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Abstract

The formation pathways of pyrite are controversial. Time resolved experiments show that in reduced sulphur solutions at
low temperature, the iron monosul phide mackinawite is stable for up to 4 months. Below 100°C, the rate of pyrite formation
from a precursor mackinawite is insignificant in solutions equilibrated solely with H,S,,. Mackinawite serves as a
precursor to pyrite formation only in more oxidised solutions. Controlled, intentional oxidation experiments below 100°C
and over a wide range of pH (3.3-12) confirm that the mackinawite to pyrite transformation occurs in slightly oxidising
environments. The conversion to pyrite is a multi-step reaction process involving changes in aqueous sulphur species causing
solid state transformation of mackinawite to pyrite via the intermediate monosulphide greigite. Oxidised surfaces of
precursors or of pyrite seeds speed up the transformation reaction.

Solution compositions from the ageing experiments were used to derive stability constants for mackinawite from 25°C to
95°C for the reaction:

FeS(s) + 2H" <= Fe*"+ H,S

The values of the equilibrium constant, log K g, varied from 3.1 at 25°C to 1.2 at 95°C and fit a linear, temperature-depen-
dent equation: l0g K s = 2848.779/T — 6.347, with T in Kelvin. From these constants, the thermodynamic functions were
derived. These are the first high temperature data for the solubility of mackinawite, where Fe?" is the dominant aqueous
ferrous species in reduced, weakly acidic to acidic solutions. © 2000 Elsevier Science B.V. All rights reserved.
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1. Introduction The roles of authigenic iron sulphides in regulating
and controlling the global geochemical iron and sul-
phur cycles, as well as the wide range of industrial
applications for pyrite (i.e, semiconductors, high

energy batteries, solar cells), have led to much re-

Pyrite is the most common ore mineral but the
factors that control its formation are still equivocal.
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search on its physical and chemica properties and
mechanisms of formation. At temperatures above
350°C, the Fe—S system has been extensively studied
and phase relations are well known (see Vaughan
and Craig, 1997 for a review). However, largely
neglected are the hydrothermal processes of pyrite
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nucleation and growth. At low temperatures, the
mechanisms and pathways of pyrite formation in
aqueous solutions are far better studied, but the
dominant reaction pathways remain controversial and
their rates are known only generally.

The importance of an iron monosulphide precur-
sor to pyrite formation has been recognised since the
ealy work of Allen et al. (1912). Mackinawite
(FeySg), has a chemical composition varying from
Fe, 7S to FeS, ; (Berner, 1964; Rickard, 1969,1975;
Sweeney and Kaplan, 1973), however, in this study
mackinawite will nominally be written as FeS. Field
observations of anoxic sediments indicate the pres-
ence and persistence of precursor iron monosul-
phides (AVS, acid-volatile sulphides: mackinawite
and greigite) and their involvement in pyrite forma-
tion processes (e.g., Berner, 1970; Jargensen, 1977,
Boesen and Postma, 1988; Canfield et a., 1992;
Krupp, 1994; Wilkin and Barnes, 1997; Lyons, 1997;
Hurtgen et al., 1999). In the last 70 to 85 years,
many experiments have shown that an oxidant is
required to produce pyrite from precursor iron mono-
sulphides. It is generally accepted that aqueous sul-
phur species with oxidation states intermediate
between sulphate and sulphide are important to pyrite
formation processes (e.g., Berner, 1967, 1970;
Rickard, 1969, 1975; Roberts et al., 1969; Taylor et
al., 1979ab; Luther, 1991; Schoonen and Barnes,
1991b; Wilkin and Barnes, 1996; Benning and
Barnes, 1998). Taylor et al. (1979a) and Wilkin and
Barnes (1996) discussed the role of oxygen in pro-
ducing these sulphur intermediates and its involve-
ment as a direct reactant in pyrite formation. In
addition, it is generally accepted that the low temper-
ature conversion of mackinawite to pyrite proceeds
via the mixed Fe’" /Fe*" valence phase greigite,
Fe,;S,.

An important corollary of the above studies is that
the dominant formation path of pyrite is by reactions
between a precursor monosulphide and zero-valent
sulphur species (Polysulphide ‘ pathway’). The reac-
tion mechanism for this pathway has often been
assumed to follow sulphidation of an iron monosul-
phide (assuming FeS stoichiometry):

FeS(s) + S’(s) — FeS,(s) (1)
or
FeS(s) + S2~ — FeS,(s) + S2-; (1a)

Recent experiments, however, using sulphur isotope
ratios as reaction tracers indicate that iron disulphide
nucleation proceeds via loss of ferrous iron from the
precursor monosulphide rather than via addition of
zero-valent sulphur (Wilkin and Barnes, 1996):

2FeS(s) + 2H" — FeS,(s) + Fe?* + H,(g) (2)

These results confirmed the interpretation of calcu-
lated molar volume changes accompanying pyrite
formation by iron-loss and sulphur-addition path-
ways (Furukawa and Barnes, 1995). In addition,
in-situ X-ray powder diffraction studies indicate that
the mackinawite to greigite transformation follows a
coupled oxidation and iron-loss mechanism (Lennie
et a., 1997).

Recently, however, an dternative pathway has
been proposed by Wachtershauser (1988, 1993) who
suggested that besides zero-valent sulphur species,
H,S could also oxidise monosulphides and form
pyrite via the ‘H ,S-pathway’:

FeS(s) + H,S — FeS,(s) + H,(9) (3

This reaction suggested to have important implica-
tions on the origin of primordia metabolic cycles
because pyrite surfaces could act as ideal catalytic
sites and the produced hydrogen would be an energy
source for bacterial life. Wéachtershauser (1988, 1993)
suggested that the conversion of FeS to FeS, could
be coupled to the reduction of CO or CO, forming
simple organic molecules. However, conclusive evi-
dence substantiating these hypotheses is till lacking.
Experiments and theoretical calculations conducted
by Drobner et a. (1990), and more recently by
Rickard (1997) and Rickard and Luther (1997), have
shown that pyrite formation via the reaction between
a monosulphide precursor with H,S is a very fast
process at temperatures below 125°C. These observa-
tions, however, are inconsistent with results obtained
from numerous studies conducted in various inde-
pendent laboratories (Berner, 1964, 1970; Rickard,
1969, 1975; Roberts et a., 1969; Taylor et a. 1979a;
Schoonen and Barnes, 1991a,b,c; Wilkin and Barnes,
1996 and references therein). These studies have
demonstrated that pyrite formation proceeds at sig-
nificant rates only with an oxidant other than H,S.
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This paper presents new experimental data on the
stability of mackinawite and the conversion of iron
monosul phide to pyrite via various oxidative steps. It
is shown that as long as the iron monosulphide is
kept in a reducing atmosphere, devoid of any reac-
tant other than H,S, mackinawite is the stable phase
and the formation of pyrite is inhibited over a wide
range of pH and temperature. Only oxidation, either
of the aqueous sulphur species or of the precursor
mackinawite, induces pyrite formation.

2. Methods and materials

2.1. Experimental method

In-situ precipitation, ageing and conversion exper-
iments were conducted in sealed 500 ml, glass reac-
tion vessels with covers having four ground glass
ports. The ports were fitted with (1) a condenser/
thermometer junction, (2) an injection and sampling
assembly, (3) an H,S gas inlet and outlet, and (4) a
lyophiliser attachment and N,-gas inlet port (Fig. 1).
The temperature of the system was adjusted between
25°C and 95°C (4 0.5°C) by using a heating mantle
around the glass reaction vessel. The gas inlet port

27

fulfilled a dual purpose; by keeping a constant flow
of reduced gas through the solutions, mixing and
reducing conditions were ensured (Murowchick and
Barnes, 1986; Wilkin and Barnes, 1996). All inor-
ganic salts and gases, unless otherwise specified,
were reagent grade.

Throughout all experiments, special care was
taken to avoid oxygen contamination (except where
oxidation was deliberate). Ultra high-purity grade
nitrogen gas was additionally purified via a double
oxygen scrubber unit (Alltech®). The resulting
oxygen-free nitrogen (OFN,) was used in all
experiments. A weighed quantity of Mohr's salt
(ferrous ammonium sulphate hexahydrate —
Fe(NH ,),(SO,), - 6H,0, Aldrich®) was transferred
to a reaction vessel which was evacuated and re-
equilibrated with OFN, for ~ 30 min. To produce a
low pH, O,-free solution of known Fe** concentra-
tion (0.115-0.023 m, 3.2 < pH < 3.9) double dis-
tilled water was freshly boiled and cooled under a
constant flow of OFN, and then transferred under a
positive OFN, pressure into the reaction vessel.
Subsequently, the system was heated to the desired
temperature, and the solution and the gas headspace
were saturated with pure H,S gas (C.P. grade, 99.5%
H,S, MG Industries). Before entering the reaction
vessel, in order to water-saturate the input gas, the
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Fig. 1. Experimental set-up for the in situ precipitation and ageing experiments.
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H,S was passed at 1 bar through a freshly prepared
oxygen-free 1 N NaOH solution. Following this step,
aH,S-saturated Fe** solution of acid pH (< 4) was
obtained, yet, due to the high solubility of iron
monosulphides under acid conditions only partial
precipitation occurred (Berner, 1967, 1970; Rickard,
1975; Schoonen and Barnes, 1991a b ¢).
Precipitation of the bulk iron monosulphides was
induced by injecting 5100 ml of freshly prepared,
oxygen free 1 N NaOH solution into the reaction
vessel, while the positive H, S gas overpressure was
continuously maintained and mixing was ensured. In
this way, the pH of the experimental solutions could
be adjusted initially to values between 3.3 and 12.
After 5-10 min, a sample of the jet-black surry was
extracted and immediately characterised (see below).
In al experiments, after this step the only observed
solid was mackinawite of different degrees of crys
tallinity. After another hour of equilibrating with
H,S gas, an additional sample was withdrawn and
characterised. Subsequently, the overpressure-gas
was switched to aH,S/H, gas-mixture of different
ratios (1%, 10%, 25%, 50% and 100% H,Sin H,).
These gases maintained a reduced atmosphere above
the suspension and the oxidation state was con-
trolled by the partial pressure of hydrogen in the gas
mixture. Throughout the experiments (except in
specified runs) the chosen gas mixture was steadily
bubbled through the experimental solution, thus
maintaining constant pH conditions, an uninterrupted
oxygen-free environment, and continuous mixing.
Assuming equilibrium conditions, a plot of the ratio
between hydrogen fugacity and hydrogen sulphide
activity, log(f,, /a, ), vs. temperature (Fig. 2),
shows that all experiments carried out in this study
were within the stability field of pyrite. Within this
field, barring any kinetic restrictions the precursor
mackinawite should readily react to form pyrite.

2.2. Solution and solid characterisation

At different time intervals (5 min to 4 months),
samples of the suspension were withdrawn with a 20
ml syringe attached to a teflon sampling device (Fig.
1). After immediate transfer of the syringe to an
OFN,-filled glove bag, the samples were filtered
through 0.2-pm polycarbonate filters (Corning®) and
analysed as described below.

mackinawite

=2 1 I
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Fig. 2. Ratio between the hydrogen fugacity and the activity of
agueous H, S, plotted as a function of temperature. The thermody-
namic calculations indicate that, all experiments carried out in this
study were supersaturated with respect to pyrite. Bars show the
spread of experimental conditions at each temperature. The grey
band indicates the uncertainty in the equilibrium conditions be-
tween pyrite and mackinawite. Data for mackinawite are from this
study, for pyrite from Robie et a. (1978) and for H,S from
Wagman et al. (1968).

The pH of the filtered solutions was measured at
25°C using a sulphide-tolerant glass combination
electrode (Corning®), cdibrated against NIST-
traceable buffer solutions. Total dissolved iron (XFe)
and sodium (XNa) were determined using induc-
tively coupled plasma spectroscopy (ICPS, Leeman
PS3000) after fixing with 1 m HCI. In some experi-
ments, dissolved Fe** was measured colorimetri-
cally using the ferrozine method after Landing and
Westerlund (1988), and this was used as a cross
check with the total dissolved iron. Total reduced
agqueous sulphur (XS,q,,) Was measured with an
S-coulometer after fixing the S, ,,) as bisulphide
with 1 N NaOH and reacting the akaline solution
with 6 M HCI releasing H, S gas, which was quanti-
tatively titrated (see below).

After filtration, the solids were immediately trans-
ferred under a nitrogen atmosphere into an oxygen-
free N,-filled desiccator and dried under vacuum.
Within 10—30 min after extraction, the samples were
characterised using X-ray diffraction (XRD, Rigaku
Geigerflex, CuK o radiation, scanning rate 2°/min
for a 20 range of 5-65°) and scanning electron
microscopy with an energy dispersive system (SEM-
EDS, Phillips, XL-20). In addition, the magnetic
state of the dried powders was checked with a hand
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magnet. Caution is warranted here, because some
samples when filtered and dried under carefully con-
trolled oxygen-free conditions and subsequently ex-
posed to air, started an intense exothermic reaction
— they spontaneoudly self-ignited. The filtered ma-
terial burns and a strong odour of SO, evolves.
However, this self-ignition could not be used as an
indicator of perfectly controlled, O,-free conditions,
because the self-ignition was irregular. The reaction
products of a self-ignition process, determined im-
mediately after the burning was completed, yielded
X-ray peaks for greigite, goethite and pyrite. Parallel
collected samples, without self-ignition gave a clear
mackinawite X-ray pattern.

In order to quantify the conversion rates of iron
monosulphides to pyrite, the relative amounts of
““FeS’ to FeS, were determined via a sequential
extraction method using a sulphur coulometer (Atkin
and Sommerfield, 1994; Canfield et al., 1986). At
each sampling interval, ~3 ml of the suspension
was filtered in a glove bag under oxygen-free N,.
The solid fraction was immediately reacted in a first
step with 10 ml of 6 M HCI solution, which dis-
solved the iron monosulphide phases (AVS) produc-
ing H,S. In asecond step, the remaining solids (iron
disulphides and elemental sulphur) were dissolved in
10 ml of CrCl,-HCl solution also producing H,S.
Both steps were carried out for 15 min each while
the solutions were heated and stirred. The resulting
H,S gas was flushed via N, gas to a coulometer
(UIC, CM 3200) and quantitatively titrated. The
relative amounts of gas produced in the two steps
were used as a measure of reaction progress.

The precision of all measurements was tested by
concurrently processing two to three samples. The
analytical uncertainties were below 0.15 log units for
the pH determinations, 3-5% for YFe, and YNa*
measurements, and ~ 4-6% for the coulometric
method.

2.3. Controlled, intentional oxidation experiments

In selected experiments, oxidation was used to
test for changes in reaction speed and reaction mech-
anism of pyrite formation (SO-and FO-runs in Ta-
bles 1 and 2). Initidly, the procedures described
above for precipitation and ageing of the iron mono-

sulphide precursors were followed, and the precipi-
tated monosulphides were consequently aged for 4
days to 3.5 months. The solid product was found to
be mackinawite. Subsequently, two procedures were
tested: (1) ‘* Fast Oxidation’’, FO-runs: instead of the
reduced gas mixture, oxygen or air (i.e., 20% oxy-
gen) was bubbled directly through the solutions
(Wilkin and Barnes, 1996). (2) ‘‘Slow Oxidation’’,
SO-runs: the reduced gas flow was stopped and in
some cases one port of the kettle was opened to the
atmosphere allowing slow oxidation to take place.
The characterisation of the solutions and solids in
these experiments followed the same steps as de-
scribed above.

2.4. Freeze-dried precursor

To test the influence of surface oxidation and area
of the monosulphide precursor on the reaction rate
and also to reproduce previous experiments (Rickard,
1997), several runs were performed using freeze-
dried precursor materials (FD-runs in Tables 1 and
2). Initialy, ageing experiments conducted as de-
scribed above yielded mackinawite as the only solid
phase after 5-7 days. Subsequently, the flow of H,S
through the solutions (i.e., mixing) was stopped, and
the gas in the headspace above the solution was
replaced with continuously flowing oxygen-free N,.
Settling of the precipitate in an oxygen-free environ-
ment was thus ensured. After ~ 5—7 h under con-
stant inert gas flow, the clear supernatant solution
was withdrawn from above the black precipitate with
a 60 ml syringe through a port of the reaction vessel.
With the remaining durry, two freeze-drying proce-
dures were tested: (1) Ex situ freeze-drying (ES-FD):
the durry was collected into syringes and transferred
into oxygen-free N,-flushed, 50 ml bottles. These
bottles were placed into a lyophiliser chamber (in
air) and freeze-dried under vacuum (72 h). This ex
situ freeze-drying procedure was performed as fast
as possible in order to minimise oxidation. (2) In-situ
freeze-drying (IS-FD) was carried out, by directly
attaching the reaction vessel (Fig. 1) to an outer
vacuum port of the lyophilising unit. The bottom
slurry was then freeze-dried for 170 h. In both
procedures much care was taken to avoid oxygen
contamination, although partial oxidation cannot be
ruled out, especialy in the ex situ procedure. The



Table 1

Experimental conditions and products

Run # Temp. Time Flush gas PH 55:¢ YFe H,S Wt.% Wt.% Products in order of abundance
0 history (ppm) (m ‘FeS FesS, +S° as determined by XRD
and coulometry?

RF 25 48 99.5% H,S 4.45 2565° /31 0.007 100 0 mack

Al 50 05h 99.5% H,S 4.28 2456° /131 0.065 100 0 mack
192 h 10%H,S 451 1.20 0.043 96 <4 mack

SO1 50 72h 0%H,S 4,94 n.d. 0.012 84 16 mack, gr, py, S, magnetic

A2 50 05h 99.5% H,S 4.86 2044° /2,51 0.0082 97 3 mack
1944 h 99.5% H,S 458 2.39 0.0075 95 5 mack

A3 95 168 h 50% H,S 357 1300° /265 n.d. 95 <5 mack

S1 +cubes+0.5h 50% H,S 3.66 260 n.d. 92 8 mack, py, not magnetic
120 h 50% H,S 3.68 252 n.d. 88 12 mack, py, not magnetic

SO2 216 h 0%H,S 3.69 239 n.d. 40 60 py, mack, gr, s, magnetic

A4 50 120 h 10%H,S 454 2350°/0.39 0.088 95 5 mack

SO3 120 h 0%H,S 492 n.d. 0.029 0 10 mack + gr, py, magnetic

FO1 +1har 0% H,S 6.12 n.d. 0.006 49 51 py, mack, gr, s, goe, magnetic
+0.5hair 0%H,S 6.3 n.d. 0.004 13 87 py, gr, magnetic
+84h 0% H,S 6.5 n.d. n.d. 3 97 py, +s, magnetic

A5 50 2850 h 99.5% H,S 4.6 n.d. n.d. 100 0 mack

S04 +336h 0% H,S 5.2 n.d. n.d. 61 39 gr, mack, py, magnetic

A6 50 432 h 50%H,S 3.9 n.d. n.d. 98 2 mack

SO5 288 h 0% H,S 55 n.d. n.d. 37 63 py, gr, mack, magnetic

A7 80 24 h 99.5% H,S 8.15 2230° /0.17 0.0068 98 2 mack
528 h 0% H,S 8.23 n.d. 0.0031 100 0 mack

SO6 264 h 0%H,S 8.2 n.d. 0.0013 74 26 gr, mack, py, s, magnetic
1664 h 0%H,S 8.6 n.d. n.d. <5 95°¢ py, hem, goe,

A8 80 147 h 50%H,S 3.24 6400° /433 n.d. 100 <5 mack

FO2 +0.58har+5h 0% H,S 6.1 n.d. n.d. n.d. nd. mack, gr, goe, +py, +s, magnetic
3h+05hair 0%H,S 54 n.d. n.d. n.d. n.d. gr, mack, goe, s, py, magnetic
+8h+1hair 0% H,S 45 n.d. n.d. n.d. n.d. ar, py, S, goe, mack, magnetic
24 h 0%H,S 3.6 n.d. n.d. n.d. n.d. py, goe, gr, magnetic
185h 0%H,S 3.8 n.d. n.d. <5 100° py, +goe, magnetic

oe
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A9 90 2h 99.5% H,S 3.86 2350° /66.96 0.0014 95 5 mack

SO7 468 h+air 10%H,S 423 n.d. 0.0015 87 13 mack, =+ py, magnetic

A10 75 136 h 1%H,S 452 2130°/2.81 0.0044 98 2 mack

A1l 216 h 1%H,S 11.9 n.d. 0.0041 100 0 mack

SO8 2560 h 0% H,S 119 n.d. 0.0040 100 0° mack®

A12 80 96 h 50% H,S 7.39 1260° /0.69 0.061 98 2 mack

S09 70/75h 0% H,S 7.31 <1 0.055 69 31 mack, gr, s, py, magnetic
243 h 0%H,S 7.91 <1 0.035 39 61 or, s, py, +mack, magnetic
579 h 0% H,S 8.83 <1 0.017 23 77 py, gr, magnetic
939 h 0%H,S 6.96 <1 n.d. 4 96 py, magnetic

A13 90 132h 50% H,S 334 2240°/ <1 n.d. 100 0 mack

SO10 48 h, open system 100% air 3.38 n.d. n.d. n.d. n.d. mack, gr, py, goe, s, magnetic
154 h 100% air n.d. n.d. n.d. n.d. n.d. pY, goe, gr, s, magnetic
220 h 100% air 4.2 n.d. n.d. n.d. n.d. py, +goe®, +s°, magnetic

Al4 25 416 h 50% H,S 71 1560° / < 10 n.d. 100 0 mack

SO11 258 h 0%H,S 4.9 <10 n.d. n.d. n.d. mack, s, gr, py, magnetic

A15 95 173h 50% H,S 3.6 1355° / <10 0.0133 95 <5 mack

S012 24 h 0%H,S 3.69 n.d. 0.0130 92 8 mack, gr, py, S, magnetic
98 h 0% H,S n.d. nd. 0.0128 82 18 gr, mack, py, S, magnetic
240 h 0%H,S n.d. n.d. 0.0044 32 68 py, mack /gr, s, magnetic

A16 25 326 h 99.5% H,S 45 2650°/2.76 0.08 95 <5 mack

FO3 25 +25har+24h 100% air 6.9 n.d. n.d. 0 100°¢ py, +goe, s, magnetic

Al7 25 5h 99.5% H,S 125 1250°/ <1 n.d. 100°¢ 0 mack

SO13 25 48 h 100% air 123 n.d. n.d. 100°¢ 0 mack®

IS-FD 25 72 hf 995%H,S 43 2299° /n.d. 0.008 98 2 FD-mack
42h 100%H, 41 n.d. ~0.19 100 0 mack
24 h 99.5% H,S n.d. n.d. ~01 91 9 mack, s
66 h 99.5% H,S 4,95 n.d. ~0.1 36 64 py, mack, gr, magnetic
218 h 99.5% H,S 6.3 n.d. ~0.1 0 100 py, not magnetic

ES-FD1 25 24 h 25%H,S 4.9 n.d. ~0.1 22 78 py, +mack/gr, s, magnetic

ES-FD2 95 85h 100% H,S 38 nd. ~0.1 <5 > 95 py, s, £ mack/gr, magnetic

#Mack: mackinawite; gr: greigite; py: pyrite; goe: goethite; s sulphur; hem: hematite.

PInitial Fe?* concentration.

“Estimated from XRD patterns.

dAlthough SO experiments, no other phases formed; possibly alkaline pH increases stability?

®Not in XRD patterns but visible at solution, air-space interface.

"First line in the IS-FE experiment represents the ageing of the precursor material before freeze-drying.
9Fresh, oxygen-free H,S saturated solution.

1S-S2 (0002) L9T ABoj0eD) feousyDd /“[e 1 Buiuveg ‘o
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Table 2

Summary of experimental conditions and products

Run Temp. Y time PH ina Final Run Y time PH ina Final Run Y time PH fina Final
# (§(®) (days) solids? # (days) solids? # (days) solids?
RF 25 2 45 m

Al4 25 17.3 71 m SO11 10.8° 49 m,s,g,p

A16 25 14.8 45 m FO3 1.1° 6.9 p+go
A17 25 0.21 125 m S013 2 12.3 m°

Al 50 8 45 m S01 < 49 m,g,p,s

A2 50 81 46 m

A4 50 5 45 m S03 5 49 m,+g,p FO1 3.6P 6.5 p+s
A5 50 118.8 46 m S04 14° 5.2 g,mp

A6 50 18 39 m S05 12° 55 p,g,m

A10 75 5.7 45 m

All 75 9 11.9 m S08 106.7 11.9 m¢

A7 80 22 8.2 m SO6 69.3 8.6 p,h.go

A8 80 6 32 m FO2 9.5P 38 p+go
Al2 80 4 7.4 m S09 39.1° 7.0 p

A9 90 0.08 39 m Sey4 19.5° 42 m,+p

A13 90 55 33 m S010 9.2° 42 p

Al5 95 13.6 36 m S012 10° - p,Mm/g,s

A3 95 6 36 m S02 o 37 p,M,g.s

S1 95 31 3.7 m,p

IS-FD 25 13.8 6.3¢ p,m/g,s

ES-FD1 25 1 4.9¢ p.m/g,s

ES-FD2 95 35 3.8¢ p,sm/g

#m: mackinawite; g: greigite; p: pyrite; s: sulphur; go: goethite; h: hematite.

bMagnetic.

Although SO run, product only mackinawite; note high pH.

de of slurry measured after re-equilibration with new H,S solution.

4
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freeze-dried materials were characterised by XRD
and SEM. In addition, the surface area of the ex situ
freeze-dried mackinawite (procedure 1) was deter-
mined using N, and Kr-BET. The ex situ freeze-dried
material was ground in acetone in a glove box under
oxygen-free N, and anoxically transferred into the
BET sample holders. Prior to surface area determina-
tion, the samples were evacuated for 84 h at 100°C.

Once the material was freeze-dried it was re-equi-
librated with freshly prepared 0.1 m O,-free H,S
solution (prepared as described above) and the reac-
tion progress was observed over time and with vary-
ing degrees of reducing power (i.e., different gas
saturation).

2.5. " Seeding’’ experiment

Pyrite seeds were added to a well-aged mackinaw-
ite durry to test whether the oxidised surfaces of
natural pyrite cubes provide a reactive surface for
pyrite nucleation. The seeds were 0.6—1.5 mm pyrite
cubes from Navajun, Spain (Cavo and Sevillano,
1989). The total surface area of the pyrite cubes was
calculated to be ~ 70 mm?, thus extremely small in
comparison with the overal surface area of the
mackinawite in the suspension, tens of m? (see
freeze-dried section below). The pyrite samples were
first cleaned in acetone (2 X 30 min in an ultrasoni-
cator) and then etched for 2 x 30 s. with sulphuric
acid. SEM characterisation showed that fine parti-
cles, which initially adhered to the smooth pyrite
surfaces, were removed. Similar to the experiments
described earlier, mackinawite was aged for 168 h in
a reduced environment (50% H,S/H, mixture) be-
fore adding the pyrite nuclel. Thereafter, the pyrite
cubes were dropped into the reaction vessel through
one of the ports, while the flow rate of the reduced
gas was increased in order to prevent oxygen from
entering the system. In steps of 0.5 to 120 h, dlurry
samples were withdrawn and the reaction progress
determined. After 5 days of equilibrating the seeds
with the slurry, no additional changes in the solids
were observed and then a slow oxidation process
was induced while the pyritization reaction contin-
ued. At the end of the run, the surfaces of the pyrite
cubes were examined with SEM techniques. The
starting conditions and reaction products of all exper-
iments are given in Tables 1 and 2.

3. Results and discussion

3.1. Ageing experiments

In al reduced experiments with H,S,, as the
sole sulphur source, the only solid product was
crystalline mackinawite (Tables 1 and 2 and Fig.
3a,b). Under totally reduced conditions, regardless of
variations in physical (temperature, time) and chemi-
ca (ZFe’", ENa, YS.aq: Eh pH,) conditions,
mackinawite did not react to pyrite under low tem-
perature, acid to akaline conditions. This is despite
the high supersaturation of all experiments with re-
spect to pyrite as shown in Fig. 2.

The nucleation of mackinawite is a fast process,
and mackinawite is stable as long as the conditions
are kept reducing and no other sulphur species of
intermediate oxidation state are available. First XRD
peaks (d-spacing 5.05, 2.97 and 2.31) for poorly
ordered mackinawite can be observed after 5-30 min
of reaction (Fig. 3a). These peaks become sharper
and others develop with time. X-ray patterns of the
solid products of experiments conducted for up to 4
months (2850 h, run A5) show that in environments
where the only sulphur source is reduced agueous
H,S or HS™, mackinawite is the only stable low
temperature iron monosulphide (Fig. 3a, Tables 1
and 2). The SEM photomicrograph (Fig. 3b) reveals
~ 100 p.m platelets with a sulphur to iron ratio close
to 1 (SEM-EDS determination). The size and mor-
phology of these platelets resulted from aggregation
of the colloidal suspension on the filter and the
actual size of individual particlesin suspension could
not be assessed. An estimate of particle size, for
dispersed FeS particles is given by Rickard (1997),
who from XRD and SEM observations estimated an
upper size limit of 35 nm.

The ageing experiments demonstrate that transfor-
mation of an iron monosulphide precursor, macki-
nawite, to more stable iron disulphides, pyrite or
marcasite, requires an oxidant other than H,S. In
these experiments, the maximum content of chrome-
reducible sulphur (i.e., FeS, and S°) formed after
4 months was below 4-7%, thus within the limits
of accuracy of the coulometric measurements. By
XRD the detection limit of a phase is estimated to
be ~ 5% and only mackinawite was found.
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Fig. 3. (a) X-ray patterns for in situ precipitated mackinawite at 50°C (Run A5). (1) Pattern of in situ precipitated mackinawite (M) aged for
30 min in a pH = 4.6 H,S solution with 99.5% H,S gas overpressure. (2) Pattern of mackinawite aged for 2850 h under the same
conditions as in (). The crystalinity of the precipitate apparently increases with time. (b) Scanning electron microphotograph of aged
mackinawite. The size of the particles, ~ 100 wm, and the observed texture are a conseguence of filtering and does not represent the
original texture of the dispersed mackinawite in solution.

Previous experimental data on pyrite formation pyrite is a very slow process. It was shown that this
pathways are contradictory. Numerous experimental is not an important process in low temperature pyrite
studies have demonstrated that at temperatures below formation (Berner, 1967, 1970; Roberts et al., 1969;
100°C the conversion of unoxidized mackinawite to Rickard, 1975; Taylor et al., 1979ab; Murowchick
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and Barnes, 1986; Schoonen and Barnes, 1991b;
Wilkin and Barnes, 1996). These studies revealed
that pyrite forms only when the precursor mackinaw-
ite is oxidised or when sulphur species of intermedi-
ate oxidation states, i.e., elemental sulphur or poly-
sulphides, are involved in the reaction; thus, the
formation of pyrite occurs via the ‘polysulphide
pathway [Reactions (1)—(2)]. Nevertheless, the
‘H,S -pathway, [Reaction (3)], has been proposed as
the fastest pyrite-forming pathway (Wachtershauser,
1988, 1993), and this pathway has received support
from experimental studies (Drobner et al. 1990;
Rickard 1997). Drobner et al. (1990), using in-situ
precipitated FeS (experiment 3a, in their Table 1),
showed at 100°C, that the conversion to pyrite is
occurring, but not going to completion, i.e., macki-
nawite is still present even after 14 days (336 h).
When pyrrhotite was used as precursor phase (ex-
periments 1 and 2 in their Table 1 and XRD-patterns
in their Fig. 1) only minor amounts of pyrite formed
but reaction rates were not given. However, in a
detailed experimental study, Rickard (1997) sug-
gested that mackinawite in a H,S solution reacted
completely to pyrite within 48 h at 25°C to 125°C.
These experiments will be discussed later because of
the different precursor starting material, freeze-dried
mackinawite.

The disagreements between the experimental re-
sults described above have triggered the long term
ageing experiments described here. Previous experi-
ments (Berner, 1967; Rickard, 1969, 1975; Taylor et
al. 1979a,b; Schoonen and Barnes, 1991ab,c; Wilkin
and Barnes, 1996) were designed mostly to explore
the conversion mechanisms of mackinawite to pyrite.
None of these experiments was designed to deter-
mine the stability of mackinawite. In this study,
mackinawite has been proven to be stable for up to 4
months as long as reducing conditions are main-
tained, and over this period, the conversion to pyrite
does not occur via the ‘H,S-pathway’. However, an
evaluation of the mechanism of pyrite nucleation and
growth was not an objective of this study. These new
experiments have shown that in reducing H,S and
HS™ solutions, pyrite forms at a negligible to very
slow rate. In order to qualitatively verify the effects
of oxidation on the stability of mackinawite various
tests were conducted (see below). In addition, the
stability of mackinawite demonstrated in the ageing

experiments provided an ideal basis for determining
the solubility of mackinawite at 25°C to 95°C (see
below).

3.2. Controlled oxidation experiments

Induced oxidation experiments were carried out in
an attempt to better understand the effects of oxida-
tion on the rates of pyritization. In contrast to the
experiments described above, in the ‘induced oxida-
tion’ experiments, depending on the extent of oxida
tion, additional phases formed including greigite,
pyrite, sulphur, goethite, and hematite.

In the ‘slow oxidation’ experiments the quantita-
tive decrease (Fig. 4a, run SO12) and disappearance
(Fig. 4b, run SO9) of mackinawite and the concomi-
tant formation of greigite and pyrite, were interlinked
with the appearance of elemental sulphur. The pres-
ence of sulphur indicates that the reduced agueous
sulphur species (H,S and HS™) were at least partly
oxidised. Depending on the pH of the solutions,
pyrite formation was accompanied by the formation
of aqueous polysulphide species, indicated by the
colour change of the supernatant solutions, from near
colourless to yellow. In Fig. 4a, after 240 h of slow
oxidation, the transformation to pyrite is incomplete,
and mackinawite and greigite persist. In addition,
two experiments at very alkaline pH (pH ~ 12, SO8
and SO13) illustrated that even when ‘sow oxida
tion" was induced for > 2500 h, mackinawite re-
mained the stable phase. Similar slow conversion
rates occurred in run SO7, when one port of the
reaction vessel was open to air but the vapour space
above the mackinawite slurry was saturated with a
mixture of 10% H,S, thus slowing down the oxida-
tion process. In this experiment, even after 468 h,
less than 13% of the initial mackinawite transformed
to pyrite. However, in most experiments, longer time
intervals (i.e., 579 h and 939 h, Fig. 4b, run SO9)
gave complete conversion to pyrite with al other
precursor phases reacted.

In these experiments, although greigite was con-
sumed (as indicated by the XRD scans) the magnetic
character of the solids was retained. Pyrite is not
magnetic, so any magnetic character indicates that
cores of the newly formed pyrite are remnants of the
precursor magnetic greigite, thus the conversion from
mackinawite via greigite to pyrite was a solid state
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Fig. 4. (). Diffraction patterns obtained during the low pH, slow oxidation run SO12 at 95°C. In al following figures with XRD patterns,
the Y-axis represents intensity and a relative non-linear time axis. The bottom pattern always represents the starting material (i.e., pure
mackinawite), while the above patterns represent increasing time intervals and oxidation conditions. In addition, the constituent phases of
the first and last scans are fully labelled, while on the intermediate scans only the newly formed phases are labelled (M = mackinawite;
Gr = greigite; P = pyrite; S = sulphur; Goe-goethite). (1) In-situ precipitated and aged for 1 h in a pH = 3.6 solutions with H,S gas. (2)
Same as above, but aged for 172 h. (3) H,S-gas flow stopped for 24 h, pH = 3.69, solids magnetic. (4) H,S-gas flow stopped for 98 h. (5)
H,S-gas flow stopped for 240 h. (b) Diffraction patterns obtained during the high pH, slow oxidation run SO9 at 80°C. (1) In-situ
precipitated and aged for 96 h in a pH = 7.39 sulphide solution under 50% H, S gas. (2) No gas overpressure for 70 (lower scan) and 75 h
(lower scan), pH = 7.31 and 7.91, solids magnetic. (3) Aged for 579 h with no gas overpressure, pH = 8.83, solids magnetic. (4) Aged for
939 h with no gas overpressure, pH = 6.96, full conversion to pyrite, solids not magnetic. Labelling is the same as in (a) (see text for
details). (c) Diffraction patterns obtained during the low pH, fast oxidation run FO2 at 75°C. (1) In-situ precipitated and aged for 144 hin a
pH = 3.9 H, S solution with 50% H, S gas overpressure. (2) 35 min air bubbled through solution, pH = 6.1, solids magnetic. (3) Aged for 3
h as below and with additional 30 min air, pH = 5.4, solids magnetic. (4) 8 h and an additional hour air later, pH = 4.5, solids magnetic; (5)
24 h later, pH = 4.5, solids magnetic. It required an additional 185 h to full conversion to pyrite, although the solid fraction was still
magnetic. In addition, minor goethite was observed, mostly at the solution glass interface. Final XRD patterns correspond to the uppermost
scans in (b) and Fig. 6a. Labelling is the same as in (a) (see text for details).

process. Lennie et a. (1997) and Herbert et al.
(1998) discussed the transformation of mackinawite
to greigite in experiments conducted with dry macki-
nawite powder. A comparison between the current
results and their experiments is difficult as different
conditions applied. However, they concluded that
oxidation promotes the formation of a Fe** enriched
outer layer on the mackinawite surface, and subse-
quently the solid state transformation to greigite.

In the fast oxidation experiments (FO-runs), when
a well-aged mackinawite slurry was intentionally
oxidised, the transformation of the mackinawite sus-
pension to pyrite also occurred, but at a faster rate.
This conversion path involved similar intermediate
solid phases (greigite and elemental sulphur) but in
addition, iron oxides and oxyhydroxide species
(goethite and hematite) formed. Run FO2 (Fig. 40),
started with a mackinawite slurry aged for 144 h
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with a high Fe?* / H,S,q ratio, through which air
was bubbled for 35 min. The initiad pH of 3.9
instantly increased to 6.1 and goethite, greigite, sul-
phur and pyrite formed. Over the next 24 h and with
additional air, the pH dropped to a value of 4.5,
mackinawite and sulphur were consumed and the
relative amounts of the other phases changed. How-
ever, it takes an additional 185 h to complete the
transformation to pyrite. Although the final X-ray
pattern did not indicate the presence of goethite, on
the walls of the glass reactor, at the interface be-
tween the dlurry and the vapour space, a thin brown-
yellow layer of goethite was observed. The initia
oxidation of agueous ferrous iron to ferric iron pro-
moted faster formation of goethite. In addition, sul-
phur was formed by oxidation of H,S, and thus
promoted the oxidation of the mackinawite precursor
to greigite via a solid state transformation (Wilkin
and Barnes, 1996; Lennie et a. 1997; Herbert et al.
1998). At more alkaline pH values polysulphide
species formed, shown by the yellow colour of the
filtered solutions. In Fig. 5a—c, the photomicro-
graphs of different reaction products are presented. A
more quantitative comparison with the anoxic runs
and literature data is given at the end of the freeze-
dried section.

In these experiments the reactive species responsi-
ble for driving pyrite formation is unresolved be-
cause a mixture of O, and agueous sulphur species
with intermediate oxidation states were present, ei-
ther of which could be important for pyrite forma-
tion. The key conclusion, however, is that some
degree of oxidation is required for mackinawite to
react to pyrite.

3.3. Freeze-dried experiments

During the course of these experiments extreme
care was taken to exclude oxygen. However, the
freeze-drying procedures potentially could allow for
oxidation of the precursor mackinawite. This is par-
ticularly true for the ex situ freeze-dried materials,
where partial oxidation could not be fully prevented
during anaerobic freeze-drying and re-equilibration.
This concern was justified by previous studies that
have shown that even dlight oxidation will perma-
nently change the surfaces of mackinawite (Taylor et

(a)

(b)

Fig. 5. Scanning electron microphotograph of reaction products
during the controlled oxidation experiments. (a) Mackinawite
platelets with pyrite grains smaller than 1-3 pm, grown during
slow oxidation; the material was magnetic indicating that greigite
acted as a precursor to pyrite. (b) Greigite and pyrite grains
produced in the late stages of a slow oxidation experiment. (c)
Pyrite morphologies obtained at the end of long-term slow and
fast oxidation experiments. Note that cubes, octahedra, and pyrito-
hedra are present.
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al., 1979a,b; Wilkin and Barnes, 1996; Lennie et a.,
1997; Herbert et d., 1998). In addition, although
mackinawite is far more reactive than the more
stable pyrrhotite and pyrite, exposure of pyrrhotite to
oxygen (Pratt et al., 1994) or of pyrite to water or
oxygen (Guevremont et al., 1998) resulted in very
fast oxidation of the surfaces of these minerals.

Before freeze-drying, the aged monosulphides
were sampled and XRD of the ink-black precipitate
gave pure mackinawite patterns. After freeze-drying,
the material consisted of a mixture of ink-black, very
fine mackinawite partly mixed with white fluffy
crystals of an unidentified ammonium-sulphate salt
apparently produced from the Mohr’s salt used in the
preparation procedure. These salts dissolved readily
after re-equilibration with fresh H,S solution. The
amount of this salt in the freeze-dried samples was
below the 5% detection limit of the X-ray method
and the patterns revealed only mackinawite peaks
(Fig. 6a, second scan from bottom). Microscopic
evidence, however, showed distinct morphology
changes between the freeze-dried samples (Fig. 6b)
and the aged material (Fig. 3b). Observed was a
mixture of fuzzy, clumped needles, filigreelike
forms, and small clusters and aggregates of FeS
composition (SEM-EDX-determination). However,
after re-equilibrating the freeze-dried samples with
fresh H,S solution, and sampling again, the SEM
photomicrographs of the filtrate revealed platy char-
acteristics similar to aged mackinawite particles.
Thus, presumably after re-equilibration, the character
of the suspension was restored to the pre-freeze-dried
conditions.

The surface area of the ex-situ freeze-dried mate-
rial was measured using BET techniques. Nitrogen
and krypton gas were used, and the results are
reported in Table 3, together with literature data on
estimated and measured surface areas for mackinaw-
ite. The measured surface area of the freeze-dried
material from the current study, 16-21 m?/g, lies
within the range of previously reported values.
Rickard (1975) estimated a surface area for the
precursor FeS phase of ~ 44.4 m?/g (1.6 X 10°
cm?/0.36 g) while Taylor et al. (1979b) reported a
BET surface area for freshly precipitated mackinaw-
ite of 7 m?/g. From particle size estimates, Rickard
(1997) calculated the limiting geometric surface area
for dispersed FeS to lie between 39m?/g and 136

m?/g. The same author, who used freeze-dried
mackinawite in his experiments but possibly per-
formed the BET measurements on fresh material,
later confirmed this estimate. The BET measurement
yielded a surface area for mackinawite of 36.5 m?/g.
Widler (1999) reported BET surface areas for fresh
mackinawite of 80-82 m?/g, thus within the limits
of the estimates of Rickard (1997).

The large differences in calculated or measured
surface areas are, however, not surprising. BET sur-
face area measurements crucially depend on grain
size and state of aggregation, and thus preparation of
the sample, while estimates rely on an initial assump-
tion of particle size. In this study, the freeze-dried
material was ground under acetone in a glove box
and thus it was assumed that the material was well
dispersed. However, the morphology and structure
observed on the freeze-dried mackinawite might in-
dicate a decrease in the total surface area in contrast
to colloidal material of fresh precipitates.

The X-ray patterns in Fig. 6a show that at 25°C,
when the re-equilibrated in-situ freeze-dried macki-
nawite was kept for 42 h under an overpressure of
100% H, (in these experiments lowest possible oxi-
dation potential within the pyrite field), no change in
solid phases was observed. Consequently, freeze-
dried mackinawite, although potentially oxidised dur-
ing the freeze-drying process, will persist for some
time under highly reducing conditions because hy-
drogen gas is a strong reductant (at pH = 4.3, Eh =
—-0.254 V).

When the same suspension was equilibrated with
H,S (i.e, Eh~ —0.186 V), the oxidation potential
was raised higher in the pyrite stability field, and
after 24 h peaks for sulphur appeared. The intensity
of the mackinawite peaks decreased after 66 h and
coulometric analysis revealed 64% pyrite. The solid
product was magnetic indicating that greigite was a
precursor to pyrite, although the X-ray patterns did
not indicate its presence (Fig. 6a). However, the
sensitivity was compromised because the two main
peaks of greigite (d-spacing 2.98 and 1.75) overlap
with those of mackinawite (2.97 and 1.73). This
suspension was aged for 218 h with H,S overpres-
sure, and a 100% transformation of the initial macki-
nawite to pyrite was observed (uppermost pattern in
Fig. 6a) and the magnetic character of the fina
fraction disappeared.
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Fig. 6. (a) Diffraction patterns obtained with in-situ freeze-dried mackinawite re-equilibrated at 25°C with an H, S solution and variable gas
overpressures. (1) Aged for 72 h in a pH=4.3, H,S solution under 99.5% H,S gas. (2) In-situ freeze-dried and consequently
re-equilibrated and aged for 42 hin a0.1 m H,S solution under 100% H, gas. (3) Aged for 66 hin a0.1 m H,S solution under 99.5% H,S
gas; first sulphur peaks are visible. (4) Aged for 108 h under the same conditions as below, pH = 4.95, solids magnetic, 64% pyrite. (5)
Aged for 216 h as below, pH = 6.3, solids not magnetic, 100% pyrite. Labelling is the same as for Fig. 4a. (b) Scanning electron
microphotograph of ex situ freeze-dried mackinawite.

The results of the freeze-dried experiments are agree well with the intentional fast oxidation experi-
fundamentally incompatible with the observations ments, as the transformation rates are similar. The
from the in-situ ageing experiments, where even for observed transformation rates of the freeze-dried sul-
much longer time periods the conversion of macki- phides, however, were slower than the rates reported

nawite to pyrite did not occur. However, the results by Rickard (1997), who, at 25°C, observed within 24
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Table 3

Surface areas (m?/g) for various mackinawite precursor materials, from this study and from the literature

Source Method Surface area Material

Rickard (1975) estimated ~44.4m?/g

Taylor et al. (1979b) BET 7m?/g fresh

Rickard (1997) estimated 35-135m? /g

Rickard (1997) N, BET 36.5m?/g fresh /freeze-dried(?)
Widler (1998) N, BET ~80-82m?/g fresh

This study N, and Kr BET 16-21m?/g freeze-dried

h a 60% conversion of the initial mackinawite to
pyrite (Fig. 7). In the current study, within the first
24 h, no pyrite was observed and only after 60 h a
64% conversion was observed (Fig. 6a). A quantita-
tive comparison with Drobner et al. (1990) is not
possible as only qualitative conversion products were
reported and different starting materials were used.
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Fig. 7. Extents of reaction (wt.% pyrite) vs. time, calculated using
the rate equation from Rickard (1997). (@) 50°C: shaded area
represents the uncertainty zone calculated for 0.044 m FeS and 0.1
m to 0.03 m H,S; small square: run A1, filled and open triangle:
SO1 and SO3; filled circles: FO1; (b) 25°C: shaded area (1) is
calculated for 0.041 m FeS and 0.1 and 0.15 m H,S; line (2)
calculated after Canfield et al. (1998); small square: run A16,
(* total equilibration time was 336 h); open diamond: ES-FD1,
filled diamonds: 1S-FD (see Table 1 and text for details).

However, in their experiments, the full conversion to
pyrite had not been observed even after 336 h, which
is in general agreement with the slow oxidation
experiments reported above, where after 216 h also
only partial conversion was observed.

In contrast, the experiments conducted with ex-situ
freeze-dried mackinawite show the conversion to
pyrite occurring at a comparable or much faster rate
than previously reported (Rickard, 1997). At 25°C,
78% of the initial ex situ freeze-dried mackinawite
was transformed to pyrite, via greigite, within 24 h
(Table 1 and Fig. 7), while at 100-200°C, this
transformation occurs, within minutes to hours
(Cahill et al., this issue; Benning et a. in prep). In
comparison, at 100°C, Rickard (1997) showed that a
freeze-dried precursor reacted within 1 h, 6 h, and 24
h to form 32%, 45% and 85% pyrite. Hence, it is
believed that despite the efforts to avoid oxidation in
the freeze-drying procedure, the ex-situ, as well as
the in-situ freeze-dried material must have been oxi-
dised.

The experiments with freeze-dried mackinawite
indicate that increasing oxidation of the precursor
phase also increases the rate of reaction. However, a
quantification of this effect from the derived data is
difficult.

A quantitative comparison with literature data can
be made using the rate equation suggested by Rickard
(1997):

dFeS2 _ k

prrale (FeS)(cH,S)) (4)
where k is a second order rate constant (at 25°C
k=0.371 | mol/h; a 50°C, k=2.794 | mol /h,
Rickard and L uther, 1997), and (FeS) and (cH,S,,,)
are mol /I of solid precursor and agqueous H,S,
respectively. Conversion rates for selected experi-
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ments from the current study and from literature,
were calculated and are plotted in Fig. 7.

The chemical parameters (FeS) and H,S,,) for
selected anoxic runs were taken as boundary values,
and a predicted rate was calculated (shaded areas in
Fig. 7ab). The percent conversion for an ageing
experiment as well as data for dow and fast oxida
tion runs (Fig. 78 and freeze-dried mackinawite
(Fig. 7b) were plotted for time periods up to 200 h.
The percent conversion in the ageing runs (A1l and
A16) is incompatible with the predicted rates. The
calculated conversion rate predicts a completed reac-
tion after maximum 75 h at 50°C (Fig. 7a) and 125 h
at 25°C (Fig. 7b), compared with runs [A1] and
[A16], where after 192 h and 326 h, respectively, a
maximum of 4% and 5% pyrite were observed. Also
plotted is the extent of conversion from the slow
oxidation runs [SO1] and [SO3], where after 72 h and
120 h only 16% and 10% pyrite was observed. High
conversion percent was observed when fast oxidation
was induced [FO1]. After 1 h, 1.5 h, and 84 h, 51%,
87%, and 97% of the precursor material converted to
pyrite, thus at a comparable rate with the predicted
vaues (Fig. 7a). A better agreement is achieved
when the freeze-dried experiments are compared with
the predicted rates. In the in-situ freeze-dried experi-
ment after 24 h, 66 h, and 218 h, 9%, 64%, and
100% pyrite was determined. The ex-situ freeze-dried
mackinawite reacted much faster and after 24 h, 78%
of the initial mackinawite was transformed to pyrite.
These rates, bracket the predicted rate region and are
comparable with the values obtained by Rickard
(1997), indicating that the higher the oxidation of the
material the faster the rate of conversion. Also plot-
ted in Fig. 7a are pyrite formation rates estimated by
Canfield et al. (1998), who used the rate equation
suggested by Rickard (1997). Canfield et al. (1998)
predicted that in reducing environments where the
sulphur chemistry is governed by bacterial sulphur
metabolism, the rate of pyrite formation is 10* to
10° faster than in inorganic experiments. They pre-
dict that al FeS transforms within seconds to tens of
seconds to pyrite. However, in the inorganic experi-
ments presented in this study such high conversion
rates can only be explained with oxidation. In addi-
tion, in recent experiments performed under anaero-
bic conditions with sulphate-reducing bacteria and
iron monosulphides, the conversion of pyrite did not

occur even after 6 months. It could be shown that the
sole role of the sulphate reducing bacteria was to
provide the reduced sulphur source and that they did
not play an active metabolic role in mineral conver-
sion (Benning et al. 1999). The process of pyrite
crystallisation follows an inorganic process not di-
rectly influenced by the activities of sulphate reduc-
ing bacteria The observations of Canfield et a.
(1998) also contradict the fact that in several natural
environments, AVS (mackinawite, greigite) are ob-
served to be stable in zones of high bacterial activity
(Lyons, 1997; Wilkin and Barnes, 1997; Suits and
Wilkin, 1998).

3.4. " Seeding’’ experiment

This experiment was designed to test whether in a
reduced suspension of mackinawite, an oxidised sur-
face of a pyrite seed would promote pyrite nucle-
ation at a much faster rate than without seeds. Con-
ceptualy, in a supersaturated solution a pyrite sur-
face should induce heterogeneous pyrite nucleation
and growth even at low temperatures. The surfaces
of the natural pyrite cubes (Navajun, Spain) had been
exposed to atmospheric oxygen. Therefore, it was
assumed that the oxide layer would react with the
precursor mackinawite and the kinetic barrier to
pyrite nucleation at low temperatures (Schoonen and
Barnes, 1991a,b,c) might be surpassed,thus allowing
surface pyrite nucleation and continued growth.

The Navajun pyrite cubes were dropped into an
experiment where a mackinawite slurry had been
aged for 168 h at 95°C, and a pH of 3.6. After 30
min, weak pyrite peaks (d-spacing 1.63 and 2.71)
appeared on the X-ray scans and the coulometric
method indicated ~ 8% chrome-reducible sulphur
fraction, where before seeding LS., <5%. Thus,
it was concluded that the oxidised pyrite surfaces
triggered pyrite nucleation.

However, equivocation arises on whether nucle-
ation occurred directly from solution on splinters
formed during the drop or on the seed surfaces, or
via a solid solution transformation, as in the inten-
tional oxidation experiments. Support for the first
possibility comes from the fact that the new pyrite
did not have a magnetic character and XRD did not
indicate the presence of sulphur. Two paths could
account for the direct growth without the greigite
precursor. Either the new pyrite nucleated on the
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seed surfaces and not via solid state transformation
of mackinawite (i.e., via greigite), or the solid state
transformation was so fast that the remanent mag-
netisation due to the greigite precursor was lost
during reaction. The absence of sulphur in the sus-
pension, even with pyrite present, could be explained
by the fast reaction rate, and /or the small fraction of
sulphur needed for the first pyrite to form. In addi-
tion, the new pyrite formed at this stage exhibited
only cubic morphology, thus copying the seed mor-
phology. Hence, the evidence suggests that surface
nucleation is the dominant mechanism for the forma-
tion of the first generation of pyrite in this experi-
ment.

After a total of 120 h of equilibrating the seeds
with the mackinawite durry, a steady state level of
~ 12% pyrite was measured. Then, the flow of
reduced overpressure gas was stopped and a slow
oxidation process was induced. Subsequently, for an
additional 216 h, the reaction was continuously mon-
itored (Table 1, run SO2) and the pyrite fraction
increased to a maximum of ~ 60% with greigite and
sulphur peaks appearing, thus imitating the slow
oxidation process showed in Fig. 4a. During this
second stage, it was aso observed that all three
pyrite morphologies developed.

The purely cubic morphology observed in the first
stage of the seeding experiment was inconsistent
with the morphologies developed in the intentional,
controlled oxidation experiments, where al three
forms (cubes, rhombohedra, and pyritohedra, Fig.
5¢) were observed together. This may indicate that
initially pyrite nucleated on the seed surfaces and
subsequently, the slow oxidation process served as a
trigger for the solid solution transformation of the
mackinawite from the durry. Similar to the slow
oxidation experiments, after 216 h only 60% of the
initial mackinawite transformed to pyrite and the
reaction was not complete. More seeding experi-
ments are currently being conducted to better assess
these questions.

3.5. The absence of marcasite

In al low pH experiments performed in this
study, the only observed iron disulphide was pyrite;
no marcasite was produced. However, Murowchick
and Barnes (1986) have experimentally shown that at
temperatures below 75°C, in low pH, polysulphide

solutions (pH < pK; poysuphice)s Where neutral poly-
sulphanes (H,S, or H,S,) dominate the agueous
zero-valent sulphur speciation, marcasite forms pre-
dominantly over pyrite. In their experiments below
pH 5, agueous polysulphane species either were
added directly or were formed by partial oxidation of
H,S and S,0;2. In acid solutions, this process
proceeds via the disproportionation of thiosulphate
and the formation of colloidal sulphur. At more
alkaline pH values, sulphide oxidation produces HS;
and S2~ and thus promotes the formation of pyrite.
The upper pH limit of marcasite formation corre-
sponds with the pH where HS, becomes dominant
over H,S) (pK;~5). Murowchick and Barnes
(1986) have discussed the presence of greigite and
mackinawite as reaction products but grew marcasite
and pyrite directly from solution presumably after
nucleation via the conversion of a precursor mono-
sulphide.

Schoonen and Barnes (1991b) reacted excess ele-
mental sulphur with a suspension of iron monosul-
phides aged in a H,S solution, and confirmed the
observations of Murowchick and Barnes (1986) that
marcasite forms at low pH. However, they showed
that this reaction proceeded via the conversion of
FeS precursors and not via the direct precipitation of
marcasite from solution. Wilkin and Barnes (1996)
have confirmed the observation for higher pH values
where pyrite was the product. They have conducted
experiments with FeS precursors equilibrated with
thiosulphate, elemental sulphur and polysulphide
species at near neutral pH values, below 100°C.
Their experiments demonstrated that S,035~ pro-
motes the conversion of mackinawite to pyrite, when
the precursor phase had been oxidised (run 1, their
Table 2), while unoxidized FeS remains stable in a
thiosulphate solution (run 4 and 15, their Table 2).
However, they showed conclusively that polysul-
phides and elemental sulphur and not thiosulphate
promote the reaction of mackinawite to pyrite.

Wei and Osseo-Asare (1996) reacted ferric iron
with sulphide ions in low pH aqueous solutions and
produced elemental sulphur and FeS as precursors to
pyrite. However, they also failed to produce marca-
site in low pH sulphide solutions.

In the oxidation experiments carried out in the
current study (SO-and FO-runs, Table 1) marcasite
was never observed, although the majority of experi-
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ments were carried out at pH below 5 and the partial
oxidation of H,S,, by O, was promoted. Often, the
formation of elemental sulphur was observed as a
starting point for the formation of pyrite (Figs. 4 and
6). In addition, in experiments where due to oxida-
tion the pH increased to more alkaline values (e.g.,
runs FO1-3, SO6, SO9) polysulphide formation was
indicated by the colour change of the supernatant
solutions from clear to yellow. However, the concen-
trations of these species were low in comparison to
the initial concentrations of polysulphides used in the
experiments of Murowchick and Barnes (1986) and
Schoonen and Barnes (1991b). Chen and Morris
(1972) and Chen and Gupta (1973) showed that the
oxidation rate of hydrogen sulphide to polysulphide
is pH dependent and slow at pH values below 5. It
is, therefore, possible that the high initial concentra-
tion of these species in the experiments of
Murowchick and Barnes (1986) and Schoonen and
Barnes (1991b) promoted the formation of marcasite.
Consequently, the formation of marcasite is ap-
parently dependent on both pH and polysulphide
concentration as well as on temperature. Nucleation
can be via the same FeS precursors as for pyrite,
shown by a residual magnetic character of greigite,
and subsequent growth directly from solution is
proven both experimentally and by the typical euhe-
dral forms observed in nature. Because of the com-
mon occurrence of marcasite, the minimum concen-
trations of polysulphide that permit its growth are of
considerable interest. Although experimental data are
insufficient to establish this lower limit, it can be
estimated from general kinetic data (Lasaga, 1998).
Where reactant concentrations are about below
1075-10"% m, reaction rates typically become slow
enough that equilibrium is not achieved. Examples
are the saturation indices of carbonates as discussed
by Langmuir (1997) and the supersaturation states of
many species in groundwaters (Barnes and Clarke,
1969) where equilibrium is common above these
concentrations and becomes increasingly rare at lower
concentrations. This observation implies that marca
site forms both below pH 5 and at polysulphide
concentrations greater than 107°-10"° m.

3.6. Solubility of mackinawite

The solubility of crystalline mackinawite at tem-
peratures below 100°C was determined using the

data from the ageing experiments described earlier
(Tables 1 and 4).

The dissolution of mackinawite reduced H,S and
HS™ solutions can be expressed as:

FeS(s) + H,S(aq) = Fe?* + 2HS™ (5)

This reaction is based on the assumption that for the
conditions of these experiments, 25°C to 95°C and
pH ,5c = 3.2-8.2, the dominant agueous iron and
sulphur species are Fe** and H, S and HS™, respec-
tively. Although a general dissolution reaction in-
cluding iron hydrosul phide complexes would provide
a better description of the overall dissolution reac-
tions in the Fe-S system, the simplified Reaction (5)
was adopted. This was based on the results of Davi-
son (1991), Davison et al. (1999), Luther and Ferdel-
man (1993), Wei and Osseo-Asare (1995) and Mour+
tain and Seward (1998), who showed that the con-
centrations of iron hydrosulphide complexes are in-
significant in acidic solutions. At higher pH, only
two experiments were carried out and for those
cases, the iron hydrosulphide species will be dis-
cussed later.

The solubility equilibrium is written for the nomi-
nal, FeS, with unit activity assumed for the solid and
the standard state of the aqueous species is the ideal
1 m solution. Thus, the equilibrium constant, K

eq,FeS?
for Reaction (5) can be calculated from:
(8us ) (3re+)
Keg o = o (59)
H,S
The values for the H, S ionisation reaction:
H,S(aq) ® HS + H” (6)
with the congtant, K, ,, s, (Table 4) expressed as:
Ag-ay+
Kl,st =_ (Ga)
H2Sag)

taken from Suleimenov and Seward (1997). Cou-
pling this expression with that for total reduced
sulphur:

Mg 1ot = Myg-+ My g (7)

allows the activities of HS™ and H,S to be ex-
pressed as a function of K, o, pH, and mg:

K1,HZSVH25
8+ + Ky ,sVh,s

Ays- Ms tot Y Hs~ (8a)




Table 4

Iron and sulphur concentrations, ionic strength and calculated equilibrium constants for mackinawite following Egs. (9) (K res) and Eq. (12) (Ks)

Run # T(°O) pH YFe ays- s I PKn,s 109 Kegpes log K&
RF 25 4.45 5.60E—04 2.06E—-05 6.98E—03 0.323 6.98 —10.86 3.10
Al6 25 4.50 4.95E—05 2.64E—-04 7.97E—-02 0.341 6.98 —10.76 3.20
Al 50 4.28 2.34E-05 2.46E—-04 6.48E—02 0.328 6.70 —11.07 2.33
Ala 50 451 2.14E—-05 2.76E—04 4.27E-02 0.328 6.70 —10.83 257
A2 50 4.86 4.49E—-05 1.17E-04 8.08E—03 0.355 6.70 —10.54 2.86
A2a 50 4.58 4.28E—05 5.65E—05 7.44E—-03 0.323 6.70 —-11.15 2.25
A4 50 454 6.95E— 06 6.05E—04 8.74E—-02 0.300 6.70 —10.94 2.46
A10 75 4.52 5.03E—-05 4.16E—05 4.36E—03 0.327 6.54 —-11.13 195
A7°¢ 80 8.15 3.05E—-06 6.64E—03 1.56E—04 0.280 6.52 — 6.49 6.55°¢
A12°¢ 80 7.39 1.15E—-05 5.37E—-02 7.25E—-03 0.182 6.52 - 573 7.31°
A8 80 3.24 7.76E—03 3.93E-06 7.50E—-03 0.907 6.52 —-11.26 1.78
A9 90 3.86 1.20E—-03 3.27E—-06 1.40E—-03 0.304 6.49 —11.48 1.50
A15 95 3.60 1.95E—-04 1.71E-05 1.30E—-02 0.187 6.48 —-11.76 1.20

#Data from Suleimonov and Seward (1997).
PCalculated via Eq. (11a) and plotted in Fig. 8.

“Experiments at akaline pH, assumed YFe= mFe?".

1S-S2 (0002) L9T ABoj0eD) feousyDd /“[e 1 Buiuveg ‘o

14
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and
Kl,stszs M. a
S tot AH+ YHS~
8+ + Ky 1,sVh,s
ay,s= < (8b)
1,H,S

These expressions combined with the dissolution
reaction for FeS [Eq. (5a)] provide an equation for
the equilibrium constant K, s dependent only on
Mg o (here assumed to be equal to Mg+ ), pH and
total sulphur, which were measured quantities given
in Tables 1 and 4:

K Kl,stszs m m
eq,Fes = S tot Y HS ™ MFe2+ Y pe2+
ay++ Ky h,sVh,s
-1
X (ay+) Kin,s (9

The aqueous activity coefficients of Fe?* and
HS™ were calculated by means of the Davies equa-
tion (Davies, 1962):

logy, = —1.82492 X 10%Y/%(eT) %/?

VI
1+V1

with the density and dielectric constant (p and &)
calculated after Haar et al. (1984). The activity coef-
ficients for H,S were calculated using the Henry’s
law constants of Suleimenov and Krupp (1994). In
Table 4 for each experiment, the run number, tem-
perature, pH,.c, solution composition, ionic
strength, and calculated equilibrium constants are
given. In order to compare with equilibrium con-
stants from the literature (Berner, 1967; Davison,
1991; Schoonen and Barnes, 1991b; Bagander and
Carman, 1994; Davison et al. 1999) the equilibrium
constant, K.g for the reaction:

FeS(s) + 2H" = Fe?* + H,S(aq) (11)
have been calculated by combining reactions (9) and
(6a):

KFeS = Keq,FeS - ( Kl,HzS)

The values for this equilibrium constant are plotted
vs. 1/T in Fig. 8, together with the literature data.
Also shown in this figure is the best-fit line through

X 722

- 0.31) (10)

? (11a)

all low pH equilibrium constants and the temperature
dependent equation:

K ros = 2848.779/T — 6.347 (12)

where T isin Kelvin.

The equilibrium constants determined here agree
well with Davison (1991) who recalculated the 25°C
stability constants for amorphous FeS, mackinawite,
and greigite, from the data of Berner (1967), Tewari
et a. (1978) and Kolthoff and Griffith (1938). In
addition, Davison et a. (1999) provided a new ex-
perimental value at 25°C for the above reaction,
which agrees well with the previous values. The
difference between the three studies for mackinawite
is ~ 0.3 log units, thus within the uncertainties of
the three experimental studies. This difference may
be due to the mackinawite of the current study,
which was aged longer than in the other studies,
thus, was more crystalline and could have a dlightly
lower solubility. The field-based, low temperature
(12.8°C to 18.8°C) equilibrium constants for amor-
phous mackinawite determined by Bagander and
Carman (1994), although spread over a wider range,
are also in good agreement. However, their data are
from near neutral pH, where hydrosulphide species
may become important although they were not con-
sidered. At higher temperatures, only one study is
available (Schoonen and Barnes, 19914, their Fig. 2).
Using a high-temperature titration method, these au-
thors showed that the solubility of their initial precip-
itate (amorphous FeS) does not change from 100°C
to 250°C, where logK remains at 2.9 + 0.2. Their
value compared with the value at 95°C for aged
mackinawite from this study (Fig. 8) diverges in the
right direction, although the difference is larger than
expected.

The molar Gibbs free energy for Reaction (11)
can be calculated directly from the equilibrium con-
stants derived from Eq. (12) following the expres-
sion:

AG® = —RTINK s (13)

where R is the gas constant (8.3141 J/K mol). For a
linear temperature dependent reaction, the first
derivative of Eq. (12) with respect to temperature
provides a constant enthalpy, A H°, while the second

derivative, the heat capacity, AC[,, is zero. In turn
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Fig. 8. Equilibrium constants, K g, referring to Eq. (12) plotted as a function of inverse temperature, in Kelvin; the upper legend is in °C.
The size of the symbols is larger than the estimated uncertainties of the calculated constants. Diamonds are experiments carried out in this
study: solid diamonds at pH < 5; open diamonds at pH > 7 and 80°C (Table 3). The open circle, cross and triangle at 25°C are the values for
greigite, mackinawite and amorphous FeS, respectively, from Davison (1991); the dotted area represents the range of data from Bagander
and Carman (1994); the star marked 2.9 represents the value of Schoonen and Barnes (1991b); details see text.

the entropy, AS?, can be calculated from AH° and
AG? and is aso constant. The functions calculated
from 25°C to 100°C are summarized in Table 5.
Using the AH? and AG® values at 25°C, the forma
tion constants for mackinawite were calculated and
are presented in comparison to literature data in
Table 6.

In Fig. 8 it is obvious, that the two data points at
80°C are not compatible with the overall trend.

Table 5

Equilibrium constants and thermodynamic functions for the disso-
lution of mackinawite between 25°C to 100°C

R=8.3141 J/K mal.

AG® = —2.303RTIlog K geg-

AH?® = —2.303R*2848.779.

AS=(AH? - AGY)/T.

Temp. log K&s AG’ AHP AS

(@) (kJ/mol) (k3/mol)  (kJ/moal)
25 3.21 —-1831+1.1 —54.55 —122
50 2.47 —15.27+1.9 —54.55 —122
75 1.84 —12.24+1.3 —54.55 —122
80 1.72 —11.63+1.3 —54.55 —122
90 1.50 —-1041+14 —54.55 —122

100 1.29 —-9.20+14 —-5455 —122

logK pes = 2848.779/ T — 6.347.

These two experiments were carried out at higher
pH, thus indicating that at these pH values, Fe*" is
not the dominant ferrous species, but instead an iron
hydrosulphide complex is probable. However, both
the stoichiometry and stability of the dominant iron
hydrosulphide species in akaline pH solutions are
controversial. Two main species have been proposed:
FeHS"™ and Fe(HS)J. Wei and Osseo-Asare (1995)
determined from spectrophotometric measurements
the vaue for the formation constant of FeHS™,
Brenst 25c 10 be 4.5, while Luther and Ferdelman
(1993) and Luther et al. (1996), using voltametric
methods determined Brs+ o5c scawater = -2 10 5.5.
In contrast, Davison et a. (1999) found that FeHS*
has an insignificant effect on the overal solubility
and that in experiments at pH between 3 and 8, the
best fit was achieved with Fe(HS)J with the forma-
tion constant Bryps),o5c = 6.45 £ 0.12. Mountain
and Seward (1998) and Mountain (personal commu-
nication, 1999) consider the species FeHS* to be
important only in a very restricted pH range (slightly
below neutrality), while the species Fe(HS); will be
dominant in near neutral to alkaline solutions. The
available data in Fig. 8 are insufficient to determine
the iron sulphide speciation at high pH values. How-
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Table 6
Gibbs free energy of formation and enthalpy of formation at 25°C
for various iron sulphides

AGP 20815 AHP 2815
(kJ/moal) (kJ/moal)
Pyrite (FeS,)? —160.23 —171.64
Troilite (FeS)? —101.33 —100.96
Greigite (Fe,S,)° —290.4 -
recal culated® —2738
Mackinawite (FeS)® —93.3 -
recal culated® —87.7
amorphous FeS (FeS)P -89.1 -
recal culated® —83.7
Mackinawite (FeS)® —88.43 —74.30

®Robie et a. (1978).

®Berner (1967).

“Recalculated after Berner (1967), but using thermodynamic
data for H,S(ag) from Robie et al. (1978) instead of S?~, because
of the negligible activity of this species in natura waters (Gig-
genbach, 1971).

4This study; calculated using the values for mackinawite at
25°C from Table 4 and the Gibbs free energies of formation for
Fe?* (—78.87 kd/mol) and H,S (—27.87 kJ/mol) and the en-
thalpy of formation for Fe?* (—89.10 kJ/mol) and H,S (—39.75
kJ/mol) from Robie et al. (1978).

ever, in the absence of high temperature formation
constants for iron hydrosul phide complexes, the for-
mation constants for Brys+ and Brgpsg a 80°C
were estimated. It is expected that, similar to Au™,
Cu®, Zn?* and Pb?" -hydrosulphide complexes
(Giordano and Barnes, 1979; Bourcier and Barnes,
1987; Renders and Seward, 1989; Mountain and
Seward, 1999), the formation constants will decrease
or remain constant with increasing temperature. De-
creasing stability with increasing pH is also ex-
pected, based on the slopes of the FeHS" and
Fe(HS)S complexes in a concentration vs. pH space
(dope= —1, for the monovalent cationic charged
species and zero, thus indicating the lowest solubility
for the uncharged species). The data for the higher
pH values gave constants in disagreement with the
expected higher temperature trends. The comparison
with the literature data at 25°C for FeHS"™ (4.5 to
5.5) and Fe(HS), (6.45) shows, that, in both cases
the calculated log 8 (7.1 + 0.2 for FeHS*and 8.8 +
0.7 for Fe(HS)) increase with temperature. This
suggests that in akaline pH solution another nega-
tively charged complex with a positive slope in the

concentration vs. pH field must be dominant
[Fe(HS); 7. However, additional data on the solubil-
ity of mackinawite at high pH and below 100°C are
desperately needed.

4. Conclusions

Experiments conducted below 100°C in reducing
sulphide solutions, showed that mackinawite is stable
as long as no reactant other than H,S is provided.
Only oxidation of the precursor solid phase or of the
reduced agueous sulphur species promotes changes
in solid and solution chemistry, and, thus favours the
formation of intermediate iron monosulphide species
and subsequently of pyrite.

Ageing experiments conducted for > 2800 h
demonstrate that mackinawite suspensions, athough
supersaturated with respect to pyrite, do not convert
to pyrite. Slow and fast oxidation experiments as
well as experiments conducted with freeze-dried
mackinawite and pyrite seeds show that pyrite for-
mation occurs only after oxidation is induced. Fur-
thermore, it can be concluded that the rates of trans-
formation to pyrite increase with increasing degree
of oxidation. These observations, however, imply a
mechanism, which demands oxidised intermediate
sulphur species (elemental sulphur, polysulphides)
and/or surface oxidised monosulphide species
(oxidised mackinawite, greigite), and therefore the
‘oxidation’ due to H,S alone can be ruled out.

Although most experiments were carried out in
low pH solutions, due to the low concentration of
sulphide species with intermediate oxidation-state no
marcasite was formed. It is concluded that pH alone
will not drive marcasite formation, but that, in addi-
tion, a critical threshold in the concentration of the
intermediate sulphur species needs to be reached
before marcasite can form.

From the long term ageing experiments the solu-
bility of mackinawite to 100°C has been measured.
From these measurements, the high temperature
equilibrium constants, as well as the thermodynamic
reaction and formation functions for mackinawite
were calculated. At 25°C a good agreement with
literature data is achieved and with increasing tem-
peratures, the solubility increases.
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These data have implications towards the under-
standing of the reactions occurring in anoxic sedi-
mentary basins where monosulphides and disul-
phides form under similar conditions. In such envi-
ronments, the availability of oxidised sulphur and
iron species with depth, will control the degrees of
oxidation and in turn these factors will govern the
rate of conversion of monosulphides to pyrite.
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