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Chapter 1
Introduction

1.1 General aspects

Pyrite (iron disulfide, FeS,) is a common sulfide mineral and occurs widely in sulfide
deposits, coal seams, and marine deposits (Ishikawa, 1991). The mineral was used extensively
in the early days of modern chemistry as a source of vitriol and sulfuric acid. However with
the development of alternative sources and processes for the production of sulfuric acid,
interest 1n pyrite has declined to the extent that it is frequently considered a nuisance in
mining, principally because it may pose environmental hazards. Environmental damage may
occur when mining sedimentary sulfide deposits with pyrite. This may occur at coal mines
where the 1norganic sulfur content in the coal is greater than 1% (Lowson, 1982). Pyrite also
occurs 1n soils which have been deposited recently under anaerobic conditions.

Oxidation of pyrite produces Fe(II), Fe(IIl), sulfate and H* ions when in contact with
air or other oxidants. In Japan, many mines have closed since the 1970s due to increased
import of minerals and coal, and acidic mine water from these closed mines is often untreated.
The pH of such water easily decreases to 1~3 in such environments. At heavy metal sulfide
mines, Fe(I1I) species and sulfate ions form acidic and oxidizing leach-solutions which further
accelerate oxidative dissolution of sulphide ores. Uncontrolled discharge of the oxidation
products has caused extensive environmental damage.

The weathering of pyrite in aerobic aqueous systems is a complex biogeochemical
process involving several redox reactions and microbial catalysis, as shown in Fig. 1.1 (a).

The oxidation of Fe(II) ions and S can be catalyzed by autotrophic bacteria, Thiobacillus

ferrooxidans and Thiobacillus thiooxidans (Ingledew, 1982; Imai, 1984). [ron-oxidizing

bacteria, Thiobacillus ferrooxidans, rapidly oxidize Fe(Il) to Fe(Ill) ions, at 5~6 orders of
magnitude faster than inorganic reactions (Lacey and Lawson, 1970). It is difficult for other
bacteria to acclimatize to such environments. Pyrite is directly oxidized by Fe(IlI) ions, and
then Fe(Il) ions and sulfate are released from pyrite and elemental sulfur is also formed. This
is the so-called "indirect contact mechanism" of iron-oxidizing bacteria. The released Fe(II)
1ons are oxidized again by 7. ferrooxidans. Another oxidation mechanism, the "direct contact
mechanism" of T. ferrooxidans to pyrite, has been proposed. According to this mechanism, it
Is necessary for the microorganisms to contact pyrite directly and dissolve it. Sulfur-oxidizing
bacteria, Thiobacillus thiooxidans, also grow actively in these environments where they
oxidize sulfur species to sulfate. Microbially mediated dissolution of pyrite occurs mainly by

these two kinds of microorganism and leads to the production of acidic mine water. These
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bacteria are detrimental to the environment described above, but they are useful as low cost

catalysts in biohydrometallurgy. Here, bacterial leaching is a method to recover valuable
metals (such as Cu and Zn) from low grade sulphide ores, using iron- and/or sulfur- oxidizing
bacteria (Murr, 1980).

Dissolved oxygen is present near the surface of soils, and the contribution of aerobic
microorganisms to pyrite weathering is not negligible (Taylor, et al., 1984a; 1984b). Deeper
underground, however, there is much less dissolved oxygen, and the contribution of aerobic
microorganisms to pyrite weathering is less important. In anaerobic environments pyrite
dissolution is caused mainly by oxidation with Fe(III) ions, as shown in Fig. 1.1 (b). We can
deal with the simple reaction (Fig. 1.1(b)) as a part of complex reactions in the biotic system

as shown in Fig. 1.1 (a).
1.2 Habitat and properties of pyrite

Low grade pyritic substances associated with overburden, coal measures, and mine
tailings are dispersed heterogeneously through a host rock. In environmental studies, pyrite
is simply classified as "framboidal" and "euhedral" (Smith and Shumate, 1970). The term
framboidal comes from the French framboise, and "framboidal" pyrite consists of non-crystalline
pyrite having grain size diameters in the range of 0.05~1.0 wm. The grains may agglomerate
to form small masses, typically 50 um in diameter, resembling a strawberry in shape. Euhedral
pyrite refers to small grains (0.5~2 um diameter) of crystalline pyrite dispersed through a
host coal. This classification is based on the observation that framboidal pyrite is more
reactive than euhedral pyrite (Caruccio, et al., 1976). In some cases, framboidal pyrite is a
necessary precursor to the euhedral form (Ostwald and England, 1979).

There are two forms of iron disulphide (FeS,), pyrite and marcasite: pyrite is cubic in
structure, and marcasite is orthorhombic. Crystallographic data of pyrite and marcasite are
listed in Table 1.1. The pyrite crystal has a cubic structure of the NaCl type as shown in Fig.
1.2, and the bond lengths and angles are shown in Table 1.2: the Na site is occupied by Fe
and the CI site by the mid-point of the S, couple. Each atom's equivalent position in an unit

cell 1s as follows:

Fe: (0, 0, 0), (0, 1/2, 1/2), (1/2, 0, 1/2), and (1/2, 1/2, 0);
S: (x, x, %), (1/2 +x, 1/2 -x, -x), (-x, 1/2 +x, 1/2 -x), (1/2 -x, -x, 1/2 +%), (-x, -x, -X),

(1/2 =x, 1/2 +x, x), (x, 1/2 -x, 1/2 +x), and (1/2 +x, x, 1/2 -x),

where x is known to be 0.386 (Kato, 1991).

The electrical and magnetic properties of pyrite are interrelated and defined by the 3d
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yalence electrons of iron and the 3p valence electrons of sulfur as in Table 1.3. It is accepted

that Fe in pyrite is present as Fe(Il). The six d electrons are paired and occupy the t,, ground
state, also referred to as the low-spin ground state. Consequently the Fe(II) ion in pyrite has
no magnetic moment. Sulfur is present as the S,> moiety. Ten electrons completely fill the
p, and p, bonding orbitals and the p * antibonding orbital. Consequently S,* also has no
magnetic moment. The band gap of pyrite is reported to be 0.835~1.2 eV (e. g., Jarrett, et al.,
1968). The values of resistivity and magnetic susceptibilities () for pyrite are also listed in
Table 1.3. The properties of bonds in pyrite are not simple, because of both ionicity and

covalency similar to other sulfides (Sato, 1985).

Table 1.1 Physical properties of iron disulphides (Gait, 1978; Lowson, 1982)

mineral name pyrite marcasite
chemical name ferrous disulfide ferrous disulfide
composition FeS, FeS,
structure cubic orthorhombic
space group Pa3 Pnnm
color brass-yellow bronze-yellow
density/ g cm™ 5.0 4.88
Mohr hardness 6~6.5 6~6.5
mp/OC 1171 450
cell dimensions

@, 54175 4.443

b, 5.423

& 3.386

Table 1.2 Crystallographic data of pyrite (Gait, 1978; Lowson, 1982)

distance between two iron atoms on the 110 face 0.382 nm
distance between two sulfur atoms of the sulfur pair on the 111 axis 0.206 nm
distance between iron and the centre of a sulfur pair on the 001 and 110 face 0.270 nm
distance between adjacent sulfur atoms 0.226 nm
S-Fe-S bond angle 85.66" and 94.34°
Fe-S-Fe bond angle fios

S-S-Fe bond angle 102.4°




Fig. 1.2 Unit cell in the pyrite crystal (Kato, 1991).

Table 1.3 Electrical, and magnetic properties of pyrite

Properties Reference
electrical semiconductor
resistance 1.74 (2cm) (Sato, 1984)
| band gap ~0.92 (cV) (Jarrett, ct al., 1968)
| magnetic paramagnitic

v = 0.031 (10° emu/gm) (Jarrett, ct al., 1968)
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To conduct experimental studies of pyrite dissolution, grinding and pretreatment of
the pyrite 1s necessary. Pyrite has a very small solubility product, so that high specific
surface area by grinding is favorable. Grinding, however, causes not only increases in

t specific surface area but also structural strain. However, no particular attention has not been

paid to the relation between structural strain and dissolution rate in pyrite. The grinding
process also contaminates pyrite, and use of grinding media containing iron affects the
measurements of dissolved Fe species from pyrite. When grinding in air, pyrite is easily
oxidized by oxygen, and oxidized species on pyrite distort dissolution data. Therefore, they

have to be removed by an appropriate pretreatment. Many pretreatment methods have been

proposed as shown in Table 1.4, but so far no generally accepted pretreatment method has

been established.
1.3 Chemical dissolution of pyrite

In the abiotic oxidation of pyrite, the main oxidants are Fe(III) ions and oxygen, the
| former being more reactive than the latter. The reaction between pyrite and Fe(III) ions (Fig.
| 1.1 (b)) involves oxidation and dissolution, while many other minerals simply dissolve. In
geochemistry, the overall reaction of pyrite with Fe(III) ions is conventionally expressed as
(Smith and Shumate 1970; Rimstidt and Newcomb, 1993; McKibben and Barnes, 1986;
Wiersma and Rimstidt, 1984; Mathews and Robbins, 1972; Garrels and Thompson, 1960;
Moses, et al., 1987):

FeS,+ 14 Fe + 8H,0 = 15Fc* +2 SO + 16 H' (1.1)

The kinetics of this reaction at ambient temperatures around pH 2 have been extensively
studied, as summarized in Table 1.5. In these studies, different rate determining variables
were investigated by measuring (a) the total dissolved Fe ions and redox potential, E (Smith
and Shumate 1970; Rimstidt and Newcomb, 1993); (b) Fe(Il) ions (McKibben and Barnes,
1986); (c) Fe(IIl) ions and E (Wiersma and Rimstidt, 1984); (d) Fe(Ill) ions (Mathews and
Robbins, 1972); (e) E (Garrels and Thompson, 1960); and (f) dissolved S species (Moses, et

al., 1987). Only a few papers presented experimental dissolution curves for both Fe and S

B

species measured simultaneously. The stoichiometric dissolution scheme in reaction (1.1) is
generally accepted, but it has not been possible to locate reports with stoichiometric dissolution
data. Some results have suggested nonstoichiometric dissolution of pyrite on the basis of
1. surface analysis (Buckley and Woods, 1987) or electrochemical measurements (Mycroft et
" al., 1990). Further, the dissolution data reported by McKibben and Barnes (1986) may also

suggest incongruent dissolution, though this was not discussed in the report.
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Table 1.4 Pretreatment method of pyrite for dissolution experiments at ambient temperatures

Reference

Method

Garrels, et al. (1960)
Smith, et al. (1970)
Goldhaber, et al. (1983)
Taylor, et al. (1984b)

McKibben, et al. (1986)

Moses, et al. (1987)

Sakai, et al. (1987)
Nicholson, et al. (1988)

Moses, et al. (1991)

Rimstidt, et al. (1993)

Rinsing with 6 mol dm* H,SO, and distilled water, and drying
with acetone.

Washing with warm 2% HCI then with distilled water, and
drying under vacuum.

Washing under a nitrogen atmosphere in glove bag with dilute
HCI, followed by deoxygenated water, and finally with acetone.
Boiling in HCI, rinsing first with distilled water and then with
acetone, and drying.

Ultrasonic cleaning in ethanol for 30 sec and decantation of
adhering mineral powder. Rinsing with 1 mol dm” HNO, for 1
min, followed by triply distilled water, then dehydrating in
acetone, and finally vacuum-drying.

(1) Rinsing in alternating baths of warm (~50 C) 10% HCI
and warm acetone, and sterilization with y-ray irradiation.

(2) Rinsing in alternating baths of warm (~50 C) 10% HCI
and warm acetone, sterilization with UV radiation, then drying
under N, .

(3) Boiling in 6 mol dm” HCI for 15 min, rinsing twice with 6
mol dm™ HCI, and rinsing at least three times with 50 cm® of
warm acetone, then drying under N,,.

Cleaning in 2 mol dm * HCI and distilled water.

Washing repeatedly with deionized water, cleaning ultrasonically
for 45 sec, repeated washing with acetone, and vacuum-drying,
then rewashing with water, 6 mol dm™ HCI, and finally rinsing
with acetone.

Boiling in 6 mol dm™ HCI for 15 min, rinsing twice with 6 mol
dm” HCI, and rinsing at least three times with 50 cm® of warm
acetone.

Immersing in 1 mol dm” HCI, washing in distilled water, and
then air-drying at 40C.




Though the results of kinetic studies agree fairly well as shown in Table 1.5, the
reaction mechanism is still not entirely clear due to the difficulties caused by the properties of
pyrite. As described in Section 1.2, pyrite crystal is composed of both covalent and ionic
bonds, and a kind of semiconductor. Luther (1987) proposed a model of the mechanism

based on molecular orbital theory, and Moses, et al. (1987) speculated a consequent of

schemes, but none have been experimentally confirmed.

Two different acidic media have been used in the dissolution experiments (Table
1.5): hydrochloric acid and sulfuric acid. It is difficult to determine the net amount of
dissolved sulfate from pyrite in sulfuric media, though the sulfate media reflects natural
environments. Smith and Shumate (1970), and Williamson and Rimstidt (1994) found that

the dissolution rate of pyrite is larger in chloride media than in sulfate media. The reason

|
i was not fully discussed by Smith and Shumate (1970), but it is considered that the reaction
| mechanism may be explained by an anionic ligand effect. Oxidation of pyrite by oxygen

(reaction (1.2)) is a primary step in the sequence of pyrite weathering.
| FeS,+ 7/20,+ H,O=Fe* + 2 SO,* + 2 H (mainly chemical reaction) (1.2)

The reaction (1.2) is mainly chemical, and occasionally biological. Singer and Stumn (1970)
regarded reaction (1.2) as the rate-determining step. Around pH 2, the kinetics of the
chemical reaction (1.2) have been investigated and are summarized in Table 1.6. The

oxidation rate of pyrite by oxygen is very much slower than that by Fe(III) ions.

1.4 Microbially mediated dissolution of pyrite

Two chemoautotrophic bacteria grow actively in aerobic acid mine drainage: the
iron-oxidizing bacteria Thiobacillus ferrooxidans and the sulfur-oxidizing bacteria Thiobacillus
thiooxidans (Brierley, et al., 1973). Microbiological details of the two bacteria are listed in
Table 1.7. Thiobacillus thiooxidans cannot oxidize pyrite without 7. ferrooxidans, and it is
therefore important to establish the interaction mechanism between T. ferrooxidans and pyrite.
Themicrobially mediated dissolution of pyrite by T. ferrooxidans around pH 2 is conventionally

expressed as follows (e. g., Murr, 1980):

FeS,+7/20,+ H,O=Fe* +2 SO, + 2 H* (mainly chemical reaction) (1.2)
| Fe* + 1/2 O,+ 2H" =Fe’* + H,0 (biological reaction) (1.3)
[ FeS, + 2 Fe’* =3 Fe** +28S (chemical reaction) (1.4)
| FeS, + 14Fe* +8H,0=15Fe* +2S0O,* + 16 H' (chemical reaction) (1.1)

2S+30,+2H,0=4H+2S0," (biological reaction) (1.5)
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Table 1.7 Microbiological details of Thiobacillus ferrooxidans and Thiobacillus thiooxidans
(Buchanan and Gibbons, 1974)

T. ferrooxidans T. thiooxidans
Gram stain negative negative
shape short rods short rods
size 0.5 um X 1.0 wm 0.5 pum X 1.0~2.0 um
flagella monotrichous fragellum monotrichous fragellum
energy source Fe(Il), reducing S species reducing S species
(strictly autotrophic) (strictly autotrophic)
light not necessary not necessary
carbon source €0, CO,
terminal electron acceptor O, O,
: growth pH (optimum) 1.4~6.0 (2.5~5.8) 0.5~6.0 (2.0~3.5)
| growth temperature 15~25C 10~37C (28~307C)

l (optimum)

Reaction (1.2) 1s mainly chemical, but occasionally biological (the "direct contact mechanism"
of T. ferrooxidans). Below pH 2, Fe(Il) ions are only slowly oxidized to Fe(IIl) ions by
oxygen without 7' ferrooxidans, but with T. ferrooxidans the oxidation of Fe(II) ions (reaction
(1.3)) occurs at 5~6 orders of magnitude faster than the inorganic reaction rate (Lacey and

Lawson, 1970), and quickly regenerates Fe(III) ions in acid solutions. Then, pyrite is directly

' and chemically oxidized by Fe(IlI) ions as in reaction (1.4) or (1.1). Pyrite is oxidized and
dissolved more rapidly by Fe(IIl) (reaction (1.4) and (1.1)) than by oxygen (reaction (1.2)).
Elemental sulfur, an intermediate product in reaction (1.4), is also oxidized to sulfate by T.
ferrooxidans (reaction (1.5)). The process (reactions (1.1)~(1.5)) is termed the "indirect

| contact mechanism" of 7. ferrooxidans in pyrite dissolution (e. g., Murr, 1980).

;. Some investigators (Beck and Brown, 1968) did not accept this mechanism, but
proposed that the bacteria make direct contact with the pyrite crystals and oxidize them

! through enzymatic pathways, based on the results that the bacterial population on the pyrite

surface is much greater than in solution (Tuovinen and Kelly, 1972). Thus, the "direct

contact mechanism" has suggested to cause the microbial oxidation of pyrite. This mechanism

Is also supported by studies on the oxidation of non-ferrous sulfides such as ZnS and Cus$ in

the presence of T. ferooxidans (Silver and Torma, 1974; Duncan and Walden, 1972) where ::

i
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Iron is not present in the system. Silverman (1967) attempted to determine which mechanism

Is more important, and based on the results of O, uptake by bacteria and solution analyses, it

Was concluded that both mechanisms were operating concurrently. Taylor, et al. (1984a;

o o




1984b) suggested that pyrite oxidation is accelerated by a chemical oxidation pathway in
anacrobic water-saturated environments (indirect attack), and by a microbially-mediated
pathway in well-aerated and unsaturated zone environments (direct attack) using isotopic
analyses of *S (sulfate) and 'O (water). The path of the microbial attack of Thiobacillus

ferrooxidans on pyrite has remained a controversial issue.
1.5 Remediation and prevention of acidic mine drainage
Studies on cut in the cycles of pyrite weathering as shown in Fig. 1.1 (a) and (b) can

be divided into two categories, the suppression of chemical reactions of pyrite with Fe(III)

ions under anaerobic/aerobic conditions and the inhibition of metabolic reactions of aerobic

microorganisms under the aerobic conditions.
| Several factors controlling the chemical reaction have been established: (1) pH (Table
; 1.5), (2) surface area of pyrite (Table 1.5), (3) concentration of Fe(IIl) ions (Table 1.5), (4)
| concentration of Fe(II) 1ons (Table 1.5), (5) reduction of Fe(III) to Fe(II) ions (e. g., Blowes,
1994), and (6) formation of secondary iron minerals on pyrite (e. g., Nordstrom, 1982;
:< Jambor, 1994). It is generally accepted that the kinetics of the reaction depends on pH and
the concentration of Fe(III) ions.

It has been reported that the Fe(II) ions formed by reactions (1.1) and (1.4) reduce the
dissolution rate (Sakai, et al., 1987; Moses and Herman, 1991) in a kind of self-suppressing

reaction. Sakai, et al. (1987) added Fe(Il) ions to the solution to observe the suppression

effect, but the results were inadequate to describe the effect. Further, they changed only
Fe(IT) ion concentration so the effect of the redox potential was not eliminated. Moses and

Herman (1991) did not consider changes in the surface composition of pyrite during oxidation:

they discussed the suppression effect based on simple dissolution experiments and did not
carry out dissolution experiments by addition of Fe(Il) ions. To achieve a better understanding
l of the overall mechanism of pyrite oxidation with Fe(III) ions it is important to elucidate the
effect of Fe(II) ions.

Studies on the adsorption or reduction of toxic ions such as Hg(Il), As(II, V), and
Cr(VI) ions on pyrite have suggested that pyrite has the potential to remove toxic ions from
waste water (Brown, et al., 1979; Brown and Jurinak, 1989; Jean and Bancroft, 1986; Zouboulis,

et al,, 1993; 1995). The interfacial reactions of Au-complexes/pyrite are related to the
geochemistry of concentrating noble metals with pyrite functioning as a reductant (Hyland
iﬁ and Bancroft, 1989; Bancroft, et al., 1990). In mineral processing, a knowledge of the
Interaction between pyrite and Cu(Il) ions, an activator in froth flotation of sulfide, is useful
and often indispensable (Voigt, et al., 1994; Perry, et al., 1984). Adsorption chemistry of

several cations on pyrite is closely related to the unique physicochemical properties of pyrite
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described in Section 1.2. Complxation of Fe(III) around pH 2 has not been investigated well
systematically, and there are still many factors to consider, such as adsorption, complexation
of Fe(IlI), and others.

Inhibition of growth and respiration in 7. ferooxidans and T. thiooxidans has been
studied both microbiologically and biohydrometallurgically (e. g., Walsh and Mitchell, 1975;
Wakao, et al., 1983). In bacterial leaching, it is important to develop bacteria with resistance
to high concentrations of heavy metal ions. Imai, et al. (1975; 1976) reported that heavy
metal ions, such as Cu(Il), Zn(II), Ni(II), Co(II), Mn(Il), Cd(II), and Cr(III) ions, did not
prevent cell growth and the iron-oxidizing activity of T. ferrooxidans even at ~10° mmol
dm?, while U, Mo, and Sn at more than 10° mol dm” and Ag* and Hg(Il) ions at more than
10° mol dm” prevented it.

[t is an interesting subject for microbiologists to investigate the resistance to organic

compounds and assimilation of them by chemoautotroph (Rittenberg, 1972). Carboxylic

acids, amino acids, and keto acids have been tested as inhibitors for 7. ferooxidans (Dugan,
| 1975; Tuttle, et al., 1976; 1977; Pronk, et al., 1991), and for T. thiooxidans (Iwatsuka, et al.,
1960; Butler, et al., 1966; Borichewski, 1967; Lu, et al., 1971). Tuovinen, et al. (1971) also
reported that common organic carbon sources at less than 0.5(w/v)%, such as fructose and
lactose, inhibited the iron-oxidizing activity and growth of T. ferrooxidans. For anionic
species, nitrate and chloride were also inhibitory whereas sulfate was not (Tuovinen, et al.,
1971). The inhibition by these substances are summarized in Tables 1.8 and 1.9.

To achieve the complete inhibition of the activity of T. ferrooxidans in acid mine
water, sodium lauryl sulfate (SLS) (Imai, et al., 1972; Dugan, et al., 1975; Kleinmann, et al.,
1981; Dugan, et al., 1983; Onysko, et al., 1984), alkylbenzene sulfonate (Dugan, 1975;
Kleinmann, 1981; Onysko, etal., 1984), sodium benzoate (Dugan, etal., 1983), NaN,(Iwatsuka,
1960; Arkesteyn, 1979), and N-ethylmaleimide (Arkesteyn, 1979) have been investigated;
and to inhibit 7. thiooxidans, NaN, (Adair, 1966) and KCN (Iwatsuka, 1960; Adair, 1966)
were examined. Anionic surfactants, especially SLS, are effective inhibitors and have been
used practically in mines in the USA (Dugan, 1975; Kleinmann, et al., 1981; Onysko, et al., i
1984; Rastrogi, 1996). However, extensive use of detergents is not environmentally acceptable,

and the World Health Organization recommends that detergent concentration in flowing

water should be below 1.0 ppm. In a view point of protecting environments, more acceptable
: and practical inhibitors are desired.

| Though it has been reported that oxalic acids inhibits cell growth and iron- and sulfur-
oXidation in 7. ferrooxidans (Dugan, 1975; Tuttle, et al., 1976) and T. thiooxidans (Iwatsuka
and Mori, 1960), the inhibitory effects of humic substances on chemoautotrophic bacteria is

not well known. b

Recently, in the view point of environmental problems on radioactive wastes, the
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interest in interaction of humic substances with metal ions has been rapidly aroused (e. g.,
Miyajima and Mori, 1996). The effect of humic substances on biogeochemical cycling of
Fe(Il, 111) has also been discussed in field studies (Luther, et al., 1992; 1996). Humic
substances are capable of reducing Fe(Ill) to Fe(Il) ions (Skogerboe, et al., 1981), and
forming complexes with Fe(IIl) ions (Wu and Luther, 1995). It is important to study

systematically the role of humic substances in the biogeochemical cycles of Fe and S.

1.6 Objectives and outline of the thesis

As described in the previous sections, pyrite is a common sulfide mineral and its
weathering causes environmental damage mainly due to the formation of acid mine drainage

containing high concentrations of H*, Fe(III), and sulfate. The oxidation of pyrite is accelerated

by the involvement of iron- and sulfur- oxidizing bacteria growing in aerobic environments.
It is important to make clear the mechanism of microbial attack to pyrite, and of oxidative
dissolution. In biogeochemical point of view, pyrite weathering is also a part of geochemical
cycles of Fe and S, and complicate changes in chemical states of sulfur species (from -2 to
+6) are especially interested.

The purposes of this study are (a) to clarify the mechanism of microbial attack to
pyrite by the iron-oxidizing bacteria Thiobacillus ferrooxidans, to establish which mechanism,
the "direct" or "indirect" contact mechanism, is predominant, (b) to clarify the mechanism of
oxidative dissolution of pyrite by Fe(Ill) ions, whether the dissolution i1s congruent or
incongruent, and (c) to establish factors suppressing pyrite weathering in order to control

strongly acidic drainage. The main oxidant of pyrite in aqueous environments 1s Fe(III) ions,

which precipitates above pH 2.5 and the experimental pH range was confined to around 2,
similar to other works on pyrite. The present study was planned carefully to overcome the
following experimental difficulties by simplifying systems and by using several analytical
methods for one purpose: (1) pyrite is easily oxidized by oxygen, (2) the dissolution rate of
pyrite 1s very slow on a laboratory scale but not on a geochemical one, and (3) microbially
mediated reaction is very complicated.

This thesis is composed of eight chapters.

The background and review of previous works on the dissolution of pyrite, and
objectives of the study are described in Chapter 1, this chapter.

In Chapter 2, the microbially mediated dissolution of pyrite by iron-oxidizing bacteria,
Thiobacillus ferrooxidans, is examined both by solution analysis and surface analysis of
pyrite. Chapter 2 especially discusses the path of the microbial dissolution of pyrite, "direct"
,‘ or "indirect" based on the experimental results.

In Chapter 3, a pretreatment method to obtain a well-defined surface of pyrite 1s first
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ostablished, then oxidative dissolution of pyrite by Fe(Ill) ions is examined by solution
analysis, X-ray photoelectron spectroscopy, and Raman spectroscopy. Stoichiometry of the
oxidative dissolution was discussed based on time variations in the amount of released Fe and
S species, and on changes in the surface composition.

In Chapter 4, the effect of ligands on the oxidizing abilities of Fe(III) ions is investigated
io establish means of suppressing the oxidative dissolution of pyrite. Various inorganic and
organic acids are surveyed, and the factors controlling their suppression are discussed.

In Chapter 5, the effect of cations on the oxidative dissolution of pyrite was investigated,
to find other methods of suppressing oxidative dissolution. Eleven different cations including,
alkaline, alkaline earth, and transition metal ions, were screened, and the factors controlling
suppression effects are discussed.

In Chapter 6, inhibitors to iron- and sulfur-oxidizing bacteria were examined taking

into account the use of compounds limiting environmental damage. Based on the results in

1 Chapters 4 and 5, humic substances and related compounds were selected as inhibitors. The
effect of these compounds on cell growth and the substrate-oxidizing ability of bacteria was
investigated.

In Chapter 7, fulvic, tannic, and oxalic acids were applied to inhibit microbially
mediated dissolution of pyrite, building on the results in Chapters 4, § and 6. The relation
between the dissolution behavior of pyrite by bacteria and bacterial growth was investigated,
and the functions of these acids are discussed.

Chapter 8 presents the conclusions of the study.
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Chapter 2
Microbially mediated dissolution of pyrite by iron-oxidizing bacteria

Microbially mediated dissolution of pyrite by T. ferrooxidans around pH 2, is expressed

conventionally as follows (e. g., Murr, 1980):

FeS,+7/20,+ HlO=Fe* +28S0,* + 2 H* (mainly chemical reaction) (2.1)
Fe’* +1/2 O,+ 2H ' =Fe’* + H,0 (biological reaction) (2.2)
FeS, +2Fe* =3 Fe* +28S (chemical reaction) (2.3)
FeS, + 14Fe**+8H,0=15Fe* + 280, + 16 H' (chemical reaction) (2.4)
2S+30,+2H,0=4H"+2S0,* (biological reaction) (2.5)

As described in Chapter 1, the mechanism of microbial attack of Thiobacillus ferrooxidans
to pyrite has long been an object of argument.

In the present chapter, the mechanism of microbially mediated dissolution of pyrite
with T. ferrooxidans, using instrumental analysis of minerals, such as diffuse reflectance
infrared Fourier transformed spectroscopy (DRIFTS), X-ray photoelectron spectroscopy (XPS),
and Electron probe X-ray microanalysis (EPMA) in addition to aqueous analysis was

investigated.
2.1 Experimental

2.1.1 Pyrite

Pyrite was supplied from the Yanahara mines (Japan). The metal composition in the
sample was determined by inductively coupled plasma-atomic emission spectrometry (ICP-
AES), after decomposition in a 5:1 mixture of HNO, and HF at 150 C for 2 h (Nakamura,
1991), as shown in Table 2.1.

Table 2.1 Elemental composition of pyrite from the Yanahara mines (mg g)

Na Al Si P S K Ca Mn Fe Cu Zn As
0.046 138 12.0 0.806 523 1.05- 136 0055 458 240, 222 . =0075

The pyrite was ground in a vibration ball mill SM-06 (Y okoyama Co. Ltd.) and then sieved
[0 obtain the size fraction between 43~147 um. The X-ray powder diffraction lines for the

sample were measured using NaCl as a standard and they were identical to those of pyrite.
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No other diffraction lines were observed with this sample except for a very weak line of SiO,
(d = 0.338 nm), which did not take part in the dissolution experiments (Sasaki, et al., 1994;
Sasaki, 1994). In this chapter, the pretreatment of the sample is not discussed. The specific
surface area was determined to be 1.24 m*g"’ by the N, adsorption one point BET method

with a Quantasorb QS-13 (Y uasa Ionics Co. Ltd., Japan).

2.1.2 Microorganisms and culture

[ron-oxidizing microorganisms, Thiobacillus ferrooxidans, were isolated from acid
mine drainage in the Toyoha mines (HUTY8906) (Takamori, et al., 1990) and cultivated
routinely as follows: the microorganisms are inoculated to a 150 cm® of 9K medium (Silverman
and Lundgren (1959), i. e. 15 mmol dm*® (NH,),SO,, 2.0 mmol dm* MgSO, * 7H,0, 1.3
mmol dm* KCI, 5.7 mmol dm® K,HPO,, 0.061 mmol dm* Ca(NO;),, and 160 mmol dm™
FeSO, * 7H,O (energy source)) adjusted to pH 2 with H,SO,, in a silico-plugged 500-cm’
Erlenmeyer flask. The basal solution of 9K (without an energy source) is sterilized by
autoclaving at 120 ‘C for 20 min, and glass assemblies are sterilized by heating to 180°C for
2 h. The flasks are installed in a rotary shaking culture-apparatus TB-16 (Takasaki Kagaku
Co. Ltd.) at 30 ‘C. Under the conventional shaking condition, dissolved oxygen is saturated
in the medium. Iron precipitates like jarosite are often formed during the culture for 7.
ferrooxidans, and they are removed by filtrating the cell suspension through a sterile Whatman
No. 41 filter paper. The cells are harvested by centrifugation of the filtrate at 18, 000 X g for
20 min, and resuspended in a sterile H,SO, solution (pH ~2.0) for storage in a refrigerator.
Prior to the bacterial dissolution of pyrite, the microorganisms are acclimatized to pyrite in a

basal solution of the 9K medium.

2.1.3 Dissolution experiments

The 7.5 g of ground pyrite was put into a silico-plugged 500-cm® Erlenmeyer flask
containing 150 ¢m® of the basal salt solution in the 9K medium. Then, 5 cm?® of cell
suspension with 1.17 X 10° active cells cm”, T. ferrooxidans, were inoculated. A control
experiment was also carried out without the microorganisms. All flasks were installed in the
rotary shaking culture-apparatus at 30 ‘C. Incubation was continued for 11 days. At intervals,
PH, redox potential (E), and cell number were measured, and 1 cm® of supernatant was
pipetted off and filtrated with a 0.20 um pore membrane filter for solution analysis. Cell
numbers were counted microscopically (X600). The Fe(II) and total Fe concentrations were
determined by the 1, 10-phenanthroline method, and the sulfate concentration was measured
by ionic chromatography (Showa Denko, Shodex IC). The FTIR spectra of the solutions
were measured with a FTS-65 (BIO-RAD) by a KRS-5 sandwiching method. After the

dissolution experiments, the residue was separated using membrane filters with 0.20 wm pore
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size and stored in a N, purged desiccator for instrumental analysis.

2.1.4 Instrumental analysis

XPS: The chemical species on the surface of the pyrite were analyzed by XPS (V. G.
Scientific, ESCALAB Mk II). The samples were pressed onto copper foil on a holder and
introduced into the spectrometer. After evacuating to better than 10° Pa within 15 min, the
sample was transferred into an analyzer chamber of better than 5 X 10® Pa and cooled below
150 K, then irradiated with Al Ko X ray (15 kV, 10 mA). The binding energies (E,) were
calibrated with E [Au 4f,, ] = 84.0 eV (full width at half maximum (FWHM) = 1.2 ¢V). The
binding energy of C 1s, E,[C 1s], corresponding to hydrocarbon caused by contamination in
the apparatus was 284.7 * 0.1 eVand the contamination caused by cooling was disregarded
due to its very small intensity. Data treatment was carried out with a VGS 5250 system.
Background was drawn according to the Shirley's method (Shirley, 1972). The obtained
spectra were separated into sets of 2p,, and 2p,, using Gaussian-Lorentzian mixed functions
with a peak area ratio of approximately 2:1, considering tail parameters (Sherwood, 1990).

Relative sensitivity factors between components 1 and 2, s /s, , are determined according

to the following equation:
s/s, = {,/L)(ny/n)), (2.6)

where s 1s the relative sensitivity factor including an escape depth of the electrons, n,/n, the
mole ratio of component 2 to component 1, and [ the intensity by area in which contributions
from X-ray satellite peaks was subtracted by computer calculation. The relative sensitivity
factors among S 2p, Fe 2p and K 2p were estimated as shown in Table 2.2, by measuring
XP-spectra for pure pyrite and analytical grade reagents of FeSO, + 7H,0, FeSO,(NH,),SO,
* 6H,0, Fe,(SO;(NH,),SO, - 24H,0, K,SO,, K,Al,(SO,) + 24H,0, and K ,Fe(CN), * 3H,0
(Konno, et al., 1991). The XP-spectra for pure pyrite was obtained by measuring the fresh i
surface of cleaved pyrite in argon. :
FTIR: Infrared spectra were obtained by diffuse reflectance infrared Fourier transformed
spectroscopy (DRIFTS) (BIO-RAD,FT'S-65) with diluted samples in KBr, under the conditions:
accumulation, 64 times; resolution, 4 cm'; detector, TGS range of wavenumbers, 400~4000
cm ',
EPMA: The morphology and elemental analysis of pyrite particles were obtained
with a X-ray microscopy JXA-8600 Superprobe (JEOL) at 15 kV.
XRD: The secondary minerals formed during oxidation were identified by powdery
X-ray diffraction patterns (XRD). The XRD patterns were collected by an X-ray diffractometer

3063 (Rigaku Co. Ltd.) and a monochromator detector under the following conditions: radiation «
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Cu Ka 35 kV 20 mA; time constant, one second; scanning rate, 0.5 in 26 deg min'; chart

speed, 40 mm min",

Table 2.2 Relative sensitivity factors of S 2p, Fe 2p and K 2p

Compounds Relative sensitivity factor
Ss Zp/ Ske 2p S Zp/ Sk 2p Ssz/ Ske 2p
FeS, 0.14, £ 0.00,” - -
FeSQ, « 7,0 O3 T 000 - -
FeSO,(NH,),SO, * 6H,O 0.14 - -
Fe(SO,),(NH,),SO, * 24H,0 0.14, - <
K, SO, o 0.39.+ 0.00,” -
K,AL(SOy, * 24H,0 = 0.42 -
K,Fe(CN), * 3H,O = o (033,
Average 0.14+ 0.00,” 0.40,+ 0.012
a) lo

2.2 Results

2.2.1 Solution analysis

As can be seen in Fig. 2.1, the growth curve of T. ferrooxidans has a logarithmically
growth phase at 5~8 days with a dramatic decrease in pH, whereas the pH of the control
experiment was almost constant. Figure 2.2 shows that Fe(IIl) and sulfate concentration
dramatically increased after 4 days in microbially mediated dissolution of pyrite, in contrast
with the control. Changes in E were in good agreement with the above results, as shown in
Fig. 2.3. The FTIR spectra of solution samples after 1~11 day-dissolution were very similar

10 those of the initial solution, indicating that organic compounds were not present.

2.2.2 Surface analysis

XPS: The S 2p spectra were measured as shown in Fig. 2.4 and separated into 5 sets
(A, By, Cg, Dy, and Eg) of 2p,,, and 2p,,,assuming that the difference between E,[S 2p,,] and
Ey[S2p,,]is 1.2 £ 0.1 eV and that the ratio of the integrated intensities, I[S 2p5, 1S 2py, 1,
s ~2. It was found that four peaks B, Cg, Dy, and Eg shifted + 2.1~2.4 eV in E,, due to the
differential charging effect caused by secondary formed and nonconducting compounds on
pyrite.  Electron binding energies for some related elements and compounds are listed in
Table 2.3. According to Table 2.3, the A peaks are correspondent to the original pyrite, and
peaks B, Cs, Dy, and Eq to pyrite, elemental sulfur, sulfite, and sulfate, respectively. The
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Fig. 2.1 Relationship between cell numbers and pH in microbially mediated dissolution.
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FWHM of the separated peaks in S 2p,, was 1.54 eV for pyrite, and 1.60 eV for the others.
In the Fe 2p spectra, there are three apparent peaks (A, By, and C, ) as shown in
Fig. 2.5. The FWHM of peak A, is the same as one of peak A, in Fig. 2.4, so the A, peak
corresponds to pyrite. Peaks B, and C, are assigned to the pyrite and oxidized species
(mostly Fe(Ill) species; Konno and Nagayama, 1980) with the differential charging shift.
The difference in E [Fe 2p,,] between peaks A, and B, was 2.1~2.4 eV, similar to that in

the S 2p spectra.

Table 2.3 Electron binding energies, Eg, for some related elements and compounds corrected
by Ez[Au 4f,,] =84.0 eV

a) Eat the maximum intensity , not of 2p,,.

Compound Fe2p.,  S2p., K2p,, Nls Remarks
Fe 706.8 Konno, et al., 1980
FeS, 707.0 1622 present work
NaS,O, peripheral S 162.5 Wagner, 1990
central S 168.6 Wagner, 1990
I-cysteine 162.9 400.8 present work
S 164.25 Wagner, 1990
Na, SO, 166.6 Wagner, 1990
K, SO, 168.0 292.4 present work
KFe(CN), «+ 3H,0O 708.8 2931 3979 present work
FeSO,(NH,),SO, * 6H,0 710.8 168.8 401.8 present work
a-Fe; 0 711.0 Konno, et al., 1980
FeSO, + 7H,0 7111 168.8 present work
y-FeOOH 713 Konno, et al., 1980 i~
K FeO, 713.0 Konno, et al., 1980 A
K,AL(SO,), * 24H,0 168.9 292.9 present work
Fe,(8SO,), * nH,O 713.3 169.0 present work
Fe(SO)4(NI,),S0, * 24H,0  713.5 169.2 402.1  present work

The relative intensities of /,, ,, and I, after biological dissolution are summarized in
Fig. 2.6. The relative intensities of peaks A, and B, (corresponding to pyrite-Fe) decreased
with time, whereas those of peak C,, (other Fe species) increased. This was similar to the
results of the S 2p spectra (Fig. 2.6 (b)).

Figure 2.7 shows spectra changes in the C 1s and K 2p regions. The peak for
contamination in the present apparatus was E,[C 1s] = 284.7 £ 0.1 eV, as shown in spectrum
(). Peaks shifted + 2.0 eV in E, after more than 4 days. After 6 days of dissolution,

additional peaks were observed around E L C 1s] = 288.3 eV, corresponding to cellular carbon
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in microorganisms (Castro, et al., 1990). After more than 6 days, these peaks were further

additionally observed at E,[K 2p] ~294 eV and their intensities relatively increased with time
to the intensities of the C 1s peaks. Table 2.4 summarizes E,-values, based on Figs. 2.4, 2.5
and 2.7.

Table 2.4 Electron binding energies, E,, for pyrite after microbially mediated dissolution.
The E,for surface products were corrected by the pyrite peak positions (A, and A in Figs.
2.4 and 2.5).

Dissolution time E eV
/day Fe 2p,, S 2p,, K 2Py
AFe’ BFe CFe . Ag, Bs Cs Ds Es

1 707.0 7121 162.2 163.8  166.1 - -

4 707.0 712.6 162.2 1639 167.0 169.2 -

6 707.0 712.4 162.2 1637 166.7  168.9 291.9

8 707.0 712.4 162.2 1639 16731 1692 292.2

11 707.0 712.8 162.2 163.8 167.1 169.0 292.2
Average 163.8, 1668, 169.0, 292.2
lo 0.08 047 0.15 0.17

a) Broad peak.

FTIR: The FTIR spectra for pyrite changed with dissolution time as shown in Fig.
2.8. In the spectra for unreacted pyrite, the largest band at 1200 cm ™ corresponds to the S-O
bonding in sulfate. The additional band at 1088 cm appeared after one day of dissolution,
and a further band at 1005 cm™ appeared after 8 days of dissolution. The two bands
increased with time. Three bands at 1200, 1088, and 1005 c¢cm ! are assigned to the vibration
modes of S-O bonding in jarosite, K Fe,(SO,),(OH),, (Adler and Kerr, 1965). After 8 days,
three bands at 1550, 1650, and 3400 cm' were also observed, these were assigned to the
vibration modes of N-H bonding in polyamide (Riddle and Taft, 1956; Naumann, 1988).
This suggests that cellular protein was accumulated on pyrite after 8 days. There were no
other organic compounds in the spectra.

EPMA: The morphology of pyrite during biological dissolution is shown in Fig. 2.9,
in which EPMA was carried out at points (A). It is observed that the surface of pyrite is
smooth up to 4 days, similar to unreacted samples, and that it became irregular with increasing
dissolution time. In addition to Fe and S the EPMA detected K after more than 6 days of
dissolution.

XRD: The XRD patterns of pyrite samples after the biological dissolution were the

same as those of unreacted pyrite. Only diffraction lines for pyrite were observed in the
Samples.
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Fig. 2.4 XP-spectra of S 2p for pyrite after microbially mediated dissolution for (a) 1, (b) 4,
(¢) 6, (d) 8, and (e) 11 days. Vertical bars indicate 500 cps. The spectra were separated into

1) . . . . .
“Py; and 2p,, sets using Gaussian-Lorentzian mixed functions.
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Fig. 2.5 XP-spectra of Fe 2p for pyrite after microbially mediated dissolution for (a) 1, (b) 4,
(c) 6, (d) 8, and (e) 11 days. Vertical bars indicate 1 kcps. Symbols: (1), the measured

onginal spectrum; (2), the contribution from unreacted pyrite; (3), the difference between (1)
and (2).
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Fig. 2.7 XP-spectra of C 1s and K 2p for pyrite after microbially mediated dissolution for (a)
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Fig. 2.8 FTIR spectra for pyrite after microbially mediated dissolution for 0-11 days in
addition of unreacted pyrite. Symbols: @, jarosite; 4, polyamide.
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2.3 Discussion

The microbially mediated dissolution of pyrite is very complicated due to the interaction
among mineral, solution, and bacteria. It is important to know the iron-oxidizing activity of
microorganisms during the dissolution, and the changes in E gives useful information on cell
activity.

As shown in Fig. 2.10, there is a linear relation between E and log([Fe(II1)]/[Fe(I)]).
Thisindicates that the E in the solutionis mainly controlled by the redox system [ Fe(I11)]/[Fe(11)].
With cell growth, the microorganisms oxidize Fe(Il) to Fe(Ill) ions according to reaction
(2.2), leading the increase in E. Therefore, £ may be used to evaluate the iron-oxidizing
activity of the bacteria. This was confirmed using voltametry by Brock (1975) and Frenary,
et al. (1985). Based on changes in E (Fig. 2.3), the changes in cell activity in microbially
mediated dissolution of pyrite can be divided to three phases: (1) lag (0~4 days), (2) logarithmic
(4~8 days), and (3) decelerating (8~11 days).

According to eq (2.6), and using the relative sensitivity factors in Table 2.2 and
XP-intensities in Figs. 2.4-2.7, the mole ratios of the surface components to the total iron
species (Cy, peaks in Fig. 2.5) of surface products formed on pyrite are calculated, as shown
with solid lines in Fig. 2.11. Here the aqueous species Fe(Il), Fe(Ill), and SO,” have been
added (broken lines). Changes in both the aqueous and surface phases can be discussed
according to the three phases established here.

Until 4 days, pH and E were almost unchanged and cell numbers, total Fe, and sulfate
in the aqueous phase not very increased (Figs. 2.1~2.3). This shows that reactions (2.2) and
(2.5) did not yet occur. According to Fig. 2.11, [S]/[Fe,] increased rapidly on the surface.
This is reflected in the formation of elemental sulfur on the pyrite by the reaction of pyrite
with Fe(IlI) ions (reaction (2.3)). Only little elemental sulfur was formed, as there were
small amounts of Fe(II) ions and sulfate in the aqueous phase. Detection of elemental sulfur
Is important evidence showing that the microorganisms are indirectly involved in dissolution
of pyrite not but directly. The surface incidence of [SO,*]/[Fe,] < 0.25 at 0~4 days in Fig.
2.11 shows that only little insoluble sulfate was formed.

From 4 to 8 days, it was observed (Figs. 2.1~2.3) that E, cell numbers, total Fe,
Fe(II) ions, and sulfate in the aqueous phase increased rapidly, and that pH began to decrease
after 5 days. The ratio of [S]/ [Fe;] at the surface was the largest (~0.55) at 4 days and
decreased until 8 days (Fig. 2.11). This indicates that elemental S and Fe(Il) ions were
tapidly oxidized by the microorganisms according to reactions (2.2) and (2.5), in concert with
active cell-growth. Increased formation of insoluble sulfate is also shown by the increase in
[SO,” J/[Fe,] at the surface, from 0.25 to 0.70 (F ig. 2.11).

In the last period (8~11 days), aqueous Fe(II) ions and the surface incidence of
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[S)/[Fe] increased moderately (Fig. 2.11). This suggests that the biological reactions (2.2
and (2.5) were slowly suppressed. While the surface incidence of [SO42 |/[Fe;] and [K"]/[Fe,]
increased. At the 11th day, the mole ratio of [K*]:[Fe.]:[SO,*] became 1:3:2, where [Fe.] is
mostly Fe(IIT) species. The increase in rate of aqueous Fe(IIl) ions slows down (Fig. 2.11)
and E decreased (Fig. 2.3). These results suggest that potassium dominant jarosite
(KFe,(SO,),(OH) ) was formed on the pyrite. This is in good agreement with the results of
the FTIR spectra (Fig. 2.8) and the elemental analysis by EPMA (Fig. 2.9). It is considered
that potassium dominant jarosite is formed by taking in K* ions from the basal 9K medium.
However, there were no peaks for potassium jarosite in XRD patterns of the samples. This is
possibly because little potassium dominant jarosite was formed or because its crystallization
was not very developed. It is considered that the iron-oxidizing bacteria contributed to the
formation of Fe(III) ions which are precursor to potassium dominant jarosite (Sasaki, et al.,
1995).

2.4 Summary

Microbially mediated dissolution of pyrite with Thiobacillus ferrooxidans was carried
out and studied with both aqueous solution and mineral surface analysis. The reaction was
well explained by the indirect contact mechanism. Detection of the formation of elemental
sulfur and changes in S with reaction time by XPS provided the most important evidence.
The findings may be summarized as follows.

The main reactions in the mechanism, i. e. the enzymatic oxidation of aqueous Fe(II)
ions and elemental sulfur by T. ferrooxidans and the chemical oxidation of pyrite by Fe(IIl)
lons, accelerated when the cell numbers increased logarithmically.

The measured complex XP-spectra were well explained by the concept of differential
charging effects: it was found that Fe(II, III), elemental S, sulfate, and probably sulfite are
formed on the pyrite. The accumulation of K* ions was also found after more than 6 days of
dissolution. The observed elemental S is considered to be an intermediate product in the
indirectly oxidative mechanism. Changes in incidence of surface products were helpful to
understand the reaction scheme. With the rapid increase in the concentrations of Fe(III) ions
and sulfate in the aqueous phase, insoluble sulfate compounds were precipitated on pyrite.

The redox-potential was dependent on the mole ratio of [Fe(II1)]/[Fe(Il)] in solutions.
The E increased in the active phase of the bacteria and decreased in the inactive phase. This
indicates that E can be a measure of the activity of T. ferrooxidans during the reaction. The

FTIR and XPS results indicate that the insoluble sulfate compounds formed on the pyrite in

the inactive phase may be potassium dominant jarosite.
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Chapter 3
Chemical dissolution of pyrite by Fe(IIl) ions

In Chapter 2 it is clear that Thiobacillus ferrooxidans are indirectly involved in
dissolution of pyrite. This indicates that direct oxidants are Fe(IIl) ions and oxygen in
bacterial oxidation, the former being more reactive than the latter (e. g., McKibben and
Barnes, 1986). As described in Chapter 1, oxidative reaction of pyrite with Fe(IIl) ions was
expressed as reaction (3.1) in geochemistry (Smith and Shumate 1970; Rimstidt and Newcomb,
1993; McKibben and Barnes, 1986; Wiersma and Rimstidt, 1984; Mathews and Robbins,
1972; Garrels and Thompson, 1960; Moses, et al., 1987), and as reaction (3.2) in
biohydrometullurgy (Murr, 1980).

FeS,+ 14 Fe* + 8 H,O0 = 15 Fe* + 2 SO,* + 16 H* 3.1)
FeS, + 2 Fe* =3 Fe +2 S (3.2)

To understand better the mechanism of pyrite oxidation with Fe(III) ions, it is important
to know whether pyrite dissolves stoichiometrically or nonstoichiometrically (Luther, 1987;
Moses et al., 1987). It needs also to make well-defined surface of stoichiometric composition
for pyrite, because the pretreatment method of pyrite is not fully established as described in
Chapter 1 (Table 1.4).

In the present chapter, pretreated pyrite with the well-defined surface is confirmed by
XPS and Raman spectroscopy: Raman spectra provides useful informations to distinct chemical
species of sulfur, which was not precisely specified by XPS, such as distinction among
sulfide, polysulfide and elemental sulfur. The oxidative dissolution of the pretreated pyrite
by Fe(III) ions in chloride solutions is investigated. The stoichiometry is discussed based on
the dissolution data for Fe and S species measured simultaneously and the results of XPS and

Raman spectroscopy.
3.1 Experimental

3.1.1 Pyrite and its pretreatment
Pyrite was supplied from the Yanahara mines (Japan). The elemental composition and
characterization by XRD of this sample was described in Chapter 2. Pyrite was ground

using a tungsten carbide ball mill P-5 (Fritsch Co. Ltd. Germany). The samples were

pretreated to establish a well-defined surface of the stoichiometric composition according to




two previous methods (McKibben and Barnes, 1986; Moses, et al., 1987; 1991).

Method 1: The pyrite was ultrasonically cleaned in ethanol for 30 sec with adhering
mineral powder decanted, and then the pyrite was rinsed with 1 mol dm” HNO, for one
minute, followed by rinsing three times in distilled water, before dehydrating in acetone, and
finally it was vacuum-dried using an aspirator (McKibben and Barnes, 1986).

Method 2: The pyrite was boiled in 6 mol dm™ HCI for 15 min, rinsed twice with 6
mol dm” HCI, and rinsed at least three times with 50 cm?® of warm acetone (Moses, et al.,
1987; 1991).

After both pretreatments, samples was dried under N, and supplied for XPS and
Raman spectroscopic measurements.

The specific surface area of the pretreated pyrite was determined by the N, gas
adsorption BET method on a Quantasorb QS-13 (Yuasa Ionics Co. Ltd.) with a QS-300 cell
for low value measurements. Each result was in good agreement with the data obtained by
the N, gas adsorption 7 points BET method on a Autosorb AS-1 (Yuasa Ionics Co. Ltd.).
The average of twelve experiments was 0.40 £ 0.060 (£1o,,n=12) m* g".

3.1.2 Dissolution experiments

Dissolution experiments were carried out using a batch reactor with an impeller and a
G2 glass ball filter for N, bubbling. The solution was sufficiently stirred to suspend pyrite
particles. All assemblies were made of glass and rinsed with a diluted HNO, solution before
use to avoid iron contamination. As the oxidant, 0-15 mmol dm” FeCl; * 6H,0 were used.
The mitial pH was adjusted to 2.0 with super special grade (SSG) HCI. To avoid complications
by a two oxidant-system, dissolved oxygen was removed to the extent that the oxidation of
pyrite and dissolved Fe(II) ions by dissolved oxygen was insignificant. Prior to each dissolution
experiment, 200 cm” of each solution was deaerated by bubbling N, gas (= 99.999%) for one
hour: the dissolved oxygen in the deaereted solution was under 1 ppm. Then, 2.00 g of the
Just pretreated pyrite powder was added to the solution. The dissolution experiment was
carried out for 72 h under N, bubbling at room temperature (not controlled). Solution pH was
also not controlled, since pH does not affect the dissolution rate in the range between 0 and 2
(Wiersma and Rimstidt, 1984). At appropriate intervals, 1 cm® of solution was sampled and
filtrated with a 0.20 wm pore membrane filter for solution analysis, and pH and E measurements.
The total Fe and Fe(Il) concentrations were determined by the 1, 10-phenanthroline method
and the total S concentration by ICP-AES (SEIKO Co. Ltd., SPS 1200). Dilution of the
sampled solution was performed with a 0.01 mol dm” SSG HCl solution. After the dissolution

¢Xperiment, the residue was separated by filtration and stored in a N, purged desiccator for

XPS and Raman spectroscopic analysis. XP-spectra were collected by the described procedure
in Chapter 2.




S

3.1.3 Raman spectroscopy

For Raman spectroscopy, excitation was accomplished by a single line 488.0 nm
wavelength light from an Ar ion laser. The power of incidence was about 50 mW at the
sample point. The Raman scattered light was detected between 600 cm™ and 100 cm' by a
triple type monochromator (JASCO R-800T) equipped with a photomultiplier (Hamamatsu
R-464) and a photon counter, and between 1600 cm™ and 600 cm' by a double type
monochromator. The band path of the monochromator was about 8 cm'. The pyrite sample
was diluted to 5 wt% with KBr powder and 0.30 g of the mixture was compressed to form a
10 mm¢ disk. A rotating apparatus was used for the measurement of the disk to avoid
heating effects of the laser beam. The laser light was polarized parallel to the plane of
incidence and the incidence angle was 80 degree. The Raman scattered light was collected in

the incidence plane in the direction normal to the incident laser light.
3.2 Results and discussion

Typical dissolution curves of pyrite in 0.01 mol dm® HCI containing 15 mmol dm *
Fe(IIl) 1ons are shown in Fig. 3.1. From the net amount of dissolved iron in Fig. 3.1, the
average thickness of the pyrite dissolved is calculated to be 6.2 nm. It corresponds to an
average of more than 10 lattice layers of pyrite crystal, though uniform dissolution does not
take place in acid solutions, actually (McKibben and Barnes, 1986).

The total amount of 7 species in the solution per unit initial surface area of pyrite at
time 7is expressed as x(7) in mmol m?, where i indicates S, Fe(Il) or Fe(II). Assuming that
pyrite is dissolved with Fe(III) ions according to reaction (3.1), the stoichiometry at ¢, n(t) =
X(1)/xp,(1), can be expressed theoretically using x;,,,(z) and the initial amount of Fe(III) ions

per unit initial surface area of pyrite, xp,,(0), as:

Ppeolt) = X5(8) | (Xppupr (1) + Ko (1))
=2 Xppuy (1) 1 (15 X111 (0) + Xg,(2)) (3.3)

[n Fig. 3.2 the theoretical stoichiometric ratio, n,, (1), is compared with the observed

Stoichiometric ratio, n,, (), obtained from the experimental data, showing that n, (1) is larger

theo
than n,, (1), and that the difference between n, (1) and n, (1) increases with time. This
indicates that iron dissolves more easily than sulfur from pyrite. The values of n,, (1) can
also be calculated by using Xy(t) or x,(t), and though the values are less accurate than with
Xry(1), the results were similar to Fig. 3.2. 3

The XP-spectra for (a) the cleaved pyrite, (b) ground pyrite, (c) the pretreated pyrite ,
by method 1 and (d) the pretreated pyrite by method 2 are shown in Figs. 3.3 and 3.4.

5
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Figures 3.3 and 3.4 indicate that the oxidized species were formed by grinding (a spectrum
(b)), and that they were removed by both pretreatments (spectra (¢) and (d)). The surface

composition, [Fe],/[S], mole ratios, was calculated according to eq(3.4).
[Fel/[Sly = Und sp )11 85), (3.4)

where s is a relative sensitivity factor including an escape depth of electrons, and [ an
intensity by area in which contribution from X-ray satellite peaks was subtracted by computer
calculation. The relative sensitivity factors, s¢/sp,, were experimentally determined to be 0.14
+ 0.00, (% 10), where therelative standard deviation is 5 % (See Table 2.1). The compositions,
[Fe],/[S];, of both the cleaved surface and pretreated one by method 1 were determined to be
0.50, while [Fe]/[S], was 0.45 in the pretreated sample by method 2. Accordingly, the
method 1 was chosen in the following experiments.

After 72 h-dissolution in the presence of 0~15 mmol dm™ Fe(IlI) ions, XP-spectra for
pyrite are shown in Figs. 3.5 and 3.6. The XP-spectra after dissolution in the absence of
Fe(II) 1ons were almost identical with those of the pretreated pyrite (Figs. 3.3 and 3.4). In
the presence of 5 mmol dm™ Fe(Ill) ions, the additional peaks (II) were observed at E IS
2p,,] ~164.4 eV in Fig. 3.5. In the presence of 15 mmol dm™ Fe(IIl) ions, further additional
peaks appeared at E[S 2p,,] ~166.2 eV: peaks (I), (II), and (III) are correspondent to pyrite,
clemental sulfur, and the oxidized sulfur species such as sulfite. Similarly to S 2p spectra,
more oxidized species were observed with increase of Fe(Ill) ions in Fe 2p spectra as shown
in Fig. 3.6, where a broken lines indicates the envelope for pure pyrite.

The mole ratio, [Fe]./[S],, after dissolution was determined to be 0.34, excluding the
oxidized components at peak (III) in Fig. 3.5 and arrows in Fig. 3.6. It indicates that
nonstoichiometric dissolution resulted in the sulfur-rich layer on the surface, in agreement
with the dissolution data. The accuracy of the semiquantitative analysis by XPS is not very
high, but the difference established here is much larger than the relative standard deviation of
relative sensitivity factors, as indicated above. Distinguishing among sulfide, elemental
sulfur and polysulfide is difficult only by XP-spectra, as the binding energy, E,, for pyrite is
162.2~163.0 eV (e. g., Brion, 1980; Peisert et al., 1994: Nesbitt and Muir, 1994), E, for
clemental sulfur is 163.7~164.3 eV (e. g., Brion, 1980; Hyland and Bancroft, 1989; Peisert et
al., 1994) and E, for polysulfides is 161.7~163.4 ¢V (e. g., Buckley et al., 1988) .

Hamilton and Woods (1980), and Buckley and Woods (1987) reported that a metal-
deficient sulfide was formed by electrochemical oxidation of sulfides in acidic solutions (pH
4.6), and polysulfide was detected by XPS, mass spectroscopy, and voltammetry. Mycroft, et
al. (1990) reported that after anodic oxidation at 700 mV (SCE) in near-neutral aqueous

chloride solutions for more than one hour, polysulfide was detected on pyrite by Raman .
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Fig. 3.3 The XP-spectra of S 2p for pyrite. (a) cleaved pyrite, (b) after grinding, (c) pretreated

Pyrite by method 1, and (d) pretreated pyrite by method 2. An arrow shows the oxidized
species.
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Fig. 3.7 The Raman spectra for pyrite. Vertical bars indicate a scattering light intensity of 1
keps. (a) pretreated pyrite by method 1, (b) after dissolution by 15 mmol dm Fe(Ill) ions
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spectroscopy. The Raman spectrum was measured to elucidate further the composition of the
sulfur-rich layer. As shown in Fig. 3.7 (a), the Raman spectrum of the same sample with (c)
in Figs. 3.3 and 3.4 has two Raman bands: at 353 and 387 cm'. They are assigned to
vibration modes of pyrite. After dissolution with 15 mol dm~ Fe(Ill) ions, the additional
bands at 150, 220, and 470 cm were appeared (Fig. 3.7 (b)), assigning to S-S vibration
modes of elemental sulfur, agreeing with previous studies (Mycroft, et al., 1990; Mernagh
and Truda, 1993; Lj, et al., 1993). According to Buckley and Woods (1987), elemental sulfur
dissolves moderately in cyclohexane, but polysulfide does not. After the sample was immersed
in cyclohexane for 5 min, the three bands at 150, 220, and 470 cm ', corresponding to the
vibration modes of the elemental sulfur disappeared, as shown in Fig. 3.7 (¢). This is an
additional evidence that the sulfur-rich layer formed on pyrite is composed of elemental
sulfur and not of polysulfide. There seems to be a weak Raman band around 460 cm™' in Fig.
3.7 (b), but it disappeared after immersion in cyclohexane, as shown in Fig. 3.7 (¢). It
indicates that the band was not due to polysulfide but a noise. Thus, it is concluded that the
reacion of pyrite with Fe(III) ions in chloride solutions around pH 2 proceeds
nonstoichiometrically during the initial tens of hours, resulting in the formation of an elemental
sulfur-rich layer on the pyrite.

As described above, experimental results showed that dissolved amounts of sulfur
species were lacking 0~50 % compared with the stoichiometric values. According to the
oxidation mechanism of pyrite by Fe(III) ions based on the molecular orbital theory (Luther,
1987), the reaction is initiated by attack of Fe(III) ions to one of S,* and finally one pyrite
molecule is released as S,0,” and Fe(Il) ions. This, however, is not consistent with above
results. For the present, it is uncertain that the proposed mechanism can explain the overall
oxidation reaction of pyrite by Fe(III) ions. Further investigation is necessary, considering
recent reports on the detailed band structure of FeS, and related sulfides (Sato, 1985;
Temmerman, et al., 1993).

In the natural environment, nonstoichiometric dissolution is not considered to continue
indefinitely. The formation of an elemental sulfur-rich layer may reduce the dissolution rate
and finally stop the dissolution, or oxidation of the sulfur-rich layer may occur by processes
like those by sulfur-oxidizing bacteria such as Thiobacillus thiooxidans. 1t has been considered
that pyrite weathering is enhanced mainly by Thiobacillus ferrooxidans, which can oxidize
Fe(Il) ions in acidic environments. Much attention has not been paid to 7. thiooxidans, since
it mainly oxidizes elemental sulfur to sulfate but rarely does sulfide to sulfate, with no ability

1o oxidize Fe(II) ions to Fe(IIl) ions. The present data, however, suggests that T. thiooxidans

might also play an important role in pyrite weathering in coexistence with T. ferrooxidans.

ST I — e A e e
iy (Lo e SR AR i, Lt - et I i et S SEEL




3.3 Summary

The stoichiometry of pyrite dissolution by Fe(IIl) ions was studied in chloride media
around pH 2. Pyrite was found to dissolve nonstoichiometrically during the initial tens of
hours and a sulfur-rich layer was formed on the pyrite due to preferential dissolution of iron.
The major constituent of the layer was elemental sulfur, identified by X-ray photoelectron

spectroscopy (XPS) and Raman spectroscopy.
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Chapter 4
Effect of anionic species on the reactivity of pyrite with Fe(III) ions

As described in Chapters 2 and 3, the most important oxidants to pyrite in natural
environments are Fe(III) ions (Singer, et al., 1970). The reaction of pyrite with Fe(III) ions in

acid solutions has been conventionally expressed as:
FeS, + 14 Fe** + 8 H,O0= 15Fe" +2 SO + 16 H*. (4.1)

[n general, it has been known that the ligands which form complexes with Fe(III) ions
affect dissolution of minerals (Luther, et al., 1992; Bondietti, et al., 1993). As shown in
Table 1.5, sulfate or chloride media was used in laboratory studies on pyrite dissolution.
Knowledge of the ligand effect by anionic species is also useful to determine substances
suppressing the oxidative dissolution of pyrite. Further, the information of ligands effect in
pyrite dissolution may give us a key factor in a better understanding of the redox mechanism
and pathway of electron transfer. In the present chapter, the effect of anionic ligands on the

oxidative dissolution of pyrite by Fe(III) ions was studied around pH 2.
4.1 Experimental

4.1.1 Pyrite

Pyrite sample and its pretreatment were described in Chapter 3.

4.1.2 Dissolution experiments

Dissolution experiments were carried out in the same manner as in Chapter 3. Six
Kinds of anionic ligand were used, and the concentrations were changed systematically with
the initial pH adjusted as shown in Table 4.1. The reagents were: Nos. 1-10, FeCl, +* 6H O
and NaCl in SSG HCI solutions; Nos. 11-14, Fe(NH,)(SO,), * 12H,0 and K,SO, in H,SO,
solutions; Nos. 15-17, FeCl, * 6H,0 and K,HPO, in SSG HCI solutions; and Nos. 18-22, :
(COOH), * 2H,0 in SSG HCI solutions. The pH was adjusted using NaOH. In the case of o
CN" and CDTA, Fe(IlI)-CDTA and [Fe(CN),]” ions were directly added. With oxalate,
dissolution experiments were carried out under light shielding to avoid decomposition of
Fe(IlI)-oxalate complexes. At intervals in each dissolution experiment, 1 cm® of supernatant
Was pipetted off and filtrated with a 0.20 um pore size membrane filter for solution analysis.
The total Fe concentration and Fe(II) ion concentration were determined by the 1, 10-
phenanthroline method and the total S concentration by ICP-AES (SEIKO Co. Ltd., SPS J
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Table 4.1 Details of dissolution experiments

No. Total concentration / mmol dm* pH

Cl- SO,* PO,* oxalate initial final

[Fe(II)], = 5 mmol dm”
1 2501 i - - 206 11.92
2 251t = - - 200 v1.9]
3 25 - - - 2.04 1.91
4 58 oS - - 206. 192
5 70 - - - 20t e ]
6 100 - - - 201182
7 160 - - - 206e
8 200 - - - 206 1.92
9 200 - - - 200 - 191
10 200 - - - 203 1.91
11 - 13 - - 27 200
12 - 60 - - AT 200
13 - 100 - - 207 1206
14 - 196 - - 2:19 12:06
DM 25T = 0.1 - 201 195
16 valv23 - 1 - 199 nl:95
ol 220 - 5 - 1.86 1.86
18 125 s - 0.5 203 1.89
BRI 25w 2 - 5 2.08 2.06
UG 20U - 10 201 2501
21 % TR - 20 202 202
A 2D = - 50 200 -1.99
23 [Fe(CN)/*]1= 5 mmol dm? 206 2,18
24 [FeCDTA] =5 mmol dm” K92 53 90




1200). Dilution of the sampled solution was performed with a 0.01 mol dm” SSG HCI
solution. After the dissolution experiments, the residue was separated by filtration using a
0.20 wm pore size membrane filter and stored in a N, purged desiccator for XPS analysis.

XPS analysis was also carried out in the same manner as in Chapter 3.
4.2 Results

4.2.1 Dissolution behavior

Typical dissolution curves of pyrite by Fe(III) ions in chloride solutions indicate that
Fe(II) 1ons, total Fe and total S increase with dissolution time, as shown in Fig. 4.1(A, B).
When there 1s an initially large amount of sulfate, it is difficult to estimate the sulfur species
dissolved from pyrite. In the presence of phosphate, the complex of Fe(Ill)-phosphate became
colloidal, and this interfered with the analysis of total Fe. Therefore, the amount of released
Fe(II) was used as a parameter to estimate the pyrite dissolution here.

We assumed that dissolution data within 40 h are interpolated with the following
equation:

Xpgp=a 1" +Db (4.2)
where x;,,, 1s the amount of Fe(Il) per unit initial surface area of pyrite, ¢ is the dissolution
time, and m, a and b are constants. It is clear that the obtained curves are in good agreement
with the experimental data, as shown in the example in Fig. 4.2. Relative standard deviations
of Xz, were within &= 6% in all experiments.

The x,,,, values at different  were obtained from the simulated dissolution curves,
and plotted against chloride ion concentration as shown in Fig. 4.3 (A). The Xy decreased
slightly with increasing amount of chloride ions, and more with sulfate ions (Fig. 4.3 (B)).

With phosphate ions, the solution becomes turbid above around 5 mmol dm ™ probably
due to the formation of colloidal Fe(III)-phosphate polymers. The release of Fe(Il) ions was
markedly inhibited by small amounts of phosphate, as seen in Fig. 4.3 (C). In experiment
No. 17, the membrane filter were increasingly clogged with longer dissolution times. Further,
control experiments in the phosphate solution ([PO,” ], = 5 mmol dm*) without pyrite showed
that the amount of Fe(I1I) ions passing through the 0.2 pm pores of the membrane filter was
Smaller than the initial concentration and decreased with time as shown in Fig. 4.4. Small
dmounts of oxalate also inhibited the release of Fe(Il) ions as shown in Fig. 4.3 (D), but
without clogging the membrane filter.

The results shown in Fig. 4.5 clearly indicate that pyrite is not dissolved by the

Fe(Il1)-CDTA complex. As the Fe(II)-1, 10-phenanthlorine complex is more stable than
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Fe(I1)-CDTA (Basolo, et al., 1967), Fe(II) 1ons can be determined by the 1, 10-phenanthlorine
method. However, no release of Fe(II) ions or S species was detected. Similarly, pyrite was

not oxidized by the [Fe(CN) ]J* complex.

4.2.2 XP-spectra

The XP-spectra for pyrite surfaces after dissolution experiments are shown in Fig.
4.6. As reported previously for pyrite, E [Fe 2p,,] is 707.0 eV and E,[S 2p,,] is 162.2 eV
(Konno, et al., 1991). The relative intensities of the XP-spectra for anionic species, Ly, after
dissolution were calculated based on those for pyritic S, I, ... <, and are summarized in Table
4.2. After the experiments in a chloride system, the intensity of the Cl 2p peak (E,[Cl 2p] =
198-199 eV) was independent of the chloride ion concentration in solution (Fig. 4.6 (A) and
Table 4.2). The intensity of the S 2p peak for sulfate species (E ,[S 2p,,] ~ 168 eV) was low
even at high concentrations of sulfate (No. 14 in Fig. 4.6 (B)). The intensity of the P 2p peak
(Ex[P 2p] ~ 134 ¢V) increased markedly with increasing concentration of phosphate species
in solution (Fig. 4.6 (C) ), and it was accompanied by changes in the Fe 2p spectra (Nos. 15
and 17 in Fig. 4.6 (E)), small peaks corresponding to oxidized iron species at around 4 eV
higher positions than those for pyrite. The C 1s peak for oxalate carbon appears at around E,

=288.5 eV, but no adsorption of oxalate species on pyrite was observed, even with 50 mmol

Table 4.2 Intensities of XP-spectra for anionic species, I,, relative to those for pyritic-S,

L,.iics» ON pyrite after the dissolution experiments. Experimental numbers in Table 4.1.

I/ 1

pyritic S

No.  X(CI) X(SO,) X(PO}) X(oxalate)

3 0.075 - - -
10 0.065 - - -
11 - i1, . * - -
14 - 0.07 - -
15 0.041 - n.d.* -
17 0.039 - 0.136 -
18 0.043 - - n.d*
20 0.033 - - s ey
22 0.027 - - n.d.*

* not detected.
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Fig. 4.6 (A) The XP-spectra of Cl 2p for pyrite after dissolution. Vertical bars indicate 100

¢ps. Experimental numbers are given in Table 4.1.
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Fig. 4.6 (B) The XP-spectra of S 2p for pyrite after dissolution.

¢ps. Experimental numbers are given in Table 4.1.
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Fig. 4.6 (C) The XP-spectra of P 2p for pyrite after dissolution. Vertical bars indicate 50

Cps. Experimental numbers are given in Table 4.1.
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Fig. 4.6 (D) The XP-spectra of C 1s for pyrite after dissolution. Vertical bars indicate 500
cps. Experimental numbers are given in Table 4.1.
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Fig. 4.6 (E) The XP-spectra of Fe 2p for pyrite after dissolution. Vertical bars indicate 500

Cps. Experimental numbers are given in Table 4.1.
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dm” oxalate (No. 22 in Fig. 4.6 (D)). Similarly, in the case of the Fe(IIT)-CDTA complex,
only pyrite was detected in the XP-spectra (No. 24 in Fig. 4.6 (B) and (E)). Addition of
[Fe(CN) ] complex resulted in signals corresponding to pyritc which were very weak and
sccondary compounds were detected on the surface of pyrite (No. 23 in Fig. 4.6 (B) and

(E)).

4.3 Discussion

Figure 4.7 shows a comparison of the suppression of pyrite dissolution among anionic
ligands, the data for [Fe(CN)J* and Fe(ll1)-CDTA complexes are not shown as they do not

oxidize pyrite. The suppression became stronger in the order chloride < sulfate <<< phosphate~

oxalate.

28 ; l

1.5
g

Amount, Xz,;,(30) / mmol m™
)

0.0 & ' 1
0 50 100 150 200

lanionic ligand] / mmol dm™

Fig. 4.7 Effect of anionic species and concentrations on Xpy @t £7= 30'h. Symbols: (O,
chloride; A, sulfate; [J, phosphate; <, oxalate.

According to the proposed mechanism, based on the molecular orbital theory, pyrite
can be oxidized by high-spin complexes (Luther, 1987). As the [Fe(CN),J* is a low-spin
complex, it explains why the complex did not work as an oxidizing agent, in spite of the
fairly high rate constant for the [Fe(CN) 6]3'/[F<:(CI\I)6]“L redox reaction (Basolo, et al., 1967).
By addition of [Fe(CN)J* complex, secondary compounds were formed and covered a part
of the pyrite surface, but this is not considered to be the reason why [Fe(CN),]” ions did not

oxidize pyriteas nodissolution was observed early in the experiments. The spin-type explanation
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cannot be applied to the Fe(III)-CDTA complex, since this is a high-spin complex and labile
(Basolo, et al., 1967; Ueno, 1992). Another mechanism has proposed that the oxidation of
pyrite by Fe(IIl) aquoions is accomplished by the transfer of electrons through coodinated
water molecules (Moses, et al., 1987). The results with Fe(II[)-CDTA (Fig. 4.5) may be
explained by a total absence of coodinated water molecules in the complex. It is considered
that the stability of the complex species is also an important factor, since it affects the
standard redox potential, £°. Except for "back donating" ligands suchas 1, 10-phenanthroline,
Fe(Ill)-complexes are generally more stable than Fe(II)-complexes. Accordingly, the complex
formation leads to a lower E’ as shown in Table 4.3 , where £’ values were calculated by
using stability constants (Smith, et al., 1972a; 1972b). The ligand effect can be explained

based on the order of potential of the oxidant.

Table 4.3 Calculated standard redox potential, E’, and spin type of Fe(III) complexes.

Redox couple E'/V Spin type
[Fe(H,0) J*/ [Fe(H,0) J* 0.771 high
[Fe(H,0) (HPO,)|"/ [Fe(H,0) J* 0.725 high
[Fe(H,0).CL,/ [Fe(H,0), * 0.703 high
[Fe(H,0) C11*/ [Fe(H,0), ] 0.682 high
[Fe(H,0),CL,]"/ [Fe(H,0), ]* 0.644 high
[Fe(H,0),L]*/ [Fe(H,0),L,]* 0.630 high
[Fe(H,0) (SO,)1*/ [Fe(H,0),* 0.534 high
[Fe(H,0) {H,PO,)|**/ [Fe(H,0) J* 0.493 high
[Fe(H,0)(SO.), I/ [Fe(H,0),J* 0.451 high
[Fe(CN),J*/ [Fe(CN) J* 0360 low
[Fe(H,0) {OH)]*"/ [Fe(H,0),(OH)J 0.340 high
[Fe(H,0),L,]7 [Fe(H,0),L,]* 0.269 high
[FeY]/[FeY]* 0.104 high
[FeL,J*/ [Fe(H,0),L,* 20017 high

H,Y, cyclohexanediaminetetraacetic acid (CDTA)
H,L, oxalic acid

Concentration distributions for complexes in the Fe(IlI)-chloride and Fe(III)-sulfate
Systems are shown in Fig. 4.8 (A) and (B), calculated at pH 2 as a function of total ligand
concentration using reported stability constants (Smith, etal., 1972a; 1972b). The experimental
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ranges are shown by broken lines in Fig. 4.8. From Fig. 4.8 (A) and (B) and Table 4.3, it is
clear that with increasing concentration of anionic ligands, oxidant species weaker than
Fe(II) aquotons increase in the systems. In chloride solutions, the increase in x,,,(#) in the
initial ten hours is larger in a smaller [Cl], solution (Fig. 4.1). It indicates that the increase in
Fe(IlT)-chloride complexes leads to slower oxidation. The fractional changes in the Cl" and
SO,” coordinated species in the experimental ranges are parallel to the results of dissolution
experiments, as shown in Fig. 4.7 where the suppression by sulfate was stronger than that by
chloride.

The dissolution behavior in oxalate systems is also explained by considering £’ and
suppression. At [oxalate], > 10 mmol dm™, oxidative dissolution of pyrite did not occur (Fig.
4.3 (D)). As shown around [oxalate], = 10 mmol dm” in Fig. 4.8 (D), the fractions of the
stronger oxidant species, such as [Fe(HzO)ﬁ]3+ and [Fe(H,0),(C,0,]", decrease steeply and
the dominant species become [Fe(H,0),(C,0,),]" and [Fe(C,0,),]*, which are much weaker
oxidants than sulfate or chloride complexes (Table 4.3). Neither adsorption of oxalate ions
nor other compounds on pyrite was observed by XPS even at [oxalate]., = 50 mmol dm* (No.
22 in Fig. 4.6 (B), (D) and (E)) so that adsorption cannot be the reason of suppression. As
the [Fe(H,0),(C,0,),] /[Fe(H,0),(C,0,),]* couple did not oxidize pyrite, it is reasonable that
the weaker oxidant Fe(III)-CDTA complex also did not.

For phosphate systems, the formation of colloidal or polynuclear Fe(III) species plays
an important role in the [PO,”], > 5 mmol dm” range, in addition to the above complexation
effects. The results of control experiments, conducted in [Fe(IID)], = [PO43’]T = 5mmol dm?,
indicate that about 30% of Fe(IlI) species may be colloid and unable to pass pores of 0.20 um
(Fig. 4.4). This suggests that most Fe(IIl) ions are polymerized and that the fractions of
mononuclear species are much lower than the calculated values shown in Fig. 4.8(C). Further,
itis evident from the XPS measurements (No. 17 in Fig. 4.6(C) and (E), and Table 4.2) that
there was deposition of Fe(IIl)-phosphate compounds and/or adsorption of phosphate ions on
the surface of pyrite. This may not be the main factor reducing the dissolution but may be
secondary, since they reduce [Fe(IIl)], in solution and block active sites of the surface. Thus,
the drastic suppression by phosphate ions is not due to the complex formation alone.

As can be seen in Fig. 4.1 (A), x,,,(t) gradually approaches to x, () with time and the
difference becomes less than a fraction of [Fe(H,0)(OH)** complex (Fig. 4.8(A)). It implies
that [Fe(H,0) {(OH)]** complex functions as an oxidant of pyrite.

The above qualitative discussion can explain the ligand effect on the oxidative dissolution
of pyrite by Fe(III) ions. From the discussion on £’ and Table 4.3, it may be assumed that £’
for SO,* /pyrite-S is lower than for [Fe(H,0)s(OH)*'/[Fe(H,0) {OH)]* but higher than for
[Fe(H,0),(C,0,),] /[Fe(H,0),(C,0,),]*. A further quantitative discussion is deferred, since

Some stability constants for complex species formation are not reported and also due to the
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differences among reported stability constants. It must be noted here that the present results
do not establish whether the oxidation of pyrite by Fe(Ill) ions is accomplished by the
transfer of electrons through coodinated water molecules. At least, a lack of coodinated
water molecules is not the reason why [Fe(CN) " and Fe(Il)-CDTA complexes do not

oxidize pyrite.
4.4 Summary

The release of Fe(II) ions during oxidation of pyrite by Fe(IIl) ions decreased with
increasing total concentration of anionic species, and the order of the anions suppressing
dissolution was chloride < sulfate <<< phosphate~ oxalate. The Fe(III)-CDTA and [Fe(CN) i
complexes did not function as oxidant.

For [Fe(CN) >, the absence of dissolution were explained by the mechanism based
on the molecular orbital theory, since the complex is innert and low-spin. For others, the
order of suppression was found to be parallel to the order of potential as oxidant, that is, the
standard redox-potential, E’. The redox couples of Fe(III)-CDTA and Fe(IlI)-oxalate complexes
have lower E° and they reduced oxidation rates. In the phosphate system, colloid formation
and polynucleation of Fe(Ill) ions were observed and these were additional factors in the
suppression.

From the experimental results and calculated E°, E° for SO,* /pyrite-S may be in the
range 0.27~0.34 V. It indicates that the E’ is an important measure to estimate the ligand

effect.
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Chapter 5
Effect of metal ions on the reactivity of pyrite with Fe(III) ions

As described in Chapter 3, the reaction of pyrite with Fe(II) ions in acid solutions

has been conventionally expressed as

FeS, + 14 Fe’ + 8 H,O0 = 15Fe* +2 S0, + 16 H*, (5.1)
however, an additional reaction,

FeS,+2Fe’ = 3Fe* +28, (5.2)

is also taking place in parallel with reaction (5.1), resulting in the nonstoichiometric release
of Fe 1ons and sulfate ions to the solution.  Further, it has been reported that Fe(Il) ions
which are formed by the reaction (5.1) reduce the dissolution rate (Sakai, et al., 1987). Itisa
kind of self-suppressing reaction. This indicates that Fe(Il) ions may act to suppress the
weathering of pyrite in the geological cycle of Fe and S. For a better understanding of the
overall mechanism of pyrite oxidation with Fe(IIl) ions, it is important to elucidate the effect
of Fe(II) ions.

Studies on the adsorption or reduction of toxic ions on pyrite have suggested that
pyrite has the potential to remove toxic ions such as Hg(IT), As(Ill, V) and Cd(V]I) ions from
waste water (Brown, et al., 1979; Jean, et al., 1986; Zouboulis, et al., 1993: 1995). The
interfacial reactions of Au-complex/pyrite were related to geochemical aspects in concentrating
noble metals with pyrite functioning as a reductant (Hyland, et al., 1989; Bancroft, et al.,
1990). In a field of mineral processing, knowledge on the interaction between pyrite and
Cu(II) ions, an activator in froth flotation of sulfide, is useful and often indispensable (Voigt,
et al., 1994; Perry, et al., 1984). Acid mine waters contain metal cations from other sulfides
(Zn(Il), Cu(Il), and Pb(II) ions). Pyrite has some unique surface properties and further
studies on the surface reaction is required.

In this chapter, the effect of metal ions including Fe(II) and Cu(Il) ions on the
oxidative dissolution of pyrite by Fe(Ill) ions around pH 2 was investigated by solution and

XPS surface analysis.

5.1 Experimental

5.1.1 Pyrite




Pyrite sample and its pretreatment were described in Chapter 3.

5.1.2 Dissolution experiments

Dissolution experiments of pyrite were carried out in the same manner as in Chapters
3 and 4. If the foreign cations, M™, with a higher standard redox potential of M™/M"
(m>n), E,,  ame> than 0.771 V(= E°,, .. .), coexist with pyrite in the solution containing
Fe(IIT) 1ons, M™ ions may function as an oxidant to pyrite similar to Fe(III) ions. Therefore,
cations having E° < 0.771 V were selected in the present work, and the concentrations were
systematically set as shown in Table 5.1. Reagents used were of analytical grade (AR) and
as follows: Nos. 5~31, FeCl, * 6H,O; No. 15, KCI; No. 14, NaCl; No. 16, MgCl, + 6H,0;
Nos. 17~18, NiCl,; Nos. 1 and 19~20, ZnCl, - 2H,0O; Nos. 2 and 21~22, CdCl, * 2H,0; Nos.
23~24, CaCl, + 2H,0; Nos. 25~26, Pb(COOH), * 3H,0; Nos. 27~29, BaCl, * 2H,0; Nos. 3
and 12~13, CuCl, * 2H,0; Nos. 4, 6~7, 9~11, and 31, FeSO, + 7H,0. The initial pH of the
solution was adjusted to ~2 using SSG HCl and SSG NaOH. After some dissolution
experiments, the residues were separated by filtration to measure the XP-spectra as described
in Chapter 2.

Table 5.1 Details of dissolution experiments and properties of the introduced cations

No.  Foreign cations pH e KS;2 for sulfate
M™ [M™] HSAB™ initial final IV /(mol dm )’
/mmol dm”
[Fe(IIT)] = 0 mmol dm”
1 7n” 15 MA 2.06 2.06 -0.763 (Zn>'+ 2¢ =7Zn)
20 ot 15 SA 2.06 2.06 -0.403 (Cd™” + 2¢ = Cd)
3 1k 15 MA 206 2.06 +0.538 (Cu® + CI + ¢ = CuCl)
+0.521 (Cu'+ e = Cu)
+0.337 (Cu®+ 2¢ = Cu)
+0.153 (Cu®+ e = Cu')
4  Fe* 45 MA 2.00 2.00 +0.771 (Fe*'+ ¢ = Fe™)
[Fe(II)] = 1 mmol dm”
5 ; : - 2.10 2.04
6  Fe” 3 MA 201 2.00
7 Fe*' 45 MA 2.01 2.00
[Fe(Il)] = 5 mmol dm’
8 . - . 209 191
9  Fe* 0.5 MA 202 1.90
10 Fe* 5 MA 207 1.97
11 Fe* 15 MA 2.11 2.08
B th? 5 MA 204 1.90
B "R 15 MA 206 193
14 Na' 75 HA 201 1.86

i i e e e e




Table 5.1 (continued)

No.  Foreign cations pH E" ij*z for sulfate

M™ [M™] HSAB" initial final |V /(mol dm )’
/mmol dm’

[Fe(I)] = 5 mmol dm’

15 K 75 HA 2.00 191

16 Mg” 5 HA 2.09 1.91

17 Ni* 5 MA 202 1.92 -0.250 (Ni*+2e =Ni)

18 Ni* 15 MA 205 1.93

19 Zn” 5 MA 2.00 191

3 o™ 15 MA 2.00 191

5 A ' 5 SA 2:02 1.87

o S B o 15 SA 2.02 187

23 Ca” 5 HA 2.02 193 -2.866 (Ca”+2¢ =Ca) 10*%

24 Ca” 15 HA 2.05 1.90

25  Pb* 1 MA 196 185 -0.126 (Pb* +2¢ =Pb) 1077

26  Pb” 5 MA 2.05 191

27  Ba” 0.5 HA 206 191 2906 (Ba*'+2¢ =Ba) 107

2% | Ba” 1 HA 207 1.92

29  Ba” 5 HA 208 1.92

[Fe(IIT)] = 15 mmol dm

30 : : : 196 1.73

31 Fe™* 45 MA 2.08 2.03

*1 HA: hard acid; MA: moderate acid; SA: soft acid
*2 Refer to Smith and Martell (1976).

5.1.3 XPS measurements

The details of apparatus and procedure were the same as mentioned in Chapter 2,
except the followings. For measurements of Cu 2p spectra, carbon tape was used in place of
copper foil. For the measurements of Ba 3d spectra for pyrite samples and of Fe 2p spectra
for CuFeS, without interference by Auger peaks of Fe 2p and Cu 2p, Mg Ka X ray (15 kV,
10 mA) was used.

The surface composition, n,/n; mole ratio (where M means a metal element), was
calculated according to eq(2.5) in Chapter 2. Correction for the surface contamination layer
was not carried out since C 1s peak intensities were always very low and negligible. The
relative sensitivity factor between Cu 2p,, and S 2p, s, 2p312/ 852, Was experimentally determined
by using the fresh surfaces of chalcopyrite (CuFeS ) cleaved in argon, CuSO 4 * SH,O (analytical
grade of Kanto Chemicals) and CuSCN (practical grade of Wako Chemicals). The chalcopyrite
was natural mineral, supplied from the Sayama mines (Japan) and of purity ~98 %, based on
the chemical composition and XRD patterns. The splitting between Cu 2p,, and Cu 2p,, is
large enough to take the intensity by area of Cu 2p,, peak independently. Further, oxygen
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/s

Auger peaks do not interfere with the Cu 2p,, peak profile. The value of s 28 ¢u 2p32

was
estimated to be 0.11, as shown in Table 5.2, and ncarly equal to the empirical factor (0.128)

(Briggs, ct al., 1990).

Table 5.2 Reclative scnsitivity factor between S 2p and Cu 2p,,, 54/,

Compounds S5/ Scumun
CuSQO, 0.117
CuSCN 0.116
CuFeS, 0.114
Average 0.116

5.2 Results

As described in Chapter 3, there is preferential dissolution of iron species in pyrite,
so that both S and Fe species must be considered when examining the dissolution behavior.
The dissolved amount of i species per unit initial surface area of pyrite at a dissolution time, 1,
is expressed as Ax(7) in mmol m? where i indicates total S or Fe(Il) ions. Dissolution curves
of pyrite by 5 mmol dm~ Fe(IIl) ions in a HCI solution without foreign cations (No. 8) are

shown in Figs. 5.1.

2.0 I l |
k=
3 e e
R e R .
= 1.0 O Xg ki
§ % U Xpeqn)
g 0.5 A Xp, i
< O O O
OO[-_%Q S | | |
0 10 20 30 40
Time, t/h

Fig. 5.1 Results of the dissolution experiment No. 8. See Table 5.1 for experiment details.




The Ax (1) and Ax;, (1) increased with #, but the mole ratio did not agree with the stoichiometry
from reaction (5.1). It is evident that the oxidative dissolution of pyrite by Fe(III) ions does
not proceed by reaction (5.1) alone. In the present work, the total amounts of S and Fe(II)

ions released were used as parameters, but total Fe was not used due to its small change.

5.2.1 Effect of Fe(ll) ions

The effects of the initial Fe(II) ion concentration on Ax () and Axp, (1) are shown in
Fig. 5.2, where the initial Fe(III) ion concentration was 5 mmol dm* (Nos. 8~11). The Ax(1)
and Ax;, (1) are net amounts of Fe(II) ions and S species dissolved, excluding the initially
added amounts. It is clear that both Ax() and Ax, (1) decreased with increasing Fe(Il) ions
added. In the early period (< 10 h) there is a decrease in Axyt) with increasing Fe(II) ion
addition (Fig. 5.2), whereas Ax,,, (1) changes are not so regular. After dissolution, the pH
decreased slightly by Fe(Il) ion addition as shown in Table 5.1.

As the Fe(Il) ions are products of the pyrite oxidation by Fe(IIl) ions, it is not
surprising that the addition of Fe(II) ions to the system reduces the rate of the oxidation. The
apparent suppression of the dissolution of pyrite with Fe(III) ions due to Fe(II) ion addition
can be explained from an equilibrium point of view, but it does not fully explain the phenomena,
as will be detailed in the following.

Dissolution experiments were also conducted at a constant ratio of initial concentration
of Fe(Il) ions to Fe(IIl) ions, [Fe(ID)] /[Fe(I1l)],. For the [Fe(ID)] /[Fe(II)], ratio 3 with
[Fe(ID], of 1 mmol dm~”(A), 5 mmol dm” (B), and 15 mmol dm*(C), Ax(t) and Ax,,,, () are
as shown in Figs. 5.3 and 5.4 (Nos. 6, 11 and 31). These figures also show the results
without Fe(II) ion addition (Nos. 5, 8 and 30), and show that Axg(t) and Axy,,, (1) increased
with increasing Fe(II) ion concentration. With Fe(II) ions both Ax (1) and Axp, (1) were
lower than without Fe(II) addition and they did not increase with increasing Fe(III) ion
concentration:  Axg,,(7) in No. 31 is much smaller than that of No. 8, in spite of the higher
Fe(IIT) ion concentration (Fig. 5.4). The suppression factor for the release of Fe(Il) ions from

pyrite by initially added Fe(II) ions, r, (1), can be defined as
Trean(t) = 1= {(Axp, ;) (1) with Fe(Il) 1ons)/( Ax;,, () without Fe(II) ions) } (5.3)

The r,,,, at t = 33~34 h for Nos. 6, 11 and 31 with eq(5.3) were not equal each other, but
increased with increasing Fe(II) ion addition: 14% in (A), 53% in (B), and 85% in (C). The
similar decreasing tendency of Ax(t) can be observed in Fig. 5.3. Figures 5.3 and 5.4
indicate that the oxidation of pyrite with Fe(Ill) ions proceeds nonstoichiometrically.
Preferential dissolution of Fe species takes place and release of S species 1s suppressed, and

as a result reaction (5.1) does not describe the situation of the present experimental conditions.
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The XP-spectra for pyrite after 72 h-dissolution in Nes. 4, 7 and 31 are shown in Fig.
5.5. The spectra for pretreated pyrite is also shown and identical to those for pure pyrite. In
dissolution experiments Nos. 4, 7 and 31, the initial concentration of Fe(II) ions was 45 mmol
dm”. Additional weak peaks around E,[S 2p,,] = 169 eV and E [Fe 2p,,] = 711 eV were
observed with No. 31 ([Fe(III)],= 15 mmol dm*), and these may be attributed to FeSO,. The
spectra for No. 4 (in the absence of Fe(III) ions) and No. 7 ([Fe(IIl)], = 1 mmol dm*) showed
no peak around 169 eV and 711 eV, and were similar to the spectra for pyrite pretreated prior
to dissolution. This suggests that the additional peaks in No. 31 are due to the oxidation of
pyrite by the large amounts of Fe(IIl) ions initially added. Peak intensities corresponding to
pyrite (Eg[S 2p,,] = 162.2 eV, E,[Fe 2p,,] = 707 eV) in spectra Nos. 4, 7 and 31 are

sufficiently large and not affected by the dissolution experiments.

5.2.2 Effect of Cu(Il) ions

The effect of Cu(Il) ions on Ax(z) and Axg, (1) 1s shown in Fig. 5.6 (Nos. 3, and
12-13). Addition of 5 mmol dm™ Cu(Il) ions (No. 12) decreased the initial dissolution rate
of pyrite (# < 10 h), but both Ax(?) and Ax,,, (1) reached values similar to those without
addition of Cu(Il) ions. The larger amount of Cu(Il) ions (No. 13) clearly decreased both
Ax(t) and Ax,,, (7). Without Fe(III) ions, both Ax(7) and Axg, (1) remained nearly zero
(No. 3).

The XP-spectra of pyrite after 72 h-dissolution in the presence of 15 mmol dm
Cu(II) ions and 5 mmol dm™ Fe(III) ions (Neo. 13) are shown in Fig. 5.7 (top). The peak at
E;[Cu 2py,] = 931.7 eV is assigned to Cu(l), taking into account the absence of significant
satellite peaks and the Auger parameter, o = 1849.7 eV, calculated from E,[Cu 2p;,] and the
Ex[Cu LMM]. The results are in agreement with those reported by Voigt, et al. (1994). The
possibility of a reduction of Cu(II) to Cu(I) on the pyrite surface during the XPS measurements
can be ignored as no satellite signals of Cu(II) were observed even at the first scan of the
measurements. The formation of CuCl is a possibility because dissolution experiments were
carried out in 10 mol dm” HCI solutions, but the Cu(I) species in Figs. 5.7 (¢) and (d) (top)
are not assigned to CuCl, since as shown in Table 5.3, the a value for Cu(I) species on pyrite
is significantly larger than that for CuCl (1848.0 eV), and similar to the Cu(l) species of
Cu,Se.

As shown in Figs. 5.7 (¢) and (d), Cu(l) species were also observed on the control
cexperiment No. 3 (bottom), and are identical to those of the top spectrum (No. 13). It
suggests that the reduction of Cu(Il) to Cu(I) species has no relation to the reaction of pyrite
with Fe(III) ions.

The coverage of Cu(l) ions on the pyrite was estimated to be n./n, = 0.12, and 0.16,
for Nos. 13 and 3 (Table 5.4), very similar with and without Fe(III) ions.
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Table 5.3 Binding energies, E,, kinetic energies, E,, and the auger parameter, «, in eV for
some related elements and compounds, corrected by E [Au 4f, ] =84.0 eV

Compounds E,[Cu2p,,] E,[CulMM] a E [Fe2p,,] E,S 2p,,] References
No. 3 931.7 918.0 1849.7 707.0 162.2 present work
No. 13 931.7 918.0 1849.7 707.0 162.2 present work
FeS," - : : 707.0 162.2 Chapter 2
FeS,(Cu)” 9325 917.2 1849.7 707.4 162.6 Voigt, et al., 1994
Cu 932.67 918.65 1851.32 : 4 =
CuCl 932.4 915.6 1848.0 . . %
Cu,S 932.6 9173 1849.9 . 161.7 Perry, et al., 1984
Cu,Se 931.9 917.6 1849.5 - - &
932.3 917.8 1850.1 5 : Romand, et al., 1978
CuFeS,” 9323 917.8 1850.3 708.8 161.2 present work
CuCl, 934.4 915.5 1849.9 : ’ ’3
CuS 932.4 917.9 18503 1 162.5 Perry, et al., 1984
932.6 917.8 1850.4 - 2 Romand, et al., 1978
CuSe 9324 9184 1850.8 - « Romand, et al., 1978

" with the fresh surface after cleaving in argon
? activated FeS, by Cu(ll) ions.
“ cited from the Photoelectron and Auger Energies compiled by Wagner, C. D. (1990).

Table 5.4 Mole ratio, n,/ng, on the pyrite surface after dissolution experiments. See Table
5.1 for experimental details

No. A e Nt n,/Ing Reference
M = Cd 3d,,
0.154 "
2 0.079 0.012
22 0.067 0.010
M = Ba3d,,
0.068 R
27 0.385 0.026
28 0.568 0.038
29 0.509 0.035
M = Cu 2p,),
0.116 See Table 5.2
3 1.42 0.165
13 1.04 0121

*1

contribution from the surface sulfate species were excluded.
cited from the Photoelectron and Auger Energies compiled by Wagner, C. D.
(1990).
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5.2.3 Effect of cations other than Fe(Il) and Cu(Il) ions

The effect of Na™and K™ ions was examined (Nos. 14~15) but there was no suppression
as shown in Fig. 5.8. The scatter in Fig. 5.8 is due to low concentrations and is not significant
for the discussion below. As Fe(Il) ions suppress the dissolution of pyrite, several divalent
metal 1ons including Mg(II), Ni(II), Zn(II), and Cd(II) were tested (Nos. 16~22). However,
they did not suppress the dissolution of pyrite in the presence of Fe(IIl) ions (Figs. 5.8~5.11)
even at [Ni(I)], [Zn(II)], or [Cd(IT)] = 15 mmol dm™ (Figs. 5.9~5.11). In the absence of
Fe(IlI) 1ons, no dissolution was observed (Nos. 1~2 in Figs. 5.10~5.11), indicating that these
three 1ons cannot dissolve pyrite. Further, the amount of metal ions adsorbed on the pyrite
surface was the same with pyrite dissolved and undissolved. For an example with 15 mmol
dm® Cd(II) ion addition (Nos. 2 and 22), the mole ratio, nq/ng, on pyrite after dissolution
experiments with or without Fe(III) ions was around 0.01 as shown in Table 5.4. The values
were similar with other ions and concentrations, indicating that there is no interaction with
Fe(III) 1ons in the adsorption of these ions on pyrite.

The effect of Ca(Il), Pb(Il), and Ba(Il) ions (Nos. 23~29) which form insoluble or
little soluble compounds with sulfate are shown in Figs. 5.12~5.14. Here Ca(Il) ions did not
show any effect, while with Pb(II) and Ba(II) ions Ax,(z) decreased and Ax (1) was unaffected.
The Ax(1) decreased with increasing initial concentration of these ions, except at [Ba(Il)] =
I mmol dm*, where Ax(7) was unchanged.

The XPS measurements of pyrite after 72 h-dissolution in the presence of Ba(Il) ions
(Nos. 27~29) showed that the mole ratio of Ba(Il) to S species excluding sulfate, ng,/n,,
increased with increasing Ba(II) concentration, but that ng./ng did not increase at [Ba(Il)] = 1
mmol dm”. As shown in Table 5.4, the values of ng/ng were larger than those of the other
ions that did not show any effect of the dissolution of pyrite, such as Cd(II) ions. It indicates
that Ba(IT) ions may precipitate as insoluble sulfate but that the amount is very small, since
the S 2p peak for sulfate was too low to estimate the intensity accurately. Accordingly,
Pb(II) and Ba(II) ions precipitate the sulfate released from pyrite, and do not suppress the
pyrite dissolution. There was no effect of Ca(II), maybe due to the solubility of CaSO 4 as

discussed below.
5.3. Discussion

Several investigators have reported that the dissolution rate is proportional to the
concentration ratio of Fe(III) ions to total Fe species in the solution (Garrels, et al., 1960:
Mathews, et al., 1972). Garrels, et al. (1960) explained that the rate depends on the frequency
of contact of Fe(Ill) ions on the pyrite surface, and that the surface fraction occupied by

Fe(IIT) ions depends on competition between Fe(I11) and Fe(II) ions, with the result that the

SO
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Fig. 5.8 Effect of Na*, K*, and Mg(Il) ions on (a) Ax(1) and (b) Ax;,, ,(2). Symbols: @, No.
8; O, No. 14; A, No. 15; [J, No. 16. See Table 5.1 for experimental details.
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Fig. 5.10 Effect of Zn(II) ions on (a) Ax(z) and (b) Ax, ,(1). Symbols: @, No. 8; O, No.
19; A\, No. 20; [, No. 1. See Table 5.1 for experimental details.
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rate 1s proportional to the fraction of Fe(III) ions in the total Fe species. Garrels, et al. did not
consider preferential adsorption of Fe(II) ions on the pyrite surface, however.

Figure 5.4 shows that the r,, (1) values are different for the same ratio of
[Fe(I1D)] /[Fe(IIl)],(14~85%). These experimental results cannot be explained by the equilibrium
shift described or the scheme reported by Garrels et al.

Sakai, et al. (1987) reported that initially added Fe(II) 1ons suppressed the release of
Fe(Il) 1ons in pyrite dissolution with Fe(IIl) ions, but provided no details of sulfur species
release or the mechanism of suppression. Luther (1987) postulated that the reaction of pyrite
with Fe(III) 1ons is initiated by contact with Fe(III) ions at S-sites in pyrite by the molecular
orbital theory. Suppression by Fe(II) ions can be due to preferential adsorption of Fe(II) ions
to S-sites in pyrite over Fe(IIl) ions (Moses, et al., 1991). The Fe(Ill) ions are "hard" acids
whereas Fe(II) ions are "moderate" acids, and according to the principle of hard and soft acids
and bases (HSAB), softer acids more easily adsorb to sulfides which are "soft" bases. The
HSAB theory appears to explain the phenomenon but must be verified experimentally. Further,
experiments are in progress with divalent cations of both hard and soft acids.

The amounts of Fe(Il) ions initially added are sufficiently large to establish a monolayer
coverage of the pyrite surface. Itis clear from the spectra that neither such adsorbed layer of
Fe(Il) 1ons nor other compounds is formed, since XPS would detect such a monolayer on
pyrite. As above, it was suggested that Fe(Il) 1ons may adsorb on pyrite preferentially over
Fe(III) 1ons to suppress pyrite dissolution. According to the pyrite dissolution mechanism
presented by McKibben, et al. (1986), pyrite oxidation occurs nonuniformly and mainly at
special sites of high excess surface energy, such as grain edges, corners and fractures. Figure
5.5 1s consistent with the 1dea of interference of 'active sites' on pyrite by Fe(Il) ions, that is,
Fe(Il) 1ons block the active S-sites in pyrite. This is also supported by the results in Fig. 5.2
that very small amount of Fe(II) addition markedly reduce the dissolution of pyrite and the
effect is not proportional to the amount of Fe(Il) ions added.

As described in Chapter 4, the SO,* /pyrite S standard redox potential, E’ SO42-lpyrite §
was estimated to be between 0.27 V and 0.34 V, using oxidants having different E’ values.
The cations discussed in the present work cannot act as oxidants to pyrite due to their lower
E’ as shown in Table 5.1. The Cu(Il)/CuCl standard redox potential, £’ ;) cucr (= + 0.538
V) is higher than E’g,,, , .. while the lowering of E’(, ., ¢, caused by ligand effects is not
large as the stability constant of Cu(II)-Cl complex is log K =0.4 at 25°C (Smith and Martell,
1976). Therefore, Cu(II) 1ons should oxidize pyrite, as:

FeS, + Cu* + CI' + 8 H,0 = Fe** + 280, + CuCl + 16H". (5.4)

However, Cu(Il) ions do not oxidize pyrite (Fig. 5.6 (No. 3)), and CuCl was not observed by
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XPS (Fig. 5.7 and Table §.3). The K, of CuCl i1s 3.2 X 107at 25C, and CuCl would be
detected by XPS, 1f 1t 1s present. This suggests that reaction (5.4) did not occur on the pyrite
surface, but that another redox reaction took place between the Cu(II) ions and pyrite.

The Cu(I) species on pyrite (Fig. 5.7 (¢)(d)) are very similar to Cu(I) species in Cu,Se
(Table 5.3). Voigt, et al. (1994) speculated that the surface Cu(I) species are [Cu™S,] formed

by Cu filling in the Fe sites left vacant by oxidation, as:
Cu’* (adsorbed) + S,* (surface) = [Cu*S,](adsorbed). (5.5)

This implies that pyrite-S reduces the adsorbed Cu(II) to Cu(I). As the coverage of Cu(l) is
about 0.17, there would be some change in the S 2p spectra due to the surface S,* group.
This was not observed, however (Fig. 5.7 (a) bottom). This discussion has not specified the
source of electron. There is a possibility that free electrons from the bulk pyrite took part, as
pyrite 1s an n-type semiconductor. When the pyrite 1s dissolved by Fe(IIl) ions, the number
of vacant Fe-sites in FeS, must be much larger than without Fe(IIl) ions, but the Cu(l)
coverage was very similar (Table 5.4) with and without dissolution of Fe(Il) ions from pyrite
(Nos. 3 and 13 in Fig. 5.6). The results here are inconsistent with Voigt, et al. (1994) that
[Cu™S, ] species easily adsorb on vacant Fe sites. This indicates the possibility, that, preferential
to Fe(I1II) 1ons, Cu(Il) 1ons adsorbed to active "S-sites" of pyrite not on vacant Fe sites.

As mentioned above, Fe(Il) ions suppress pyrite dissolution with Fe(III) ions and it
has been apparently explained by Moses, et al. (1991) based on the HSAB theory.

The Na*, K*, and Mg(Il) ions did not suppress pyrite dissolution. Seemingly, this
may also be explained by HSAB theory, since these ions are 'hard' acids and cannot adsorb
preferential to Fe(IIl) ions. However, HSAB theory cannot be applied to the adsorption of
Ni(Il), Zn(II) and Cd(II) ions: these ions did not suppress the pyrite dissolution in spite of
being 'moderate' or 'soft' acids. The present results suggest that the effect of foreign cations
on the reactivity of pyrite with Fe(IIl) 1ons is not always explained by HSAB theory.

[t 1s clear that Ba(II) or Pb(II) ions do not suppress reactions (5.1) and (5.2), since
Ax,, (1) was not affected. From the data without foreign cations (solid circles in Figs. §.2,
5.6, and 5.8~5.14), the concentration of dissolved S species at t ~34 h is calculated to be
about 0.72 mmol dm™. Considering the K,, values (Table 5.1) and stability constants of
hydroxyl- and chloride-complexes, the concentrations of divalent cations needed to precipitate
99% of the dissolved sulfate are calculated as follows: [Ca(II)] = 6.11 mol dm”, [Pb(I])] =
433 mmol dm”, and [Ba(II)] = 0.0255 mmol dm”. Addition of 15 mmol dm” of Ca(Il) ions
did not affect Ax(t) (Fig. 5.12). Addition of 5 mmol dm” of Pb(Il) ions decreased Axft >
10 h) to ~25% (Fig. 5.13), and the addition of 1 mmol dm” Ba(Il) ions finally decreased
Ax(t > 10 h) to ~15% of that without addition (Fig. 5§.14). These results are parallel to the
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values of K. Sulfate minerals formed in Nos. 23~29 possibly correspond to gypsum (CaSO,),
anglesite (PbSO,) and barite (BaSO,), which occur as secondary minerals in sulfide-rich
tailings (Jambor, 1994). The present results also indicate that sulfate minerals may have been
formed in the aqueous phase, not on the surface of the pyrite.

The suppression of pyrite dissolution by Fe(Il) ions takes place as Fe(Il) ions are
preferentially over Fe(Ill) adsorbed on active sites of pyrite-S. A similar mechanism may
work for Cu(II) ions, but there are differences between Cu(Il) and Fe(II) ions in the degree of
suppression and electron transfer. The addition of very small amounts of Fe(Il) ions (0.5
mmol dm”) markedly reduced Ax(t) and Ax,,,(t), similar to the addition of 15 mmol dm"
Cu(Il) ions. The redox reaction involved in the adsorption of Cu(II) ions on pyrite suggests a
stronger bonding of Cu species to the pyrite surfaces than simple physical adsorption. So far,
we have no explanation why Cu(Il) and Fe(Il) 1ons are so highly adsorptive to the pyrite
surface. Acid mine water often contains cations from sulfides, so that the present data would
be useful when evaluating sulfide ore weathering, but more detailed experimental and theoretical

studies are necessary.
5.4 Summary

Suppressing effects of metal cations on pyrite dissolution with Fe(III) ions around pH
2 were investigated.

The Fe(Il) ions suppressed dissolution of both Fe and S species from pyrite, that is,
inhibited the reactivity of pyrite with Fe(Ill) ions due to the preferential adsorption over
Fe(IlI) 1ons to active sites of the pyrite surface. Also Cu(ll) 1ons suppressed the dissolution
of both Fe and S species from pyrite, that is, inhibited the reactivity of pyrite with Fe(III)
ions. It was interpreted by a mechanism where Cu(lIl) ions were preferentially adsorbed on
active sites of pyrite-S over Fe(IIl) 1ons, and reduced to Cu(l) ions stabilized on pyrite-S.
Neither Na*, K*, Mg(II), Ni(Il), Zn(II) nor Cd(II) ions affected the reactivity of pyrite with
Fe(IlI) ions. This suggests that the effects of foreign cations on the reaction cannot be always
explained by the HSAB theory. The Ba(Il) and Pb(Il) ions apparently suppressed dissolution
of only S species from pyrite, due to the formation of insoluble sulfates. The Ca(II) ions did
not suppress dissolution of S species from pyrite. The order of suppressing of Ax () was
Ba(Il) > Pb(II) > Ca(Il), which is parallel to the values of solubility product, K . These

results indicate that sulfate minerals are formed in the aqueous phase, not on the surface of

pyrite.
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Chapter 6
Inhibition of cell growth and iron and sulfur oxidation
in Thiobacillus ferrooxidans and Thiobacillus thiooxidans
by natural organic acids

As described in Chapter 1, chemoautotrophic iron- and/or sulfur- oxidizing bacteria,
Thiobacillus ferrooxidans and Thiobacillus thiooxidans, often grow actively in mine water
and play an important role in pyrite weathering, especially in aerobic environments (Taylor,
etal., 1984). The organic inhibition of chemoauthotrophic bacteria of genus Thiobacillus has
been discussed by several investigators (e. g., Rittenberg, 1972). It was mentioned in Chapter
4 that oxalic acid prevented the reaction of pyrite with Fe(IIl) ions. Several investigators
reported that oxalic acid are inhibitory to cell growth and substrate oxidizing activity of T.
ferrooxidans and T. thiooxidans as shown in Tables 1.8 and 1.9.

In the present chapter, the inhibitory effects of fulvic, tannic and oxalic acids on the
cell growth, and iron- and sulfur- oxidation in 7. ferrooxidans and T. thiooxidans are discussed
around pH 2. This work has potential utility for selective control of acid production in mine

drainage caused by T. ferrooxidans and T. thiooxidans.
6.1 Experimental

6.1.1 Microorganisms

Iron-oxidizing bacteria, Thiobacillus ferrooxidans (HUTY 8906), were cultured and
harvested as described in Chapter 2. Sulfur-oxidizing bacteria, Thiobacillus thiooxidans,
were supplied by American Type Culture Collection (ATCC 8085), cultivated routinely in a
150 ¢cm® of solution containing the basal salt solution of the 9K medium (Silverman and
Lundgren, 1959) plus 1.50 g of elemental sulfur as an energy source, adjusted to pH 2.0 with
H,SO,, in a silico-plugged 500-cm® Erlenmeyer flask. Cells were harvested in the same
manner as 7. ferrooxidans. Cell numbers were directly counted by microscopic observation
(X 600).

6.1.2 Organic acids

Tannic acid (TA, e.g., CH,(OH),COOC H,(OH),COOH, Koso Chemicals, analytical
reagent, AR), fulvic acid (FA), and oxalic acid (OA, (COOH), * 2H,0, Wako Chemicals,
AR) were used as inhibitors. Fulvic acid was isolated from the Dando Soil according to
[nternational Humic Substances Society (IHSS) method, and provided from the Humic
Substances Society of Japan (Watanabe, et al., 1994). The elemental composition of fulvic
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acid was 45.57% C, 4.06% H, 1.70% N, 48.09% O, and 0.68% S on ash and water free basis.
Functional analysis showed 7.27 meq. COOH, 1.37 meq. phenolic OH, 1.76 meq. alcoholic
OH, 5.80 meq. C=0.

6.1.3 Culture tests

The 500-cm® brown Erlenmeyer flasks were filled with 150 cm® of the 9K medium for
the culture of T. ferrooxidans, or the 9K basal solution plus 1.50 g of sterilized elemental
sulfur for the culture of 7. thiooxidans, the initial pHs were adjusted to 2.2~2.3 and 0~75.0
mg fulvic, tannic, or oxalic acids was added. The additives are entirely dissolved in the
medium. The control culture was set triply without inhibitors. All these flasks were inoculated
with 8.00X 10" cells of T. ferrooxidans or T. thiooxidans. A sterilized experiment was also
performed without microorganisms and inhibitors.

The flasks were installed in a rotary shaking culture-apparatus (Takasaki Kagaku Co.
Ltd., TB-16) at 30 =2 C and incubation was carried out for 14 days, under light shielding to
avoid decomposition of carboxylic compounds. At intervals, cell numbers were counted, and
1 cm® of surpernatant was pippetted off and filtered with a 0.20 um pore size membrane filter

for solution analysis.

6.1.4 Solution analysis

The solution analysis was carried out as follows. For experiments with 7. ferrooxidans,
the redox potential of the medium (E) and the concentration of Fe(II) ions were measured.
The Fe(Il) ions were determined by the 1, 10-phenanthroline method. The microorganisms
oxidize Fe(Il) to Fe(Ill) ions so E increases rapidly with the increase in iron-oxidizing
activity of T. ferrooxidans (Chapter 2). In this system, increases in E are correlated to iron
oxidation and to growth of the microorganism (Dugan and Lundgren, 1964). For experiments
with 7. thiooxidans, the pH and concentrations of dissolved S species were measured.
Concentrations of soluble S species were determined by ICP-AES (SEIKO Co. Ltd., SPS
1200). The microorganisms oxidize elemental S to soluble S species and produce H" 1ons

during the culture.
6.2 Results

6.2.1 Effect of organic acids on cell growth and iron-oxidizing activity in Thiobacillus
ferrooxidans

The effects of fulvic, tannic, and oxalic acids on the cell growth, E, and consumption
of Fe(II) ions in the culture of T. ferrooxidans are shown in Fig. 6.1, where the control data

without inhibitors are shown with solid circles and are averages of three experiments. The
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sterilized data are shown with X. With 50 ppm of fulvic acid cell growth was suppressed a
little and the iron oxidation was delayed about 12 hours. With 500 ppm of fulvic acid there
was an extended lag in cell growth and iron oxidation by 7. ferrooxidans was delayed about
48 hours, cell numbers and E recovered after 5 days and were then not inhibited.

Tannic acid prevented cell growth and iron oxidation in 7. ferrooxidans, in longer
periods than fulvic acid. With 500 ppm tannic acid inhibited cell growth completely and
inhibited the iron oxidation of 8 X 10’ cells of T. ferrooxidans for more than 14 days.

Oxalic acid had little effect on the cell growth of T. ferrooxidans, E, and the oxidation
of Fe(Il) ions even at 500 ppm (3.97 mmol dm™), similar to the control experiment. It is
considered that there is no lowering of the standard redox potential, E’, in the presence of 500
ppm oxalic acid, because the concentration of oxalic acid was too small to reduce E° by
ligand effects (Chapter 4).

6.2.2 Effect of organic acids on cell growth and sulfur-oxidizing activity in Thiobacillus
thiooxidans

The effects of fulvic, tannic, and oxalic acids on the cell growth, pH, and concentration
of dissolved S species in the culture of T. thiooxidans are shown in Fig. 6.2, where the
symbols are the same as those in Fig. 6.1. The 50~500 ppm of fulvic acid had a small effect
on the cell growth of T. thiooxidans, but enhanced the sulfur oxidation.

Tannic acid dramatically inhibited cell growth, pH, and sulfur oxidation in 8.00 X
10° cells of T. thiooxidans, in longer periods than fulvic acid, and 500 ppm of tannic acid
suppressed them completely for more than 14 days, to the same level as in the sterilized
experiments.

Oxalic acid did not affect clearly the cell growth, pH, and sulfur oxidation in 7.

thiooxidans even at 500 ppm.

6.3 Discussion

[t is known that carboxylic acids are inhibitory to 7. ferrooxidans (Tuttle, et al.,
1976), and T. thiooxidans (Iwastuka and Mori, 1960). Tuttle, et al. (1976) reported that the
inhibitory ability of oxalic acid on cell growth and iron oxidation in 7. ferrooxidans was
greater than those of other monocarboxylic acids and a-keto acids, and that 100% of 3.2 X
10" cells cm™ of T. ferrooxidans were inhibited by 10? mol dm™ of oxalic acid and 10% by
10° mol dm” of oxalic acid. Iwatsuka and Mori (1960) used manometric measurements to
establish that the inhibition of oxalic acid on cell growth and sulfur oxidation in 7. thiooxidans
was 15% at 10? mol dm?* and zero at 10° mol dm™ around pH 3.8 (below pK,), but cell
numbers were not given. In the present work, even 500 ppm of oxalic acid did not show

clear inhibition of iron and sulfur oxidation in 5.33 X 10 cells cm™ of T. ferrooxidans and T.
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Fig. 6.1 Effect of fulvic acid (FA), tannic acid (TA), and oxalic acid (OA) on the cell growth
(top), redox potential, E, in the medium (middle), and Fe(II) concentration (bottom) in culture
of T. ferrooxidans. Symbols:@, 0 ppm; O, 50 ppm; A, 150 ppm; [J, 500 ppm; X,

sterilized.
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thiooxidans, though there was some inhibition of cell growth in 7. ferrooxidans and T.
thiooxidans in the earlier periods.

Natural organic acids, tannic and fulvic acids, were more effective inhibitors than
oxalic acid. The inhibitory effect on cell growth and iron and sulfur oxidation in 7. ferrooxidans
and T. thiooxidans was greater in the order of tannic acid >> fulvic acid > oxalic acid. Both
tannic acid and fulvic acid are reductants due to their phenolic groups, and abiotically they
would reduce Fe(IIl) to Fe(Il) ions in cultures of 7. ferrooxidans (Skogerboe and Wilson,
1981). However, it was observed that both tannic acid and fulvic acid inhibited cell growth
of T. ferrooxidans and T. thiooxidans at the initial period, and that tannic acid was a stronger
inhibitor than fulvic acid, as shown in Figs. 6.1 and 6.2 (top). On the basis of electron
microscopic observations Tuttle, etal. (1977) demonstrated that carboxylic acids nonselectively
disrupted the cell envelope and cytoplasmic membrane of T. ferrooxidans by reaction with
cations which contribute to their structural integrity, leading to inhibition of iron oxidation in
the microorganisms. The above results also suggest that inhibition of cell growth is correlated
to iron or sulfur oxidation with T. ferrooxidans or T. thiooxidans, except for the inhibition of
sulfur oxidation in 7. thiooxidans by fulvic acid shown in Fig. 6.2 (left). Fulvic acid
enhanced sulfur oxidation. Direct contact between microorganisms and elemental sulfur is
necessary to oxidize elemental sulfur by 7. thiooxidans (Takakuwa, et al., 1979). Fulvic acid
acts as a surfactant, and when itis adsorbed on particles of elemental sulfur the pysicochemical
affinity between microorganisms and elemental sulfur would be enhanced. Tannic acid with
phenolic and carboxylic groups was more strongly inhibitory to T. ferrooxidans and T.
thiooxidans than oxalic acid which has no phenolic groups, suggesting that the cell envelope
and membrane are mainly disrupted by the phenolic groups rather than by carboxylic groups.
Though the molecular weight of fulvic acid was not obtained in the present work, it is
generally reported to be 500~800. The inhibitory ability of fulvic acid is rather weaker than

tannic acid due to fewer phenolic and carboxylic groups per molecular unit.

6.3 Summary

Tannic acid at 500 ppm inhibited the cell growth, and iron and sulfur oxidation in 8
X 10° cells of Thiobacillus ferrooxidans and Thiobacillus thiooxidans, for more than two
weeks, possibly due to its phenolic group. Fulvic acid inhibited only within the initial two
days. Both acids were more effective inhibitors than oxalic acid. The present work indicates
that natural organic acids, tannic and fulvic acids, would function both as reductants and

ligands to Fe(IIl) ions and also as inhibitors to 7. ferrooxidans and T. thiooxidans in the

environment.
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Chapter 7
Suppression of microbially mediated dissolution of pyrite
by originally isolated fulvic acids and related compounds

Pyrite (FeS,) weathering in mines causes environmental problems. It i1s well known
that chemoautotrophic iron- and sulfur- oxidizing bacteria, Thiobacillus ferrooxidans and
Thiobacillus thiooxidans, often grow actively in mine environments and they play an important
role in pyrite weathering, especially in aerobic environments (Singer and Stumn, 1970). The
Fe(I1l) ions are direct oxidants not only in anaerobic environments (McKibben and Barnes,
1986), but also in aerobic environments where iron-oxidizing bacteria are involved mainly
according to indirect contact mechanism (Chapter 2). Pyrite weathering primarily depends
on the reaction between pyrite and Fe(III) ions (Chapter 3). However, actual biogeochemical
processes in pyrite weathering are more complex, and include many reactions such as adsorption,
complexation, oxidation/reduction, precipitation, aggregation, and degradation in addition to
dissolution.

According to the previous studies on suppression of pyrite weathering, key factors in
suppression can be summarized as: (a) formation of stable Fe(IIl) complexes (Chapter 4),
(b) the preferential adsorption of Fe(IT) and Cu(II) ions over Fe(III) ions to active sites on the
pyrite surface (Chapter 5), (¢) reduction of Fe(IIl) to Fe(Il) ions (Blowes, 1994), and (d)
growth inhibition of 7. ferrooxidans and T. thiooxidans (Chapter 6). Further, environmentally
acceptable and effective substances are desired to meet the above demands.

Oxidation of pyrite by Fe(III) ions has been reported to be suppressed by oxalic acid
(OA) (Chapter 4) and humic acids (HA) (Lalvani and Zhang, 1994), because of a lowering
of the standard redox potential of Fe(IIl)/Fe(Il), E°,, .1 > DY complexation. Humic substances
(HS) are widely distributed in soil, natural waters, peat, lignites, brown coal, carbonaceous
shales, marine and lake deposits, and other ore deposits. Humic substances consist of fulvic
acids (FA) and HA (Stevenson, 1985): the former is soluble even at pH 1 whereas the later is
insoluble below pH 2, and makes up more than 50% of HS. Similar to HA, FA 1s capable of
complexing and reducing Fe(III) ions (Szilagyi, 1971; Skogerboe and Wilson, 1981), and has
more functional groups per molecule unit than HA (e. g., Kuwatsuka, et al., 1992). Further,
tannic acids (TA) which are abundant in oak-leaves, are also soluble at very low pH, and has

many more carboxylic and phenolic groups per molecule unit than FA. Recently we have

found that cell growth and activities in 7. ferrooxidans and T. thiooxidans are inhibited by
FA, TA, and OA and that the inhibition is in the order TA>>FA>OA (Chapter 6). Effect of
HA on the biogeochemical cycling of Fe(Il, II) was also discussed in the field studies by
Luther, et al (1992; 1996).




The effect of FA and the related organic acids on microbially mediated dissolution of
pyrite is an issue in environmental sciences. This chapter presents the effect of FA, TA, and
OA, and discusses the potential usefulness for selective control of acid production caused by

T. ferrooxidans and T. thiooxidans in mine drainage.
7.1 Experimental

7.1.1 Organic acids

Fulvic acids were originally purified from Shinshinotsu soil (Japan): The protocol for
preparation of fulvic acids (FA) is described in Appendix 7.1. The elemental composition of
the purified FA sample was 41.26% C, 5.27% H, 0.95% N, 52.16% O, and 0.36% S on ash
and water free basis. Full details of the characterization in this sample were described
clsewhere (Tanaka, et al., 1996). Related reagents, tannic acids (TA; e. g., C H,(OH),COO-
C,H,(OH),COOH; Koso Chemicals, analytical grade, AR, lot. S3F0614; Wako Chemicals,
chemical grade, PR, lot. ESH1058) and oxalic acid (OA; (COOH), * 2H,0, Wako Chemicals,

AR) were also used.

7.1.2 Pyrite

Pyrite sample is the same as used in Chapters 2~5, ground and sieved to obtain the
size fraction between 38-75 um. Pretreatment of the pyrite was carried out to remove
oxidized species on the surface in the manner previously described in Chapter 3. The
specific surface area after the pretreatment was determined for each experiment by the N,
adsorption one point BET method with a Quantasorb QS-13 (Yuasa Ionics Co. Ltd.) using a

QS-300 cell for small area measurements.

7.1.3 Microorganisms and culture

[ron-oxidizing bacteria, Thiobacillus ferrooxidans (HUTY 8906), and sulfur-oxidizing
bacteria, Thiobacillus thiooxidans (ATCC 8085), were cultured and harvested as described in
Chapter 6.

7.1.4 Reduction of Fe(Ill) ions by organic acids

Prior to experiments of pyrite oxidation by Fe(III) ions, the reduction rate of Fe(III) to
Fe(Il) 1ons by the organic acids was estimated.

Reduction experiments were carried out in a batch reactor with an impeller and G2
glass ball filter for N, or air bubbling, at 30 =2 ‘C with light shielding to avoid decomposition
of organic acids. Dissolved oxygen was below 1 ppm under the N, bubbling and saturated

under air bubbling. All assemblies were made of glass and rinsed with dilute super special
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grade (SSG) HNO, solution before use to avoid iron contamination. One mmol dm* FeCl, -
6H,O solution was prepared with the initial pH adjusted to ~2 by SSG HCI. Tannic acids
have no well-defined structure, and two reagents from different suppliers (Koso and Wako)
were used. After the desired amounts of TA, FA, or OA were added to 100 cm” of solution,
the solution was stirred. These organic acids dissolved completely at the concentrations used.
At intervals, 1 ecm® of supernatant was pipetted off and filtered with a 0.20 um pore size
membrane filter for solution analysis. The total Fe and Fe(II) ion concentrations were

determined by the 1, 10-phenanthroline method.

7.1.5 Dissolution of pyrite by Fe(Ill) ions in the presence of organic acids

Prior to microbially mediated dissolution of pyrite, chemical dissolution experiments
by Fe(III) 10ns in the presence of FA, TA, and OA were carried out.

Abiotic dissolution of pyrite by Fe(Ill) ions in the absence and presence of organic
acids was carried out for 72 h in an anaerobic atmosphere using the same apparatus as
described in the previous section. Here, 2.00 g of pyrite (0.40 m* g') was added to 200 cm?
of 1 mmol dm” FeCl, + 6H,O solution adjusted with HCI to pH ~2 in the presence of 1200
ppm of FA, 120 ppm of TA (Koso), or 252~1260 ppm (2~10 mmol dm ™) of OA. Dissolved
Fe(Il) 1ons were determined in the same manner as described in the previous section, and
dissolved S species were measured by an ICP-AES SPS 1200 (SEIKO, Co. Ltd.). In the
presence of FA, total organic carbon (TOC) was also determined by a carbon analyzer model
1555B (Y uasa Ionics Co. Ltd.). In some experiments, the residue was filtrated after dissolution
using a membrane filter with 0.20 um-pores and the vacuum-dried for XPS (V. G. Scientific,
ESCA LAB MKk II) and FTIR analysis. Details of the XPS measurements were described in

Chapter 2.

7.1.6 Microbially mediated dissolution of pyrite in the presence of organic acids

First, 500-cm® brown Erlenmeyer flasks were filled with 200 cm® of the 9K basal
medium plus 2.00 g of the pretreated pyrite (1.60 m? g') at an initial pH 2.2~2.3. Each
medium contains 40~240 mg FA (200~1200 ppm), 2~100 mg TA (Koso; 10~500 ppm), or
25.2~126.0 mg OA (126~630 ppm). The control culture was also set triply without additives.
These flasks were put with silico-plugs, and inoculated with 8.00X 10° cells of T. ferrooxidans
and 8.00 X 10° cells of T. thiooxidans. A sterilized experiment was also performed.

All flasks were installed in a rotary shaking culture-apparatus TB-16 (Takasaki Kagaku,
Co. Ltd.) at 302 C and incubation was continued for 336 h under light shielding.
Conventionally the microorganisms require CO, as a carbon source in addition to reduced
species of Fe and S as energy sources, but they do not require organic carbon and light

(Tuovinen and Kelly, 1972). At intervals, pH, dissolved S species, total Fe, and Fe(Il) ions
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were measured. Total organic carbon was not determined, due to the involvement of released
extracellular substances from the microorganisms in addition to the adsorption of organic
substances to pyrite.

After 336 h, the residue was filtrated using a Whatmann filter 41 and vacuum-dried
for FTIR analysis and the ccll numbers were counted directly in the filtrate. Membrane
filters with submicron size pores were not used due to clogging by samples containing high
cell densities. For these samples, XPS measurements were abandoned because high densities

of organic compounds cause the differential charging cffects (Chapter 2).

7.1.7 FTIR spectra

Infrared spectra were recorded using a FTIR VALOR III (Jasco, Co. Ltd.) by diffuse
reflectance infrared Fourier transformed spectroscopy (DRIFTS) with 5 (w/w) % of sample
precipitate in KBr, under the conditions: accumulation, 16 times; resolution, 4 cm’: detector,
TGS; range of wavenumbers, 400~4000 cm™. A spectrum for the mixture of 2.00 g pretreated
pyrite and either 240 mg FA, 100 mg TA, or 126 mg OA was also measured as a reference.
The amounts of organic acids are correspondent to the maximum used in microbially mediated

dissolution of pynte.
7.2 Results

7.2.1 Reduction of Fe(lll) ions by organic acids

Figure 7.1 shows the relation between the amount of reduced Fe(III) 1ons for 30 min
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Fig. 7.1 Relation between reduced Fe(Ill) ions and the amounts of two kinds of TA, Koso
(@, O) and Wako (A) Chemicals. Reduction of Fe(IIl) was carried out in aerobically (open

symbols) and anaerobically (closed ones). Initial Fe(IlI) ion concentration was 1 mmol dm”.
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and TA concentrations, when the initial concentration of Fe(lll) ions was 1 mmol dm”.
Experiments were carried out by two kinds of tannic acids (TA; Koso and Wako) in both
acrobic and anacrobic atmosphercs. Three curves were almost equal and 60 ppm of TA was
required to reduce 1 mmol dm * Fe(I11) ions completely around pH 2. The reducing ability of
TA was independent of atmosphere probably duc to a very rapid reaction and also independent
of rcagents. This indicates that the number of functional groups involving reduction per unit
amount is almost cqual for both reagents (Koso and Wako), therefore the Koso Chemicals
TA was used in the following experiments.

Figure 7.2 shows reduction curves of 1 mmol dm? Fe(lIl) ions at pH ~2 in an
anacrobic atmosphere by FA, TA, and OA. The 60 ppm of TA reduced Fe(Il1) ions immediately,
but OA did not reduce Fe(I11) ions even at 1200 ppm (~9.52 mmol dm™) after 72 h. Fulvic
acids reduced Fe(I1l) ions rapidly with increasing concentration but the reaction was slower
than TA. At least 45 h and 1200 ppm of FA were required to reduce 1 mmol dm™ Fe(III)

1ons completely.
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Fig. 7.2 Reduction curves of 1 mmol dm™ Fe(III) ions by FA, TA, and OA around pH 2 in

an anaerobic atmosphere.

7.2.2 Effect of organic acids on the dissolution of pyrite by Fe(Ill) ions

Dissolution curves of S and Fe(II) species, and changes in TOC are shown in Fig. 7.3.
Compared with the results in the absence of organic acids, dissolved S species data at 72 h in
Fig. 7.3 shows that pyrite dissolution was suppressed ~16% with 1200 ppm of FA and ~50%
with 120 ppm of TA. In the presence of 252~1260 ppm (2~10 mmol dm™) of OA, dissolution
of S and Fe(Il) was completely suppressed.

In the presence of FA and TA, only a part of the dissolved Fe(ll) ions are denived
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Fig. 7.3 Changes in dissolved S species, dissolved Fe(ll) ions, and total organic carbon
(TOC) during the dissolution of pyrite by 1 mmol dm*® of Fe(Ill) ions with and without
organic acids. Symbols: @, no organic acids (control); O, FA 1200 ppm;A\, TA 120 ppm;
[J, OA 252 ppm; V, OA 1260 ppm. Vertical bars indicate the standard deviation of three

TOC measurements.




from pyrite, becausc the added Fe(111) 1ons are reduced to Fe(Il) ions by FA and TA. With
120 ppm of TA, dissolved Fe(ll) ions immediately reached 1.0 mmol dm®. Within 4 h
dissolved Fe(Il) were larger with TA than without organic acids, while dissolved S were
smaller with TA than without organic acids. This indicates that most of the added Fe(I1l)
ions were rapidly reduced by TA. On the contrary, dissolved Fe(Il) ions increased slowly
with 1200 ppm of FA, similar to dissolved S. It suggests that most of the added Fe(111) ions
were not reduced by 1200 ppm of FA. Changes in TOC showed that adsorption of FA to
pyrite attained a steady state around 50 h.

The XP-spectra (Fig. 7.4) clearly show that there are differences in C 1s spectra, with
(b) and without (a) 1200 ppm of FA, and that there is no cffect with 1260 ppm (10 mmol
dm™) of OA (¢): in (a) ~ (¢), there are strong pcaks due to carbonaccous contamination with

the main peak at £, [C 1s] = 284.7 ¢V, whereas in (b) weak peaks which can be assigned to
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Fig. 7.4 XP-spectra of C 1s for pynte after dissolution in the absence of organic acids (a),
and in the presence of 1200 ppm of FA (b) and 1260 ppm of OA (¢).
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carboxylic groups, are observed around E,[C 1s] = 288 ¢V. It indicates that FA adsorbed on
the pyrite surface, and that OA did not, even at 1260 ppm. In the FTIR spectra of pyrite after
dissolution, however, no peaks corresponding to adsorbed FA were observed, probably due to

the low concentration on the surface.

7.2.3 Microbially mediated dissolution behavior of pyrite

Figure 7.5 shows the effects of FA on the dissolution of S and Fe species, and also
pH changes in microbially mediated dissolution of pyrite. Dissolution of S species were
suppressed ~50% by 200 ppm of FA at 336 h. The suppression was enhanced by increases in
FA, but above 600 ppm no further suppression was observed. Dissolution of Fe species were
suppressed 78 % by 200 ppm of FA at 336 h, and the suppression was higher than for the S
species. As shown in Fig. 7.6, most of the dissolved Fe species were Fe(IlI) ions, though the
fraction of Fe(II) ions increased a little (from 3.4% to 20 % at 336 h) with FA concentration
due to the reduction of Fe(IIl) by FA (Fig. 7.2).

The effect of TA is shown in Fig. 7.7. Tannic acids strongly suppressed the microbially
mediated dissolution of pyrite, and much less TA than FA (~1/20) were required to obtain the
same level of suppression. As shown in Fig. 7.8, the fraction of dissolved Fe(II) to the total
Fe ions dramatically increased with TA (from 3.4% to 84.2% at 336 h). One of the reasons 1s
much larger reduction rate of Fe(Ill) to Fe(II) ions by TA than by FA (Fig. 7.2).

Table 7.1 Cell numbers in the filtrate after dissolution of pyrite

inhibitor cell number inhibition

/ cells cm™ /%

no inhibitor 2.35X10° 0
fulvicacid 200 ppm 1.10X 10° 53
(FA) 600 ppm 9.00X 10 62
1200 ppm 7.00X 10’ 70

tannic acid 10 ppm 1.65X10° 30
(TA) 50 ppm 1.03X 10° 56
150 ppm 7.05X 10’ 70

500 ppm 235X 107 94

oxalicacid 126 ppm 2.00X 10° 15
(OA) 252 ppm 1.03 X 10° 56

630 ppm 3.25X 10’ 86
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Fig. 7.5 Effect of FA on microbially mediated dissolution of pyrite. Symbols: @, no
inhibitor; O, FA 200 ppm;A\, FA 600 ppm; [J, FA 1200 ppm; X, sterilized.
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Fig. 7.6 Dissolution curves for total Fe (solid circles) and Fe(Il) (open circles) ions in the

presence of FA.
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Fig. 7.8 Dissolution curves for total Fe (solid circles) and Fe(Il) (open circles) ions in the

presence of TA.
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Fig. 7.10 Dissolution curves for total Fe (solid circles) and Fe(Il) (open circles) ions in the

presence of OA.
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Figure 7.9 shows the effects of OA. With 126 ppm (1 mmol dm~) of OA there is no
effect, but there is strong suppression with increasing OA. As shown in Fig. 7.10, dissolved
Fe species were almost Fe(III) ions independent of OA concentration.

The cell numbers in the filtrate after each experiment is summarized in Table 7.1. It
shows that cell growth was inhibited by FA, TA, and OA, and that TA was the most effective

inhibitor.

7.2.4 FTIR of pyrite after microbially mediated dissolution

The FTIR spectra of pyrite samples after 336 h-microbially mediated dissolution with
FA, TA, and OA are shown in Figs. 7.11~7.13 together with the spectra for the mixtures of
pyrite with FA ((d) in Fig. 7.11), TA ((e) in Fig. 7.12), and OA ((e) in Fig. 7.13). As shown
in the spectra of the sample without inoculation ((e) in Fig. 7.11, (f) in Fig. 7.12, and (f) in
Fig. 7.13), there is no IR band assigned to pyrite in the wavenumber range measured. The
spectrum ((a) in Figs. 7.11~7.13) of the control sample without organic acid has one band at
1040 cm ™ which is assigned to polysaccharide, and three bands at ~3300, 1630 and 1400 cm
assigned to polyamide in microorganisms (Naumann, et al., 1988). The intensities of these
four bands decreased with increases in FA, TA, and OA, suggesting that these organic acids
inhibited the cell growth of T. ferrooxidans and T. thiooxidans, consistent with Table 7.1.

No adsorbed FA, TA, and OA on pyrite was observed even at the maximum amounts
((¢) in Fig. 7.11, (d) in Fig. 7.12, and (d) in Fig. 7.13). These results are similar to those

without microorganisms.
7.3 Discussion

The results of preliminary experiments (Figs. 7.1~7.4) suggest that the oxidation of
pyrite with 1 mmol dm? Fe(III) ions is faster than the reduction of 1 mmol dm~ Fe(III) by
1200 ppm of FA to Fe(Il) ions, and that a small amount of FA absorbed on pyrite. It was
reported that the zeta potential of natural pyrite can be changed from positive to negative by
the addition of a small amount of HA at pH=3 (Lalvani and Kang, 1992). It is reasonable to
consider that FA is associated with pyrite, though not strongly in the pH range investigated.
As reported by Lalvani and Zhang (1994), HA forms complexes with Fe(III) ions through
carboxylic groups, similar to OA. A relatively low degree of suppression of released S
species by FA (Fig. 7.3) may be due to the complexation with Fe(IlI) ions in addition to the
adsorption to pyrite. Overall, the reduction of Fe(III) ions by FA does not contribute much to
suppress the pyrite dissolution. In the presence of 120 ppm of TA, the reaction of Fe(III)
with pyrite is competitive to the reduction of Fe(Ill) to Fe(Il) ions by TA, leading to a 50 %

suppression of released S from pyrite (Fig. 7.3). Tannic acids do not function as a ligand to
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Fig. 7.11 FTIR spectra for pyrite after 336 h-dissolution with (a) no organic acids, (b) FA
600 ppm, (c) FA 1200 ppm, and (e) sterilized, and also for (d) FA isolated from Shinshinotsu
soil. A vertical bar indicates one Kubelka-Munk unit for spectra (a)~(c) and (e), and 1/4

Kubelka-Munk unit for spectrum (d).
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Fig. 7.12 FTIR spectra for pyrite after 336 h-dissolution with (a) no organic acids, (b) TA 50
ppm, (c) TA 150 ppm, (d) TA 500 ppm, and (f) sterilized, and for (e) TA. A vertical bar
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126 ppm, (c) OA 252 ppm, (d) OA 630 ppm, and () sterilized, and for (e) OA. A vertical bar
indicates one Kubelka-Munk unit for spectra (a)~(d) and (f), and 1/4 Kubelka-Munk unit for
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Fe(IIl) ions because they are strong reductants. In the presence of 252~1260 ppm (2~10
mmol dm~) of OA, most of Fe(Ill) ions are in the forms of [FeL,]* and [Fe(H,0),L,]
according to calculation using stability constants, where H,L is oxalic acid, (COOH),. These
Fe(Ill)-complexes were unable to oxidize pyrite due to a lowering of the standard redox
potential (Chapter 4).

The microbially mediated dissolution of pyrite and the decreases in pH were effectively
suppressed by FA, TA, and OA, as shown in Figs. 7.5, 7.7, and 7.9. One of the reasons is
the inhibition of microorganisms by FA, TA, and OA, as shown in Table 7.1 and Figs.
7.11~7.13. Phenolic groups of TA are strong inhibitors for the microorganisms used here
(Chapter 6). It has been reported by Iwatsuka and Mori (1960), and Tuttle, et al. (1977) that
OA are inhibitory to T. ferrooxidans and T. thiooxidans, though our data did not show this
clearly (Chapter 6) due to differences in experimental conditions. It is considered that
growth inhibition of the microorganisms by OA and FA are correlated to their chelating
activities. Oxalic acids form complexes with Fe(IIl) ions and also with Fe(Il) ions by their
carboxylic groups (Smith and Martell, 1977). The inhibitive function of FA depends on both
their phenolic and carboxylic groups.

Cell inhibition, however, does not always result in the suppression of dissolution:
there is no difference in the dissolution behavior of [FA] = 600~1200 ppm (Fig. 7.5) and
[TA] = 50~500 ppm (Fig. 7.7), while the cell inhibition is enhanced by increases in TA and
FA as shown in Table 7.1 and Figs. 7.11~7.12. The inhibition of cell growth by FA, TA, and
OA are in the order of TA>> OA > FA: the degree of inhibition is rather milder than anionic
surfactants such as sodium lauryl sulfate and alkyl benzene sulfate (Onysko, et al., 1984),
since more than 107 cells were alive even at [TA] = 500 ppm as shown in Table 7.1. More
than 107 of cells are enough to grow and utilize pyrite as an energy source in the medium
leading to the rise in dissolved species from pyrite, provided that sufficient pyrite-substances
are available. It indirectly suggests that a large fraction of Fe(IIl) ions produced by alive
cells could not fully contact the pyrite surface and consequently did not contribute to the
dissolution of pyrite. The above results imply that there are other suppression factors in
pyrite dissolution, here the adsorption of organic acids to pyrite particles is considered to be
important.

Though it was not observed by FTIR (Figs. 7.11~7.13), it is possible that small
amounts of organic acids were adsorbed to pyrite as confirmed by XPS in the preliminary
experiments (Fig. 7.4). Previously we reported that Fe(Il) and Cu(Il) ions preferentially
adsorbed to active sites of pyrite, leading to the suppression of pyrite dissolution (Chapter
5). It has been also reported by Seelinger, et al. (1995) and Pettenkofer, et al. (1991) that
there is site-specific interaction for an electron transfer at the (100) plane of pyrite crystal.

Accordingly, the high surface coverage need not to suppress the pyrite dissolution.
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In biotic system, reduction of Fe(Ill) ions was negligible in FA and OA systems
(Figs. 7.6 and 7.10), but was observable for larger concentrations of TA (Fig. 7.8). In the
presence of 630 ppm of OA (5 mmol dm™) (Fig. 7.10 (bottom)), 1.67 mmol dm” of Fe(IlI)
ions were finally formed. Most Fe(Ill) ions are complexed with OA and are unable to
oxidize pyrite. Dissolved Fe species were suppressed more strongly than S species in the
presence of organic acids, even if it is considered that there is scattering in the determination
of S by ICP-AES, possibly due to complexation and polymerization in the presence of the
organic acids.

Consequently, it was concluded that the suppression of pyrite dissolution by FA
occurred mainly due to cell inhibition and adsorption to the active sites of pyrite surfaces, the
contribution of the reduction and complexation of Fe(IIl) ions were small, while reduction

was also important in the presence of TA and complexation important with OA.
7.4 Summary

Microbially mediated dissolution of pyrite showed an effective suppression of a release
of S and Fe species and decreases in pH in the presence of more than 10 ppm of TA, and 200
ppm of FA, and 250 ppm of OA. Reduction of Fe(IIl) ions by FA was not so important to
suppress the pyrite dissolution in biotic systems similar to the ones in abiotic. Preliminary
experiments without bacteria suggested that adsorption and complexation are important to
suppress release of S species from pyrite by FA. In biotic systems, it was suggested that the
suppression by FA occurred mainly due to inhibition of microorganisms and adsorption to the
active sites of pyrite surfaces in addition to reduction and complexation of Fe(IIl) ions. The
reduction was also important in the presence of TA and complexation important with OA,
however.

Accordingly, humic substances are useful for remediation in mine environments. [t
leads us to suggest that afforestation should be promoted, and that it is also effective to
scatter the withered oak-leaves where afforestation is impossible. Humic substances easily
form complexes with Cu(Il) ions in the environment (e. g., Fukushima, et al. 1991). In the

advanced stage, it may enable recovery for valuable metals such as Cu in mine drainage.
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Appendix 7.1: Purification of fulvic acids

Fulvic acids (FA) were purified from Shinshinotsu peat soil (Hokkaido, Japan),
according to the modified International Humic Substances Society (IHSS) method. First 1.0
X 107 g of Shinshinotsu peat soil was leached in 4 X 10° cm® of 0.5 mol dm* NaOH, and
kept shaking at room temperature for 72 h. After centrifugation at 1000 X g for 10 min, the
supernatant was filtrated using a Buchner funnel with Toyo filter No. 5A, and then the elution
was acidified to pH 1 with SSG HCI and kept for 24 h at room temperature to precipitate the
humic acids (HA) fraction.

After the sample was centrifuged at 1000 X g for 10 min, the precipitate was introduced
into the other path (dialysis) to purify the HA fraction and the supernatant was evaporated at
35 C till a volume of 30 cm’ to purify the FA fraction. During concentration of the FA
fraction, NaCl was also deposited and separated by centrifugation at 1000 X g for 10 min to
remove.

The concentrated samples were mounted onto a 5 cm diameter and 35 cm long (total
volume, V, = 687 cm?) column containing XAD-2 resin (Amberlite), previously conditioned
with ~2060 cm® (3 X V) of 0.1 mol dm” SSG HCI. The adsorbed FA on the XAD-2 resin,
show as brown bands. They were washed with distilled water and then eluted from the resin
using the (1 + 1) mixture of 0.1 mol dm” NaOH and ethanol as an eluent. The "center cut"
elution technique enabled the collection of a highly concentrated central part excluding

polysaccharides, sugar, organic acids with low molecular weight, and substances other than
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inorganic salts. The "center cut" eluate was evaporated at 35 ‘C to concentrate to ~30 cm® to

remove ethanol.

The concentrated samples were finally desalted by gel filtration using Sephadex G-10
resin (Pharmacia), 5 cm diameter and 35 cm long (V, = 687 cm?), after neutralization with a
small amount of SSG HCI to avoid damaging the column.

The eluate of the FA fraction, containing a large amount of Na* ions, was directly
introduced into the cation-exchange resin, IR-120 (Amberlite), the mixture was thoroughly
shaken, the Na" ion-adsorbed resin was removed by filtration using a Buchner funnel, and
then eluate of the FA fraction was again washed with the fresh resin. The washing was
repeated five times to attain complete protonation of the eluate of the FA fraction. The

protonated samples were evaporated at 35 ‘C for freeze drying.
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Chapter 8
Conclusions

Pyrite (FeS,) dissolution is important in several biogeochemical processes including
formation of acid mine drainage. Understanding the mechanisms of dissolution can help in
the selection of methods to abate this environmental problem. Chemoautotrophic iron- and
sulfur- oxidizing bactenia, Thiobacillus ferrooxidans and Thiobacillus thiooxidans, are
acidophilic and aerobic species, often grow actively in mine water and play an important role
in pyrite weathering. The purposes of the present work were (a) experimentally to clarify the
mechanism of microbial attack on pyrite by the iron-oxidizing bacteria, Thiobacillus
ferrooxidans, (b) to determine the mechanism of oxidative dissolution of pyrite by Fe(III)
ions, and (c¢) to elucidate factors suppressing microbially mediated weathering of pyrite to
establish control systems for strongly acidic drainage.

The first chapter provided a brief background of previous works concerned with this
endeavor and established the objectives of the research.

In Chapter 2, microbially mediated dissolution of pyrite with Thiobacillus ferrooxidans
was carried out, and investigated with both solution and mineral surface analysis, XPS, FTIR,
and XMA. It was found that elemental sulfur, an intermediate in the "indirect contact
mechanism" of pyrite dissolution, was formed on the surface of pyrite during oxidation by
the bacteria. It was further shown that the mole ratio of elemental sulfur to total Fe on the
surface, [S]/[Fe.] was closely dependent on the activity of the bacteria. These results indicate
that the microbial attack on pyrite by Thiobacillus ferrooxidans proceeds mainly by the
"Indirect contact mechanism" not but by the "direct contact mechanism." The redox potential
was dependent on the [Fe(III)]/[Fe(II)] mole ratio in the solution, and this presented a measure
of the activity of the iron-oxidizing bacteria, Thiobacillus ferrooxidans. The results in this
chapter show that a key reaction for the oxidative dissolution of pyrite is the oxidation of
pyrite by Fe(III) 1ons both in aerobic and anaerobic environments.

Chapter 3 first established the pretreatment method to obtain a well-defined pyrite
surface, essential to obtain reliable dissolution data, and validated the method by XPS and
Raman spectroscopy. The stoichiometry of pyrite dissolution by Fe(III) ions was studied in
chloride media around pH 2. Pyrite was found to dissolve nonstoichiometrically during the
initial tens of hours, and a sulfur-rich layer was formed on the pyrite due to preferential
dissolution of iron. The major constituent of the surface layer was elemental sulfur, identified
by XPS and Raman spectroscopy.

In Chapter 4, the reactivity of pyrite with Fe(Ill) ions in solutions at pH around 2,

containing anionic species, was evaluated by a determination of released Fe(II) ions and by

-134-




XPS surface analysis of the pyrite. The release of Fe(Il) 1ons decreased with increasing

concentration of total anionic species, and the suppression of pyrite dissolution was in the
order chloride < sulfate <<< phosphate~ oxalate. The Fe(III)-CDTA and [Fe(CN) | complexes
did not function as oxidants. For [Fe(CN)6]3’, the results were explained by a mechanism
based on the molecular orbital theory, since the complex is an inert and low-spin type. For
the others, the order of suppression was found to parallel the order of the potential as oxidant,
the standard redox-potential, E’. The redox couples of Fe(Ill)-CDTA and Fe(Ill)-oxalate
complexes have lower E° and this is considered to be the reason for the absence of oxidation.
In the phosphate system, colloid formation and polynucleation of Fe(IIl) ions were observed
and these were additional factors in the suppression. The experimental results and the
calculated E’ indicate that E for SO, /pyrite-S may be around 0.3 V. This means that £ is
an important measure to estimate ligand effects. Further, the dissolution data in the Fe(III)-
oxalate system revealed that electron transfer from pyrite to Fe(IIl) species is not always
accomplished through a ligand water molecule.

In Chapter §, the effects of cations including alkaline, alkaline earth, and transition
metal ions on the pyrite dissolution with Fe(IIl) ions near pH 2 were studied by solution
analysis and XPS. The results showed that Na*, K*, Ca(Il), Mg(II), Ni(II), Zn(II), and Cd(II)
1ons had no effect, whereas Pb(II), and Ba(II) ions precipitated sulfate ions released from the
pyrite; Fe(Il) and Cu(Il) 1ons suppressed the release of Fe and S species from the pyrite.
Pyrite 1s a soft base by HSAB theory, but soft and moderate acids such as Cd(II), Ni(II), and
Zn(II) did not adsorb significantly, leading to an absence of suppression. At the same time
the moderate acids, Fe(II) and Cu(Il) ions, lead to the suppression. This suggests that the
effect of other cations on pyrite dissolution with Fe(IIl) ions is not always explained by
HSAB theory. After dissolution in the presence of Cu(Il) ions, Cu(I) species, very similar to
the Cu(l) in Cu,Se, were formed on the pyrite. It was presumed that at active sites of pyrite-S
Fe(Il) and Cu(Il) ions were adsorbed preferentially over Fe(Ill) ions, and that Cu(II) ions
were reduced to Cu(I) species becoming stabilized on the pyrite, leading to the suppression of
pyrite dissolution.

In Chapter 6, the inhibition of the cell growth, and iron and sulfur oxidation in
Thiobacillus ferrooxidans and Thiobacilus thiooxidans by fulvic and tannic acids were
studied around pH 2, and compared with that of oxalic acid. These inhibitors were selected
by taking into account the use of compounds limiting environmental damage, and the selection
was based on the results in Chapters 4 and 5 (humic and related compounds can also be
reductants and/or complexing agents to Fe(IIl) ions and may adsorb on the pyrite surface).
Tannic acid at 500 ppm inhibited the cell growth, and iron and sulfur oxidation in 8 X 10’
cells of Thiobacillus ferrooxidans and Thiobacillus thiooxidans for more than two weeks,

possibly due to its phenolic group, while fulvic acid inhibited them only for the initial two
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days. Both were more effective inhibitors than oxalic acid.

By considering the results in Chapters 4~6, the originally isolated fulvic acids were
applied to the suppression of microbially mediated dissolution of pyrite by Thiobacillus
ferrooxidans and Thiobacillus thiooxidans, and compared with tannic and oxalic acids in
Chapter 7. The mechanism of suppression was studied using XPS, FTIR, and solution
analysis. Preliminary experiments showed that the reaction rate of Fe(IIl) with pyrite was
faster than the rate of Fe(III) to Fe(IT) reduction by fulvic acids, and that fulvic acids adsorbed
to the pyrite surface and suppressed dissolution of pyrite moderately. Release of S and Fe
species and decreases in pH in microbially mediated dissolution of pyrite were effectively
suppressed in the presence of more than 10 ppm of tannic acids, 200 ppm of fulvic acids, and
250 ppm of oxalic acids. The suppression was considered to be due to inhibition of
microorganisms by organic acids and their adsorption to the active sites of pyrite surfaces in
addition to reduction and complexation of Fe(IlI) ions by them. The results indicate that
humic substances could be useful for remediation and prevention of damage caused by acidic

mine drainage.
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