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Acid sulfate waters are produced mostly by the oxidation of common sulfide
minerals such as pyrite, chalcopyrite, pyrrhotite, and marcasite in rocks, soils, sediments,
and industrial wastes. This spontancous process of mineral weathering plays a
fundamental role in the supergene alteration of ore deposits, the formation of acid sulfate
soils, and the mobilization and release of acidity and metals to surface and ground waters.
The purely natural process of ‘acid rock drainage” is often intensified by human
activities related to mining, mineral processing, construction, soil drainage, and dredging.
Geochemical reaction rates are accelerated because physical disturbance gives greater
exposure of mineral surfaces to air and water, and to microbes that catalyze the reaction
process. Large quantities of reactive sulfides are also concentrated and exposed to air as a
result of mining and mineral processing. Acid sulfate waters produce a number of fairly
insoluble hydroxysulfate and oxyhydroxide minerals that precipitate during oxidation,
hydrolysis, and neutralization. The objective of this chapter is to describe the formation,
properties, fate, and environmental implications of the nano- to microphase hydroxy-
sulfates of Fe and Al that are precipitated from acid sulfate waters. These minerals are
commonly of poor crystallinity and difficult to characterize. Much remains to be learned
about their occurrence, formation, and properties.

INTRODUCTION TO ACID SULFATE ENVIRONMENTS
Mine drainage

The best known examples of acid sulfate waters are those released from mines where
coal and metallic sulfide ores have been exploited (Ash et al. 1951, Barton 1978,
Nordstrom 1982a, Rose and Cravotta 1998, Nordstrom and Alpers 1999). There may be
as many as 500,000 inactive or abandoned mine sites in the United States alone (Lyon et
al. 1993). Although most of these pose no immediate water-quality problem, Kleinmann
(1989) estimated that about 19,300 km of streams and more than 72,000 ha of lakes and
reservoirs have been seriously damaged by mine effluents. Contamination of natural
waters by mine drainage has killed enormous numbers of fish and other aquatic
organisms, destroyed natural vegetation, induced massive erosion and sedimentation,
caused widespread corrosion of bridge abutments, culverts, roads, and other structures,
and made many streams and lakes so turbid as to be unfit for recreational activities.

Most acid mine waters have pH values in the range of 2 to 4 (Nordstrom 1991,
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Plumlee et al. 1999). Acid mine drainage occurs when acid production exceeds the
buffering capacity of the host rock or the surrounding spoil and soil. In areas where
carbonate rocks are available to neutralize acidity, higher pH drainage may be common.
Cravotta et al. (1999), for example, reported a bimodal frequency distribution for the pH
of a large number of mine drainage waters from the eastern U.S. coal province (Fig. 1).
Most samples were either distinctly acidic (pH 2-4) or near neutral (pH 6-7), with
relatively few samples having pH values in the range of 4 to 6. A similar distribution is
apparent in the data of Plumlee et al. (1999). Neutralization promotes the removal of
Fe, Al, and other metals from solution but has a much less noticeable effect on the
concentrations of SOj.

Surface Coal-Mine Drainage

n=793

Figure 1. The pH of mine drainage
from 793 sites in the eastern U.S. coal
province showing a strong bimodal
distribution of acid mine drainage and
neutral to alkaline mine drainage.

(modified from Cravotta et al. 1999). _l_‘_‘i

Frequency

Precipitates of Fe, Al, and sometimes Mn provide a highly visible means of
identifying mine-impacted waters. Those precipitates composed primarily of Fe
compounds are yellow-to-red-to-brown in color and have long been referred to as
‘yellow boy”’ by North American miners. Acid mi ne waters rich in Al, on the other hand,
typically produce a milky-white precipitate that may be more abundant than is commonly
recognized because its color can be masked by associated Fe compounds. These chemical
precipitates are environmentally significant because they (1) add to the suspended
sediment and bed load of receiving streams, (2) decrease the effective life of wetlands,
limestone drains, and ponds constructed for mine drainage abatement, and (3) play a
major role in the binding and transport of toxic elements. There have been relatively few
quantitative measurements of deposition rates, and published results obviously vary with
the chemistry and hydrology of the drainage system. Letterman and Mitsch (1978)
observed particulate Fe accumulations of up to 3 g m?d'in a Pennsylvania stream
receiving mine dramage Typical Fe loading rates for constructed wetlands range from
0.4 to 250 g- mid”? (Brodle et al. 1988 Fennessy and Mitsch 1989). Kirby et al. (1999)
noted that a drainage of 10°L d” w1th an Fe concentration of 25 mg L™ will yield 17
tonnes of ‘Fe(OH)3” per year. The ability of these precipitates to scavenge metals and
oxyanions from solution has been documented in numerous studies (see Singh et al. 1997
for a recent review). This process is so efficient that most contaminant species are
transported in particulate form (e.g. Kimball et al. 1995) and any factor influencing the
stability of the colloidal precipitates (photoreduction, pH changes, and composition
changes) must also have an impact on the availability of sorbed trace elements
(McKnight et al. 1988, Fuller and Davis 1989).
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Residues from mineral extraction and ore processing

Mineral mining and processing usually result in the production of an extremely large
volume of unwanted material. For example, an average metal mine immediately rejects
42% of the total mined material as waste rock (spoil), 52% of the ore is separated at the
mill as tailings, 4% leaves the smelter as slag, and only 2% is retained as the commodity
for which the ore was extracted (Godin 1991). The unwanted by-products represent a
problem not just because of their volume, but because many of them contain chemically
reactive sulfide minerals that have a high potential for producing acid sulfate drainage.

Tailings contain large volumes of sand- and silt-sized particles and are usually
disposed of by slurry-pumping to an impoundment constructed close to the mill. As
mining progresses, the impoundment is commonly increased in height by the construction
of retaining dams. Elevated impoundments result in hydraulic loading and water-table
mounding so that the impoundments become areas of ground-water recharge unless the
impoundment areas are prepared with impermeable liners and dams are constructed from
low-conductivity materials. Maintaining water-table depth is a concern because oxygen
penetration can lead to accelerated sulfide oxidation and acid generation. Analyses of
pore waters in the vadose zone of several Canadian tailings impoundments have shown
high concentrations of Fe, Al and trace metals (Blowes and Jambor 1990, Blowes et al.
1998). Chemical discontinuities in the tailings may also give rise to cemented layers
or ‘hardpans” composed of a variety of solid phases. Hardpans or ‘ferricretes” have
formed naturally as well as in mining-impacted areas, commonly where an acid stream
reacts with oxygenated soil or sediments. At some sites, these precipitated layers have
suppressed the movement of oxygen and dissolved metals through the tailings and have
thereby moderated the environmental impact of sulfide oxidation (Blowes et al. 1991).

Waste-rock dumps and tailings impoundments have properties in common; however,
important differences also exist. Most waste-rock dumps usually have a much greater
height-to-base ratio and contain coarser materials than associated tailings deposits
(Ritchie 1994). Moreover, waste rock has not been subject to the processes of ore
beneficiation that typically include crushing, sizing, and concentration of the desired ore
mineral(s) through flotation, magnetic, and gravity processes. Waste-rock dumps are
frequently unsaturated systems, so the chemical environment is heterogeneous and wide
ranges in temperature, gas composition, and solution chemistry are common. The
oxidation of iron sulfides is the primary mechanism for generating pollution in both
tailings and waste rock environments, but drainage from the toe of a waste-rock dump
provides only an integrated estimate of processes occurring within the pile (Ritchie
1994). Pyrite and pyrrhotite oxidize by an exothermic reaction that can generate air
temperatures of 50 to 65° C in waste-rockpiles (Cathles 1994). Higher temperatures of
more than 220° C in underground massive sulfde mines (Wright 1906), and more than
530° C at nearly 300-m depth at the Mt. Is sulfide deposits, Australia, have been
documented (Ninteman 1978). Thermal gradients from heat generation cause convective
air flow which can then become an important oxygen-supply mechanism (Ritchie 1994).

Rock weathering

Sulfide oxidation occurs in the absence of mining or land disturbance and numerous
instances of naturally acidic waters containing high concentrations of sulfate and metals
have been documented (Runnells et al. 1992, Posey et al. 2000, Mast et al. 2000, Yager et
al. 2000). Other examples include streams (Theobald et al. 1963, Schwertmann et al.
1995) and lakes (Childs et al. 1997) receiving drainage from sulfide-bearing rocks, as
well as craters (Rowe et al. 1992), fumaroles, and hot springs in active geothermal areas
(Tkachenko and Zotov 1982). The H,SO, associated with volcanic activity may be
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derived by oxidation of magmatic gases (H,S and SO,) or elemental sulfur oxidation
(Nordstrom et al. 1997) rather than metal sulfides. Not all acid rock drainage is recent in
origin. For example, ancient deposits of ferricretes in the Rocky Mountains indicate that
the discharge of acidic, metal-bearing waters has occurred over thousands of years in
response to the weathering and oxidation of exposed sulfide ore bodies (Furniss et al.
1999). The ferricrete is cemented by iron oxyhydroxide and hydroxysulfate minerals and
occurs as aprons around acidic springs and as remnants of ancient stream terraces.

The existence of gossans and related ferricretes on Earth as aqueous weathering
products has been used as evidence for similar episodes of weathering on Mars under an
earlier climatic regime that was presumably both warmer and wetter (Burns 1988).
Spectroscopic analyses, coupled with data from the Viking and Pathfinder missions, have
provided much information about the surface materials on Mars (Morris et al. 2000). The
data suggest that many of the Martian bright regions are covered by ferricretes and fine-
grained ‘Soil” rich in sili cates and nanophase Fe minerals. The LANDER data (Clark et
al. 1982, Rieder et al. 1997) have also revealed relatively high concentrations of S (7%
SO3) in Martian soil as compared to local rocks (<1% SO3). Burns (1994) suggested that
permafrost exists beneath the martian regolith and that iron oxides and hydroxysulfates
were precipitated in equatorial regions of Mars where seepages of saline meltwaters were
once exposed to the atmosphere. These meltwaters are generally thought to have been
acidic (Clark and Van Hart 1981) and might therefore have been similar to acid sulfate
waters on Earth. The proposed iron hydroxysulfate precipitates also have spectral
characteristics comparable to those of terrestrial analogs that can be formed both
by biotic and abiotic processes (Bishop and Murad 1996). The possible existence of
water and biominerals on Mars has been used as a logical indicator of exobiology
(Bishop 1998).

Acid sulfate soils (cat clays)

Wet, sulfidic soils that become hyperacid with drainage have been recognized for
many years (Bloomfield and Coulter 1973, Van Mensvoort and Dent 1998). The famous
plant taxonomist, Linnaeus (1735), described argilla vitriolacea (clay with sulfuric acid)
in European swamps and developed a classification system for Dutch soils that included
argilla mixta fusca, vitriolica salsa (mixed brown clays with the taste of salts from
sulfuric acid). Areas of acid sulfate soils were produced by drainage of the great
Haarlemmermeer polder in 1852, and such areas came to be known as katteklei (cat clay)
(Pons 1973, Bloomfield 1972). ‘Cat” was used in the Dutch vernacular to indicate
harmful, mysterious qualities (Fanning and Burch 1997), and ‘tat clay” was associated
with the excrement of cats (Westerveld and van Holst 1973). Dent and Pons (1995)
succinctly described acid sulfate soils as ‘the nastiest soils in the world” and noted that
their evil reputation is derived from an unusual combination of properties, including odd
colors, foul odors, stunted vegetation, and rapid chemical deterioration following
drainage (Fig. 2). Modern drainage systems designed to reclaim swamps and wetlands to
exploit their anticipated fertility for agricultural production have, in some cases, laid
waste large areas underlain by sulfidic materials. Not only have local farmers suffered
from the development of acid sulfate conditions but water pollution and damage to
fisheries have also occurred over wide areas in some coastal regions. Ochre from the
oxidation products of acid sulfate weathering often reduces the capacity of drain lines
(Bloomfield 1972, Trafford et al. 1973, Fanning et al. 1993) and may inadvertently slow
the acidification process by halting efficient drainage.

Most acid sulfate soils have developed from sulfidic deposits accumulated under
mangroves and reedswamps in tidal areas where abundant organic matter and the
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Figure 2. Changes in pH and the concentrations of SO,* and Fe in the
pore-waters of a green-colored soil containing pyrite after exposure to
oxidation (modified from Trafford et al. 1973).

constant accretion of sulfate from seawater stimulate the activity of sulfate-reducing
bacteria to produce FeS and FeS,. Concentrations of up to 15 wt % FeS, have been
reported. Extensive areas of such sediments are found in Indonesia, Indochina, the
Guyanas, the Orinoco Delta, west Africa, and northern Australia (Dent and Pons 1995). It
has been estimated that there are some 12-14 million ha of soils in Holocene coastal
plains and tidal swamps where the topsoil is severely acid or will become so if drained
(van Breeman 1980). There may be twice this area of sulfidic materials covered by thin
veneers of alluvium or peat that could easily be removed through erosion or oxidation.
Some Holocene sediments have been drained naturally by isostatic rebound, tectonic
uplift, or through changes in delta distribution systems; however, most acid sulfate soils
are clearly the result of artificial drainage.

Unusual but significant areas of saline-sulfidic soils have formed in the rolling
uplands of South and West Australia in response to rising saline ground waters from the
extensive removal of native Eucalyptus forests over the past century (Fitzpatrick et al.
1992, 1996; Fitzpatrick and Self 1997). Waterlogging and the formation of sulfidic
materials occur during the wet winter months and are followed by oxidation and
acidification during the dry summer months. The result is a cancerous growth of barren,
red scalds across the landscape.

Much has been written about soil formation in mine spoils, rock tailings, and
dredged materials around the globe. Many of these constructed soils may qualify as acid
sulfate depending on the character of the waste material. Numerous studies have been
dedicated to halting the acidification process and modifying root-zone chemistry to
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enable the establishment of higher plants for erosion control and agronomic production.
Efforts include re-soiling with borrowed soil material, treatment with bactericides, and
the addition of alkaline amendments (agricultural limestone, alkaline coal-combustion
by-products, cement-kiln dusts) or organic wastes (yard waste compost, sewage sludge,
paper-mill sludge, etc.). The reader is referred to a comprehensive review by Barnhisel et
al. (2000) of current technology for managing disturbed lands.

Because of their ability to create extreme agricultural and environmental problems,
acid sulfate soils are given special recognition in many soil classification systems. Soils
containing sulfide minerals that can oxidize to form sulfuric acid under appropriate
conditions are commonly referred to, in the U.S., as potential acid sulfate soils (Fanning
and Burch 1997) or in Europe as “unripe”su Ifidic soils (Dent and Pons 1995). Active or
‘raw” acid sulfate soils are recognized by aci d drainage waters and by the appearance of
straw-yellow accumulations of jarosite in the soil profile (Schwertmann 1961, van
Breemen and Harmsen 1975, Cborn and Berggren 1995), both of which indicate active
oxidation of sulfides above the local ground water. Materials in which the sulfides have
been completely oxidized may be described as post-active or ‘ripe” acid sulfate soils.
Most of these soils have conspicuous red mottles and may still be very acid with high
concentrations of soluble Al.

FORMATION OF ACID SULFATE WATERS AND ASSOCIATED
WEATHERING PRODUCTS OF FE AND AL

Pyrite (cubic FeS,;) and pyrrhotite or other ferrous sulfide phases such as
chalcopyrite, arsenopyrite, greigite, and mackinawite are the most abundant Fe sulfide
minerals in nature, and their decomposition is essential to obtain the conditions and
products needed for the formation of iron and aluminum weathering compounds,
including hydroxysulfate minerals. Pyrrhotite and ferrous sulfide phases are more
reactive than pyrite (Bhatti et al. 1993, 1994; Jambor 1994). Reactivity, however, largely
depends on grain size. Field and laboratory studies have largely focused on pyrite
oxidation to understand the mechanism by which acid sulfate waters are generated. The
weathering of pyrite is commonly described by the single, incongruent reaction given in
Equation (1); however, this reaction is a gross oversimplification. As has been noted by
Nordstrom (1982a, 2000) and Nordstrom and Alpers (1999), pyrite decomposition is a
complex biogeochemical process involving hydration, hydrolysis, and oxidation reactions
as well as microbial catalysis. Oxidation rates are dependent on temperature, pH, Eh,
relative humidity, and the surface area of reactant pyrite.

FGSQ(aq) +3.75 Oz(g) +3.5 HQO(l) > FG(OH)3(S) +2 H2804(aq) (1)
(pyrite)
The Fe system

Reaction (1) demonstrates that oxygen and water provide the ultimate driving force
for pyrite oxidation, that both the sulfur and the ferrous iron in pyrite are subject to
oxidation, and that final products include an insoluble form of oxidized Fe and sulfuric
acid. However, the complexity of possible solid-phase weathering products represented
generically by Fe(OH); is not depicted. Nor does the reaction indicate the important role
of chemolithotrophic Fe- and S-oxidizing bacteria, the effect of the semi-conducting
pyrite surface on intermediate reactions, or the role of intermediate sulfoxyanions.

The best known of the chemoautotrophic bacteria catalyzing pyrite oxidation,
Thiobacillus ferrooxidans, oxidizes both Fe and S over the pH range 1.0 to 3.5.
Leptospirillum ferrooxidans, an Fe-oxidizer, is now thought to play an important role in
the oxidative dissolution of iron sulfide minerals at very low pH (Sand et al. 1992,
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Schrenk et al. 1998, Rawlings et al. 1999). A third species, Thiobacillus thiooxidans,
oxidizes S only. These acidophilic bacteria require only O,, CO,, a reduced form of Fe
and/or S, and minor N and P for their metabolism. They produce enzymes that catalyze
the oxidation reactions and use the energy released from these processes to transform
inorganic carbon into cellular material (Gould et al. 1994). A newly described Fe-
oxidizing Archaeon, Ferroplasma acidarmanus, has been found at Iron Mountain at
elevated temperatures (40° C) and low pH (.7, Edwards et al. 2000). Microbial diversity
probably enhances the oxidation of pyrite relative to that accomplished by a single
species.

The importance of bacterial oxidation becomes apparent when Reaction (1) is
considered as the composite of a sequence of reactions (Fig. 3). It is thought that pyrite
weathering is initiated by oxygen and water (Eqn. 1.1 of Fig. 3) because circumneutral
pH values are not conducive to the activity of acidophilic microorganisms; however, the
literature also indicates controversy regarding the role of bacteria in propagating this
reaction. In complex natural systems, it seems logical that an interplay of chemical and
biological processes may occur on a microscale (Nordstrom and Alpers 1999). Thus, it is
entirely possible that extremely acid conditions might develop adjacent to pyrite grain
surfaces before changes in pore water chemistry are detected. Under such conditions,
measurements of bulk-water chemistry are highly unlikely to reflect the chemistry at the
surface of the pyrite. It is also possible that neutrophilic Thiobacilli may catalyze the
initial stage of pyrite oxidation (Blowes et al. 1995, 1998).

Nordstrom and Alpers (1999) summarized available data from McKibben and

(1.1)

FeS, + O, + H,O — Fe 2+ + SO,2" + H-
- -

(pyrite) ’ ‘\\
+ O, (1.2) (1.3) | + FeS,
or bacteria
N /
g -
FelFelhydroxysulfate «—— Fe?+ + Fe3+ — Felloxyhydroxides
ARi (1.42) (1.41) o
(copiapite) l (e.g., goethite)
+ K
KFe'hydroxysulfate - & Felhydroxysulfate
. . (1.43) 1.44
(jarosite) ( ) (schwertmannite)
General Reaction: FeS, +3.50, + HyO ——# Fe(OH); + 250,42 + 4H*
Steps:  (1.1) FeS, + 3.50, + H,0 ——® Fe2+ + 280,2" + 2H"
(1.2) Fe?* 0.25 Oy + HY ——® Fe3* 4+ 0.5 H,0
(1.3) FeS, + 14Fe3* + 8H,0 —— 15 Fe2+ 4 250,2 + 16H*
(1.4) Fed* + 3H,0 —— Fe(OH)4 + 3H*
(1.41) Fe3* + 2H,0 —# FeOOH + 3H"
(1.42) 4Fed+ & Fo2+ 4 650,42 4+ 22H,0 — = Fellre,(S0,4) 4 (OH), 20H,0 + 2H*
(1.43) 3Fe3* 4+ K* 428042 + 6H,0——# KFeyl(50,4),(OH)g + 6H*
(1.44) gFe3* 4+ 5042 + 14H,0 —— —# FegOg(OH)g(S04) + 22H*

Figure 3. Schematic diagram showing the “steps”in pyrite oxidation and possible secondary Fe
minerals that may form as weathering products (modified from Rose and Cravotta 1998).
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Barnes (1986) and Olson (1991) for abiotic vs. microbial rates of pyrite oxidation under
comparable conditions and concluded that the rates are similar at about 10™ mol mZs
As suggested by these units, oxidation rates are dependent on the surface area of pyrite
exposed to solution as well as the crystallinity and structure of the pyrite surface
(McKibben and Barnes 1986). The high surface area of the raspberry-like clusters of
pyrite grains (framboidal pyrite) found in many sedimentary rocks at least partly accounts
for their observed reactivity (Carrucio 1975). Hammack et al. (1988) observed that
sedimentary pyrite was more reactive than could be explained by surface area alone, and
suggested that the cause was a difference in crystal structure or the frequency of surface
defects.

The S moiety in pyrite oxidizes more ﬂuickly than Fe giving rise to aqueous
solutions enriched with SO42', H+, and Fe’' Intermediate sulfoxyanions of lower
oxidation state, such as sulfite (SO32'), thiosulfate (S,03 ), and polythionates (Sn062'),
may also form but are subject to rapid oxidation by pyrite (Xu and Schoonen 1995), ferric
iron (Williamson and Rimstidt 1993), or biodegradation (Luther 1990, Gould et al. 19943).
A summary of the current research on the catalytic effect of the pyrite surface and of Fe”
on intermediate sulfoxyanions (thiosulfate, polythionates, sulfite) formed during pyrite
oxidation can be found in Nordstrom (2000). Several studies have confirmed that these
highly efficient catalysts rapidly degrade intermediate sulfoxyanions to sulfate and that
these species are not likely to be detected in acid mine waters.

Ferrous iron released in the initial stage of pyrite decomposition is also subject to
oxidation (Eqn. 1.2 of Fig. 3). It is well known that the abiotic oxidation of Fe** proceeds
rapidly above pH 4 and that the rate is pH dependent (Fig. 4). At lower pH values, the
rate becomes very slow and is inde?endent of pH. Singer and Stumm (1968), for
example, calculated a rate of 2.7 x 10 mol L' s at pH values below 4. They found that
acidophilic, Fe-oxidizing bacteria increased the oxidation rate by 10° to about 3 x 107
mol L™ sec™ (Singer and Stumm 1970). The importance of this difference in reaction
rates at low pH is related to the fact that dissolved Fe’* rapidly oxidizes pyrite according
to the stoichiometry shown in Equation 1.3 of Figure 3. The reaction is considerably
faster than when oxygen is the oxidant (Fig. 4); however, significant concentrations of
Fe** only occur at low pH due to the low solubility of hydrolyzed ferric iron at pH > 4.
Without active bacterial populations to ensure the production of Fe3+, the process of
pyrite oxidation would proceed very slowly because the abiotic rate of F e*" oxidation at
low pH is substantially slower than the rate of pyrite oxidation by Fe’ (Fig. 4). For this

2

FeS, oxid. by Fe3+ Fe2+ oxid.

I 3 (abiotic)
|
| Eq. 1.3
Eq. 1.2
2 v . .
el _ Figure 4. Comparison of rate constants for
E | Fe2: D*Idl- pyrite oxidation by O, (Eqn. 1.1 in Fig. 3)
> 5] e and Fe'" (Eqn. 1.3 in Fig. 3) and the abiotic
fe. | . (Egn. 1.2 in Fig. 3) and biotic oxidation of
b bl Fe’" (modified from Nordstrom 1982a).
~-
-5 | I ]
0 2 4 6 8 10
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reason, Equation (1.2) of Figure 3 has frequently been described as the rate-limiting step
in pyrite oxidation (Singer and Stumm 1970). When pyrite oxidation reaches an advanced
stage, Fe is aggresswely cycled between reduced and oxidized forms as a result of pyrite
oxidation by Fe’" and bacterial oxidation of Fe’ (Flg 3) (Kleinmann et al. 1981). The
system approaches a steady state unless pyrite is consumed or the cycle of Fe oxidation-
reduction is somehow broken.

Natural systems are ‘leaky” and Fe is eventu ally released to the environment either
in reduced or oxidized form depending on the local pH and Eh. Equation (1.4) of Figure 3
suggests that the final repository for Fe is as an insoluble form of iron oxide or
oxyhydroxide. Equation (1.4) does not reflect the multitude of possible intermediates that
may be produced (Table 1; Alpers et al 1994). For example, soluble iron-sulfate minerals
may precipitate directly from acid sulfate waters in virtually all climates during dry
periods, especially at the interface between saturated and unsaturated zones, at which
evaporation leads to an accumulation of dissolved species (Eqn. 1.1 of Fig. 3). As these
waters become progressively more concentrated, salts accumulate in surface
efflorescences reminiscent of those formed in closed drainage basins in arid
environments. Melanterite (FeSOy4-7H,0), rozenite (FeSO4-4H,0), and szomolnokite
(FeSO4-H,0) are probably the most common of the efflorescent Fe sulfate minerals. With
partlal ox1dat10n they may be converted to soluble hydroxysulfates such as copiapite
[Fe (Fe )4(SO4)6(OH)2 20H,0]. Copiapite may also precipitate directly from acid sulfate

Table 1. Selected sulfates and hydroxysulfates of Fe and Al

Fe Mineral Formula Al Mineral Formula
Soluble
melanterite Fe''SO, 7HO
siderotil Fe"SO, S5HO
rozenite Fe''SO, 4HO
szomolnokite Fe;SO4 HO
copiapite Fe'Fe,"'(SO4)s(OH),» 20HO aluminocopiapite ~ AlysFe™4(SO4)s(OH),: 20HO
rémerite Fe"Fe,"'(SO,), 14HO halotrichite Fe"AL(SO4), 22HO
coquimbite Fe,"'(SO,);+ 9HO pickeringite MgAl,(SO,)s 22HO
rhomboclase (H;0)Fe"'(SO,)," 3HO alunogen Al(SOy4); 17HO
fibroferrite Fe'"(SO,)(OH): 5HO jurbanite Al(SO4)(OH): 5HO
amarantite Fe'"'(SO,)(OH): 3HO
butlerite Fe'"'(SO,)(OH): 2HO
Less Soluble
jarosite KFe;"(SO4),(OH), alunite KAI3(SO4)2(0OH),
natrojarosite NaFe;"(SO4),(OH)g natroalunite NaAl3(SO4),(OH)
hydronium (H30)Fe;"'(SO4),(OH),
jarosite
schwertmannite  Feg" Og(SO4)(OH)s basaluminite Al,(SO,)(OH),- 4HO

aluminite Al(SO,)(OH); 7HO
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waters as suggested by Equation (1.42) of Figure 3; however, there appears to be little
field evidence for this mechanism of formation (Jambor et al., this volume). Rapid
dissolution of accumulated soluble salts during subsequent rainfall events may release
stored acidity and produce major ‘pulses” of contaminants, often with severe
consequences for downstream ecosystems.

As the Fe in acid sulfate waters becomes fully oxidized, it eventually reaches
saturation with respect to a variety of less soluble oxides, oxyhydroxides, and
hydroxysulfate minerals that comprise the ochreous precipitates found in many streams
and lakes impacted by mine drainage. The hydrolysis reactions giving rise to these
minerals generate additional acidity (Eqns. 1.41-1.44 of Fig. 3) and are often responsible
for suppressing the pH even after acid sulfate solutions are mixed with waters of higher
alkalinity. The most common oxides and oxyhydroxides include goethite (a-FeOOH),
lepidocrocite (y-FeOOH) and ferrihydrite (nominally FesHOg-H,0), each of which seems
to occupy a specific geochemical niche (Bigham 1994). A comprehensive treatment of
the structure, properties, and occurrence of these minerals was reported by Cornell and
Schwertmann (1996) and Jambor and Dutrizac (1998).

Jarosite, [K,H30,Na]Fe;(SO4),(OH)g (Eqn. 1.43), is a straw-yellow mineral that is
common in the weathered zone of sulfide ore deposits and in acid sulfate soils.
Speciation-saturation analyses of low-pH surface waters high in sulfate commonly
indicate supersaturation with respect to this mineral (e.g. Chapman et al. 1983, Filipek et
al. 1987). Supersaturation and the infrequent detection of jarosite suggest that kinetic
barriers may prevent its rapid precipitation from most surface waters. More details
concerning the properties and geochemistry of the jarosite-group minerals are presented
by Dutrizac and Jambor (this volume) and by Stoffregen et al. (this volume).
Schwertmannite [FegOg(OH)sSO4] is a less soluble hydroxysulfate mineral that is a much
more common phase than jarosite in ochre deposits from acid sulfate solutions. Later
sections of this chapter include descriptions of schwertmannite and its Al analog(s).

The Al system

The primary source of soluble Al in acid sulfate waters is the same as in most natural
weathering environments, namely, various aluminosilicates that are subject to proton
attack and dissolution as typified by Reaction (2) for K-feldspar:

KAISi30g(5) + 4 H' (2 + 4 HyOp) <> Al (o + 3 Si(OH), e + K ag) )
(K-feldspar)

Such minerals occur in spoil and tailing deposits as gangue material and also comprise
the matrix of most soils and sediments. The release of Al and Si from host
aluminosilicates is not directly mediated by bacterial processes; however, leaching
studies of ore samples have shown that rates are clearly enhanced in inoculated
specimens due to the accelerated generation of sulfuric acid by microbially-mediated
pyrite oxidation (Bhatti et al. 1994) (Fig. 5).

Because monosilicic acid (Reaction 2) is a very weak acid, it can be removed from
the system by simple leaching. The Al component, on the other hand, is usually
conserved as a solid phase through the formation of gibbsite or kaolinite.

KAISi;0g(s) + H'(aq) + 7 H2O() > AI(OH)3(5) + 3 Si(OH)s’gq) + K (ag) (3)
(gibbsite)
KAISi3Og(S) + H+(aq) +4.5 HZO(I) 0.5 A1(21<812105(())H)4(S) +2 Si(OH)4O(aq) + K+(aq) (4)
aolinite

Due to Reactions (3) and (4), the concentration of dissolved Al in most natural
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waters is low (10'5 to 10 M) so long as the pH is near neutral and the concentration of
strong complexing agents, such as organic acids, is not significant (Nordstrom 1982b). In
most acid systems, such as highly weathered soils, the activity of soluble Al is controlled
by the solubilities of gibbsite and kaolinite. In acid sulfate waters, however, the
geochemistry of Al is significantly modified by sulfate so that gibbsite and kaolinite
are probably not the most stable phases. Instead, a variety of soluble sulfate and
insoluble hydoxysulfate minerals may form. Studies of efflorescences from coal
deposits and dumps have identified halotrichite ][FeHAlz(SO4)4-22HZO], pickeringtite
[MgAl,(SO4)4-22H,0], aluminocopiapite [AlysFe' 4(SO4)s(OH),-20H,0], and alunogen
[Aly(SO4);3-17H,0] as common alteration products from pyrite oxidation (Zodrow and
McCandlish 1978) (Table 1). When acid sulfate solutions containing dissolved Al are
mixed with waters of higher pH, or are buffered to higher pH by carbonate minerals,
insoluble hydroxysulfates form by reactions analagous to those in the Fe' system
(Reactions 5 and 6).

3 AP (g + K ag + 2 S04 (g + 6 HyOy <> KAI3(SO4)2(OH)s)+ 6 H oy (5)
(alunite)

4 AP i+ SO4” (ag + 14 HyOy > Aly(SO4)(OH)9-4H,0() + 10 H' 5y (6)

(basaluminite)

Alunite has been observed in naturally acidic, hypersaline lakes (Alpers et al. 1992,
Long et al. 1992), and it is commonly found in volcanic regions where hydrothermal
alteration has occurred (Hemley et al. 1969, Raymahashay 1968). Alunite does not
appear to be a major component of the white precipitates that are formed at some
localities by mixing and dilution of acid sulfate waters at low temperature (e.g. Theobald
et al. 1963) but it has been found in a mixing zone at Doughty Springs, Colorado
(Nordstrom et al. 1984). Most aluminous precipitates have the composition of
basaluminite (Nordstrom et al. 1984, Alpers et al. 1994) but are very poorly crystalline so
that structural details are lacking. The precipitates, however, do not form unless the pH is
nearly 5.0 or higher because the pK; for Al hydrolysis is 5.0 (Nordstrom and May 1996).
For pH values much less than 5.0, dissolved Al behaves as a conservative constituent,
whereas above a pH of 5.0 Al becomes highly insoluble and maintains an apparent
solubility corresponding to that of microcrystalline to amorphous gibbsite in surface
water (Nordstrom and Ball 1986, Nordstrom and Alpers 1999) even though the
precipitate is an apparently amorphous basaluminite.
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FE AND AL HYDROXYSULFATES OF LOW CRYSTALLINITY
Schwertmannite [FegOg(OH)gSO,4-nH,0]

Schwertmannite, first described from an occurrence at Pyhd salmi, Finland (Bigham
et al. 1994), is probably the most common direct precipitate of Fe from acid sulfate
waters in the pH range of 2 to 4 (Bigham et al. 1992); however, its existence has been
viewed with caution because it is poorly crystalline, is metastable, and is commonly
admixed with other nanophase Fe minerals. The mineralogical history of schwertmannite
is interesting and reflects the difficulties encountered when attempting to define the
properties of materials with short-range structural order (Murad et al. 1994). A brief
summary follows.

Mineralogical history. E.F. Glocker (1853) published a report characterizing a ‘hew
ferric sinter” that was rich in sulfate and derived from dripstones in the medieval Alt-
Hackelsberg silver and gold mine near Zlat¢ Hory, The Czech Republic. The morphology
of the dripstones, some reaching over 1 m in length, was described in a succeeding paper
(Glocker 1858). Glocker (1853) suggested the material was a new hydrous ferric sulfate,
and it was subsequently named glockerite by Naumann (1855). Cornu (1909) expressed
the view that glockerlte was not a new mineral but rather limonite with adsorbed sulfate.
Glockerite was given the approximate formula Fe4 (SO4)(OH)10 1-3H,0 by Palache et
al. (1951). Fojt (1975) revisited the type location identified by Glocker, photographed the
dripstones, and obtained new samples for chemical and mineralogical analysis. He noted
that the dripstones always originated from portions of the ore that were rich in pyrite and
that the infiltrating water was strongly acid (pH 1.5-4.5). Chemical analyses of five
samples yielded Fe/S ratios in the range of 5.4 to 8.2 and infrared spectra showed clear
evidence of SO, absorption features. X-ray diffraction patterns gave no measurable
peaks, but thermal analyses produced an exothermic effect thought to indicate
recrystallization of lepidocrocite to maghemite. Fojt (1975) concluded that glockerite was
cryptocrystalline lepidocrocite with variable amounts of water and ‘unstable” sulfate
content, and the name glockerite was discredited by the IMA. At about the same time,
Margulis et al. (1975, 1976) prepared and characterized an “amorphous” basic sulfate by
the hydrolytic precipitation of Fe'' from the Fe (SO4);—KOH-H,0 system at various
temperatures. The amorphous precipitate had the approximate composition
2Fe,053-SO5-nH,0 and, depending on the synthesis conditions, was associated with
jarosite or goethite. Its thermal and infrared properties were similar to those reported by
Fojt (1975). Flynn (1990) prepared a ‘dense amorphous basic ferric sulfate,” or DABS,
by neutralizing a ferric sulfate solution with a sodium bicarbonate solution. He found that
the material, when carefully washed, gave a consistent formula of Fe4(OH);(SO4-2-3H,0
and converted to goethite in 8 to 12 days at 25° C. He observed, like Bigham et al.
(1996b) when dissolving schwertmannite, that Fe(lll) concentrations first increased then
decreased during the conversion to goethite. Spectroscopic data, however, were either
lacking or inadequate to further characterize this material.

Lazaroff et al. (1982, 1985) conducted infrared (IR) and scanning electron micro-
scope (SEM) studies of ferruginous sediments that had formed through the oxidation of
acid, ferrous sulfate solutions by resting suspensions of T. ferrooxidans in the laboratory.
Jarosites were produced when the FeSO, solutions contained Na, K, or NH4 and an
excess of sulfate at pH 2.5. Without these cations, an ‘amorphous” ferric hydroxysulfate
was produced that was indistinguishable from precipitates collected from acid mine
waters. Mdsbauer analyses of similar synthetic precipitates led Murad (1988a) to
conclude that the “amorphous” material was a well-crystallized ferrihydrite. Brady et al.
(1986) studied the mineralogy of an ochreous sediment isolated from a stream receiving
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acid mine drainage and determined that it consisted of nanophase goethite and another
poorly crystalline phase that yielded an X-ray diffraction profile with characteristics of
both ferrihydrite and feroxyhite (8’-FeOOH). Precipitates from other localities were
collected and characterized (Bigham et al. 1990), and data from the purest specimens of
this “mine drainage mineral” were used to support the recognition of schwertmannite as a

new mineral. The proposal was submitted without knowledge of the prior work by
Glocker (1853, 1858) or Fojt (1975) which had been responsible for the recognition and
discrediting, respectively, of glockerite as a mineral. Eventually, samples of ‘glockerite”
were obtained, matched with schwertmannite, and the historical record was clarified
(Schwertmann and Fojt 1996). Schwertmannite now stands as the accepted name for this
poorly crystalline ferric hydroxysulfate.

Geochemical history. A multitude of laboratory studies have made some form of
ferric hydroxide or hydrous ferric oxide (HFO) by numerous pathways (see Fox 1988a).
A few of these are worth mentioning because they have a bearing on the formation of
minerals such as schwertmannite. The first definitive chemical study on the solubility and
stability relations of Fe hydroxysulfate minerals, for a range of sulfuric acid
concentrations, was the classic paper of Posnjak and Merwin (1922). The solubility data
in this study were for more soluble salts than schwertmannite and temperatures of 60° C
and higher, but a supplemental report (Merwin and Posnjak 1937) made some
extrapolations to 30° C. One of the first studies to clarify the solubility of freshly
precipitated HFO was reported by Biedermann and Schlndler (1957). They showed that a
goethite equlhbrlum solubility behavior is obeyed (Fe “/H" = 173) if ferric perchlorate
solutions are used in a constant ionic medium of 3 M NaClO4 and the precipitates are
allowed to age for about 200 hours. When a NaCl medium of 0.5 M ionic strength is
used, the goethite dissolution stoichiometry is not obeyed and a precipitate of
composition Fe(OH),;Cly3 is formed (Biedermann and Chow 1966). Matijevic and
Janauer (1966) noted the complexities of Fe colloid formation and were able to produce
very uniform colloids of hydronium and other jarosites at 98° C (Matjevic et al. 1975).
Several titration studies involving the hydrolysis of soluble Fe(lll) salts indicated the
incorporation of chloride into Fe(lll) colloids (Feitknecht et al. 1973, Dousma and de
Bruyn 1976, Dousma et al. 1978, 1979). Dousma and his colleagues titrated acid Fe(ll)
solutions with base and noted incorporation of anions into the precipitating phase when
chloride, nitrate, or sulfate medium was used. Fox (1988a) recognized the change in the
stoichiometry of precipitated HFO when chloride and nitrate media were used and
derived a more appropriate stoichiometry of Fe(OH), 35 with the remainder of the charge
balanced by chloride or nitrate or phosphate. He used this hypothesis to examine iron
colloids in a river system and demonstrated its applicability (Fox 1988b, 1989).

Byrne and Luo (2000) have re-evaluated this issue by using a sensitive potentio-
metric technique similar to that employed by Biedermann and Chow (1966) to measure
the stoichiometry for the HFO precipitation reaction over a wide pH range (3-7.5). It was
concluded that, for the reaction:

Fe(OH),”™ +nH" <> Fe’" +nH,0 (7)
the solubility product constant should be

K'so = [Fe[HTT280 = 1042 ®)
or in log form

log [Fe’] = 4.28(+0.05) — 2.86(0.009) pH (9)
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Biedermann and Schindler (1957) reported
log [Fe**] = 3.96(+0.10) — 3.0 pH (10)

The range of log K, values reported by Nordstrom et al. (1990) for ferrihydrite solubility
range from 3.0 to 5.0 based on several other reported literature studies. These results and
their implications for natural systems are discussed further in the section of this chapter
that deals with geochemical controls on mineral formation.

Properties. Schwertmannite usually occurs in mixtures with other minerals that
range from poorly crystalline (ferrihydrite) to moderately crystalline (goethite, lepido-
crocite) to well crystalline (jarosite). Its presence in such mixtures complicates the
processes of identification and characterization. The objective of this discussion is to
define the properties of schwertmannite and to compare them with those of coexisting
phases (Table 2).

Schwertmannite has the ideal formula FegOg(OH)sSO4-nH,O, which implies an Fe/S
molar ratio of 8 and a composition that is intermediate between those of jarosite (Fe/S =
1.5) and the common iron oxides (no S) with which it is generally associated. In fact, the
sulfate content is somewhat variable, and natural samples are best described by the
formula FegOg(OH)g.2x(SO4)x-NH,O where 1 < x < 1.75 and Fe/S ranges from 8§ to 4.6
(Bigham et al. 1996b). Slightly higher sulfate contents were recently reported for Korean
samples (Yu et al. 1999). Available chemical data for both natural and synthetic
schwertmannite are summarized in Table 3. The sulfate in schwertmannite may be partly
or fully substituted by anions such as selenate, arsenate, and nitrate when co-precipitated
(Waychunas et al. 1995). Therefore, sulfate deficient specimens and sulfate-free analogs
are possible. Ferrihydrite can sorb enough sulfate to approximate the composition found
for schwertmannite (Smith 1991), making it difficult to distinguish between HFO with
sorbed sulfate and schwertmannite. Barham (1997) has suggested that the sulfate in
schwertmannite can also be replaced through exchange reactions by equilibrating
specimens with solutions containing other anions such as carbonate, oxalate, and
chromate. These studies confirm that the exact character of sulfate in schwertmannite
needs further investigation.

Synthesis studies have indicated that schwertmannite may have a structure similar to
that of akaganéite, B -FeO(OH);4Cly (nominally B -FeOOH), which is composed of
double chains of FeO3(OH); octahedra sharing corners to produce square tunnels
extending parallel to the c axis (Bigham et al. 1990). The tunnels are actually a series of
adjoining cavities created by framework oxygens/hydroxyls. In akagané ite, the structure
is stabilized by CI" or F" or OH occupying every second cavity (Childs et al. 1980), and it
has been suggested that sulfate could play a similar role in schwertmannite. Because of
size restrictions, sulfate ions could not occupy structural cavities without sharing the
oxygen atoms with surrounding Fe atoms and without severe distortion of the structure.
Although distortion is consistent with the poor crystallinity of schwertmannite, this model
deserves further testing.

Perhaps the best physical evidence for structural sulfate in schwertmannite has been
obtained from >'Fe Missbauer analyses (Murad et al. 1990). These data show the Fe in
schwertmannite to be exclusively trivalent and in octahedral coordination. The mineral
has a Ne¢l temperature (temperature of transition from paramagnetic to ferrimagnetic
behavior) of 75+5 K and a saturation magnetic hyperfine field of about 45.5 T. The
former is intermediate to the Neé 1 tempematures of commonly associated iron oxides and
jarosite, and the magnetic hyperfine field is lower by about 1 T than those of even the
most poorly crystalline ferrihydrite (Table 2). Presumably, the sulfate in schwertmannite



365

Iron- and Aluminum-Hydroxysulfate Minerals

amyeradwe) Sunyoolq | o0 Aew suonnjos prjos 1o dysorel wnruoIpAy ‘aysorefoneu ynq ‘dysorel 0y oyyroads are paysiy sansadoig 1

(8961) ‘Ie 30 oueye L

(6861) 10]Ke ], pue UUBUIMYOS
(z661) MoEmmg J pue uuewIdOMYOS

(£661) uuew MY
(SL61) T8 10 s1oMOg
(¥661) 'T& 30 peInjy

(8861) ‘Ie 30 peny

(8861) peanjy

(€661) “Te 30 Suruueg

(6861) UUAT pue Jdu0(
(z661) Te 10 weysig
(0661) Te 10 weystg

‘woyy uyey vre( |
0LY v'Sh 005 - S9p 09t 90 TV

'Sy > 0°0S MLL
8¢ M S6¢
e (1) Py
ouryaadAy onougeN

OW@ .Qm EDQHOXO = .Km

08S - 0vS "xXd 00S - 0L€ 'Xd ULRyopus = "uy
008 - OFL ‘SLY "ud 00€ - 001 ug 0S1 'ug 0S€ - 00€ 'ug 00t - 08T 'ug Q,) $1wasd V1d
09-SS SL [pSTI-8C LL 00¥ (1) “dwa (99N
LY “S6¥ ‘8T9 S19°089 “SL6 €L (1-wo) spueq
‘€00T ‘080T ‘ISTT  ‘SSOT ‘STIT ‘SLIIT IIN 9701 ‘1911 L6L 068 a1 Jofey
80°¢ 1S'T°99°T '8T'T LY'TELT°L6'T LE6'T “LY'T 69'C  (y) ssuneds X
‘TI'E60°S ‘6S'T6E°€ 98 YTTYST 67°€ ‘979 SPT8I'Y OSUSIUI JSON[
@oomu .Hoom (_oom ou‘.eo.boz ou‘.eoﬁoz \ﬁﬁ\::ﬁm\CU
QESOOUSOmm QoEmsouam ﬁmoiusmm mﬁwd w@oh ﬁonm o&mam ﬁ.ﬁm\CU
(AS - ASD) (AS'T-¥A0D) (JAS'L - MAS) (JAS'L-dAS) (JAOT - YAS'L) (enH)
Bo:o% mens 30:0 A QBO&&-QEU@@M owﬁmuo QBO(R_-:EBO__@ A .HoﬁoO

LOE =90 °0€=9o
9I°LT =9 09 =9 r'6="2 vSTI =9 956'6=19

6TL =¢ 9901 ="® g0g="¢ 88°¢c =¢® 809t =t () suorsuswip [[3)
[euo3exoy [euodenay, [euo3L], SIQUOYIOYIIO) SIqQUOYIOYIQ wSAS [BISA1)
(r0S)°(HO)RAN  (HO)(POS)P0%4d OHPp+30H 2 ~ HOO?d-4 HOO?4-0 ‘e[nuLI0,] [89P]
jousoref QIUUBUIOMYDS QJLIPAYLLID oyoooopido AIYIo0DH) :QWIRN [RIQUIIA]

"SOIYO() ATLUIEI(] AUIJA UT PAISJUNOIUT | S[EISUIA JO sdntadold *Z AIqeL,



366 Bigham & Nordstrom

Table 3. Chemical composition of natural and synthetic schwertmannites.

Element ) ) ©) (4) () (6) I

Fe,0; (%) 62.6 60.4-61.5 61.3-647 61.2-66.7 673 58.3-66.5 673 065.6
SO3(%) 12.7 7.4-9.0 11.5-12.9 8.2-11.5 147 10.1-11.3 147 10.2
H,O0+ (%) 23.1 17.2 18.1-20.3  21.8-27.4  20.7 ? 20.7  23.8
Fe/S 4.9 6.7-8.3 4.7-5.4 54-8.2 4.6 5.2-6.6 4.6 6.4

Type specimen, sample Py-4 from Finnish mine drainage (Bigham et al. 1994).

Samples Y1 and Y3b from Finnish mine drainage (Bigham et al. 1990).

Samples Bt-4, La-1, and Nb-1 from Ohio mine drainage (Bigham et al. 1990).

Five samples from Czech dripstone (Fojt 1975).

Sample PI3 from Korean mine drainage (Yu et al. 1999).

Samples MG1118 and DP4226 from Japanese lake sediments (Childs et al. 1998).

. Synthetic sample Z510b formed by bacterial oxidation of ferrous sulfate (Bigham et al. 1990).
. Synthetic sample B-2000s formed by hydrolysis of ferric nitrate in the presence of sulfate
(Bigham et al. 1990).

R N

inhibits magnetic exchange interactions between neighboring Fe atoms and is therefore
responsible for the low ordering temperature and magnetic field. Spectra from both
paramagnetic and magnetically ordered schwertmannite are asymmetric (Fig. 6),
indicating multiple environments for Fe'" that could also reflect incorporation of SO, into
the structure.

Schwertmannite is readily soluble in acidic (pH 3.0) solutions of ammonium oxalate
(Brady et al. 1986) through a reaction that is catalyzed both by light (De Endredy 1963)
and the presence of Fe’ " (Fischer 1972). This reagent has been widely employed for the
selective dissolution of poorly crystalline Fe oxides (e.g. ferrihydrite) in soils by a 2- to
4-h extraction in the dark (Schwertmann 1964), and recent studies (Dold 1999) suggest
that it may be equally efficient for partitioning schwertmannite from associated minerals
of higher crystallinity in mine spoils and sediments. Studies of schwertmannite
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dissolution kinetics in 0.1 M HCI (Bigham et al. 1990) showed that about 15% of the total
SO, was immediately released and was probably derived from surface sites. Half-reaction
times for the remaining Fe and SO4 were similar and indicated congruent dissolution of
the bulk sample.

The thermal decomposition of schwertmannite yields a low-temperature endotherm
between 100 and 300° C (Table 2) that is assocated with a weight loss of 15 to 20% and
is probably caused by the vaporization of sorbed water as well as structural OH/H,O.
This event is followed by an exotherm at 540-580° C that immediately gives way to a
second endotherm at about 680° C. The exothermc event coincides with the formation of
Fe,(SO4); and may or may not be apparent in natural samples. The final endotherm can
be attributed to the decomposition of Fe,(SOy4); to form hematite (a-Fe,O3) with release
of SOj;. Volatilization of the latter produces a weight loss of 6 to 12%. The thermal
characteristics of jarosite are similar except that the vaporization of structural hydroxyls
occurs at a higher temperature (400-500° C) and the weight loss due to SQ evolution is
greater (see Dutrizac and Jambor, this volume).

The infrared profile of schwertmannite has been examined in considerable detail
(Lazaroff et al. 1985, Bigham et al. 1990, Bishop and Murad 1996) and is characterized
by absorption features reflective of its composition. Four sulfate vibrational modes are
possible. These modes and their approximate frequencies are v; (symmetric stretch) at
983 cm’' , Ly (symmetric bend) at 450 cm™ , U3 (asymmetric stretch) at 1105 cm 1 and L4
(asymmetrlc bend) at 611 cm’ (Ross 1974) When the sulfate group exhibits symmetry
lower than Td (isolated, tetrahedral SO42) the v,, L3, and v, sulfate bending vibrations
may be split into multiple vibrations. A typical schwertmannite spectrum (Table 2)
exhibits a strong but degenerate vz vibration near 1100 cm ! with shoulders at about 1050
and 1170 cm™ , a medium strength v, vibration at about 610 cm ! ;3 medium strength v,
vibration at 980 cm” and a probable, weak v, vibration at 465 cm . Additional features
in the schwertmannite spectrum at about 850 and 700 cm’ ' have been assigned to OH
bending vibrations (Bishop and Murad 1996).

The color of schwertmannite is intermediate to those of goethite and jarosite (Table
2), and a recent study by Swayze et al. (2000) has suggested that the reflectance spectra
of iron-bearing secondary minerals may provide a useful tool for mapping acidic mine
wastes. Diffuse reflectance spectroscopy in the visible (400-700 nm) and extended visible
range (400-1200 nm) has also been employed to identify secondary iron minerals in soils
and sediments. Because of overlapping crystal-field band positions, it seems unlikely that
this technique can be used to discriminate goethite, lepidocrocite, and schwertmannite
(Scheinost et al. 1998). Visible color identification is inadequate to determine schwert-
mannite in the field because of high color variability and similar average colors to other
hydrous Fe oxide minerals (Scheinost and Schwertmann 1999).

The crystal morphology of most minerals is variable and is not a reliable tool for
identification purposes. This conclusion is particularly true of nanophase materials.
Schwertmannite particles, by contrast, usually occur as fine needles that coalesce to form
rounded aggregates that are 200 to 500 nm in diameter with electron-dense interiors (Fig.
7). This unique ‘pin-cushion” morphology is commonly observed in loose precipitates of
both synthetic and natural samples but may not be apparent when materials are taken
from consolidated sediments or surface crusts. The morphology of schwertmannite
particles typically contrasts with those of associated jarosite or Fe- oxyhydroxides
Moreover, the morphology is responsible for high specific surface areas in the range of
100-200 m”/ g and should enhance the reactivity of schwertmannite in the environment.

The poor crystallinity of schwertmannite places limitations on the utility of
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Figure 7. Transmission electron microscopy (TEM) photomicrograph of synthetic schwertmannite.

conventional X-ray diffraction (XRD) analysis, but the mineral has a unique XRD profile
that can be readily distinguished from those of associated minerals if specimens are
reasonably pure (Fig. 8). The powder diffraction pattern of schwertmannite consists of
eight broad peaks for d > 1.4 A and is perhaps most easily confused with that of well
crystallized (6-line) ferrihydrite. The strongest peak for both minerals occurs at about
2.54 A but that of schwertmannite is characte ristically more symmetrical. Both minerals
exhibit reflections at 1.51 and 1.46 A but the intensity rati os are reversed. The 1.64 A
peak of schwertmannite is significantly displaced from that at 1.72 A for ferrihydrite.
Also, schwertmannite exhibits two additional reflections at about 3.31 and 4.95 A The
detection of schwertmannite in mixed assemblage with other minerals may be difficult
because of its poor crystallinity. When admixed with well crystalline minerals, such as
jarosite, schwertmannite may be overlooked because its diffraction peaks become ‘lost”
as background noise. Even when coarse-grained minerals are excluded, the diffraction
patterns from mixtures may be difficult to evaluate. In such cases, the technique of
differential X-ray diffraction, DXRD (Schulze 1981), may enable schwertmannite to be
detected. For example, Figure 9 shows XRD patterns from a mine-drainage ochre before
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Figure 8. X-ray powder diffraction patterns for schwertmannite and commonly associated
minerals; d values are in A

and after a 15-min extraction with acid ammonium oxalate that left a residue of goethite
and silicate minerals. Subtraction of the residue diffraction pattern from that of the
original sample yields the diffraction profile of the component dissolved by acid
ammonium oxalate. In this case, the pattern of schwertmannite is clearly recognizable.

Hydroxysulfates of Al

Several Al hydroxysulfates of poor crystallinity and low solubility are known to
form in acid sulfate environments. A summary of these minerals and their properties is
provided in Table 4a. These minerals occur as fine-grained materials with such small
particle size and poor crystallinity that only a few have had crystal-structure studies and
space group assignments. There are four distinct compositional sets of aluminum
hydroxysulfate hydrates, characterized by their Al:SO4 mole ratios. Hydrobasaluminite
and basaluminite have the highest ratio (4:1), followed by zaherite (2.4:1), then aluminite
and meta-aluminite (2:1), and finally jurbanite and rostite (1:1), which are well-
crystallized and kept separate in Table 4b. These compositional changes must reflect the
relative proportion of the dissolved Al to dissolved SOy (or sulfuric acid) in the aqueous
solution, and, hence, the relative pH of the solution from which they precipitate. In other
words, the basaluminite set (actually only hydrobasaluminite because basaluminite forms
by dehydration of hydrobasaluminite) should precipitate at higher pH values than
zaherite, and with decreasing pH the sequence should be zaherite to the aluminite set to
the jurbanite set to alunogen [Al,(SO4);3-17H,0, see Jambor et al., this volume]. Jurbanite
and rostite (the jurbanite set) are not poorly ordered, insoluble precipitates. Rather, they
crystallize as soluble salts with good crystallinity, and they will receive special mention
in a later section.

Geochemical history. The chemistry of basic Al sulfates has been confusing because
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of the rapid formation of colloidal disequilibrium phases and mixtures of colloidal
phases, similar to the formation of hydrous ferric oxides with substituted anions in the
iron system. After the initial precipitation, slow transformations continue as the solution
ages. For example, Singh (1982) showed that with sufficient aging, a 0.5 molar Al,(SO4);
solution will precipitate simultaneously gibbsite, bchmite, alumina, and alunite. Adams
and Hajek (1978) formed both single-mineral precipitates and mixtures of gibbsite,
basaluminite, and alunite when acid solutions of Al sulfate were aged for 18 weeks at
50° C. The existence of basic flocculants of Al sulfate was conjectural for many years;
whereas some titration curves and chemical compositions supported the existence of such
phases, the ease of displacement of the sulfate by washing seemed to suggest that sulfate
was adsorbed (Weiser et al. 1941). Studies that combined XRD data with chemical
compositions were most fruitful, and the identification of minerals with Al-
hydroxysulfate composition provided inescapable evidence that such compounds exist
(see next section).

The definitive study of Bassett and Goodwin (1949) combined phase-equilibria solu-
bility data with careful XRD analysis and chemical composition of all precipitates that
formed over a wide range of Al sulfate and sulfuric acid concentrations. Several striking
results came from their 13-year study. First, they clearly defined the solubility range for
alunogen and jurbanite before jurbanite was recognized as a mineral (Anthony and
McLean 1976). Second, Bassett and Goodwin (1949) were unable to synthesize
aluminite, basaluminite, hydrobasaluminite, zaherite, or rostite. Third, they showed a
stable solubility range for a compound of composition Al;o(SO4)s(OH);5-:37H,0 that has
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Table 4b. Properties of jurbanite and rostite.

Mineral Name Jurbanite Rostite

Formula Al(OH)SO, 5HO Al(OH)SO, 5HO

Crystal System Monoclinic Orthorhombic

Space Group P2,/nor P2,/c Pcab

Cell dimensions a=28.396 a=11.175
b=12.479 b=13.043
c=28.155 c=10.878
B=101.92°

Color and texture Colorless Chalky mass

Most intense XRD 6.75,5.73, 4.48, 4.00, 3.99, 3.90 4.26,4.19,3.91
spacings (A)

not yet been identified as a mineral. Johansson (1962) made relatively large crystals of
jurbanite from which he was able to determine the crystal structure.

Another study by Johansson (1963) demonstrated that Al;304 units form the
building blocks for several, if not all, Al hydroxysulfates. Although the occurrence and
proportion of mononuclear versus polynuclear species in titrations and other lab studies
has been debated considerably in the literature, these Al;; polynuclear units have been
recognized as rapidly forming, metastable colloids, that do not decompose easily (Bertsch
and Parker 1996). Furthermore, anions such as sulfate usually decrease the pH of
maximum precipitation and increase the rate of precipitation and coagulation (Bertsch
and Parker 1996). The 13Al1,03-6S0O5-xH,O compound synthesized by Bassett and
Goodwin (1949) and for which the crystal structure was determined by Johansson (1963),
has compositional similarities to hydrobasaluminite/basaluminite but the XRD data do
not bear a resemblance. This observation would suggest that there are other minerals, not
yet identified, that might form in these systems.

Mineralogy and genesis. The most common Al hydroxysulfate minerals are
hydrobasaluminite and basaluminite. Hydrobasaluminite seems to be the precipitate that
forms when acid rock drainage is neutralized by mixing with a neutral, buffered water or
by reaction with carbonate minerals such that the resultant pH is nearly 5.0 or higher.
Examples of such precipitates and their compositions are given in Table 5. Theoretical
compositions of hydrobasaluminite along with that for hydronium alunite and the
analyzed compositions of two basaluminite samples (one of which is well-characterized,
Clayton 1980) are provided for comparison. Samples C and E of Table 5 precipitated in
cold, mountain-stream waters upon mixing of acid mine water with neutral-pH water. A
typical TEM photograph of sample C (but also similar to sample E) in Figure 10 shows
the lack of any crystal morphology and the appearance of aggregation of spherical
colloids. Sample D of Table 5 is unusual in that it precipitated by mixing of an acid mine
water with a highly carbonated, warm (20°C), mineral spring with elevated
concentrations of chloride (700-800 mg/L). These conditions probably enhanced the
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Figure 10 (top). TEM photograph of Al-hydroxysulfate precipitate C (hydrobasaluminite/basaluminite)
in Table 5.

Figure 11 (bottom). TEM photograph of Al-hydroxysulfate precipitate D (alunite) in Table 5.
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formation of alunite at this site. A TEM photograph of sample D (Fig. 11) clearly shows
crystal faces and both electron diffraction and XRD show the presence of alunite. The
elevated water content of some of the ‘am orphous” precipitates may reflect the hydrated
character of hydrobasaluminite relative to basaluminite. All of the analyzed precipitates
fall within the range of composition between the theoretical values for hydrobasaluminite
and basaluminite. The analyses that are short of 100% probably reflect admixed silica.
Frequently, quartz fragments can be seen mixed with the basaluminite when observed
with a microscope.

Bannister and Hollingworth (1948a,b) first identified basaluminite and hydro-
basaluminite in the Northampton Ironstone, near Wellingsborough, UK. One or both of
these minerals have since been found in the caves of the Guadalupe Mountains, New
Mexico (Polyak and Provencio 1998), in the Flysch formations of the Carpathian
Mountains (Wieser 1974), near Brno, Czech Republic (Batik and Hruskova 1971),
associated with a Middle Pennsylvanian coal bed in southeastern Kansas, USA (Tien
1968), in several prefectures in Japan (Matsubara et al. 1990, Minakawa et al. 1996), in
Jurassic strata, Namana, Yakutia, Russia (Lizalek et al. 1989), in the bauxite deposit of
Csordut, Hungary (Toth et al. 1984), near Newhaven, Sussex, UK (Wilmot and Young
1985), and in the black schist of Karatau, Kazakhistan (Zazubina and Ankinovich 1982).
Formation of the minerals occurs by the reaction of acid sulfate solutions (from pyrite
oxidation) with Al-rich clays, or by mixing of acid, Al-rich sulfate waters with dilute
neutral waters, or through the neutralization of acid sulfate solutions, rich in Al, by
carbonate minerals. The most detailed study was reported by Clayton (1980) on
hydrobasalumunite and basaluminite from Chickerell, Dorset, UK and includes
transmission electron microscopy with electron-diffraction data, XRD data, chemical
analysis, thermogravimetric analysis (TGA), and differential thermal analysis (DTA).
Crystal structure determinations of felsthanyaite (thought to be a dimorph of
basaluminite) and basaluminite have demonstrated that these two minerals are identical
(Farkas and Pertlik 1997, Jambor et al. 1998).

Zaherite was first described by Ruotsala and Babcock (1977) as a white, massive,
fine-grained mineral from the Salt Range, Pakistan. A second occurrence has been found
in South Africa in a biotite schist near Pofadder (Beukes et al. 1984) and new XRD, IR,
DTA, and compositional data was obtained. However, the XRD data gave incorrect cell
dimensions that were corrected later (de Bruiyn et al. 1985).

Aluminite and meta-aluminite have been found in similar types of environments as
those with basaluminite and hydrobasaluminite. Aluminite has been found in the mineral
deposits of the southern Donbass area of the Ukraine (Chernitsyna et al. 1999), in the
oxidized zone of the Deputatsk tin ore deposit in Yakutia, Russia (Zhdanov and Solov’ev
1998), in the oxidized zone of a silver ore deposit in the Magadan area, Russia
(Oycollonov et al. 1994), in Paleozoic and Mesozoic carbonates of Siberia (Lizalek and
Filatov 1986), in shales and sandstones at the contact between Cambrian and lower
Jurassic rocks at Namansk, near Yakutsk, Siberia (Sokolov et al. 1985), with alunite in
clay deposits near Buenos Aires, Argentina (Zalba 1982), with basaluminite and gibbsite
in Carboniferous and Permian limestones and dolostones (Van’shin and Gutsaki 1982), in
pyritized Proterozoic sericitic schists near Lake Baikal, Siberia (Dombrovskaya et al.
1976), in the bauxite deposits of Montenegro, Yugoslavia (Lukovic 1970), and in the
Bshlybel copper deposits, Kelbadzhar area, Azerbaijan (Mamedov et al. 1969) and at
several other localities (France, Germany, Italy, England, and USA). Meta-aluminite was
first described by Frondel (1968) in association with basaluminite and gypsum at the
Fuemrole mine in Emery County, Utah. It appears to have formed by reaction of acidic
Al-rich waters with clays and carbonates. Meta-aluminite also occurs in the upper
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Proterozoic schists of the Greater Goloustan area, Siberia (Mazilov et al. 1975) in a
similar setting to the Utah occurrence. Sizia (1966) reported on the IR spectra of 9 sulfate
minerals including aluminite.

Although numerous geochemical modeling studies have reported acidified waters in
equilibrium with jurbanite (van Breeman 1973 1976; Kram et al. 1995; Monterroso et al.
1994; Alvarez et al. 1993), the only two known occurrences of the mineral are at the San
Manuel copper mine, Pinal County, Arizona, USA (Anthony and McLean (1976) and the
Cetine mine in Tuscany, Italy (Sabelli 1984, Brizzi et al. 1986). Sabelli (1985) refined
the crystal structure for jurbanite. Rostite has had an eventful history because of the
difficulty in characterizing it. Rost (1937) originally found it on burning coal heaps in
Czechoslovakia, but reliable crystallographic data were not available until Cech (1979).
However, there was found to be considerable F-OH substitution and it is now recognized
that rostite refers to the compositional range OH>F, whereas khademite refers to F > OH.

The reason for apparent solubility equilibrium with respect to jurbanite for acid
sulfate waters with pH generally less than 4.5 originated with the publications of van
Breemen (1973) and Nordstrom (1982b). Van Breemen (1973) found good agreement
between ion-activity products calculated from speciation computations of acid sulfate
waters and an unidentified mineral that had the equilibrium stoichiometry of AI(OH)SOy.
Nordstrom (1982b), noting that there was a mineral with the same stoichiometry, whose
solubility had been measured by Bassett and Goodwin (1949), reduced the solubility data
to a solubility-product constant. Many investigators have used this information for
chemical speciation modeling and the calculation of saturation indices. The agreement
between the ion-activity product (IAP) for jurbanite and the solubility-product constant
(Ksp), however, should be considered fortuitous and not indicative of solubility
equilibrium for the following reasons. Jurbanite is a rare and very soluble efflorescent
mineral. Bassett and Goodwin (1949) found that it was at equilibrium with a solution
containing 15-20 wt % sulfate which would be equivalent to pH values of 0.0 or less, not
pH values of 1 to 4.5. There must be some error in the K, value reported by Nordstrom
(1982b) that shows its stability in pH values of 4 or less depending on sulfate
concentrations. The solubility data of Bassett and Goodwin (1949) needs to be re-
evaluated with the Pitzer. The fortuitous coincidence between the IAP and the K, most
likely reflects the well-behaved correlation of increasing sulfate with increasing Al and
with decreasing pH for pH < 4.5, the pH below which Al behaves conservatively
(Nordstrom and Ball 1986). In other words, for pH values below the first hydrolysis
constant for Al (pK = 5.0), Al remains predominately dissolved and any changes
in concentration are caused by dilution in an identical manner as changes in sulfate
concentration (see later section on Geochemical controls on formation and transfor-
mation: The Al system).

FORMATION AND DECOMPOSITION OF FE- AND
AL-HYDROXYSULFATES OF LOW CRYSTALLINITY

Biological influences on mineral formation

The important role played by acidophilic bacteria in the aqueous oxidation of pyrite
and related sulfide minerals was discussed previously. The Fe +(aq) released during this
microbially catalyzed process is ultimately oxidized, hydrolyzed and precipitated as ferric
oxyhydroxides or hydroxzysulfates. At pH values <3.5, there is no doubt that the
enzymatic oxidation of Fe +(aq) as an energy source for acidophilic organisms, such as T.
ferrooxidans and L. ferrooxidans, is an essential requirement for the formation of
secondary Fe'' minerals. Because little energy is produced by the oxidation reaction
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(AG = 6.5 kcal/mol with O, as the electron acceptor at pH 2.5), these bacteria must
oxidize large quantities of Fe2+(aq) to sustain metabolic processes (2Lees et al. 1969).
Ehrlich (1996) has estimated that a “‘consumption” of 90.1 mol of Fe +(aq) is required to
assimilate 1.0 mol of C. As a result, even a modest bacterial population is capable of
oxidizing large quantities of Fez+(aq).

The extended role of microorganisms in guiding the actual ‘mineralization” of Fe,
Al, and other dissolved species has been a topic of considerable debate. Mineral
precipitates of Fe have been observed in direct contact with bacterial cells that grew in
acid mine drainage (Ferris et al. 1989a,b; Clarke et al. 1997). Electron microscope images
commonly show cells partly to completely encapsulated with Fe-rich epicellular material.
This material has usually been identified as ferrihydrite (Ferris et al. 1989a) or goethite
(Konhauser and Ferris 1996) but, in at least one case (Clarke et al. 1997), energy
dispersive X-ray analyses have indicated the presence of ferric hydroxysulfates with Fe:S
ratios ranging from 3.5:1 to 1.9:1. Bacterial surfaces have also been shown to enhance the
immobilzation of other cations, especially Al (Urrutia and Beveridge 1995). Bacterial
slimes may thus facilitate the undesirable accumulation of Al-hydroxysulfate precipitates
and clogging of anoxic limestone drains designed for treating acid mine drainage
(Robbins et al. 1999).

The formation of epicellular precipitates is related to the character of bacterial
surfaces. The cell walls of both Gram-positive and Gram-negative bacteria contain
functional groups, such as carboxylates and phosphates, that impart a negative surface
charge and provide reactive sites for sorption of metal cations from the surrounding
solution (Schultze-Lam et al. 1996). In natural environments, bacteria produce an
extracellular sheath or capsule composed of polysaccharides with molecular components
that are also capable of accumulating metals from around the cell. Once a metal is
complexed, it effectively reduces the activation energy for nucleation of solid phases. In
this way, the bacterial surface may function as a template for heterogenous nucleation
(Konhauser 1998, Warren and Ferris 1998). Precipitates grow rapidly and incorporate
available counter-ions from the surrounding solution to form mineral aggregates that may
approach the mass of the cell. These initial precipitates are usually poorly crystalline
because such phases have lower interfacial free energies than more crystalline products
(Steefel and van Cappellen 1990).

It is tempting to conclude that surface-mediated mineralization is responsible for the
formation of all poorly crystalline hydroxysulfates and oxyhydroxides of Fe and Al
associated with acid sulfate waters and that mineral speciation is somehow biologically
controlled, however, evidence suggests otherwise. There is probably little, if any, active
genetic control on the process because mineralization can develop on the remains of dead
cells (Ferris et al. 1989b) and occurs independently of cell morphology or physiological
condition. Moreover, mineral phases can form spontaneously under conditions of rapid
flow where acid sulfate waters are mixed with solutions of higher pH in the field.
Geochemical parameters such as pH, SO4, and HCO; must direct the ultimate
mineralogical fate of Fe and Al compounds precipitated from acid sulfate waters, even
when mineralization is bacterially induced. For example, Bigham et al. (1996a) identified
mineral precipitates obtained by oxidizing 0.1 M FeSO47H,0 solutions at room
temperature and pH values of 2.3, 2.6, 3.0, 3.3 and 3.6 using a stirred bioreactor and a
strain of T. ferrooxidans (Fig. 12). Measured oxidation rates were similar across the pH
range studied. Schwertmannite formed at pH 3.0. Jarosite increased in abundance with
decreasing pH, whereas goethite appeared at pH 3.3 and 3.6. These results indicate that
pH is a master variable influencing the speciation of secondary Fe minerals under
conditions typical of acid sulfate waters.
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Figure 12. X-ray powder diffraction patterns from bioreactor
precipitates at various pH values.

Gt = goethite; Sh = schwertmannite; Jt = jarosite
Modified from Bigham et al. (1996a).

GEOCHEMICAL CONTROLS ON MINERAL FORMATION
AND TRANSFORMATION

If complete and reliable solution analyses have been obtained, geochemical
speciation computations can be performed to determine the state of saturation of an
aqueous system with respect to any particular mineral (provided that thermodynamic data
for mineral solubility reactions are available, see Nordstrom et al. 1990, Nordstrom and
May 1996). The usual goal of such computations is to understand the control of dissolved
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major elements in terms of mineral solubilities. Such computations can be used to predict
the formation of various mineral species on the basis of saturation indices (SI):

SI = log (IAP/Kp) (11)

where TAP is the ion-activity product determined from observed solution concentrations
after appropriate activity and speciation calculations are performed, and K, is the
solubility-product constant (Nordstrom and Munoz 1994). Positive SI values indicate
supersaturation and negative SI values indicate undersaturation. SI values plotted as a
function of a relevant compositional variable, such as pH, should show a linear,
horizontal trend close to zero when equilibrium saturation is reached with respect to the
stoichiometry of a given mineral. SI calculations (and geochemical modeling in general)
require reliable thermodynamic data and certain assumptions regarding chemical
equilibrium. Both factors may be of concern when attempting to understand the
formation of poorly crystalline Fe and Al hydroxysulfates from acid sulfate waters.

The Fe System

Numerous solutions from mines, mine tailings, and cat clays have been subjected to
speciation calculations (van Breeman 1973, Nordstrom 1982a, Chapman et al. 1983,
Nordstrom and Ball 1986, Karathanasis et al. 1988, Sullivan et al. 1988a,b; Blowes and
Jambor 1990, Winland et al. 1991, Blowes et al. 1998, Nordstrom and Alpers 1999). In
most instances, jarosite and ferrihydrite have been assumed to be the phases controlling
Fe'' activities over relevant pH ranges. Saturation-index plots typically indicate
supersaturation with respect to ferrihydrite at pH values above 4 for both surface and
ground waters. An example of ferrihydrite supersaturation for about 200 samples
collected from Wightman Fork and the Alamosa River system near Summitville,
Colorado (Nordstrom et al. 2000) is shown in Figure 13. Supersaturation may be
explained either by colloidal Fe particles that were not removed by filtering prior to
conducting solution analyses, by incorrect identification of the solid phase, or by
sampling artifacts.

(1]
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The stoichiometry of the phase controlling the solubility of Fe can be predicted from
an appropriate ion-activity plot. For example, if ferrihydrite is the phase controlling the
solubility of Fe’", the reaction

FG(OH)3(S) +3H" (aq) € Fe3+(aq) + 3H20(1) (12)
and its log equilibrium constant expression
log K =log ape3+ —3log aH+ + 3log Ayzo (13)
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Figure 14. Plot of Fe' activity against pH for Leviathan mine waters
(from Nordstrom 1991, Nordstrom and Alpers 1999). Thesolid line is
equilibrium solubility for freshly precipitated ferrihydrite (log Ky, =
5.0) and the dashed line shows best fit of data between pH of 3.5 and
7.0 with a slope of -2.4.

would indicate that a plot of Fe’* activity versus ;)H should have a slope of -3.0.
Nordstrom (1991) reported a slope of -2.4 for Fe’ data from mine waters at the
Leviathan mine, CA, (Fig. 14). Similar results for mine drainage from St. Kevin Gulch,
CO (Kimball et al. 1994), Korea (Yu et al. 1999) and numerous streams in Ohio (Bigham
et al. 1996b) suggest that the relationship is fairly universal. The observed slope indicates
that another anion, such as SO42', is replacing OH' in the suspended mineral phase. This
would be the case if schwertmannite is controlling the aqueous solubility of Fe'*
(Nordstrom 1991); however, the proposed compositional range for schwertmannite
[FegOg(OH)g.0x(SO4)x NH,O where 1 < x < 1.75] should yield greater slopes, in the range
of -2.75 to -2.56. A more likely scenario to explain solubility discrepancies is that
mixtures of different Fe minerals, including schwertmannite, precipitate over the pH
range represented by acid sulfate waters, and the slope is not clearly resolvable into a
particular reaction.

On the basis of mineralogical and chemical analyses of ochreous precipitates and
associated waters from Ohio mine drainage, Bigham et al. (1996b) proposed a solubility
‘window” of log IAPg, = 18.0+£2.5 for schwertmannite dissolution according to the
reaction:

FegOg(OH)x(SOu)ys) + (24 —2y) H' g > 8 Fe™'ag) +y SO47ag) + (24 — 2y + x)/2 HyO(14)
and the log equilibrium expression
log K¢, = 8 log ap.’" + y log asos™ + (24 — 2y) pH (15)

Bigham et al. (1996b) also su3ggested that the discrepancy between observed and
calculated slopes in pH vs. log ap.° plots for acid sulfate waters was because the data
define at least three slopes corresponding to the precipitation of different minerals over
the full pH range examined. Mineralogical analyses of the precipitates indicated that
those data in the pH range of 1.5 to 2.5 were influenced by the formation of jarosite,
those above pH 5.5 by ferrihydrite, and those at intermediate pH values by
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Figure 15. Plot of Fe' activity against pH for combined data from Ohio
(closed circles) and Leviathan mine drainage waters (open circles) with
solubility lines for Gt = goethite (log ap’" = 1.40 — 3pH), Jt = K-jarosite
(log a3 = -0.30 — 2pH), Fh = ferrihydrite (log ag.3" = 5.0 — 3pH), and Sh =
schwert-mannite (log ap’" = 2.67 — 2.60pH). Solubility lines calculated
using an average log aso, = -2.32, an average log ax’ = -3.78 (from
Nordstrom and Alpers 1999 and used with permission of Elsevier Science
from Bigham et al. 1996b).schwertmannite (Fig. 15). Both schwertmannite
and ferrihydrite were assumed to be metastable with respect to goethite.

The instability of schwertmannite with respect to goethite was confirmed in a long-
term (1740 d) aqueous equilibrium study wherein a pure, synthetic specimen of
schwertmannite was completely transformed to goethite over a period of 543 days via the
overall reaction:

Fegog(OH)5.5(SO4)1.25(s) +2.5 HzO(l) <~ 8 FGOOH(S) +2.5 H+(aq) +1.25 SO42_(aq) (16)

Solutlon measurements corroborated a decrease in pH and an increase in soluble
SO,~ (Fig. 16). Levels of dissolved Fe’ (aq) temporarily peaked at concentrations that
were 0.5 to 1.0 orders of magnitude higher than those represented by the proposed
equilibrium situation associated with goethite formation. This phenomenon may also
contribute to the frequently reported supersaturation of acid sulfate waters with respect to
Fe minerals.

Because the precrprtatlon of schwertmanmte may be controlled by not only the
activities of H™ and Fe’", but also of SO4 , Yu et al. (1999) rewrote the dissolution
reaction for schwertmanmte as:

FCgOg(OH)g_zX(SO4)X(S) + (8 + 2X) HzO(l) 8 Fe3+(aq) + 24 OH_(aq) +X SO42_(aq) +2x H+(aq)

(17)
so that the solubility relation becomes:
(pFe + 3pOH) = -x/8 (pSO4 + 2pH) + 1/8 (pK; + 24pKy,) (18)

where K, is the dissociation constant for water and Ky is the equilibrium constant for
Reaction (17). Equation (18) then generates a line on a plot of (pFe + 3pOH) against
(pSO4 + 2pH) (Fig. 17).

The aqueous geochemistry of Fe is further complicated by the fact that Fe is a
reduction—oxidation (redox) active species. The traditional method for delineating the
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stabilities of such species in geochemical systems has been through the use of Eh—pH (or
pe—pH) diagrams. Although such diagrams can be very useful for showing general
stability relationships among minerals containing redox-sensitive ions, they are also
subject to many limitations, as described by Nordstrom and Alpers (1999).

Iron speciation in acid sulfate waters is typically described using diagrams for the
Fe-S-K—0,—H,0 system in which fields for jarosite, goethite, and water are stable
phases over relevant pe—pH ranges. It is important to note that stability boundaries
between minerals can vary significantly with crystallinity, particle size, and composition
(as is reflected in the range of the solubility products reported for both jarosite and
goethite). In addition, metastable phases such as schwertmannite and ferrihydrite may
form more readily than stable phases, thereby imparting kinetic controls to the system.
Using reported log Ky, values for jarosite and ferrihydrite, a measured log K, for
goethite, and an apparent log K, for schwertmannite, Bigham et al. (1996b) proposed a
pe—pH diagram for acid sulfate waters with fields of metastability for schwertmannite and
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ferrihydrite (Figz.+l 8). 3A+s is+often the case, this diagram places constraints on the total log
activities of Fe”, Fe” , K', and SO4~". According to Figure 18, jarosite and goethite
ultimately control the solubility of Fe in high-pe, acid sulfate waters, and schwertmannite
is unstable relative to goethite over the pH range 2 to 6. At higher pH values, ferrihydrite
precipitation is kinetically favored, but ferrihydrite is also unstable with respect to
goethite.

20 - 9210 Figure 18. pe-pH diagram for Fe—
o st S—K-O-H system at 25° C where
48 () 506 pe = Eh(mV)/59.2, total log
16 o e 2+:7 3+:7
. activities of Fe 347, Fe
O 336 or 227,50, =-2.32,K" =
H0 : —3.78. log Ky, values are given in
Figure 13. Jt = K-jarosite, Sh =
) : schwertmannite, Fh = ferrihydrite,
o ] Dissolved N Fh Gt = goethite, and Py = pyrite.
a species Line equations are: Gt (pe = 17.9
| S : — 3pH), Jt (pe = 16.21 — 2pH), Fh
TT~— ot (pe = 21.50 — 3pH), Sh (pe =
19.22 — 2.6pH), and Py (pe = 5.39
0 — 1.14pH). Fields of metastability
Py shown by dashed lines. Single-
hatched areas demonstrate expan-

o
1
'

7 H20 sion of K-jarosite and ferrihydrite
H, fields if lower log K values are
-8 - chosen from available literature.
(used with permission of Elsevier
e [ ' . i Science from Bigham et al.
2 ; s 8 1996b).
pH

Field data supporting a paragenetic relationship between jarosite, schwertmannite,
ferrihydrite, and goethite have been obtained from a naturally acid alpine stream
originating as a spring in talus from a pyritic schist (Schwertmann et al. 1995). Although
the spring water (pH 2.3-2.8) was visibly clear, the saturated talus was laden with
jarosite, indicating that its precipitation was limited by the release of K" from micas
occurring in the schist. Downslope, the spring water merged with multiple, non-acid
tributaries and produced a strong geochemical gradient. At the first confluence (pH 3.0),
schwertmannite precipitated with some goethite. Further dilution down the watercourse
eventually raised the solution pH to 7.0 and produced a gradual increase in the
proportions of goethite and ferrihydrite in the sediments.

In addition to the Fe'" minerals represented in Figure 18, lepidocrocite has been
reported as a product of acid sulfate weathering (e.g. Blowes et al. 1991, Milnes et al.
1992). Whereas most Fe''oxides can be synthesized from either Fe'' or Fe'' salts,
lepidocrocite appears to form almost entirely by oxidation of Fe'. It has been identified
as a direct pseudomorgh after pyrite (Romberg 1969) and pyrrhotite (Jambor 1986), blIl'[
its_formation from Fe~ solutions seems normally to pass through the blue-green (Fe',
FeIH)-hydroxy compounds known as green rusts (Schwertmann and Fechter 1994, Lewis
1997). The green rusts have a p}{lroaurite structure I(I:Ionsis‘[ing of sheets of Fe I(OH)6
octahedra in which some of the Fe™ is replaced by Fe " thereby creating a positive layer
charge that is balanced by anions (primarily SO4~, CI’, and CO32') located between the
octahedral sheets. Green rusts are common corrosion products of steel, but they have
rarely been identified as occurring in soils (Trolard et al. 1997) or sediments (Bender
Koch and Maup 1991) because they rapidly oxidize to form either goethite or
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lepidocrocite through competing reactions that are strongly influenced by solution
parameters. Factors that appear to suppress lepidocrocite in favor of goethite formation
under _laboratory conditions are low pH (<5) and the presence of excess dissolved S0,%,
HCO;3, or AP (Schwertmann and Thalmann 1976, Taylor and Schwertmann 1978,
Carlson and Schwertmann 1990). If similar factors affect natural systems, the
precipitation of lepidocrocite from acid sulfate waters seems unlikely under most
conditions.

The Al system

An approach similar to that for Fe has been used for interpreting the behavior of Al
in acid sulfate systems, but with somewhat different results. Several plots have been
made for log ax;3+ against pH with results indicating a solubility control by
microcrystalline gibbsite (e.g. Driscoll et al. 1984, Hendershot et al. 1996) for waters
having a pH greater than about 4.5. At lower pH values, a clear deviation from this trend
is observed (e.g. Losno et al. 1993). Using water samples over a wide range of pH, Al
concentrations, and sulfate concentrations from a single watershed in speciation
calculations Nordstrom and Ball (1986) showed that two trends are apparent, with a
change in slope close to the first hydrolysis constant for Al (pK; = 5.0) as shown in
Figure 19. When the pH is significantly less than pK; then Al hydrolysis is insignificant;
the Al is little affected by geochemical reactions, and it travels in surface-water systems
as if it were a conservative constituent. Once the pH of the water reaches the pKj,
hydrolysis causes the Al to become insoluble and precipitate. Although Neal (1988) has
argued that plots of log a,;3+ against pH are autocorrelated because pH is used to
calculate the activity of free Al so that the plot looks better than it should, this argument
is flawed. It is clear from a plot of dissolved Al against dissolved sulfate that the
correlation (indicative of conservative solute transport) is excellent for pH values <4.5
and that for higher pH values a sudden decrease in Al concentrations is observed
(Nordstrom and Ball 1986). Plotting the saturation indices against specific conductance
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Figure 19. Plot of the log AI’" activity against pH for Leviathan mine waters (from
Nordstrom and Alpers 1999). Solid lines show equilibrium solubilities of
microcrystalline and amorphous AI(OH); to which the data fits well, suggesting an
equilibrium solubility control.
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or sulfate concentrations or viewing a histogram plot (Nordstrom and Ball 1989) results
in the same conclusion. A similar trend can be seen in dilute acid sulfate waters from
other watersheds; a distinct change is seen in the behavior of Al from conservative to
non-conservative at the same pH value and a similar slope but with a different intercept
(May and Nordstrom 1991). It is well known that the first hydrolysis constant greatly
affects the chemical behavior and separation of metals (Hem and Roberson 1990, Baes
and Mesmer 1976, Rubin 1974), which also explains the tendency for the separation of
Al (pK; = 5.0) and Fe'! (pK, = 2.2).

Solubility data and solubility-product constants for alunite (log K, = -85.4),
crystalline basaluminite (log Ky, = 117.7), and amorphous basaluminite (log Ky, =
-116.0) at 25° C have been determined by Adams and Rawajfih (1977) and seem
reasonably consistent with other data (Nordstrom 1982b).

ENVIRONMENTAL IMPLICATIONS OF TRACE ELEMENT SORPTION

Mining activities usually involve ore or coal deposits that have accumulations of
such elements as Ag, As, Au, Cd, Co, Cu, Hg, Mo, Ni, Pb, Se, Sb, Tl, and Zn in either
economic or sub-economic quantities. These elements occur as mineral sulfides or
sulfosalts (sometimes as solid solution impurities) or in gangue minerals. When acid
drainage waters are produced by oxidation of mining residues, these elements may be
mobilized and transported offsite at concentrations that are sufficiently elevated to be of
environmental concern. In such cases, the precipitation of hydroxysulfates and
oxyhydroxides of Fe and Al may attenuate the problem by scavenging associated trace
elements through processes of adsorption and/or coprecipitation (hereafter referred to
collectively as sorption). Although cleansing of attendant drainage waters is a desirable
effect, the sediments have a potential for pollution through changing redox conditions
and their long-term stability in downstream environments may be a concern.

A substantial body of information has accumulated on the chemical and microbial
composition of waters and sediments affected by acid mine drainage, and the reader is
referred to recent reviews by Singh et al. (1997), Nordstrom and Southam (1997),
Plumlee et al. (1999), Nordstrom and Alpers (1999), and Nordstrom (2000) for a
summary of this literature. Smith (1999) has reviewed sorption, especially as it pertains
to metal attenuation in mine waste environments. It can generally be concluded that most
trace elements, including both cations and oxyanions, tend to accumulate in mine
drainage sediments at the expense of associated solutions. Concentration factors vary
widely depending on local geochemical and hydrologic conditions. Fuge et al. (1994)
examined water and ochre deposits from several metal-sulfide mines in Wales and
concluded that As, Mo, Ag, Sn, Sb, Hg, Ba, Tl, Pb, and Bi were strongly concentrated
into the solid phase, whereas, other common trace metals (e.g. Mn, Co, Ni, Cu, Zn, Cd)
showed less segregation (Fig. 20). In the case of Ba and Pb, metal solubilities may have
been controlled by the precipitation of barite (BaSO4) and anglesite (PbSOy),
respectively. Other elements were thought to have accumulated primarily by sorption to
Fe compounds comprising the ochreous precipitates.

Compared to drainage waters from ore bodies like those in Wales, most drainage waters
from coal mines are substantially lower in ionic strength and have lower concentrations
of trace contaminants. Nevertheless, significant partitioning of trace elements into Fe and
Al precipitates from these waters also occurs. For example, Winland et al. (1991)
examined trace-element distributions between solid and aqueous phases at 28 sites in the
Ohio coalfield by the use of distribution coefficients (K ) calculated as:

K4 = (mol X kg™ solid)/(mol X L™ stream water) (19)
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Table 6. Mean, minimum, and maximum distribution coefficients (Kld)T
for trace elements from 28 coal mine drainage sites in Ohio*.
Element Min Kq Max Kg Mean Kq sD” N~
As 5.8 6.7 6.3 6.1 9
B 1.8 4.0 3.5 33 27
Ba 33 5.9 4.9 5.2 27
Co 0.2 3.1 2.3 2.5 21
Cu 2.2 34 2.9 2.8 15
Cr 2.5 33 3.1 2.8 10
Mn 0.1 4.1 2.9 34 28
P 3.0 5.2 4.6 4.6 28
Zn 1.2 3.7 2.9 3.1 27

" modified from Winland et al. (1991)

fKg= (mol X kg™ solid)/(mol X L' drainage water)
*SD = standard deviation

**n = number of samples included in the analysis
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where X is the trace element of interest. As in Fuge et al. (1994), the mean distribution
coefficients were determined to be highest for As and Ba and lowest for Co, Cu, Mn and
Zn (Table 6).

Bulk chemical analyses of mine drainage waters and sediments are valuable, but
they provide little insight into either geochemical factors that control trace-element
sorption or the behavior of specific mineral sorbents that may be involved in this process.
Relatively few attempts have been made to sort out such interactions in mine drainage
environments because of the heterogeneous character of both the mine effluents and the
associated chemical precipitates of Fe and Al. An understanding of relevant processes
must be based primarily on studies of well-defined systems through experiments
completed under controlled conditions. To that end, the adsorption of foreign species at
metal-oxide surfaces, especially the Fe and Al oxides, is a subject of widespread interest
because of industrial applications and the environmental implications of this process.
Consequently, a huge literature has accumulated on this topic over the past few decades.
The reader is referred to a number of comprehensive texts and reviews for general
information on this subject (e.g. Sposito 1984, Hochella and White 1990, Dzombak and
Morel 1990, Stumm 1992, Brown et al. 1999).

Interest in the interfacial chemistry of Fe and Al oxides stems largely from the fact
that their surface charge is pH-dependent. Thus, H and OH  are potential-determining
ions whose exchange at the surface is responsible for establishing the net surface charge.
Each surface also has a characteristic point of zero charge (pzc), the pH value at which
the net surface charge is zero. The net surface charge is positive at pH values below the
pzc but becomes negative at pH values higher than the pzc. Experimentally determined
pzc values of the Fe and Al oxides, hydroxides, and oxyhydroxides typically range
between 5.0 and 9.0 (Parks 1965, 1967; Stumm 1992).

Sorption of metal cations

The development of surface complexes between foreign metal cations and the
surface of a hydrous Fe or Al oxide involves coordination of the foreign ion with oxygen
donor atoms to form either monodentate or bidentate complexes, with the release of
protons as per:

—Fe-OH +Pb *" <> —Fe-OPb "+ H" (20)
or
—FEe-OH —Fe-O N
| +Pb> | > Pb+2H' 21)
—Fe-OH —Fe-O

The complexes are considered to be inner-sphere if a mostly covalent bond is formed
between the metal and the electron-donating oxygen ions. Otherwise, the complex is
outer-sphere, with solute molecules providing separation between the metal and oxide
surface. As might be expected, the attraction and binding of a foreign metal ion to an
oxide surface is strongly pH dependent and is favored by pH values that produce a net
negative surface charge (above the pzc). The formation of inner-sphere complexes with
foreign metal ions effectively shifts the pzc of the oxide surface to higher pH values. As
shown by Dzombak and Morel (1990), there is a narrow interval of 1-2 pH units where
the extent of sorption for each metal on a hydrous iron oxide (ferrihydrite) surface rises
from zero to almost 100%, thereby defining a sorption “edge” (Fig. 21a).

Evidence for the pH-dependence of metal sorption to mine-drainage precipitates and
for the existence of metal-specific sorption edges is shown in Figure 22 and Table 7. The
former (Karlsson et al. 1987) presents the distribution of Pb, Cu, Cd, and Zn between
suspended particles and the solution phase in a stream receiving leachates from a deposit
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Figure 21. Binding of (a) metal ions and (b) oxyanions to ferrihydrite
as a function of pH (modified from Dzombak and Morel 1990).
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Cu Figure 22. Distribution of metals between suspended
precipitates and the solution phase as a function of pH

cd in a stream affected by mine drainage (modified from
Karlsson et al. 1987).
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Table 7. Concentration factors’ for selected metals in Welsh ochre deposits as a function of
solution pH (modified from Fuge et al. 1994).

Locality* 1 2 3 4 5 6
pH 5.0 3.5 2.9 2.5 2.4 2.3
Concentration factor:
Mn 200 51 275 4.3 1.1 2.7
Cu 307,000 19,500 7,380 384 169 111
Zn 382 160 14 3.8 52 4.6
Cd 381 333 34 7.6 10 7.6

T Concentration factor = [conc. of element in ochre (mg/Kg) / conc. in water (mg/L)].
¥ Localities: 1 =Y Fan mine; 2 = Gwynfynedd mine; 3 = Cwmrheidol mine; 4,5,6 = Parys Mountain.
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of mine tailings. The data show a significant transfer of contaminant species from the
solution phase to suspended particulates with increasing downstream pH in the order Pb
> Cu ~ Cd > Zn. The data in Table 7, from Fuge et al. (1994), give concentration factors
for selected metals (Mn, Cu, Zn, Cd) in ochre and water samples collected at different pH
values from a number of mining localities in Wales. Note that the concentration factors
for all metals increase with increasing pH and that the concentration factor for Cu at pH 5
is significantly higher than for Cd and Zn, as would be predicted from the sorption edges
in Figure 20a. A number of additional studies (e.g. Filipek et al. 1987, Rampe and
Runnels 1989, Webster et al. 1994, Schemel et al. 2000) have demonstrated that Mn and
Zn behave as conservative ions at pH < 6 in surface waters affected by mine drainage.

At this point, no information is available concerning the surface-charge properties of
schwertmannite or a theoretically corresponding Al hydroxysulfate precipitate from acid
sulfate waters. Recently, however, Webster et al. (1998) compared the adsorption of Cu,
Pb, Zn, and Cd on synthetic specimens of schwertmannite and 2-line ferrihydrite, as well
as a natural mine drainage precipitate composed mostly of goethite. They found that the
adsorption edges of all four metals occurred at a lower pH with the natural precipitate;
that edges for Pb and Cd were similar for the two synthetic materials; and that the edges
for Zn and Cu occurred at a lower pH for schwertmannite as compared to ferrihydrite.
Removal of adsorbed sulfate from schwertmannite and the AMD precipitate by titration
with Ba(NOsj), before conducting the sorption experiments generally decreased the
sorption of Pb, Cu, and Zn indicating that adsorbed sulfate may alter electrostatic
conditions at the mineral surface or lead to the formation of ternary surface complexes. In
another study, it was found that Al precipitates had little effect on metal removal,
attenuating Cu slightly and Zn and Ni not at all (Rothenhofer et al. 1999). The only
known significant uptake on Al colloids seems to be rare-earth elements (Auque et al.
1993, Gimeno et al. 1994, Nordstrom et al. 1995, Landa et al. 2000).

Sorption of oxyanions

The process of oxyanion accumulation at oxide surfaces can also be described in
terms of sorption edges (Dzombak and Morel 1990). Unlike metal cations, however, the
sorption of oxyanions decreases with increasing pH because of competition with OH™ and
electrostatic repulsion by the negatively-charged oxide surface at pH values above the
pzc (Fig. 21b). As with metal cations, the surface complexes formed by oxyanion
sorption may be inner-sphere or outer-sphere in character. Inner-sphere sorption may
result in both monodentate and bidentate surface complexes, and the latter may be
bidentate mononuclear or bidentate binuclear as per:

0 OH
/NS
— FeOH" + H,AsO, <> —Fe As\_ + H:0 (22)
AN 0/ AN o
—FeOH —Fe — O\/O_
y + HyAsOy <> | As + 2H,0 (23)
/N\\
—FeOH —Fe—0" O

Trivalent oxyanions, such as PO43', AsO43', and VO43', are much more aggressive in
forming inner-s;here complexes as compared to their divalent counterparts (e.g.
SO42' and SeO47). As a result, the trivalent species yield sorption edges that are non-
reversible.
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Sulfate is clearly the dominant anion in most acid sulfate waters; therefore, its
behavior at the mineral-water interface is important to an understanding of surface-
mediated reactions in these systems. There has been considerable controversy regarding
the inner-sphere vs. outer-sphere character of sorbed SO4 (see Myneni, this volume).
Macroscopic experiments involving SO4 sorption on reference minerals and soils have
generally been consistent with the formation of outer-sphere complexes because little
retention occurs above the mineral pzc, and the ionic strength of the aqueous phase has a
large effect on the amount of SO, accumulated (e.g. Charlet et al. 1993). Studies
involving spectroscopic techniques have generally been less conclusive. For example,
early transmission IR studies of SO4 sorption on iron oxides (e.g. Parfitt and Smart 1978,
Harrison and Berkheiser 1982) supported the formation of binuclear bridging surface
complexes. More recently, Persson and Lovgren (1996) concluded that the adsorption of
SO, on goethite was outer-sphere on the basis of results from diffuse reflectance infrared
(DRIFT) spectroscopy. In contrast, Hug (1997) identified mainly monodentate, inner-
sphere complexes of SO4 on hematite surfaces between pH 3 and 5 by using in situ
attenuated total reflection (ATR)-FTIR methods. Peak et al. (1999), employing similar
techniques, concluded that SO, formed both outer-sphere and inner-sphere surface
complexes on goethite at pH < 6. At higher pH values, SO4 adsorption was entirely outer-
sphere.
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Ochreous precipitates from coal-mine drainage in Ohio contain 0.1 to 20 wt % SOy,
and a general decrease in solid-phase SO4 content was noted with increasing pH of the
source waters (Fig. 23) (Winland et al. 1991). Molar Fe/S ratios for mine drainage ochres
formed at pH <5 in the Appalachian region have been reported to range between 3.5 and
10 (Karathanasis and Thompson 1995, Bigham et al. 1996b). Rose and Ghazi (1997)
examined the release of SO, from such materials in batch experiments involving
equilibration of sediments with solutions of various pH values and containing a variety of
exchange ligands (nitrate, chloride, bicarbonate, oxalate, phosphate). A significant
portion of the total SO, load was determined to be labile; at neutral pH (with OH" as the
only exchange ligand), 33-50% of the total was released to solution. Similar results were
obtained at neutral pH in the presence of nitrate and chloride, but higher quantities
(50-68%) were mobilized when bicarbonate and phosphate were present. The overall
results indicated that about 70% of the total sulfate was associated with specific binding
sites; that is, as inner-sphere complexes on mineral surfaces or as a structural component
in minerals such as schwertmannite and Jar0s1te Because of similarities in size and
valence, the binding characteristics of SeO4 should be similar to those of SO4
(Waychunas et al. 1995).

Next to SOy4, the most common oxyanions in acid sulfate waters are probably
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arsenate (AsO43') and arsenite (AsO33') because of the common occurrence of As as an
impurity in pyrite and as a stoichiometric component of such minerals as arsenopyrite
(FeAsS) and cobaltite (CoAsS). Accumulations of As have been noted in numerous acid
sulfate soils (Dudas 1987, Bowell 1994, Bowell et al. 1994), mine tailings (Moore and
Luoma 1990), and mine drainage precipitates (Chapman et al. 1983, Johnson and
Thornton 1987, Webster et al. 1994, Bowell and Bruce 1995, Kimball et al. 1995,
Hudson-Edwards et al. 1999). Arsenic is extremely toxic to humans, it is a known
carcinogen, and it may cause severe health effects even at low concentrations (Morton
and Dunnette 1994). Consequently, its bioavailability in soils, sediments and acid leach
waters is a major environmental concern.

At pH values <2.0 and AsO, concentrations >0.01 molal, the aqueous solubility of
AsQ4 may be controlled by the precipitation of scorodite [FeAsO4-2H,0] (Robbins 1990)
or its ‘amorphous” counterpart (FeAsO 4XH,0) (Krause and Ettel 1988, Tuovinen et al.
1994) At higher pH values and in solutions with lower AsO, activity, the sorption of
AsO,” at oxide surfaces is thought to be a more important mechanism controlling
dissolved As levels. Consequently, As sorption has been widely studied in relation to pH,
background electrolyte, and oxidation state (arsenate vs. arsenite) as major experimental
variables (e.g. Anderson et al. 1976, Pierce and Moore 1982, Goldberg 1986, Raven et al.
1998). Co-precipitation phenomena involving As and Fe have also been examined by
hydrometallurgists as a means of removing As from process wastewaters (e.g. Robins et
al. 1988, Papassiopi et al. 1988). Coprecipitation of AsO4 and Fe' to form ferrihydrlte
apparently yields smaller particles and higher As site densities than when AsOj is
adsorbed on pre-formed ferrihydrite (Waychunas et al. 1993, Fuller et al. 1993). By
contrast, coprecipitation of AsO, destabilizes the structure of schwertmannite and poisons
crystal growth (Waychunas et al. 1995).

Mineral instability and possible effects on sorbed species

Laboratory studies of the aging of schwertmannite have shown it to be unstable with
respect to goethite (Bigham et al. 1996b), and similar instability has recently been
demonstrated under field conditions (Brill 1999, Peine et al. 2000). The transformation
gives rise to increased proton and sulfate activities in associated solutions and would
presumably have a dramatic effect on sorbed contaminants. However, data to this effect
are currently lacking. Variations in dissolved arsenate in a contaminated stream have
been coupled to diurnal fluctuations in pH arising from changes in photosynthetic activity
as evidenced by the coincidence of pH, arsenate concentrations, and light-intensity
maxima (Fuller and Davis 1989). Increases of up to 0.5 pH units during daylight hours
apparently caused desorption of arsenate from iron oxyhydroxides in the streambed. The
photoreduction of dissolved Fe’" and colloidal Fe minerals may also have a significant
impact on the concentrations of Fe2 in oxygenated surface waters. McKnight et al.
(1988) found that dissolved Fe’ in a stream 1mpacted by mine drainage reached a
maximum during midday. Daytime production of Fe®" occurred at rates that were nearly
four times faster than the night-time oxidation of Fe’". An opposite effect has been
observed in mine drainage wetlands, where Fe*" concentrations reached a minimum
during daylight hours, apparently due to daytime oxygenation by algae (Wieder 1994). In
either case, exposure of acid sulfate waters to the sun could promote cycling of Fe
between dissolved and particulate phases with a release of sorbed contaminant species.
Alternatively, the generation of fresh mineral surfaces might provide an increased
opportunity for sorption of trace elements (McKnight and Bencala 1989).

SUMMARY

Acid sulfate waters provide a complex biogeochemical stage for numerous reactions
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involving the weathering, formation, and transformation of minerals. Important
secondary precipitates from such waters include hydroxysulfates of Fe (schwertmannite)
and Al (primarily hydrobasaluminite). The environmental significance of these
compounds stems from the fact that they (1) form spontaneously under pH regimes that
are common to most acid sulfate waters; (2) have very short-range structural order which
translates to high specific surface area and chemical reactivity with respect to dissolved
contaminants; and (3) are metastable with respect to more common oxyhydroxides of Fe
and Al. Because of their poor crystallinity, much remains to be learned concerning both
their properties and occurrence. When admixed with other minerals commonly found in
secondary precipitates from acid sulfate waters, the hydroxysulfates of Fe and Al can be
difficult to identify. Considering pH as a master variable, schwertmannite seems to form
primarily over the pH range of 2.5-4.5, whereas Al hydroxysulfate is strongly linked to
pH values in the range of 4.5-5.5 (Fig. 24). For this reason, aluminous precipitates form
as colloids separate from the Fe precipitates and there is little, if any, mutual substitution
of Fe in the Al hydroxysulfates and vice versa. Minerals in the jarosite group generally
form at lower pH (less than 2.5), and ferrihydrite (perhaps with microcrystalline gibbsite)
is a common component of ochreous precipitates formed in the pH range of 6-8. Both
schwertmannite and ferrrihydrite are metastable with respect to goethite. Minerals such as
hydrobasaluminite and aluminite are metastable with respect to alunite and gibbsite.

Eastern U.S. Coal Mine Drainage

Jt = jarosite

Sh = schwertmannite

Gt = goethite

Fh = ferrihydrite

ALHS = Al hydroxysulfate

Frequency

pH

Figure 24. Schematic showing the distribution of common minerals in
mine drainage precipitates as a function of pH (modified from Cravotta
et al. 1999).

More research is needed to define/refine the chemical and mineralogical properties
of schwertmannite and Al hydroxysulfates. The formation of both consumes substantial
amounts of sulfate, but the structural role of sulfate has not been rigorously defined in
either. Almost nothing is known about the surface characteristics of these minerals or
how surface reactivity may vary with changes in environmental parameters. Relevant
thermodynamic data have been developed to only rudimentary levels, and information
regarding the possiblity of structural solid solution by other metals or oxyanions is
lacking. More research is needed to understand better the processes of biomineralization
as they relate to both the formation and transformation of schwertmannite and Al
hydroxysulfate.
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