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Pyrite, FeS2, commonly referred to as ‘‘Fool’s gold’’ is the most common sulfide in the Earth’s surface
region. Not only is the mineral ubiquitous, but the reactivity of pyrite is of central importance in a
devastating environmental issue known as acid mine drainage (AMD) and in beneficial commercial
processes such as mineral benefaction, which can range from the desulfurization of coal to the isolation
of copper or gold ores. Pyrite has even been postulated to be a key constituent of a prebiotic iron–sulfur
world existing at the high pressure and temperature conditions common to hydrothermal vents at the
oceanic floor. The development of an atomic level picture of the structure and reactivity of pyrite is
paramount to understanding the chemistry of this mineral in these wide-ranging environments.
This contribution focuses on research carried out over the past three decades that has used modern

surface science tools to understand the reactivity of pyrite surfaces. An understanding of the reactivity of
the pyrite surfaces has benefited from studies using a wide range of experimental techniques that range
from vacuum-based experiments utilizing electron and photon spectroscopies, and probe microscopy to
in situ studies using infra-red spectroscopy. Synchrotron-based techniques that include photoelectron
spectroscopy and X-ray absorption spectroscopy have played a large role in both these environments.
These techniques have perhaps been the most useful in establishing the structure of the pristine pyrite
surface. Related iron sulfides are also briefly introduced in this review including pyrrhotite (FexS1−x) and
the dimorph of pyrite, marcasite. The surface reactivity of these sulfides exhibit both similarities and
differences to pyrite, and help to bring forward the unique activity of pyrite in both environmentally and
technologically important conditions.

© 2008 Published by Elsevier B.V.
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AES Auger electron spectroscopy
AFM atomic force microscopy
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DFT density functional theory
DOS density of states
EELS electron energy loss spectroscopy
FTIR Fourier transform infrared
HOMO highest occupied molecular orbital
L Langmuir – (10−6 Torr s)
LEED low energy electron diffraction
LUMO lowest unoccupied molecular orbital
NEXAFS near-edge X-ray absorption fine structure
PAX photoemission of adsorbed xenon
PES photoelectron spectroscopy
REFLEXAFS reflection extended X-ray absorption fine struc-

ture
SIMS secondary ion mass spectroscopy
STM scanning tunneling microscopy
STS scanning tunneling spectroscopy
TPD temperature programmed desorption
UPS ultraviolet photoelectron spectroscopy
XAS X-ray absorption spectroscopy
XANES X-ray absorbance near-edge structure
XPS X-ray photoelectron spectroscopy
XRD X-ray diffraction
XRF X-ray fluorescence

1. Introduction

Pyrite (FeS2), commonly referred to as ‘‘Fool’s gold’’, is themost
abundant metal sulfide associated with the Earth’s surface region.
Themineral is ubiquitous to terrestrial sediments andmarine envi-
ronments, including those associated with submarine hydrother-
mal vents. Rickard and Luther [1] have recently estimated that,
simply due to the biogenic reduction of aqueous sulfate, there
is about 5 million tons of pyrite being produced annually in the
oceanic environment.
Not only does pyrite present itself in many different environ-

ments, it exhibits surface chemistry that can profoundly affect the
very environment in which it is present. Perhaps one of the most
striking examples of how the reactivity of pyrite can affect an envi-
ronment is associated with anthropogenic activities. The oxidative
decomposition of pyrite at coal and metal mining sites leads to the
devastating environmental problem known as acid mine drainage
(AMD) [2–6]. This process, through the generation of sulfuric acid
and iron oxyhydroxides, is responsible for the contamination of
over 10,000 miles of streams and rivers and 180,000 acres of lakes
and reservoirs in the US alone [7]. An estimated 10 million tons
of pyrite is disposed of per year by the 6 highest producing states
in the US [7]. The remediation of this acidic run-off due to AMD is
staggering, costing the coal mining industry 1 million dollars per
day in prevention and abatement [8]. Furthermore, the decompo-
sition of pyrite in the environment releases heavy metals such as
arsenic, cobalt, lead, nickel, and zinc into neighboring waterways.
The surface chemistry of pyrite (and other sulfides) also plays

a large role in the commercially important processes of mineral
benefaction [9] and the separation of sulfides from coal. Here a key
consideration is the intelligent functionalization of the iron sulfide
material in coal/mineral slurries so as to separate coal from sulfides
(to limit the production of sulfur oxides during burning that leads
to acid rain), or for the separation of valuable and nonvaluable
sulfides that contain, for example, copper or gold. Froth flotation
is the leading process for the selective separation of sulfides by
mass and is a 100 million dollar a year industry, resulting in
the processing of 109 tons of material each year [9]. The process
depends on the modification of the sulfide surface (often pyrite)
with organic xanthates or metals such as Cu to make its surface
properties (charge, hydrophobicity etc.) amenable to separation.
On a less technologically relevant level, but a very intriguing

level nonetheless, the surfaces of iron sulfides have been postu-
lated to facilitate chemistry within active hydrothermal vents, that
have been discovered in some deep ocean environments [10,11].
Under such conditions of high pressure and temperature, it has
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been shown that particular iron sulfide surfaces facilitate chem-
istry that would be otherwise associated with metal and/or metal
oxide surfaces under heterogeneous catalysis conditions. For ex-
ample, it has been shown that pyrrhotite (FexS1−x) slurries at high
pressure (exceeding 100MPa) and at elevated temperatures facili-
tate Fisher Tropsch chemistry [12,13]. Also, it has been shown that
under hydrothermal conditions ferrous iron sulfide can catalyze
dinitrogen conversion to ammonia [14]. The reaction of iron sul-
fides under these extreme conditions has also been postulated to
be relevant to prebiotic chemistry [10,15].
The development of a microscopic understanding of the

molecular controls that determine the surface reactivity of pyrite
in the before-mentioned environments has been intimately linked
to the development of a sophisticated suite of surface sensitive
probes. For example, synchrotron-based techniques and infra-
red techniques have allowed an unprecedented view of the
buried interface that often characterizes the working surface of
an environmentally relevant mineral. Such studies have nicely
complimented parallel studies over the years that have been
restricted to the study of iron sulfides under well-defined vacuum-
based conditions. These experimental studies taken together with
an ever advancing theoretical framework have led to a deep
understanding of this important mineral.
The current contribution will review the progress that is

being made via theoretical and experimental efforts focused on
investigating the reactivity of pyrite. Emphasis will be placed
on the how the surface chemistry exhibited by this mineral is
related to particular environmental and industrial processes. The
review will highlight how surface speciation, electron transfer,
secondary mineral phases, short-range order, and structure
sensitivity contribute to the sulfide mineral surface chemistry.
Furthermore, the contribution will introduce other iron sulfides
such as the dimorph marcasite (FeS2), pyrrhotite (Fe1−xS) and
the FeS endmember, troilite, for comparative purposes. Rosso
and Vaughan have recently reviewed the surface reactivity of a
variety of metal sulfides [16]. While there is some overlap with
this earlier contribution, we have tried to restrict our review
primarily to pyrite which has allowed us to treat this mineral in
somewhat more detail than has been done before. This reviewwill
briefly include the influence of microbes (there are more complete
reviews on this particular aspect [17]) on these environmental
processes for completeness, but will primarily focus on abiotic
chemistry.

2. Pyrite structure and samples for surface science studies

2.1. General structure

Pyrite crystallizes in a rock salt type structure (face-centered
cubic) and belongs to the space group Pa3 [18]. Themineral adopts
a cubic NaCl-like structure with the Fe atoms on the corners and
face center positions of the unit cell and the S2 units lie at the
midpoints of the twelve edges and in the center of the cube. The
sulfur dimers occupying the anion sites along the 〈111〉 directions
reduce the crystal symmetry from that of the rock salt structure.
The unit cell of pyrite contains four FeS2 formula units. Fig. 1
shows the pyrite unit cell with full dimers at the midpoint of each
edge. The unit cell is completely defined by the cell wall length,
or cell parameter, a0, and the S coefficient, u, which defines the
coordinates of each S atom in the unit cell. The crystal structure of
pyritewas published in 1914 by Bragg [19], and the parameters are
now generally accepted as a0 = 5.416 Å and u = 0.385 Å [20,21].
Each Fe is coordinated to six S atoms creating a distorted octahedral
field, while each S atom is coordinated to 3 Fe atoms and its dimer
partner.
Fig. 1. Atomistic representation of the pyrite unit cell. Brown spheres represent Fe
and yellow spheres represent S.

Pyrite cleaves poorly and fractures conchoidally with {100}
cleavage being the most common, but {021}, {111} and {110}
cleavage is also observed [22]. Growth of the {100} plane forms
a cubic structure, while the less common growth in both the
{111} and {100} planes creates a cubo-octahedral form while a
pyritohedral form is defined by the {210} plane, although other
forms have also been reported [23]. Surface science studies have
generally been conducted on the pyrite {100} plane, but some
studies have addressed the {111} plane andwill be presented later.
Fig. 2 shows idealized terminations of the pyrite bulk that generate
the {100} and {111} planes.
Abraitis et al. [24] have reviewed the types and concentrations

of impurities found in natural pyrite. Their analysis shows that
natural pyrite (with the overall S:Fe ratio being close to 2) contains
a variety of trace Ag, As, Au, Bi, Cd, Co, Cu, Hg, Mo, Ni, Pb, Pd, Ru, Sb,
Se, Te, Zn and up to a few % of some elements (e.g., As, Co, Cu).
Specific elements can exist as substitutions in the pyrite lattice
or as inclusions. Depending on the impurity, the natural pyrite
semiconducting mineral can show p-type (typically containing
As) or n-type conductivity. Conductivities can range from 0.02 to
562 (� cm)−1, with themean conductivities for p andn-type pyrite
being 0.5 and 56 (� cm)−1, respectively [24].

2.2. Types of samples for surface science studies

Surface science studies of the iron sulfides have been carried
out on surfaces associated withmineral powder, surfaces resulting
from the fracturing of the mineral, as-grown surfaces, and those
associated with synthetic thin films. The following will briefly
review some aspects of these different samples.

2.2.1. Powder or crushed iron sulfide
Studies involving the use of pyrite powder have generally

been confined to investigations concerned with the rate of pyrite
oxidation in various oxidizing environments and in experiments
that have investigated the chemistry of the sulfide under
hydrothermal conditions. Rate measurements of pyrite oxidation
typically involve themeasurement of aqueous sulfate and iron and
such measurements are aided by the relatively high surface area
afforded by crushed pyrite.
In the realm of surface science studies, crushed pyrite has been

shown to be particularly convenient for attenuated total reflection
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Fig. 2. Ideal planes of FeS2 (a) S-terminated {100}, (b) S-terminated {111}, and (c) Fe terminated {111}. Brown spheres represent Fe and yellow spheres represent S.
Fig. 3. (a) LEED diffraction pattern of FeS2 (100) cleavage planes. (b) Schematic
representation of the reciprocal lattice of the (100) plane (a* reciprocal lattice vector
of the Fe fcc sublattice, b* of the S2 superstructure). (c) Atomic arrangement within
the (100) plane (a, b lattice vectors of the crystal lattice according to (b). The length
of b is equal to the fcc volume lattice constant of FeS2). Figure reprinted with
permission from Ref. [27].
© 1991, Deutsche Bunsen-Gesellschaft für Physikalische Chemie.

Fourier transform infrared spectroscopy (ATR-FTIR) experiments
that rely on the adhesion of a high surface area solid to the
ATR crystal. Preparation of the powder before such experiments
Fig. 4. Atomic-scale raw topographic (a) and current (b) UHV STM images of in-
vacuumcleaved pyrite {100}. Image edges are roughly alignedwith crystallographic
axes of the single crystal sample. The z direction is perpendicular to the page. The
images in (c) and (d) are low pass FFT filtered images of (a) and (b), respectively.
The scale bar represents 10 Å in all the images. The lower right corner of (a) shows
a half unit cell high step edge. The solid white arrow in (a) points to a corner site
in the step edge. The tunneling conditions for (a–d) were −0.2 V bias and 2 nA
setpoint current. Two terraces separated by a half unit cell high step are shown in
topographic (e) and current (f) images collected in a different area from (a–d). Solid
and outlined white arrows in (e) point to corner and kink sites along the step edge,
respectively. The face-centered cubic surface cell (with some unavoidable image
distortion) is outlined in (f). The step edge runs along 〈11〉 surface directions. The
tunneling conditions were−0.1 V bias and 1.4 nA setpoint current. Images (e) and
(f) are FFT filtered. Figure reprinted with permission from Ref. [28].
© 1999, Mineralogical Society of America.

generally includes the exposure of the as-received powder towater
at a pH near 2, that effectively removes the oxide coating intrinsic
to powder that has been exposed to the ambient atmosphere [25].
Pyrite powder has generally been produced by the crushing

or grinding of large grains or surfaces of pyrite, or by the
hydrothermal synthesis of pyrite. The latter method [26], which
generally relies on the production of pyrite from an FeS precursor
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Fig. 5. Topographic UHV STM images collected using a 1 V sample bias and 1 nA setpoint current showing pyrite cleavage surfacemicrotopography. The scale bars represent
100 nm. The cubic axes are approximately aligned with the image edges. Unit cell high steps run along primarily 〈10〉 (a, d), 〈10〉 and 〈11〉 (b), and 〈11〉 (c) directions. Areas
with a high step density were also commonly found as shown in (d). Less frequently, curved unit cell high steps were found (e). Figure reprinted with permission from
Ref. [28].
© 1999, Mineralogical Society of America.
at high pressure and temperature, results in a very fine grain
material, having particle sizes down to a micron or less.

2.2.2. Cleaved surfaces
Due to conchoidal fracture, surfaces formed by the cleavage of

large pyrite samples are macroscopically rough. The advantage of
cleavage, however, is the generation of clean surfaces for vacuum-
based studies in a straightforward manner. Cleavage of pyrite
cubes along {100} planes has generally been the method of choice
for photoelectron and probe microscopy studies of pyrite surfaces,
which will be detailed later. While these fractured surfaces have
visually rough surfaces, both low energy electron diffraction
(LEED) [27] (Fig. 3) and scanning tunneling microscopy (STM) [28]
(see Figs. 4 and 5) characterization have shown the retention of
relatively flat {100} domains coexisting with the overall rough
morphology of such surfaces.

2.2.3. Growth surfaces
As-grown surfaces obtained from natural pyrite cubes have

also been used for surface science studies. Similar to pyrite
powder that has been exposed to ambient atmosphere, as-grown
surfaces of pyrite exhibit significant oxidation and the presence of
adventitious carbon. To generate oxide-free surfaces, Strongin and
coworkers [29–31] have prepared such surfaces by rinsing with
pH 2 water. This treatment generates an oxide-free surface with
a surface stoichiometry similar to surfaces produced by cleavage.
High resolution photoelectron spectroscopy (PES) of these surfaces
suggests that this preparation may result in a slightly higher
surface concentration of polysulfides [29].
In addition to acid-pretreatment, Chaturvedi et al. [32] have

shown that as-grown pyrite surfaces can be cleaned in vacuum
by cycles of low energy ion bombardment and annealing. The
advantage of such a preparation technique is the ability to generate
a reproducible surface that can be used in a series of experiments.
Specifically, repeated cycles of 200 eV He+ bombardment and
annealing (near 573 K) generated surfaces that were generally free
of oxygen and carbon contamination. Atomic force microscopy
(AFM) studies [33] have shown that as-grown surfaces treated by
this method are rather rough, as seen in Fig. 6 but are presumably
similar to the structure of the as-grown surfaces existing in the
environment.
Fig. 6. UHV STM topographic image of an in-vacuum cleaned pyrite {100} growth
surface. The mounds on the surface are between 1.5 and 4 nm in height. Tunneling
conditions:+1 V bias and 1 nA tunneling current. Figure reprinted with permission
from Ref. [33].
© 1998, American Chemical Society.

2.2.4. Pyrite thin films
Thin pyrite films have been prepared by a number of

different techniques in part for their potential application in
solar cell technology. By far the most common technique has
been the sulfurization of an Fe thin film [34–58]. The Fe films
are prepared by a variety of techniques, including thermal
evaporation, flash evaporation and sputtering. The subsequent
sulfurization is performed by thermal annealing of the film in a
sulfur atmosphere. Other techniques involve the direct deposition
of FeS2 by sputtering [59,60], and flash evaporation [61–63] which
may then be followed by annealing in a sulfur atmosphere. Another
popular technique is chemical vapor deposition (CVD) [64–76]
which allows vapor phase precursors to deposit onto a substrate
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and these are generally post-annealed. This technique may be
performed by using an Fe precursor with organic (MOCVD) or
inorganic ligands, and at low (LPCVD) or atmospheric pressure
(APCVD). Other methods involve electrodeposition in an aqueous
media [77,78], and a spray-based method, in which Fe and
S precursors are sprayed onto a substrate, and subsequently
annealed under H2S [79].

3. Characterization of the clean pyrite surface

3.1. Electronic structure of pyrite

Pyrite is a semiconductor with a band gap of roughly 0.9 eV
and the electronic structures of the valence and conduction bands
have been the subject of both experimental and theoretical studies.
Photoelectron [80–86] and X-ray absorption spectroscopies [87–
90] have largely been the techniques that have provided the
experimental view of the valence and conduction band states of
this material. Data from these spectroscopies have been primarily
interpreted in view of the extensive theoretical work on the pyrite
electronic structure that has utilized both a qualitative molecular
orbital theory framework [91–94] as well as quantitative ab initio
cluster and periodic calculations [28,80,81,83,94–111].
A general description of the bulk pyrite structure has the top

of the valence band primarily consisting of non-bonding Fe 3d t2g
states that lie above a bonding S 3p–Fe 3d eg band. The bottom of
the conduction band of pyrite is generally described in terms of a
mixture of Fe 3d e∗g and S 3p states. Some computational studies,
however, have suggested the bottom of the conduction band to be
formed solely from S 3p-derived states [100]. With regard to the
surface of pyrite, Bronold et al. [112] used ligand field theory to
interpret their PES results (presented below) for the {100} plane.
These authors were the first to suggest that 5-fold coordinated
iron at the mineral surface would result in Fe 3d-derived surface
states [112]. A subsequent ab initio based theoretical study by
Rosso et al. [28] addressed the electronic structure of the pyrite
valence band. Density of states (DOS) calculations for bulk pyrite
suggested that the top of the valence band was largely associated
with non-bonding Fe 3d t2g states (with a lesser contribution
from S 3p and Fe 3d eg levels). The loss of coordination for Fe
at the mineral surface resulted in the movement of Fe 3dz2-like
surface states into the bulk band gap (corresponding to the highest
occupied state). The lowest unoccupied state was proposed to be
of mixed Fe 3dz2-S 3p character. The presence of the surface state
was experimentally supported in the same study by using low bias
STM imaging and normalized single-point tunneling spectra. Fig. 7
exhibits the d-orbital-projected DOS for pyrite {100} calculated
using CRYSTAL98 by Hung et al. [104]. The projected DOS show
the strong contribution of Fe 3d-derived states to the top of the
valence band and also that occupied d orbitals with a z-component
(e.g., dxz , and dyz orbitals) are higher in energy compared to those
with x and y components only (i.e. dxy), a result that was also
found in the calculations of Rosso et al. [28]. A later study by
Nesbitt et al. focused on identifying the major contributions to
the pyrite valence band with synchrotron-excited XPS. In this
type of experiment, the photon energy was judiciously chosen to
distinguish signals that were derived from S 3s, S 3p, and Fe 3d
orbitals. Fig. 8 shows a valence band spectrum of cleaved pyrite
{100} and proposals for the origin of the spectral features in terms
of relevant atomic andmolecular orbitals [85]. This proposed band
model is based on the work of van der Heide et al. [81] for the S-
dimer contribution and thework of Bronold et al. [112] andNesbitt
et al. [113] to take into account 3d eg and 3d t2g atomic orbital
splitting. In this model the 3d eg-derived surface state (possibly an
Fe 3 dz2 non-bonding orbital) is proposed to be the highest energy
orbital of the pyrite valence band.
Fig. 7. Surface-site-projected DOS for FeS2(100), CRYSTAL98. Figure reprintedwith
permission from Ref. [104].© 2002, Elsevier.

3.1.1. Electronic structure of other sulfides with the pyrite structure
The disulfides of Mn (hauerite), Co (cattierite), Ni (vaesite),

Cu, and Zn adopt the pyrite structure. Fig. 9 exhibits the general
trend in the electronic structure as a function of the metal 3d-
band occupation across the series of isostructural compounds
from FeS2 to ZnS2 [114]. Pyrite is nonmagnetic, consistent with
the low spin configuration of the 3d-electrons. Cattierite has
ferromagnetic properties [115–117]while vaesite has a small band
gap near 0.3 eV and is considered a Mott–Hubard insulator [118–
121]. CuS2 shows metallic properties [97,122,123], while ZnS2 is
a diamagnetic semiconductor [91]. With regard to CuS2, some
researchers have attributed its electrical and magnetic properties
to holes in the anion S p band [123] (generally consistent with
a Cu+ (S2)− configuration [82,114]). While not shown in Fig. 9,
hauerite is paramagnetic with a susceptibility that is consistent
with the 5 unpaired electrons [124].
Ueda et al. compiled a series of valence band spectra [83,125,

126] for 3d transition metal disulfides having the pyrite structure
(Fig. 10). These authors argue that the shoulder that develops near
EF in going from FeS2 to NiS2 is the filling of the e∗g level and
the more intense feature is associated with emission from the t2g
orbitals. The relatively large decrease in the binding energy of the
t2g band of the copper disulfide is attributed to the special stability
of a d10 configuration [82]. Furthermore the broad e∗g band sits at a
higher binding energy than the other pyrite structure disulfides.
Mosselmans et al. collected a series of X-ray absorbance near-

edge spectroscopy (XANES) spectra that includes pyrite, CoS2, NiS2,
and CuS2. Shown in Fig. 11 are S K-edge spectra that have been
aligned with regard to energy. Using a calculated band model by
Bullett [95], they assigned the low lying features to transitions to
empty metal e∗g orbitals that are mixed with empty 3pσ

∗ orbitals.
The major change in going from FeS2 to CuS2 is the filling of the
metal d states and themoving of the S-derived states further above
the Fermi level.

3.2. Spectroscopy of the clean sulfide surface

3.2.1. Photoelectron spectroscopy of the pyrite surface
There has been a significant amount of spectroscopic research

focused on understanding the stoichiometry and electronic
structure of the clean pyrite surface. Perhaps the most revealing
research has involved the use of synchrotron radiation to
characterize the sulfur component of the pyrite surface [29,32,81,
87,90,101,105,106,109,112,113,127–153].
Pettenkofer et al. [27] probed the {100} cleavage plane of

synthetically grown FeS2 with PES using 200 eV synchrotron
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Fig. 8. A band model of the pyrite valence band illustrating the approximate range of binding energies over which the bands extend, and their atomic and molecular orbital
origins. The patterned and shaded rectangles (labeled according to symmetry and bond type) represent the various bands contributing to the spectrum. The band model for
the S-dimer contributions is derived from the molecular orbital model of van der Heide et al. [81]. The Fe 3d eg and Fe 3d t2g atomic orbital splitting and other aspects are
taken from Bronold et al. [112] and Nesbitt et al. [113]. The XPS valence band of pyrite, shown at the left of the diagram, was collected at 1487 eV. The indicated non-bonding
Fe surface contribution is not a molecular orbital contribution, but is included to complete the band contributions. Figure reprinted with permission from Ref. [85].
© 2004, Mineralogical Society of America.
Fig. 9. Schematic of pyrite-type molecular orbital diagram exhibiting the filling of the 3d orbitals across the series from Fe to Zn. Redrawn from [114].
Fig. 10. Evolution of photoemission spectra of transition metal pyrites MS2 (M
= Fe, Co, Ni, or Cu). Here the backgrounds due to secondary electrons have been
subtracted. (a) HeI spectra (hν = 21.2 eV), (b) HeII spectra (hν = 40.8 eV). Figure
reprinted with permission from Ref. [123].
© 2002, American Physical Society.

radiation. These researchers concluded from S 2p photoemission
that there were at least three distinct contributions to the S 2p
region; a bulk S2−2 component at 162.7 eV, a surface shifted S2−2
component at 162 eV and a contribution at 161.2 eV assigned to
the presence of an FeS defect. Subsequent research by Bronold
et al. [112] interpreted the S 2p region of pyrite in terms of ligand
field theory. In particular, it was proposed that surface states at the
valence band edge result from the lower coordination number of
surface-Fe compared to the 6-fold coordinated bulk Fe species. In
essence, the reduction of the octahedral ligand field experienced
by bulk Fe is reduced to a C4v ligand field at the surface, which
ultimately results in an electrostatic double layer between the two
outermost layers of Fe atoms. The accompanying Fig. 12 shows
the essential picture suggested by Bronold et al., showing the
proposed 1.5 eV drop in potential within the outermost surface
layers. In this model the bulk atoms (denoted by ‘‘C’’) are not
affected by the double layer potential, while S atoms denoted by
‘‘B’’ are partially exposed to the drop in potential and would be
associated with the surface shifted S2−2 component in the S 2p
spectrum appearing about 0.6 eV lower in binding energy than the
bulk component. Finally, the outermost S, denoted by ‘‘A’’ would
experience the entire drop and hence was assigned to the 161.2 eV
spectral component in the S 2p region.
The seminal model by Bronold et al. [112] was re-evaluated in

research by Nesbitt et al. [143]. The revised model proposed that
the generation of a pyrite surface by cleavage would result in some
S–S bond rupture (see Fig. 13), that would produce a monosulfide
surface species (S2−) (see Fig. 14). This monosulfide species was
not considered in the Bronold model, where only S2−2 species
were considered. The presence of a monosulfide species, however,
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Fig. 11. TheXANES of S K-edge spectra of FeS2 (pyrite), CoS2 , NiS2 , and CuS2 aligned
to zero. Figure reprinted with permission from Ref. [87].© 1995, Elsevier.

Fig. 12. Assignment of the S2p spectral components to the S atomsnear the surface.
Left: arrangement of the atoms (black dots Fe, circles S). Below: potential normal
to the surface. Right: magnification of the outermost atomic layers, separation of
S atoms into three types, and assignment to the spectrum. Figure reprinted with
permission from Ref. [112].© 1994, Elsevier.

had been suggested in earlier research using PES [27,145]. This
monosulfide specieswas proposed to be associatedwith the lowest
binding energy contribution (near 161.5 eV) to the pyrite S 2p
spectrum (feature ‘‘a’’ in part c of Fig. 14.) Nesbitt et al. [143]
also suggested possible chemical scenarios that might lead to the
formation of S2− surface species based on the hypothesis that
S–S bond breaking occurs when a pyrite surface is formed via
the cleavage process. In the first possibility, they proposed that
a concurrent oxidation of Fe2+ to Fe3+ could account for the
Fig. 13. (a) Fe and S2−2 ions at the pyrite {100} surface. The Fe ions are represented
by shaded circles and the dianion by elongate ‘‘dumbbells’’. The shaded end of
the dumbbells extends slightly above the plane containing the face-centered and
corner-shared cations, and the other end of the dumbbells are below the plane.
The square outlines the unit cell. The ellipses, with long axis shown, illustrate Fe–S
bonds. The face-centered Fe ion is bonded to a disulfide beneath the plane shown,
and to another disulfide above the plane drawn to achieve octahedral coordination.
S–S bonds are not shown but extend from the center of the shaded end to the center
of the other end. (b) A portion of the Fe-S2 cluster in pyrite, and the configuration
of Fe–S and S–S bonds. One S atom of the dianion is shown bonded to three Fe ions.
The second S atom is similarly bonded to three Fe ions but to preserve clarity these
are not shown. Figure reprinted with permission from Ref. [143].
© 1998, Mineralogical Society of America.

reduction of the S1− to S2− as in the following redox reaction:

Fe2+surface + S
−

surface → Fe3+surface + S
2−
surface. (1)

These authors argued that the strong overlap of the 3d states
of Fe and S-derived contributions to the DOS of pyrite could
account for electron transfer to the anion or that a longer-range
electron transfer could occur where promotion of the electron to
the conduction band would allow migration of the electron to
reduce a non-nearest-neighbor sulfur atom to S2−. In a second
possibility, it was suggested that a disproportionation reaction
could be operative as in the following scheme:

2S1−surface → S0surface + S
2−
surface (2)

where the S0 species could ultimately result in the formation of a
polysulfide (S2−3 ) species,which could be associatedwith the broad
high binding energy feature in the S 2p photoemission spectrum
(see Fig. 14).
Scheme (1) is consistent with Fe 2p3/2 X-ray photoelectron

spectroscopy (XPS) shown in Fig. 15, presented by Nesbitt
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Fig. 14. Structural and bonding relations in the near-surface region of a pyrite
fracture surface, and an XPS S(2p) spectrum of a fractured pyrite surface (modified
after Bronold et al. [112]. (a) Arrangements of S and Fe ions exposed on an atomically
rough surface approximately parallel to the {001} plane. Black dots = Fe2+ ions.
Shaded circles = S atoms of disulfide situated in a plane immediately ‘‘above’’
the plane containing the Fe2+ ions. Large open circles = S atoms of disulfide
located in a plane beneath the plane containing the Fe ions. (b) A ball-and-stick
equivalent of (a). Dots = Fe2+ ions Disulfide, pairs of patterned and open circles
connected by a wedge-shaped line. Patterned circles are situated ‘‘above’’ the Fe
plane, and open circles below it. The thick end of the connecting line indicates the
‘‘tilt’’ on the disulfide. Thin straight lines represent Fe–S bonds. The large circle
labeled ‘‘a’’ represents the surface states of monosulfide; (‘‘b’’), the surface-most
S atom of the surface disulfide; (‘‘c’’), fully coordinated near-surface S atoms of
disulfides; and ‘‘c*’’ S atoms of bulk disulfide. A polysulfide surface state (S2−n ) is
also noted. (c) An S(2p) XPS spectrum of a fractured pyrite surface at the bottom
of the diagram illustrates the various contributions to the spectrum by the letters,
which correspond to the various surface and bulk states of the above ball-and-stick
diagram. Figure reprinted with permission from Ref. [143].
© 1998, Mineralogical Society of America.

et al. [145]. The Fe core level spectra show a relatively broad tail
region that has been proposed to be associated with a relatively
complex multiplet splitting due to the presence of unpaired
valence electrons in surface Fe cations. Specifically, itwas proposed
that the Fe 2p3/2 spectrumhas a single contribution frombulk Fe2+

(low spin), and a multiplet from surface Fe2+ (triplet) and Fe3+
(quartet) (based on theoretical calculations by Gupta and Sen [154,
155]). The presence of the latter may be in part due to the electron
transfer reaction represented in scheme (1). Quantification of the
Fe 2p3/2 data suggests that 40% of the surface states are associated
with Fe3+, which was shown to be consistent with the population
of S2− in the outermost surface of cleaved pyrite.
More recent studies have used synchrotron-based PES to

further suggest that there are at least two chemically identifiable
sulfur monomer species. Leiro et al. [153] investigated a pyrite
cube that was fractured to generate a large {100} surface. A unique
aspect of this investigation, relative to earlier work was that the
mineral surface was maintained at liquid nitrogen temperatures
in an attempt to decrease phonon broadening of the S 2p doublet.
Fig. 16 presents a high resolution S 2p spectrum obtained under
these experimental conditions and in contrast to earlier studies the
monosulfide component on the fractured surface could be resolved
into two components, denoted by ‘‘a’’ and ‘‘a’’, with the a′ feature
accounting for 9% of the total S 2p intensity. These researchers
speculated that the newly resolved S 2p feature could be due to
monomeric sulfur at steps and/or kink sites that exist between the
{100} terraces on the conchoidally fractured surface.
A later study by Andersson et al. [130] observed a similar

feature, but also devised a methodology to control the defect
density of the outermost surface of pyrite to help confirm the
interpretation of the S 2p spectra obtained in earlier studies. In
their experiment a slicewas cut froma {100} growthplane of pyrite
and it was subsequently cleaned by the use of low energy Ne+
sputtering, similar to the He+ technique developed by Chaturvedi
et al. [32]. Unique to the preparation procedure used in this study
was that the post-sputtered surface was annealed to 570 K in
1 × 10−7 Torr of S2(g). This procedure generated a pyrite surface
with a significantly lower concentration of monosulfide S species.
Presumably, the post-exposure to S2 led to the conversion of
monosulfide to the disulfide surface group. Fig. 17 shows the
S 2p data obtained from this research, where Fig. 17a is the
essentially defect-free surface obtained by exposing the atomically
clean pyrite surface to gaseous sulfur. Spectrum b in the figure
was obtained after bombarding the mineral sample for 10 min
with 200 eV Ne+ (resulting in the preferential removal of S).
After this pretreatment, a feature denoted by ‘‘M’’ appeared at
160.95 eV, consistent with the S2− species detected in prior work.
The increase in the monosulfide component also increased at
the expense of the feature labeled ‘‘S’’ that is associated with
the S–S dumbbell in the outermost surface of the mineral. This
experimental observation gave strong support to the commonly
held perception that cleavage of the S–S bond during fraction (or
during sputtering), at least in part, led to the monosulfide species.
Interestingly, further bombardment of the surface and removal
of surface sulfur led to the appearance of a new feature 0.6 eV
below the monosulfide ‘‘M’’ feature that was similar to the a′
feature found in the research by Leiro et al. [153]. It might be
inferred that the continued bombardment of the surface led to
the introduction of significant short-range disorder. Perhaps, this
perturbation to the surface structure ultimately left monosulfide
species in an environment that was similar to the monosulfide
species postulated to exist at step sites in the work of Leiro
et al. [153]

3.2.2. Modeling of pyrite PES
There has been a significant effort to use quantum mechanical

computational techniques to help interpret the experimentally
determined results from S 2p and Fe 2p PES [105,106,109,130,132].
Inmany cases this computational effort has been crucial for testing
the validity of the structuralmodels for the pyrite surface thatwere
just mentioned in the prior section.
With regard to understanding the S 2p core level spectra

associated with pyrite, Andersson et al. [130] employed DFT-
based calculations using a 4–5 FeS2 layer slab. Fig. 18 exhibits
the different structural models used in the calculations. The 3
different models represent; a pyrite {100} surface generated by
only Fe–S cleavage (defect-free), a surface missing a sulfur atom in
the outermost surface, and finally a third possibility that includes
a sulfur species, SA, that would be present on the opposite cleavage
face resulting from the sulfur vacancy. Calculated core level shifts
show that the SB1 sulfur atom is shifted about 0.5 eV relative to SS ,
consistent with the interpretation from prior work that the feature
near 162.35 eV is due to bulk disulfide and spectral intensity near
161.75 eV is due to outermost surface S on the defect-free surface.
The core hole generated at the SM sulfur (monosulfide) is shifted
about −1 eV relative to the SS sulfur. Interestingly, the SA sulfur
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Fig. 15. High resolution Fe(2p3/2) (a) and S(2p) (c) spectra of vacuum-fractured pyrite. (b) is an expansion of the high energy tail. Spectrometer settings were 50 eV pass
energy and 300µmX-ray spot size for collection of the spectra. Circles= experimental data. Thick solid curves= the fit to each spectrum. The disulfide doublet is separated
by 1.18 eV and both have the same FWHM. The light solid line is the Shirley background. Figure reprinted with permission from Ref. [143].
© 1998, Mineralogical Society of America.
Fig. 16. The S 2p doublet of pyrite with a photon energy of 210 eV. Component
c is the bulk peak and a′ , a and b are the surface features. Figure reprinted with
permission from Ref. [153].© 2003, Elsevier.
is calculated to have a rather large −1.4 eV shift relative to the
SS atom, and resides at a position similar to that experimentally
determined in the study by Leiro et al. [153], that had been
attributed to monosulfide at step sites on the pyrite surface. While
a definitive determination of the chemical environment of this
sulfur species is not possible, the calculations do give support to
the contention that at least two types of monosulfide species exist
on the pristine pyrite surface.
Consistent with the arguments presented above (Eqs. (1) and

(2)) themonosulfide species on the pyrite surface, generated by the
fracturing of the pyrite surface, presumably coexists with the pres-
ence of Fe3+. Ab initio quantum chemical modeling was employed
by von Oertzen et al. (GGA, CASTEP and B3LYP, CRYSTAL03) to pro-
vide a theoretical framework for this interpretation, based on both
S 2p and Fe 2p core level spectroscopy [105,106,132]. Their cal-
culations suggest that cleavage of the S–S bond during rupture of
the pyrite surface results in a significant amount of charge transfer
from surface Fe2+ to form surface S2− species. A Mulliken popu-
lation analysis showed that the ruptured surface is spin polarized,
resulting in an excess spin distribution on surface Fe, and to a lesser
extent on the S2− moiety. Core level shift calculations based on
CRYSTAL03 show that the Fe atoms in the outermost surface are
shifted to higher binding energy by about 2 eV relative to the bulk
Fe atom. This taken together with the corresponding shift of the
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Fig. 17. S 2p XPS at an excitation energy of 225 eV for defect-free and low defect
density pyrite (100). Spectra are normalized to the same area. Experimental spectra
are shown as crosses; solid lines are the results frompeak fitting. (a) Defect-free and
(b) low defect density surface after 10 min of 200 V Ne+-sputtering. A new S 2p3/2
feature, labeled M, is generated at a binding energy of 160.95 eV. Figure reprinted
with permission from Ref. [130].
© 2004, American Physical Society.

Fig. 18. Side-views of different species and structural situations at the FeS2(100)
surface used for the spectroscopic modeling shown together with their labeling.
(a) Defect-free bulk terminated surface. (b) Surface sulfur vacancy, resulting in
the sulfur monomer species SM . (c) Situation generated at opposite cleavage face
from the surface sulfur vacancy resulting in the SA-species. Figure reprinted with
permission from Ref. [130].
© 2004, American Physical Society.

S 2p level to lower binding energy supports the transfer of charge
fromFe to surface S atoms, consistentwith the existence of a higher
oxidation state surface Fe (i.e., Fe3+). Furthermore, the calculated
high spin configuration is consistent with the multiplet structure
associated with the experimental Fe 2p data. It is interesting that
in a much earlier work based on a ligand field theory argument,
Bronold et al. [112] suggested a high spin configuration of the sur-
face. In this earlier work it was argued that the reduction in sym-
metry of the Fe atom in bulk pyrite (6-fold coordinated) from Oh
symmetry to C4v at the surface (5-fold coordinated Fe, due to Fe–S
bond cleavage upon creation of the surface) would lead to a further
splitting of the t2g and eg states associated with the Oh field. These
new states would exist in the band gap of pyrite and would result
in the high spin configuration.
A more recent study by Stirling et al. [109] using periodic

density functional calculations brings up an interesting alternative
possibility with regard to the chemical environment of the surface
Fe bound to the S2−moiety. Fig. 19 exhibits themodel of the pyrite
surface used by these workers, where SA is the sulfur monomer
bound to 6-fold coordinated surface Fe and SB is monomeric
S resulting from S–S cleavage of a surface dimer. Based on
their calculations, these workers propose that after a heterolytic
cleavage of the S–S bond of a surface dimer:

S2−2 → S2−(SB)+ S0 (3)

the following mechanism occurs where the zero-valent adsorbed
sulfur gains two electrons from surface Fe:

Fe2+ − S→ Fe4+ − S2−(SA). (4)

In this circumstance, the sulfur monomer (SA) is in a triplet
state configuration and shows a calculated core level shift of
−2.0 eV relative to the bulk S atom, argued to be consistent with
experiment. The authors suggest, based on their calculation, the
existence of an Fe4+ species that takes part in the FeA–SA bond
(which would be formally a double bond). They propose that two
unpaired electrons (triplet state) occupy the π∗ orbitals associated
with this FeA–SA bond and this would be consistent with the high
reactivity of the defect site (see reactivity studies below). These
authors argue that the products of scheme (1) presented before
is inconsistent with their calculations if they are to be associated
with the FeA–SA center, since the resulting FeA–SA center would
not be neutral (charge −1). In contrast, the calculations suggest
that both SA and SB are locally neutral. The presence of an Fe4+
surface species, however, needs to be reconciled with the available
photoelectron data presented above that has been fitted assuming
the presence of Fe2+ and Fe3+ species.
Finally, Nair et al. [156] in an earlierwork investigated the struc-

ture of the defect site with DFTwith a plane wave/pseudopotential
formulation and its implication for water and glycine adsorption.
With regard to the adsorbate-free surface, these authors calcu-
lated the difference in the electron localization function (ELF) of
the ideal and defective surface (see Fig. 20). Consistent with con-
clusions from PES, the calculations show that the removal of a neu-
tral sulfur atom (forming the defect) results in the formation of an
electron pair (i.e., singlet state) on a S2− species (atom 7 in the fig-
ure). Furthermore, there is a significant distortion of the tetrahe-
dral environment at the S(7) location. DOS calculations by these
authors show no significant differences between states below the
Fermi level for the ideal and defective surface. However, the defec-
tive surface exhibits new states in the band gap region that con-
sists of Fe eg and S p states in addition to the t2g states that are
predicted from crystal field theory (see Fig. 21). These calculations
suggest that the bulk band gap of 0.87 eV is reduced to 0.4 eV at
the ideal surface and to 0.27 eV for the defective surface. The au-
thors argue that in addition to the dz2 states, which are susceptible
to nucleophilic attack, the Fe dx2−y2 and s–p orbitals contribute to
the defect state. The latter orbitals are pointed toward the defect
site, forming a likely scenario where the 4-fold coordinated Fe and
3-fold coordinated S atoms near a surface vacancy can contribute
to the binding of adsorbates.

3.3. Further characterization of the defect sites on pyrite

3.3.1. STM studies
Conclusions based on the core level PES reviewed above

are relatively firm concerning the existence of a monosulfide
‘‘impurity’’ intrinsic to the pyrite surface. It is well known that
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Fig. 19. Unit cell of the pyrite slab employed in the study. The bottom surface is
covered by water molecules. Figure reprinted with permission from Ref. [109].
© 2007, American Physical Society.

Fig. 20. Difference of the ELF (at an isosurface value of 0.8) for the ideal and
defective surface along with part of the slab used for the defect calculation. The
corresponding contributions represented in green and blue color are present in
the defective and ideal cases, respectively. Figure reprinted with permission from
Ref. [156]. (For interpretation of the references to colour in this figure legend, the
reader is referred to the web version of this article.)
© 2006, American Chemical Society.

in addition to the presence of non-stoichiometric defect sites
(e.g., the monosulfide), the existence of structural defects that
include steps, kinks, and atomic vacancies play significant roles in
the reactivity of solid surfaces [157]. Rosso and coworkers [158]
investigated the cleaved pyrite surfacewith STMwith an emphasis
on characterizing the intrinsic defects associated with themineral.
In addition to characterizing the step edges, aligned along the
〈10〉, and 〈11〉 directions, the results from this study using STM
suggested that the local DOS on step, kink, and corner sites were
similar to the flat {100} terraces. Furthermore, the geometric
structure with respect to the iron lattice was also similar. The
authors concluded that if monosulfide defect sites exist at step
edges, their presence does not lead to occupied electronic states
at higher energy than the dz2 dangling bond states at Fe sites.
This prior study also brought forward the notion of defects on
the pyrite surface that were associated with iron vacancy sites.
Fig. 22 presents a series of STM images taken over a period of
approximately 3 min. The bright atoms are Fe and sites labeled
‘‘A’’ and ‘‘B’’ are vacancies on a pristine cleaved pyrite surface.
Subsequent images show a filling in of these sites, presumably
Fig. 21. Projected density of states (PDOS) of the sulfur p and iron t2g and eg sets of
orbitals for the ideal (a) and the defective (b) pyrite (100) surface with their Fermi
levels shifted to 0 eV; the state created in the gap by the point defect is marked by
an arrow in (b); a Gaussian broadening with a width of 0.03 eV was used. Figure
reprinted with permission from Ref. [156].
© 2006, American Chemical Society.

due to Fe diffusion. The images also show the mobilization of an
Fe atom at the corner site (denoted by C). The activation energy
barrier for diffusion of an Fe atom across a {100} terrace was
estimated to be as low as 0.10 eV and as high as 0.24 eV, depending
on the direction of the self-diffusion. The implications of these
observations will require further experiments, but it is likely that
the under coordinated sites that show this mobility serve as highly
reactive sites when brought into contact with gaseous or liquid
reactant.

3.3.2. Photoelectron spectroscopy of adsorbed xenon
While STM results have revealed the nature of defects on pyrite

with atomic resolution, the use of photoemission of adsorbed
Xe (PAX) [159] has been used to obtain a global view of the
heterogeneity of the pyrite surface. Guevremont et al. [160–162]
showed that Xe 3d XPS of a sputter cleaned pyrite surface at
80 K in equilibrium with a backpressure of Xe gas showed at
least two distinguishable Xe 3d core level positions (see Fig. 23.)
The differences in the positions of the Xe 3d core level positions
were attributed to Xe adsorbed on the stoichiometric and defect
sites (presumably in part including monosulfide sites.) An analysis
using PAX suggested that up to 25% of the surface was associated
with defect sites, which likely could include not only monosulfide,
but also step, kink or even Fe-vacancies. This estimation of defect
density is higher than 10% determined for the monosulfide site
on vacuum cleaved pyrite, presumably because PAX is sensitive to
the entire collection of defect sites. PAX also proved to be a useful
technique to determine the binding site of small adsorbates, which
is presented below.

3.4. Studies of related clean sulfide surfaces

We restrict ourselves in this subsection to selected surface
studies of iron sulfides that include marcasite (FeS2), pyrrhotite
(FexS1−x), and troilite (FeS). This subsection is not meant to be
an exhaustive review of these minerals, but instead to bring out
similarities and differences between pyrite and other important
iron sulfide minerals.

3.4.1. Marcasite
Marcasite, a dimorph of pyrite has the S2 motif, but unlike

pyrite adopts an orthorhombic structure with linear chains of edge
sharing cation octahedra [163] (see Fig. 24). Calculations [93,95,
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Fig. 22. Three consecutive topographic UHV STM images of the pristine pyrite
cleavage surface (from top to bottom). The images were sequentially collected at
room temperature in the dark a few minutes after cleavage. Each image required
60 s to collect. The images are each approximately 40 Å on a side. The slow scan axis
is the vertical axis. No filteringwas necessary, only a planar background subtraction
was applied. The tunneling conditions were −0.2 V sample bias and 2 nA setpoint
current. The brighter sites correspond to a higher tunneling current and a higher
density of occupied states. These sites are known to be Fe sites [28]. A face-centered
cubic surface cell is outlined in the first image by a white square, with sides aligned
along the general symmetry 〈10〉 surface directions (i.e., all specific cubic surface
directions [10], [01], [1̄0], and [01̄]). Similarly, directions diagonal to this cell are the
general symmetry 〈11〉 surface directions. Half unit cell high step edges are outlined
by white dashed lines, and are observed to follow 〈10〉 and 〈11〉 surface directions.
White solid lines in the first image delineate the cross section locations. Sites A andB
indicate Fe vacancies. A bull’s eye symbol serves as a site registrationmarker for the
sequence of images. Adjacent to vacancyA, Fe atomX in image 1 is no longer present
in image 2. Adjacent to vacancy B, Fe atom C forming a corner site is mobilized
between images 2 and 3. Vacancy B is healed between images 2 and 3. Cross section
a–a′ transects a half unit cell high step edge. Fe sites on the lower side of the step
are not seen in the image because they lie outside of the grayscale contrast range
chosen for the image, but can be seen as sites ‘‘c’’ and ‘‘d’’ in a–a′ . The lateral spacing
of Fe on a terrace is approximately 5.4 Å on average (e.g., from a to b, or c to d). The
spacing is offset by ∼50% across the step edge (e.g., from b to c) consistent with
the expected offset between adjacent Fe monolayers in the structure. Cross section
b– b′ transects an Fe vacancy. Across a terrace, 0.4 Å corrugation amplitudes are
typical, but the ‘‘depth’’ of the vacant site is 1.2 Å. Figure reprinted with permission
from Ref. [158].
© 2000, Mineralogical Society of America.

114] have generally concluded that a significant difference with
respect to pyrite is that the less regular octahedral environment
leads to an increased splitting of the t2g orbitals and a lowering of
the band gap to 0.4 eV.
Both synchrotron-based PES [141] and XANES [87,164–168]

have been used to investigate marcasite. A comparison of
marcasite and pyrite by Mosselmans et al. [87] showed that the
sulfides have different Fe L3-edge spectra, while the S K-near-edge
spectra are more similar. The authors attributed the differences in
the Fe edge to an increased amount of 3d/4p mixing in marcasite
that would lead to differences in the final state for the Fe L3-edge
transition between marcasite and pyrite.
Fig. 23. Example of the fitting procedure for Xe/FeS2(100) obtained with a
background pressure of 5 × 10−6 Torr. Schematic of relevant energy levels for
understanding the PAX spectrum. EA and EB refer to the 670 and 669 eV binding
energy (relative to EF ) features, respectively. It is postulated that the local work
function of the site (ΦA) associated with the 670 eV feature is lower than the work
function (ΦB) associatedwith the 669 eV feature. E, which is invariant, is the binding
energy of the Xe 3d5/2 level relative to the vacuum level, EV . Figure reprinted with
permission from Ref. [160].
© 1998, American Chemical Society.

Fig. 24. Atomistic representation of the marcasite unit cell. Brown spheres
represent Fe and yellow spheres represent S.

High resolution PES studies ofmarcasite show that the structure
of the cleaved surface has both similarities and differences relative
to the pyrite surface. Data obtained by Uhlig et al. [141] for a
cleaved surface of marcasite shown in Fig. 25 are similar to pyrite
with regard to the presence of a monosulfide species (feature a),
surface shifted disulfide (feature b), and bulk disulfide (feature
c). A new spectral contribution appears in the marcasite S 2p
spectrum (feature d), that is attributed to the presence of a short-
chained polysulfide species (163.2 eV), possibly a sulfur trimer.
These researchers speculate that while the monosulfide species on
pyrite is formed via electron transfer from Fe to S− (resulting from
S–S bond cleavage), themonosulfide onmarcasite is due to at least
some electron transfer from sulfur:

2S− + S2−2 → S2− + S2−3 (5)
which would be an unlikely process on the cubic pyrite struc-
ture [139]. As supporting evidence, the authors showed that by
comparing Fe 2p spectra for marcasite and pyrite the relative
concentration of Fe3+ was greater in the near-surface region of
pyrite.
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Fig. 25. Fitted S 2p spectra (hν = 250 eV) of a pristine pyrite surface in comparison
to marcasite spectra of two different samples. Component ‘c’ represents the bulk
sulfur dimers. The surfacemost sulfur atoms of surface dimers after rupture of Fe–S
bonds are responsible for component ‘b’. Component ‘a’ is assigned to surface S2−
formed after rupture of S–S. A new component ‘d’ is observed for marcasite. Figure
reprinted with permission from Ref. [141].© 2001, Elsevier.

3.4.2. Pyrrhotite and troilite
Pyrrhotite exists as a non-stoichiometric Fe–S phase with a

composition typically denoted as FexS1−x, while troilite is the
end member stoichiometric FeS phase. The unit cell of troilite
is shown in Fig. 26. Pyrrhotite is an abundant Fe–S mineral on
earth, but is rarely found in marine environments, while troilite
is often found in extraterrestrial environments (i.e., meteorites)
[1]. Pyrrhotite exhibits a variety of structures associated with the
NiAs structure type [169] and displays surfaces having a number
of superstructures resulting from ordered vacancy geometries [1].
This non-stoichiometry results in both 5- and 6-coordinated S
atoms in the crystal structure. Both hexagonal and monoclinic
pyrrhotites are found, with compositions that are iron rich (e.g.,
Fe10S11) or iron deficient (e.g., Fe7S8), respectively. A greater
number of photoemission-based studies have been carried out for
pyrrhotite [145,170–197] than for troilite [176,177].
Synchrotron-based photoemission of the pyrrhotite valence

band has supported the notion of Fe–Fe π bonding in this
mineral [178,198]. Fig. 27 exhibits the valence band structure
of hexagonal pyrrhotite from Nesbitt et al. [178] based on the
calculations of Tossell [199], but modified to exhibit the proposed
Fe–Fe π bonding due to the mixing of t2g orbitals. The differences
in the S-coordination in the non-stoichiometric pyrrhotite and
troilite have been experimentally observed in S 2p measurements.
Fig. 26. Atomistic representation of the troilite unit cell. Brown spheres represent
Fe and yellow spheres represent S.

Fig. 28 exhibits S 2p spectra from Skinner et al. [176] that
compare cleaved surfaces of themonoclinic pyrrhotite and troilite.
In each spectrum, the lower binding energy S 2p doublet is
assigned to 5-fold coordinated S, while the higher binding energy
doublet is associated with the 6-fold coordinated S. The binding
energy locations are relatively consistent with the monosulfide
assignment in the pyrite S 2p spectra shown above. The residual
shown in the figure emphasizes the loss of 5-fold coordinated
S in the troilite structure compared to pyrrhotite. The authors
argue that the contribution of 5-fold coordinated S to the troilite
spectrum is greater than what would be expected from surface-
S, suggesting that this mineral may also contain a significant
bulk Fe-vacancy concentration; albeit much lower than what
exists in the pyrrhotite structure. A prior synchrotron-based S
2p study of monoclinic and hexagonal pyrrhotites by Nesbitt
et al. [180] showed that in addition to contributions for 5- and
6-fold coordinated S, there appears to be a contribution from
monomeric surface species (S2−).
Becker et al. [200] investigated the structure of the {001} face

of monoclinic pyrrhotite with STM. Fig. 29 exhibits an STM image
of the surface, where the bright spots in the image are proposed
to be S atoms, thus leading to the conclusion that this surface is
sulfur terminated. The step heights of 2.8 Å are one quarter of
the 4C Fe7S8 unit cell dimension in the c-direction, which is the
distance between two consecutive Fe or S layers. Interestingly,
bright spots or S atoms in the single terraceswere shown tohave an
atomic arrangement consistent with the ordering in the Fe layers
that contain vacancies. The authors hypothesized that this is due
to the non-equivalence of the S atoms. One S atom per surface
unit occupies an Fe atom vacancy and is hence, removed during
truncation. Furthermore, the remaining 3 S atoms of each surface
unit are also not equivalent although relaxation of the surface
results in them having similar heights with respect to the surface.
The behavior of the pyrrhotite surface appears to be quite different
than the stoichiometric pyrite surface which typically shows both
Fe and S in the outermost surface and an apparent decreased
degree of surface restructuring.
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Fig. 27. Qualitative interpretation of the pyrrhotite valence band structure based
on the MO calculations of Tossel [199], with inclusion of weak Fe–Fe π bonds
resulting from mixing of t2g orbitals parallel to the c crystallographic axis. The
one-electron model for filling majority and minority spin Fe t2g-derived crystal
orbitals is illustrated by the arrows. The t2gβ-derived π orbitals are separated from
the respective t2gα-derived π orbitals by an energy equal to the electron-pairing
energy. Paired electrons in the same t2g-derived orbital have the same energy
(which includes the pairing energy); thus the one-electron filling model does not
provide an accurate representation of density of states near the Fermi level. One 3d
electron from each Fe atom contributes to a bonding orbital (σ or π ) thus only ten
electrons reside in the t2g and eg orbitals (only these are shown). Figure reprinted
with permission from Ref. [178].© 2002, Elsevier.

4. Surface reactivity of pyrite and related sulfides

4.1. Well-controlled experimental and theoretical studies of simple
adsorbates on pyrite

The vacuum environment has proven through decades of
research to provide conditions where the reactivity of a pristine
surface can be studied. This type of methodology has been
used to study the reactivity of pyrite toward a variety of
small molecules with a general goal of understanding where
adsorbates bind and how they react. Such adsorbates include
H2O [27,130,145,160–162,188,201], O2 [130,201,202], H2S [162],
CH3OH [161], and Br2 [27]. Studies involving H2O, O2, and H2S
will be reviewed in this section. The motivation behind the
studies involving H2O and O2 have generally been to develop a
microscopic picture of the oxidation process that is important
for understanding environmental processes such as AMD. The
interaction of H2S with pyrite is of interest on several levels
ranging from charge development of pyrite in sulfide-containing
solutions [25] to the inorganic synthesis of pyrite [203,204]. These
primarily experimental studies have been supported by theoretical
studies, and this latter work also is presented to complement the
experimental work.

4.1.1. H2O
Pettenkofer et al. [27] investigated the adsorption of H2O on

pyrite {100}, generated by the cleavage of the mineral in vacuum.
Ultraviolet photoelectron spectroscopy (UPS), shown in Fig. 30,
was used to show that H2O (exposures up to 1.5 L) underwent
molecular adsorption at a temperature of 100 K on the basis of
emission features, which are associated with molecular orbitals
of molecularly adsorbed water, at approximately 6, 10, and 13 eV
Fig. 28. S 2p photoelectron spectra, curve fits and residuals of (a) monoclinic
pyrrhotite, (b) troilite and (c) difference; (b)− (a). Figure reprintedwith permission
from Ref. [176].© 2004, Elsevier.

below the Fermi level. Specifically, these spectral features are
associatedwith the 1b1 (due to the oxygen lone pair), 3a1 (bonding
and non-bonding character between O and H), and 1b2 (bonding
between O and H) molecular orbitals of adsorbed water [205].
The water was found to completely desorb by room temperature.
It was also inferred from the UPS data that the work function
decreased by 1.0 eV due to the water, suggesting that the H2O
bonds via the oxygen atom. Low energy He+ ion scattering
spectroscopy obtained from the 100 K H2O/pyrite surface showed
the preferential attenuation ofHe+ associatedwith scattering from
surface Fe atoms. This observation was taken to suggest that the
water was primarily bound to the Fe site in the outermost surface
of pyrite. A subsequent UPS-based study by Rosso et al. [201] also
suggested that for exposures up to 10 L of H2O there was no
evidence of any water dissociation on a vacuum cleaved pyrite
surface.
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Fig. 29. Experimental STM image of pyrrhotite (001) surfacewith a surface step (step height∼2.9Å). The electronic densityminima between three spots are less pronounced
than the minima between neighboring triangles. These triangles (one such triangle is drawn for each terrace) are oriented in opposite directions on neighboring layers with
a difference in height of ∼2.9 Å, and are pointing away from the step. A surface unit cell is indicated by the white parallelogram. The image was taken at a bias voltage of
−3.5 V. Figure modified with permission from author from Ref [200].
XPS-based studies by Nesbitt and Muir [145] and Knipe et al.
[188] that investigated the adsorption of H2O and D2O on vacuum
cleaved pyrite {100} generally found a low reactivity of the pristine
pyrite surface towardwater. Exposure of pyrite towater exposures
of about 2000 L at room temperature led to no changes in the Fe 2p
or S 2p core level spectra, but an analysis of the O 1s data showed
the existence of OH− and O2− in addition to some adsorbed water.
The absence of discernable Fe3+, Fe2+, or sulfur oxide product
did not allow the authors to propose a bonding scenario for the
adsorbed species.
Guevremont et al. investigated the adsorption of water on

the {100} as-grown surface [160–162]. Temperature programmed
desorption (TPD), PAX, and XPS were used to study the surface
chemistry of H2O after adsorption at low temperature (80 K)
and after heating up to 500 K. TPD data (see Fig. 31) showed a
broad water desorption peak between 200 and 300 K. The broad
desorption feature taken together with PAX data, which titrated
the different binding sites, was ascribed to water desorbing in
part from defect sites on pyrite (in part sulfur anion vacancies).
Further analysis of the TPD data suggested that the adsorption
energy for water on normal pyrite {100} sites and on defect sites
was−41.8 and−63 kJ/mol, respectively. XPS (Fig. 32) results [162]
suggested that the majority of the water desorbed from the pyrite
surface by room temperature, but there was a small amount of
water dissociation, as evidenced from the presence of O 1s spectral
weight (see 400 K data) after the water desorbed from the mineral
surface. Itwas proposed that this H2Odissociation occurred at non-
stoichiometric sites on the pyrite surface (i.e., defects).
Kendelewicz et al. [152] investigated the interaction of

water with cleaved {100} pyrite with synchrotron-based PES at
exposures approaching 1010 L (see Fig. 33). They did not observe
any sulfur oxidation products in agreement with prior studies,
but interestingly S 2p based spectroscopy showed a significant
decrease in spectral intensity associated with the monosulfide
component of the pyrite surface. This experimental observation
led to speculation that there was a conversion of the monosulfide
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Fig. 30. He I UP-spectra for different H2O dosages at 100 K. The 3-fold emission
pattern at 7, 10, and 13 eV is due to molecularly adsorbed H2O. Figure reprinted
with permission from Ref. [27].
© 1991, Deutsche Bunsen-Gesellschaft für Physikalische Chemie.

Fig. 31. TPD of H2O/FeS2(100). Figure reprinted with permission from Ref. [160].
© 1998, American Chemical Society.

component into disulfide upon exposure to water, although a
mechanism for such a conversion is not obvious.
Theoretical treatments of the interaction of pyrite with water

are generally consistent with experiment. Calculations based on
the interaction of water with the ideally terminated pyrite surface
suggest that molecular adsorption is the dominant binding mode.
For example, Rodriguez et al., calculated the bonding energy of
water on FeS2(100) to be 44.7 kJ/mol (10.7 kcal/mol) [206] and
Stirling et al. calculated an adsorption energy of water on the same
face to be −54.4 kJ/mol (−13 kcal/mol) [207]. Both results are
Fig. 32. XPS O 1s data for H2O/FeS2(100). Data were obtained by condensing
a H2O multilayer on FeS2(100) and then heating momentarily to the indicated
temperature. Figure reprinted with permission from Ref. [162].
© 1998, Mineralogical Society of America.

consistentwith the adsorption energy ofwater on pyrite {100} that
was determined by TPD [162]. The study by Stirling et al. [207]
used Car–Parrinello simulations to investigate the interaction of
water with the {100} surface of pyrite. It was found that the
dissociative chemisorption of water was energetically unfavorable
and that H bonding resulted in a significant stabilization of the
molecularly adsorbed water (this accounts for a lowering of the
adsorption energy by ∼12.6 kJ/mol (3 kcal/mol)). Water forms
a coordinative covalent bond with the surface Fe atoms via the
donation of electron density to the empty iron dz2 orbitals.
Theoretical calculations [109,156] show that the interaction of

molecular water with a defective pyrite surface is stronger than
on the ideal surface. Nair et al. [156] investigated both molecular
and dissociative adsorption on a defect site on pyrite {100}. Fig. 34
shows the energetically most important configurations studied
by the authors. The molecular adsorbed water configurations
(top row of figure) include water molecularly adsorbed at a 4-
fold coordinated Fe atom near a sulfur vacancy in two ways. In
the first, water coordinates to a ‘‘normal’’ surface sulfur atom
via its hydrogen atom, and in the second case, through a 3-
fold coordinated sulfur atom that is not a result of the vacancy.
These configurations result in adsorption energies of −72 and
−58 kJ/mol, respectively. The former value is about 10 kJ/mol
lower than the adsorption energy on the ideal surface. An ab initio
molecular dynamics computer simulation showed that starting
with the optimized structure of Fig. 34c (adsorption energy of
−60 kJ/mol) at 300 K there was a dynamic shuttling of the proton
back and forth between the oxygen and the sulfur atom with an
activation barrier near kBT . The fully dissociated configuration of
Fig. 34d resulted in an adsorption energy of −18 kJ/mol. While
the fully dissociated scenario is the least favorable, the calculations
do show that dissociative adsorption is exothermic on the
defect site.
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Fig. 33. (a) S 2p spectra of fractured pyrite surfaces exposed to sulfur vapor (solid
line) and then to 48 Torr of O2 (crosses). (b) S 2p spectra of pyrite before (crosses)
and after (solid line) exposure to water vapor. Figure reprinted with permission
from Ref. [152].© 2004, Elsevier.

Fig. 34. Important molecular (upper row) and dissociative (lower row) adsorption
modes of a single water molecule at the sulfur vacancy on the pyrite (100) surface;
red and white spheres represent oxygen and hydrogen atoms respectively. Figure
reprinted with permission from Ref. [156].
© 1998, American Chemical Society.
Fig. 35. A proposed model for the thermal chemistry of H2S on FeS2(100).
Adsorption of H2S on FeS2(100) at 100 K results in an adsorbed monolayer with
H2S binding on stoichiometric as well as defect sites. Heating to 250 K removes
weakly bound H2S from the stoichiometric surface. Heating to 500 K results in the
migration of H2S dissociation fragments on the stoichiometric surface.Whereas the
diffusion ofH iswell supported by our data, it cannot be determined unambiguously
whether S-containing species also migrate. Heating to 600 K results in the diffusion
of surface hydrogen into the pyrite bulk and the formation of new surface sites from
the addition of S (resulting from H2S dissociation) to sulfur-vacancy sites. Figure
reprinted with permission from Ref. [162].
© 1998, Mineralogical Society of America.

4.1.2. H2S
Guevremont et al. [162] investigated the interaction of H2Swith

an as-grown pyrite {100} plane cleaned by He+ bombardment.
Similar to H2O TPD, the majority of the molecularly adsorbed H2S
(initially adsorbed at 80 K) desorbed from the pyrite surface by
300K. TPD results showed that a significant fraction ofH2S, initially
adsorbed onto pyrite at 150 K, dissociated at defect sites upon
heating to 500 K into surface hydrogen, S, and SH. While it was
postulated that surface hydrogen might dissolve into the pyrite
bulk at temperatures close to 600 K, PAX experiments suggested
that the S-containing fragments reacted with monosulfide to form
sites that resembled FeS2 at these same temperatures (see Fig. 35).
Stirling et al. [208] investigated the adsorption of H2S and H2O

on an ideal pyrite {100} surface using Carr–Parrinello simulations.
Similar to H2O, the dissociative adsorption of H2S on the ideal
pyrite surface is energetically unfavorable (see Fig. 36). At low
coverage both H2O and H2S show similar adsorption energies, but
at higher coverages the binding of H2S shows a significant decrease
due to steric repulsion between adsorbed molecules. Unlike the
adsorption of water, hydrogen bonding is not found to contribute
significantly to the binding of the adsorbedH2Smolecule.Whether
H2S shows a tendency to dissociate on a defective pyrite surface
was not investigated.

4.1.3. O2
The earliest UHV-based study investigating the interaction ofO2

with pyritewas carried out byRaikar et al. [202]. Natural pyritewas
used in this study, but it was sputter cleaned with 400 eV Ar+, that
might be expected to yield a somewhat non-stoichiometric surface
composition. These researchers, using Auger electron spectroscopy
(AES) and electron energy loss spectroscopy (EELS), found that
after exposing pyrite to oxygen exposures ranging from 103–106 L
there was significant oxidation of the iron component.
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Fig. 36. Comparison of the adsorption energies in different adsorption states for
H2S and H2O. Solid and dashed lines are guides to the eye. Figure reprinted with
permission from Ref. [208].© 2003, Elsevier.

Fig. 37. Atomic-scale topographic UHV STM image of an in-vacuum cleaved pyrite
{100} surface after exposure to 4 L O2 . The tunneling conditions were −0.1 V bias
and 3 nA setpoint current. The image was band pass FFT filtered to remove noise.
The scale bar represents 20 Å. A unit cell is outlined. The image shows oxidation
features in the form of dark ‘‘patches’’ where Fe sites have reacted with O2 . Figure
reprinted with permission from Ref. [201].
© 1999, Mineralogical Society of America.

Rosso et al. [201] investigated the reaction of O2 with vacuum
cleaved pyrite with both UPS and STM. UPS data showed the
evolution of spectral features that were associated with the
formation of Fe–O bonds. Fig. 37 shows an STM micrograph of the
pyrite surface after a 4 L exposure to O2 at room temperature. The
bright spots in the image are due to the dangling bond Fe surface
states that dominate the top of the valence band and bottom of
the conduction band. The dark regions or patches in the image are
due to the oxidation of the Fe component and the reduction of the
surface state density at the valence and conduction band edges.
Kendelewicz et al. showed, using synchrotron-based PES, that

while exposure to H2O alone led to no oxidation of the S
component, the exposure to O2 alone did lead to S oxidation
(exhibited by S 2p spectral weight near 168 eV due to sulfate),
which was associated in part with the elimination of the
monosulfide component as evidenced by the loss of the 161.5 eV
S 2p feature (see Fig. 38) [152]. The surface S-dimer was shown to
Fig. 38. (a) S 2p spectra of fractured pyrite before (solid line) and after (crosses)
exposure to molecular oxygen, showing decomposition of the first spectrum into
components representing different S species. The light solid line represents the
background that was subtracted in the spectral component fitting. (b) S 2p spectra
of fractured pyrite after 15min exposures to different partial pressures of O2 and to
ambient air. (c) S 2p spectrum of fractured pyrite after exposure to 180 Torr of O2
for 15 min. All S 2p spectra were taken using an incident photon energy of 240 eV.
Figure reprinted with permission from Ref. [152].© 2004, Elsevier.

exhibit a much greater stability than the monosulfide component
in the presence of the O2 reactant.

4.1.4. H2O/O2 mixtures
Pyrite {100} surfaces exposed to mixtures of H2O and O2 vapor

show significantly more oxidation than exposure to the individual
gases. For example, Fig. 39 exhibits XPS S 2p and Fe 2p data
obtained by Guevremont et al. for pyrite {100} that was exposed
to various H2O and O2 gaseous mixtures. Specifically, exposure
of pyrite to 0.024 bar (18 Torr) water vapor or 1 bar O2 led to a
minor amount of reaction. In contrast, the exposure of pyrite {100}
to a mixture of the two gases led to a more significant amount
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Fig. 39. (A) S 2p data of acid-washed FeS2(100) and after exposure to the indicated
vapor environments. (B) Fe 2p data of acid-washed FeS2(100) and after exposure to
the indicated vapor environments. Figure reprinted with permission from Ref. [31].
© 1998, American Chemical Society.

of reaction. This research also showed that the monosulfide
component of pyrite {100} was rapidly consumed after exposure
to either of the individual gases or a mixture of the two. Only
in the H2O/O2 circumstance was there a decrease in the disulfide
contribution to the S 2p spectrum. This conclusion was supported
by the research of Schaufuss et al. which used synchrotron-based
S 2p core level spectroscopy [142,209] to investigate a pyrite {100}
cleaved surface after exposure to air, and these results will be
presented below.
Rosso et al. [201] investigated the energetics of the reaction be-

tween pyrite and a mixture of H2O/O2 from both an experimental
and theoretical level. Using UPS (Fig. 40) they showed that spectral
weight attributed to Fe–Omolecular orbitals 6 eV below the Fermi
level grew to a far greater extentwhen the surfacewas exposed to a
mixture of H2O/O2, compared to O2 alone. Furthermore, a 0.1 L ex-
posure of roughly a 50:50 mixture of H2O/O2 led to a valence band
spectrum that was similar to pyrite that was exposed to air. Hence,
this result can be taken to suggest that there is probably an initial
fast oxidation of part of the pyrite surface, followed by a slower ox-
idation process. Their theoretical effort helped to elucidate some
mechanistic issues concerning the reaction with H2O and/or O2.
Using a cluster model approximation (structures shown in Fig. 41)
and Hartree–Fock level calculations, they calculated the difference
between the adsorption energy of H2O bound via the O on a 5-fold
coordinated Fe site and on a 3-fold coordinated Fe site (corner site
assumed to be a defect site) to be 29.3 kJ/mol (7 kcal/mol). This
adsorption energy difference between water bound on the normal
Fig. 40. He I UPS valence band spectra comparing pristine pyrite surfaces with
those exposed to O2 , O2–H2O, and air. Figure reprinted with permission from
Ref. [201].
© 1999, Mineralogical Society of America.

Fig. 41. Optimized cluster configurations and reaction energies for the interaction
of the pyrite {100} surface with O2 and H2O species. A negative reaction energy
means that the respective arrow points in the downhill direction. The calculations
indicate that the co-adsorption of H2O and O2(O−) on surface Fe sites is
energetically downhill (a). Sorbed H2O preferentially dissociates on the surface
when co-adsorbed with O2 (b). Figure reprinted with permission from Ref. [201].
© 1999, Mineralogical Society of America.

surface and the defect site was similar to the experimental differ-
ence of 20.9 kJ/mol (5 kcal/mol) determined by Guevremont et al.
based on H2O-TPD [162]. The dissociative adsorption of water was
found to be unfavorable in the absence of oxygen, but water disso-
ciation was energetically favorable in the presence of O2. In short,
the coadsorption of water and O− is the most effective way of sat-
isfying the dangling bond of surface Fe. It was also proposed that
O− results in the withdrawal of electron density from neighbor-
ing S, perhaps making it more susceptible to attack by H2O in the
formation of sulfur oxide products.
This last point concerning the coadsorption of O2 and H2O is

consistent with experiments that have investigated the composi-
tion of the sulfate product with regard to the origin of its oxygen
component. First, prior aqueous phase experiments have generally
found that the O from the H2O reactant is incorporated into the
sulfate product [210–213] in the presence of aqueous Fe3+ and/or
dissolved O2. The origin of the oxygen in sulfate during gas phase
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Fig. 42. Spectra recorded as a function of time (up to 270min) of pyrite exposed to a
gaseousmixture of H182 O andO2 . The inset shows an expansion of the spectra region
between 975 and 1250 cm−1 . Figure reprinted with permission from Ref. [214].
© 2005, American Chemical Society.

oxidation is seemingly more complicated. Usher et al. [214] in-
vestigated the reaction of acid-washed pyrite in H2O and/or O2
mixtures with isotopically labeled water vapor. Fig. 42 exhibits
data from pyrite exposed to a H182 O/O2 mixture. These data show
bands between 1000 and 1200 cm−1 that were associated with
S18O2−4 and bisulfate surface bound complexes. The bands near
880 cm−1 associated with iron oxyhydroxide were unshifted rela-
tive to H162 O/O2mixtures, suggesting that these iron oxyhydroxide
modes were derived from O2. Additional experiments, however,
showed that pre-exposing the pyrite to O2 and then to the labeled
water vapor led to sulfate product with oxygen originating from
both H2O and O2 showing that the oxidation process is sensitive to
the history of the pyrite sample.

4.2. Reactions in air

There have been numerous studies using surface science tech-
niques to study pyrite after exposure to air. These have included
PES [141–143,145,148,149,152,201,209,215–220], STM [218,221,
222], FTIR [223–226], and XANES [227] studies.
With regard to early XPS-based studies, Brion investigated

the reaction of pyrite powder exposed to air [215]. Due to the
preparation of the pyrite by grinding, a good understanding of
the surface composition was not present, but upon exposure to
air there was a relatively rapid formation of iron hydroxide or
oxyhydroxide and iron sulfate. A subsequent study by Buckley and
Woods [216] investigated the reactivity of a fracture surface of
pyrite generated from a natural sample. Using XPS, they showed
that after a 14 day exposure at 65% humidity therewas a significant
amount of SO2−4 formation and that the iron was in the form of
hydrated iron oxide or an iron (II) sulfate. Using complementary
O 1s data, they speculated that the major product was iron sulfate.
Somewhat similar results were obtained by Nesbitt et al. when

pristine pyrite fracture surfaces were exposed to air at close to
80% humidity for 24 h [145]. By analyzing their XPS data, they
surmised that the surface was covered by OH−,H2O, and O2−.
In addition, based on Fe 2p data they postulated that an Fe3+-
containing oxyhydroxide formed on the pyrite surface. Sulfate was
only detected after an additional exposure of 9 days. The reason for
the induction period before sulfate production is not known, but is
likely due to variability in the structure of fractured pyrite surfaces.
Fig. 43. 20×20 nm image showing crystallographically oriented borders between
oxidized (dark areas) and unoxidized (light areas) regions. Conditions: setpoint
current=1.0 nA, bias=100.0mV. Figure reprintedwith permission fromRef. [218].
© 1996, Mineralogical Society of America.

Fig. 44. (a) Band structure of the bulk and surface of pyrite, given the formation of
an oxide (hematite-like) surface state. The unfilled and bold-cross-hatched ‘‘peaks’’
represent the CB and VB of a hematite-like surface state, respectively. (b) Band
bending resulting from equilibration between the pyrite bulk and surface, including
the hematite-like surface states. Electron transfer to O2 is shown, along with
subsequent breakdown of O−2 to formH2O eventually. The Fermi level, EF , is specific
to each phase. Figure reprinted with permission from Ref. [218].
© 1996, Mineralogical Society of America.

Eggleston et al. [218] carried out a study that used UPS, XPS,
and STM to help develop an understanding of the mechanistic
details of pyrite oxidation in air. Fractured pyrite surfaces were
exposed to air and then investigated with STM. A revealing aspect
of the STM results (Fig. 43) is the patchy-like nature of the
oxidation process on pyrite. Specifically, the oxidation process
does not randomly occur across the surface but instead is initiated
at specific locations on pyrite and then spreads outward from
these initiation points to form rather large oxidized patches
coexisting with unoxidized parts of the surface. Fig. 43 shows
the right edge as being oxidized (associated with the darker
regions) and the oxidized section extends to the left in the image
as a finger-like pattern. Using a Monte Carlo framework it was
shown that the oxidation pattern revealed by the STM could be
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Fig. 45. S 2p spectra of pyrite, fractured (a) under vacuum, (b) in a nitrogen-filled glove bag, (c) in air, and after different air-exposure times; (d) 10 min; (e) 40 min; and
(f) 840 min. The atmosphere-exposure times for B and C were about 1 min. (Take-off angles: spectrum A, 45◦; spectra B–F, 80◦ .) Figure reprinted with permission from
Ref. [142].© 1998, Elsevier.
Fig. 46. Oxidation of iron sites. A section representing the (110) plane is drawn. In this direction, the Fe sites are only separated by one sulfur atom. Their distance is 0.38 nm.
(a) Vacuum-fractured surface. (b) Surface after oxidation of S2− followed by adsorption of oxygen at Fe(III) surface sites. (c) Electron transfer from adjacent Fe(II) surface
sites producing new Fe(III) sites equivalent to the initial Fe(III) centers. (d) Result of the electron transfer from adjacent bulk Fe atoms forming the Fe(III) sites in the bulk
which may propagate oxidation into the depth. Figure reprinted with permission from Ref. [142].© 1998, Elsevier.
simulated by using a model which assumed that the probability
of Fe2+ oxidation increased proportionally to the number of
nearest neighbor oxidized sites (Fe3+). Essentially, the oxidized
sites provided a conduit for electron transfer from Fe2+ to the
terminal electron acceptor, O2. Fig. 44 exhibits a band structure
model depicting the specifics of the rate limiting electron transfer



R. Murphy, D.R. Strongin / Surface Science Reports 64 (2009) 1–45 23
step. Essentially, surface states associated with the oxide product
accept electrons from Fe2+ and this can be thought of as a transfer
of electrons from the pyrite valence band to the conduction band
of the oxide product (this process was suggested to be more facile
than the direct transfer of electrons from Fe2+ to O2.) Subsequent
electron transfer to O2 to formO−2 is energetically uphill (activated)
and in this model the reaction of O−2 with solution H

+ results in
water. This model is consistent with aqueous models for pyrite
oxidation that have shown in prior work that the Fe2+/Fe3+
couple is important for the process of electron transfer to dissolved
molecular oxygen [228,229].
Subsequent synchrotron-based PES has been instrumental

[141–143,152,209,219] in understanding the relative rates of
oxidation for the different S-species on the fractured pyrite surface.
Schaufuss et al. showed (see Fig. 45) that the monosulfide species
intrinsic to the surface of pyrite rapidly oxidized in air to form
SO2−4 [142,209]. For the same air exposure, the S atom incorporated
in the disulfide group in the outermost surface oxidized to a
lesser degree, while the bulk-like S atom showed the smallest
amount of oxidation. While outermost S was converted to SO2−4
PES suggested that thiosulfate, (S2O2−3 ), and sulfite (SO

2−
3 ) formed

from subsurface S atoms. A Fe2+/Fe3+ cycling mechanism was
also offered that was consistent with the propagation of the pyrite
oxidation process into the subsurface regions of the mineral.
During this process, based on Fe 2p core spectroscopy, it is
suggested that the dominant Fe3+-bearing product is FeOOH,
which would be the electron conduit for electron transfer from
Fe2+ to Fe3+ in the Eggleston model (see Fig. 46).

4.3. Studies investigating oxidation suppression by blocking the Fe3+
site

The notion that Fe3+-bearing surface oxide patches are critical
for the oxidation of pyrite has been tested in at least two studies.
Elsetinowet al. [230] investigated the effect of adsorbed phosphate
on the oxidation of pyrite in the gaseous O2/H2O environment.
In this study, it was first shown that the amount of PO3−4
sorbed on the pyrite surface was proportional to the amount of
surface Fe3+. The surface concentration of Fe3+ was controlled
by exposing the pyrite surface to a low energy He+ ion beam
for varying times. Samples were then exposed to a phosphate-
bearing solution for a fixed time, removed from solution and
then exposed to an oxidizing gaseous environment. Post-reaction
Fe 2p and S 2p XPS (see Fig. 47) showed that pyrite surfaces
with adsorbed phosphate exhibited significantly less iron oxide
and sulfate product formation than phosphate-free surfaces. The
authors suggested that phosphate bound to the Fe3+ regions of
the pyrite surface either suppressed the oxidation by a simple site
blocking of O2 or altered the electronic structure of these regions
to limit electron transfer from Fe2+ to O2 (see Fig. 48).
This site blocking of Fe3+ on pyrite was also exploited in a

later work by Zhang et al. [231] who adsorbed a bilayer forming
lipid, 1,2-bis(10,12-tricosadiynoyl)-sn-glycero-3-phosphocholine
lipid (referred to as 23:2 diyne PC), on pyrite. It was expected
that the phosphate functional group would bind to the Fe3+ active
site, inhibiting the oxidation process. This speculation was largely
supported by ATR-FTIR results that showed that iron and sulfur
oxide products were suppressed if submonolayer amounts of lipid
were present on the surface (see Fig. 49).

4.4. Effect of long-range order on pyrite activity

It has long been appreciated that the crystallographic orien-
tation of the reacting surface can in many instances control the
reactivity of solid surfaces whether they are, for example, metals,
Fig. 47. Fe 2p data for the FeS2{100} and after it was exposed to gaseous O2 and
H2O (top), and FeS2{100} with adsorbed phosphate before and after exposure to
gaseous O2 and H2O (bottom). The presence of phosphate significantly reduced
the amount of Fe3+ oxidation product as compared to the phosphate-free surface.
Figure reprinted with permission from Ref. [230].
© 2001, American Chemical Society.

Fig. 48. Proposed models for the effect of phosphate on the oxidation of pyrite.
Without adsorbed phosphate, Fe3+-bearing oxide phases serve as conduits for the
transfer of electrons from Fe2+ in pyrite to adsorbed molecular O2 . Phosphate may
physically inhibit the adsorption of molecular O2 or alter the electronic structure
of the iron(III) oxide phase, making electron transfer energetically favorable. Figure
reprinted with permission from Ref. [230].
© 2001, American Chemical Society.

semiconductors, or alloys [232]. Over the last few decades, the use
of well-defined and often atomically flat single crystal surfaces has
led to relationships between surface structure and reactivity. Per-
haps, one of the more remarkable structure sensitive reactions is
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Fig. 49. FTIR spectra of (a) clean pyrite and (b) lipid/pyrite after exposure to oxygen
saturated with water for various times. Pyrite shows a much higher concentration
of oxidation products in the absence of lipid (sulfate near 1100 cm−1 and iron
oxyhydroxide near 860 cm−1). Notice the difference in absorbance scales for panels
a and b. The spectra in panel b are presented using lipid/pyrite at ‘‘0’’ time as the
reference spectra (i.e., any lipid modes are canceled out from the spectra). For
reference, the absorbance scale is indicated in the figure. Figure reprinted with
permission from Ref. [231].
© 2003, American Chemical Society.

the synthesis of ammonia from its elements over an iron catalyst.
Prior research has shown that there can be a factor of 500 sepa-
rating the activity (catalyzing the formation of ammonia) of one
crystallographic plane from another [233,234]. With regard to the
multicomponent pyrite surface, such relationships are not well de-
veloped due to the difficulty in obtaining different crystallographic
planes of pyrite other than the naturally occurring {100} and {111}
habits. Even a direct comparison of these surfaces is complicated
by the variations in the short-range order from sample to sample.
In an effort to investigate the difference in activity between

different crystallographic planes of pyrite, Elsetinow et al. [29,
30] compared the amount of oxidation that occurred on acid-
washed {100} and {111} surfaces after exposure to H2O/O2 gaseous
environments. Using XPS (see Fig. 50) to determine the amount
of surface sulfate (SO2−4 ) after reaction, it was shown that the
{111} showed a greater degree of oxidation than the {100} plane.
While the reasons for this difference are not entirely clear, these
researchers, using ion scattering spectroscopy (ISS), attributed
differences in activity to an enhanced amount of surface iron in the
{111} plane compared to the {100} surface.
More recent modeling studies by de Leeuw et al. [235],

investigated the surface structure and reactivity of the {100}, {110},
and {111} planes of FeS2 using atomistic simulation techniques.
These authors used the adsorption of water to investigate the
Fig. 50. Pairs of S 2p data, before (top) and after (below) exposure to H2O/O2 , for
(a) acid-washed {100} growth surface, (b) cleaved {100} pyrite and (c) acid-washed
{111} growth surface. Figure reprinted with permission from Ref. [29].
© 2000, Mineralogical Society of America.

reactivity of the different pyrite surfaces. The calculations showed
that water adsorption on the {100} plane is associated with an
adsorption energy near−46.6 kJ/mol, similar to the experimental
results obtained by Guevremont et al. [162]. In contrast, water
adsorption onto either the Fe or S2 terminated {111} plane results
in an adsorption energy of−144.3 and−170.6 kJ/mol, respectively.
Interestingly, on the {111} plane terminated by sulfur, water bonds
to Fe in the second layer through the oxygen atom with the
hydrogen bonding to the sulfur in the outermost layer. This higher
adsorption energy on the {111} plane may be consistent with an
increased tendency for the dissociation of water in the presence
of oxygen and could be consistent with the higher oxidation (with
water and molecular oxygen) rate exhibited by this plane relative
to the {100} surface.

4.5. Oxidation of pyrite in aqueous environments

The oxidation of pyrite in aqueous environments has been of
significant interest, because of its relevance in AMD and flotation.
Research in this area can be broadly separated into both ther-
mal [3–5,31,211–213,217,227–229,236–251] and electrochemical
studies [252–266]. A significant amount of this prior research has
investigated pyrite oxidation in aqueous solutions with surface
sensitive techniques that have included Raman spectroscopy [254,
267], XPS [31,217,227,244,254–257,263,267,268], in situ FTIR [212,
246,248,256,260–262], XANES [227] and glancing-angle X-ray ab-
sorption spectroscopy (REFLEXAFS/XANES) [242].
The importance of aqueous Fe3+ as an effective oxidant of

pyrite has been recognized for some time and it has been
implicated as a key reactant in the oxidation process of pyrite
during AMD [2]. Research by Moses et al. [229] showed that
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Fig. 51. Schematic representation of some of the possible reactions describing
different pathways for pyrite oxidation. To the right is the thiosulfate pathway
(Path 1A) where thiosulfate detaches and reacts, while to the left is the thiosulfate
pathwaywhere the Fe–S bond does not break; rather the S–S bond breaks, releasing
sulfite which oxidizes to sulfate (Path 1B). To the bottom of the figure we represent
the sulfide–polysulfide-elemental sulfur pathway (Path 2) and at the top is the
defect/photochemically-driven pathway where holes or radicals react and drive S
oxidation to sulfate (Path 3). Note that there are manymore reactions which would
fully describe these pathways than can be readily presented in one figure. Figure
reprinted with permission from Ref. [251].© 2006, Elsevier.

Fig. 52. A comparison plot of the final spectra collected for a dark oxidation
experiment with Fe3+ (pH 2.5) and O2 (pH 2.5) as oxidant, respectively. The oxygen
spectrum was multiplied by 2x to be of comparative absorbance. The similarity in
these two spectra suggests that the sulfur oxidation products are comparable with
either oxidant. Figure reprinted with permission from Ref. [248].© 2004, Elsevier.

in Fe3+-saturated solutions, the Fe3+ is the direct oxidant even
in the presence of dissolved O2 and this conclusion has been
supported by later work [269]. This result is consistent with the
theoretical molecular orbital based work of Luther [236] who
predicted, based on HOMO/LUMO arguments, that Fe3+ would be
a much more efficient oxidant of the sulfide than molecular O2
and that the pyrite oxidation process would proceed through a
thiosulfate S2O2−3 , intermediate. Moses et al. [228] extended their
earlier work by suggesting that the Fe2+/Fe3+ couple on the pyrite
surface in aqueous solution is a key redox step with regard to the
transfer of electrons from Fe2+ to O2. Specifically, adsorbed Fe2+
Fig. 53. In situ HATR-IR spectra of surface species on pyrite during oxidation with
water and dissolved oxygen showing the sulfate and iron oxyhydroxide products.
The dotted spectrum shows the result using H162 O (sulfate at 1105 cm

−1 and iron
oxyhydroxide at 840 cm−1 and near 900 cm−1); the solid line shows the result using
H182 O (sulfate at 1030 cm

−1 and iron oxyhydroxide at 835 cm−1). Each spectrumwas
obtained in situ after 3 h of reaction time. Figure reprinted with permission from
Ref. [212].
© 2004, American Chemical Society.

transfers electrons to O2 and electron transfer from the pyrite to
the resulting adsorbed Fe3+occurs. The Egglestonmodel presented
above is essentially an extension of this aqueous phase model.
It was mentioned before that phosphate adsorption and organic
organophosphate adsorption on the Fe3+ patches limited the
oxidation of pyrite in an oxidizing gaseous environment. Similar
site-blocking experiments of the oxide patches have been done
in the aqueous environment with PO3−4 [230] and phospholipid
layers [270,271]. Furthermore, Peiffer et al. [272] showed that Fe3+
chelators or reductants such as ascorbic acid that reduce Fe3+ at
the pyrite surface could remarkably decrease the rate of pyrite
oxidation. The nature of the Fe3+-bearing product during aqueous
oxidation has been looked at with ex situ XANES research [227]
and it was shown that the nature of the product is pH dependent.
Specifically, below a pH of 4, the main surface product is a ferric
hydroxysulfate,while at higher pH thedominant product is an Fe3+
oxyhydroxide and ferric (hydroxy)sulfate. An earlier study using
ex situ glancing X-ray absorption spectroscopy (XAS) showed that
after pyrite was oxidized at a pH of 9 the predominant product
based on Fe-XAS was goethite [242]. An in situ ATR-FTIR study
by Usher et al. using both H162 O and H

18
2 O suggested that at a pH

of 5 the oxyhydroxide product present on the pyrite surface was
derived from dissolved O2 and not from the water reactant [212].
Fig. 51 from the work of Druschel and Borda [251] summarizes

some of the likely surface intermediates and solution phase
chemistry occurring during pyrite oxidation. At least one of the
many plausible surface intermediate species has been proposed to
be thiosulfate, consistent with the early prediction of Luther [236].
XPS has in some studies suggested the presence of thiosulfate
under both thermal [31] and electrochemical conditions [242].
More supportive of such an intermediate species have been the
results obtained from in situ ATR-FTIR-based experiments. Borda
et al. [246,248] in two publications investigated the oxidation
of pyrite powder in the presence of Fe3+ and O2 oxidants. In
both the cases, these authors experimentally observed vibrational
modes thatwere consistentwith SO2−4 (probably outer sphere) and
thiosulfate. Representative data are shown in Fig. 52. The mode
at about 1115 cm−1 was proposed to be associated with sulfate
in a distorted Td symmetry (outersphere) and the peak at about
1010 cm−1 was proposed to be associated with a monodentate
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Fig. 54. Schematic molecular orbital diagram for the electron transfer from the
highest occupied molecular orbital of a water molecule to the lowest unoccupied
molecular orbital of a pyrite ‘molecule’ under a positive electrode potential. Figure
reprinted with permission from Ref. [256].© 1999, Elsevier.

thiosulfate complex (a second feature near 1130 cm−1 would
be associated with thiosulfate, but is presumably obscured by
the sulfate mode). It was also postulated that a third species,
sulfite (SO2−3 ) or bisulfate (HSO

−

4 ), could be present. These data
also suggest that the intermediate species forming on the pyrite
surface during oxidation are largely independent of the oxidant
(i.e., Fe3+ or O2). A subsequent study by Usher et al. showed using
in situ ATR-FTIR that the oxygen in the surface sulfate product
was derived from the water reactant based on the isotopic shift
of the S–O stretching mode from 1105 cm−1 to 1030 cm−1 upon
isotopic substitution (H162 O replaced with H

18
2 O) [212] (see Fig. 53).

This result is consistent with prior isotopic labeling studies that
investigated the aqueous sulfate species [210,211]. It is pointed
out that a recent study by Lefticariu et al. [273] investigated
the aqueous oxidation of pyrite in the presence of H2O2. These
researchers found that at 298 K oxygen derived from H2O (via
Fe3+ facilitated oxidation of pyrite) and H2O2 was incorporated
into the sulfate product at comparable levels. H2O2-derived oxygen
was suggested to be incorporated into the sulfate product via a
hydroxyl radical induced oxidation process.
In situ ATR-FTIR [260,262] and FTIR [256] studies have

investigated the surface products forming on pyrite during
the electrochemical oxidation of the mineral. At a range of
potentials (0.3, 0.7, 1.1 and 1.7 V versus SCE) Kelsall et al. [256]
suggested that surface intermediates likely included S2O2−3 , S2O

2−
4 ,

S2O2−5 ,HSO
−

3 , SO
2−
4 based on in situ FTIR. These authors argued

using an MO-based model (see Fig. 54) that at positive potentials
electrons would be abstracted from the π∗ orbitals of S2−2 allowing
the interaction with the π orbital of water and ultimately proton
release. Additional steps would lead to Fe–S–SO3 formation and to
S2O2−3 release from the reacting surface. In a later electrochemical
study by Chernyshova [260] vibrational spectra as a function of
potential were obtained (see Fig. 55). These authors argued that
pyrite oxidation occurred in two stages. In the first stage (near 0 V),
bands near 980 and 1390 cm−1 showed ferric hydroxide formation
and polysulfides. In the second stage of oxidation (>0.4 V)
bands due to ferric hydroxide in addition to sulfur oxyanions
appear (between 900 and 1100 cm−1), which are assigned to
SO2−3 SO

2−
4 , S2O

2−
3 , and polythionates. Based on their experimental

observations, these authors also postulated that metallic like FeS
defect sites serve as cathodic sites during the electrochemical
oxidation process.
Rimstidt and Vaughan [249] proposed a unifying reaction
scheme based on the extensive research focused on pyrite
oxidation. They concluded that the oxidation of pyrite could
be described by an electrochemical-based model as shown in
the schematic in Fig. 56. Essentially, electrons are shuttled
between anodic sulfur sites and Fe-cathodic sites through the
semiconductor material. Water molecules react with the electron
deficient sulfur sites to form the sulfur oxyanions and oxygen
is reduced at the cathodic site as the rate limiting step [239].
The oxidation of S by molecular oxygen to ultimately form a
thiosulfate intermediate is similar to what was proposed before
by Kelsall et al. [256]. Based on prior studies and the suggestion
by Chernyshova [260], the cathodic site could include to some
degree the more metallic like Fe–S defect. The oxidation of the
pyrite surface in aqueous conditions might also be expected to be
somewhat heterogeneous. For example, Becker et al. [274] through
their theoretical/experimental work introduced the notion of a
semiconductor proximity effect where for example the oxidation
of a specific site might make a neighboring site more susceptible
to oxidative attack. Such effects could presumably be looked at by
in situ imaging of the oxidation process occurring on the surface
in solution, which to date has not been carried out. We point out
that research has also investigated the effect of impurity atoms on
pyrite oxidation, since impurities can effect the bulk conductivity
[275,276] and surface electronic structure of pyrite [277].
Pilar Asta et al. [278] recently used vertical scanning interfer-

ometry to investigate the morphological changes that occurred
on a weathered pyrite sample after exposure to low pH water
(pH = 1.8) over a period of days. The results from this study sup-
port a rather heterogeneous oxidation process of the pyrite surface.
Fig. 57 shows the rather dramatic changes that occur on pyrite over
time at dissolution conditions. Images 57a–c show the growth of
pits and pit clusters, where surface-B shows less change, but does
show the growth of pits. Images 57d–f show terrace-A closer and
show the increase in pit density. The retreat of the surface perpen-
dicular to the terrace plane can also be seen in image 57f.

4.6. Other sulfides in air and aqueous environments

4.6.1. Marcasite reactivity in air
Uhlig et al. [141] investigated the initial air oxidation of

marcasite and compared it to pyrite using synchrotron-based PES.
Fig. 58 shows S 2p data for vacuum cleaved pyrite and marcasite.
While pyrite exhibits an initial rapid consumption of the S2−
moiety in the presence of air, marcasite instead shows a reduction
in the S 2p feature attributed to a sulfur trimer (at 163.2 eV,
see Section 3.4.1). The authors bring up the possibility that a
reduced amount of Fe3+ in the cleaved marcasite surface (relative
to pyrite) might be responsible for the slower depletion of S2−
in marcasite upon oxidation. An STM investigation of the atomic
structure of the cleavedmarcasite surface would be a useful future
study, since a more sulfur terminated surface (less exposed Fe3+
than pyrite, for example) could conceivably be responsible for the
slower consumption of the S2−.

4.6.2. Pyrrhotite reactions in air and aqueous solution
Pyrrhotite presents an interesting contrast to pyrite. Presum-

ably, because of the intrinsic cation vacancies associated with this
mineral, a significant reorganization of the structure and compo-
sition occurs in the subsurface region in oxidizing environments.
This subsurface region can extend formicrometers into the bulk. In
an early study Buckley and Woods [196,197] used XPS to infer the
existence of a sulfur rich surface when themineral was oxidized in
air and subsequently reacted in acetic acid. Jones et al. [192] inves-
tigated pyrrhotite powder after exposure to air, water, and HClO4.
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Fig. 55. FTIR ATR difference spectra of the (100) pyrite/solution interface measured in situ during the positive potential scan in air-saturated 0.01 M borate (pH 9.2). Before
the experiment, the electrode was polarized at −0.5 V for 1 h. The spectrum at a marked potential is referenced to the spectrum at the preceding potential, while the
spectrum at −0.4 V is referenced to the spectrum measured at −0.5 V after the reduction. The horizontal lines indicate zero absorption. Figure reprinted with permission
from Ref. [261].© 2003, Elsevier.
In air or water, they surmised from XPS that sulfate, iron oxyhy-
droxides and an Fe deficient region were present, and after acid
treatment the surface partly restructures to a defective tetragonal
Fe2S3 product. Subsequent studies by Pratt et al. [189] andMycroft
et al. [187] using both XPS and AES proposed that the oxidation of
pyrrhotite resulted in a surface/subsurface region. The region con-
sisted of an iron oxide (5 Å deep) top layer which sharply tran-
sitions to a FeS2 (marcasite) layer followed by a Fe2S3 layer that
was as deep as 30 Å (Fig. 59). Some thiosulfate and iron sulfate
was present in this latter layer. It was proposed that the monosul-
fide of the sulfur rich underlayerwas converted in part to disulfide.
Oxidation of the monosulfide was likely associated with the con-
version of molecular oxygen at the surface to oxide. Iron diffusion
from the interior to the surface resulted in the formation of ferric
oxyhydroxides. Sulfur did not show significant surface diffusion.
Pratt et al. [189,279] investigated the surface layer after exposure
to HCl and H2SO4 and found a 500 Å thick iron oxyhydroxide layer
above a 100 Å thick sulfur rich region.
Thomas et al. [280] showed using XPS that under anoxic

conditions, acid-reacted pyrrhotite showed four stages of disso-
lution; (1) a dissolution of the outermost oxidized iron hydrox-
ide/oxyhydroxide layer and oxy-sulfur species (2) diffusion limited
dissolution due to iron diffusion through the sulfur region layer
and an oxidative dissolution of polysulfides (3) removal of mono-
sulfide species with the production of H2S, and (4) a reoxidation
and dissolution of the sulfide species by solution species, including
ferric iron. Mikhlin et al. [281] using PES, X-ray diffraction (XRD)
and Mossbauer spectroscopy investigated the reaction of natural
pyrrhotite in HCl. They showed that the metal deficient phase in-
volved low spin Fe2+ instead of the high spin configuration associ-
ated with pyrrhotite and polysulfide. In a later study by Mikhlin
et al. [181] using hexagonal pyrrhotite (Fe9S10) etched in HCl it
was shown using XPS, Mossbauer spectroscopy, nuclear magnetic
resonance (NMR), and electron paramagnetic resonance, that the
metal deficient layer could extend to several micrometers under
non-oxidative conditions and was composed of low-spin ferrous
iron and equal quantities of di and polysulfides. If this surface was
exposed to air, the ferrous iron converted to high spin ferrous iron
and ferric iron. Ferric iron and oxygen was incorporated into the
layer causing the relative concentration of iron relative to sulfur to
increase at the surface.
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Fig. 56. The pyrite oxidation reaction consists of three steps. In the first step, a
cathodic reaction transfers electrons from the surface of the pyrite to the aqueous
oxidant species, usually O2 or Fe3+ . The second step transports charge from the site
of an anodic reaction to replace the electron lost from the cathodic site. In the third
step, at an anodic site, the oxygen atom of a water molecule interacts with a sulfur
atom to create a sulfoxy species. This releases an electron into the solid and one or
two hydrogen ions to solution. Figure reprinted with permission from Ref. [249].
© 2003, Elsevier.

4.7. Pyrite oxidation under biotic conditions

It is generally accepted that pyrite oxidation ultimately lead-
ing to AMD frommining activity is facilitated bymicrobial activity.
Themicrobial communities that exist in AMDenvironments are di-
verse and often contribute to different aspects of pyrite oxidation.
Among the more studied microbial species have been iron oxidiz-
ing bacteria species such as the chemoautotrophic Acidithiobacil-
lus ferrooxidans [213,282–327] and the Leptospirillum ferrooxi-
dans species [284,289,290,300,302,306,307,316,318,319,323,324,
328–337], and sulfur oxidizing bacteria such as Acidithiobacillus
thiooxidans [284,289,294,300,308,316,317,332,338–340].
Microbes that oxidize ferrous iron to ferric iron are generally

thought to be the largest contributors to pyrite oxidation. At the
relatively lowpHenvironment common toAMDsites the oxidation
of aqueous ferrous iron to ferric iron is quite slow, compared to
the rate of this conversion in the presence of bacteria, such as
A. ferrooxidans. Prior studies, for example, have shown that in
the presence of this microbe, the oxidation of Fe2+ to Fe3+ is
accelerated by a factor of 106 over the abiotic circumstance [2].
In the so-called indirect mechanism of bacterial action the key
equations can be summarized as

14Fe2+ + 7/2O2 + 14H+ → 14Fe3+ + 7H2O (6)

and

FeS2 + 8H2O+ 14Fe3+ → 15Fe2+ + 2SO2−4 + 16H
+ (7)

where the rate of ferrous iron oxidation in Eq. (6) is accelerated
in the presence of iron oxidizing bacteria and the ferric iron
product goes on to serve as a strong oxidant of the pyrite
surface. In short, the bacteria continuously recycle the ferrous
iron product of Eq. (7) into ferric iron, a reaction that would be
relatively slow near a pH of 3 in the absence of bacteria [287].
Consistent with Eq. (7) is the isotopic labeling experiment by
Balci et al. [213] which found that the sulfate product forming
under biotic conditions was largely derived from water (not
dissolved oxygen), which is in agreement with the abiotic results
presented above. Fig. 60 from Crundwell [341] shows a schematic
Fig. 57. Three-dimensional images of the surface that shows the presence of two terraces (A and B), separated by a step (ca. 1 µm in height), and scattered pits over
the surface area, either isolated or clustered: initial surface (a); after 21 (b) and 27 days (c) of dissolution in HCl solution (pH 1) at room temperature and O2-saturated
atmosphere. Image dimensions are 250× 125 µm. 180× 90 µm images from d to f show the surface evolution in terrace A; Formation of new etch pits, pit clustering, pit
coalescence and surface retreat is observed. t0 = initial day; t2 = 21 days; t3 = 27 days. Height is exaggerated (not scaled). Lines indicate line profiles. Figure reprinted with
permission from Ref. [278].
© 2008, Mineralogical Society of America.
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Fig. 58. Changes in S 2p spectra (hν = 250 eV) of pyrite andmarcasite by initial air oxidation. Both sampleswere simultaneously exposed for 2min to laboratory atmosphere.
Figure reprinted with permission from Ref. [141].© 2001, Elsevier.
representation of the indirect mechanism where microbial action
is limited to the oxidation of ferrous iron to ferric iron in solution.
There has been a significant amount of research that has attributed
much of the effect for at least the A. ferrooxidans to the indirect
mechanism [287,342,343]. Two other schematics are presented
that depict two types of direct mechanisms that facilitate pyrite
oxidation. Common to both mechanisms is that the bacteria
are bound to the sulfide surface, either in an exopolymer layer
(i.e., biofilm [324,344]) or directly to the sulfide surface [345].
In the former circumstance, there is a cycling of Fe2+ and Fe3+,
local to the binding position of the bacteria that ultimately leads
to leaching. Fowler et al. [297] showed that the order of reaction
with respect to ferric iron ions is the same whether bacteria are
present or absent. Interestingly, they showed that the order of
reaction with respect to H+ is −0.5 when bacteria are absent and
−0.39 when bacteria are present. Hence, it was proposed that A.
ferrooxidanswithin this biofilm layer consumed protons in driving
the ferrous iron to ferric iron cycle, hence leading to a local pH
that was higher than regions not in contact with bacteria [309].
In this scenario, the higher pH would lead to enhanced leaching
of the pyrite surface. This mechanism would be operative and
enhance pyrite oxidation over the contribution from the indirect
mechanism driven by solution phase bacteria [315]. In a more
recent publication Sand and Gehrke [290] investigated both A.
ferrooxidans and L. ferrooxidans, and showed that the extracellular
polymeric substances were primarily neutral sugars and lipids;
the function of which is to mediate attachment to the sulfide
surface and to concentrate Fe3+ at the sulfide surface. Additionally,
Rojas-Chapana and Tributsch [328] have implied that the presence
of Fe3+ in the biofilm associated with the L. ferrooxidans species
induced oxidation of pyrite.
Lastly, it is important to mention that the binding of bacteria to

pyrite is sensitive to themicrotopography [318,346] of themineral,
Fig. 59. Schematic representation of the changes in chemical composition of
the pyrrhotite alteration zone as a function of depth. This profile represents our
best estimate of the chemical composition and layering in the altered pyrrhotite
subsurface. Figure reprinted with permission from Ref. [187].© 2003, Elsevier.

presumably depending on the short-range order and elemental
composition of the potential binding site. In an early study [347]
it was shown using scanning electron microscopy (SEM) that
after an extended exposure of pyrite to A. ferrooxidans there is
a complicated pattern of pits induced by the bacteria, and the
bacterial distributions were speculated to depend on the pyrite
structure and short-range order (fracture lines, dislocations).
More recent research [292,348] investigated bioleaching by A.
ferrooxidans on {100}, {111} and {110} surfaces of pyrite. It was
found that surfaces with high sulfur to iron atomic ratios resulted
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Fig. 60. The three proposed mechanisms for the action of T. ferrooxidans on sulfide
minerals. (a) The indirect mechanism, in which bacteria oxidize ferrous ions in
the bulk solution to ferric ions and ferric ions leach the mineral. (b) The indirect
contact mechanism, in which attached bacteria oxidize ferrous ions to ferric ions
within the layer of bacteria and exopolymeric material, and the ferric ions within
this layer leach themineral. (c) The direct contactmechanism, inwhich the bacteria
directly oxidize themineral by biologicalmeans, without any requirement for ferric
or ferrous ions. Figure reprinted with permission from Ref. [341].© 1995, Elsevier.

in the formation of elongated pits, similar to the shape of the
individual bacterium. They also found significant differences in the
corrosion patterns between the different surfaces.

4.8. Metals on pyrite

The adsorption and desorption of metals on pyrite has received
significant interest; Au [170,349–364], Ag [350,359,365,366],
As [144,266,367–372], Cd [373,374], Cr [267,375,376], Cu [111,
377–381], Hg [193,382–385], Mo [368,386–388], Ni [389], Pb [381,
384], Pd [390], Se [391–393], Sr and Eu [394], U [395,396], and
Zn [384].
Interest in the interaction between metals and pyrite is

varied and includes the coprecipitation of Au with pyrite from
hydrothermal fluids [354], the understanding of ‘‘invisible’’ gold
on pyrite [359,361], the scavenging of Mo-containing compounds
in sediment [368,388], the effect of Cu in activating pyrite during
flotation [111], and the possible use of pyrite for scavenging of
anthropogenic heavy metals, such as Hg or Pb [373,377]. A subset
of these studies is now summarized.
Relatively early work by Scaini et al. [357,359] and Maddox

et al. [358] using XPS studied the deposition of Au onto pyrite
from Au1+ and Au3+-bearing solutions. Primarily metallic gold
resulted from the exposure of pyrite to Au1+ (which coexisted
with sorbed Au1+ complexes) and the amount of deposition was
a strong function of pH and temperature. It was pointed out by the
authors that the Au 4f7/2 spectral weight assigned to Au1+ could at
least in part be due to small metal clusters that can lead to binding
energy shifts [357]. Exposure of pyrite to AuCl−4 -bearing solutions
led to the growth of gold particles on the surface observed with
field emission SEM. It was shown that gold deposition occurred at
positive potentials relative to the open-circuit potential and this
process involved the oxidation of the mineral surface in addition
to the reduction of Au3+ to Au1+ and Au. An earlier study by
Mycroft et al. [360] proposed that the reduction of Au3+ to Au1+
occurred at surface ferrous iron to produce ferric iron and then a
second reduction to metallic gold occurred. The mechanism could
be summarized as follows:

AuCl−4 
 AuCl3(ads)+ Cl− (8)

AuCl3(ads)+ 2e− 
 AuCl(ads)+ 2Cl− (9)

2(FeS2 + 2xH+ → xFe3+ + Fe1−xH2xS2 + xe−) (10)
AuCl(ads)+ Fe1−xH2xS2 → Au+ Cl− + 2xH+ + oxidized FeS2.

(11)

It is perhaps reasonable to speculate that charge transfer steps
to reduce Au would likely occur at defect (monosulfide and/or
oxide patches) sites that have been implicated in the oxidation of
pyrite in gaseous and aqueous conditions.
In a recent study the reaction of Au3+ (and Ag1+) with pyrite

was revisited using STM, scanning tunneling spectroscopy (STS),
andXPS [170]. Itwas shownwith STMandXPS that Au precipitated
on the pyrite as metallic nanoparticles with diameters ranging
from3 to 30nm (see Figs. 61 and 62). XPS showed that therewas up
to a 1 eV shift in the 4f binding energy with the smallest particles,
consistent with the prior work of Sciani et al. [357]. This shift was
attributed to the temporal charging of the particles in the final state
and this was supported by STS measurements. These effects were
not observed in the Ag circumstance.
As mentioned, the understanding of how pyrite scavenges

environmental toxins has been a topic of interest. The reduction
of metal cations on the pyrite surface occurs in many cases.
Mullet et al. used optical microscopy, confocal Raman micro-
spectrometry, XPS, synchrotron-based micro-X-ray fluorescence
(XRF), and micro-XANES to investigate the reaction of hexavalent
Cr on pyrite [376]. XPS showed both Cr3+ and Fe3+ phases
in addition to areas of pyrite that were not oxidized. The
heterogeneity of the reaction was supported by the Raman micro-
spectrometry. XANES data showed an association between Cr3+
and Fe3+, and also suggested that Cr existed, in part, in a
substituted-type hematite structure, Fe2−xCrxO3. Research also
shows that the reduction of the toxic metalloid arsenic occurs on
pyrite [368]. It was shown that arsenite sorbed most strongly on
pyrite at pH values near 6 and XAS suggested that the surface
bound As existed in a state that was similar to its binding in
arsenopyrite (FeAsS). The reduction of As3+ occurred along with
the oxidation of surface S and Fe2+.
Metal cations such as Cd2+ andHg2+ show significant reactivity

with pyrite without reduction of the cation. Bostic et al. [374], for
example, investigated the interaction of Cd2+ with pyrite. Using
Raman spectroscopy, XRD, electron microscopy, and STM they
showed that colloidal pyrite underwent a surface reconstruction
and disproportionation to form regions of elemental sulfur,
cadmium sulfide, and iron hydroxide. Ehrhardt et al. [383]
investigated the adsorption of Hg2+ on pyrite as a function of
solution pH. They showed with post-reaction XPS that Hg2+
adsorbed on both unoxidized and oxidized regions of pyrite.
No zero-valent Hg was experimentally observed. Furthermore,
polysulfide formation was found, but XPS showed the absence of
S2− or S6+-containing species, suggesting that HgS or HgSO2−4 were
not present on the surface.
Research by von Oertzen et al. [111] recently investigated

the adsorption of Cu2+ on pyrite {100}. A motivation for this
work was in part due to the use of copper to facilitate the
concentration of pyrite during froth flotation. The authors in
this study used ab initio calculations to understand their S 2p
photoelectron spectra (see Fig. 63) that were acquired from the
pyrite after exposure to aqueous Cu. The results of this study
suggested that exposure of pyrite to Cu2+ resulted in Cu1+ bound
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Fig. 61. Representative STM images of gold nanoparticles deposited onto polished pyrite from 10−4 M HAuCl4 solutions at 20◦ (a) during 2 min (arrows point at some of
about 10 nm Au NPs), (b and c) 10 min, (d) 30 min. (e) Pyrite pre-oxidized in 0.5 M H2SO4 + 0.2 M Fe2(SO4)3 solution at 50 ◦C for 1 h and (f) anodized in potential sweep
(5 mV/s) to 1.1 V and then contacted with the gold solution for 10 min and 5 min respectively. Figure reprinted with permission from Ref. [170].© 2007, Elsevier.
Fig. 62. Au 4f photoelectron spectra from (1) polycrystalline gold plate, polished
pyrite reacted with 10−4 M HAuCl4 solution for (2) 2 min, (3) 10 min, (4) 30 min,
and (5) pyrite anodized in the potential sweep to 1.1 V before the gold deposition
for 5 min. Figure reprinted with permission from Ref. [170].© 2007, Elsevier.
to both disulfide and monosulfide impurity indicated by Cu–S2−2
and Cu–S2− contributions in the S 2p spectrum at 162.3 and
161.7 eV, respectively. This is compared to S 2p binding energies
of 162.0 and 161.2 eV for the S2−2 and S

2− species on the unreacted
pristine pyrite surface. The authors speculated that while Cu1+ is
not found in bulk sulfide minerals, this species might be unique
to the mineral surface environment. The ab initio model suggested
that all the monosulfide reacted with copper, but only a fraction of
the surface disulfide component did.
A rather intriguing intermediate (with biological relevance)was

implicated in research by Bostic et al. [388], which investigated
the reaction of molybdate (MoO2−4 ) and tetrathiomolybdate
(MoS2−4 ) with pyrite powder. While MoO

2−
4 surface complexes

on pyrite readily desorbed at high pH values, those formed by
MoS2−4 were stable. This was taken to suggest that while the
adsorption ofMoO2−4 formed labile surface complexes (see Fig. 64),
MoS2−4 formed strong inner-sphere complexes. XAS showed that
molybdate formed bidentate, mononuclear complexes on FeS2.
Interestingly, XAS-derived Mo–S and Mo–Fe bond distances for
tetrathiomolybdate on pyrite were consistent with a Mo–Fe–S
cubane-type structure, which is reminiscent of the active site in
the nitrogenase enzyme [397]. A reaction consistent with this
observation is as follows:

3 ≡ Fe− OH+MoS2−4 
 Fe3 − S3MoS− + 3OH− (12)

and this equation was consistent with the pH dependence of the
MoS2−4 adsorption process.

4.8.1. Metals on other sulfides
In addition to studying the interaction of arsenite on pyrite,

Bostick and Fendorf in the same study investigated the interaction
of the metalloid with troilite [368]. Similar to pyrite, pyrrhotite
reacted with As3+ in a redox reaction to form an FeAsS-like
precipitate. On pyrite the reduction of the As3+ resulted in
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Fig. 63. Two different fits of S 2p spectrum at 250 eV for Cu-activated surface.
Figure reprinted with permission from Ref. [111].© 2007, Elsevier.

the oxidation of Fe2+ and disulfide to Fe3+ oxyhydroxides and
polysulfide, summarized by the following reaction:

7FeS2 + As(OH)3 
 3FeS4 + FeAsS+ 2Fe(OH)3. (13)

In contrast, the As3+-troilite reaction could be described by the
following reaction (based on XPS and XANES):

3FeS+ As(OH)3 
 FeS2 + FeAsS+ Fe(OH)3. (14)

In the arsenite–pyrite circumstance reduction of the As3+
appeared to occur to some extent by oxidation of the S2− defect
(in part to polysulfide), emphasizing the reactivity of this site in
redox chemistry. For troilite, interestingly, oxidation of the sulfur
component led to the formation of FeS2. While not mentioned by
the authors this brings up the interesting possibility that at least
on the surface there is a possible interconversion between S2− and
S2−2 (perhaps 2S

2− 
 S2−2 + 2e
−).

Widler and Seward [354] compared the adsorption of gold
on pyrite, pyrrhotite, and mackinawite (nano FeS phase). While
adsorption readily occurred at low pH, at alkaline pH the
adsorption of gold was only found to occur on pyrite (as
a AuHS˚ complex). It was proposed that on the disulfide, a
FeSSpyrite–Au–SH complex formed. At lower pH adsorption of
Au+ on the mackinawite surface showed the formation of zero-
valent gold and polysulfide product. Such redox chemistry was not
observed on pyrite. Finally Mikhlin et al. [170] in an STM and XPS
study showed that nano gold formed on pyrrhotite (Fe7S8) from a
HAuCl4 solution. At a pH of 1.5, the gold uptake on pyritewas found
to occur to a greater extent on pyrite than pyrrhotite.

4.9. Xanthates on pyrite

As mentioned in the introduction, an important technological
process associated with pyrite is froth flotation, which involves
the separation of the mineral from coal and mine tailing piles.
To accomplish this separation, xanthates are often added to the
system and bind to pyrite, helping to create a hydrophobic surface
that can be used to facilitate the partitioning of the sulfide into the
froth. Froth flotation is also utilized in the separation of valuable
sulfideminerals (e.g. CuFeS2) from nonvaluable sulfides (e.g. FeS2).
There has been a fair amount of experimental study on the

adsorption of xanthates on pyrite that have utilized XPS [151,
172,191,381,398–405], FTIR [191,381,406–410], and secondary
ion mass spectroscopy (SIMS) [400,411]. Furthermore, recent
theoretical efforts have also been carried out to understand the
adsorption process [412,413].
A review of the prior research generally shows that the interac-

tion of xanthates on pyrite results in dixanthogen formation. Two
common xanthates are shown in Fig. 65. The general consensus
appears to be that, whereas xanthates adsorb on copper sulfides
and galena (PbS) via the formation of the metal xanthate, adsorp-
tion on pyrite is largely via dixanthogen formation [414,415]. In
the case of ethyl xanthate (EX), Szargan et al. [151] used thermo-
dynamic calculations by Wang et al. [416] to interpret XPS results
and suggested that in neutral to alkaline solutions dixanthate (i.e.,
EX2) was a product from the reaction:

Fe(OH)+2 + EX
−
→ Fe(OH)2EX(s). (15)

While the following reaction would be associated with more
acidic media:

Fe(OH)2+EX− → Fe(OH)EX2(s). (16)

Using electrokinetics and batch adsorption studies, Valdivieso
et al. [417] suggested that ethyl and butyl xanthate conversion to
dixanthogen on pyrite resulted in the production of solution Fe2+.
The ferrous iron resulted from the reduction of surface hydrophilic
ferric hydroxide occurring concurrently with dixanthogen for-
mation. The flotability of pyrite was discussed in terms of the
relative concentrations of hydrophilic ferric hydroxide and hy-
drophobic dixanthogen on the pyrite surface, which is pH de-
pendent. Bulut and Atak [406] using redox potential and FTIR
measurements suggested that the iron hydroxy-xanthate complex
is an additional hydrophobic component that plays a role in pyrite
flotation. Appreciating that XPS and FTIR are often difficult to in-
terpret due to the complexity of the surface monolayer on pyrite
during or after xanthate exposure, Nagaraj and Brinen [411] used
SIMS to look at the surface monolayer on pyrite. The results from
this study were somewhat inclusive with regard to the presence of
diamyl dixanthogen after the exposure of pyrite to amyl xanthate.
A fragment, C5H11OC(S)S–S− was detected along with Fe2X. The
former fragment could not be conclusively associated with diamyl
dixanthogen, but the presence of the Fe2X fragments suggested the
presence of an iron xanthate complex.
The addition of Cu2+ aids in the flotation of pyrite. Laajalehto

et al. [381] investigated this phenomenon with electrochemical
methods, XPS, and FTIR. At moderately acidic conditions (pH 5)
the adsorption of Cu increased as the electrode potential was
changed in the cathodic direction. XPS measurements suggested
the formation of a Cu sulfide phase. At cathodic potentials of
−100–50 mV, Cu-activated pyrite showed the presence of both
xanthate and dixanthogen. The behavior of the copper-activated
pyrite was similar to the behavior of chalcopyrite (CuFeS2), an
important Cu-containing ore that is separated by flotation. With
regard to chalcopyrite Mielczarski et al. [418,419] showed that
xanthate binding occurs through an electrochemical mechanism
that results in the formation of hydrophobic cuprous xanthate
species in addition to hydrophilic metal hydroxides.
Hung et al. used DFT with a plane-wave-pseudopotential basis

to investigate the adsorption of HOCS−2 (as an approximation
to CH3CH2OCS−2 ) on the {110} and {111} faces of pyrite [412],
in addition to the {100} surface of the mineral [413]. The
calculations performedby the authors suggested that the hydrogen
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(a) MoO2−4 complex. (b) Mo–Fe–S cubane.

Fig. 64. Structural models of MoO2−4 (a) and MoS
2−
4 (b) adsorption of FeS2 . Molybdate forms a bidentate, mononuclear complex with an Fe polyhedron, and MoS

2−
4 forms a

Mo–Fe–S cubane structure. Figure reprinted with permission from Ref. [388].
© 2003, American Chemical Society.
Fig. 65. Two examples of typical xanthate molecules.

xanthate ion underwent dissociation on the {110} surface at 4-fold
coordinated Fe sites and at bridging S sites on the {111} faces. The
authors speculated that their results might suggest that xanthates
will show chemisorption at defect or low coordination sites that
reside nearmonosulfide surface species. In a follow-up study Hung
et al. suggested on the basis of calculation that the hydrogen
xanthate ion does not show binding to the ideal {100} surface of
pyrite. The binding of the xanthate anion to a defective surface,
however, was not investigated in this study. However, when the
authors include the binding of ferrous iron to the xanthate ion
to create a xanthate-iron-hydroxide complex, Fe2+(HOCS2)OH,
there is an interaction with the pyrite surface (see Fig. 66). The
authors draw on prior experimental work that suggests that such
complexes form in flotation environments [420].

4.10. Charge development of pyrite and related sulfides in the aqueous
environment

Charge development of the pyrite surface as a function of pH
and adsorbate concentration has been of interest over the years.
The sign and magnitude of the charge on the sulfide surface
will in many cases influence the adsorption of solution phase
species, and is an important issue in such processes as flotation
and environmental sequestration reactions. Thus, in addition to
investigating charge development onpyrite [25,421,422] or related
sulfides [423] alone in solution, studies have investigated the
surface charge of pyrite in contact with organic [424–430] and
metal species [354,389,421], and with pyrite in contact with other
sulfides [431].
A review of the literature shows that the specific aqueous

environment has a significant effect on charge development of
the pyrite surface. A primary reason for this is the reactivity
of the sulfide in oxidizing environments and the formation of
insoluble oxidation products on the sulfide. For example, Bebie
Fig. 66. Xanthate-Fe-Hydroxide complex on the FeS2(100) surface: minimum-
energy geometry. Figure reprinted with permission from Ref. [413]. © 2004,
Elsevier.

et al. [25] showed using well-controlled anoxic conditions that the
isoelectric point (pHi.e.p) for pyrite and a host of other sulfides (ZnS,
PbS, CuFeS2, FeS, NiS2, CoS2, and MnS2) falls in the range of 0.6–3.3
in experimental studies that covered the pH range from 2 to 12
(see Figs. 67 and 68). The pHi.e.p. of 1.4 for pyrite reported in this
study is in close agreement with the value of 1.7 determined using
potentiometric titrations in the later research ofWeerasooriya and
Tobschall [421]. The pHi.e.p. of the oxidized pyrite surface can be as
high as 7 [422]. This range for the sulfides is relatively narrowwhen
compared to the pHi.e.p. range of 2–12 for metal oxides where the
effect of composition and structure has a greater effect on charge
development [432]. Butler and Ginley [433] in an early study of
oxides showed that the pHi.e.p. of thesematerials had a dependence
on the compound electronegativity of the material which is a
geometric mean of the atoms making up the compound [434].
Bebie et al. [25] calculated sulfide electronegativities [χ(MeX2)]
defined as

χ(MeX2) = [χ(Me) • χ2(X)]1/3 (17)
χ(Me) = 0.5 • (Af + I1) (18)

where Af and II are the electron affinity and first ionization
potential, respectively. Fig. 69 exhibits these data plotted against
oxide data and the prediction that the pHi.e.p. of the sulfides
never exceed 3.5 (also see Table 1). Within this model, the range
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Table 1
Reproduced with permission from Ref. [25].©1998, American Physical Society.

Atomic electronegativity χ(eV) Compound electronegativity χ(eV) Estimated pHi.e.p

χ (Pb) 3.90 χ (PbS) 4.92 1.4
χ (Fe) 4.06 χ (FeS) 5.03 3.0/3.3
χ (As) 5.3 χ (FeAsS) 5.11 1.9
χ (Zn) 4.45 χ(FeCuS2) 5.15 1.8
χ (Mn) 3.72 χ(MnS2) 5.24 –
χ (Cu) 4.48 χ(ZnS) 5.26 1.7
χ (S) 6.22 χ(FeS2) 5.40 1.4
χ (Ni) 4.40 χ(NiS2) 5.54 0.6
χ (Co) 4.3 χ(CoS2) 5.50 1.5
Fig. 67. Zeta potential vs. pH curves for different iron sulfides. All curves measured
in solutions with starting ionic strength of 5 mmol in NaCl supporting electrolyte
and 0.25mmol Na2SO3 . For clarity only one pyrrhotite experiment is shown. Figure
reprinted with permission from Ref. [25].© 1998, Elsevier.

Fig. 68. Zeta potential (mV) vs. pH curves for different metal disulfides in NaCl
electrolyte solutions with starting ionic strength of 5 mmol. Note that Hauerite
(MnS2) was highly reactive and showed considerable dissolution. Figure reprinted
with permission from Ref. [25].© 1998, Elsevier.

of the metal sulfide electronegativity is limited by the smaller
contribution of the sulfur atom (compared to oxygen in the oxides)
to the compound electronegativity.
The association of surface chargewith the agglomeration and/or

separation of pyrite from commingled sulfides has been investi-
gated, because of its relevance to flotation technology. Mitchell
et al. [435], for example, investigated the heterocoagulation of
pyrite and chalcopyrite. While pristine or compositionally pure
material was not used in this study, it was shown for their material
and conditions that pyrite had a positive zeta potential up to its iso-
electric point at pH 2.2 and chalcopyrite was positive up to a pH of
5.5. Heterocoagulation of the twomaterials was observed between
a pH of 2.2 and 5.5, where the surface charges of thematerials were
of opposite sign. The coagulation was strong enough that the use
of a collector such as sodium isobutyl dithiophosphate could not
Fig. 69. Correlation between compound electronegativity (χ ) and its pHi.e.p. .
The regression line for oxides is taken from Butler [433]. Figure reprinted with
permission from Ref. [25].© 1998, Elsevier.

separate the minerals. In another study, Vergouw et al. [431] in-
vestigated the interaction between sphalerite (ZnS) and pyrite in
solution. Their zeta-potentialmeasurements showed that themost
settling (or agglomeration) between pyrite and sphalerite occurred
close to zero zeta potential.
Most studies show a limited correspondence between the sur-

face charge of pyrite and its ability to sorb organic molecules. Be-
bie and Schoonen [436] investigated the interaction of phosphate
and phosphorylated organic molecules (5’-Adenosine Mono Phos-
phate and Phosphoglyceric Acid) with pyrite grains and showed
that there was an interaction regardless of the sign of the surface
charge. Interestingly, it was shown that the presence of phosphate
controlled the surface adsorption of adenosine (Ade) and 5’-AMP. A
later study by Bebie and Schoonen [428] investigated the sorption
of such lowmolecular weight organics as acetate, carbamide, ethy-
lamine, formamide, purine, D-ribose, and adenine, as well as the
amino acids alanine, cysteine and glycine, on pyrite under anoxic
conditions. Similar to the earlier study, it was shown that the inter-
action of these organics with the negatively charged pyrite surface
occurred regardless of the charge of the aqueous species. It was
speculated then that under anoxic conditions the interactions be-
tween these solutes and pyrite are dominated by interactions with
specific surface sites (thiol or iron surface sites), and that electro-
static forces were relatively unimportant.
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Table 2
Reproduced with permission from Ref. [270].©2003, Elsevier.

Lipid Lipid amount (µmol)a Oxidation rate (10−8 M s−1 m−2) %Suppression

Control-1 N/A 1.9 N/A
Egg SM 30 0.70 63
16:0 PS 30 0.91 52
14:0 PG 30 0.57 70
16:0 DGS 30 0.66 65
23:2 Diyne PC 30 0.36 81
DSPCb 3 0.62 67
18:0 PCb 3 0.55 71
Control-2 N/A 1.2 N/A
Stearic acid 30 1.2 0
a Lipids ranged from slightly soluble to insoluble in water, so the only amount of lipid added to pyrite-containing solution is given.
b Note that smaller amounts of DSPC and 18:0 PC were used than the other two-tailed lipid, and experiments were run at pH 3.5 as opposed to pH 2.
4.11. Adsorption of bilayer forming lipids on pyrite

Although the adsorption of lipids was briefly mentioned
earlier, the current section will go into additional details. Prior
research has investigated the adsorption of lipids, often containing
a phosphocholine headgroup on pyrite [231,270,271,437]. The
primary motivation in these particular studies has been to find an
effective adsorbate for the suppression of pyrite oxidation in both
abiotic and biotic environments.
Elsetinow et al. measured the amount of pyrite oxidation at a

pH of 2 after the adsorption of a variety of lipids, each containing
two hydrophobic hydrocarbon chains per headgroup (see Fig. 70
and the corresponding Table 2). Many of these species are known
to form bilayer structures in solution and some have been found to
form similar structures on solid surfaces. This study showed that
the amount of oxidation suppression ranged from about 60% to
80%, relative to the lipid-free surface [270]. A subsequent study
investigated the adsorption of the egg-PC lipid on pyrite with
ATR-FTIR [231]. Analysis of the infrared data led the authors to
conclude that the binding of the lipid to pyrite was through the
phosphate functional group, based on a shift of the P–O vibrational
modes (see Fig. 71). It was speculated that this binding occurred
on Fe3+-bearing sites, based on the arguments used to explain
the effect of PO3−4 on the oxidation of pyrite. It was further
speculated that the inhibitory effect exhibited by the lipid was
due to the assembly of a bilayer structure on the pyrite surface,
which included a hydrophobic pocket. This contention was in part
based on the experimental observation that phosphocholine lipids
containing two long carbon chains, which were known to form
bilayer structures in solution, showed adsorption on pyrite at a pH
of 2 and their presence led to a strong suppression of the oxidation
rate of the mineral. In contrast, phosphocholine lipids containing
two short carbon chains, which do not assemble into the bilayer
structure, showed an insignificant amount of adsorption on pyrite
at pH 2 and these lipids did not suppress the amount of pyrite
oxidation. A later study by Zhang et al. [437] using AFM largely
supported this conclusion about the presence of a bilayer structure
for the long chain lipids by directly measuring the height of the
lipid layer (see Fig. 72). A height of 5 nm was determined for the
Egg-PC layer height on pyrite, close to twice the 2.5 nm length of
a single Egg-PC molecule, consistent with the presence of a bilayer
structure.

4.12. Iron sulfide related prebiotic chemistry

Hydrothermal environments are among the more exotic
conditions that have been investigated with regard to reactivity
of iron sulfides. In general this environment can vary within the
373–523 K temperature range and be associatedwith pressures up
to 200–300 MPa in the laboratory-based studies presented below.
A significant part of the interest in this environment can be traced
back to 1988 journal contributions by Wächtershäuser [10,15]
who hypothesized that iron sulfide chemistry under hydrothermal
conditions played a central role in prebiotic chemistry (i.e., the
iron–sulfur world). The hypothesis rests on the notion that the
oxidation of FeS to form pyrite in hydrothermal submarine vent
conditions provided the electrochemical power for the reduction
of CO2 to organic molecules. The ‘‘pyrite-pulled [11]’’ reaction as
proposed by Wächtershäuser was as follows [10,15]:

FeS+ H2S→ FeS2 + H2. (19)

This proposed reaction provided the reducing power for
the reduction of CO2 preceding the synthesis of biologically
relevant compounds. Thermodynamic calculations by Schoonen
et al. [438] associated with the FeS (pyrrhotite)– H2S/FeS2 redox
couple suggested that it was unlikely that this reaction could
provide the reducing power needed for the facile conversion of
carbon dioxide to simple carboxylic acids under the hydrothermal
conditions proposed to be associated with a prebiotic carbon
fixation cycle. A further analysis of the CO2 reduction mechanism
indicated that a high activation energy exists for the transfer of
electrons from pyrrhotite to CO2 (even though the overall reaction
is thermodynamically favorable). Luther [439], using molecular
orbital based arguments, also suggested that the HOMO of FeS
(0.5 eV below the LUMO of CO2) could provide a viable reducing
agent. It was also brought up that FeSaq molecular clusters are
present in Fe-rich hydrothermal vent fluids, and it was recently
hypothesized that such species could facilitate the reaction [1]
relative to a macroscopic FeS solid.
Much of the work involving transition metal sulfides and their

relationships to metabolic processes has been reviewed [12,440].
It is useful in the context of this review to bring forward some
selected prior studies. Keefe et al. [441] carried out studies in 1995
that investigated an aspect of the inorganic ‘‘reverse citric acid
cycle’’ by reacting H2S and CO2 together in the presence of ferrous
sulfide in water at 373 K. They found no production of amino
acids, purines, or pyrimidines that might fit within the iron–sulfur
world model. However, there have been many studies that have
emphasized the richness of the abiotic chemistry driven by Fe/S in
the hydrothermal environment, although many of these reactions
do not rely on the pyrite-pulled reaction. Keller et al. [442]
showed that under hydrothermal conditions amide bonds could be
formed; specifically the formation of pyrite from FeS and H2S was
proposed to be the driving force for the reductive acetylation of
amino acids with mercaptoacetic acid. Huber andWächtershäuser
showed in a series of contributions that; (1) coprecipitated NiS
and FeS converted CO and CH3SH into the activated thioester
CH3–CO–SCH3, which hydrolyzed to acetic acid [443] (2) peptides
could be formed from amino acids in the presence of (Ni, Fe)S
(with CO and H2S) [444] (3) amino acids could be produced by the
reductive amination of α-keto acids in the presence of FeS with
NH3, CH3NH2, or (CH3)2NH [445]. A recent computational study by
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Fig. 70. Structures of the two-tail lipids used in this study. The lipids are characterized by the presence of two organic hydrophobic tails and a polar (electrophilic) head
group. The lipids used in this study vary in the nature of the electrophilic head group and linking group (ester or ether). Figure reprinted with permission from Ref. [270].
© 2003, Elsevier.
Schreiner et al. [446] addressed the effect of hot-pressurizedwater
conditions on peptide bond formation between glycine molecules
in the presence of pyrite. Their simulation results suggested that
the hydrothermal conditions favor peptide formation (relative to
ambient bulk water at 300 K) by altering the relative stability
of reactants, transition states, intermediates, and products. They
argued, based on their study that the surface of pyrite can act
as both a catalyst and support under these conditions, which
results in the reduction of free energy barriers by the scaffolding
and/or immobilization of reactants. With regard to pyrite binding
biologically relevantmolecules, Plekan et al. [447] investigated the
adsorption of the nucleobase adenine on pyrite with near-edge X-
ray absorption fine structure spectroscopy (NEXAFS) and PES. Their
results suggested that adenine assembled on pyrite into an ordered
layer with the molecular plane of adenine edge-on to the mineral
surface.
Cody and coworkers [13] have investigated the hydrocarboxy-

lation reaction where a carboxylic acid is synthesized by the
insertion of CO into a metal sulfide bound alkyl group under hy-
drothermal conditions in the presence of sulfides, including FeS.
Specifically, they used as the probe reaction:

CH3(CH2)8SH+ CO+ H2O→ CH3(CH2)8COOH+ H2S (20)

as a model carbon fixation reaction with relevance to the reducing
environment of early Earth. The hypothesis was that a carboxylic
acid could be formed via a carbonyl insertion reaction at a metal-
sulfide bound alkyl group. The authors found that while the
reaction to the carboxylic acid in the presence of Ni and Co
sulfides could be shown to be consistent with heterogeneous
catalysis (see Fig. 73), the observed dissolution of the Fe sulfides
made it difficult to distinguish between a heterogeneous or
homogeneous catalytic mechanism. Another relevant reaction
within the iron–sulfurworldmight be the conversion of dinitrogen
to ammonia. Schoonen [14] showed that ammonium production
occurred in the presence of iron sulfide, N2 and H2S under
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Fig. 71. IR data exhibiting the C–H and P–O vibrational regions (a) for a thin and
a thick egg-PC layer on pyrite. (b) Data exhibiting an expanded view of the P–O
stretching region for a thin and thick lipid layer of egg PC on pyrite. For reference,
the absorbance scale is included in the figure as an inset. Figure reprinted with
permission from Ref. [231].
© 2003, American Chemical Society.

hydrothermal conditions, but it was speculated that the yield was
insufficient to have played a significant role at hydrothermal vent
systems.
An alternative proposal to the FeS/FeS2 controlled prebiotic

chemistry in the iron–sulfur world that does not rely on pyrite
formation was advanced by Russell and coworkers [448–450].
In this model, life began on Earth at the interface between hot
(423 K), alkaline, bisulfide-bearing submarine waters and lower
temperature (363 K) iron-bearing water. The hypothesis is that
FeS with Ni provided a membrane at the interface that led to a
catalytic boundary between the two fluids containing H2 and CO2,
essentially facilitating the formation of organic anions (see Fig. 74).
Russell andMartin [450] also go on to draw structural comparisons
between the (Fe, Ni)S active centers in enzymes [451–456]
for the carbon monoxide dehydrogenase and acetyl-coenzyme-
A synthetase reactions and the inorganic mineral greigite (see
Fig. 75 which contains references [457–459] in addition the those
mentioned in themain text). Support for such amodel comes from
the work of Huber and Wächtershäuser [443] who, as mentioned
above, sought to model the reductive acetyl-coenzyme pathway
under hydrothermal conditions (373 K), and showed that CO and
CH3SH reacted to thioester, (CH3–CO–SCH3) and then hydrolyzed
to acetic acid in the presence of NiS and FeS catalysts. The addition
of small amounts of selenium to the (Fe, Ni)S system led to the
Fig. 72. (a)Micrograph showing lipid islands on the pyrite surface after exposure to
the low concentration lipid suspension (0.014mM). Height images (4.0×2.6µm2)
are collected in air using tapping mode. (b) Expanded view of the boxed region
in a(1.2 × 0.7 µm2). (c) Cross section of line shown in b. Figure reprinted with
permission from Ref. [437].
© 2006, American Chemical Society.

Fig. 73. Depiction of a surface promoted carbonyl insertion leading to the principle
assay product, decanoic acid. In the first step (a), the metal sulfide surface is
carbonylated by chemisorption of CO. Nonane thiol then alkylates the surface
(b), liberating bisulfide. Surface diffusion brings the CO group in proximity to the
metal bound nonyl group. Carbonyl insertion (c), leads to the formation of a metal
bound decanoyl group. Nucleophilic attack (d) by either hydroxyl on bisulfide
hydrolyzes the decanoyl group forming decanoic acid or thioacid. Figure reprinted
with permission from Ref. [13].© 2004, Elsevier.
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Fig. 74. The kind of natural hydrothermal reactor developed at an alkaline submarine spring, proposed here to be the geological hatchery of life. Gradients in temperature
(110 ◦C–20 ◦C), pH (10–6) and redox (−600mV to+100mV) are steepest at themound’s exterior. Themound comprises carbonates, clays, iron oxyhydroxides and sulfides.
Ionized and polar organic molecules are synthesized, concentrated and ordered in the reactor [449,473]. Waste heat, water, unionized and nonpolar organic products, and
much of the acetate are exhaled through self-forming chimneys. Inset shows an enlargement of one of the vents. Figure reprinted with permission from Ref. [450].© 2004,
Elsevier.
production of acetic acid and CH3SH from CO and H2S alone.
Research by Heinen and Lauwers [460] showed that the presence
of FeS facilitated the conversion of H2S and CO2 in water at
temperatures between 323 and 348 K and led to the formation of
H2, thiols, and smaller amounts of CS2 and dimethylsulfide.

4.13. Effect of pyrite on human health

It has already been pointed out that AMD, largely resulting from
pyrite oxidation can have a devastating effect on the surrounding
environment. This section will highlight recent research that has
placed a special emphasis on investigating pyrite surface chemistry
that can potentially have a direct impact on human health. Such
studies fall within the emergent area of Medical Mineralogy and
Geochemistry, which is a field of study that includes research
focused largely on understanding the interactions between
geomaterials and human health (for an introduction to this field
see reference [461]). Links between exposure to mineral dust and
human disease have been appreciated for some time. For example,
exposure to asbestos and coal dust has long been linked to
lung cancer and coal-workers pneumoconiosis, respectively. With
regard to the latter, the association between the chronic inhalation
of coal mining dust and lung disorders is well documented,
although the identity of the agent(s) within the coal that cause
the health related issue is far from certain [462,463]. It has
been suggested, however, that pyrite within coal could damage
lung tissue through the same oxidative decomposition processes
described above for AMD environments [462].
Recent research has specifically investigated the effect of pyrite

on the decomposition of biologically relevant compounds. The
hypothesis in much of this recent work is focused on reactive
oxygen species that form via the interaction of pyritewith aqueous
solutions. Prior research has shown that hydroxyl radicals [464–
467] and hydrogen peroxide [468,469] spontaneously form when
pyrite is exposed to water.

Fe2+ + O2 → Fe3+ + (O•2)
− (21)

Fe2+ + (O•2)
−
+ 2H+ → Fe3+ + H2O2 (22)

Fe2+ + H2O2 → Fe3+ + OH• + OH−. (23)

Some of this pyrite chemistry and that of other minerals
related to human health has recently been reviewed by Schoonen
et al. [470]. Cohn et al. have suggested that the hydroxyl radicals
generated at the pyrite can lead to the degradation of genetic
material [466]. Fig. 76 shows the concentration of hydroxyl radical
generated from various coal/water slurrieswhere the coal contains
differing amounts of sulfur (presumably mostly in the form of
pyrite). It was further shown that yeast RNA, ribosomal RNA,
and DNA decomposed in the presence of pyrite, leading to the
possibility that pyrite inhalation could lead to the destruction (or
modification) of biomolecules and contribute to pneumoconiosis
associated with coal miners [465]. Whether this is an aqueous
reaction or a surface reaction occurring on pyrite is not entirely
known. Fig. 77 schematically shows two possiblemechanisms, one
occurring through the reaction of oxygen with ferrous iron on the
pyrite surface and in the second aqueous ferrous iron resulting
from pyrite oxidation reacting with dissolved oxygen to form
hydrogen peroxide and then hydroxyl radical (see reactions [21–
23] above). Future studies that investigate reactive oxygen species
generation in the presence of both pyrite (and/or coal) and cells
(i.e., in vivo experiments) would be an important next step to
evaluate the effect of this geomaterial on human health.

5. Closing remarks and future directions

A goal of this contribution has of course been to review the
physical and chemical properties of pyrite, but another goal has
been to highlight how these properties control the reactivity of
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Fig. 75. Structural similarity between (Fe, Ni)S centers in enzymes and inminerals. (a) Cartoon of the carbonmonoxide dehydrogenase (CODH) and acetyl-coenzyme-A (CoA)
synthetase (ACS) reaction, based on structural data summarized in Refs. [451–455,458]. The exact reaction mechanism for ACS has not been resolved: differing proposals
have been put forth [451,455] and differences have been also reported regarding the presence of copper, zinc and nickel at the active site of the A cluster [451,455,458]:
nickel has been found at the active site of the active enzyme [453]. Only selected metal sulphide centers of CODH and ACS are shown; the protein structure is represented
by shading. The structures of methylsulphide, which has been synthesized from H2S and CO2 via FeS catalysis [460], and methyl thioacetate (acetyl methylsulphide), which
has been synthesized from CO and methylsulphide via NiS and FeS catalysis [443], are shown at the top for comparison. A reaction mechanism for the latter mineral-
catalyzed synthesis has been proposed [443]. (b) Structure of the Fe2.5+4 S4 ‘cubane’ unit in a half cell of the metastable mineral greigite (SNiS)(Fe4S4)(SFeS); see Ref. [449]
for further structural details and comparisons. (c) The Fe4S4 ‘thiocubane’ units in other proteins that catalyze reactions of relevance to the acetyl-CoA pathway, namely, a
ferredoxin [459], an [FeNi]-hydrogenase [456], and an iron-only [Fe]-hydrogenase [457], the proposed active site of which is called the ‘H-cluster’. Figure reprinted with
permission from Ref. [450].© 2004, Elsevier.
pyrite in a diverse set of natural environments. Molecular level
studies carried out to understand pyrite reactivity have led to the
recognition that non-stoichiometric sites appear to control much
of the surface chemistry and general properties exhibited by pyrite.
This notion is consistent with the general chemistry exhibited
by many other metal sulfides associated with environmental
chemistry and industrial-based catalytic reactions [471,472].What
sets pyrite apart from other sulfides and has motivated the
intense interest in this mineral is its contribution to the chemistry
occurring in diverse terrestrial and marine settings. Hence, one
can argue that an understanding of the surface reactivity of this
mineral has the potential to help solve environmental problems
(e.g., AMD), technological problems (e.g., mineral benefaction),
human health issues or even issues related to hypotheses focused
on the role of pyrite in prebiotic chemistry (e.g., the iron–sulfur
world) occurring within hydrothermal vents at the ocean floor.
The characterization of both the electronic and geometric

structure of the pyrite surface has benefited greatly from a wide
range of surface sensitive techniques that have included XPS,
AES, LEED, TPD, FTIR and synchrotron-based techniques that have
included XAS and high resolution PES. The vast majority of the
techniques employed in pyrite related surface studies have been
ex situ and the molecular level controls that drive the chemistry of
the pyrite surface have been generally derived from these studies.
In situ surface science studies of pyrite reactivity have largely been
restricted to infra-red spectroscopy and these studies have been
important to understand the speciation of the pyrite surface under
environmentally relevant conditions.
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Fig. 76. OH generation from coal/water slurries using APF. 40 m2/L coal loadings
were mixed with an APF solution for 24 h followed by filtration and fluorescence
measurements. The insert shows ·OH formation as a function of total pyritic sulfur
present in the coal samples. Fluorescent intensity has been converted to ·OHAPF by
a factor determined by reacting APF with known concentrations of H2O2 and HRP.
Figure reprinted with permission from Ref. [465].
© 2006, Creative Commons.

Fig. 77. Mechanisms whereby coal that contains pyrite reacts with dissolved
oxygen to generate H2O2 and ·OH, with ·OH leading to biomolecule degradation. In
this diagram, dissolved oxygen reacts with either ferrous iron at the pyrite surface
or dissolved Fe(II) to form H2O2 through the Haber–Weiss reactions (I), which may
react with dissolved Fe(II) to form ·OH through the Fenton reaction (II). Figure
reprinted with permission from Ref. [465].
© 2006, Creative Commons.

An important direction for future research is the application of
more techniques to probe pyrite under working in situ conditions.
The just mentioned in situ infrared studies have mostly been
carried out on pyrite powder samples. Carrying out such studies
on model growth or fractured surfaces with better defined surface
structures would be useful to develop an understanding of how
reactivity varies on different pyrite surfaces. Nonlinear techniques
such as second harmonic generation or sum frequency generation
may be a potential technique to exploit this area. In situ scanning
probe microscopy based studies, for example, would be useful
to study the site-specific reactivity of pyrite under AMD-relevant
conditions. Research that investigated the morphological changes
on the pyrite surface as it reacted in acidic solution (in an abiotic or
biotic environment)would appear to be a particularly useful future
study. Remediation or suppression strategies will undoubtedly
be aided by knowing the structure of the reactive sites. The
application of phospholipid, for example, to the pyrite surface
binds strongly to the ferric iron based active site and might be
useful as a potential agent for the suppression of AMD. Most of
the information to date has depended on a description derived
largely from vacuum-based studies, but the situation may be quite
different on the working surface. For example, vacuum-based
studies are generally conclusive with regard to the presence of
monosulfide related defect sites and theoretical modeling studies
have generally used this informationwhen constructing the virtual
working surface. The situation, however, could be quite different at
environmentally relevant conditionswhere for example under oxic
conditions, such sites might be expected to be rapidly converted
to an oxide. Indeed, the presence of iron oxyhydroxide secondary
phases has been shown to be important when understanding the
redox chemistry of pyrite under a gaseous oxidizing environment.
Hence, a more detailed and comprehensive characterization
of the secondary phases forming on pyrite is important. The
high spatial resolution that is becoming available via the most
advanced Synchrotron-based techniques are perhaps best suited
for these studies. Theoretical studies would be invaluable here to
understand how electron transfer occurs between mineral phases
and at the mineral-adsorbate interface.
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