamine gives rise to the
first end-point, and the second end point corresponds to the aniline.

As the acetonitrile may contain basic impurities which also react with the
perchloric acid, it is desirable to carry out a blank determination on this
solvent. Subtract any value for this blank from the titration values of the amines
before calculating the percentages of the two amines in the mixiure.

10.42 DETERMINATION OF THE SAPONIFICATION VALUE OF OILS AND FATS

Discussion. For oils and fats, which are esters of long-chain fatty acids, the
saponification value (or number) is defined as the number of milligrams of
potassium hydroxide which will neutralise the free fatty acids obtained from
the hydrolysis of 1 g of the oil or fat. This means that the saponification number
is inversely proportional to the relative molecular masses of the fatty acids
obtained from the esters. A typical reaction from the hydrolysis of a glyceride 1s:

(IEHZ-—O—CO—C17H35 CH,OH

(in—~O—CO—C17H35 + 3KOH
CH,—0—CO—C,,H,, CH,OH

CHOH + 3C,;H;;COOK

Stearin Glycerol ~ Potassium stearate

Procedure. Prepare an approximately 0.5M solution of potassium hydroxide
by dissolving 30 g potassium hydroxide in 20 mL of water and make the final
volume to 1 L using 95 per cent ethanol. Leave the solution to stand for 24 h
before decanting and filtering the solution. Using 25 mL aliquots, titrate the
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A SIMPLE COMPLEXATION TITRATION 1044

potassium hydroxide solution with 0.5M hydrochloric acid using phenolphthalein
indicator (record as titration a mL).

For the hydr01y51s accurately welgh approx1mately 2 8 of the fat or oil into
a 250 mL conical flask with a ground-giass joint and add 25 mL of the potassium
hydroxide solution. Attach a reflux condenser and heat the flask contents on a
steam bath for 1 h with occasional shaking. While the solution is still hot add
phenolphthalein indicator and titrate the excess potassium hydroxide with the

0.5M hydrochloric acid (record as titration b mL).

(a—b) x0.5x 56.1
Weight of sample (mg)

The saponification value =

COMPLEXATION TITRATIONS
10.43 INTRODUCTION

The nature of comnlexes. their stabilities and the chemical char

1he nature of compiexes, thenr stabihifies and the ncal tics of

er 1
complexones have been dealt with in some detail in Sections 2.21 to 2.27. This
particular section is concerned with the way in which complexation reactions
can be employed in titrimetry, especially for determining the proportions of
individual cations in mixtures.

The vast majority of complexation titrations are carried out using mulitidentate
ligands such as EDTA or similar substances as the complexone. However, there
are other more simple processes which also involve complexation using
monodentate or bidentate ligands and which also serve to exemplify the nature
of this type of titration. This is demonstrated in the determination outlined in

Cantinnm 1N AA
OSULLIVILIL 1VU.S9.

10.44 A SIMPLE COMPLEXATION TITRATION

A simple example of the application of a complexation reaction to a titration
procedure is the titration of cyanides with silver nitrate solution. When a solution
of silver nitrate is added to a solution containing cyanide ions (e¢.g. an alkali
cyanide) a white precipitate is formed when the two liquids first come into
contact with one another, but on stirring it re-dissolves owing to the formation
of a stable complex cyanide, the alkali salt of which is soluble:

Ag" +2CN™ =[Ag(CN), ]~

When the above reaction is compilete, further addition of silver nitrate solution
yields the insoluble silver cyanoargentate (sometimes termed insoluble silver
cyanide); the end point of the reaction is therefore indicated by the formation
of a permanent precipitate or turbidity.

The only difficulty in obtaining a sharp end point lies in the fact that silver
cyanide, precipitated by local excess concentration of silver ion somewhat prior
to the equivalence point, is very slow to re-dissolve and the titration is
time-consuming. In the Dénmigés modification, iodide ion (usually as KI, ca
0.01 M) is used as the indicator and aqueous ammonia (ca 0.2 M} is introduced
to dissolve the silver cyanide.

The iodide ion and ammonia solution are added before the titration is
commenced; the formation of silver iodide (as a turbidity) will indicate the
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10 TITRIMETRIC ANALYSIS

end point:
[Ag(NH,),]1" +1" = Agl + 2NH;

During the titration any silver iodide which would tend n wiil p

to ke
solution by the excess of cyanide ion always present until h qulvalence poi
is reached:

Agl +2CN~ =[Ag(CN),]1™ +1~

The method may also be applied to the analysis of silver halides by dissolution
in excess of cyanide solution and back-titration with standard silver nitrate. It
can also be utilised indirectly for the determination of several metals, notably
nickel, cobalt, and zinc, which form stable stoichiometric complexes with cyanide
ion. Thus if a Ni(II) salt in ammoniacal solution is heated with excess of cyanide
ion, the [ Ni(CN),]%~ ion is formed quantitatively; since it is more stable than
the [Ag(CN),]~ ion, the excess of cyanide may be determined by the

Liebig- Dénigés method. The metal ion determinations are, however, more
conveniently made hy tifration x'tr‘;fh EDTA:- see fhP f‘n"n\xnnﬁ sections

1
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10.45 TITRATION CURVES

If, in the titration of a strong acid, pH is plotted against the volume of the
solution of the strong base added, a point of inflexion occurs at the equivalence
point (compare Section 10.12). Similarly, in the EDTA titration, if pM (negative
logarithm of the ‘free’ metal ion concentration: pM = —log[ M"" ]) is plotted
against the volume of EDTA solution added, a point of inflexion occurs at the
equivalence point; in some instances this sudden increase may exceed 10 pM

. Tl al alha
units. The general snape of titration curves obtained b_y’ t“'"atlﬂg 10.0mL of a

0.01M solution of a metal ion M with a 0.01M EDTA solution is shown in
Fig. 10.11. The apparent stability constants (see Sections 2.21, 2.23 and 2.27)
of various metal-EDTA complexes are indicated at the extreme right of the

pM 16/ (10"’
141~
12{~
10 / 10
=
6 /106
4 104
2

] | I ] | 1

0 2 4 6 8 10 12
0-01 M EDTA, mL

Fig. 10.11
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TYPES OF EDTA TITRATIONS 1046

curves. It is evident that the greater the stability constant, the sharper is the
end point provided the pH is maintained constant.
In acid—base titrations the end point is generally detected by a pH-sensitive

-“rl Antan T ¢hn OTYT A €160mnéi e al cmmo mAiAnt e Llheainatad
INGICalor. 111 ¢ L/ 1 A itratlioil a llICLal .lUll DCIIDILIVC llluanLUl \auuu.«\uau.«u

to metal indicator or metal-ion indicator) is often employed to detect changes
of pM. Such indicators (which contain types of chelate groupings and generally
possess resonance systems typical of dyestuffs) form complexes with specific
metal ions, which differ in colour from the free indicator and produce a sudden
colour change at the equivalence point. The end point of the titration can also
be evaluated by other methods including potentiometric, amperometric, and
spectrophotometric techniques.

10.46 TYPES OF EDTA TITRATIONS

The most important procedures for the titration of metal ions with EDTA are
the following.

A. Direct titration. The solution containing the metal ion to be determined is
buffered to the desired pH (e.g. to pH == 10 with NH; —aq. NH,) and titrated
directly with the standard EDTA solution. It may be necessary to prevent
precipitation of the hydroxide of the metal (or a basic salt) by the addition of
some auxiliary complexing agent, such as tartrate or citrate or tricthanolamine.
At the equivalence point the magnitude of the concentration of the metal ion
being determined decreases abruptly. This is generally determined by the change
in colour of a metal indicator or by amperometric, spectrophotometric, or
potentiometric methods.

B. Back-titration. Many metals cannot, for various reasons, be titrated directly;
thus they may precipitate from the solution in the pH range necessary for the
titration, or they may form inert complexes, or a suitable metal indicator is not
available. In such cases an excess of standard EDTA solution is added, the
resulting solution is buffered to the desired pH, and the excess of the EDTA is
back-titrated with a standard metal ion solution; a solution of zinc chloride or
sulphate or of magnesium chloride or sulphate is often used for this purpose.
The end point is detected with the aid of the metal indicator which responds
to the zinc or magnesium ions introduced in the back-titration.

C. Replacement or substitution titration. Substitution titrations may be used
for metal ions that do not react (or react unsatisfactorily) with a metal indicator,
or for metal ions which form EDTA complexes that are more stable than those
of other metals such as magnesium and calcium. The metal cation M"* to be
determined may be treated with the magnesium complex of EDTA, when the
following reaction occurs:

M"* + MgYZ— — (MY)(n—4)+ + Mg2+

The amount of magnesium ion set free is equivalent to the cation present and
can be titrated with a standard solution of EDTA and a suitable metal indicator.

An interesting application is the titration of calcium. In the direct titration
of calcium ions, solochrome black gives a poor end point; if magnesium is
present, it is displaced from its EDTA complex by calcium and an improved
end point results (compare Section 10.51),
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10 TITRIMETRIC ANALYSIS

D. Alkalimetric titration. When a solution of disodium ethylenediaminetetra-
acetate, Na,H, Y, is added to a solution containing metallic ions, complexes
are formed with the liberation of two equivalents of hydrogen ion:

M* + H,Y2™ = (MY)"" 9+ £ 2+

The hydrogen ions thus set free can be titrated with a standard solution of
sodium hydroxide using an acid—base indicator or a potentiometric end point;
alternatively, an iodate—iodide mixture is added as well as the EDTA solution
and the liberated iodine is titrated with a standard thiosulphate solution.

The solution of the metal to be determined must be accurately neutralised
before titration; this is often a difficult matter on account of the hydrolysis of
many salts, and constitutes a weak feature of alkalimetric titration.

E. Miscellaneous methods. Exchange reactions between the tetracyano-
nickelate(IT) ion [Ni(CN), 1%~ (the potassium salt is readily prepared) and the
element to be determined, whereby nickel ions are set free, have a limited
application. Thus silver and gold, which themselves cannot be titrated
complexometrically, can be determined in this way.

[Ni(CN), 12~ + 2Ag" = 2[Ag(CN),]" + Ni2*

These reactions take place with sparingly soluble silver salts, and hence provide
a method for the determination of the halide ions C17, Br™, I, and the
thiocyanate ion SCN ™. The anion is first precipitated as the silver salt, the latter
dissolved in a solution of [Ni(CN),]?, and the equivalent amount of nickel
thereby set free is determined by rapid titration with EDTA using an appropriate
indicator (murexide, bromopyrogallol red).

Fluoride may be determined by precipitation as lead chiorofluoride, the
precipitate being dissolved in dilute nitric acid and, after adjusting the pH
to 5-6, the lead is titrated with EDTA using xylenol orange indicator.!°

Sulphate may be determined by precipitation as barium sulphate or as lead
sulphate. The precipitate is dissolved in an excess of standard EDTA solution,
and the excess of EDTA 1s back-titrated with a standard magnesium or zinc
solution using solochrome black as indicator.

Phosphate may be determined by precipitating as Mg(NH,)PO,,6H, 0O,
dissolving the precipitate in dilute hydrochloric acid, adding an excess of
standard EDTA solution, buffering at pH = 10, and back-titrating with standard
magnesium ion solution in the presence of solochrome black,

10.47 TITRATION OF MIXTURES, SELECTIVITY, MASKING AND DEMASKING AGENTS

EDTA is a very unselective reagent because it complexes with numerous doubly,
triply and quadruply charged cations. When a solution containing two cations
which complex with EDTA is titrated without the addition of a complex-forming
indicator, and if a titration error of 0.1 per cent is permissibie, then the ratio
of the stability constants of the EDTA complexes of the two metals M and N
must be such that K,,/K = 10°%if N is not to interfere with the titration of M.
Strictly, of course, the constants K, and K, considered in the above expression
should be the apparent stability constants of the complexes. If complex-forming
indicators are used, then for a similar titration error K,,/ Ky = 108
The following procedures will help to increase the selectivity:
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(a) Suitable control of the pH of the solution. This, of course, makes use of the
different stabilities of metal-EDTA complexes. Thus bismuth and thorium can
be titrated in an acidic solution (pH = 2) with xylenol orange or methylthymol
UIUU as lDulbd[UI dIlU most uivalent Ca‘liDnS UO not uuenere [-\ IHI)&LUIC Ul
bismuth and lead ions can be successfully titrated by first titrating the bismuth
at pH 2 with xylenol orange as indicator, and then adding hexamine to raise

the pH to about 5, and titrating the lead (see Section 10.70).

() Use of masking agents. Masking may be defined as the process in which
a substance, without physical separation of it or its reaction products, is so
transformed that it does not enter into a particular reaction. Demasking is the
process in which the masked substance regains its ability to enter into a particular
reaction.

By the use of masking agents, some of the cations in a mixture can often be
‘masked’ so that they can no longer react with EDTA or with the indicator.
An effective masking agent is the cyanide ion; this forms stable cyanide complexes
with the cations of Cd, Zn, Hg(II), Cu, Co, Ni, Ag, and the platinum metals,
but not with the alkaline earths, manganese, and lead:

M2* £+ 4CN~ — [M(CN),]?"

It is therefore possible to determine cations such as Ca®*, Mg?™*, Pb?*, and
Mn?* in the presence of the above-mentioned metals by masking with an excess
of potassium or sodium cyanide. A small amount of iron may be masked by
cyanide if it is first reduced to the iron(II) state by the addition of ascorbic
acid. Titanium(1V), iron(III), and aluminium can be masked with triethanolamine;
mercury with iodide ions; and aluminium, iron(III), titanium(1V), and tin(1I)
with ammonium fluoride (the cations of the alkaline-earth metals yield slightly
soluble fluorides).

Sometimes the metal may be transformed into a different oxidation state:
thus copper(Il) may be reduced in acid solution by hydroxylamine or ascorbic
acid. After rendering ammoniacal, nickel or cobalt can be titrated using, for
example, murexide as indicator without interference from the copper, which is
now present as Cu(I). Iron(III) can often be similarly masked by reduction
with ascorbic acid.

(c¢) Selective demasking. The cyanide complexes of zinc and cadmium may be
demasked with formaldehyde-acetic acid solution or, better, with chloral
hydrate:

[Zn(CN),1%” + 4H* + 4HCHO - Zn?* + 4HO-CH,-CN

The use of masking and selective demasking agents permits the successive
titration of many metals. Thus a solution containing Mg, Zn, and Cu can be
titrated as follows:

1. Add excess of standard EDTA and back-titrate with standard Mg solution
using solochrome black as indicator. This gives the sum of all the metals
present.

2. Treat an aliquot portion with excess of KCN (CARE!)* and titrate as before.
This gives Mg only.

* Considerable care must be taken at all times when using potassium cyanide to avoid any form
of physical contact and chemical antidotes must be kept permanently and easily available.

313



10 TITRIMETRIC ANALYSIS

3. Add excess of chloral hydrate (or of formaldehyde—acetic acid solution, 3:1)
to the titrated solution in order to liberate the Zn from the cyanide complex,
and titrate until the indicator turns blue. This gives the Zn only. The Cu
content may then be found by difference.

(d) Classical separation. These may be applied if they are not tedious; thus the
following precipitates may be used for separations in which, after being
re-dissolved, the cations can be determined complexometrically: CaC, O, nickel
dimethylglyoximate, Mg(NH,)PO,,6H, O, and CuSCN.

(e) Solvent extraction. This is occasionally of value. Thus zinc can be separated
from copper and lead by adding excess of ammonium thiocyanate solution and
extracting the resulting zinc thiocyanate with 4-methylpentan-2-one (isobutyl
methyl ketone); the extract is diluted with water and the zinc content determined
with EDTA solution.

(f) Choice of indicators. The indicator chosen should be one for which the
formation of the metal-indicator complex is sufficiently rapid to permit
establishment of the end point without undue waiting, and should preferably
be reversible.

(g) Removal of anions. Anions, such as orthophosphate, which can interfere in
complexometric titrations may be removed using ion exchange resins. For the
use of ion exchange resins in the separation of cations and their subsequent
EDTA titration, see Chapter 7.

(h) ‘Kinetic masking’. This is a special case in which a metal ion does not
effectively enter into the complexation reaction because of its kinetic inertness
(see Section 2.25). Thus the slow reaction of chromium(IIl} with EDTA makes
it possible to titrate other metal ions which react rapidly, without interference
from Cr(III); this is illustrated by the determination of iron(IlI) and chromium(III)
in a mixture (Section 10.66).

1048 METAL ION INDICATORS

General properties. The success of an EDTA titration depends upon the precise
determination of the end point. The most common procedure utilises metal ion
indicators. The requisites of a metal ion indicator for use in the visual detection
of end points include:

(a) The colour reaction must be such that before the end point, when nearly
all the metal ion is complexed with EDTA, the solution is strongly coloured.
The colour reaction should be speciﬁc or at least selective,

b
C

The metal-indicator complex must possess sufficient stability, otherwise,
because of dissociation, a sharp colour change is not obtained. The
metal—indicator complex must, however, be less stable than the metal-EDTA
complex to ensure that, at the end point, EDTA removes metal ions {from
the metal indicator—complex. The change in equilibrium from the metal-
indicator complex to the metal-EDTA complex should be sharp and rapid.
(d) The colour contrast between the free indicator and the metal-indicator
complex should be such as to be readily observed.

(e) The indicator must be very sensitive to metal ions (i.e. to pM) so that the
colour change occurs as near to the equivalence point as possible.

p— p—
v g
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(f) The above requirements must be {ulfilled within the pH range at which the
titration is performed.

Dyestuffs which form complexes with specific metal cations can serve as
indicators of pM values; 1:1-complexes (metal: dyestuff=1:1) are common,
but 1:2-complexes and 2:1-complexes also occur. The metal ion indicators, like
EDTA itself, are chelating agents; this implies that the dyestuff molecule
possesses several ligand atoms suitably disposed for coordination with a metal
atom. They can, of course, equally take up protons, which also produces a
colour change; metal ion indicators are therefore not only pM but also pH
indicators.

Theory of the visual use of metal ion indicators. Discussion will be confined to
the more common 1:1-complexes. The use of a metal ion indicator in an EDTA
titration may be written as:

M-In+ EDTA - M-EDTA + In

Thic reaction W 1111 nraceed i the metal Iﬂd-

4 LS lvabliuial will PiuUbbuvld Al v lllvtul 111 U UUII.I.

than the metal-EDTA complex M—-EDTA. The former d1ssomates to a 11m1ted
extent, and during the titration the free metal ions are progressively complexed
by the EDTA until ultimately the metal is displaced from the complex M—In
to leave the free indicator (In). The stability of the metal-indicator complex
may be expressed in terms of the formation constant (or indicator constant) K,

= [M-In]/[M][In]

The indicator colour change is affected by the hydrogen ion concentration
of the solution, and no account of this has been taken in the above expression
Ene tlom Fnremnmndiong ot mamt MMhooo ol b LT o L b Lo taa
iUl LG iulniauuvll LOlbLAlIL. 1 HUd SUIDCHTVING DIACK, WILCI llld.y DC WIILLCII as
H,In", exhibits the following acid—base behaviour:

H _ H
p:HInz ___E_...__._
5.3-7.3 10.5-12.5
Red Blue Yellow-orange

33—

H,In" In

In the pH range 7-11, in which the dye itself exhibits a blue colour, many metal
ions form red complexes; these colours are extremely sensitive, as is shown, for
example, by the fact that 107° — 10 ™7 molar solutions of magnesium ion give
a distinct red colour with the indicator. From the practical viewpoint, it is more
convenient to define the apparent indicator constant Kj,, which varies with pH,
as:

K, =[MIn"]/[M" ][

Tn
1

]
].J._l
where

[ MIn ™ ] = concentration of metal—indicator complex,
[M”* ] = concentration of metallic ion, and
[In] = concentration of indicator not complexed with metallic ion.

(This, for the above indicator, is equal to [H,In" 1+ [HIn* ] +[In®*"])
The equation may be expressed as:

log K}, = pM + log[MIn~]/[In];
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10 TITRIMETRIC ANALYSIS

log K}, gives the value of pM when half the total indicator is present as the
metal ion complex. Some values for log K, for Caln™ and Mgln ™~ respectively
(where H,In ™ is the anion of solochrome black) are: 0.8 and 2.4 at pH =7,

10 mnd 24t e @ 3R e AA ot b 0 AR and € 4 .
1.9 and 3.4 at pH=8; 2.8 and 44 at pH=29; 3.8 and 54 at pH =10; 47&1’1d

6.3 at pH =11; 5.3 and 6.8 at pH = 12. For a small titration error Kj, should
be large (> 104), the ratio of the apparent stability constant of the metal-EDTA
complex K j;y to that of the metal -indicator complex K|, should be large ( > 10%),
and the ratio of the indicator concentration to the metal ion concentration
should be small (<107 2).

The visual metallochromic indicators discussed above form by far the most
important group of indicators for EDTA titrations and the operations
subsequently described will be confined to the use of indicators of this type;
nevertheless there are certain other substances which can be used as indicators.'!

Some examples of metal ion indicators. Numerous compounds have been
proposed for use as pM indicators; a selected few of these will be described.
Where applicable, Colour Index (C.1.) references are given.!? It has been pointed
out by West,'! that apart from a few miscellaneous compounds, the important
visual metallochromic indicators fall into three main groups: (a) hydroxyazo
compounds; (b) phenolic compounds and hydroxy-substituted triphenylmethane
compounds; (¢) compounds containing an aminomethyldicarboxymethyl group:
many of these are also triphenylmethane compounds.

Note. In view of the varying stability of solutions of these indicators, and the possible
variation in sharpness of the end point with the age of the solution, it is generally
advisable (if the stability of the indicator solution is suspect), to dilute the solid indicator
with 100-200 parts of potassium (or sodium) chloride, nitrate or sulphate (potassium
nitrate is usually preferred) and grind the mixture well in a glass mortar. The resultant
mixture is usually stable indefinitely if kept dry and in a tightly stoppered bottle.

Muvexide ( C.I. 56085 ). This is the ammonium salt of purpuric acid, and is of
interest because it was probably the first metal-ion indicator to be employed in
the EDTA titration. Murexide solutions are reddish violet uptopH=9(H,D ),
violet from pH 9 to pH 11 (H;D?7), and blue-violet (or blue) above pH 11
(H,D?*"). These colour changes are due to the progressive displacement of
protons from imido groups; since there are four such groups, murexide may be
represented as H, D 7. Only two of these four acidic hydrogens can be removed
by adding an alkali hydroxide, so that only two pK values need be considered;
these are pK, =92 (H,D™ -H;D?7) and pK;=10.5 (H;D?” -H,D?*").
The anion H, D™ can also take up a proton to yield the yellow and unstable
purpuric acid, but this requires a pH of about 0.

Murexide forms complexes with many metal ions: only those with Cu, Ni,
Co, Ca and the lanthanides are sufficiently stable to find apphcatlon in ana1y31s
Their colours in alkaline solution are orange (copper), yellow (nickel and cobalt),
and red (calcium); the colours vary somewhat with the pH of the solution.

Murexide may be employed for the direct EDTA titration of calcium at
pH = 11; the colour change at the end-point is from red to blue—violet, but is
far from ideal. The colour change in the direct titration of nickel at pH 10-11
is from yellow to blue—violet.

Aqueous solutions of murexide are unstable and must be prepared each day.
The indicator solution may be prepared by suspending 0.5 g of the powdered
dyestuff in water, shaking thoroughly, and allowing the undissolved portion to
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settle. The saturated supernatant liquid is used for titrations. Every day the old
supernatant liquid is decanted and the residue treated with water as before to
provide a fresh solution of the indicator. Normally 1t i1s better to prepare a
mixture of the indicator with pure sodium chloride in the ratio 1:500, and
employ 0.2-0.4 g 1n each titration.

Solochvome black (erviochrome black T). This substance is sodium !-(1-
hydroxy-2-naphthylazo)-6-nitro-2-naphthol-4-sulphonate, and has the Colour
Index reference C.I. 14645. In strongly acidic solutions the dye tends to
polymerise to a red-brown product, and consequently the indicator 1s rarely
applied in titrations of solutions more acidic than pH = 6.5.

The sulphonic acid group gives up its proton long before the pH range of
7-12, which is of immediate interest for metal-ion indicator use. Only the
dissociation of the two hydrogen atoms of the phenolic groups need therefore
be considered, and so the dyestuff may be represented by the formula H,D ™.
The two pK values for these hydrogen atoms are 6.3 and 11.5 respectively.
Below pH = 5.5, the solution of solochrome black is red (due to H,D ™), between
pH 7 and 11 it is blue (due to HD? ™), and above pH = 11.5 it is yellowish—orange
(due to D*7). In the pH range 7-11 the addition of metallic salts produces a
brilhant change in colour from blue to red:

M?2* + HD?~ (blue) > MD ™ (red)+ H~

This colour change can be observed with the ions of Mg, Mn, Zn, Cd, Hg, Pb,
Cu, Al, Fe, Ti, Co, Ni, and the Pt metals. To maintain the pH constant (ca 10)
a buffer mixture is added, and most of the above metals must be kept in solution
with the aid of a weak complexing reagent such as ammonia or tartrate. The
cations of Cu, Co, Ni, Al, Fe(IIl), Ti(IV), and certain of the Pt metals form
such stable indicator complexes that the dyestuff can no longer be liberated by
adding EDTA: direct titration of these ions using solochrome black as indicator
is therefore impracticable, and the metallic ions are said to ‘block’ the indicator.
However, with Cu, Co, Ni, and Al a back-titration can be carried out, for the
rate of reaction of their EDTA complexes with the indicator 1s extremely slow
and it is possible to titrate the excess of EDTA with standard zinc or magnesium
ion solution.

Cu, Ni, Co, Cr, Fe, or Al, even in traces, must be absent when conducting
a direct titration of the other metals listed above; if the metal 1on to be titrated
does not react with the cyanide ion or with triethanolamine, these substances
can be used as masking reagents. It has been stated that the addition of 0.5-1 mL
of 0.001 M o-phenanthroline prior to the EDTA titration eliminates the ‘blocking
effect’ of these metals with solochrome black and also with xylenol orange (see
below).

The indicator solution is prepared by dissolving 0.2 g of the dyestuffin 15 mL
of triethanolamine with the addition of S mL of absolute ethanol to reduce the
viscosity; the reagent is stable for several months. A 0.4 per cent solution of the
pure dyestuff in methanol remains serviceable for at least a month.

Patton and Reeder’s indicator. The indicator is 2-hydroxy-1-(2-hydroxy-4-
sulpho-1-naphthylazo)-3-naphthoic acid; the name may be abbrewviated to
HHSNNA. Its main use is in the direct titration of calcium, particularly in the
presence of magnesium. A sharp colour change from wine red to pure blue 1s
obtained when calcium ions are titrated with EDTA at pH values between 12
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and 14. Interferences are similar to those observed with solochrome black, and
can be obviated similarly. This indicator may be used as an alternative to
murexide for the determination of calcium.

The dyestuffis thoroughly mixed with 100 times its weight of sodium sulphate,
and ! g of the mixture is used in each titration. The indicator is not very stable

in alkaline solution.

Solochrome dark blue ov calcon ( C.1. 15705 ). This is sometimes referred to as
eriochrome blue black RC; it is in fact sodium 1-(2-hydroxy-1-naphthylazo)-
2-naphthol-4-suiphonate. The dyestuff has two ionisable phenolic hydrogen
atoms; the protons ionise stepwise with pK values of 7.4 and 13.5 respectively.
An important application of the indicator is in the complexometric titration of
calclum in the presence of magnesium; this must be carried out at a pH of about
12.3 (obtained, for example, with a diethylamine buffer: 5 mL for every 100 mL
of solution) in order to avoid the interference of magnesium. Under these
conditions magnesium is precipitated quantitatively as the hydroxide. The colour
change is from pink to pure blue.

The indicator solution is prepared by dissoiving 0.2 g of the dyestuff in 50 mL
of methanol.

Calmagite. This indicator, 1-(1-hydroxyl-4-methyl-2-phenylazo)-2-naphthol-

4-sulphonic acid, has the same colour change as solochrome black, but the

colour change is somewhat clearer and sharper. An important advantage is that

aqueous solutions of the indicator are stable almost indefinitely. It may be

substituted for solochrome black without change in the experimental procedures

for the titration of calcium plus magnesium (see Sections 10.54 and 10.62).
Calmagite functions as an acid-base indicator:

low pH pH 7.1-9.1 pH 11.4-13.3
H;D - H,D"~ ~ HD?" — D3"
Bright Bright Clear Reddish-
red red blue orange

The hydrogen of the sulphonic acid group plays no part in the functioning of
the dye as a metal ion indicator. The acid properties of the hydroxyl groups
are expressed by pK; =8.14 and pK, = 12.35. The blue colour of calmagite at
pH = 10 1s changed to red by the addition of magnesium ions, the change being
reversible:

Mg2+
HD?" ~ M 2-
- gD

Clear blue Red

This is the basis of the indicator action in the EDTA titration. The pH of 10
is attained by the use of an aqueous ammonia—ammonium chloride buffer
mixture.

The combining ratio between calcium or magnesium and the indicator 1s
1:1; the magnesium compound is the more stable. Calmagite is similar to
solochrome black in that small amounts of copper, iron, and aluminium interfere
seriously in the titration of calcium and magnesium, and similar masking agents
may be used. Potassium hydroxide should be employed for the neutralisation
of large amounts of acid since sodium ions in high concentration cause difficuity.
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METAL ION INDICATORS  10.48

The indicator solution is prepared by dissolving 0.05 g of calmagite in 100 mL
of water. It is stable for at least 12 months when stored in a polythene bottle
out of sunlight.

Calcichrome. This indicator, cyclotris-7-(1-azo-8-hydroxynaphthalene-3,6-
disulphonic acid), is very selective for calcium. It is in fact not very suitable as
an indicator for EDTA titrations because the colour change is not particularly
sharp, but if EDTA is replaced by CDTA (see Section 2.26), then the indicator
gives good results for calcium in the presence of large amounts of barium and
small amounts of strontium.!?

Fast sulphon black F ( C.1. 26990 ). This dyestuflis the sodium salt of 1-hydroxy-
8-(2-hydroxynaphthylazo)-2-(sulphonaphthylazo)-3,6-disulphonic acid. The
colour reaction seems virtually specific for copper ions. In ammoniacal solution
it forms complexes with only copper and nickel; the presence of ammonia or
pyridine is required for colour formation. In the direct titration of copper in
ammoniacal solution the colour change at the end point is from magenta or
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green. The indicator action with nickel is poor. Metal ions, such as those of
Cd, Pb, Ni, Zn, Ca, and Ba, may be titrated using this indicator by the prior
addition of a reasonable excess of standard copper(11) solution.

The indicator solution consists of a 0.5 per cent aqueous solution.

Bromopyrogallol ved. This metal ion indicator is dibromopyrogailol sulphon-
phthalein and is resistant to oxidation; it also possesses acid—base indicator
properties. The indicator is coloured orange—yellow in strongly acidic solution,
claret red in nearly neutral solution, and violet to blue in basic solution. The
dyestuff forms coloured complexes with many cations. It is valuable for the
determination, for example, of bismuth (pH = 2-3. nitric acid solution; end-
point blue to claret red).

The indicator solution is prepared by dissolving 0.05 g of the solid reagent
in 100 mL of 50 per cent ethanol.

Xylenol orange. Thisindicator is 3,3'-bis{ N,N-di(carboxymethyl)aminomethyl ]-
o-cresolsulphonphthalein; it retains the acid—base properties of cresol red and
displays metal indicator properties even in acid solution (pH =3-5). Acidic
solutions of the indicator are coloured lemon-yellow and those of the metal
complexes intensely red.

Direct EDTA titrations of Bi, Th, Zn, Cd, Pb, Co, etc., are readily carried
out and the colour change is sharp. Iron(1Il) and, to a lesser extent, aluminium
interfere. By appropnate pH ad_]ustment certain pairs of metals may be titrated
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pH = 1-2, and zinc or lead after adjustment to pH = 5 by addition of hexamine.

The indicator solution is prepared by dissolving 0.5 g of xylenol orange in
100 mL of water. For storage it is best kept as a solid mixture with potassium
nitrate (page 316).

Thymolphthalein complexone (thymolphthalexone ). This is thymolphthalein
di(methyliminediacetic acid); it contains a stable lactone ring and reacts only
in an alkaline medium, The indicator may be used for the titration of calcium;
the colour change is from blue to colourless (or a slight pink). Manganese and
also nickel may be determined by adding an excess of standard EDTA solution,
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10 TITRIMETRIC ANALYSIS

and titrating the excess with standard calcium chloride solution; the colour
change is from very pale blue to deep blue.
The indicator solution consists of a 0.5 per cent solution in ethanol.
PR PO DU, s £1 . L ~ ama Tan

Allt:lIldth:ly, a unciy Br ound mixture (g 1060 U ) with potass sium nitrate iidy oc
used.

Methylthymol blue ( methylthymol blue complexone). This compound is very
similar in structure to the preceding one from which it is derived by replacement
of the lactone grouping by a sulphonic acid group. By contrast, however, it will
function in both acidic and alkaline media, ranging from pH = 0, under which
condition bismuth may be titrated with a colour change from blue to yellow,
to pH = 12; where the alkaline earths may be titrated with a colour change
from blue to colourless. At intermediate pH values a wide variety of doubly
charged metal ions may be titrated; of particular interest is its use as an indicator
for the titration of Hg(II), an ion for which very few indicators are available. It is
also suitable for determining calcium in the presence of magnesium provided
that the proportion of the latter is not too high, and is therefore of value in
determining the hardness of water. The indicator does not keep well in solution
and is used as a solid mixture: 1 part to 100 of potassium nitrate.

Zincon. This is 1-(2-hydroxy-5-sulphophenyl)-3-phenyl-5-(2-carboxyphenyl)
formazan, which is a specific indicator for zinc at pH 9-10. Its most important
use, however, is as indicator for titration of calcium in the presence of magnesium,
using the complexone EGTA (Section 2.26); the magnesium—-EGTA complex
is relatively weak and does not interfere with the calcium titration. Calcium
and magnesium do not give coloured complexes with the indicator, and the
procedure is to add a little of the zinc complex of EGTA. The titration is carried
out in a buffer at pH 10, and under these conditions calcium ions decompose
the Zn-EGTA complex, liberating zinc ions which give a blue colour with the
indicator, As soon as all the calcium has been titrated, excess EGTA reconverts
the zinc ions to the EGTA complex, and the solution acquires the orange colour
of the metal-free indicator.

Variamine blue (C.I. 37255). The end point in an EDTA titration may
sometimes be detected by changes in redox potential, and hence by the use of
appropriate redox indicators. An excellent example is variamine blue (4-
methoxy-4'-aminodiphenylamine), which may be employed in the complexometric
titration of iron(IIT). When a mixture of iron(11) and (IlT} is titrated with EDTA
the latter disappears first. As soon as an amount of the complexing agent

equivalent to the concentration of iron(IIT) has been added, pFe(111) increases
abruptly and consequently there is a sudden decrease in the redox potential
(compare Section 2 33); the end point can therefore be detected either
potentiometrically or with a redox indicator (10.91). The stability constant of
the iron(111) complex FeY ~ (EDTA = Na,H,Y) is about 102> and that of the
iron(Il) complex FeY 2~ is 10!*; approximate calculations show that the change
of redox potential is about 600 millivolts at pH = 2 and that this will be almost
independent of the concentration ofiron(I1) present. The jump in redox potential
will also be obtained if no iron(Il) salt is actually added, since the extremely
minute amount of iron(I1) necessary is always present in any ‘pure’iron(III)salt.

The visual detection of the sharp change in redox potential in the titration
of an iron(IlI) salt with EDTA is readily made with variamine blue as indicator.

320
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The almost colourless leuco form of the base passes upon oxidation into the
strongly coloured indamine. When titrating iron(III) at a pH of about 3 and
the colourless hydrochloride of the leuco base is added, oxidation to the
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iron(II). At the end point of the EDTA titration, the small amount of iron(1I)
formed when the indicator was introduced is also transformed into the
Fe(III)-EDTA complex FeY -, whereupon the blue indamine is reduced back
to the leuco base.

The indicator solution is a 1 per cent solution of the base in water.

10.49 STANDARD EDTA SOLUTIONS

Disodium dihydrogenethylenediaminetetra-acetate of analytical reagent quality
is available commercially but this may contain a trace of moisture. After

drying the reagent at 80°C its composition agrees with the formula
Na,H,.C. . H..O_N. 2H.Q (relative molar mass 372, 74\ but 1t should not

A R A LI LN U] MRANF AR T N AwaQiRa ARiv adix 22AASS AL DLAN WRANE LA b

be used as a primary standard If necessary, the commermal material may be
purified by preparing a saturated solution at room temperature: this requires
about 20 g of the salt per 200 mL of water. Add ethanol slowly until a permanent
precipitate appears; filter. Dilute the filtrate with an equal volume of ethanol,
filter the resulting precipitate through a sintered glass funnel, wash with acetone
and then with diethyl ether. Air-dry at room temperature overnight and then
dry in an oven at 80 °C for at least 24 hours.

Solutions of EDTA of the following concentrations are suitable for most
experimental work: 0.1 M, 0.05M, and 0.01 M. These contain respectively
37.224 g, 18.612 g, and 3.7224 g of the dihydrate per litre of solution. As already

I.ll\.d (S ¥ 534 _yl..u.ut }IUI. 1Akl W V1 OUVIVLIVLL. no allL v
1ndlcated, the dry analytlcal grade salt cannot be regarded as a primary standard
and the solution must be standardised; this can be done by titration of nearly
neutralised zinc chloride or zinc sulphate solution prepared from a known weight
of zinc pellets, or by titration with a solution made from specially dried lead
ntrate.

The water employed in making up solutions, particularly dilute solutions, of
EDTA should contain no traces of multicharged ions. The distilled water normally
used 1n the laboratory may require distillation in an all-Pyrex glass apparatus
or, better, passage through a column of cation exchange resin in the sodium
form — the latter procedure will remove all traces of heavy metals. De-ionised
water 1s also satisfactory; it should be prepared from distilled water since tap
water sometimes contains non-ionic impurities not removed by an ion exchange
column. The solution may be kept in Pyrex (or similar borosilicate glass) vessels,
which have been thoroughly steamed out before use. For prolonged storage in
borosilicate vessels, the latter should be boiled with a strongly alkaline,
2 per cent EDTA solution for several hours and then repeatedly rinsed with
de-ionised water. Polythene bottles are the most satisfactory, and should always
be employed for the storage of very dilute (e.g. 0.001 M) solutions of EDTA.
Vessels of ordinary (soda) glass should not be used; in the course of time such
soft glass containers will yield appreciable amounts of cations (including calcium
and magnesium) and anions to solutions of EDTA.

Water purified or prepared as described above should be used for the
preparation of all solutions required for EDTA or similar titrations.
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10.50 SOME PRACTICAL CONSIDERATIONS

The following points should be borne in mind when carrying out complexometric
titrations.

A. Adjustment of pH. For many EDTA titrations the pH of the solution is
extremely critical; often limits of +1 unit of pH, and frequently limits of +0.5
unit of pH must be achieved for a successful titration to be carried out. To
achieve such narrow limits of control it is necessary to make use of a pH meter
while adjusting the pH value of the solution, and even for those cases where
the latitude is such that a pH test-paper can be used to control the adjustment
of pH, only a paper of the narrow range variety should be used.

In some of the details which follow, reference is made to the addition of
a buffer solution, and in all such cases, to ensure that the requisite buffering
action is in fact achieved, it is necessary to make certain that the original solution
has first been made almost neutral by the cautious addition of sodium hydroxide
or ammonium hydroxide, or of dilute acid, before adding the buffer solution.
When an acid solution containing a metallic ion is neutralised by the addition
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of alkali care must be taken to ensure that the metal hydroxide is not precipitated.

B. Concentration of the metal ion to be titrated. Most titrations are successful
with 0.25 millimole of the metal ion concerned in a volume of 50-150mL of
solution. If the metal 1on concentration is too high, then the end point may be
very difficult to discern, and if difficulty is experienced with an end point then
it is advisable to start with a smaller portion of the test solution, and to dilute
this to 100—150 mL before adding the buffering medium and the indicator, and
then repeating the titration.

C. Amount of indicator. The addition of too much indicator is a fault which
must be guarded against: in many cases the colour due to the indicator intensifies
considerably during the course of the titration, and further, many indicators
exhibit dichroism, i.e. there is an intermediate colour change one to two drops
before the real end-point. Thus, for example, in the titration of lead using xylenol
orange as indicator at pH =6, the initial reddish—purple colour becomes
orange—red, and then with the addition of one or two further drops of reagent,
the solution acquires the final lemon yellow colour. This end point anticipation,
which is of great practical value, may be virtually lost if too much of the indicator
is added so that the colour is too intense. In general, a satisfactory colour is
achieved by the use of 30-50mg of a | per cent solid mixture of the indicator
in potassium nitrate.

D. Attainment of the end point. In many EDTA titrations the colour change in
the neighbourhood of the end point may be slow. In such cases, cautious addition
of the titrant coupled with continuous stirring of the solution is advisable; the
use of a magnetic stirrer is recommended. Frequently, a sharper end point may
be achieved if the solution is warmed to about 40 °C. Titrations with CDTA
(see Section 2.26) are always slower in the region of the end point than the

corresponding EDTA titrations.

E. Detection of the colour change. With all of the metal ion indicators used in
complexometric titrations, detection of the end point of the titration is dependent
upon the recognition of a specified change in colour; for many observers this
can be a difficult task, and for those affected by colour blindness it may be
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virtually impossible. These difficulties may be overcome by replacing the eye
by a photocell which is much more sensitive, and eliminates the human element.
To carry out the requisite operations it is necessary to have available a
colorimeter or a spectrometer in which the cell compartment is large enough
to accommodate the titration vessel (a conical flask or a tall form beaker). A
simple apparatus may be readily constructed in which light passing through
the solution is first allowed to strike a suitable filter and then a photocell; the
current generated in the latter is measured with a galvanometer. Whatever form
of instrument is used, the wavelength of the incident light is selected (either by
an optical filter or by the controls on the instrument) so that the titration
solution (including the indicator) shows a maximum transmittance. The titration
is then carried out stepwise, taking readings of the transmittance after each
addition of EDTA; these readings are then plotted against volume of EDTA
solution added, and at the end point (where the indicator changes colour), there
will be an abrupt alteration in the transmittance, i.c. a break in the curve, from
which the end point may be assessed accurately.

F. Alternative methods of detecting the end point. In addition to the visual and
spectrophotometric detection of end points in EDTA titrations with the aid of
metal ion indicators, the following methods are also available for end point
detection.

1. Potentiometric titration using a mercury electrode (see Section 15.24).

2. Potentiometric titration using a selective ion electrode (Sections 15.7, 15.8)
responsive to the ion being titrated.

3. Potentiometric titration using a bright platinum-saturated calomel electrode
system; this can be used when the reaction involves two different oxidation
states of a given metal.

4. By amperometric titration (Chapter 16).

5. By coulometric analysis (Chapter 14).

6. By conductimetric titration (Chapter 13).

The procedure for the simple complexation titration described in Section 10.44,
1. the determination of cyanide by titration with standard silver nitrate solution
which involves formation of the complex cyanoargentate ion [Ag(CN),] 7, is
most conveniently included with the use of standard silver nitrate solutions
under ‘Precipitation titrations’ (Section 10.87). The following sections are
devoted to applications of ethylenediaminetetra-acetic (EDTA) and its congeners.
These reagents possess great versatility arising from their inherent potency as
complexing agents and from the availability of numerous metal ion indicators
(Section IﬂdR\ each effective over a limited range of pH, but together covering
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a wide range of pH values: to these factors must be added the additional
refinements offered by ‘masking’ and ‘demasking’ techniques (Section 10.47).
It is clearly impossible, within the scope of the present volume, to give details
for all the cations (and anions) which can be determined by EDTA or similar
types of titration. Accordingly, details of a few typical determinations are given
which serve to illustrate the general procedures to be followed and the use of
various buffering agents and of some different indicators. A conspectus of some
selected procedures for the commoner cations is then given, followed by some
examples of the uses of EDTA for the determination of the components of
mixtures; finally, some examples of the determination of anions are given. The
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relevant theoretical sections (2.21-2.27) should be consulted before commencing
the determinations.

—— M v~ omow

DETERMINATION OF INDIVIDUAL CATIONS
10.51 DETERMINATION OF ALUMINIUM: BACK TITRATION

Pipette 25 mL of an aluminium ion solution (approximately 0.01 M) into a
conical flask and from a burette add a slight excess of 0.01 M EDTA solution;
adjust the pH to between 7 and 8 by the addition of ammonia solution (test
drops on phenol red paper or use a pH meter). Boil the solution for a few
minutes to ensure complete complexation of the aluminium; cool to room
temperature and adjust the pH to 7-8. Add 50 mg of solochrome black/potassium
nitrate mixture [see Section 10.50(C)] and titrate rapidly with standard
0.01 M zinc sulphate solution until the colour changes from blue to wine red.

After standing for a few minutes the fully titrated solution acquires a
reddish-violet colour due to the transformation of the zinc dye complex into
the aluminium—solochrome black complex; this change is irreversible, so that
over-titrated solutions are lost.

Every millilitre difference between the volume of 0.01 M EDTA added and
the 0.01 M zinc sulphate solution used in the back-titration corresponds to
0.2698 mg of aluminium.

The standard zinc sulphate solution required is best prepared by dissolving
about 1.63 g (accurately weighed) of granulated zinc in dilute sulphuric acid,
nearly neutralising with sodium hydroxide solution, and then making up to

250 mL in a graduated flask; alternatively, the requisite quantity of zinc sulphate
may be used. In either case, de-1onised water must be used.

10.52 DETERMINATION OF BARIUM: DIRECT TITRATION

Pipette 25 mL barium 1on solution (ca 0.01 M) into a 250 mL conical flask and
dilute to about 100 mL with de-ionised water. Adjust the pH of the solution to
12 by the addition of 3—6 mL of 1 M sodium hydroxide solution; the pH must
be checked with a pH meter as it must lie between 11.5 and 12.7. Add 50 mg
of methyl thymol blue/potassium nitrate mixture [ see Section 10.50(C)] and
titrate with standard (0.0l M) EDTA solution until the colour changes from
blue to grey.

1 mole EDTA = 1 mole Ba?*

10.53 DETERMINATION OF BISMUTH: DIRECT TITRATION

Pipette 25 mL of the bismuth solution (approx. 0.01 M) into a 500 mL conical
flask and dilute with de-ionised water to about 150 mL. If necessary, adjust the
pH to about 1 by the cautious addition of dilute aqueous ammonia or of dilute
nitric acid; use a pH meter. Add 30 mg of the xylenol orange/potassium nitrate
mixture (see Section 10.50) and then titrate with standard 0.01 M EDTA solution
until the red colour starts to fade. From this point add the titrant slowly until
the end point is reached and the indicator changes to yellow.

1 mole EDTA = 1 mole Bi®*
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10.54 DETERMINATION OF CALCIUM: SUBSTITUTION TITRATION

Discussion. When calcium ions are titrated with EDTA a relatively stable
calcium complex is formed:

Ca’** +H,Y? = CaY? +2H"

With calcium ions alone, no sharp end point can be obtained with solochrome
black indicator and the transition from red to pure blue is not observed. With
magnesium ions, a somewhat less stable complex is formed:

Mg?* + H,Y?”" = MgY?™ +2H"*

and the magnesium indicator complex is more stable than the calcium-indicator
complex ‘but less stable than the magnesium-EDTA complex. Consequently,
during. the titration of a solution containing magnesium and calcium ions with
EDTA in the presence of solochrome black the EDTA reacts first with the free
calcium ions, then with the free magnesium ions, and finally with the magnesium-—
indicator complex. Since the magnesium—indicator complex is wine red in colour
and the free indicator is blue between pH 7 and 11, the colour of the solution
changes from wine red to blue at the end point:

MgD "~ (red)+ H,Y?™ = MgY2?~ + HD?™ (blue)+ H*

If magnesium ions are not present in the solution containing calcium ions they
must be added, since they are required for the colour change of the indicator.
A common procedure is to add a small amount of magnesium chioride to the
EDTA solution before it is standardised. Another procedure, which permits the
EDTA solution to be used for other titrations, is to incorporate a little
magnesium-EDTA (MgY? ™) (1-10 per cent) in the buffer solution or to add
a little 0.1 M magnesium—-EDTA (Na,MgY) to the calcium-ion solution:

MgY?~ + Ca?* = CaY?™ + Mg?*

Traces of many metals interfere in the determination of calcium and
magnesium using solochrome black indicator, e.g. Co, Ni, Cu, Zn, Hg, and Mn.
Their interference can be overcome by the addition of a little hydroxylammonium
chloride (which reduces some of the metals to their lower oxidation states), or
also of sodium cyanide or potassium cyanide which form very stable cyanide
complexes (‘masking’). Iron may be rendered harmless by the addition of a
little sodium sulphide.

The titration with EDTA, using solochrome black as indicator, will yield the
calcium content of the sample (if no magnesium 1s present) or the total calcium
and magnesium content if both metals are present. To determine the individual
elements, calcium may be evaluated by titration using a suitable indicator,
e.g., Patton and Reeder’s indicator or calcon — see Sections 10.48 and 10.60,
or by titration with EGTA using zincon as indicator — see Section 10.61. The
difference between the two titrations is a measure of the magnesium content.

Procedure. Prepare an ammonia—ammonium chioride buffer solution (pH 10),
by adding 142 mL concentrated ammonia solution (sp. gr. 0.88-0.90)to 17.5¢g
ammonium chloride and diluting to 250 mL with de-ionised water.

Prepare the magnesium complex of EDTA, Na,MgY, by mixing equal
volumes of 0.2 M solutions of EDTA and of magnesium sulphate. Neutralise
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with sodium hydroxide solution to a pH between 8 and 9 (phenolphthalein just
reddened). Take a portion of the solution, add a few drops of the buffer solution
(pH 10), and a few milhgrams of the solochrome black- potassxum nitrate
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which turns blue on the addition of a drop of 0.01 M EDTA solution and red
omr the addition of a single drop of 0.01 M magnesium sulphate solution; this
confirms the equimolarity of magnesium and EDTA. If the solution does not
pass this test, it may be treated with more EDTA or with more magnesium
sulphate solution until the required condition of equimolarity is attained; this
gives an approximately 0.1 M solution.

Pipette 25.0 mL of the 0.01 M calcium ion solution into a 250mL conical
flask, dilute it with about 25 mL of distilled water, add 2 mL buffer.solution,
1mL 0.1M Mg-EDTA, and 30-40 mg solochrome black/potassium nitrate
mixture. Titrate with the EDTA solution until the colour changes from wine
red to clear blue. No tinge of reddish hue should remain at the equivalence
point. Titrate slowly near the end point.

1 mole EDTA = 1 mole Ca?*

10.55 DETERMINATION OF COPPER: DIRECT TITRATION

The indicator used is fast sulphon black F which is virtually specific in its colour
reaction with copper in ammoniacal solution; it forms coloured (red) complexes
with only copper and nickel, but the indicator action with nickel is poor.

Procedure. Prepare an indicator solution by dissolving 0.5 g of fast sulphon
black F in 100 mL of de-ionised water.

Pipette 25 mL of the copper solution (0.01 M) into a conical fiask, add 100 mL
de-ionised water, 5 ml concentrated ammonia solution and 5 drops of the
indicator solution. Titrate with standard EDTA solution (0.01 M) until the
colour changes from purple to dark green.

1 mole EDTA = 1 mole Cu?*

It should be noted that this method is only applicable to solutions containing
up to 25 mg copper ions in 100 mL of water; if the concentration of Cu®” ions
is too high, the intense blue colour of the copper(ll) ammine compiex masks
the colour change at the end point. The indicator solution must be freshly
prepared.

10.56 DETERMINATION OF iRON (iii): DIRECT TITRATION

Procedure. Prepare the indicator solution by dissolving 1g variamine blue in
100 mL de-ionised water: as already pointed out (Section 10.48), variamine blue
acts as a redox indicator.

Pipette 25 mL iron(III) solution (0.05 M) into a conical flask and dilute to
100 mL with de-ionised water. Adjust the pH to 2-3; Congo red paper may be
used — to the first perceptible colour change. Add 5 drops of the indicator
solution, warm the contents of the flask to 40 °C, and titrate with standard
(0.05M) EDTA solution until the initial blue colour of the solution turns grey
just before the end point, and with the final drop of reagent changes to yeliow.
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DETERMINATION OF SILVER: INDIRECT METHOD  10.58

This particular titration is well adapted to be carried out potentiometrically
(Section 15.24).

1 mole EDTA = 1 mole Fe3*

10.57 DETERMINATION OF NICKEL: DIRECT TITRATIONS

Procedure (a). Prepare the indicator by grinding 0.1 g murexide with 10 g of
potassium nitrate; use about 50 mg of the mixture for each titration.

Also prepare a 1 M solution of ammonium chloride by dissolving 26,75 g of
the analytical grade solid in de-ionised water and making up to 500 mL in a
graduated fiask.

Pipette 25 mL nickel solution (0.01 M) into a conical flask and dilute to
100 mL with de-ionised water. Add the solid indicator mixture (50 mg) and
10 mL of the 1 M ammonium chloride solution, and then add concentrated
ammonia solution dropwise until the pH is about 7 as shown by the yellow
colour of the solution. Titrate with standard (0.01 M) EDTA solution until the
end point i1s approached, then render the solution strongly alkaline by the
addition of 10 mL of concentrated ammonia solution, and continue the titration
until the colour changes from yellow to violet. The pH of the final solution
must be 10; at lower pH values an orange-yellow colour develops and more
ammonia solution must be added until the colour is clear yellow. Nickel
complexes rather slowly with EDTA, and consequently the EDTA solution
must be added dropwise near the end point.

Procedure (b). Prepare the indicator by dissolving 0.05 g bromopyrogallol red
in 100 mL of 50 per cent ethanol, and a buffer solution by mixing 100 mL of
1M ammonium chloride solution with 100mL of 1M agueous ammonia
solution.

Pipette 25 mL hickel solution (0.01 M) into a conical flask and dilute to
150 mL with de-ionised water. Add about 15 drops of the indicator solution,
10 mL of the buffer solution and titrate with standard EDTA solution (0.01 M)

until the colour changes from blue to claret red.
1 mole EDTA = 1 mole Ni?*

10.58 DETERMINATION OF SILVER: INDIRECT METHOD

Silver halides can be dissolved in a solution of potassium tetracyanonickelate(11)
in the presence of an ammonia—ammonium chloride buffer, and the nickel ion
set free may be titrated with standard EDTA using murexide as indicator.

2Ag* + [Ni(CN), ]~ = 2[Ag(CN),]~ + Ni?*

It can be shown from a consideration of the overall stability constants of the
ions [Ni(CN),]%~(10%7)and [Ag(CN), ]~ (10?') that the equilibrium constant
for the above ionic reaction is 10'°, ie. the reaction proceeds practically
completely to the right. An interesting exercise is the analysis of a solid silver
halide, e.g. silver chloride.

Procedure. Prepare the murexide indicator as described in Section 10.57(a),
and an ammonium chloride solution (1 M) by dissolving 26.75 g ammonium
chloride in de-ionised water in a 500 mL graduated fiask.
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10 TITRIMETRIC ANALYSIS

The potassium tetracyanonickelate(II) which is required is prepared as
follows. Dissolve 25 g of analytical grade NiSO,,7H, O in 50 mL distilled water
and add portionwise, with agitation 25g potassium cyanide. (Caution use a
fume cupboard.) A yellow solution forms and a white precipitate of potassium
sulphate separates. Gradually add, with stirring, 100 mL of 95 per cent ethanol,
filter off the precipitated potassium sulphate with suction, and wash twice with
2mL ethanol. Concentrate the filtrate at about 70 °C — an infrared heater is
convenient for this purpose. When crystals commence to separate, stir frequently.
When the crystalline mass becomes thick (without evaporating completely to
dryness), allow to cool and mix the crystals with 50 mL ethanol. Separate the
crystals by suction filtration and wash twice with 5 mL portions ethanol. Spread
the fine yellow crystals in thin layers upon absorbent paper, and allow to stand
for 2--3 days in the air, adequately protected from dust. During this period the
excess of potassium cyanide is converted into potassium carbonate. The
preparation is then ready for use; it should be kept in a stoppered bottle.

Treat an aqueous suspension of about 0.072 g (accurately weighed) silver

chloride with a mixture of 10 mL of concentrated ammonia solution and 10 mL

of 1M ammonium chloride solution, then add about 0.2g of potassium
cyanonickelate and warm gently. Dilute to 100 mL with de-ionised water, add
50 mg of the indicator mixture and titrate with standard (0.01 M) EDTA solution,
adding the reagent dropwise in the neighbourhood of the end point, until the
colour changes from yellow to violet.

1 mole EDTA = 2 moles Ag™

Palladium(11) compounds can be determined by a similar procedure, but in
this case, after addition of the cyanonickelate, excess of standard (0.LOIM)EDTA
cnlavbinm 1o oaAdAd~A mA tlha | R ad th mAned (NNT ALY
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manganese (1) sulphate solution using solochrome black indicator.
Gold may be titrated similarly.

10.59 DETAILS FOR THE DETERMINATION OF A SELECTION OF METAL IONS BY EDTA
TITRATION

With the detailed instructions given in Sections 10.51-10.58 it should be possible
to carry out any of the following determinations in Table 10.6 without serious
problems arising. In all cases it is recommended that the requisite pH value for
the titration should be established by use of a pH meter, but in the light of
experience the colour of the indicator at the required pH may, in some cases,
be a satisfactory guide. Where no actual buffering agent is specified, the solution
should be brought to the required pH value by the cautious addition of dilute
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acid or of dllute sodium hydrox1de solution or agueous ammonia solution as
required.

ANALYSIS OF MIXTURES OF CATIONS

10.60 DETERMINATION OF CALCIUM AND MAGNESIUM

Discussion. Patton and Reeder’s indicator (HHSNNA), see Section 10.48,
makes it possible to determine calcium in the presence of magnesium, and is
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DETERMINATION OF CALCIUM AND MAGNESIUM  1D.6D

Table 10.6 Summarised procedures for EDTA titrations of some selected cations
Metal Titration pH Buffer Indicator  Colour Notes

type (Note 1)  change

(Note 2)

Aluminium* Back 7-8 Aq. NH, SB B R
Barium* Direct 12 MTB B Gr (3)
Bismuth Direct* 1 X0 R Y

Direct 0-1 MTR B Y
Cadmium Direct 5 Hexamine XO R Y
Calcium Direct 12 MTB B Gr

Substn.* 7-11 Ag. NH,/NH,Cl SB R B
Cobalt Direct 6 Hexamine X0 R Y (4)
Copper* Direct FSB P G (6)
Gold See silver
Iron(IIT)* Direct 2-3 VB B Y (4)
Lead Direct 6 Hexamine X0 R Y
Magnesium Direct Ag. NH,;/NH,CI SB R B (4a)
Manganese Direct 0 Ag. NH,/NH,CI SB R B (5)

Direct 10 Ag. NH, TPX B PP (5)
Mercury Direct 6 Hexamine XO R Y

Direct 6 Hexamine MTB B Y
Nickel Direct* 7-10 Ag. NH,;/NH,CI M Y V

Direct* 7-10 Ag. NH,/NH,Cl  BPR B R

Back 10 Ag. NH,/NH,CI SB B R
Palladium See silver
Silver* Indirect M Y V
Strontium Direct 12 MTB B Gr

Direct 10--11 TPX B PP
Thorium Direct 2-3 X0 R Y

Direct 2-3 MTRB B Y
Tin(IT) Direct 6 Hexamine XO R Y
Zinc Direct 10 Ag. NH,;/NH,CI SB R B

Direct 6 Hexamine XO R Y

Direct 6 Hexamine MTB B Y

* Details in Sections 10.51-10.58.

Notes to Table 10.6

(1) BPR =bromopyrogallol red; FSB = fast sulphone black F; M = murexide; MTB = methylthymol
blue; SB = solochrome black; TPX = thymolphthalexone; VB = variamine blue; XO = xylenol

orange.

(2) B =Blue; G = Green; Gr = Grey; P = Purple; PP = Pale pink; R = Red; V = Violet; Y = Yellow.
(3) Can also be determined by precipitation as BaSO, and dissolution in excess EDTA

(Section 10.73).
(4) Temperature 40°C. (4a) Warming optional.
(5) Add 0.5 g hydroxylammonium chloride (to prevent oxidation), and 3 mL triethanolamine (to

prevent precipitation in alkaline solution); use boiled-out (air-free) water.

(6) In presence of concentrated aqueous ammonia.

used in the determination of the hardness of water and in the analysis of limestone
and dolomite. Titration using solochrome black gives calcium and magnesium
together, and the difference between the two titrations gives the magnesium

content of the mixture {Note 1).

Calcon may also be used for the titration of calcium in the presence of
magnesium (compare Section 10.48). The neutral solution (say, 50 mL)is treated
with SmL of diethylamine (giving a pH of about 12.5, which is sufficiently high
to precipitate the magnesium quantitatively as the hydroxide) and four drops
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10 TITRIMETRIC ANALYSIS

of calcon indicator are added. The solution is stirred magnetically and titrated
with standard EDTA solution until the colour changes from pink to a pure blue.

A sharper end point may be obtained by adding 2-3 drops of 1 per cent
aqueous poly(vinyl alcohol) to the sample solution, then adjusting the pH to
12.5 with sodium hydroxide, adding 23 drops of 10 per cent aqueous potassium
cyanide solution, warming to 60 °C (Caution: use a fume cupboard), and treating
the warm solution with 3—4 drops of calcon indicator. The solution is titrated
with 0.01M EDTA to a red—blue end-point. The poly(vinyl alcohol) reduces
the adsorption of the dye on the surface of the precipitate. The solution
is prepared by mixing 1.0 g of medium-viscosity poly(viny! alcohol) with 100 mL
of boiling water in a mechanical homogenizer.

Procedure. Prepare the indicators by grinding (a) 0.5g HHSNNA with 50 g
potassium chloride, and (b) 0.2 g solochrome black with 50 g potassium chloride.
The following solutions will also be required:

Magnesium chloride solution (0.01M ), Dissolve 0.608 g pure magnesium
turnings in dilute hydrochloric acid, nearly neutralise with sodium hydroxide
solution (1 M) and make up to 250 mL in a graduated flask with de-ionised
water. Pipette 25 mL of the resulting 0.1 M solution into a 250 mL graduated
flask and make up to the mark with de-ionised water,

Potassium hydroxide solution (ca 8M ). Dissolve 112 g potassium hydroxide
pellets in 250 mL of de-ionised water.

Buffer solution. Add 55mL of concentrated hydrochloric acid to 400 mL
de-ionised water and mix thoroughly. Slowly pour 310mL of redistilled
monoethanolamine with stirring into the mixture and cool to room temperature
(Note 2). Titrate 50.0 mL of the standard magnesium chloride solution with
standard (0.01 M) EDTA solution using 1 mL of the monoethanolamine—
hydrochloric acid solution as the buffer and solochrome black as the indicator.
Add 50.0mL of the magnesium chloride solution to the volume of EDTA
solution required to complex the magnesium exactly (as determined in the last
titration), pour the mixture into the monoethanolamine—hydrochioric acid
solution, and mix well. Dilute to 1 litre (Note 3).

Determination of calcium. Pipette two 25.0 mL portions of the mixed calcium
and magnesium ion solution (not more than 0.01M with respect to either ion)
into two separate 250 mL conical flasks and dilute each with about 25 mL of
de-ionised water. To the first flask add 4 mL 8 M potassium hydroxide solution
(a precipitate of magnesium hydroxide may be noted here), and allow to stand
for 3—5 minutes with occasional swirling. Add about 30 mg each of potassium
cyanide (Caution: poison) and hydroxylammonium chloride and swirl the
contents of the fiask until the solids dissolve. Add about 50 mg of the HHSNNA
indicator mixture and titrate with 0.01 M EDTA until the colour changes from
red to blue. Run into the second flask from a burette a volume of EDTA solution
equal to that required to reach the end point less 1 mL. Now add 4 mL of the
potassium hydroxide solution, mix well and complete the titration as with the
first sample; record the exact volume of EDTA solution used. Perform a blank
titration, replacing the sample with de-ionised water.

Determination of total calcium and magnesium. Pipette 250 mL of the mixed
calcium and magnesium ion solution into a 250 mL conical flask, dilute to
about 50 mL with distilled water, add 5mL of the buffer solution, and mix by
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DETERMINATION OF CALCIUM IN THE PRESENCE OF MAGNESIUM USING EGTA AS TITRANT 1061

swirling. Add about 30mg of potassium cyanide (Caution!) and 30 mg of
hydroxylammonium chloride, shake gently until the solids dissolve, and then
add about 50 mg of the solochrome black indicator mixture. Titrate with the
EDTA solution to a pure blue end point. Perform a blank titration, replacing
the 25 mL sample solution with de-ionised water.

Calculate the volume of standard EDTA solution equivalent to the magnesium
by subtracting the total volume required for the calcium from the volume
required for the total calcium and magnesium for equal amounts of the test
sample.

Notes. (1) The usefulness of the HHSNNA indicator for the titration of calcium depends
upon the fact that the pH of the solution is sufficiently high to ensure the quantitative
precipitation of the magnesium as hydroxide and that calcium forms a more stable
complex with EDTA than does magnesium. The EDTA does not react with magnesium
[present as Mg(OH),] until all the free calcium and the calcium—indicator complex
have been compiexed by the EDTA. If the indicator is added before the potassium
hydroxide, a satisfactory end-peint is not obtained because magnesium salts form a lake
with the indicator as the pH increases and the magnesium indicator-lake is co-precipitated
with the magnesium hydroxide.

(2) The monocethanolamine—hydrochloric acid buffer has a buffering capacity
equal to the ammonia—ammonium chloride buffer commonly employed for the titration
of calcium and magnesium with EDTA and solochrome black (compare Section 10.54).
The buffer has excellent keeping qualities, sharp end points are obtainable, and the strong
ammonia solution is completely eliminated.

(3) When relatively pure samples of calcium are titrated using solochrome black as
indicator, magnesium must be added to obtain a sharp end point, hence magnesium is
usually added to the buffer solution (compare Section 10.54). The addition of magnesium
to the EDTA solution prevents a sharp end point when calcium is titrated using
HHSNNA as indicator. The introduction of complexed magnesium into the buffer

eliminates the need for two EDTA solutions and ensures an adequate amount of
magnesium, even when small amounts of this element are titrated.

10.61 DETERMINATION OF CALCIUM IN THE PRESENCE OF MAGNESIUM USING EGTA
AS TITRANT

Discussion. Calcium may be determined in the presence of magnesium by using
EGTA as titrant, because whereas the stability constant for the calcium-EGTA
complex is about 1 x 10!, that of the magnesium—EGTA complex is only about
1 x 10°, and thus magnesium does not interfere with the reagent. The method
described in the preceding section, which involves precipitation of magnesium
hydroxide, is not satisfactory if the magnesium content of the mixture is much
greater than about 10 per cent of the calcium content, since co-precipitation of
calcium hydroxide may occur. Titration with EGTA is therefore to be
recommended for the determination of small amounts of calcium in the presence
of larger amounts of magnesium.

The indicator used in the titration is zincon (Section 10.48) which gives rise
to an indirect end point with calcium. Detection of the end point is dependent
upon the reaction

ZnEGTA?™ + Ca** = Zn** + CaEGTA?"~

and the zinc ions liberated form a blue complex with the indicator. At the
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10 TITRIMETRIC ANALYSIS

end point, the zinc—indicator complex is decomposed:
Znln~ + H,EGTA%™ = ZnEGTA?” + HIn"

nnd th
aliuv L

Procedure. Prepare an EGTA solution (0.05 M) by dissolving 19.01 gin 100 mL
sodium hydroxide solution (1 M) and diluting to 1 L in a graduated flask with
de-ionised water. Prepare the indicator by dissolving 0.065 g zincon in 2mL
sodium hydroxide solution (0.1 M) and diluting to 100 mL with de-ionised water,
and a buffer solution (pH 10) by dissolving 25 g sodium tetraborate, 3.5g
ammonium chloride, and 5.7 g sodium hydroxide in 1 L of de-ionised water.

Prepare 100 mL of Zn—-EGTA complex solution by taking 50 mL of 0.05M
zinc sulphate solution and adding an equivalent volume of 0.05M EGTA
solution; exact equality of zinc and EGTA is best achieved by titratinga 10 mL
portion of the zinc sulphate solution with the EGTA solution using zincon
indicator, and from this result the exact volume of EGTA solution required for
the 50 mL portion of zinc sulphate solution may be calculated.

The EGTA solution may be standardised by titration of a standard (0.05M)
calcium solution, prepared by dissolving 5.00 g calcium carbonate in dilute
hydrochloric acid contained in a 1 L graduated flask, and then after neutralising
with sodium hydroxide solution diluting to the mark with de-ionised water: use
zincon indicator in the presence of Zn-EGTA solution (see below).

To determine the calcium in the calcium-magnesium mixture, pipette 25 mL
of the solution into a 250 mL conical fiask, add 25 mL of the buffer solution
and check that the resulting solution has a pH of 9.5-10.0. Add 2mL of the
Zn—-EGTA solution and 2-3 drops of the indicator solution. Titrate slowly with
the standard EGTA solution unti! the blue colour changes to orange-red.

ution uires the orange—red colour o

10.62 DETERMINATION OF THE TOTAL HARDNESS (PERMANENT AND TEMPORARY) OF
WATER

The hardness of water is generally due to dissolved calcium and magnesium
salts and may be determined by complexometric titration.

Procedure. To a 50 mL sample of the water to be tested add 1 mL buffer
solution (ammonium hydroxide/ammonium chloride, pH 10, Section 10.54)
and 30-40 mg solochrome black indicator mixture. Titrate with standard EDTA
solution (0.01 M) until the colour changes from red to pure blue. Should there
be no magnesium present in the sample of water it is necessary to add 0.1 mL
magnesium—-EDTA solution (0.1 M) before adding the indicator (see Section 10.54).
The total hardness is expressed in parts of CaCO, per million of water.

If the water contains traces of interfering ions, then 4 mL of buffer solution
should be added, followed by 30 mg of hydroxylammonium chloride and then
50 mg analytical-grade potassium cyanide (Caution) before adding the indicator.

Notes. (1) Somewhat sharper end points may be obtained if the sample of water is first
acidified with dilute hydrochloric acid, boiled for about a minute to drive off carbon
dioxide, cooled, neutralised with sodium hydroxide solution, buffer and indicator solution
added, and then titrated with EDTA as above.

(2) The permanent hardness of a sample of water may be determined as follows. Place
250 mL of the sample of water in a 600 mL beaker and boil gently for 20—30 minutes.
Cool and filter it directly into a 250 mL graduated flask: do not wash the filter paper,
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but dilute the filtrate to volume with de-ionised water and mix well. Titrate 50.0 mL of
the filtrate by the same procedure as was used for the total hardness. This titration
measures the permanent hardness of the water. Calculate this hardness as parts per
million of CaCO,.

Calculate the temporary hardness of the water by subtracting the permanent hardness
from the total hardness.

(3) If it 1s desired to determine both the calcium and the magnesium in a sample of
water, determine first the total calcium and magnesium content as above, and calculate
the result as parts per million of CaCO,.

The calcium content may then be determined by titration wth EDTA using either
Patton and Reeder’s indicator or calcon (Section 10.60), or alternatively by titration
with EGTA (see Section 10.61).

10.63 DETERMINATION OF CALCIUM IN THE PRESENCE OF BARIUM USING CDTA AS
TITRANT

There is an appreciable difference between the stability constants of the CDTA
comvplexes of barium (loe K = 7. QQ\ and calcium ”no K=12 ﬁn\ with the result
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that calcmm may be t1trated with CDTA in the presence of barlum the stability
constants of the EDTA complexes of these two metals are too close together to
permit independent titration of calcium in the present of barium.

The indicator calcichrome (see Section 10.48) is specific for calcium at
pH 11-12 in the presence of barium.

Procedure. Prepare the CDTA solution (0.02M) by dissolving 6.880 g of the
solid reagent in 50 mL of sodium hydroxide solution (1 M) and making up to
1 L with de-ionised water; the solution may be standardised against a standard
calcium solution prepared from 2.00 g of calcium carbonate (see Section 10.61).
The indicator is prepared by dissolving 0.5 g of the solid in 100 mL of water.

Pipette 25 mL of the solution to be analysed into a 250 mL conical flask and
dilute to 100 mL with de-ionised water: the original solution should be about
0.02M with respect to calcium and may contain barium to a concentration of
up to 0.2M. Add 10 mL sodium hydroxide solution (1 M) and check that the
pH of the solution lies between 11 and 12; then add three drops of the indicator
solution. Titrate with the standard CDTA solution until the pink colour changes
to blue.

10.64 DETERMINATION OF CALCIUM AND LEAD IN A MIXTURE

With methylthymol blue, lead may be titrated at a pH of 6 without interference
by calcium; the calcium is subsequently titrated at pH 12.

Procedure. Pipette 25 mL of the test solution (which may contain both calcium
and lead at concentrations of up to 0.01 M) into a 250 mL conical flask and
dilute to 100 mL with de-ionised water. Add about 50 mg of methylthymol
blue/potassium nitrate mixture followed by dilute nitric acid until the solution
is yellow, and then add powdered hexamine until the solution has an intense
blue colour (pH ca 6). Titrate with standard (0.01 M) EDTA solution until the
colour turns to yellow; this gives the titration value for lead.

Now carefully add sodium hydroxide solution (1 M) until the pH of the
solution has risen to 12 (pH meter); 3—6 mL of the sodium hydroxide solution
will be required. Continue the titration of the bright blue solution with the
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EDTA solution until the colour changes to grey; this gives the titration value
for calcium.

10.65 DETERMINATION OF MAGNESIUM, MANGANESE AND ZINC IN A MIXTURE: USE
OF FLUORIDE ION AS A DEMASKING AGENT

Discussion. In mixtures of magnesium and manganese the sum of both ion
concentrations may be determined by direct EDTA titration. Fluoride ion will
demask magnesium selectively from its EDTA complex, and if excess of a
standard solution of manganese ion is also added, the following reaction occurs
at room temperature:

MgY2~ +2F~ + Mn2* = MgF, + MnY?2~

The excess of manganese ion is evaluated by back-titration with EDTA. The
amount of standard manganese ion solution consumed is equivalent to the
EDTA ‘liberated’ by the fluoride 1on, which is in turn equivalent to the
magnesium in the sample.

Mixtures of manganese, magnesium, and zinc can be similarly analysed. The
first EDTA end point gives the sum of the three ions. Fluoride ion is added
and the EDTA liberated from the magnesium-EDTA complex is titrated with
manganese ion as detailed above. Following the second end point cyanide ion
is added to displace zinc from its EDTA chelate and to form the stable
cyanozincate complex [Zn(CN),]?~; the liberated EDTA (equivalent to the
zinc}) is titrated with standard manganese-ion solution.

Details for analysis of Mn—Mg-Zn mixtures are given below.

ti approx. 0.05M) by
dissolving 11. 15 g of the analyt1ca1 grade solid in 1L of d -ionised water;
standardise the solution by titration with 0.05M EDTA solution using
solochrome black indicator after the addition of 0.25 g of hydroxylammonium
chloride — see below.

Prepare a buffer solution (pH 10} by dissolving 8.0 g ammonium nitrate in
65 mL of de-ionised water and adding 35 mL of concentrated ammonia solution
(sp. gr. 0.88).

Pipette 25 mL of the solution containing magnesium, manganese and zinc
ions (each approx. 0.02M), into a 250 mL conical flask and dilute to 100 mL
with de-ionised water. Add 0.25g hydroxylammonium chloride [this is to
prevent oxidation of Mn(Il) ions], followed by 10 mL of the buffer solution
and 30-40 mg of the indicator/potassium nitrate mixture. Warm to 40 °C and
titrate (preferably stirring magnetically) with the standard EDTA solution to
a pure blue colour.

After the end point, add 2.5 g of sodium finoride, stir (or agitate) for 1 minute.
Now introduce the standard manganese(II) sulphate solution from a burette
in 1 mL portions until a permanent red colour is obtained; note the exact volume
added. Stir for 1 minute. Titrate the excess of manganese ion with EDTA until
the colour changes to pure blue.

After the second end point, add 4-5mL of 15 per cent aqueous potassium
cyanide solution (CARE), and run in the standard manganese ion solution from
a burette until the colour changes sharply from blue to red. Record the exact
volume of manganese(Il) sulphate solution added.

Procedure. Prepare a mnngnnew(ﬂ\ cn]nhnte solutio

_—

b
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Calculate the weights of magnesium, zinc, and manganese in the sample
solution.

Example of calculation. In the standardisation of the Mn(II) solution, 25.0 mL
of the solution required 30.30 mL of 0.0459 M EDTA solution.

.. Molarity of Mn(1l) solution = (30.30 x 0.0459)/25.0 = 0.0556 M

First titration of mixture with EDTA (Mg + Mn + Zn) = 33.05mL

Second titration (after adding NaF; gives Mg) = 9.85 mL of Mn(Il) solution
and the excess of Mn(II) required 1.26 mL of standard EDTA solution.

.. EDTA liberated by NaF =(9.85 x 0.0556) — (1.26 x 0.0459) mmol

= 0.4899 mmol
and weight of magnesium per mL = (0.4899 x 24.31)/1000 g
=1191 mg

Third titration (after adding KCN; gives Zn) = 8.46 mL. of Mn(II) solution.
.. EDTA liberated by KCN =(8.46 x 0.0556) mmol = 0.4703 mmo!

and weight of zinc per mL = (0.4703 x 65.38)/1000 g = 30.75 mgmL ~*

= 1.5170 mmol,

which represents the total amount of metal ion titrated (Mn + Mg + Zn). Hence

amount of Mn = 1.5170 — (0.4899 + 0.4703) = 0.5568 mmol

and weight of manganese = (0.5568 x 54.94)/1000 g mL ~! = 30.60 mg mL !

10.66 DETERMINATION OF CHROMIUM(Iil) AND IRON(HI) IN A MIXTURE: AN
EXAMPLE OF KINETIC MASKING

Iron (and nickel, if present) can be determined by adding an excess of standard
EDTA to the cold solution, and then back-titrating the solution with lead nitrate
solution using xylenol orange as indicator; provided the solution is kept cold,
chromium does not react. The solution from the back-titration is then acidified,
excess of standard EDTA solution added and the solution boiled for 15 minutes
when the red—violet Cr(III)-EDTA complex is produced. After cooling and
buffering to pH 6, the excess EDTA is then titrated with the lead nitrate solution.

Procedure. Place 10ml of the solution containing the two metals (the
concentration of neither of which should exceed ‘0.01 M) in a 600 mL beaker
fitted with a magnetic stirrer, and dilute to 100 mL with de-ionised water. Add
20 mL of standard (approx. 0.01 M) EDTA solution and add hexamine to adjust
the pH to 5-6. Then add a few drops of the indicator solution (0.5 g xylenol
orange dissolved in 100 mL of water) and titrate the excess EDTA with a
standard lead nitrate solution (0.01 M), i.e. to the formation of a red—violet
colour.

To the resulting solution now add a further 20 mL portion of the standard
EDTA solution, add nitric acid (1 M) to adjust the pH to 1-2, and then boil
the solution for 15 minutes. Cool, dilute to 400 mL by the addition of de-ionised
water, add hexamine to bring the pH to 5-6, add more of the indicator solution,
and titrate the excess EDTA with the standard lead nitrate solution.

The first titration determines the amount of EDTA used by the iron, and
the second, the amount of EDTA used by the chromium.
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10.67 DETERMINATION OF MANGANESE IN PRESENCE OF IRON: ANALYSIS OF FERRO-
MANGANESE

After dissolution of the alloy in a mixture of concentrated nitric and hydrochloric
acids the iron is masked with triethanolamine in an alkaline medium, and the
manganese titrated with standard EDTA solution using thymolphthalexone as
indicator. The amount of iron(III) present must not exceed 25 mg per 100 mL
of solution, otherwise the colour of the iron(IIl)-triethanolamine complex is
so intense that the colour change of the indicator is obscured. Consequently,
the procedure can only be used for samples of ferro-manganese containing more
than about 40 per cent manganese.

Procedure. Dissolve a weighed amount of ferro-manganese (about 0.40g) in
concentrated nitric acid and then add concentrated hydrochloric acid (or use
a mixture of the two concentrated acids); prolonged boiling may be necessary.
Evaporate to a small volume on a water bath. Dilute with water and filter
directly into a 100 mL graduated flask, wash with distilled water and ﬁnally
dilute to the mark. Pipette 25.0 mL of the solution into a 500 mL conicai flask,
add 5 mL of 10 per cent aqueous hydroxylammonium chloride solution, 10 mL
of 20 per cent aqueous triethanolamine solution, 10-35mL of concentrated
ammonia solution, about 100 mL of water, and 6 drops of thymolphthalexone
indicator solution, Titrate with standard 0.05M EDTA until the colour changes
from blue to colourless (or a very pale pink).

10.68 DETERMINATION OF NICKEL IN PRESENCE OF IRON: ANALYSIS OF NICKEL
STEEL

Nickel may be determined in the presence of a large excess of iron(II1) in weakly
acidic solution by adding EDTA and tricthanolamine; the intense brown
precipitate dissolves upon the addition of aqueous sodium hydroxide to yield
a colourless solution. The iron(III) is present as the tricthanolamine complex
and only the nickel is complexed by the EDTA. The excess of EDTA is
back-titrated with standard calcium chloride solution in the presence of
thymolphthalexone indicator. The colour change is from colourless or very pale
blue to an intense blue. The nickel-EDTA complex has a faint blue colour; the
solution should contain less than 35 mg of nickel per 100 mL.

In the back-titration small amounts of copper and zinc and trace amounts of
manganese are quantitatively displaced from the EDTA and are complexed by
the tricthanolamine: small quantities of cobalt are converted into a triethanolamine
complex during the titration. Relatively high concentrations of copper can be
masked in the alkaline medium u_y the addition of thioglycollic acid until
colourless. Manganese, if present in quantities of more than 1 mg, may be
oxidised by air and forms a manganese(IIl)-triethanolamine complex, which
is intensely green in colour; this does not occur if a little hydroxylammonium
chloride solution is added.

Procedure. Prepare a standard calcium chloride solution (0.01 M) by dissolving
1.000 g of calcium carbonate in the minimum volume of dilute hydrochloric
acid and diluting to 1L with de-ionised water in a graduated flask. Also
prepare a 20 per cent aqueous solution of triethanolamine.

Weigh out accurately a 1.0 g sample of the nickel steel and dissolve it in the
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minimum volume of concentrated hydrochloric acid (about 15 mL) to which a
little concentrated nitric acid (ca 1 mL) has been added. Dilute to 250 mL in a
graduated flask. Pipette 25.0mL of this solution into a conical flask, add
250mL of 0.01M EDTA and 10mL of triethanolamine solution. Introduce
I M sodium hydroxide solution, with stirring, until the pH of the solution is
11.6 (use a pH meter). Dilute to about 250 mL. Add about 0.05g of the
thymolphthalexone/potassium nitrate mixture; the solution acquires a very pale
blue colour. Titrate with 0.01M calcium chloride solution until the colour
changes to an intense blue. If it is felt that the end point colour change is not
sufficiently distinct, add a further small amount of the indicator, a known volume
of 0.01M EDTA and titrate again with 0.01 M calcium chloride.

10.69 DETERMINATION OF LEAD AND TIN IN A MIXTURE: ANALYSIS OF SOLDER

A mixture of tin(IV) and lead(Il) ions may be complexed by adding an excess
of standard EDTA solution, the excess EDTA being determined by titration
with a standard solution of lead nitrate; the total lead-plus-tin content of the
solution is thus determined. Sodium fluoride is then added and this displaces
the EDTA from the tin(IV)-EDTA complex; the liberated EDTA is determined
by titration with a standard lead solution.

Procedure. Prepare a standard EDTA solution (0.2 M), a standard lead solution
(0.01 M), a 30 per cent aqueous solution of hexamine, and a 0.2 per cent aqueous
solution of xylenol orange.

Dissolve a weighed amount (about 0.4 g) of solder in 10 mL of concentrated
hydrochloric acid and 2 mL of concentrated nitric acid; gentle warming is
necessary. Boil the solution gently for about 5 minutes to expel nitrous fumes
and chlorine, and allow to cool slightly, whereupon some lead chloride may
separate. Add 25.0 mL of standard 0.2M EDTA and boil for 1 minute; the lead
chloride dissolves and a clear solution is obtained. Dilute with 100 mL of
de-ionised water, cool and dilute to 250 mL in a graduated flask. Without delay,
pipette two or three 25.0 mL portions into separate conical flasks. To each flask
add 15 mL hexamine solution, 110 mL de-ionised water, and a few drops of
xylenol orange indicator. Titrate with the standard lead nitrate solution until
the colour changes from yellow to red. Now add 2.0 g sodium fluoride; the
solution acquires a yellow colour owing to the liberation of EDTA from its tin
complex. Titrate again with the standard lead nitrate solution until a permanent
(.e. stable for 1 minute) red colour is obtained. Add the titrant dropwise near
the end point; a temporary pink or red colour gradually reverting to yellow
signals the approach of the end point.

10.70 DETERMINATION OF BISMUTH, CADMIUM AND LEAD IN A MIXTURE: ANALYSIS
OF A LOW-MELTING ALLOY

The analysis of low-melting alloys such as Wood’s metal is greatly simplified
by complexometric titration, and tedious gravimetric separations are avoided.
The alloy is treated with concentrated nitric acid, evaporated to a small volume,
and after dilution the precipitated tin(IV) oxide is filtered off; heavy metals
adsorbed by the precipitate are removed by washing with a known volume of
standard EDTA solution previously made slightly alkaline with aqueous
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ammonia. The hydrated tin(IV) oxide is ignited and weighed. The Bi, Pb, and
Cd are determined in the combined filtrate and washings from the tin separation:
these are diluted to a known volume and aliquots used in the subsequent

TA
titrations. The bismulh CGI‘LI@HL 18 duud mined b oy tnti’&tlﬁﬁ with standard EDTA

at pH 1-2 using xylenol orange as indicator; then, after adjustment of the pH
to 5-6 with hexamine, the combined Pb plus Cd can be titrated with EDTA.
1,10-Phenanthroline is then added to mask the cadmium, and the liberated
EDTA is titrated with standard lead nitrate solution; this gives the cadmium
content and thence the lead content is obtained by difference.

Procedure, Prepare a standard solution of lead nitrate (0.05M), a 0.05 per cent
aqueous solution of xylenol orange indicator, and a 1,10-phenanthroline solution
(0.05M) by dissolving 0.90g of pure 1,10-phenanthroline in 1.5mL of
concentrated nitric acid and 100 mL of water.

Weigh out accurately 2.0-2.5g of Wood’s metal and dissolve it in hot
concentrated nitric acid (ca 50 mL). Evaporate the resulting solution to a small
volume, dilute to about 150 mL with water and boil for 1-2 minutes. Filter off
the precipitate of hydrated tin(IV) oxide through a quantitative filter paper
(Whatman No. 542) and keep the filtrate. Make a known volume (say 50.0 mL)
of a 0.05M EDTA solution slightly basic with aqueous ammonia. Wash the
precipitate on the filter with this solution and then with 50 mL of water. The
final wash liquid should give no precipitate with 5 per cent sodium sulphide
solution. Transfer the filtrate and washings (containing the other metals as well
as the excess of EDTA) quantitatively to a 500 mL graduated flask, and dilute
to the mark with de-ionised water. Char the filter paper in the usual way and,
after ignition, weigh the tin(IV) oxide (see Section 11.9).

Into a conical flask, pipette a 50.0 or 100.0 mL aliquot of the solution and
adjust the pH to 1-2 with aqueous ammonia solution (use pH test-paper). Add
five drops of xylenol orange indicator and titrate with additional 0.05M EDTA
until the colour changes sharply from red to yellow. This gives the bismuth
content. Record the total (combined) volume of EDTA solution used. Now add
small amounts of hexamine (ca 5g) until an intense red-violet coloration
persists, and titrate with the standard EDTA to a yellow end point; the further
consumption of EDTA corresponds to the lead-plus-cadmium content.

To determine the cadmium content, add 20-25 mL of the 1,10-phenanthroline
solution and titrate the liberated EDTA with the 0.05M lead nitrate solution
until the colour change from yellow to red—violet occurs — a little practice is
required to discern the end point precisely. Introduce further 2-5mL portions
of the 1,10-phenanthroline solution and note whether the indicator colour
changes: if so, continue the titration with the lead nitrate solution. The
consumption of iead nitrate solution corresponds to the cadmium content.

DETERMINATION OF ANIONS

Anions do not complex directly with EDTA, but methods can be devised for
the determination of appropriate anions which involve either (i) adding an
excess of a solution containing a cation which reacts with the anion to be
determined, and then using EDTA to measure the excess of cation added; or
(ii) the anion is precipitated with a suitable cation, the precipitate is collected,
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dissolved in excess EDTA solution and then the excess EDTA is titrated with
a standard solution of an appropriate cation. The procedure involved in the
first method will be self-evident but some details are given for determinations

SIS SR IR & . SRS
Cdarrica out vy e SCCOIIAd 1HCLI10A.

10.71 DETERMINATION OF HALIDES (EXCLUDING FLUORIDE) AND THIOCYANATES

The procedure involved in the determination of these anions is virtually that
discussed in Section 10.58 for the indirect determination of siiver. The anion to
be determined is precipitated as the silver salt; the precipitate is collected and
dissolved in a solution of potassium tetracyanonickelate(Il) in the presence of
an ammonia/ammonium chloride buffer. Nickel ions are liberated and titrated
with standard EDTA solution using murexide as indicator:

2Ag* + [Ni(CN),]?~ = Ni** +2[Ag(CN),]~

The method may be illustrated by the determination of bromide; details for

tha nranaratiam ftha nataceiiim tatra o ninkalata ara ocivaen 1m QantiAan 1{1 SR
Ui prépardiioi of 14 potassiuim iCiracyanoniCrdic arc given in SCCLIoN 1v.26.

Pipette 25.0 mL of the bromide ion solution (0.01-0.02M) into a 400 mL
beaker, add excess of dilute silver nitrate solution, filter off the precipitated silver
bromide on a sintered glass filtering crucible, and wash it with cold water.
Dissolve the precipitate in a warm solution prepared from 15 mL of concentrated
ammonia solution, 15 mL of 1M ammonium chioride, and 0.3 g of potassium
tetracyanonickelate. Dilute to 100-200mL, add three drops of murexide
indicator, and titrate with standard EDTA (0.01 M) (slowly near the end point)
until the colour changes from yellow to violet.

1 mole EDTA = 2 moles Br~

10.72 DETERMINATION OF PHOSPHATES

The phosphate is precipitated as Mg(NH ,)PO,,6H, O, the precipitate is filtered
off, washed, dissolved in dilute hydrochloric acid, an excess of standard EDTA
solution added, the pH adjusted to 10, and the excess of EDTA titrated with
standard magnesium chloride or magnesium suiphate solution using solochrome
black as indicator. The initial precipitation may be carried out in the presence
of a variety of metals by first adding sufficient EDTA solution (1 M) to form
complexes with all the multicharged metal cations, then adding excess of
magnesium sulphate solution, followed by ammonia solution: alternatively, the
cations may be removed by passing the solution through a cation exchange
resin in the hydrogen form.

Procedure. Prepare a standard (0.05M) solution of magnesium sulphate or
chloride from pure magnesium (Section 10.60), an ammonia—ammonium
chloride buffer solution (pH 10) (Section 10.54), and a standard (0.05 M) solution
of EDTA.

Pipette 25.0 mL of the phosphate solution (approx. 0.05M) into a 250 mL
beaker and dilute to 50 mL with de-ionised water; add 1 mL of concentrated
hydrochloric and a few drops of methyl red indicator. Treat with an excess of
1 M magnesium sulphate solution (ca 2 mL), heat the solution to boiling, and
add concentrated ammonia solution dropwise and with vigorous stirring until
the indicator turns yellow, followed by a further 2 mL. Allow to stand for several
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hours or overnight. Filter the precipitate through a sintered-glass crucible
(porosity G4) and wash thoroughly with 1 M ammonia solution (about 100 mL).
Rinse the beaker (in which the precipitation was made) with 25mL of hot
11V1 Ilyuf@CﬂlUrlb dblU dﬂ(l dllUW l[lC llqlll(l io pCICOlate lﬂrUllgIl [IlC Jll[Cr
crucible, thus dissolving the precipitate. Wash the beaker and crucible with a
further 10 mL of 1 M hydrochloric acid and then with about 75 mL of water.
To the filtrate and washings in the filter flask add 35.0 mL of 0.05M EDTA,
neutralise the solution with 1 M sodium hydroxide, add 4 mL of buffer solution
and a few drops of solochrome black indicator. Back-titrate with standard

0.05M magnesium chloride until the colour changes from blue to wine red.

10.73 DETERMINATIGN OF SULPHATES

The sulphate is precipitated as barium sulphate from acid solution, the
precipitate is filtered off and dissolved in a measured excess of standard EDTA
solution in the presence of aqueous ammonia. The excess of EDTA is then
‘{ ac

titrated with standard magnesium chloride solution using solochrome blac

indicator.

Procedure. Prepare a standard magnesium chloride solution (0.05M) and a
buffer solution (pH 10); see Section 10.72. Standard EDTA (0.05 M) will also
be required.

Pipette 25.0 mL of the sulphate solution (0.02-0.03 M) into a 250 mL beaker,
dilute to 50 mL, and adjust the pH to 1 with 2M hydrochloric acid; heat nearly
to boiling. Add 15 mL of a nearly boiling barium chloride solution (ca 0.05M)
fairly rapidly and with vigorous stirring: heat on a steam bath for 1 hour. Filter
with suction through a filter-paper disc (Whatman filter paper No. 42) supported
upon a porcelain filter disc or a Gooch crucible, wash the precipitate thoroughly
with cold water, and drain. Transfer the filter-paper disc and precipitate
quantitatively to the original beaker, add 35.0mL standard 0.05SM EDTA
solution and 5 mL concentrated ammonia solution and boil gently for 15-20
minutes; add a further 2 mL concentrated ammonia solution after 10—15 minutes
to facilitate the dissolution of the precipitate. Cool the resulting clear solution,
add 10mL of the buffer solution (pH = 10), a few drops of solochrome black
indicator, and titrate the excess of EDTA with the standard magnesium chloride
solution to a clear red colour.

Suiphate can also be determined by an exactly similar procedure by
precipitation as lead sulphate from a solution containing 50 per cent (by volume)
of propan-2-ol (to reduce the solubility of the lead sulphate), separation of the
precipitate, dissolution in excess of standard EDTA solution, and back-titration
of the excess EDTA with a standard zinc solution using solochrome black as
indicator.

PRECIPITATION TITRATIONS
10.74 PRECIPITATION REACTIONS

The most important precipitation processes in titrimetric analysis utilise silver
nitrate as the reagent (argentimetric processes). Discussion of the theory will,
therefore, be confined to argentimetric processes; the same principles can, of

340



PRECIPITATION REACTIONS  10.74

course, be applied to other precipitation reactions. Consider the changes in ionic
concentration which occur during the titration of 100 mL of 0.1 M sodium
chloride with 0.1 M silver nitrate. The solubility product of silver chloride at
the laboratory temperature is 1.2 x 107 !°, The initial concentration of chloride
ions, [C17], is 0.1mol L ™!, or pCl~ =1 (see Section 2.17). When 50 mL of
0.1 M silver nitrate have been added, SO0 mL of 0.1 M sodium chioride remain
in a total volume of 150mL: thus [C17]=350x0.1/150=333 x 1072, or
pCl™ = 1.48. With 90mL of silver nitrate solution [CI™]=10x0.1/190=

53x 1073, or pCl~ = 2.28.

Now

Apge X Aq- = [AgTIx [C17] = 1.2 x 10719 = K ager
or

pAgT + pCl™ = 992 = pAgCl

In the last calculation, pCl~ = 1.48, hence pAg* =992 — 148 = 8.44. In this
manner, the various concentrations of chloride and silver ions can be computed
up to the equivalence point. At the equivalence point:

Agt =ClI” = V Kol age

pAg® = pCl~ = 1pAgCl = 9.92/2 = 496

and a saturated solution of silver chloride with no excess of silver or chloride
ions Is present.

With 100.1 mL of silver nitrate solution, [Ag" ] = 0.1 x 0.1/200.1 =5 x 1073,
or pAg* =4.30; pCl~ =pAgCl—pAg”™ =992 —-430=15.62.*

The values calculated in this way up to the addition of 110 mL of 0.1 M silver
nitrate are collected in Table 10.7. Similar values for the titration of 100 mL of
0.1 M potassium iodide with 0.1 M silver nitrate are included in the same table
(Kso].Agl = 1.7 x 10_ 16)-

It will be seen by inspecting the silver-ion exponents in the neighbourhood
of the equivalence point (say, between 99.8 and 100.2 mL) that there is a marked
change in the silver-ion concentration, and the change is more pronounced
for silver 1odide than for silver chloride, since the solubility product of the latter
is about 10° larger than for the former. This is shown more clearly in the titration
curve in Fig. 10.12, which represents the change of pAg™ in the range between
10 per cent before and 10 per cent after the stoichiometric point in the titration
almost identical curve is obtained by potentiometric titration using a silver
electrode (see Section 15.20); the pAg™ values may be calculated from the
e.m.f. figures as in the calculation of pH.

*This is not strictly true, since the dissolved silver chloride will contribute silver and chloride ions
to the solution; the actual concentration is ca 1 x 107> gions L ™. If the excess of silver ions added

is greater than 10 times this value, i.e. >10,/K | a.c, the error introduced by neglecting the ionic
concentration produced by the dissolved salt may be taken as negligible for the purpose of the
ensuing discussion,
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Table 10.7 Titration of 100 mL of 0.1 NaCl and
100 mL of 0.1 KI respectively with 0.1Af AgNO;
(Keopaga =12 x 1071% K oy =1.7 x 10 16)

Vol. of 0.1M Titration of chloride  Titration of iodide
AgNO; (mL)
pCl™ pAg®™  pI” pAg*
0 1.0 — 1.0 —
50 1.5 84 1.5 14.3
90 23 7.6 23 13.5
95 26 7.3 26 13.2
98 3.0 6.9 3.0 12.8
99 33 6.6 33 12.5
89.5 3.7 6.2 37 12.1
99.8 4.0 5.9 40 11.8
99.9 4.3 5.6 43 11.5
100.0 5.0 5.0 79 79
100.1 5.6 4.3 11.5 4.3
100.2 5.9 4.0 11.8 4.0
100.5 6.3 3.6 12.2 3.6
101 6.6 3.3 12.5 313
102 6.9 3.0 12.8 3.0
105 7.3 2.6 13.2 2.6
110 7.6 2.3 13.5 24
pAg 14 [
13 Tgml?‘\
12
i
10
o A - Kol Ag!
8 .._._‘___ECI -f-Cl\
7
6 - Ksoi ag Cl
5
4
3 Agf+ Ag+—]
2 AgClI+Af+—

S0 92 94 96 98 100 102 104 106 [08 110
0.1 M AgNO,, mL

Fig. 10.12 Titration cnrves of 100 mL of 0.1M NaCl and of 100 mL of 0.1 KI
respectively with 0.1 AgNO; (calculated).
10.75 DETERMINATION OF END POINTS IN PRECIPITATION REACTIONS

Many methods are utilised in determining end points in these reactions, but
only the most important will be mentioned here.

(a) Formation of a coloured precipitate. This may be illustrated by the Mohr
procedure for the determination of chloride and bromide. In the titration of a
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neutral solution of, say, chloride ions with silver nitrate solution, a small quantity
of potassium chromate solution is added to serve as indicator. At the end point
the chromate ions combine with silver ions to form the sparingly soluble, red,
silver chromate.

The theory of the process is as follows. This is a case of fractional precipitation
(Section 2.8), the two sparingly soluble salts being silver chloride (K, 1.2 x 10719)
and silver chromate (K, 1.7 x 107 '2). It is best studied by considering an actual
example encountered in practice, viz. the titration of, say, 0.1 M sodium chloride
with 0.1 M silver nitrate in the presence of a few millilitres of dilute potassium
chromate solution. Silver chloride is the less soluble salt and the initial chloride
concentration is high; hence silver chloride will be precipitated. At the first point
where red silver chromate is just precipitated both salts will be in equilibrium
with the solution. Hence:

[Ag+] X [Cl_] = Ksol.AgCl = 12 X 10_10
[Ag+]2 X [CI'O%—] = Ksol. Ag,CrO, — L7 x 10‘12

Ksol, AgCl Ksol» Ag,CrO

A +7 — gLl 82 4

A7) =Tamy = Vot
{Cl ] _ Kgaea 1.2 x 10710

=92x 1077

VIGO0 ] /Kaageo, /17x10°°

At the equivalence point [Cl™] = /K. aecr = 1.1 x 107, If silver chromate
is to precipitate at this chloride-ion concentration:

s ICIT] NP /LI 10702
9= oai07s ) T o2x107s)

or the potassium chromate solution should be 0.014M. It should be noted that
a slight excess of silver nitrate solution must be added before the red colour of
silver chromate is visible. In practice, a more dilute solution (0.003-0.005M)
of potassium chromate is generally used, since a chromate solution of concentration
0.01-0.02 M imparts a distinct deep orange colour to the solution, which renders
the detection of the first appearance of silver chromate somewhat difficult. The
error introduced can be readily calculated, for if [CrO2 ™~ ] = (say) 0.003, silver
chromate will be precipitated when:

K 17x 102
[Ag"] = [=orge = =y ogm = 24 %1077

If the theoretical concentration of indicator is used:

/17 x 10712
[Ag"] = % = 1.1 x 1073

The difference is 1.3 x 10 "> mol L% If the volume of the solution at the
equivalence point is 150 mL, then this corresponds to 1.3 x 1073 x 150 x 10%/
1000 = 0.02 mL of 0.1 M silver nitrate. This is the theoretical titration error, and
is therefore negligible. In actual practice another factor must be considered, viz.
the small excess of silver nitrate solution which must be added before the eye

= 14 x 1072
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can detect the colour change in the solution; this is of the order of one drop or
ca 0.05mL of 0.1 M silver nitrate.

The titration error will increase with increasing dilution of the solution being
titrated and is quite appreciable (ca 0.4* per cent) in dilute, say 0.01 M, solutions
when the chromate concentration is of the order 0.003—0.005M. This is most
simply allowed for by means of an indicator blank determination, e.g. by
measuring the volume of standard silver nitrate solution required to give a
perceptible coloration when added to distilled water containing the same
quantity of indicator as is employed in the titration. This volume is subtracted
from the volume of standard solution used.

It must be mentioned that the titration should be carried out in neutral
solution or in very faintly alkaline solution, i.e. within the pH range 6.5-9. In
acid solution, the following reaction occurs:

2Cr02~ +2H* = 2HCrO; = Cr,02~ + H,0

HCrO, is a weak acid; consequently the chromate-ion concentration is reduced

and tha calithility mradiine Af cilvar nhramata mavy nat he aveasdad Tn marbadiy
Alinvl LLLA DUILI—UIII.L)‘ Pl VLUV L Ul JllYel Ll Villdlv lll(«l_y LIVL U VAMVWLWALVAL, L) 1114 l\\.d\.ll)‘

alkaline solutions, silver hydroxide (K, 2.3 x 1078) might be precipitated. A
simple method of making an acid solution neutral is to add an excess of pure
calcium carbonate or sodium hydrogencarbonate. An alkaline solution may be
acidified with acetic acid and then a slight excess of calcium carbonate is added.
The solubility product of silver chromate increases with rising temperature; the
titration should therefore be performed at room temperature. By using a mixture
of potassium chromate and potassium dichromate in proportions such as to
give a neutral solution, the danger of accidentally raising the pH of an unbuffered
solution beyond the acceptable limits is minimised; the mixed indicator has a
buffering effect and adjusts the pH of the solution to 7.0 + 0.1. In the presence
of ammonium salts, the pH must not exceed 7.2 because of the effect of
appreciable concentrations of ammonia upon the solubility of silver salts.
Titration of jodide and of thiocyanate is not successful because silver iodide
and silver thiocyanate adsorb chromate ions so strongly that a false and
somewhat indistinct end point is obtained.

(h) Formation of a soluble coloured compound. This procedure is exemplified
by Volhard’s method for the titration of silver in the presence of free nitric acid
with standard potassium thiocyanate or ammonium thiocyanate solution. The
indicator is a solution of iron(Il) nitrate or of iron(Ill) ammonium sulphate.
The addition of thiocyanate solution produces first a precipitate of silver
thiocyanate (K, 7.1 x 107 13):

AcT L SCN ™ — AoSCN
b I ~ D Wl X

[ DY

When this reaction is complete, the slightest excess of thiocyanate produces a
reddish-brown coloration, due to the formation of a complex ion:t

Fe’* + SCN™ = [FeSCN]?*

This method may be applied to the determination of chlorides, bromides,

* The errors for 0.1M and 0.01 M bromide may be calculated to be 0.04 and 0.4 per cent respectively.
+This is the complex formed when the ratio of thiocyanate ion to iron(IIl) ion is low; higher
complexes, [ Fe(SCN),]7, etc., are important only at higher concentrations of thiocyanate ion.
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and iodides in acid solution. Excess of standard silver nitrate solution is added,
and the excess is back-titrated with standard thiocyanate solution. For the
chloride estimation, we have the following two equilibria during the titration
of excess of silver ions:

Ag® +Cl~ = AgCl

Ag* +SCN™ = AgSCN

The two sparingly soluble salts will be in equilibrium with the solution, hence:

[CI7] Ky ager  12x1071°
[SCN_] B Kso[_ AgSCN - 7.1 x 10_13 B

When the excess of silver has reacted, the thiocyanate may react with the
silver chloride, since silver thiocyanate is the less soluble salt, until the ratio
[C1™]/[SCN "] in the solution is 169:

AgCl+SCN™ = AgSCN + Cl~

This will take place before reaction occurs with the iron(III) ions in the solution,
and there will consequently be a considerable titration error. It is therefore
absolutely necessary to prevent the reaction between the thiocyanate and the
sitver chloride. This may be effected in several ways, of which the first is probably
the most reliable:

1. The silver chloride is filtered off before back-titrating. Since at this stage the
precipitate will be contaminated with adsorbed silver ions, the suspension
should be boiled for a few minutes to coagulate the silver chloride and thus
remove most of the adsorbed silver ions from its surface before filtration.
The cold filtrate 1s titrated.

2. After the addition of silver nitrate, potassium nitrate is added as coagulant,
the suspension is boiled for about 3 minutes, cooled and then titrated
immediately. Desorption of silver ions occurs and, on cooling, re-adsorption
is largely prevented by the presence of potassium nitrate.

3. Animmiscible liquid is added to ‘coat’ the silver chloride particles and thereby
protect them from interaction with the thiocyanate. The most successful liquid
is nitrobenzene (ca 1.0 mL for each 50 mg of chloride): the suspension is well
shaken to coagulate the precipitate before back-titration.

With bromides, we have the equilibrium:

[(Br'] K, ager  3.5x1071
[SCN™] K. agen 71 x10713

The titration error is small, and no difficulties arise in the determination of the
end point. Silver iodide (K, 1.7 x 10719} is less soluble than the bromide; the
titration error is negligible, but the iron(IIT) indicator should not be added until
excess of silver is present, since the dissolved iodide reacts with Fe?* jons:

2Fe3*t 4+ 21~ = 2Fe?* +1,

(c¢) Use of adsorption indicators. K. Fajans introduced a useful type of indicator
for precipitation reactions as a result of his studies on the nature of adsorption.
The action of these indicators is due to the fact that at the equivalence point
the indicator is adsorbed by the precipitate, and during the process of

= 0.5
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adsorption a change occurs in the indicator which leads to a substance of
different colour; they have therefore been termed adsorption indicators. The
substances employed are either acid dyes, such as those of the fluorescein series,
e.g. fluorescein and eosin which are utilised as the sodium salts, or basic dyes,
such as those of the rhodamine series (e.g. thodamine 6G), which are used
as the halogen salts.

The theory of the action of these indicators is based upon the properties of
colloids, Section 11.3. When a chloride solution is titrated with a solution of
silver nitrate, the precipitated silver chloride adsorbs chloride ions (a precipitate
has a tendency to adsorb its own ions); this may be termed the primary adsorbed
layer. By a process known as secondary adsorption, oppositely charged ions
present in solution are held around it (shown diagrammically in Fig. 10.13a).
As soon as the stoichiometric point is reached, silver ions are present in excess
and these now become primarily adsorbed; nitrate ions will be held by secondary
adsorption (Fig. 10.13b). If fluorescein is also present in the solution, the negative
fluorescein ion, which is much more strongly adsorbed than is the nitrate ion, is

immediately adsorbed, and will reveal its presence on the precipitate, not by its

own colour, which is that of the solution, but by the formation of a pink complex
of silver and a modified fluorescein ion on the surface with the first trace of
excess of silver ions. An alternative view is that during the adsorption of the
fluorescein ion a rearrangement of the structure of the ion occurs with the
formation of a coloured substance. It is important to notice that the colour
change takes place at the surface of the precipitate. If chloride is now added,
the suspension remains pink until chloride ions are present in excess, the
adsorbed silver 1ons are converted into silver chloride, which primarily adsorbs
chioride ions. The secondary adsorbed fluorescein ions pass back into solution,

+ wihinh tha 1 mnrét n cgrannioh srallaeey AnlAaie
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Fig. 10.13 (a) AgCl precipitated in the presence of excess of Cl “; (b) AgCl precipitated
in the presence of excess of Ag*.

The following conditions will govern the choice of a suitable adsorption
indicator:

(a) The precipitate should separate as far as possible in the colloidal condition.
Large quantities of neutral salts, particularly of multicharged ions, should be
avoided owing to their coagulating effect. The solution should not be too
dilute, as the amount of precipitate formed will be small and the colour
change far from sharp with certain indicators.

(b) The indicator ion must be of opposite charge to the ion of the precipitating
agent.

(¢} The indicator ion should not be adsorbed before the particular compound
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DETERMINATION OF END POINTS IN PRECIPITATION REACTIONS  10.75

has been completely precipitated, but it should be strongly adsorbed
immedately after the equivalence point. The indicator ion should not be too
strongly adsorbed by the precipitate; if this occurs, e.g. eosin (tetrabromo-

fAunrecrein) 1n the ~rhlaride _cilver titratinn the adecnrntinn of the indicator
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ion may be a primary process and will take place before the equivalence
point.

A disadvantage of adsorption indicators is that silver halides are sensitised
to the action of light by a layer of adsorbed dyestuff. For this reason, titrations
should be carried out with a minimum exposure to sunlight. When using
adsorption indicators, only 2 x 107 to 3 x 10~ * mol of dye per mol of silver
halide is added; this small concentration is used so that an appreciable fraction
of the added indicator is actually adsorbed on the precipitate.

For the titration of chlorides, fluorescein may be used. This indicator 1s a
very weak acid (K,=ca 1 x 10™8); hence even a small amount of other acids
reduces the already minute ionisation, thus rendering the detection of the
end point (which depends essentially upon the adsorption of the free anion)
either impossible or difficult to observe. The optimum pH range is between 7
and 10. Dichlorofluorescein is a stronger acid and may be utilised in slightly
acid solutions of pH greater than 4.4; this indicator has the further advantage
that it is applicable in more dilute sojutions.

Eosin (tetrabromofluorescein) is a stronger acid than dichlorofluorescein and
can be used down to a pH of 1-2; the colour change is sharpest in an acetic
acid solution (pH < 3). Eosin is so strongly adsorbed on silver halides that it
cannot be used for chloride titrations; this is because the eosin ion can compete
with chloride ion before the equivalence point and thereby gives a premature
indication of the end point. With the more strongly adsorbing ions, Br—, I~
and SCN 7, the competition is not serious and a very sharp end point is obtained
in the titration of these ions, even in dilute solutions. The colour of the precipitate
is magenta. Rose Bengal (dichlorotetraiodofiuorescein) and dimethyldiiodo-
fluorescein have been recommended for the titration of iodides.

Other dyestuffs have been recommended as adsorption indicators for the
titration of halides and other ions. Thus cyanide ion may be titrated with
standard silver nitrate solution using diphenylcarbazide as adsorption indicator
(see Section 10.44): the precipitate is pale violet at the end point. A selection
of adsorption indicators, their properties and uses, is given in Table 10.8.

(d) Turbidity method. The appearance of a turbidity is sometimes utilised to
mark the end-point of a reaction, as in Liebig’s method for cyanides (see Section
10.44). A method which should be included here is the turbidity procedure for
the determination of silver with chloride; first introduced by Gay Lussac. A
standard solution of sodium chloride is titrated with a solution of silver nitrate
or vice versa. Under certain conditions the addition of an indicator is
unnecessary, because the presence of a turbidity caused by the addition of a
few drops of one of the solutions to the other will show that the end point has
not been reached. The titration is continued until the addition of the appropriate
solution produces no turbidity. Accurate results are obtained.

The procedure may be illustrated by the following simple experiment, which
is a modification of the Gay Lussac—Stas method. The sodium chloride solution
is added to the silver solution in the presence of free nitric acid and a small
quantity of pure barium nitrate (the latter to assist coagulation of the precipitate).
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10 TITRIMETRIC ANALYSIS

Table 10.8 Selected adsorption indicators: properties and uses

Indicator Use
Fluorescein Cl7, Br7, I, with Ag*
Dichlorofluorescein Cl~, Br , BO3", with Ag™
Tetrabromofluorescein (eosin} Br, I, SCN ", with Ag*
Dichloro-tetraiodofluorescein (Rose Bengal) I~ in presence of C1, with Ag™
Di-iodo-dimethylfuorescein I-, with Ag*
Tartrazine Ag*, with I7 or SCN~; I~ 4+ Cl™, with excess Ag ™,
back-titration with 1~

Sodium alizarin sulphonate (alizarin red S) [Fe(CN)s1*", [MoO,]*~ with Pb2*
Rhodamine 6G Ag* with Br~
Phenosafranine Cl~, Br—, with Ag™

Ag*, with Br~

* The colour change is as indicator passes from solution to precipitate, unless otherwise stated.

Weigh out accurately about 0.40 g of silver nitrate into a well-stoppered 200 mL

. 1] A
bottle. Add about 100 mL of water, a few drops of concentrated nitric acid, and

a small crystal of barium nitrate. Titrate with standard 0.1 M sodium chloride
by adding 20 mL at once, stoppering the bottle, and shaking it vigorously until
the precipitate of silver chloride has coagulated and settled, leaving a clear
solution. The volume of sodium chloride solution taken should leave the silver
still in excess. Continue to add the chloride solution, 1 mL at a time, stoppering
and shaking after each addition, until no turbidity is produced: note the total
volume of sodium chloride solution. Repeat the determination, using a fresh
sample of silver nitrate of about the same weight, and run in initially that volume
of thc 0. lM sodium chloride less 1 mL, which the ﬁrst titration has indicated

| R s | g |
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0.05 mL portions). It will be found that the end point can be determined within
one drop.

The following sections are concerned with the use of standard solutions of
reagents such as silver nitrate, sodium chloride, potassium (or ammonium)
thiocyanate, and potassium cyanide. Some of the determinations which will be
considered strictly involve complex formation rather than precipitation reactions,
but it is convenient to group them here as reactions involving the use of standard
silver nitrate solutions. Before commencing the experimental work, the theoretical
Sections 10.74 and 10.75 should be studied.

10.76 PREPARATION OF 0.1 & SILVER NITRATE

Discussion. Very pure silver can be obtained commercially, and a standard
solution can be prepared by dissolving a known weight (say, 10.787 g) in nitric
acid in a conical flask having a funnel in the neck to prevent mechanical loss,
and making up to a known volume (say, 1 L for a 0.1 M solution). The presence
of acid must, however, be avoided in determinations with potassium chromate
as indicator or in determinations employing adsorption indicators. It is therefore
preferable to employ a neutral solution prepared by dissolving silver nitrate
(relative molecular mass, 169.87) in water.

Analytical grade silver nitrate has a purity of at least 99.9 per cent, so that
a standard solution can be prepared by direct weighing. If, however, commercial

348



STANDARDISATION OF SILVER NITRATE SOLUTION  10.77

Colour change at end-point* Further data of interest
Yellowish-green — pink Solution must be neutral or weakly basic
Yellowish-green — red Useful pH range 4.4-7
Pink — reddish-violet Best in acetic (ethanoic) acid solution; useful down to pH 1-2
Red — purple Accurate if (NH,),CO, added
Orange-red — blue-red Useful pH range 4-7
Colourless solution — green Sharp colour change in I~ + C1~ back-titration
solution
Yellow — pink Neutral solution
Orange-pink — reddish-violet  Best in dilute (up to 0.3M) HNO;
Red ppt. — blue ppt. Sharp, reversible colour change on ppt., but only if NOj is present.
Blue ppt. —red ppt. Tolerance up to 0.2M HNO,

recrystallised silver nitrate be employed, or if an additional check of the molarity
of the silver mtrate soiution is required, standardisation may be effected with
pure sodium chloride. Sodium chloride has a purity of 99.9-100.0 per cent and
may be used as a primary standard. Sodium chloride is very slightly hygroscopic,
and for accurate work it is best to dry the finely powdered solid in an electric
oven at 250-350°C for 1-2 hours, and allow it to cool in a desiccator.

Procedure. From silver nitrate. Dry some finely powdered analytical grade
silver nitrate at 120 °C for 2 hours and allow it to cool in a covered vessel in
a desiccator. Weigh out accurately 8.494 g, dissolve it in water and make up to
500 mL in a graduated flask. This gives a 0.1000M solution. Alternatively, about
8.5 g of pure, dry silver nitrate may be weighed out accurately, dissolved in
500 mL of water in a graduated flask, and the molar concentration calculated
from the weight of silver nitrate employed.

In many cases the analytical grade material may be replaced by ‘pure
recrystallised’ silver nitrate, but in that case it is advisable to standardise the
solution against sodium chloride. Solutions of silver nitrate should be protected
from light and are best stored in amber-coloured glass bottles.

10.77 STANDARDISATION OF SILVER NITRATE SOLUTION

Sodium chloride has a relative molecular mass of 58.44. A 0.1000M solution is
prepared by weighing out 2922 g of the pure dry salt (see Section 10.74) and
dissolving it in 500 mL of water in a graduated flask. Alternatively about 2.9 g
of the pure salt is accurately weighed out, dissolved in 500 mL of water in a
graduated flask and the molar concentration calculated from the weight of
sodium chloride employed.

(a) With potassium chromate as indicator: The Mohr titration. The reader is
referred to Section 10.75 for the detailed theory of the titration. Prepare the
indicator solution by dissolving 5g potassium chromate in 100 mL of water.
The final volume of the solution in the titration is 50— 100 mL, and 1 mL of the
indicator solution is used, so that the indicator concentration in the actual
titration is 0.005—-0.0025 M.

Alternatively, and preferably, dissolve 4.2 g potassium chromate and 0.7 g
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10 TITRIMETRIC ANALYSIS

potassium dichromate in 100 mL of water; use 1 mL of indicator solution for
each 50 mL of the final volume of the test solution.

Pipette 25 mL of the standard 0.1 M sodium chloride into a 250 mL conical
flask reSung Uupon a white ulc and add 1 mL of the indicator solution \preleramy
with a 1 mL pipette). Add the silver nitrate solution slowly from a burette,
swirling the liquid constantly, until the red colour formed by the addition of
each drop begins to disappear more slowly: this is an indication that most of
the chloride has been precipitated. Continue the addition dropwise until a faint
but distinct change in colour occurs. This faint reddish-brown colour should
persist after brisk shaking. If the end point is overstepped (production of a deep
reddish-brown colour), add more of the chloride solution and titrate again.
Determine the indicator blank correction by adding 1 mL of the indicator to a
volume of water equal to the final volume in the titration (Note), and then
0.01M silver nitrate solution until the colour of the blank matches that of the
solution titrated. The indicator blank correction, which should not amount to

more than 0.03—0.10 mL of silver nitrate, is deducted from the volume of silver
nitrate used in the titration. Repeat the titration with two further 25 mL portions
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of the sodium chloride solutlon. The various titrations should agree within
0.1 mL.

Note. A better blank is obtained by adding about 0.5 g of calcium carbonate before
determining the correction. This gives an inert white precipitate similar to that obtained
in the titration of chlorides and materially assists in matching the colour tints.

(5) With an adsorption indicator: Discussion. The detailed theory of the process
is given in Section 10.75. Both fluorescein and dichloroﬂuorescein are suitable
for the titration of Lh}uudca In both cases the end puuu is reached when the
white precipitate in the greenish-yellow solution suddenly assumes a pronounced
reddish tint. The change is reversible upon the addition of chloride. With
fluorescein the solution must be neutral or only faintly acidic with acetic acid;
acid solutions should be treated with a slight excess of sodium acetate. The
chloride solution should be diluted to about 0.01-0.05M, for if it is more
concentrated the precipitate coagulates too soon and interferes. Fluorescein
cannot be used in solutions more dilute than 0.005 M. With more dilute solutions
resort must be made to dichlorofluorescein, which possesses other advantages
over fluorescein. Dichlorofluorescein gives good results in very dilute solutions
(e.g. for drinking water) and is applicable in the presence of acetic (ethanoic)
acid and in weakly acid solutions. For this reason the chlorides of copper, nickel,
manganese, zinc, aluminium, and magnesium, which cannot be titrated according
to Mohr’s method, can be determined by a direct titration when dichlorofluorescein
is used as indicator.

For the reverse titration (chloride into silver nitrate), tartrazine (four drops
of a 0.2 per cent solution per 100 mL) is a good indicator. At the end point,
the almost colourless liquid assumes a blue colour.

The indicator solutions are prepared as follows:

Fluorescein. Dissolve 0.2 g fluorescein in 100 mL of 70 per cent ethanol, or
dissolve 0.2 g sodium fluoresceinate in 100 mL of water.

Dichlorofluorescein. Dissolve 0.1 g dichlorofluorescein in 100 mL of 60-70
per cent ethanol, or dissolve 0.1 g sodium dichlorofluoresceinate in 100 mL of
water.
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DETERMINATION OF IODIDES  10.79

Procedure. Pipette 25 mL of the standard 0.1 M sodium chloride into a 250 mL
conical flask. Add 10 drops of either fluorescein or dichlorofluorescein indicator,
and titrate with the silver nitrate solution in a diffuse light, while rotating the

hod th il hlarid LY
flask constantly. As the end point is approached, the silver chloride coagulates

appreciably, and the local development of a pink colour upon the addition of
a drop of the silver nitrate solution becomes more and more pronounced.
Continue the addition of the silver nitrate solution until the precipitate suddenly
assumes a pronounced pink or red colour. Repeat the titration with two other
25mL portions of the chloride solution. Individual titrations should agree
within 0.1 mL.

Calculate the molar concentration of the silver nitrate solution.

10.78 DETERMINATION OF CHLORIDES AND BROMIDES

Either the Mohr titration or the adsorption indicator method may be used for
the determination of chlorides in neutral solution by titration with standard
0.1 M silver nitrate. If the solution is acid, neutralisation may be effected with
chloride-free calcium carbonate, sodium tetraborate, or sodium hydrogencarbonate.
Mineral acid may also be removed by neutralising most of the acid with ammonia
solution and then adding an excess of ammonium acetate. Titration of the
neutral solution, prepared with calcium carbonate, by the adsorption indicator
method is rendered easier by the addition of 5 mL of 2 per cent dextrin solution;
this offsets the coagulating effect of the calcium ion. If the solution is basic, it
may be neutralised with chloride-free nitric acid, using phenolphthalein as
indicator.

Similar remarks apply to the determination of bromides; the Mohr titration
can be used, and the most suitable adsorption indicator is eosin which can be
used in dilute solutions and even in the presence of 0.1 M nitric acid, but in
general, acetic (ethanoic) acid solutions are preferred. Fluorescein may be
used but is subject to the same limitations as experienced with chlorides
[ Section 10.77(b)]. With eosin indicator, the silver bromide flocculates
approximately 1 per cent before the equivalence point and the local development
of a red colour becomes more and more pronounced with the addition of silver
nitrate solution: at the end point the precipitate assumes a magenta colour.

The indicator is prepared by dissolving 0.1 g eosin in 100 mL of 70 per cent
ethanol, or by dissolving 0.1 g of the sodium salt in 100 mL of water.

For the reverse titration (bromide into silver nitrate), rhodamine 6G (10
drops of a 0.05 per cent aqueous solution) is an excellent indicator. The solution
18 best adjusted to 0.05M with respect to silver ion. The precipitate acquires a
violet colour at the end point,

Thiocyanates may also be determined using adsorption indicators in exactly
similar manner to chlorides and bromides, but an iron(IIl) salt indicator is
usually preferred (Section 10.82).

10.79 DETERMINATION OF 10DIDES

Discussion, The Mohr method cannot be applied to the titration of iodides (or
of thiocyanates), because of adsorption phenomena and the difficulty of
distinguishing the colour change of the potassium chromate. Eosin is a suitable
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10 TITRIMETRIC ANALYSIS

adsorption indicator, but di-iododimethylfluorescein is better. Eosin is employed

as described under bromides (Section 10.78).
The di- iododimcthylﬂuorcscein indicator is epared by dissolving 1.0g in
i e PRET | s e Y

100 mL of 70 per cent ethanol. The colour ch arg" is from an orange-—-rea 1o
blue—red on the precipitate.

Y]

10.80 DETERMINATION OF MIXTURES OF HALIDES WITH ADSORPTION INDICATORS

(a) Chloride and iodide in a mixture, These two ions differ considerably in the
ease with which they are adsorbed on the corresponding silver halide. This
makes it possible to select adsorption indicators which will permit the
determination of chloride and iodide in the presence of one another. Thus the
iodide may be determined by titration with standard 0.1 M silver nitrate using
di-iododimethylfluorescein and the iodide + chloride by a similar titration using
fluorescein. Chloride is obtained by difference. If a large excess of chloride is
present, the result for iodide may be as much as 1 per cent high. If, however,
rose Bengal (dichlorotetraiodofiuorescein) is used as indicator (colour change,
carmine red to blue—red) in the presence of ammonium carbonate, the iodide
titration is exact.

(5) Bromide and iodide in a mixture. The total halide (bromide + iodide) is
determined by titration with standard 0.1M silver nitrate using eosin oOr
fluorescein as indicator. The iodide is determined by titration with 0.01-0.2M
silver nitrate, using di-iododimethylfluorescein as indicator. Bromide is obtained
by difference.

Numerous adsorption indicators h ave been suggested for various purposes,
but a full treatment is outside the scope of this work.

10.81 DETERMINATION OF MIXTURES OF HALIDES BY AN INDIRECT METHOD

Discussion. The method is applicable to the determination of a mixture of two
salts having the same anion (e.g. sodium chloride and potassium chloride) or
the same cation (e.g. potassium chloride and potassium bromide). For example,
to determine the amount of sodium and potassium chlorides in a mixture of
the two salts, a known weight (w, g) of the solid mixture is taken, and the total
chloride is determined with standard 0.1 M silver nitrate, using Mohr’s method
or an adsorption indicator, Let w, g of silver nitrate be required for the complete
precipitation of w, g of the mixture, which contains x g of NaCl and yg of
KCl Then:

xX+y=w,
169.87 x + 169.87y "
58.44 74.55 =

Upon solving these two simultaneous equations, the values for x and y are
deduced.

Now suppose that the determination of potassium chloride and potassium
bromide in a mixture is desired. The total halide is determined by Mohr’s
method or with an adsorption indicator. Let the weight of the mixture be
w4 g and w, g, be the weight of silver nitrate required for complete precipitation,
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p g be the weight of the potassium chloride, and g g be the weight of the potassium
bromide. Then:

ptq=w,

169.87p 169.87q_w
74.55 11900 ¢

The values of p and g can be obtained by solving the simultaneous equations.

It can be shown that the method depends upon the difference between the
relative molecular masses of the two components of the mixture and that it is
most satisfactory when the two constituents are present in approximately equal
proportions,

10.82 PREPARATION AND USE OF 0.1/ AMMONIUM OR POTASSIUM THIOCYANATE:
TITRATIONS ACCORDING TO VOLHARD'S METHOD

Discussion. Volhard’s original method for the determination of silver in dilute
nitric acid solution by titration with standard thiocyanate solution in the
presence of an iron(I1I) salt as indicator has proved of great value not only for
silver determinations, but also in numerous indirect analyses. The theory of the
Volhard process has been given in Section 10.75. In this connection it must be
pointed out that the concentration of the nitric acid should be from 0.5 to 1.5M
(strong nitric acid retards the formation of the thiocyanato—iron(IIl) complex
([FeSCN]?*) and at a temperature not exceeding 25 °C (higher temperatures
tend to bleach the colour of the indicator). The solutions must be free from
nitrous acid, which gives a red colour with thiocyanic acid, and may be mistaken
for ‘iron(III) thiocyanate’. Pure nitric acid i1s prepared by diluting the usual
pure acid with about one-quarter of its volume of water and boiling until
perfectly colourless; this eliminates any lower oxides of nitrogen which may be
present,

The method may be applied to those anions (e.g. chloride, bromide, and
iodide) which are completely precipitated by silver and are sparingly soluble in
dilute nitric acid. Excess of standard silver nitrate solution is added to the
solution containing free nitric acid, and the residual silver nitrate solution is
titrated with standard thiocyanate solution. This is sometimes termed the
residual process. Anions whose silver salts are slightly soluble in water, but
which are soluble in nitric acid, such as phosphate, arsenate, chromate, sulphide,
and oxalate, may be precipitated in neutral solution with an excess of standard
silver nitrate solution. The precipitate is filtered off, thoroughly washed, dissolved
in dilute nitric acid, and the silver titrated with thiocyanate solution. Alternatively,
the residual silver nitrate in the filtrate from the precipitation may be determined
with thiocyanate solution after acidification with dilute nitric acid.

Both ammonium and potassium thiocyanates are usually available as
deliquescent solids; the analytical-grade products are, however, free from
chlorides and other interfering substances. An approximately 0.1 M solution is,
therefore, first prepared, and this is standardised by titration against standard
0.1 M silver nitrate.

Procedure. Weigh out about 8.5 g ammonium thiocyanate, or 10.5 g potassium
thiocyanate, and dissolve it in 1 L of water in a graduated flask. Shake well.
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10 TITRIMETRIC ANALYSIS

Standardisation. Use 0.1 M silver nitrate, which has been prepared and
standardised as described in Section 10.77.

The iron(III) indicator solution consists of a cold, saturated solution of
ammonium iron{I1l) sulphate in water (about 40 per cent) to which a few drops
of 6 M nitric acid have been added. One millilitre of this solution is employed
for each titration.

Pipette 25 mL of the standard 0.1 M silver nitrate into a 250 mL conical flask,
add 5mL of 6 M nitric acid and 1 mL of the iron(III) indicator solution. Run
in the potassium or ammonium thiocyanate solution from a burette. At first a
white precipitate is produced, rendering the liquid of a milky appearance, and
as each drop of thiocyanate falls in, it produces a reddish-brown cloud, which
quickly disappears on shaking. As the end point approaches, the precipitate
becomes flocculent and settles easily; finally one drop of the thiocyanate solution
produces a faint brown colour, which no longer disappears upon shaking. This
is the end point. The indicator blank amounts to 0.01 mL of 0.1 M silver nitrate.
It is essential to shake vigorously during the titration in order to obtain correct

reciilte *
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The standard solution thus prepared is stable for a very long period if
gvaporation is prevented.

Use of tartrazine as indicator. Satisfactory results may be obtained by the
use of tartrazine as indicator. Proceed as above, but add 4 drops of tartrazine
(0.5 per cent aqueous solution) in licu of the iron(111) indicator. The precipitate
will appear pale yellow during the titration, but the supernatant liquid (best
viewed by placing the eye at the level of the liquid and looking through it) is
colourless. At the end pomt the supernatant hquld assumes a bright lemon-
yellow colour. The titration is sharp to one drop of 0.1 M thiocyanate solution.

10.83 DETERMINATION OF SILVER IN A SILVER ALLOY

A commercial silver alloy in the form of wire or foil is suitable for this
determination. Clean the alloy with emery cloth and weigh it accurately. Place
it in a 250 mL conical flask, add S mL water and 10 mL concentrated nitric
acid; place a funnel in the mouth of the flask to avoid mechanical loss. Warm
the flask gently until the alloy has dissolved. Add a little water and boil for
5 minutes in order to expel oxides of nitrogen. Transfer the cold solution
quantitatively to a 100 mL graduated flask and make up to the mark with distilled
water, Titrate 25 mL portions of the solution with standard 0.1 M thiocyanate.

1 mole KSCN =1 mole Ag*

Note, The presence of metals whose salts are colourless does not influence the accuracy
of the determination, except that mercury and palladium must be absent since their
thiocyanates are insoluble. Salts of metals (e.g. nickel and cobalt) which are coloured
must not be present to any considerable extent. Copper does not interfere, provided it
does not form more than about 40 per cent of the alloy.

* The freshly precipitated silver thiocyanate adsorbs silver ions, thereby causing a false end point
which, however, disappears with vigorous shaking.
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10.84 DETERMINATION OF CHLORIDES (VOLHARD'S METHOD)

Discussion. The chloride solution is treated with excess of standard silver nitrate
solution. and the residual silver nitrate determined hv titration with standard
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thiocyanate solution. Now silver chloride is more soluble than silver thiocyanate,
and would react with the thiocyanate thus:

AgCl (solid) + SCN - =AgSCN (solid) + C1~

It is therefore necessary to remove the silver chloride by filtration. The filtration
may be avoided by the addition of a little nitrobenzene (about 1 mL for each
0.05 g of chloride); the silver chloride particles are probably surrounded by a
film of nitrobenzene. Another method, applicable to chlorides, in which filtration
of the silver chloride is unnecessary, is to employ tartrazine as indicator
(Section 10.82).

Procedure A (HCI content of concentrated hydrochloric acid). Ordinary
concentrated hydrochloric acid is usually 10-11 M, and must be diluted first.
Measure out accuraleiy 10 mL of the concentrated acid from a burette into a
1 L graduated flask and make up to the mark with distilled water. Shake well.
Pipette 25 mL into a 250 mL conical flask, add 5mL 6 M nitric acid and then
add 30 mL standard 0.1 M silver nitrate (or sufficient to give 2—-5mL excess).
Shake to coagulate the precipitate,* filter through a quantitative filter paper
(or through a porous porcelain or sintered-glass crucible), and wash thoroughly
with very dilute nitric acid (1:100). Add 1 mL of the iron(III) indicator solution
to the combined filtrate and washings, and titrate the residual silver nitrate with
standard 0.1 M thiocyanate.

Calculate the volume of standard 0.1 M silver nitrate that has reacted with
the hydrochloric acid, and therefrom the percentage of HCl in the sample
employed.

Procedure B. Pipette 25 mL of the diluted solution into a 250 mL conical flask
containing SmL 6 M nitric acid. Add a slight excess of standard 0.1 M silver
nitrate (about 30 mL in all) from a burette. Then add 2—-3 mL pure nitrobenzene
and 1 mL of the iron(IIl) indicator, and shake vigorously to coagulate the
precipitate, Titrate the residual silver nitrate with standard 0.1 M thiocyanate
until a permanent faint reddish-brown coloration appears.

From the volume of silver nitrate solution added, subtract the volume of
silver nitrate solution that is equivalent to the volume of standard thiocyanate
required. Then calculate the percentage of HCI in the sample.

Procedure C. Pipette 25 mL of the diluted solution into a 250 mL conical flask
comaining SmL of 6M nitric acid, add a bugul excess of 0.1M silver nitrate
(30—-35mL) from a burette, and four drops of tartrazine indicator (0.5 per cent
aqueous solution). Shake the suspension for about a minute in order to ensure
that the indicator is adsorbed on the precipitate as far as possible. Titrate the
residual silver nitrate with standard 0.1 M ammonium or potassium thiocyanate
with swirling of the suspension until the very pale yellow supernatant liquid

(viewed with the eye at the level of the liquid ) assumes a rich lemon-yellow colour.

*1t is better to boil the suspension for a few minutes to coagulate the silver chloride and thus
remove most of the adsorbed silver ions from its surface before filtration.
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10 TITRIMETRIC ANALYSIS

Bromides can also be determined by the Volhard method, but as silver
bromide is less soluble than silver thiocyanate it is not necessary to filter off
the silver bromide (compare chloride). The bromide solution is acidified with
dilute nitric acid, an excess of standard 0.1 M siiver nitrate added, the mixture
thoroughly shaken, and the residual silver nitrate determined with standard
0.1 M ammonium or potassium thiocyanate, using ammonium iron(III)
sulphate as indicator.

Iodides can also be determined by this method, and in this case too there is
no need to filter off the silver halide, since silver iodide is very much less soluble
than silver thiocyanate. In this determination the iodide solution must be very
dilute in order to reduce adsorption effects. The dilute iodide solution (ca
300 mL), acidified with dilute nitric acid, 1s treated very slowly and with vigorous
stirring or shaking with standard 0.1 M silver nitrate until the yellow precipitate
coagulates and the supernatant liquid appears colourless. Silver nitrate is then
present in excess. One millilitre of iron(IIT) indicator solution is added, and the
residual silver nitrate is titrated with standard 0.1 M ammonium or potassium

srveramat
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10.85 DETERMINATION OF FLUORIDE: PRECIPITATION AS LEAD CHLOROFLUORIDE
COUPLED WITH VOLHARD TITRATION

Discussion. This method is based upon the precipitation of lead chlorofluoride,
in which the chlorine is determined by Volhard’s method, and from this result
the fluorine content can be calculated. The advantages of the method are, the
precipitate is granular, settles readily, and is easily filtered; the factor for
conversion to fluorine is low; the procedure is carried out at pH 3.6-5.6, so
that substances which might be co-precipitated, such as phosphates, sulphates,
chromates, and carbonates, do not interfere. Aluminium must be entirely absent,
since even very small quantities cause low results; a similar effect is produced
by boron ( >0.05 g), ammonium ( >0.5 g), and sodium or potassium ( >10 g)
in the presence of about 0.1 g of fluoride. Iron must be removed, but zinc is
without effect. Silica does not vitiate the method, but causes difficulties in
filtration.

Procedure. Pipette 25.0 mL of the solution containing between 0.01 and 0.1 g
fluoride into a 400 mL beaker, add two drops of bromophenol blue indicator,
3mL of 10 per cent sodium chloride, and dilute the mixture to 250 mL. Add
dilute nitric acid until the colour just changes to yellow, and then add dilute
sodium hydroxide solution until the colour just changes to bilue. Treat with
I mL of concentrated hydrochloric acid, then with 5.0 g of lead nitrate, and heat
on a water bath. Stir gently until the lead nitrate ‘has dissolved, and then
immediately add 5.0 g of crystallised sodium acetate and stir vigorously. Digest
on the water bath for 30 minutes, with occasional stirring, and allow to stand
overnight.

Meanwhile, a washing solution of lead chlorofluoride is prepared as follows.
Add a solution of 10 g of lead nitrate in 200 mL of water to 100 mL of a solution
containing 1.0 g of sodium fluoride and 2 mL of concentrated hydrochloric acid,
mix it thoroughly, and allow the precipitate to settle. Decant the supernatant
liquid, wash the precipitate by decantation with five portions of water, each of
about 200 mL. Finally add 1 L of water to the precipitate, shake the mixture

356



DETERMINATION OF ARSENATES  10.86

at intervals during an hour, allow the precipitate to settle, and filter the liquid.
Further quantities of wash liquid may be prepared as needed by treating the
precipitate with fresh portions of water. The solubility of lead chlorofluoride in
water is 0.325gL ! at 25°C.

Separate the original precipitate by decantation through a Whatman No.
542 or No. 42 paper. Transfer the precipitate to the filter, wash once with cold
water, four or five times with the saturated sohution of lead chlorofluoride, and
finally once more with cold water. Transfer the precipitate and paper to the
beaker in which precipitation was made, stir the paper to a pulp in 100 mL of
5 per cent nitric acid, and heat on the water bath until the precipitate has
dissolved (5 minutes). Add a slight excess of standard 0.1 M silver nitrate, digest
on the bath for a further 30 minutes, and allow to cool to room temperature whilst
protected from the light. Filter the precipitate of silver chloride through a
sintered-glass crucible, wash with a little cold water, and titrate the residual
silver nitrate in the filtrate and washings with standard 0.1 M thiocyanate.
Subtract the amount of silver found in the filtrate from that originally added.

The difference represents the amount of silver that was required to combine

with the chlorine in the lead chlorofluoride precipitate.

1 mole AgNO,; = 1 mole F~

10.86 DETERMINATION OF ARSENATES

Discussion. Arsenates in solution are precipitated as silver arsenate, Ag, AsO,,
by the addition of neutral silver nitrate solution: the solution must be neutral,
or if slightly acid, an excess of sodium acetate must be present to reduce the
acidity; if strongly acid, most of the acid should be neutralised by aqueous
sodium hydroxide. The silver arsenate is dissolved in dilute nitric acid, and the
silver titrated with standard thiocyanate solution. The silver arsenate has nearly
six times the weight of the arsenic, hence quite small amounts of arsenic may
be determined by this procedure.

Arsenites may also be determined by this procedure but must first be oxidised
by treatment with nitric acid. Small amounts of antimony and tin do not interfere,
but chromates, phosphates, molybdates, tungstates, and vanadates, which
precipitate as the silver salts, should be absent. An excessive amount of
ammonium salts has a solvent action on the silver arsenate.

Procedure. Place 25 mL of the arsenate solution in a 250 mL beaker, add an
equal volume of distilled water and a few drops of phenolphthalein solution.
Add sufficient sodium hydroxide solution to give an alkaline reaction, and then
discharge the red colour from the solution by just acidifying with acetic
(ethanoic) acid. Add a slight excess of silver nitrate solution with vigorous
stirring, and allow the precipitate to settle in the dark. Pour off the supernatant
liquid through a sintered-glass crucible, wash the precipitate by decantation
with cold distilled water, transfer the precipitate to the crucible, and wash it
free from silver nitrate solution. Wash out the receiver thoroughly. Dissolve the
sitver arsenate in dilute nitric acid (ca 1 M) (which leaves any silver chloride
undissolved), wash with very dilute nitric acid, and make up the filtrate and
washings to 250 mL in a graduated flask. Titrate a convenient aliquot portion
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10 TITRIMETRIC ANALYSIS

with standard ammonium (or potassium) thiocyanate solution in the presence
of ammonium iron(I1l) sulphate as indicator.

3 moles KSCN = | mole AsO3 "

10.87 DETERMINATION OF CYANIDES

Discussion. The theory of the titration of cyanides with silver nitrate solution
has been given in Section 10.44. All silver salts except the sulphide are readily
soluble in excess of a solution of an alkali cyanide, hence chloride, bromide,
and iodide do not interfere. The only difficulty in obtaining a sharp end point
lies in the fact that silver cyanide is often precipitated in a curdy form which
does not readily re-dissolve, and, moreover, the end point is not easy to detect
with accuracy.

There are two methods for overcoming these disadvantages. In the first the
nrm"lnﬁahnn of silver cvanoareentate at the end noint can be avoided hv the
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addltlon of ammonia solution, in which it is readily soluble, and if a llttle
potassium iodide solution is added before the titration is commenced, sparingly
soluble silver iodide, which is insoluble in ammonia solution, will be precipitated
at the end point. The precipitation is best seen by viewing against a black
background.

In the second method diphenylcarbazide is employed as an adsorption
indicator. The end-point is marked by the pink colour becoming pale violet
(almost colourless) on the colloidal precipitate in dilute solution (ca 0.01 M)
before the opalescence is visible. In 0.1 M solutions, the colour change is observed

on the prprﬂpltateﬂ pnrtun]pc of mlvpr r‘yanoargentute.

Procedure. NOTE: Potassium cyanide and all other cyanides are deadly poisons,
and extreme care must be taken in their use. Details for the disposal of cyanides
and other dangerous and toxic chemicals may be found in Refs 14 and 15.

For practice in the method, the cyanide content of potassium cyanide
(laboratory reagent grade) may be determined.

Method A. Weigh out accurately about 3.5g of potassium cyanide from a
glass-stoppered weighing bottle, dissolve it in water and make up to 250 mL in
a graduated flask. Shake well. Transfer 25.0 mL of this solution by means of a
burette and NOT a pipette to a 250 mL conical flask, add 75 mL water, 5-6 mL
6M ammonia solution, and 2 mL 10 per cent potassium iodide solution. Place
the flask on a sheet of black paper, and titrate with standard 0.1 M silver nitrate.
Add the silver nitrate solution dropwise as soon as the yellow colour of silver
iodide shows any signs of persisting. When one drop produces a permanent
turbidity, the end-point has been reached.

Method B. Prepare the solution and transfer 25 mL of it to a 250 mL conical
flask as detailed under Method A. Add two to three drops of diphenylcarbazide
indicator and titrate with standard 0.1 M silver nitrate solution until a permanent
violet colour is just produced.

The diphenylcarbazide indicator is prepared by dissolving 0.1 g of the solid
in 100 mL of ethanol.

1 mole AgNO,; = 2 moles CN~
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OETERMINATION OF POTASSIUM 1088

10.88 DETERMINATION OF POTASSIUM

Discussion. Potassium may be precipitated with excess of sodium tetraphenyl-
borate solution as potassium tetraphenylborate. The excess of reagent is
determined by titration with mercury(II) nitrate solution. The indicator consists
of a mixture of iron(I11) nitrate and dilute sodium thiocyanate solution. The
end-point is revealed by the decolorisation of the iron(III)-thiocyanate complex
due to the formation of the colourless mercury(II) thiocyanate. The reaction
between mercury(1I) nitrate and sodium tetraphenylborate under the experimental
conditions used is not quite stoichiometric; hence it is necessary to determine
the volume in mL of Hg(NO,)}, solution equivalent to 1 mL of a NaB(C4Hj),
solution. Halides must be absent.

Procedure. Prepare the sodium tetraphenylborate solution by dissolving 6.0 g
of the solid in about 200 mL of distilled water in a glass-stoppered bottle. Add
about 1g of moist aluminium hydroxide gel, and shake well at five-minute
intervals for about 20 minutes. Filter through a Whatman No. 40 filter paper,

pnnrlnﬂ the first runnines back fhrnnoh the filter if necesgsarv. to ensure a clear
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filtrate. Add 15 mL of 0.1 M sodium hydrox1de to the solution to give a pH of
about 9, then make up to 1 L and store the solution in a polythene bottle.

Prepare a mercury(II) nitrate solution (0.03M) by dissolving 10.3 g
recrystallised mercury(II) nitrate, Hg(NO,),,H, O, in 800 mL distilled water
containing 20 mL 2 M nitric acid. Dilute to 1 L in a graduated flask and then
standardise by titrating with a standard thiocyanate solution using iron(III)
indicator solution. Prepare the indicator solutions for the main titration by
dissolving separately 5 g hydrated iron(III) nitrate in 100 mL of distilled water
and filtering, and 0.08 g sodium thiocyanate in 100 mL of distilled water.

Standardisation. Pipette 10.0 mL of the sodium tetraphenylborate solution into
a 250 mL beaker and add 90 mL water, 2.5 mL 0.1 M nitric acid, 1.0 mL iron(111)
nitrate solution, and 10.0 mL sodium thiocyanate solution. Without delay stir
the solution mechanically, then slowly add from a burette 10 drops of
mercury (II) nitrate solution. Continue the titration by adding the mercury(II)
nitrate solution at a rate of 1-2 drops per second until the colour of the indicator
is temporarily discharged. Continue the titration more slowly, but maintain the
rapid state of stirring. The end point is arbitrarily defined as the point when
the indicator colour is discharged and fails to reappear for 1 minute. Perform
at least three titrations, and calculate the mean volume of mercury(I1) nitrate
solution equivalent to 10.0 mL of the sodium tetraphenylborate solution.

Pipette 25.0 mL of the potassium ion solution (about 10 mg K " jinto a 50 mL
graduated flask, add 0.5 mL 1 M nitric acid and mix. Introduce 20.0 mL of the
sodium tetraphenylborate solution, dilute to the mark, mix, then pour the
mixture into a 150mL flask provided with a ground stopper. Shake the
stoppered flask for S minutes on a mechanical shaker to coagulate the precipitate,
then filter most of the solution through a dry Whatman No. 40 filter paper into
a dry beaker. Transfer 25.0 mL of the filtrate into a 250 mL conical flask and
add 75 mL of water, 1.0 mL of iron(III) nitrate solution, and 1.0 mL of sodium
thiocyanate solution. Titrate with the mercury(Il) nitrate solution as described
above.

Note. This determination is only suitable for students with analytical experience and
should not be attempted by beginners,
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10 TITRIMETRIC ARALYSIS

OXIDATION—-REDUCTION TITRATIONS
10.89 CHANGE OF THE ELECTRODE POTENTIAL DURING THE TITRATION OF A

REDUCTANT WiTH AN OXIDANT

In Sections 10.11-10.16 it is shown how the change in pH during acid—-base
titrations may be calculated, and how the titration curves thus obtained can be
used (a) to ascertain the most suitable indicator to be used in a given titration,
and (b) to determine the titration error. Similar procedures may be carried out
for oxidation—reduction titrations. Consider first a simple case which involves
only change in ionic charge, and is theoretically independent of the hydrogen-ion
conceniration. A suitable example, for purposes of illustration, is the titration
of 100 mL of 0.1 M iron(Il) with 0.1M cerium(IV) in the presence of dilute
sulphuric acid:

Cedt +Fez+ ..—_‘C63+ +

3+

ry

€

Tha 1 nti v-vanv\r\nr‘ o TEI+TT 00 a~id g | T titratinng 1o tha watis
L j.l\a \.lu—al.].l.lL)‘ &U DDPUIJ.U l]. AW Lll J ,lll. auviu— UCI.DU uuauU 13 1> LI 1allv
[Ox]/[Red]. We are concerned here with two systems, the Fe**/Fe?* ion
electrode (1), and the Ce** /Ce3* jon electrode (2).

For (1) at 25°C:
00591, [Fe**] [Fe®*]

E, = E? =

1 1+ 1 10g[F32+] +0.75 + 0.0591 log[F 2+:|
For (2), at 25 °C:
2 [ als 0'0591 [Ce4+] L1 AL L Y NN 1A~[Ce4+]
Ly, = L3 + 1 [C63+] = 1440 T UUODYL lOg[Ces+]

The equilibrium constant of the reaction is given by (Section 2.33):

[Ce**1x[Fe*} 1

logK = I - 1.45—0.75) = 11.84
o8 O (Gt  x [Fe2*] _ 00501 "+ ~07%)

or

K=7x10!

The reaction is therefore virtually complete.

During the addition of the cerium(I1V) solution up to the equivalence point,
its only effect will be to oxidise the iron(II) (since K 1s large) and consequently
change the ratio [Fe®**]}/[Fe?*]. When 10 mL of the oxidising agent have
been added, [Fe®**]/[Fe?*]=10/90 (approx.) and

E, =0.75+0.0551log 10/90 = 0.75 — 0.056 = 0.69 volt

With 50 mL of the oxidising agent, E, = E$ = 0.75 volt
With 90 mL, E, = 0.75 + 0.0591 log 90/10 = 0.81 volt
With 99 mL, E, = 0.75 = 0.0591 log 99/1 = 0.87 volt
With 89.9mL, E, =0.75 + 0.0551 log 95.9/0.1 = 0.93 volt

At the equivalence point (100.0mL) [Fe?* ] =[Ce**Jand [Ce** ] =[Fe?™*],
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CHANGE OF THE ELECTRODE POTENTIAL DURING THE TITRATION OF A REDUCTANT WITH AN OXIDANT  10.89

and the electrode potential is given by:*

E?+ES 075+ 145
2 o )

The subsequent addition of cerium(IV) solution will merely increase the ratio
[Ce**]/[Ce**]. Thus:

With 100.1 mL, E, = 1.45+ 0.059 1 log0.1/100 = 1.27 volts
With 101 mL, E, = 1.45 + 0.059 1 log 1/100 = 1.33 volts
With 110mL, E, = 1.45 + 0.059 1 log 10/100 = 1.39 volts
With 190 mL, E, = 1.45 + 0.059 1 log 90/100 = 1.45 volts

These results are shown in Fig. 10.14.
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Fig. 10.14 Titration of 100 mL of 0.1M iron(Il) with 0.1M cerium(IV) sulphate
(calculated).

It is of interest to calculate the iron(II) concentration in the neighbourhood
of the equivalence point. When 99.9 mL of the cerium(1V) solution have been
added, [Fe2*]=0.1 x 0.1/199.9 =5 x 1073, or pFe2* = 4.3. The concentration
at the equivalence point is given by (Section 2.33):

[Fe+]/[Fe?*] = /K = /7x 10" = 8.4 x 10°

Now [Fe3*]=0.05M, hence [Fe?*]=5x10"2/84x10°=6 x 107°M, or
pFe?* =72, Upon the addition of 100.1 mL of cerium(IV) solution, the
reduction potential (see above)is 1.27 volts. The [Fc3 +:| is practically unchanged

P o A e | e e

at 5x 10 'JVI and we may CalCllldLC Lre€” _] with sufficient accuracy for our

* For a deduction of this expression and a discussion of the approximations involved, see a textbook
of electrochemistry, It can similarly be shown that for the reaction:

aOx; + b Red; = b Oxy + a Red,
the potential at the equivalence point is given by:
bEP +aEY
a+b
where E¥ refers to Ox,, Red,, and E to Oxy, Red,;.

Eo =
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purpose from the equations:

[Fe**]
I'F'ez"']

L=~

5x 1072
B TFe? ]

E = E? + 00591 log

1.27 = 0.75+0.0591 lo

[Fe?*]=1x 1010
or
pFe?* = 10

Thus pFe?* changes from 4.3 to 10 between 0.1 per cent before and
0.1 per cent after the stoichiometric end point. These quantities are of importance
in connection with the use of indicators for the detection of the equivalence point.

It is evident that the abrupt change of the potential in the neighbourhood
of the equivalence point is dependent upon the standard potentials of the two
oxidation—reduction systems that are involved, and therefore upon the equilibrium
constant of the reaction; it is independent of the concentrations unless these
are extremely small. The change in redox potential for a number of typical
oxidation—-reduction systems is exhibited graphically in Fig. 10.15. For the
MnO;, Mn?* system and others which are dependent upon the pH of the

£ 17
2 1-6
_ Mn-* —=MnO,
= "
z D7 [H)=1
'g 14 7
. 13 -
3 1-2/ 2Cr" = Cr,03
~
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1-0
0'9 L Fi
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Fig. 10.15 Variation of redox potentials with oxidant/rednctant ratio.
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solution, the hydrogen-ion concentration is assumed to be molar: lower acidities
give lower potentials. The value at 50 per cent oxidised form will, of course,
correspond to the standard redox potential. As an indication of the application
of the curves, consider the titration of iron(II) with potassium dichromate. The
titration curve would follow that of the Fe(I1)/Fe(I1I) system until the end-point
was reached, then it would rise steeply and continue along the curve for the
Cr,037/Cr3" system: the potential at the equivalence point can be determined
as already described.

It is possible to titrate two substances by the same titrant provided that the
standard potentials of the substances being titrated, and their oxidation or
reduction products, differ by about 0.2 V. Stepwise titration curves are obtained
in the titration of mixtures or of substances having several oxidation states.
Thus the titration of a solution containing Cr(VI), Fe(I1I1) and V(V) by an acid
titanium (11I) chloride solution is an example of such a mixture: in the first step
Cr(VI) 1s reduced to Cr(IH) and V(V) to V(IV); in the second step Fe(III) is
reduced to Fe(II); in the third step V(IV) is reduced to V(III); chromium is

1 1 1 d third gt
evaluated by difference of the volumes of titrant used in the first and third steps.

Another example is the titration of a mixture of Fe(II) and V(IV) sulphates
with Ce(IV) sulphate in dilute sulphuric acid: in the first step Fe(II) is oxidised
to Fe(I1I) and in the second ‘jump’ V(IV) s oxidised to V(V) the latter change is
accelerated by heating the solution after oxidation of the Fe(II) ion is complete.
The titration of a substance having several oxidation states is exemplified by
the stepwise reduction by acid chromium(I1I) chloride of Cu(11)ion to the Cu(1)
state and then to the metal.

10.90 FORMAL POTENTIALS

Standard potentials E® are evaluated with full regard to activity effects and
with all 1ons present in simple form: they are really limiting or ideal values and
are rarely observed in a potentiometric measurement. In practice, the solutions
may be quite concentrated and frequently contain other electrolytes; under these
conditions the activities of the pertinent species are much smaller than the
concentrations, and consequently the use of the latter may lead to unreliable
conclusions. Also, the actual active species present (see example below) may
differ from those to which the ideal standard potentials apply. For these reasons
‘formal potentials’ have been proposed to supplement standard potentials. The
formal potential is the potential observed experimentally in a solution containing
one mole cach of the oxidised and reduced substances together with other
specified substances at specified concentrations. It is found that formal potentials
vary appreciably, for example, with the nature and concentration of the acid
that is present. The formal potential incorporates in one value the effects resulting
from variation of activity coefficients with ionic strength, acid-base dissociation,
complexation, liquid-junction potentials, etc., and thus has a real practical value.
Formal potentials do not have the theoretical significance of standard potentials,
but they are observed values in actual potentiometric measurements. In dilute
solutions they usually obey the Nernst equation fairly closely in the form:

g por, 00591, [Ox]

t25°
n g[Red]a 3¢
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10 TITRIMETRIC ANALYSIS

where E®’ is the formal potential and corresponds to the value of E at unit
concentrations of oxidant and reductant, and the quantities in square brackets
refer to molar concentrations. It is useful to determine and to tabulate E®’ with

P I Ny et RTIO P I, PSR R, Y

equivalent amounts of various oxidants and their conjugate reductants at various
concentrations of different acids. If one is dealing with solutions whose
composition is identical with or similar to that to which the formal potential
pertains, more trustworthy conclusions can be derived from formal potentials
than from standard potentials.

To illustrate how the use of standard potentials may occasionally lead to
erroneous conclusions, consider the hexacyanoferrate(Il)—hexacyano-ferrate(111)
and the iodide—iodine systems. The standard potentials are:

[Fe(CN)s]* ™ +e=[Fe(CN)]*™; E® = +0.36 volt
I,+2e=21"; E® = +0.54 volt

It would be expected that iodine would quantitatively oxidise hexacyanoferrate(11)
ions:

2[Fe(CN)g]*™ +1, = 2[Fe(CN) 13~ + 21~

In fact [ Fe(CN)g]* ™ ion oxidises iodide ion quantitatively in media containing
1 M hydrochloric, sulphuric, or perchloric acid. This is because in solutions
of low pH, protonation occurs and the species derived from H,Fe(CN); are
weaker than those derived from H,Fe(CN)g; the activity of the [Fe(CN)g]*4™
ion is decreased to a greater extent than that of the [Fe(CN)g]?~ ion, and
therefore the reduction potential is increased. The actual redox potential of a
solution containing equal concentrations of both cyanoferrates in 1M HC],
H,SO, or HCIO, is +0.71 volt, a value that is greater than the potential of
the iodine—iodide couple.

Some results of formal potential measurements may now be mentioned. If
there is no great difference in complexation of either the oxidant or its conjugate
reductant in various acids, the formal potentials lie close together in these acids.
Thus for the Fe(II)-Fe(11l) system E® = +0.77 volt, E® = +0.73 volt in
IM HCIO,, +0.70 volt in 1M HCL, +0.68 volt in I|M H,SO,, and +0.61
volt in 0.5M H,PO, + 1M H,SO,. It would seem that complexation is least
in perchloric acid and greatest in phosphoric(V) acid.

For the Ce(I1II)-Ce(I1V) system E®' = + 144 volts in 1M H,SO,, +1.61
volts in 1M HNO,, and + 1.70 volts in 1 M HCIO,. Perchloric acid solutions
of cerium(IV) perchlorate, although unstable on standing, react rapidly and
quantitatively with many inorganic compounds and have greater oxidising
power than cerium(1V) sulphate—sulphuric acid or cerium(1V) nitrate—nitric
acid solutions.

10.91 DETECTION OF THE END POINT IN OXIDATION—REDUCTION TITRATIONS

A. Internal oxidation-reduction indicators. As discussed in Sections 10.10—10.16,
acid—-base indicators are employed to mark the sudden change in pH during
acid—base titrations. Similarly an oxidation-reduction indicator should mark
the sudden change in the oxidation potential in the neighbourhood of the
equivalence point in an oxidation-reduction titration. The ideal oxidation-
reduction indicator will be one with an oxidation potential intermediate between
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that of the solution titrated and that of the titrant, and which exhibits a sharp,
readily detectable colour change.
An oxidation—reduction indicator (redox indicator) is a compound which

exhibits different colours in the oxidised and reduced forms:
Ing, + ne = Ing 4

The oxidation and reduction should be reversible. At a potential E the ratio of
the concentrations of the two forms is given by the Nernst equation:

RT
E = EE + ;Fln a[n,ox/aln.Red

RT, [I
E~ Ef+—=In LIno,]

nF [InRed]
where Ef is the standard (strictly the formal) potential of the indicator. If the
colour intensities of the two forms are comparable a practical estimate of the

1 [ 1 1 1
colour-change interval corresponds to the change in the ratio [Ing,]/[Ingeq])

from 10 to i, this leads to an interval of potential of:
0.0591

E=ES2+

In

volts at 25 °C

If the colour intensities of the two forms differ considerably the intermediate
colour is attained at potential somewhat removed from Ef), but the error is
unlikely to exceed 0.06 volt. For a sharp colour change at the end point, Ef;
should differ by about at least 0.15 volt from the standard (formal) potentials
of the other systems involved in the reaction.

One of the best oxidation—reduction indicators is the 1,10-phenanthroline—
iron(I1) complex. The base 1,10-phenanthroline combines readily in solution
with iron(II) salts in the molecular ratio 3 base:1 iron(Il) ion forming the
intensely red 1,10-phenanthroline-iron(11) complex ion; with strong oxidising
agents the iron(I11) complex ion is formed, which has a pale blue colour. The
colour change is a very striking one:

[Fe(C;,HgN,)31°" + e = [Fe(C,HgN,)3 12"
Pale blue Deep red

The standard redox potential is 1.14 volts; the formal potential is 1.06 volts in
1 M hydrochloric acid solution. The colour change, however, occurs at about
1.12 volts, because the colour of the reduced form (deep red) is so much more
intense than that of the oxidised form (pale blue). The indicator is of great value
in the titration of iron(1I) salts and other substances with cerium(IV) sulphate
solutions. It is prepared by dissolving 1,10-phenanthroline hydrate (relative
molecular mass = 198.1) in the calculated quantity of 0.02M acid-free iron(II)
sulphate, and is therefore 1,10-phenanthroline—iron(II1) complex sulphate
(known as ferroin). One drop is usually sufficient in a titration: this is equivalent
to less than 0.01 mL of 0.05M oxidising agent, and hence the indicator blank
is negligible at this or higher concentrations.

It has been shown (Section 10.89) that the potential at the equivalence point
is the mean of the two standard redox potentials. In Fig. 10.14, the curve shows
the variation of the potential during the titration of 0.1 M iron(Il) ion with
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10 TITRIMETRIC ANALYSIS

0.1 M cerium(IV) solution, and the equivalence point is at 1.10 volts. Ferroin
changes from deep red to pale blue at a redox potential of 1.12 volts: the
indicator will therefore be present in the red form. After the addition of, say, a
U 1 pCI cent €xcess OI Ceriumu V) bl.llp[ld.l.ﬂ bUlUllU[l LIIC pOLenlel fises to
1.27 volts, and the indicator is oxidised to the pale blue form. It is evident that
the titration error is negligibly small.

The standard or formal potential of ferroin can be modified considerably by
the introduction of various substituents in the 1,10-phenanthroline nucleus. The
most important substituted ferroin is S5-nitro-1,10-phenanthroline iron(Il)
sulphate (nitroferroin) and 4,7-dimethyl-1,10-phenanthroline iron(II) sulphate
(dimethylferroin). The former (E® = 1.25 volts) is especially suitable for titrations
using Ce(IV) in nitric or perchloric acid solution where the formal potential of
the oxidant is high. The 4,7-dimethylferroin has a sufficiently low formal
potential (E® = 0.88 volt) to render it useful for the titration of Fe(lI) with
dichromate in 0.5 M sulphuric acid.

Mention should be made of one of the earliest internal indicators. This is a
1 per cent solution of d1nthv|9mlnP in concentrated sulphuric n(‘ld and was
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introduced for the titration of iron(Il) with potassium dlchromate solutlon An
intense blue—violet coloration is produced at the end point. The addition of
phosphoric(V) acid is desirable, for it lowers the formal potential of the
Fe(I1H)-Fe(II) system so that the equivalence point potential coincides more
nearly with that of the indicator. The action of diphenylamine (1) as an indicator
depends upon its oxidation first into colourless diphenylbenzidine (II), which
is the real indicator and is reversibly further oxidised to diphenylbenzidine
violet (III). Diphenylbenzidine violet undergoes further oxidation if it is allowed
to stand with excess of dichromate solution; this further oxidation is irreversible,

QI"‘I(‘I T‘F'('I Or ‘IP]]{\\X! I‘\l‘{'\dll("fﬁ ﬁf‘ lll‘ll{l"‘l(’\‘irl‘l anpnclhnn QI‘P pfl’\(‘lllf‘P{"
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(TIT)

A solution of diphenylbenzidine in concentrated sulphuric acid acts similarly
to diphenylamine. The reduction potential of the system II, III is 0.76 volt in
0.5—1M sulphuric acid. It is therefore evident that a lowering of the potential
of the Fe(II)-Fe(Il) system is desirable, as already mentioned, in order to
obtain a sharp colour change. The disadvantage of diphenylamine and of
diphenylbenzidine is their slight solubility in water. This has been overcome by
the use of the soluble barium or sodium diphenylaminesulphonate, which is
employed in 0.2 per cent aqueous solution. The redox potential (Ef]) is slightly
higher (0.85 volt in 0.5M sulphuric acid), and the oxidised form has a
reddish-violet colour resembling that of potassium permanganate, but the colour
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slowly disappears on standing; the presence of phosphoric(V) acid is desirable
in order to lower the redox potential of the system.
A list of selected redox indicators, together with their col
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Table 10.9 Some oxidation—reduction indicators

Indicator Colour change Formal
potential
Oxidised Reduced atpH=0
form form (volts)

S-Nitro-1,10-phenanthroline iron(II) sulphate

(nitroferroin) Pale blue Red 1.25
1,10-Phenanthroline iron(Il) sulphate (ferroin)  Pale blue Red 1.06
2,2'-Bipyridyl iron(II) sulphate Faint blue Red 1.02
5,6-Dimethylferroin Pale blue Red 0.97
N-Phenylanthranilic acid, Purple red Colourless 0.89
4,7-Dimethyl-1,10-phenanthroline iron(II)

sulphate (4,7-dimethyiferroin) Pale blue Red 0.88
Diphenylaminesulphonic acid Red-violet Colourless 0.85
Diphenylbenzidine Violet Colourless 0.76
Diphenylamine Violet Colourless 0.76
3,3’-Dimethylnaphthidine Purplish-red Colourless 0.71
Starch-15 ,KI Blue Colourless 0.53
Methylene blue Blue Colourless 0.52

At this stage reference may be made to potential mediators, i.e. substances
which undergo reversible oxidation—reduction and reach equilibrium rapidly.
If we have a mixture of two ions, say M2* and M *, which reaches equilibrium
slowly with an inert electrode, and a very small quantity of cerium(IV) salt is
added, then the reaction:

M* 4+ Ce*t > M2+ +Ce?*

takes place until the tendency of M * to be oxidised to M?™ is exactly balanced
by the tendency of Ce** to be oxidised to Ce*™, that is, until the M2* M*
and Ce**, Ce3™* potentials are equal. A platinum or other inert electrode rapidly
attains equilibrium with the Ce(HI) and Ce(IV) ions, and will soon register a
stable potential which is also that due to the M?* 4+ e=M"™ system. If the
potential mediator is employed in smail amount, then a negligible quantity of
M*™ is converted into M2* when equilibrium is reached, and the measured
potential may be regarded as that of the original system. Potential mediators
are, of course, useful in the measurement of the oxidation—reduction potentials
of redox systems; in this connection mention may be made of the use of potassium
iodide ( =iodide—iodine system) in the arsenate—arsenite system in acid solution.
It is evident that redox indicators (e.g. 1,10-phenanthroline—iron(II) ion) may
act as potential mediators.

B. Self-indicating reagents. This is well illustrated by potassium permanganate,
one drop of which will impart a visible pink coloration to several hundred
millilitres of solution, even in the presence of slightly coloured ions, such as
iron(IH). The colours of cerium(IV) sulphate and of iodine solutions have also
been employed in the detection of end points, but the colour change is not so
marked as for potassium permanganate; here, however, sensitive internal
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10 TITRIMETRIC ANALYSIS

indicators (1,10-phenanthroline~iron(II) ion or N-phenylanthranilic acid and
starch respectively) are available.

This method has the drawback that an excess of oxidising agent 1s always
present at the end point. For work of the highest accuracy, the indicator blank
may be determined and allowed for, or the error may be considerably reduced
by performing the standardisation and determination under similar experimental

conditions.

C. Potentiometric methods. This is a procedure which depends upon measurement
of the e.m.f. between a reference electrode and an indicator (redox) electrode at
suitable intervals during the titration, i.e. a potentiometric titration is carried
out. The procedure is discussed fully in Chapter 15; let it suffice at this stage
to point out that the procedure is applicable not only to those cases where
suitable indicators are available, but also to those cases, e.g. coloured or very
dilute solutions, where the indicator method is inapplicable, or of limited
accuracy.

OXIDATIONS WITH POTASSIUM PERMANGANATE
10.92 DISCUSSION

This valuable and powerful oxidising agent was first introduced into titrimetric
analysis by F. Margueritte for the titration of iron(II). In acid solutions, the
reduction can be represented by the following equation:

MnO, +8H* + Se::Mn2+ +4H,0
de nlntion F€ hac ha
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hence the permanganat on in acid solution is a strong oxidising agent
Sulphuricacid is the most sultable acid, as it has no action upon permanganate
in dilute solution. With hydrochloric acid, there is a likelihood of the reaction:

2MnO; +10C1~ + 16H* = 2Mn?* 4+ 5Ci, + 8H,0

taking place, and some permanganate may be consumed in the formation of
chlorine. This reaction is particularly liable to occur with iron salts uniess special
precautions are adopted (see below). With a small excess of free acid, a very
dilute solution, low temperature and slow titration with constant shaking, the
danger from this cause is minimised. There are, however, some titrations, such
as those with arsenic(IIl) oxide, antimony(II1), and hydrogen peroxide, which
can be carried out in the presence of hydrochloric acid.

In the analysis of iron ores, solution is frequently effected in concentrated
hydrochloric acid; the iron(III) is reduced and the iron(II) is then determined
in the resultant solution. To do this, it is best to add about 25 mL of Zimmermann
and Reinhardt’s solution (this is sometimes termed preventive solution),
which is prepared by dissolving 50 g of crystallised manganese(Il) sulphate
(MnSO,,4H,0)in 250 mL water, adding a cooled mixture of 100 mL concentrated
sulphuric acid and 300 mL water, followed by 100 mL syrupy orthophosphoric
acid. The manganese(Il) suilphate lowers the reduction potential of the
MnO, — Mn(1) couple (compare Section 2.31) and thereby makes it a weaker
oxidising agent; the tendency of the permanganate ion to oxidise chloride ion
is thus reduced. It has been stated that a further function of the manganese(II)
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sulphate is to supply an adequate concentration of Mn?* ions to react with

any local excess of permanganate ion. Mn(IIl) is probably formed in the
reduction of permanganate ion to manganese(Il); the Mn(Il), and also the

~win antiAd Aavar a Aatnacon AfFant 1iemem tha sm~tnmtinl AT tha
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Mn(III)-Mn(1I) couple, so that Mn(III) is reduced by Fe?* ion rather than
by chloride ion. The phosphoric(V) acid combines with the yellow Fe3* ion
to form the complex ion [ Fe(HPO,)]*, thus rendering the end point more
clearly visible. The phosphoric(V) acid lowers the reduction potential of the
Fe(I1T)-Fe(Il) system by complexation, and thus tends to increase the reducing
power of the Fe?* ion. Under these conditions permanganate ion oxidises
iron(II) rapidly and reacts only slowly with chloride ion.

For the titration of colourless or slightly coloured solutions, the use of
an indicator is unnecessary, since as little as 0.0l mL of 0.02M potassium
permanganate imparts a pale-pink colour to 100 mL of water. The intensity of
the colour in dilute solutions may be enhanced, if desired, by the addition of a
redox indicator (such as sodium diphenylamine sulphonate, N -phenylanthranilic

acid or farroin) lncr hefore the end noint of the reaction: this is usually not
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required, but is advantageous if more dilute solutions of permanganate are used.
Potassium permanganate may also be used in strongly alkaline solutions.

Here two consecutive partial reactions take place:

(1) the relatively rapid reaction:

MnO; +e= MnO}"~
and (2) the relatively slow reaction:
MnO2Z~ +2H,0 + 2e = MnO, + 40H "~

Tha at Aa o 1
111C standard lJUL\. nti l E of re“ct on ( is 0.56 volt and of react

0.60 volt. By sultably controlling the experlmental COndltIOIlS (e.g. by the
addition of barium ions, which form the sparingly soluble barium manganate
as a fine, granular precipitate), reaction (1) occurs almost exclusively. In
moderately alkaline solutions permanganate is reduced quantitatively to
manganese dioxide. The half-cell reaction is:

MnO; +2H,0 + 3e = MnO, + 40H "~

and the standard potential E€ is 0.59 volt.

Potassium permanganate is not a primary standard. It is difficuit to obtain
the substance perfectly pure and completely free from manganese dioxide.
Moreover, ordinary distilled water is likely to contain reducing substances
(traces of organic matter, etc.) which will react with the potassium permanganate
to form manganese dioxide. The presence of the latter is very objectionable

because it catalyses the auto- decomposmon of the permanganate solution on
standing:

4MnO, +2H,0 = 4MnO, + 30, + 4OH"~
Permanganate is inherently unstable in the presence of manganese(1I) ions:
2MnO; 4+ 3Mn?* 4+ 2H,0 = 5MnO, +4H*

This reaction is slow in acid solution, but it is very rapid in neutral solution.
For these reasons, potassium permanganate solution is rarely made up by
dissolving weighed amounts of the purified solid in water; it is more usual to

= &
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10 TITRIMETRIC ANALYSIS

heat a freshly prepared solution to boiling and keep it on the steam bath for
an hour or so, and then filter the solution through a non-reducing filtering
medium, such as purified glass wool or a sintered-glass filtering crucible
\pGi’OSiLy No. hr) Altﬁi‘ﬁauvmy, the solution nay be aliowed to stand for
2-3 days at room temperature before filtration. The glass-stoppered bottle or
flask should be carefully freed from grease and prior deposits of manganese
dioxide: this may be done by rinsing with dichromate—sulphuric acid cleaning
mixture* and then thoroughly with distilled water. Acidic and alkaline solutions
are less stable than neutral ones. Solutions of permanganate should be protected
from unnecessary exposure to light: a dark-coloured bottle is recommended.
Diffuse daylight causes no appreciable decomposition, but bright sunlight slowly
decomposes even pure solutions.

Potassium permanganate solutions may be standardised using arsenic(III)
oxide or sodium oxalate as primary standards: secondary standards include
metallic iron, and iron(H) ethylenediammonium sulphate (or ethylenediamine
iron(II) sulphate), FeSO,,C,H,(NH;),S0,,4H,O. Full details of the first two

methods are given in Section 10.93 below. Standardisation using metallic iron

is similar to that for potassium dichromate given in Section 10.100.

10.93 PREPARATION OF 0.02 /7 POTASSIUM PERMANGANATE

Weigh out about 3.2-3.25 g potassium permanganate on a watchglass, transfer
it to a 1500 mL beaker, add 1 L water, cover the beaker with a clockglass, heat
the solution to boiling, boil gently for 15-30 minutes and allow the solution
to cool to the laboratory temperature. Filter the solution through a funnel
containing a plug of purified glass wool, or, more simply, through a sintered-
glass or porcelain filtering crucible or funnel. Collect the filtrate in a vessel which
has been cleaned with chromic acid mixture* and then thoroughly washed with
distilled water. The filtered solution should be stored in a clean, glass-stoppered
bottle, and kept in the dark or in diffuse light except when in use: alternatively,
it may be kept in a dark brown glass bottle.

10.94 STANDARDISATION OF PERMANGANATE SOLUTIONS

Method A: With arsenic(III) oxide. This procedure, which utilises arsenic(I1I)
oxide as a primary standard and potassium iodide or potassium iodate as a
catalyst for the reaction, is convenient in practice and is a trustworthy
method for the standardisation of permanganate solutions. Analytical grade
arsenic(IIl) oxide has a purity of at least 99.8 per cent, and the results by this
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(Method B, below).
As,0,+40H = 2HAsOZ + H,O
SH,AsO; + 2MnO; + 6H* = SH,AsO, + 2Mn2* + 3H,0

Procedure. Dry some arsenic(IIl) oxide at 105-110°C for 1-2 hours, cover
the container, and allow to cool in a desiccator. Accurately weigh approximately

* Caution: This is a very powerful reagent and should only be used by experienced chemists.
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0.25 g of the dry oxide, and transfer it to a 400 mL beaker. Add 10mL of a
cool solution of sodium hydroxide, prepared from 20 g sodium hydroxide and
100 mL water (Note 1). Allow to stand for 8—10 minutes, stirring occasionally.
When soiution is compiete, add 100mL water, 10 mL pure concentrated
hydrochloric acid, and 1 drop 0.0025M potassium iodide or potassium iodate
(Note 2). Add the permanganate solution from a burette until a faint pink colour
persists for 30 seconds. Add the last 1-1.5 mL dropwise, allowing each drop to
become decolorised before the next drop is introduced. For the most accurate
work it is necessary to determine the volume of permanganate solution required
to duplicate the pink colour at the end point. This is done by adding
permanganate solution to a solution containing the same amounts of alkali,
acid, and catalyst as were used in the test. The correction should not be more
than 0.03 mL. Repeat the determination with two other similar quantities of
oxide. Calculate the concentration of the potassium permanganate solution.
Duplicate determinations should agree within 0.1 per cent.

Notes. (1) For elementary students, it is sufficient to weigh out accurately about 1.25g
of arsenic(I1I) oxide, dissolve this in S0 mL of a cool 20 per cent solution of sodium
hydroxide, and make up to 250 mL in a graduated flask. Shake well. Measure 25.0 mL
of this solution by means of a burette and not with a pipette (caution — the solution is
highly poisonous) into a 500 mL conical flask, add 100 mL water, 10 mL pure concentrated
hydrochloric acid, one drop potassium todide solution, and titrate with the permanganate
solution to the first permanent pink colour as detailed above. Repeat with two other
25mL portions of the solution. Successive titrations should agree within 0.1 mL.

(2) 0.0025M Potassium iodide =0.41 g KIL ™. 0.0025M Potassium iodate = 0.54 g
KIiO, L™

Calculation. It is evident from the equation given above that if the weight of
solution to which it is equivalent, as found by titration, we have the weight of
primary standard equivalent to 1 mL of the permanganate solution.

Method B: With sodium oxalate. This reagent is readily obtained pure and
anhydrous, and the ordinary material has a purity of at least 99.9 per cent. In
the experimental procedure originally employed a solution of the oxalate,
acidified with dilute sulphuric acid and warmed to 80-90 °C, was titrated with
the permanganate solution slowly (10-15 mL min ~ ') and with constant stirring
until the first permanent faint pink colour was obtained; the temperature near
the end-point was not allowed to fall below 60 °C. However with this procedure
the results may be 0.1-0.45 per cent high; the titre depends upon the acidity, the
temperature, the rate of addition of the permanganate solution, and the speed
of stirring. Because of this it is best to make a more rapid addition of 90-95
per cent of the permanganate solution (about 25-35mL min~') to a solution
of sodium oxalate in 1 M sulphuricacid at 25-30 °C, the solution is then warmed
to 55-60°C and the titration completed, the last 0.5—-1 mL portion being
added dropwise. The method is accurate to 0.06 per cent. Full experimental
details are given below.

MNa* +C,02" +2H* =H,C,0,+2Na*
2MnO; + 5H,C,0, + 6H* = 2Mn2* + 10CO, + 8H,O

It should be mentioned that if oxalate is to be determined it is often not
convenient to use the room temperature technique for unknown amounts of
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oxalate. The permanganate solution may then be standardised against sodium
oxalate at about 80 °C using the same procedure in the standardisation as in
the analysis.

Procedure. Dry some analytical grade sodium oxalate at 105-110°C for
2 hours, and allow it to cool in a covered vessel in a desiccator. Weigh out
accurately from a weighing bottle about 0.3 g of the dry sodium oxalate into a
600 mL beaker, add 240 mL of recently prepared distilled water, and 12.5 mL
of concentrated sulphuric acid (caution) or 250 mL of 1 M sulphuric acid. Cool
to 25-30 °C and stir until the oxalate has dissolved (Note 1). Add 90-95 per
cent of the required quantity of permanganate solution from a burette at a rate
of 25-35 mL min ! while stirring stowly (Note 2). Heat to 55-60°C (use a
thermometer as stirring rod), and complete the titration by adding permanganate
solution until a faint pink colour persists for 30 seconds. Add the last 0.5-1 mL
dropwise, with particular care to allow each drop to become decolorised before
the next is introduced. For the most exact work, it is necessary to determine
the excess of permanganate solution required to impart a pink colour to the
solution. This is done by matching the colour produced by adding permanganate
solution to the same volume of boiled and cooled dilute sulphuric acid at
55-60°C. This correction usually amounts to 0.03-0.05mL. Repeat the
determination with two other similar quantities of sodium oxalate.

Notes. (1) For elementary students, it is sufficient to weigh out accurately about
1.7g of sodium oxalate, transfer it to a 250mL graduated flask, and make up
to the mark. Shake well, Use 25 mL of this solution per titration and add 150 mL
of ca 1M sulphuric acid. Carry out the titration rapidly at the ordinary temperature
until the first pink colour appears throughout the solution, and allow to stand until the
solution is colourless. Warm the solution to 50-60 °C and continue the titration to a
permanent faint pink colour. It must be remembered that oxalate solutions attack glass,
so that the solution should not be stored more than a few days.

(2) An approximate value of the volume of permanganate solution required can be
computed from the weight of sodium oxalate employed. In the first titration about
75 per cent of this volume is added, and the determination is completed at 55-60 °C.
Thereafter, about 90-95 per cent of the volume of permanganate solution is added at
the laboratory temperature.

Provided that it is stored with due regard to the precautions referred to in
Section 10.92 the standardised permanganate solution will keep for a long time,
but it is advisable to re-standardise the solution frequently to confirm that no
decomposition has set in.

10.95 ANALVSIS OF HYDROGEN PEROXIDE
Hydrogen peroxide is usually encountered in the form of an aqueous solution
containing about 6 per cent, 12 per cent or 30 per cent hydrogen peroxide, and
frequently referred to as ‘20-volume’, ‘40-volume’, and ‘100-volume’ hydrogen
peroxide respectively; this terminology is based upon the volume of oxygen
liberated when the solution is decomposed by boiling. Thus 1 mL of ‘100-
volume’ hydrogen peroxide will yield 100 mL of oxygen measured at standard
temperature and pressure.

The following reaction occurs when potassium permanganate solution is
added to hydrogen peroxide solution acidified with dilute sulphuric acid:
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2MnO; +5H,0, + 6H* = 2Mn2* + 50, + 8H,0

This forms the basis of the method of analysis given below.

It is good practice to use a fairly high concentration of acid and a reasonably
low rate of addition in order to reduce the danger of forming manganese dioxide,
which is an active catalyst for the decomposition of hydrogen peroxide. For
slightly coloured solutions or for titrations with dilute permanganate, the use
of ferroin as indicator is recommended. Organic substances may interfere. A
fading end point indicates the presence of organic matter or other reducing
agents, in which case the iodometric method is better (Section 10.118).

Procedure. Transfer 25.0 mL of the ‘20-volume’ solution by means of a burette
to a 500 mL graduated flask, and dilute with water to the mark. Shake
thoroughly. Pipette 25.0 mL of this solution to a conical flask, dilute with 200 mL
water, add 20mL dilute sulphuric acid (1:5), and titrate with standard
0.02M potassium permanganate to the first permanent, faint pink, colour.
Repeat the titration; two consecutive determinations should agree within 0.1 mL.

Calanlatass (1) fl\a watght Af hvdsaocan naravidas mas T Af tha Ariginal anlntinn
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and (ii) the ‘volume strength’, i.e. the number of millilitres of oxygen at s.t.p.
that can be obtained from 1 mL of the original solution.

Analysis of metallic peroxides. A metallic peroxide, such as sodium peroxide,
can be analysed in similar manner, provided that care is taken to avoid loss of
oxygen during the dissolution of the peroxide. This may be done by working
in a medium containing boric acid which is converted to the retatively stable
‘perboric acid’ upon the addition of the peroxide.

Procedure. To 100mL of distilled water add SmL of concentrated sulphuric
aud, CGO} ai'id LhCll ddd J 5 UI lJLU.C UU[JL d.hlU WllCIl lhlb hd.b dlDbUIVCU hUUl LhC
mixture in ice. Transfer gradually from a weighing bottle about 0.5 g (accurately
weighed) of the sodium peroxide sample (handle with care) to the well-stirred,
ice-cold solution. When the addition is complete, transfer the solution to a
250 mL graduated flask, make up to the mark, and then titrate 50 mL portions

of the solution with standard 0.02M permanganate solution.

10.96 DETERMINATION OF NITRITES

Discussion. Nitrites react in warm acid solution (ca 40 °C) with permanganate
solution in accordance with the equation:

2MnO; +5NO; +6H* = 2Mn?* + SNOJ + 3H,0

If a solution of a nitrite is titrated in the ordinary way with potassium
permanganate, poor results are obtained, because the nitrite solution has first
to be acidified with dilute sulphuric acid. Nitrous acid is liberated, which being
volatile and unstable, is partially lost. If, however, a measured volume of standard
potassium permanganate solution, acidified with dilute sulphuric acid, is treated
with the nitrite solution, added from a burette, until the permanganate is just
decolorised, results accurate to 0.5—1 per cent may be obtained. This is due to
the fact that nitrous acid does not react instantaneously with the permanganate.
This method may be used to determine the purity of commercial potassium
nitrite.
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Procedure. Weigh out accurately about 1.1 g of commercial potassium nitrite,
dissolve it in cold water, and dilute to 250 mL in a graduated flask. Shake well.
Measure out 25.0mL of standard 0.02M potassium permanganate into a
500 mL flask, add 225 mL of 0.5 M sulphuric acid, and heat to 40 °C. Place the
nitrite solution in the burette, and add it slowly and with constant stirring until
the permanganate solution is just decolorised. Better results are obtained by
allowing the tip of the burette to dip under the surface of the diluted
permanganate solution. Towards the end the reaction is sluggish, so that the
nitrite solution must be added very slowly.

More accurate results may be secured by adding the nitrite to an acidified
solution in which permanganate is present in excess (the tip of the pipette
containing the nitrite solution should be below the surface of the liquid during
the addition), and back-titrating the excess potassium permanganate with a
solution of ammonium iron(II} sulphate which has recently been compared
with the permanganate solution.

10.97 DETERMINATION OF PERSULPHATES

Discussion. Alkali persulphates (peroxydisulphates) can readily be evaluated
by adding to their solutions a known excess of an acidified iron(11) salt solution,
and determining the excess of iron(Il) by titration with standard potassium
permanganate solution.

S,03™ +2Fe?* +2H"* = 2Fe3* + 2HSO

By adding phosphoric acid or hydrofluoric acid, the reduction is complete in
a few minutes at room temperature. Many organic compounds interfere.

Another procedure utilises standard oxalic acid solution. When a sulphuric
acid solution of a persulphate is treated with excess of standard oxalic acid
solution in the presence of a little silver sulphate as catalyst, the following
reaction occurs:

stzog + H2C204 = ZHZSO4 + 2COZ

The excess of oxalic acid is titrated with standard potassium permanganate
solution.

Procedure A. Prepare an approximately 0.1 M solution of ammonium iron(Il)
sulphate by dissolving about 9.8 g of the solid in 200 mL of sulphuric acid (0.5 M)
in a 250mL graduated flask, and then making up to the mark with freshly
boiled and cooled distilled water. Standardise the solution by titrating 25mL
portions with standard potassium permanganate solution (0.02M) after the
addition of 25 mL sulphuric acid (0.5 M).

Weigh out accurately about 0.3 g potassium persulphate into a conical flask
and dissolve it in 50mL of water. Add 5mL syrupy phosphoric(V) acid or
2.5 mL 35-40 per cent hydrofluoric acid (CARE!), 10 mL 2.5M sulphuric acid,
and 50.0 mL of the ca 0.1 M iron(II) solution. After 5 minutes, titrate the excess
of Fe?* ion with standard 0.02M potassium permanganate.

From the difference between the volume of 0.02 M permanganate required
to oxidise 50 mL of the iron(IT) solution and that required to oxidise the iron(II)
salt remaining after the addition of the persulphate, calculate the percentage
purity of the sample.
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Procedure B. Prepare an approximately 0.05M solution of oxalic acid by
dissolving about 1.6 g of the compound and making up to 250 mL in a graduated
flask. Standardise the solution with standard (0.02 M ) potassium permanganate
solution using the procedure described in Section 10.94 (Method B).

Weigh out accurately 0.3-0.4 g potassium persulphate into a 500 mL conical
flask, add 50 mL of 0.05M-oxalic acid, followed by 0.2 g of silver sulphate
dissolved in 20 mL of 10 per cent sulphuric acid. Heat the mixture in a water
bath until no more carbon dioxide is evolved ( 15—20 minutes), dilute the solution
to about 100 mL with water at about 40 °C, and titrate the excess of oxalic acid

with standard 0.02M potassium permanganate.

OXIDATIONS WITH POTASSIUM DICHROMATE
10.98 DISCUSSION

Potassium dichromate is not such a powerful oxidising agent as potassium
permanganate (compare reduction potentials in Table 2.6 in Section 2.31), but
it has several advantages over the latter substance. It can be obtained pure, it
is stable up to its fusion point, and it is therefore an excellent primary standard.
Standard solutions of exactly known concentration can be prepared by weighing
out the pure dry salt and dissolving it in the proper volume of water.
Furthermore, the aqueous solutions are stable indefinitely if adequately
protected from evaporation. Potassium dichromate is used only in acid solution,
and 1s reduced rapidly at the ordinary temperature to a green chromium(III)
salt. It is not reduced by cold hydrochloric acid, provided the acid concentration
does not exceed 1 or 2M. Dichromate solutions are less easily reduced by
organic matter than are those of permanganate and are also stable towards
light. Potassium dichromate is therefore of particular value in the determination
ofiron in iron ores: the ore is usually dissolved in hydrochloric acid, the iron(I11)
reduced to iron(Il), and the solution then titrated with standard dichromate
solution:

Cr,02™ + 6Fe?* + 14H* = 2Cr3* + 6Fe3* + TH,O

In acid solution, the reduction of potassium dichromate may be represented
as:

Cr,0%” + 14H* + 6e =2 2Cr** + TH, 0O

The green colour due to the Cr** ions formed by the reduction of potassium
dichromate makes it impossible to ascertain the end- point of a dichromate
titration by simple visual inS‘peCuOI‘l of the solution and so a redox indicator
must be employed which gives a strong and unmistakable colour change; this
procedure has rendered obsolete the external indicator method which was
formerly widely used. Suitable indicators for use with dichromate titrations
include N-phenylanthranilic acid (0.1 per cent solution in 0.005M NaOH) and
sodium diphenylamine sulphonate (0.2 per cent aqueous solution); the latter

must be used in presence of phosphoric(V) acid.

10.99 PREPARATION OF 0.02 # POTASSIUM DICHROMATE

Analytical grade potassium dichromate has a purity of not less than 99.9 per
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10 TITRIMETRIC ANALYSIS

cent and is satisfactory for most purposes.* Powder finely about 6 g of the
analytical grade material in a glass or agate mortar, and heat for 30--60 minutes
in an air oven at 140150 °C. Allow to cool in a closed vessel in a desiccator.
Weigh out accurately about 5.88 g of the dry potassium dichromate into a
weighing bottle and transfer the salt quantitatively to a 1 L graduated flask,
using a small funnel to avoid loss. Dissolve the salt in the flask in water and
make up to the mark; shake well. Alternatively, place a little over 5.88 g of
potassium dichromate in a weighing bottle, and weigh accurately. Empty the
salt into a 1 L graduated flask, and weigh the bottle again. Dissolve the salt in
water, and make up to the mark.

The molarity of the solution can be calculated directly from the weight of
salt taken, but if the salt has only been weighed out approximately, then the
solution must be standardised as described in the following section.

10.100 STANDARDISATION OF PGTASSIUM DICHROMATE SOLUTION AGAINST IRON

With metallic iron. Use iron wire of 99.9 per cent assay value (Note 1). Insert
a well-fitting rubber stopper provided with a bent delivery tube into a 500 mL
conical flask and clamp the flask in a retort stand in an inclined position, the
tube being so bent as to dip into a small beaker containing saturated sodium
hydrogencarbonate solution or 20 per cent potassium hydrogencarbonate
solution (prepared from the solids) (Fig. 10.16). Place 100 mL 1.5 M sulphuric
acid (from 92 mL water and 8 mL concentrated sulphuric acid) in the flask, and
add 0.5-1g sodium hydrogencarbonate in two portions; the carbon dioxide
produced will drive out the air. Meanwhile, weigh out accurately about 0.2 g
of iron wire, place it quickly into the flask, replace the stopper and bent tube,
and warm gently until the iron has dissolved completely. Cool the fiask rapidly

L 1

Fig. 10.16

*If only a ‘pure’ grade (as distinct from analytical grade) of commercial salt is available, or if there
is some doubt as to the purity of the salt, the following method of purification should be used. A
concentrated solution of the salt in hot water is prepared and filtered. The crystals which separate
on cooling are filtered on a sintered-glass filter funnel and sucked dry. The resultant crystals are
recrystallised again. The purified crystals are then dried at 180-200 °C, ground to a fine powder
in a glass or agate mortar, and again dried at 140-150 °C to constant weight,
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under a stream of cold water, with the delivery tube still dipping into the solution
in the beaker (Note 2).

Titrate the cooled solution immediately with the dichromate solution, using
either SOUIUII] mpnenyldmlnc blIlpI]OIlElte or N pne‘nylamuranmc aau as lIlUlbdlUl
If the former is selected, add 6-8 drops of the indicator, followed by SmL of
syrupy phosphoric(V) acid: titrate slowly with the dichromate solution, stirring
well, until the pure green colour changes to a grey—green. Then add the
dichromate solution dropwise until the first tinge of blue—violet, which remains
permanent on shaking, appears. If the latter indicator is selected, add 200 mL
of 1M sulphuric acid, then 0.5 mL of the indicator; add the dichromate solution,
with shaking until the colour changes from green to violet—red (Note 3).

1 mole K,Cr,0O, = 6 moles Fe

Notes. (1) Iron wire of 99.9 per cent purity is available commercially and is a suitable
analytical standard. If the wire exhibits any sign of rust, it should be drawn between
two pieces of fine emery cloth, and then wiped with a clean, dry cloth before use. The
general reaction which occurs has been given in Section 10.92.

{2) As the flask cools, the hydrogencarbonate solution is automatically drawn in until
the pressure of the carbon dioxide inside the flask is equal to the atmospheric pressure.

(3) The standardisation may also be effected with ethylenediammonium iron(1l)
sulphate.

10.101 DETERMINATION OF CHROMIUM IN A CHROMIUM (11) SALT

Discussion. Chromium(III) salts are oxidised to dichromate by boiling with
excess of a persulphate solution in the presence of a little silver nitrate (catalyst).
The excess of persulphate remaining after the oxidation is complete is destroyed
by boiling the solution for a short time. The dichromate content of the resuitant
solution is determined by the addition of excess of a standard iron(IJ) solution
and titration of the excess of the latter with standard 0.02M potassium
dichromate.

AgNO,
2Cr3* + 38,02 + 7H, 0 AEN0)

Cr,02” +6HSO, +8H"*

28,02 +2H,0 = 0,1 +4HSO;

Procedure. Weigh out accurately an amount of the salt which will contain
about 0.25 g of chromium, and dissolve it in 50 mL distilled water. Add 20 mL
of ca 0.1 M silver nitrate solution, followed by 50 mL of a 10 per cent solution
of ammonium or potassium persulphate. Boil the liquid gently for 20 minutes.
Cool, and dilute to 250 mL in a cradlmted flask. Remove S0 mL. of the solution

with a pipette, add 50 mL of a 0.1 M ammonium iron(II) sulphate solution
(Section 10.97, Procedure A), 200 mL. of 1 M sulphuric acid, and 0.5mL of
N-phenylanthranilic acid indicator. Titrate the excess of the iron(II) salt with
standard 0.02 M potassium dichromate until the colour changes from green to
violet—red.

Standardise the ammonium iron(II) sulphate solution against the 0.02M
potassium dichromate, using N-phenylanthranilic acid as indicator. Calculate
the volume of the iron(II) solution which was oxidised by the dichromate
originating from the chromium salt, and from this the percentage of chromium
in the sample.
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10 TITRIMETRIC ANALYSIS

Note. Lead or barium can be determined by precipitating the sparingly soluble chromate,
dissolving the washed precipitate in dilute sulphuric acid, adding a known excess of

ammonium iron(Il) sulphate solution, and titrating the excess of Fe?” ion with
002 M nnfacmnm dichromate in the neual way.

VoL iV {LDSiAelis MAAwWAALlSzix A% e

2PbCrO, +2H* = 2Pb** 4+ Cr,02 + H,0

10.102 DETERMINATION OF CHLORATE

Discussion. Chlorate ion is reduced by warming with excess of iron(II) in the
presence of a relatively high concentration of sulphuric acid:

CIO; + 6Fe2* + 6H* = Cl~ + 6Fe* + 3H,0

The excess Fe?* ion is determined by titration with standard dichromate
solution in the usual way.

Procedure. To obtain experience in the method, the purity of analytical-grade
potassium chlorate may be determined. Prepare a 0.02M potassium chlorate
solution. Into a 250 mL conical flask, place 25.0mL of the potassium chlorate
solution, 25.0mL of 0.2M ammonium iron(Il) sulphate solution in 2M
sulphuric acid and add cautiously 12 mL concentrated sulphuric acid. Heat the
mixture to boiling (in order to ensure completion of the reduction), and cool
to room temperature by placing the flask in running tap water. Add 20 mL
1:1 water/phosphoric(V) acid, followed by 0.5mL sodium diphenyl-amine-
sulphonate indicator. Titrate the excess Fe’*' ion with standard 0.02M
potassium dichromate to a first tinge of purple coloration which remains on
stirring.

Standardise the ammonium iron(Il) sulphate solution by repeating the
procedure but using 25 mL distilled water in place of the chlorate solution. The
difference in titres is equivalent to the amount of potassium chlorate added.

10.103 DETERMINATION OF CHEMICAL OXYGEN DEMAND

Discussion. One very important application of potassium dichromate is in a
back-titration for the environmental determination'® of the amount of oxygen
required to oxidise all the organic material in a sample of impure water, such
as sewage effluent. This is known as the chemical oxygen demand (C.O.D.) and
is expressed in terms of milligrams of oxygen required per litre of water, mg L ™!
The analysis of the impure water sample 1s carried out in parallel with a blank
determination on pure, double-distilled water.

Procedure. Place a S50 mL volume of the water sample in a 250 mL conical
flask with a ground-glass neck which can be fitted with a water condenser for
refluxing. Add 1 g of mercury(Il) sulphate, followed by 80 mL of a silver
sulphate/sulphuric acid solution (Note 1). Then add 10 mL of approximately
0.00833M standard potassium dichromate solution (Note 2), fit the flask with
the reflux condenser and boil the mixture for 15 minutes. On cooling rinse the
inside of the condenser with 50 mL of water into the flask contents. Add either
diphenylamine indicator (1 mL) or ferroin indicator and titrate with 0.025M
ammonium iron(II) sulphate solution (Note 3). Diphenylamine gives a colour
change from blue to green at the end-point, whilst that for ferroin is blue—green
to red—brown. Call this titration A mL. Repeat the back-titration for the blank
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(titration BmL). The difference between the two values i1s the amount of
potassium dichromate used up in the oxidation. The C.O.D. is calculated from
the relationship:

COD. =(A-B)x02x20mgL™!

as a 1 mL difference between the titrations corresponds to 0.2 mg of oxygen
required by the 50 mL sample (a correction must, of course, be made if solutions
of slightly different molarities are employed); see Note 4.

Notes. (1) This solution is prepared by dissolving 5 g of silver sulphate in 500 mL of
concentrated sulphuric acid.

(2) The required concentration is obtained by weighing out 1.225g of potassium
dichromate and diluting to 500 mL with de-ionised water in a graduated flask.

(3) Dissolve 4.9 g of ammonium iron(II) sulphate heptahydrate in 150 mL of water
and add 2.5 mL of concentrated sulphuric acid. Dilute the solution to 500mL in a
graduated flask.

(4) This method gives high results with samples possessing a high chloride content
due to reaction between the mercury(1Il) sulphate and the chloride ions. In these cases

LIIC L 11) 2 LI11O1IUC

the problem can be overcome by following a procedure using chromium (111) potassium
sulphate, Cr(1II)K(SO,),,12H,0.}7

OXIDATIONS WITH CERIUM(IV) SULPHATE SOLUTION
10.104 GENERAL DISCUSSION

Cerium(IV) sulphate is a powerful oxidising agent; its reduction potential in
0.5-4.0 M sulphuric acid at 25°C is 1.43 +0.05 volts. It can be used only in
acid solution, best in 0.5M or higher concentrations: as the solution is
neutralised, cerium(1V) hydroxide [ hydrated cerium(IV) oxide] or basic salts
precipitate. The solution has an intense yellow colour, and in hot solutions
which are not too dilute the end point may be detected without an indicator;
this procedure, however, necessitates the application of a blank correction, and
it is therefore preferable to add a suitable indicator.
The advantages of cerium(IV) sulphate as a standard oxidising agent are:

1. Cerium(IV)sulphate solutions are remarkably stable over prolonged periods.
They need not be protected from light, and may even be boiled for a short
time without appreciable change in concentration. The stability of sulphuric
acid solutions covers the wide range of 10—40 mL of concentrated sulphuric
acid per litre. It 1s evident, therefore, that an acid solution of cerium(iV)

sulphate surpasses a permanganate solution in stability.
(".erinmﬂV} su_lphate may be employed in the determination of red
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agents in the presence of a high concentration of hydrochloric acid (contrast
potassium permanganate, Section 10.92).
3. Certum(IV)solutionsin 0.1 M solution are not too highly coloured to obstruct
vision when reading the meniscus in burettes and other titrimetric apparatus.
4. In the reaction of cerium(IV) salts in acid solution with reducing agents, the
simple change

Ce*t +e=Ce3*

1s assumed to take place. With permanganate, of course, a number of reduction
products are produced according to the experimental conditions.

)
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10 TITRIMETRIC ANALYSIS

Solutions of cerium(IV) sulphate in dilute sulphuric acid are stable even at
boiling temperatures. Hydrochloric acid solutions of the salt are unstable because
of reduction to cerium(IIl) by the acid with the simultaneous liberation of
chlorine:

2Ce*t +2C1° = 2Ce** + (1,

This reaction takes place quite rapidly on boiling, and hence hydrochloric acid
cannot be used in oxidations which necessitate boiling with excess of cerium (IV)
sulphate in acid solution: sulphuric acid must be used in such oxidations.
However, direct titration with cerium(IV) sulphate in a dilute hydrochloric acid
medium, e.g. for iron(II) may be accurately performed at room temperature,
and in this respect cerium(1V) sulphate is superior to potassium permanganate
[cf. (2) above]. The presence of hydrofluoric acid is harmful, since fluoride ion
forms a stable complex with Ce(IV) and decolorises the yellow solution.

Formal potential measurements show that the redox potential of the
Ce(IV)-Ce(III) system is greatly dependent upon the nature and the concentration
of the acid present; thus the following values are recorded for the acids named
in molar solution: H,SO, 144V, HNO, 1.61V, HCIO, 170V, and in
8 M perchloric acid solution the value is 1.87 V.

It has been postulated on the basis of the formal potential measurements
that Ce(IV) exists as anionic complexes [Ce(SO,4),]1*" or [Ce(S0,):]1%,
[Ce(NO;)6127, and [Ce(ClO,)¢]1%"; in consequence, solid salts such as
ammonium cerium(IV) sulphate, 2(NH,),S0,.Ce(S0,),,2H,0, and ammonium
certum(IV) nitrate, 2NH,NO,.Ce(NO;),,4H, 0, have been formulated as
ammonium tetrasulphatocerate(IV), (NH ), [Ce(S0,), 1,2H, 0, and ammonium
the term cerium(IV) sulphate will be retained.

Solutions of cerium(IV) sulphate may be prepared by dissolving cerium(IV)
sulphate or the more soluble ammonium cerium(IV) sulphate in dilute
(0.5-1.0M) sulphuric acid. Ammonium cerium(1V) nitrate may be purchased
of analytical grade, and a solution of this in 1M sulphuric acid may be used
for many of the purposes for which cerium(IV) solutions are employed, but in
some cases the presence of nitrate ion is undesirable. The nitrate ion may be
removed by evaporating the solid reagent which concentrated sulphuric acid,
or alternatively a solution of the nitrate may be precipitated with aqueous
ammonia and the resulting cerium(IV) hydroxide filtered off and dissolved in
sulphuric acid.

Internal indicators suitable for use with cerium (IV) sulphate solutions include
N-phenylanthranilic acid, ferroin [1,10-phenanthroline iron(Il)], and 5,6-
dimethylferroin.

10.105 PREPARATION OF 0.1 # CERIUM (IV) SULPHATE

Method A. Evaporate 55.0 g ofammonium cerium (I'V) nitrate almost to dryness
with excess (48 mL) of concentrated sulphuric acid in a Pyrex evaporating dish
(FUME CUPBOARD). Dissolve the resulting cerium (IV) sulphate in 1M
sulphuric acid (28 mL concentrated sulphuric acid to 500 mL water), transfer
to a 1 L graduated flask, add 1 M sulphuric acid until near the graduation
mark, and make up to the mark with distilled water. Shake well.
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Method B. Weigh out 35-36g of pure cerium(IV) sulphate into a 500 mL
beaker, add 56 mL of !:1-sulphuric acid/water and stir, with frequent additions
of water and gentle warming, until the salt is dissolved. Transfer to a 1L
glass-stoppered graduated flask, and when cold, dilute to the mark with distilled
water. Shake well.

Alternatively, weigh out 64-66 g of ammonium cerium(IV) sulphate into a
solution prepared by adding 28 mL of concentrated sulphuric acid to 500 mL
of water: stir the mixture until the solid has dissolved. Transfer to a 1L
graduated flask, and make up to the mark with distilled water.

The relative molecular masses of cerium(IV) sulphate Ce(SO,), and
ammonium cerium(IV) sulphate (NH,),[Ce(S0,),1,2H, O are 333.25 and
632.56 respectively.

Method C. Place about 21 g of cerium(IV) hydroxide in a 1500 mL beaker,
and add, with stirring, 100 mL of concentrated sulphuric acid. Continue the
stirring and introduce 300 mL of distilled water slowly and cautiously. Allow
to stand overnight, and if any residue remains, filter the solution into a 1L
graduated flask and dilute to the mark.

10.106 STANDARDISATION OF CERIUM(IV) SULPHATE SOLUTIONS

Method A: Standardisation with arsenic(IIl) oxide. Discussion. The most
trustworthy method for standardising cerium(IV) sulphate solutions is with
pure arsenic(I1I) oxide. The reaction between cerium(IV) sulphate solution and
arsenic(IIT) oxide is very slow at the ambient temperature; it is necessary to
add a trace of osmium tetroxide as catalyst. The arsenic(III) oxide is dissolved
in sodium hydroxide solution, the solution acidified with dilute sulphuric acid,
and after adding 2 drops of an ‘osmic acid’ solution prepared by dissolving
0.1 g osmium tetroxide in 40mL of 0.05M sulphuric acid, and the indicator
(1-2 drops ferroin or 0.5 mL N-phenylanthranilic acid), it is titrated with the
cerium(IV) sulphate solution to the first sharp colour change: orange—red to
very pale blue or yellowish-green to purple respectively.

2Ce** + H,AsO, + H,O = 2Ce** + H;AsO, +2H *

Procedure. Weigh out accurately about 0.2 g of arsenic(III) oxide, previously
dried at 105-110°C for 1-2 hours, and transfer to a 500 mL beaker or to a
500 mL conical flask. Add 20 mL of approx. 2M sodium hydroxide solution,
and warm the mixture gently until the arsenic(III) oxide has completely dissolved.
Cool to room temperature, and add 100mL water, followed by 25mL
2.5 M sulphuric acid. Then add 3 drops 0.01 M osmium tetroxide solution (0.25 g
osmium tetroxide (CARE! FUME CUPBOARD) dissolved in 100 mL 0.05M
sulphuric acid) and 0.5 mL N-phenylanthranilic acid indicator (or 1-2 drops
of ferroin). Titrate with the 0.1 M cerium(IV) sulphate solution until the first
sharp colour change occurs (see Discussion above). Repeat with two other
samples of approximately equal weight of arsenic(III) oxide.

Method B: Standardisation with sodium oxalate. Standardisation may also be
carried out with sodium oxalate; in this case, an indirect procedure must be
used as the redox indicators are themselves oxidised at the elevated temperatures
which are necessary. The procedure, therefore, is to add an excess of the
cerium(IV) solution, and then, after cooling, the excess is determined by
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back-titration with an iron(II) solution. It is possible to carry out a direct
titration of the sodium oxalate if a potentiometric procedure is used (Chapter 15).

Procedure, Prepare an approximately 0.1 M solution of ammonium iron(II)
sulphate in dilute sulphuric acid and titrate with the cerium(IV) sulphate
solution using ferroin indicator.

Weigh out accurately about 0.2 g sodium oxalate into a 250 mL conical flask
and add 25-30mL 1 M sulphuric acid. Heat the solution to about 60 °C and
then add about 30 mL of the cerium(IV) solution to be standardised dropwise,
adding the solution as rapidly as possible consistent with drop formation.
Re-heat the solution to 60 °C, and then add a further 10 mL of the cerium(IV)
solution. Allow to stand for three minutes, then cool and back-titrate the excess
cerium(IV) with the iron(II) solution using ferroin as indicator.

Practically all the determinations described under potassium permanganate
and potassium dichromate may be carried out with cerium(IV) sulphate. Use
1s made of the various indicators already detailed and also, in some cases where
great accuracy 1S not required, of the pale yellow colour produced by the
cerium(IV) sulphate itself. Only a few determinations will, therefore, be
considered in some detail.

10.107 DETERMINATION OF COPPER

Discussion. Copper(1Il) ions are quantitatively reduced in 2M hydrochloric
acid solution by means of the silver reductor (Sectlon 10.140) to the copper(I)
state. The solution, after reduction, is collected in a solution of ammonium
iron(IIT) sulphate, and the Fe** ion formed is titrated with standard cerium(IV)

Qll]hhﬁfP solution nmnc ferroin or N-phnnv]anfhrqnﬂw‘ acid as indicator
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Comparatlvely large amounts of nitric acid, and also zinc, cadmium, bismuth,
tin, and arsenate have no effect upon the determination; the method may
therefore be applied to determine copper in brass.

Procedure (copper in crystallised copper sulphate). Weigh out accurately about
3.1 g of copper sulphate crystals, dissolve in water, and make up to 250mL in a
graduated flask. Shake well. Pipette 50 mL of this solution into a small beaker,
add an equal volume of ca 4 M hydrochloric acid. Pass this solution through
a silver reductor at the rate of 25 mL min !, and collect the filtrate in a 500 mL
conical flask charged with 20 mL 0.5 M iron(III) ammonium sulphate solution
(prepared by dissolving the appropriate quantity of the analytical grade iron(III)
salt in 0.5 M sulphuric acid). Wash the reductor column with six 25 mL portions
of 2M hydrochloric acid. Add 1 drop of ferroin indicator or 0.5mL N-
phenylanthranilic acid, and titrate with 0.1 M cerium(IV) suiphate solution. The
end point is sharp, and the colour imparted by the Cu?* ions does not interfere
with the detection of the equivalence point.

Procedure (copper in copper(l) chloride). Prepare an ammonium iron(III)
sulphate solution by dissolving 10.0 g of the salt in about 80 mL of 3 M sulphuric
acid and dilute to 100 mL with acid of the same strength. Weigh out accurately
about 0.3 g of the sample of copper(I) chloride into a dry 250 mL conical flask
and add 25.0 mL of the iron(III) solution. Swirl the contents of the flask until
the copper(I) chloride dissolves, add a drop or two of ferroin indicator, and
titrate with standard 0.1 M cerium(IV) sulphate.
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Repeat the titration with 25.0 mL of the iron solution, omitting the addition
of the copper(I) chloride. The difference in the two titrations gives the volume
um(IV) sulphate which has reacted with the known weight of

ride.

10.108 DETERMINATION OF MOLYBDATE

Discussion. Molybdates [ Mo(VI)] are quantitatively reduced in 2M hydro-
chloric acid solution at 60—80 °C by the silver reductor to Mo(V). The reduced
molybdenum solution is sufficiently stable over short periods of time in air to
be titrated with standard cerium(IV) sulphate solution using ferroin or
N-phenylanthranilic acid as indicator. Nitric acid must be completely absent;
the presence of a little phosphoric(V) acid during the reduction of the
molybdenum(VI) is not harmful and, indeed, appears to increase the rapidity
of the subsequent oxidation with cerium(IV) sulphate. Elements such as iron,

copper, and vanadium interfere; nitrate interferes, since its reduction is catalysed

bv the nresence of molvbdates
y the presence of mol ybaates.

Procedure. Weigh out accurately about 2.5g ammonium molybdate
(NH;)sMo-0,,,4H,0, dissolve in water and make up to 250 mL in a graduated
flask. Pipette 50 mL of this solution into a small beaker, add an equal volume of
4 M hydrochloric acid, then 3 mL of 85 per cent phosphoric(V) acid, and heat
the solution to 60—80°C. Pour hot 2M hydrochloric acid through a silver
reductor, and then pass the molybdate solution through the hot reductor at
the rate of about 10 mL min ~'. Collect the reduced solution in a 500 mL beaker
or 500 mL conical flask, and wash the reductor with six 25 mL portions of
2M hydrochloric acid; the first two washings should be made with the hot acid
(rate: 10mL min~!) and the last four washings with the cold acid (rate:
20-25mL min " '). Cool the solution, add one drop of ferroin or 0.5mL
N-phenylanthranilic acid, and titrate with standard 0.1 M cerium(IV) sulphate.
The precipitate of cerium(1V) phosphate, which is initially formed, dissolves on
shaking. Add the last 0.5 mL of the reagent dropwise and with vigorous stirring
or shaking.

10.109 DETERMINATION OF NITRITES

Discussion. Satisfactory results are obtained by adding the nitrite solution to
excess of standard 0.1 M cerium(IV) sulphate, and determining the excess of
cerium(IV) sulphate with a standard iron(II) solution (compare Section 10.96).

2Ce** + NO; +H,0 = 2Ce3* + NOj +2H "

For practice, determine the percentage of NO; in potassium nitrite, or the
purity of sodium nitrite, preferably of analytical-grade quality.

Procedure. Weigh out accurately about 1.5 g of sodium nitrite and dissolve it
in 500 mL of boiled-out water in a graduated flask. Shake thoroughly. Place
50 mL of standard 0.1 M cerium(IV) sulphate in a conical flask, and add 10 mL
of 2M sulphuric acid. Transfer 25 mL of the nitrite solution to this flask by
means of a pipette, and keep the tip of the pipette below the surface of the liquid
during the addition. Allow to stand for 5 minutes, and titrate the excess of
cerium(IV) sulphate with standard 0.1 M ammonium iron(II) sulphate, using
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ferroin or N-phenylanthranilic acid as indicator. Repeat the titration with two
further portions of the nitrite solution. Standardise the iron solution by titrating
25 mL of it with the cerium(IV) solution in the presence of dilute sulphuric acid.

Determine the volume of the standard cerium(iV) suiphate solution which
has reacted with the nitrite solution, and therefrom calculate the purity of the
sodium nitrite employed.

Note. Cerium(IV) sulphate may also be used for the following analyses.

Hydrogen peroxide. The diluted solution, which may contain nitric or hydrochloric
acid in any concentration between (.5 and 3M or sulphuric acid in the concentration
range 0.25 to 1.5 M, is titrated directly with standard cerlum(IV) sulphate solution, usmg
ferroin or N-phenylanthranilic acid as indicator. The reaction is:

2Ce** +H,0, = 2Ce** + O, +2H"

Persulphate (peroxydisulphate ). Persulphate cannot be determined directly by
reduction with tron(II) because the reaction is too slow:

S,02" +2Fe?* = 2502~ + 2Fe3*

An excess of a standard solution of iron(II) must therefore be added and the excess
back-titrated with standard cerium(IV) sulphate solution. Erratic results ar¢ obtained,
depending upon the exact experimental conditions, because of induced reactions leading
to oxidation by air of iron(II) ion or to decomposition of the persulphate; these induced
reactions are inhibited by bromide ion in concentrations not exceeding 1 M and, under
these conditions, the determination may be carried out in the presence of organic matter.

To 25.0 mL of 0.01-0.015M persulphate solution tn a 150 mL conical flask, add 7mL
of 5§ M sodium bromide solution and 2 mL of 3 M sulphuric acid. Stopper the flask. Swirl
the contents, then add excess of 0.05M ammonium iron(II) sulphate (15.0mL), and
allow to stand for 20 minutes. Add 1 mL of 0.001 M ferroin indicator, and titrate the
excess of Fe?* ion with 0.02M cerium(IV) sulphate in 0.5 M sulphuric acid to the first
colour change from orange to yellow.

Oxalates. Oxalates can be determined by means of the indirect method described in
Section 10.106.

Hexacyanoferrate (11 ). This can be determined by titration in 1M H,S50, using
N-phenylanthranilic acid.

OXIDATION AND REDUCTION PROCESSES INVOLVING IODINE:
IODOMETRIC TITRATIONS

10.110 GENERAL DISCUSSION

The direct iodometric titration method (sometimes termed iodimetry) refers to
titrations with a standard solution of iodine. The indirect iodometric titration
method (sometimes termed iodometry) deals with the titration of iodine liberated
in chemical reactions. The normal reduction potential of the reversible system:

I, (solid) + 2e =21~

1s 0.5345 voit. The above equation refers to a saturated aqueous solution in the
presence of solid iodine; this half-cell reaction will occur, for example, towards
the end of a titration of iodide with an oxidising agent such as potassium
permanganate, when the iodide ion concentration becomes relatively low. Near
the beginning, or in most iodometric titrations, when an excess of iodide ion is
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present, the tri-iodide ion is formed

I,(aq)+1" =135

since iodine is readily solubie in a solution of iodide. The half-cell reaction is
better written:

I, +2e=31"

and the standard reduction potential is 0.5355 voit. Iodine or the tri-iodide ion
is therefore a much weaker oxidising agent than potassium permanganate,
potassium dichromate, and cerium(IV) sulphate.

In most direct titrations with iodine (iodimetry) a solution of iodine in
potassium iodide is employed, and the reactive species is therefore the tri-iodide
ion I3 . Strictly speaking, all equations involving reactions of iodine shouid be
written with I5 rather than with I,, e.g.

1; +2S8,0%2 =31~ +5,0%"
1S more accurate than
1,4+25,0%" =21~ +5,0¢%"

For the sake of simplicity, however, the equations in this book will usually be
written in terms of molecular iodine rather than the tri-iodide ion.

Strong reducing agents (substances with a much lower reduction potential),
such as tin(II) chioride, sulphurous acid, hydrogen sulphide, and sodium
thiosulphate, react completely and rapidly with iodine even in acid solution.
With somewhat weaker reducing agents, e.g. arsenic(III), or antimony(III),
complete reaction occurs only when the solution is kept neutral or very faintly
acid; under these conditions the reduction potential of the reducing agent is a
minimum, or its reducing power is a maximum.

If a strong oxidising agent is treated in neutral or (more usually) acid solution
with a large excess of iodide ion, the latter reacts as a reducing agent and the
oxidant will be quantitatively reduced. In such cases, an equivalent amount of
iodine is liberated, and is then titrated with a standard solution of a reducing
agent, which is usually sodium thiosulphate.

The normal reduction potential of the iodine—iodide system is independent
of the pH of the solution so long as the latter is less than about 8; at higher
values iodine reacts with hydroxide ions to form iodide and the extremely
unstable hypoiodite, the latter being transformed rapidly into iodate and iodide
by self-oxidation and reduction:

I,+20H™ =1~ +10" +H,0
30 = 21" +105

The reduction potentials of certain substances increase considerably with
increasing hydrogen ion concentration of the solution. This is the case with
systems containing permanganate, dichromate, arsenate, antimonate, bromate