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Abstract

Thermodynamic simulations of reactions among SO,-bearing CO,-dominated gas, water and mineral phases predict
that Fe''' in sediments should be converted almost entirely to dissolved Fe'' and siderite (FeCOs3), and that SO, should
simultaneously be oxidized to dissolved sulfate. The reactions are however, subject to kinetic constraints which may
result in deviation from equilibrium and the precipitation of other metastable mineral phases. To test the prediction,
a laboratory experiment was carried out in a well stirred hydrothermal reactor at 150 °C and 300 bar with hematite,
1.0 m NaCl, 0.5 m NaOH, SO, in quantity sufficient to reduce much of the iron, and excess CO,. The experiment pro-
duced stable siderite and metastable pyrite and elemental S. Changes in total dissolved Fe are consistent with nucleation
of pyrite at ~17 h, and nucleation of siderite at ~600 h. Dissolution features present on elemental S at the conclusion of
the experiment suggest nucleation early in the experiment. The experiment did not reach equilibrium after ~1400 h, as
indicated by coexistence of hematite with metastable pyrite and elemental sulfur. However, the results confirm that Fe™
can be used to trap CO, in siderite if partly oxidized S, as SO,, is present to reduce the Fe with CO, in the gas phase.

© 2005 Elsevier Ltd. All rights reserved.

1. Introduction

Combustion of fossil fuels and other human activities
have contributed to a 30% increase in atmospheric CO,
since 1850 (Bruant et al., 2002; Falkowski et al., 2000).
This greenhouse gas is a likely significant contributor
to global climate change. Within the last decade, consid-
erable research has been conducted into reducing CO,
emissions to the atmosphere, including the capture of
CO, from power plant flue gas, and storage or seques-
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tration of in geologic formations, terrestrial biomass,
or the oceans (e.g., Bergman and Winter, 1995; Gunter
et al., 1997, 2000; Harrison and Wendlandt, 1995; Hit-
chon, 1996; Kaszuba et al., 2003; McPherson and Cole,
2000; Spycher et al., 2003; White et al., 2003; Wolf et al.,
2004). Sedimentary formations offer an enormous po-
tential repository for CO, sequestration, where CO,
may be injected and stored as a supercritical fluid, as a
dissolved component in formation water, or trapped in
minerals. Studies of in situ mineral trapping of CO,
(Gunter et al., 2000, 1997; Johnson et al., 2001; Kaszuba
et al., 2003; Pruess et al., 2001) generally consider the use
of Ca-bearing arkosic, Mg-bearing illitic, or Fe"'-bearing
glauconitic sediments to trap CO, in calcite, magnesite,
siderite, or ankerite (CaFe(COs),). Glauconitic beds,
which contain Fe' that could precipitate in siderite or
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ankerite, are generally of limited thickness and geo-
graphical occurrence.

In contrast to glauconitic sediments, Fe -bearing
sediments, including redbeds, are of widespread geo-
graphic distribution and generally great thickness. In
addition they commonly have high porosity and per-
meability. As such, they have great potential to trap
CO, in siderite and/or ankerite, if the Fe™ can be re-
duced to Fe'l. The authors propose the use of SO, gas
as an Fe reductant. Sulfur dioxide gas is a logical
choice, because it is already a component of the
CO»-bearing flue gas produced by combustion of S-
bearing fossil fuel.

Herein the authors examine the possibility of using
SO, to reduce Fe'™ to Fe'!, thereby allowing Fe to pre-
cipitate with CO, as siderite. Using hematite as a proxy
for Fe™ in sediments, the authors first determined using
theoretical calculations if the products of the reaction:

FCzO} (I'OCk) + 2C02 + SOZ + HzO
=2FeCO; (siderite) +H,SO, (1)
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are favored by equilibrium thermodynamics. A labora-
tory experiment was then performed to determine if
the relative reaction kinetics favored the desired siderite
product, rather than other metastable phases.

2. Details of the problem

Previous investigations have shown that: (1) dis-
solved sulfide reacts with Fe'"! in sediments to produce
solid iron sulfide and dissolved sulfate, and (2) SO, re-
acts with liquid water to produce dissolved sulfide.
Experimental and theoretical studies of disposal in red-
beds of H,S extracted from sour natural gas have shown
that dissolved sulfide apparently reacts quickly with
Fe'" in minerals to produce amorphous iron sulfide
(FeS-am), dissolved sulfate, and metastable thiosulfate
(Palandri, 2000):

4Fe,0; (rock) +9H,S (aq)
=8FeS(amorphous) + H,SO, (aq) + 8H,0 (2)

Given that Fe' reduction is accompanied by S oxida-
tion, the reduced Fe'' must subsequently react with addi-
tional reduced S (HS™, H»,S) to produce FeS-am. This
suggests at least a two step reaction mechanism, and that
all of the Fe eventually residing in sulfide minerals likely
previously existed as dissolved Fe™-bearing species.

Field observations of volcanic systems and thermo-
dynamic modeling (Getahun et al., 1996; Symonds
et al., 2001) show that SO, gas reacts quickly to produce
H,S and H,SO4 in an aqueous disproportionation
reaction:

480, +4H,0 = H,S + 3H,S0, 3)

Previous work therefore suggests that SO, will react
with water to produce dissolved sulfide, which will then
reduce Fe'! to Fe'', as the sulfide is oxidized to sulfate.
In the absence of CO,, additional sulfide will then react
with dissolved Fe'! to produce solid Fe sulfide. The re-
sults presented herein assess whether dissolved CO,, if
available in sufficient quantities, competes more effec-
tively than SO,-derived dissolved sulfide for the dis-
solved Fe'l, resulting in precipitation of siderite rather
than Fe sulfide (pyrite, FeS-am), and leaving the dis-
solved sulfide available for further reaction with and
reduction of Fe'™l.

Theoretical equilibrium calculations do not account
for the kinetics of mineral dissolution and precipitation.
Even if the products of a chemical reaction are favored
thermodynamically, there is the possibility of precipita-
tion and persistence of metastable phases. A common
example is the precipitation of metastable amorphous
silica rather than stable quartz during the cooling of sil-
ica-rich geothermal fluids. Herein, dissolution of CO,
and SO, gases in water, and precipitation of siderite
are all fast relative to rate limiting hematite dissolution.
Because SO, dissolves quickly relative to hematite, the
system is likely to be initially quite reducing, becoming
more oxidizing as hematite continues to dissolve and re-
act. A potential complication is that the initially highly
reducing conditions may lead to precipitation of unde-
sirable phases such as Fe sulfide or elemental S which
are stable early in the reaction, but persist metastably la-
ter in the reaction and thereby prolong it. Ultimately,
for the CO, trapping method described above to be via-
ble, the absolute rate of siderite precipitation should, at
a minimum, be sufficiently fast to be detected on the
time scale of a laboratory experiment.

3. Methods

Two theoretical equilibrium geochemical simulations
were constructed, identical except for the presence of a
NaOH pH buffer. The simulations establish whether the
siderite reaction product is favored thermodynamically,
both with and without a pH buffer. A laboratory exper-
iment was then carried out with the NaOH pH buffer.
Sodium hydroxide was used in the experiment to simu-
late natural mineral buffering of pH, and to thereby in-
crease the degree of siderite supersaturation and hence
the siderite precipitation rates, so as to increase the
probability of obtaining discernable siderite precipita-
tion within several weeks. The computer simulation
with the NaOH pH buffer provides a basis for compar-
ison to establish the degree to which the experiment ap-
proaches equilibrium. The simulation without NaOH
establishes whether the siderite reaction product is
favored thermodynamically even in the absence of a
pH buffer.
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Modeled and experimental P-T conditions were
300 bar and 150 °C. Although the pressure is within
the range typically found in sedimentary formations,
the temperature is at the high end of the range that
might be observed and was selected to increase reaction
rates in the experiment. The initial aqueous phase was
150 ml (at 25 °C) of 1.0 m NaCl brine, with the NaOH
concentration at 0.5m in the pH-buffered simulation
and the experiment. The initial solid phase was 10 g of
hematite. The amount of initially anhydrous CO, was
16 g, a quantity sufficient to ensure the existence of ex-
cess supercritical CO, over the course of the reaction
even if all of the Fe precipitated in siderite. The experi-
ment used a fixed 2.5 g amount of SO,, sufficient to re-
duce most but not all of the Fe. The simulations used
incrementally increasing amounts of SO, (from 1.0 pug
to 120 g) to show the effects of using SO, in quantities
both less than, and far in excess of that required to re-
duce all of the Fe.

Hematite was used as the source of Fe'' in the exper-
iment rather than natural Fe"-bearing sediments, be-
cause the small volume of the experimental reaction
cell severely limits the amount of Fe' available if natu-
ral sediments were used. Use of a single, relatively pure
hematite initial solid also facilitates detection of experi-
mental reaction products. Therefore, hematite also also
used in the simulations to facilitate comparison of the
simulations to the experiment.

3.1. Modeling methods

The thermodynamic equilibrium simulations were
computed using CHILLER (Reed, 1998), which calcu-
lates the distribution of chemical components among
minerals, gases, and species in the aqueous phase. The
sources of most of the thermodynamic data, the meth-
ods of computing activity and fugacity coefficients, and
an overview of the limitations of the method are dis-
cussed in Palandri and Reed (2004) and are not repeated
here. The thermodynamic data for minerals and H,O
and CO, gases are derived from the data of Holland
and Powell (1998), and data for SO, and H,S gases
are derived from the SUPCRT92 data of Johnson
et al. (1992). Data are not available to compute fugacity
coefficients for SO, or H,S and ideality is assumed.
However, because SO, and H,S are very soluble in aque-
ous fluids, the amount of these components in the gas
phase is negligible and the gas phase is dominated by
C02 and H20

In the simulations the fluids were first equilibrated
with hematite at the stated conditions, yielding a small
amount of dissolved Fe'™. In the simulation without
NaOH, equilibration with hematite yields a computed
pH of 5.8, and upon further equilibration with excess
supercritical CO,, a pH of 3.3. In the simulation with
NaOH, equilibration with hematite results in a pH of

10.9, and equilibration with excess CO, yields a pH of
5.9. The simulations were then completed by adding
SO, incrementally and recalculating equilibrium at each
step, to obtain the results discussed below. Although
both gases should dissolve quickly, in the simulations
all the CO, was added prior to incrementally adding
SO,, to assess the effects of varying amounts of SO, in
CO,-dominated flue gas.

3.2. Experimental methods

3.2.1. Experimental apparatus and set-up

The experiment was carried out in a flexible Au-Ti
reaction cell with ~200 cm? total volume. The cell was
contained within an autoclave which was secured within
a cyclic rotating (180°) furnace. The assembly is equipped
with a Ti-valved, Au-lined stainless steel capillary tube,
that allows sampling of the fluid while maintaining
experimental conditions in the reactor, and simulta-
neously allowing for rapid quenching of the sample.
The brine volume was 150ml at 25°C (161 ml at
150 °C), and the brine was sparged for 2 h with N, to re-
move dissolved O,. Hematite from Minas Gerais, Brazil
was obtained from Ward’s Natural Science Establish-
ment, ground in an alumina disk mill, and sieved to ob-
tain a 75-125 um size fraction. X-ray diffraction (XRD)
spectra confirmed the presence of hematite only. The
fluid and 10 g of hematite were sealed inside the cell/
autoclave/furnace assembly, and pressurized to 100 bar
by adding water to the annulus surrounding the Au cell
inside the autoclave. The CO, was injected with a syringe
pump, the assemblage was heated to 150 °C, and the
pressure was adjusted to 300 bar. Sulfur dioxide gas
was then added with the syringe pump. Because of the
high compressibility and the small volume of SO, used,
there is considerable uncertainty in the amount added.

At the conclusion of the experiment at ~1400 h,
10 ml of 16.7 m NaOH was added to draw the remaining
CO, into solution to avoid bursting the reaction cell.
The autoclave was removed from the furnace and
quenched with ~15 °C water until warm to the touch.
The autoclave and reaction cell were disassembled, and
the solids were filtered under vacuum through 2.5 pm
paper filter then dried overnight at 80 °C. The NaOH
addition, quench, reactor disassembly, and filtration
were conducted in a period of less than 1 h.

3.3. Analytical methods

Aqueous samples were withdrawn from the experi-
ment at various times for chemical analysis. Fluid pH
was determined immediately; reported pH values are
maxima because the fluid samples degassed CO, upon
sampling. Dissolved sulfate and thiosulfate concentra-
tions were determined by ion chromatography. Sulfite
was detected but was not quantified because O, in the
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chromatograph eluent leads to rapid sulfite oxidation.
Total Fe and Fe'' concentrations were determined by
the ferrozine colorimetric method after Stookey (1970),
and Fe'™ was calculated from the difference. Iron' val-
ues are minima because the samples were exposed to
atmospheric O, for up to 30 min before analysis, possi-
bly resulting in oxidation to Fe™. Solids were analyzed
by XRD to identify minerals, and by scanning electron
microscopy with energy dispersive spectroscopy (SEM/
EDS) to obtain backscatter images and semi-quantita-
tive mineral chemical compositions. Solids for SEM/
EDS analysis were mounted on 8-12 mm diameter sam-
ple holders by pressing the sample holders affixed with
double-sided C impregnated tape into loose solid exper-
imental products, and then coated with Au. Less than
5% of the solids were analyzed by SEM/EDS.

4. Results
4.1. Modeling results

In the first simulation (Fig. 1) without NaOH pH-
buffering, siderite is stable over a wide range — almost
3 orders of magnitude — of total added SO, gas
(Fig. 1(a)), from —2 to 0.95 log g (0.01-9 g). Pyrite re-
places siderite, but only after hematite has dissolved
completely. At equilibrium in this system, neither pyrite
nor S can coexist with hematite. Although hematite and
pyrite curves appear to overlap because of the finite line
thickness, there is a short interval near 3.6 g (0.56 log g)
SO, added where siderite is the only stable solid. Sulfur
eventually replaces pyrite between 20 and 28 g (1.30 and
1.45 log g) SO, added. An important similar result is ob-
tained in a simulation using H,S instead of SO, (not
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shown in figures), but with higher pH and much lower
sulfate concentration at any stage in the simulation.

Specific minerals can be suppressed from simulations
where less stable phases are expected to precipitate be-
cause of their relative precipitation kinetics, e.g., sup-
pression of quartz where amorphous silica is expected,
and of pyrite and pyrrhotite where FeS-am is expected.
Pyrite is not suppressed here to show that the most sta-
ble of the Fe sulfides (pyrite) is a less stable repository
for Fe'! than siderite. If pyrite and pyrrhotite are sup-
pressed (not shown) then S precipitates directly after sid-
erite dissolution, and FeS-am does not precipitate.
Although the dissolved Fe'" concentration is quite high,
the dissolved sulfide concentration remains too low to
reach FeS-am saturation.

The pH (Fig. 1(b)) increases from an initial value of
3.3, to 3.7, where siderite precipitates because hematite
dissolution consumes H'. Both siderite precipitation
and SO, addition produce H' which leads to a steady
decrease in pH to ~2.7. Where siderite begins to dissolve
and consume H™, the pH levels off slightly. The pH then
begins to decrease more sharply once siderite dissolves
out. A significant finding is that the total dissolved sul-
fide concentration, dominated by H,S, remains less than
10 ppb until siderite dissolves completely, then increases
to ~30-300 ppm, where pyrite is stable, and to
~600 ppm where native S is stable. The total dissolved
Fe concentration increases steadily over the course of
the simulation, exceeding 31,000 ppm where pyrite dis-
solves. Iron is present predominantly as Fe*", FeCIt
and FeSOy(aq). Total sulfate increases steadily over
the course of the simulation, and is present mostly as
SO?[, NaSO,, HSO,, and FeSOy4(aq). The concentra-
tions of thiosulfate and sulfite species are low, and just
before hematite dissolves out, are both <0.01 ppm.
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Fig. 1. Results summary from simulation at 150 °C and 300 bar of the CO,—SO, reaction with 10 g of hematite in 156 g of 1.0 m NaCl
brine using 14 g (excess) CO,; vertical line at 0.4 log g (2.5 g) denotes the amount of SO, used in the experiment. (a) Mineral/gas phase

assemblage. (b) Fluid composition.
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In comparing the first and second (Fig. 2) simula-
tions, without and with pH buffering respectively, the
most significant difference is that with pH buffering, sid-
erite is stable over a much wider range of SO, gas added
(Fig. 2(a)) from 1 pg (off-scale left) to 16 g (—6.0 to
1.20 log g). Other differences with pH buffering include
a much higher pH of ~6 (Fig. 2(b)) and much lower dis-
solved Fe'' concentration that results from increased sid-
erite precipitation at higher pH. Total Fe remains
constant near ~0.05 ppm where the simulation is pH
buffered, increasing sharply to ~31,000 ppm where sid-
erite dissolves out, then to ~34,000 ppm, where pyrite
dissolves out. In the unbuffered simulation, the total
Fe concentration increases steadily with increasing SO,
added. The simulations are quite similar after ~0.4 log
g SO, are added because the pH buffer in the second
simulation has been overwhelmed by the addition of
acidic SO,. It can be concluded that at equilibrium, sid-
erite is expected to reach saturation over a wide range of
SO, gas added, and that this range is even greater in the
presence of a natural or synthetic pH buffer.

The vertical line in Fig. 2 at 0.4 log g (2.5 g) added SO,
denotes the system composition in the experiment if it
reaches equilibrium, where the mineral assemblage
should consist only of hematite and siderite. As in the first
simulation above, there is a short interval near 0.603 log g
SO, added where siderite is the only stable solid. Again,
as for the first simulation, a similar result is obtained in
a simulation using H,S instead of SO, (not shown), but
with higher pH and lower sulfate concentration.

4.2. Experimental results

Analyses of the experimental solids confirm that mix-
tures of CO, and SO, will reduce Fe'! in hematite to dis-

solved Fe'l, and precipitate Fe'' as siderite. Alteration
minerals include siderite, pyrite, dawsonite (NaAl-
CO;3(0OH),), and elemental S. XRD spectra verified only
the presence of hematite and pyrite, and SEM/EDS ver-
ified the presence of the other reaction products. Very
fine-grained (<500 nm) pyrite and/or FeS-am, and minor
S also occur as a mixture of free grains (not shown in fig-
ures) not attached to hematite grains. EDS analysis of the
mixture showed the presence of both Fe and S, and opti-
cal microscopy showed mostly gray-black mineral grains
and a small number of yellow S grains. The identity of the
Fe sulfide phase(s), however, could not be confirmed. In
comparing the simulated and experimental alteration
assemblages, the coexistence of pyrite and S with hema-
tite in the experiment clearly indicates that the experiment
is far from equilibrium after almost two months.

All of the hematite grains show some evidence of
etching, but most do not show the presence of the alter-
ation minerals on their surfaces, except for extremely
fine-grained siderite and dawsonite that presumably pre-
cipitated rapidly after concentrated NaOH was added
just prior to quenching the experiment. Some hematite
grain surfaces show the presence of siderite, dawsonite
and pyrite on the same grain (Fig. 3). Aluminum in daw-
sonite was likely derived from hematite, which can con-
tain significant amounts of Al,Oj3 in solid solution, e.g.,
10 wt% for hematite formed at 1000 °C (Deer et al.,
1992). Alternatively, Al may have been provided by a
contaminant phase(s) present in quantities insufficient
to be detected by XRD spectra of the initial solids. It
is unlikely that the alumina disk mill used for grinding
the hematite provided Al in quantities sufficient to ac-
count for the amount of dawsonite observed.

A few of the hematite grains apparently were more
efficient than others as nucleation sites, and are host to
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Fig. 2. Results summary from pH-buffered simulation at 150 °C and 300 bar of the CO,-SO, reaction with 10 g of hematite in 159 g of
1.0 m NaCl, 0.5 m NaOH brine using 14 g (excess) CO»; 0.4 log g (2.5 g) is the amount of SO, used in the experiment. (a) Mineral/gas
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Fig. 3. Experimental results, solids: Rhombic (trigonal) siderite, acicular dawsonite, framboidal pyrite on etched hematite. Note

clumps of fine-grained sulfur and siderite at lower left, upper right.

many crystals of siderite (Figs. 4 and 5). It is unclear
why the siderite crystals in Fig. 4 show a stepped mor-
phology while those in Fig. 5 do not. The presence of
well-crystallized siderite as in Figs. 3 and 5 suggests that
siderite precipitated slowly, rather than in the short per-
iod of time between the addition of NaOH and filtration
of the solids at the end of the experiment.

Many of the hematite grains are host to framboid-
like pyrite (Fig. 6). Also observed are either discrete
hematite-free clumps composed of native S and minor
siderite (Fig. 7), or, possibly, hematite grains where the
number and size of siderite and S crystals are sufficient
to completely obscure the hematite surface. The pres-
ence of siderite partially enclosed by S (Fig. 7) suggests
that the S continued to grow after nucleation and
growth of siderite, and provides further evidence that
siderite nucleated and grew before concentrated NaOH

was added prior to quenching the experiment. Sulfur ap-
pears to have been re-dissolving, because S crystals show
rounding of edges ranging from moderate (Fig. 7) to
pronounced (Fig. 8). Estimated mineral abundances by
volume are ~90-95% unreacted hematite, 5-10% pyrite,
1-2% S, and 0.1-0.5% siderite.

The changes in fluid composition over the course of the
experiment are summarized in Fig. 9. The Fe concentra-
tion (Fig. 9(a)) was initially high due to adhering surface
fines after grinding the hematite. The total Fe concentra-
tion after 17 h was 320 ppm, which decreased rapidly to
12 ppm after 40 h. Total Fe then increased to 450 ppm
at ~610 h, then decreased to 190 ppm at ~970 h, and re-
mained approximately constant for the remainder of the
experiment which was terminated at ~1400 h. Total dis-
solved Fe was dominated by Fe' rather than Fe™™ over
most of the experiment. In the two instances where Fe

Fig. 4. Experimental results, solids: Siderite on etched hematite. Note stepped morphology to siderite crystals.
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i P,
e R [

Fig. 5. Experimental results, solids: siderite on etched hematite. Note absence of stepped morphology to siderite crystals as in Fig. 4.

Fig. 7. Experimental results, solids: fine-grained clumps of dipyramidal sulfur with minor siderite. Note siderite crystal partly enclosed
by sulfur, and rounding of sulfur grain suggesting dissolution.
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Fig. 8. Experimental results, solids: sulfur and tabular dawsonite on etched hematite. Note pronounced rounding of sulfur grain

suggesting dissolution.
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Fig. 9. Experimental results, fluid composition. (a) Dissolved iron: total iron, ferrous iron, ferric iron. (b) Dissolved sulfur: sulfate,
thiosulfate. (c) Fluid pH, values are maxima due to CO, degassing upon sampling.

began to decrease at ~17 and ~610 h, it is apparent that
dissolved Fe had increased to a point where nucleation
of an Fe-bearing mineral has occurred and growth was
proceeding. Given that nucleation and growth of amor-
phous Fe sulfide is fast at up to 71 °C (Palandri, 2000;
Schoonen and Barnes, 1991) and that of siderite is rela-
tively slow at up to 80 °C (Greenberg and Tomson,
1992; Jensen et al., 2002; Jimenez-Lopez and Romanek,
2004), it is likely that an Fe sulfide phase nucleated at
~17 h, and siderite at ~610 h.

Concentrations of dissolved S species are shown in
Fig. 9(b). Disproportionation lead to high concentra-
tions of sulfate and thiosulfate after 17 h. As mentioned
above, sulfite was also detected but not quantified. How-

ever, the sulfite chromatograph peak areas appeared to
decrease over the course of the experiment, indicating
decreasing sulfite concentration. The odor of sulfide
was not detected in any of the fluid samples over the
course of the experiment, but a faint odor of sulfide
was detected upon opening the reaction cell at the end
of the experiment, indicating either the presence of a
minute quantity of sulfide during the reaction, or that
sulfide was produced by S or Fe sulfide dissolution dur-
ing quenching. Disproportionation in the experiment
apparently produces sulfate with thiosulfate and sulfite,
as compared with sulfate, sulfide and only traces of thio-
sulfate and sulfite in the simulations. Sulfite reacts
quickly with sulfide to produce thiosulfate (at 65 °C,
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Schoonen and Barnes, 1991), so sulfide produced in the
experiment may have reacted with excess sulfite produc-
ing thiosulfate and leaving a small amount of remaining
sulfite. Sulfur not represented in Fig. 9(b) is likely con-
tained in dissolved sulfite or elemental S.

The fluid pH (Fig. 9(c)) was measured as quickly as
possible after fluid sampling. The pH values are maxima
because the fluid degasses CO, upon sampling, leading to
increased pH. However, decreased pH values near 4.3
centered around ~320 h likely resulted from S dissolution
or possibly Fe sulfide dissolution. The pH then recovered
to approximately its original value apparently due to con-
tinued hematite dissolution which consumed H™.

5. Discussion

The equilibrium computer simulations indicate that
for any amount of SO, added to this system, hematite
cannot coexist with pyrite or S, and siderite cannot coex-
ist with S. The coexistence of all 4 minerals in the labora-
tory experiment thus indicates a metastable system.
There was a high degree of uncertainty in the amount
of SO, added to the experiment, but, if the amount added
was 2.5 g as intended, then hematite and siderite were
stable, and pyrite and S were metastable. Pyrite was sta-
ble early in the experiment when little of the hematite had
dissolved. Dissolution features were not observed on pyr-
ite grains, so depending on the amount of SO, added,
pyrite could have been stable at the end of the experi-
ment, or re-dissolving too slowly to be develop dissolu-
tion features. FeS-am if present, is always metastable
with respect to pyrite and should re-dissolve. Elemental
S could also have been stable early in the experiment,
or could have been produced as a metastable intermedi-
ate of the SO, reaction with water. Sulfur in the experi-
ment was apparently re-dissolving, and given enough
time it would likely dissolve completely. Further dissolu-
tion of S and possibly pyrite should lead to further reduc-
tion of Fe™ from hematite and hence further
precipitation of siderite. In any case, hematite was unsta-
ble and continued to dissolve over the course of the
experiment, while siderite apparently became stable en-
ough at ~610 h to nucleate, then continued to grow until
the end of the experiment. If Fe""-bearing phases such as
FeO-OH that dissolve more quickly than hematite were
present, as might occur with thin grain coatings with
large surface area as in redbeds, the overall reaction
may proceed more quickly than observed for hematite.

The desired molar ratio for CO, to SO, indicated by
Eq. (1) is 2:1, but the ratio in the simulation where all of
the hematite has been consumed is near 3:1 (excluding
the CO, remaining in the supercritical gas phase) be-
cause a large amount of CO, remained dissolved in solu-
tion. Therefore a significant limitation in using Fe™™ to
sequester CO, from power plants is that flue gas derived

from the combustion of fossil fuel, even coal with high S
content, typically contains less than 5.0 wt% SO,, and
would not contain enough SO, to reduce Fe in quantity
sufficient to trap all of the CO, in siderite if sufficient
Fe! is present. To trap all of the CO, in such a gas in
carbonate minerals, targeted sediments must contain
other divalent metals capable of precipitating out CO»,
but not already bound in carbonate minerals, e.g., Ca,
Mg, or already reduced Fe'l. Decreased pH due to acid
gas addition may increase the solubility of carbonate
minerals containing these cations thereby preventing
their precipitation, but in that case C would be stored
in the fluid as dissolved HCOj. Alternatively, reduced
S-bearing waste gas derived from other industrial pro-
cesses, e.g., H,S from sour natural gas processing, could
be added to the waste gas stream. Given that production
of hydrocarbon syn-fuels from coal gasification also
produces CO, and H,S waste, this waste could be dis-
posed of in a similar manner. If Fe is absent from the
targeted rocks, SO,, but not H,S, will apparently be
converted to less toxic and less reactive elemental S,
and might still be disposed of without first separating
SO, from CO,.

Mineral dissolution and precipitation may affect the
hydrologic properties of targeted aquifers. Considering
only volume changes, mineral dissolution and precipita-
tion result in porosity (and permeability) and increase
and decrease, respectively. Hematite and siderite have
molar volumes of 30.3 and 29.4 cm?, respectively (Hol-
land and Powell, 1998), and, therefore, complete alter-
ation of hematite to siderite would lead to almost a
doubling of mineral volume. A redbed composed domi-
nantly of quartz with 1% hematite and having 20%
porosity would show less than 1% porosity decrease.
However, dissolution of mineral cements may lead to re-
lease of detritus that would clog pore throats and lead to
a permeability decrease. There may also be a porosity
and permeability loss near the site of injection due to
S precipitation. Further, because of the high concentra-
tion of dissolved sulfate, the presence of Ca in sediments
may lead to the precipitation of anhydrite or gypsum,
which could also lead to a decrease in porosity and per-
meability. The presence of Ca may also lead to the pre-
cipitation of ankerite instead of siderite. No statement
can be made regarding volume changes in rocks where
reactant Fe' is contained in other minerals without
knowledge of the mineral identity and composition.

6. Summary and conclusions

Theoretical equilibrium calculations predict that
2 mol of CO, and 1 mol of SO, gases will react with Fe''!
in 1 mol of hematite, to produce the Fe™" in 2 mol of sid-
erite, effectively trapping the CO,. Accounting for CO,
remaining in solution yields a higher ratio of CO, to
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SO,, depending on the water-rock ratio. If there is less
SO,, not all of the hematite will dissolve, and not all
of the CO, will be trapped. If there is more SO,, more
or all of the Fe will reside in solution and/or solid Fe sul-
fide, and again not all of the CO, will be trapped. At the
appropriate CO,:SO,, S will reside only in dissolved sul-
fate. The presence of an alkaline pH buffer enhances the
stability of siderite so that it is stable over a greater
range of SO, gas added.

The predictions based on computer simulations are
largely confirmed by experimental results, and siderite
eventually became stable under the conditions specified.
However, the experiment did not reach equilibrium after
two months at 150 °C and 300 bar, as indicated by the
presence of two early formed metastable phases, pyrite
and elemental S. In the experimental fluid, metastable
thiosulfate and sulfite which decreased with time, were
also detected in addition to stable sulfate. Experimental
results are consistent with nucleation of metastable pyr-
ite near 17 h, nucleation of metastable S before 611 h,
and nucleation of siderite near 611 h. Precipitated S
apparently re-dissolves, and pyrite should re-dissolve
as well, allowing for further Fe reduction and siderite
precipitation. Given sufficient time on the order of years
to tens of years, the reaction should reach equilibrium.
The authors suggest that Fe'!! in minerals other than
hematite in sedimentary rocks will also serve as CO,
mineral traps, if reduced S-bearing gas such SO, or
H>S is introduced with the CO,.
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