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A B S T R A C T

The reaction kinetics of reductive pyrite (FeS2) dissolution by H2 is important to predict the long-term aqueous 
and gaseous sulfide release in underground hydrogen storage and other engineered subsurface sites. We inves
tigated the rates of pyrite reduction based on sulfide formation as a function of temperature (60-150 ◦C), H2 
partial pressure (0-150 bar), and pHin situ (~ 4-10) in deoxygenated 0.03 M NaCl solutions. The experiments used 
natural pyrite powder (ø = 50-100 µm) and were run in hydrothermal batch reactors made of either titanium or 
Dursan®-coated 316L stainless steel. After experimental durations of ~ 700-900 h, dissolved S-II

(aq) concentrations 
measured by methylene blue spectrophotometry ranged from 10-5 to 10-3 M. Long-term pyrite dissolution and 
concomitant elevated S-II

(aq) concentrations were controlled by the formation of secondary pyrrhotite (Fe1-xS) and 
magnetite (Fe3O4), which prevented the ion activity product of FeS2 from achieving rapid saturation. Conversely, 
in the absence of pyrrhotite and magnetite precipitation, the solutions rapidly equilibrated with respect to pyrite, 
resulting in low S-II

(aq) concentrations. Rates of reductive pyrite dissolution were determined at 12 h from total S- 

II
(aq+gas) concentration vs. time data and were found to increase with temperature and H2-partial pressure. The 

rate dependency on pH at 90 ◦C, 7 bar PH2 was regressed either with an asymmetric ‘V’-shaped (two rate-pH 
domains) or a ‘U’-shaped (three rate-pH domains) relation. For this reason, two separate kinetic rate laws 
were derived, based on the ‘U’-regression (Ea = 35.2 kJ mol-1):

r = 10− 5.42e− 35208/RT(PH2 )
0.37

(

1 − Q
Keq

)

or the ‘V’-regression (Ea = 29.4 kJ mol-1):

r = 10− 5.13e− 29370/RT(aH+ )
0.13

(PH2 )
0.37

(

1 − Q
Keq

)

The performance of both rate laws was validated by reproducing the experimental S-II
(aq) concentrations in 

kinetic models. This comparison determined their applicability to be valid from 60 to 120 ◦C, 0-150 bar PH2, and 
pH ~ 6.7-8.6 (‘U’ rate law) or pH ~ 4.1-8.6 (‘V’ rate law). The rate laws are compatible with geochemical 
reactive transport codes and will enhance the understanding of geochemical fluid-rock-gas interactions in H2- 
bearing subsurface environments.

1. Introduction

Pyrite is the most abundant sulfide mineral in Earth surface envi
ronments (Rickard and Luther, 2007). While the oxidative dissolution 
kinetics of pyrite (FeS2) by aqueous O2 and Fe3+-ions has been studied 

extensively in the scope of acid mine drainage (e.g., Nordstrom, 1982; 
Williamson and Rimstidt, 1994; Evangelou and Zhang, 2009; Holmes 
and Crundwell, 2000; Chandra and Gerson, 2010; Feng et al., 2019; Li 
et al., 2023), few experimental studies have been devoted to the 
reductive dissolution kinetics by dihydrogen (H2) at shallow subsurface 
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temperatures (Truche et al., 2010, 2013).
Pyrite is a common but typically low abundance mineral constituent 

in clastic formations (~ < 0.1-2.0 wt%). The reductive dissolution of 
pyrite may therefore occur in the reservoir and caprocks of H2-bearing 
engineered subsurface sites. Pyrite is prevalent in clay-rich host rocks 
used for nuclear waste disposal (Truche et al., 2010, 2013; Hendrix 
et al., 2022), where H2 forms by the aqueous corrosion of steel cannisters 
enclosing radioactive waste (Gallé, 2000; Ortiz et al., 2002). In geologic 
reservoirs dedicated to carbon capture and storage, H2 is introduced as a 
contaminant with the CO2 injection stream from pre-combustion in
dustrial sources (Thambimuthu et al. 2005; Oosterkamp and Ramsen, 
2008). Pyrite occurs in sandstones of depleted natural gas fields and 
saline aquifers that are anticipated for the seasonal injection of H2 as a 
means of large-scale subsurface energy storage (e.g., Bourgeois et al., 
1979; Truche et al., 2013; Reitenbach et al., 2015; Hassannayebi et al., 
2019; Labus and Tarkowski, 2022; Braid et al., 2024).

The reduction of minor amounts of pyrite in the presence of H2 re
leases Fe+II and important amounts of aqueous and gaseous sulfide 
species, i.e., S-II = H2S(aq+gas) + HS-

(aq) + S2-
(aq), given in Eqs. (1) and (2)

(Truche et al., 2010, 2013; Hassannayebi et al., 2019). Depending on the 
acidity of the formation water, S-II degasses to various extents from the 
aqueous fluid into the gas phase in the form of H2S(gas) (Truche et al., 
2010, 2013). 

FeS2 +H2 = Fe2+ +2HS− (1) 

HS−
(aq) +H+ = H2S(aq+gas) (2) 

The released S-II can trigger further reactions due to modifications of the 
redox potential, acidification and/or changing saturation states of 
minerals with respect to the pore water composition (Hassannayebi 
et al., 2019; Heinemann et al., 2021). At circumneutral to alkaline 
conditions (pH ~ 6.8-10), released S-II is partly scavenged by pyrrhotite 
(Fe1-xS) formation (Truche et al., 2013; Reitenbach et al., 2015; Has
sannayebi et al., 2019). The following equation expresses the overall 
reaction (adapted from Hall (1986) and Truche et al. (2010) to meet the 
Fe-deficient non-stoichiometry of the pyrrhotite group; e.g., Lennie and 
Vaughan, 1996): 

FeS2 + H2 = Fe1− xS + H2S(aq+gas) + xFe2+ where 0 < x < 0.125 (3) 

In the context of underground H2 storage (UHS), where the injected H2 
gas is an economic asset, the geochemical reduction of pyrite by H2 
poses multiple potential challenges (Reitenbach et al., 2015; Heinemann 
et al., 2021; Zivar et al., 2021): i) economic loss of H2 by reactive con
sumption, ii) contamination of the stored H2 by H2S(gas) formation, iii) 
changes in the reservoir porosity and permeability due to mineral 
dissolution/precipitation, iv) sulfide stress cracking and corrosion of the 
well infrastructure, and v) the need for potential surface facilities for 
H2S(gas) removal from the extraction stream to allay health and safety 
concerns. A quantitative understanding of the rate of pyrite reduction is 
therefore crucial, but is hampered by a lack of sufficient experimental 
data at typical UHS conditions (Hassannayebi et al., 2019; Heinemann 
et al., 2021).

The reduction kinetics of pyrite has been studied by Truche et al. 
(2010, 2013) in the context of nuclear waste disposal. Truche et al. 
(2010) developed a kinetic rate law for S-II production based on powder 
batch experiments at 90-180 ◦C and H2 partial pressures (PH2) of 8-18 
bar. The reported form of their rate law is, however, not directly 
compatible with geochemical and reactive transport codes due to an 
intrinsic dependence on tn (where t is time and n is the time exponent). 
Truche et al. (2013) performed additional experiments at 90 ◦C, 6 bar 
PH2 and at 150-250 ◦C from 0-30 bar PH2 using a pyrite-bearing clay
stone. In addition, the impact of the solution pH was assessed by equi
librium modeling (Truche et al., 2013), except for two experiments at 
pH 5 and pH 10 at 150 ◦C, 8 bar PH2 (Truche et al., 2010). These studies 
have provided valuable insights to the pyrite-pyrrhotite-H2 system, but 

the dependence of the dissolution rate of pyrite at anticipated conditions 
for UHS (~ 30-140 ◦C, up to ~ 300 bar PH2) is insufficiently covered.

The present study aims at determining reductive dissolution rates of 
pyrite at lower temperatures and high H2 partial pressures in order to 
satisfy the critical need for kinetic data at UHS conditions. We conducted 
powder dissolution experiments of pyrite in aqueous H2-pressurized 
solutions at conditions from 60-150 ◦C (7 bar PH2), from 0-150 bar PH2 
(90 ◦C) and pHin situ ~ 4-10 (90 ◦C, 7 bar PH2). New kinetic rate laws for 
pyrite reduction are derived, with the developed equations being 
compatible with geochemical reactive transport codes. The present 
study thus enables future H2 reservoir models to include abiotic sulfide 
formation rates based on experimentally derived kinetic rate laws for 
reductive pyrite dissolution.

2. Methods and materials

2.1. Solid reactants (pyrite and calcite)

The pyrite powder was obtained from a natural specimen (Huanzala 
mine, Peru) that was composed of several 2-6 cm large intergrown 
euhedral crystals. The sample was subjected to high voltage pulsed 
power selective fragmentation using the commercial SelfragTM system. 
Further grinding was performed in a mortar at ambient conditions. The 
50-100 µm grain size fraction was recovered by sieving and cleaned for 
the removal of ultrafine surface particles based on the following pro
cedure: i) 10-minute immersion (1x) in a static 0.5 M HCl solution, ii) 1- 
minute ultrasonification (2x) in 0.5 M HCl, iii) 1-minute ultra
sonification (10x) in ultrapure water (UPW, 18.2 MΩ⋅cm), and iv) 1-min
ute ultrasonification (1x) in ethanol. The supernatant was discarded 
after each run. The cleaned pyrite grains were transferred into an Ar 
glove box ([O2] < 2 ppmv) for drying and storage.

Powder X-ray diffraction (XRD) of the 50-100 µm fraction indicated 
the presence of small amounts of quartz (0.5 wt%) and native sulfur, S8 
(0.7 wt%) (Suppl. S.1–1, S.2–1). Scanning electron microscopy (SEM) 
showed inclusion-free pyrite grain surfaces. A few individual grains 
were found that were partly overgrown by a microscopic phase con
taining Fe, S, and O (Suppl. S.1–2).

Native sulfur was removed from the pyrite powder to avoid in
terferences with the quantification of sulfide release from pyrite disso
lution. The removal protocol included thermal treatment at high 
vacuum conditions followed by washing in toluene (C6H5CH3). The 
melting point of native sulfur at ambient conditions is 112.8 ◦C 
(Mandeville, 2010). Batches of ~ 8 g of the 50-100 µm grain size fraction 
were placed in elongated glass vials and heated to 80 ◦C from the bottom 
for 18 h under a secondary vacuum (6.7×10-6 bar). This led to the 
sublimation of native sulfur and its redeposition along the cool upper 
walls of the phials (Suppl. S.2–1). The native sulfur remaining in the 
pyrite powder was removed by washing three times for 1 min in undi
luted toluene (Merck®, 34866-1L-M), a known solvent for native sulfur 
(Jay et al., 2009), followed by rinsing in ethanol. The complete removal 
of native sulfur was verified experimentally by comparing the sulfide 
release kinetics at the same conditions with a native S-free pyrite powder 
with the same grain size obtained from a different specimen (Suppl. 
S.2–2). The specific surface area (SSA) of the cleaned and purified 50- 
100 µm grain size fraction was 0.28 ± 0.002 m2 g-1, determined by the 
BET method using Kr as the adsorption gas.

Calcite powder obtained from a transparent, euhedral specimen of 
Islandic spar was used as a carbonate buffer. The spar was first crushed 
in a mortar, sieved to recover the 200-600 µm fraction, and then was 
washed in UPW and ethanol.

2.2. Experimental methods

2.2.1. Experimental setup & reactor design
Hydrothermal reactors manufactured by the Parr Instrument Com

pany® were used in different experimental setups. All reactors were 
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equipped with valves that permitted periodic in situ sampling of the 
reaction fluid via a reactor dip tube and adjustment of the reactor 
pressure without interruption of the reaction process. The temperature 
was continuously regulated to ± 1 ◦C by an external collar-furnace. The 
reactor vessel and head were sealed by a double-fringed PTFE© gasket 
and bolt-closure of both parts. Depending on the PH2, two reactor types 
were used at different facilities to avoid hazards related to H2- 
embrittlement.

Experiments at PH2 ≤ 7 bar (90 %-Ar/10 %-H2 gas mixture; grade 
5.0, Messer®) were conducted in reactors made of pure titanium (grade 
3). The reactor walls were passivated by a blue Ti-oxide surface layer 
that formed after heating the pressure vessel to 250 ◦C in the presence of 
0.5 M HNO3 solution overnight. Titanium is chemically inert with 
respect to H2S over a wide pH range and was thus the preferred reactor 
material choice to avoid internal reactor wall sulfidation (Rauscher 
et al., 1990; Bodunrin et al., 2020). The use of Ti-reactors was in part 
based on previous pyrite dissolution studies that also used Ti-reactors for 
experiments at 8 bar PH2 up to 180 ◦C (Truche et al., 2010) and at 6 bar 
PH2 up to 250 ◦C (Truche et al., 2013). In the present study, two similar 
Ti-reactors were used, with each having an internal volume of 300 mL 
and equipped with a 90-bar rupture disk. The reactors were continu
ously stirred (130-140 rpm) by an internal impeller driven by an 
external magnetic drive. For experiments at 7 bar PH2 and temperatures 
> 100 ◦C, one of the Ti-reactors was equipped with a tap water cooling 
circuit to avoid boiling at the sampling valve and to prevent vapor-phase 
reactions in the stirring shaft. All experiments at PH2 ≤ 7 bar using the 
Ar-H2 gas mixture were carried out at the ISTerre hydrothermal labo
ratory, Univ. Grenoble Alpes (France).

Experiments at 20 ≤ PH2 ≤ 150 bar (100 %-H2 gas phase; grade 5.0, 
Messer®) were conducted in a Parr 316L stainless-steel reactor. For 
these experiments, stainless steel was chosen because the integrity of the 
Ti-reactors could not be guaranteed due to the potential risk of H2- 
embrittlement and hydride-induced reactor wall cracking (TiHx, with 0 
< x ≤ 2) (Titanium Metals Corporation, 1997; Zhu et al, 2022). Several 
measures were taken to minimize the impact of internal reactor wall 
sulfidation on the measured dissolved sulfide concentrations in the 316L 
reactor: i) commercial application (SilcoTek®) of an amorphous func
tionalized silica-like coating (a-SiOx:CHy, Dursan®) to the reactor 
vessel, head, and dip tube, ii) use of a borosilicate glass liner (Parr In
strument®, 762HC2), and iii) wrapping of the dip tube and the 

thermocouple with PTFE® tape. The 316L reactor had an internal vol
ume of 450 mL and was equipped with a 200-bar rupture disk. Stirring 
was performed periodically by a magnetic stir bar made of PTFE® that 
was placed at the bottom of the glass liner and driven externally. All 
experiments involving pure H2 were carried out in an ATEX environ
ment at Institut Néel, CNRS, Grenoble (France).

2.2.2. Experimental protocol
Reductive dissolution experiments of pyrite were run at variable T, 

PH2, and pH conditions (Table 1) in 0.03 M NaCl aqueous solutions. A 
mass of 5 g L-1 pyrite (ø = 50-100 µm) and 12 g L-1 calcite (ø = 200-600 
µm) were used. The Ti-reactors were set up with an initial solution 
volume of 200 mL, while 250 mL were used in the stainless-steel reactor. 
The same water/rockpy+cal ratio of 58.8 mL g-1 was thus used in both 
setups. Experiments were initiated by Ar-purges of the reactors by three 
successive pressurizations to 10 bar (316L reactor) or 30 bar 100 %-Ar 
(Ti-reactors) in order to remove gaseous O2 from the reactor head space 
and to check for gas leakages. A second deoxygenation step consisted of 
Ar-sparging the solution for 30 min via the reactor dip tube. The Ar- 
atmosphere was replaced by the respective H2-bearing gas phase in a 
third pressurization cycle. In the final step, the reactors were first heated 
to the desired temperature and the total pressure subsequently adjusted 
to the desired PH2. The starting time of each experiment (t = 0) corre
sponded to when the desired experimental conditions (T, PH2) were 
reached.

The reaction progress during each experiment was monitored by 
chemical analyses of the experimental solution with 7-9 sampling steps 
over experimental run times ranging from ~ 700-900 h. The sampling 
protocol is described in section 2.2.3. The total volume of extracted 
solution after the penultimate sampling step did not exceed 30 vol% of 
the initial volume (except PY14, PY17, and PY19 with 35-43 vol%). The 
working pressure was reset after each sampling step. To avoid O2- 
contamination of the reactor fluid during readjustment of the gas pres
sure, the gas line was flushed with an Ar-(H2) gas and/or vacuum 
evacuated. Prior to the termination of each experiment, the composition 
of the H2-bearing gas phase was qualitatively checked for undesired 
components (e.g., N2, O2) using a Perkin Elmer® CLARUS 500 gas 
chromatograph (GC) equipped with a thermal conductivity detector 
(TCD).

Table 1 
Experimental conditions. Experiments in Ti-reactors were conducted using a 90 %-Ar/10 %-H2 gas mixture, while experiments in stainless-steel (316L) reactors were 
performed using a 100 %-H2 gas phase. The experimental solution was composed of 0.03 M NaCl. Deviations from these conditions are listed in the column ‘pH buffer’. 
The in situ pH range gives the maximum spread of corrected and modeled pH estimates (section 2.3). n.a. = not applicable.

Expt # Reactor T 
(◦C)

PH2 

(bar)
Pyrite 

(g)
Calcite 

(g)
Solution 

(mL)
pH buffer In situ 

pH range

Temperature dependence: ​
#PY14 Ti 60 7 1.012 2.401 200 Calcite 9.1-9.3
#PY12 Ti 90 7 1.003 2.402 200 Calcite 8.6-8.8
#PY17 Ti 90 7 1.010 2.400 200 Calcite* 8.4-8.8
#PY13 Ti 120 7 1.005 2.401 200 Calcite 7.4-8.3
#PY15 Ti 150 7 1.007 2.400 200 Calcite 6.6-7.7
H2 partial pressure dependence: ​
#PY18 316L 90 20 1.252 3.002 250 Calcite 8.0-8.8
#PY23 316L 90 50 1.251 3.002 250 Calcite 7.8-8.7
#PY25 316L 90 100 1.252 3.004 250 Calcite 7.7-8.8
#PY27 316L 90 150 1.254 3.004 250 Calcite 7.6-8.8
pH dependence: ​
#PY22 Ti 90 7 1.005 n.a. 200 8 bar PCO2 3.8-4.2
#PY20 Ti 90 7 1.010 2.400 200 Calcite + 4 bar PCO2 5.6-6.3
#PY19 Ti 90 7 1.004 2.400 200 Calcite + CO3

2-/HCO3
- ** 9.0-10.1

#PY16 Ti 90 7 1.006 n.a. 200 CaCO3 powder *** 9.0-10.5
Reference Ar-blank experiment: ​
#PY21 Ti 90 0 (Ar) 1.004 2.401 200 Calcite 6.6-7.5

* Calcite grain size fraction of 50-100 µm.
** 30 mM CO3

2-/HCO3- buffer (0.2003 g Na2CO3 + 0.3460 g NaHCO3 in 200 ml of 30 mM NaCl).
*** CaCO3 powder (AnalytiChem®, CL00.0302.2500), 2.400 g.
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2.2.3. Sampling protocol & aqueous analysis
At each sampling step a specific sampling protocol for aqueous 

analysis was followed, based on the consecutive extraction of six solu
tion aliquots from the reactor. The first aliquot (~ 2 mL) served to purge 
the sampling line and was discarded. The second aliquot (~ 1.5 mL) was 
first filtered (0.2 µm, cellulose acetate filter), then 1 mL of the filtered 
solution was acidified with 3 mL of 1 %-HNO3 and stored at 4 ◦C. This 
aliquot was analyzed by inductively coupled plasma optical emission 
spectroscopy (ICP-OES, Varian® 720ES) to determine the elemental 
concentrations of dissolved B, Al, Si, Ca, and Fe. The third aliquot 
(~ 1 mL) was used for a pH measurement at ambient temperature 
(~ 25 ◦C). The three subsequent aliquots served to track the reductive 
dissolution of pyrite by quantification of the dissolved sulfide concen
tration (S-II

(aq) =H2S(aq) + HS- + S2-), that is susceptible to devolatilization 
and oxidation. Three different analytical techniques were therefore 
used, namely Ag+/S2- ion-selective potentiometry, methylene blue 
spectrophotometry, and ICP-OES after H2O2-oxidation. Different aliquot 
pre-treatments adapted to each method were applied to maximize the 
sensitivity for the total sulfide in solution and for sulfide preservation. 
The techniques also vary in terms of applicable concentration ranges and 
potential interferences (e.g., Hoffmann, 1977; Millero et al., 1989; 
Fishman and Friedman, 1989; Lawrence et al., 2000; Baird et al., 2017). 
This multi-methodical approach ensured the accuracy of the S-II

(aq) de
terminations over a wide range of concentrations and evolving aqueous 
conditions with the reaction progress.

The fourth aliquot (~ 2 mL) was extracted directly from the sampling 
valve into a beaker prefilled with 2 mL of a strongly alkaline sulfide anti- 
oxidant buffer solution (SAOB: 2 M NaOH + C6H8O6 + EDTA). At 
alkaline conditions the sulfide speciation shifts to HS-

(aq) and S2-
(aq), thus 

preventing the loss of H2S by devolatilization. The dissolved sulfide 
concentration was then measured within < 10 min by potentiometry 
using the ‘perfectIONTM combination Ag+/S2-‘ ion-selective electrode 
(Mettler Toledo, 2011). Standardization of the electrode was performed 
using in-house standards, based on a newly purchased Na2S⋅9H2O salt 
(Thermo Scientific®, ref. 036622.30) that was continuously stored in an 
Ar-atmosphere glove box ([O2] < 2 ppmv). The concentrations of the 
standards were determined by the methylene blue method. The 
repeatability precision of the potentiometric protocol was ± 6.7 % (at 
0.50 mM S-II

(aq), n = 5) based on the relative standard deviation (RSD%) of 
experimental aliquots.

The fifth aliquot (~ 0.1-3.9 mL) was extracted directly from the 
sampling valve into a sampling tube prefilled with 0.1 M Zn(CH3CO2)2 
in order to preserve the S-II

(aq) concentration as a ZnS suspension, followed 
by analysis using methylene blue spectrophotometry (Cline, 1969; Reese 
et al., 2011). The aliquot volume varied between ~ 0.1-3.9 mL 
depending on the previous potentiometric S-II

(aq) concentration estimate 
due to the requirement imposed by the Beer-Lambert law for analyte 
concentrations < 0.03 mM S-II

(aq). After addition of a mixed diamine re
agent ([diamine] : [Fe3+] = 8.3 mM : 15.4 mM) to the stabilized and 
diluted aliquot, the methylene blue complex formed over a reaction time 
of 30 min. The samples were subsequently stored in the dark at 4 ◦C and 
their absorbances at 670 nm were measured within the same week of 
sampling using an Agilent® Cary 3500 UV-VIS spectrophotometer. 
Standardization of the spectrophotometer was based on the serial dilu
tion of a Na2S⋅9H2O stock solution that was stabilized by ZnCl2, stored in 
an Ar-atmosphere glove box, and whose sulfide concentration was 
determined by iodine back-titration (Baird et al., 2017). The repeat
ability precision of the methylene blue protocol was ± 9.7 % (at 0.01 
mM S-II

(aq), n = 4), ± 6.3 % (at 0.05 mM, n = 5), and ± 7.3 % (at ≥ 0.7 
mM, n = 4) based on the RSD% of experimental aliquots.

The sixth aliquot (~ 0.8 mL) was extracted directly from the sam
pling valve into a sample tube prefilled with 0.2 mL of 0.1 M Zn 
(CH3CO2)2 for SO4

2--conversion. The aliquot was first oxidized by the 
addition of 3 mL 10 %-H2O2, then after an elapsed reaction time of ~ 1- 
2 h filtered (0.2 µm, cellulose acetate filter) and stored at 4 ◦C. The S-II

(aq) 
concentrations in the oxidized aliquots were indirectly determined 

within a few months as total elemental sulfur by ICP-OES. The repeat
ability precision of the SO4

2--conversion protocol was ± 10.3 % (0.7 mM 
S-II

(aq), n = 5), based on the RSD% of experimental aliquots. Measurements 
by ICP-OES of an elemental sulfur control (IV-stock 29, Inorganic Ven
tures®), after dilution to 2.063 ppm (0.064 mM), yielded an accuracy of 
± 5 %.

The sum of the total extracted sample volume at each sampling step 
ranged between 6.3-12.8 mL for all experiments.

2.2.4. Post-mortem analysis of solids
After cooling of the reactors (~ 45 min), the altered solids were 

washed in UPW and ethanol before being transferred to an Ar- 
atmosphere glove box for drying and storage. The altered solids were 
analyzed by X-ray diffraction (XRD) using a Bruker® D8Advance 
diffractometer with Cu Kα radiation (λ = 1.5406 Å, 40 kV, 40 mA). The 
acquisition time was 32 s at a 2ϴ-step size of 0.026◦. Mineral quantifi
cation was performed by Rietveld refinement, using the BGMN program 
with the Profex user interface (Doebelin and Kleeberg, 2015). A Zeiss® 
GeminiSEM 500 equipped with a Schottky-type field emission gun was 
used for the micrometer scale investigation of the altered pyrite grains. 
An ~ 1 nm-Au/Pd coating was applied before secondary electron (SE) 
imaging with a maximum resolution of 0.6 nm at 15 kV and 1.1 nm at 1 
kV. Nanometer-scale analyses of reacted pyrite surfaces and authigenic 
secondary mineral phases was performed using a Thermo Fisher Scien
tific® Themis Z (3.1) scanning transmission electron microscope (STEM) 
operated at 300 kV. This TEM is equipped with aberrations corrector at 
the probe side, a SuperX® energy dispersive X-ray (EDX) spectrometer, 
and a Gatan Continuum 1065ER electron energy loss spectrometer 
(EELS). Ultrathin cross-sections of samples were prepared by the focused 
ion milling (FIB) lift-out method (Overwijk et al., 1993) using an FEI 
Helios G4 UC Ga-dual beam FIB-SEM.

2.3. Experimental calculations

The calculations described in the sections 2.3.1 and 2.3.2 were 
executed using the geochemical code PHREEQC (Parkhurst and Appelo, 
2013) with the Thermoddem database (Blanc et al., 2012). Aqueous 
speciation reactions containing carbon species with a non-(+IV) valence 
state (e.g., CH4, CO) were redox-decoupled by modification of the 
equilibrium constants in order to suppress the reduction of carbonate 
species (e.g., HCO3-) into CH4 by H2. These reactions are kinetically 
inhibited within the time scale and conditions of the experiments 
(Seewald et al., 2006; Vialle and Wolff-Boenisch, 2024), which was 
confirmed by the absence of CO and CH4 in the gas phase of the 
experiments.

The measured solution pH at laboratory bench conditions deviates 
from the pH in the reactor at experimental conditions, and therefore 
requires modification. Two estimates of the in situ pH were calculated, 
one based on correction of the measured pH at ambient conditions 
(‘corrected pHin situ’, section 2.3.1), and the other based on pyrite 
titration modeling (‘modeled pHin situ’, section 2.3.2).

2.3.1. Correction of measured pH
Extrapolation of the measured pH value from ambient to experi

mental conditions was performed by re-equilibration of the solution 
composition with respect to the experimental T, total P, and partial 
pressures of gases (H2, Ar, CO2). The input for the solution composition 
included the measured pH, the initial NaCl matrix, the S-II

(aq) concentra
tion from methylene blue spectrophotometry, and the major element 
concentrations from ICP-OES. In addition, a total dissolved carbonate 
concentration equal to the measured concentration of dissolved Ca was 
assumed, based on the stoichiometric dissolution of calcite (e.g., Pok
rovsky et al., 2005). Degassing of CO2 was neglected in the models 
because in situ CO2 formation was not detected by GC.
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2.3.2. Pyrite titration models
All experiments were simulated as pyrite titration models (PTM) in 

order to derive complementary kinetic parameters. These models ther
modynamically reproduce the kinetically-driven reductive dissolution 
of pyrite by the stepwise dissolution of defined moles of pyrite. For a 
given experiment the input to the model uses the cumulative number of 
moles of dissolved pyrite at each sampling step. This quantity corre
sponds to the total amount of sulfide released into the reactor, which is 
partitioned into the following sinks: i) aqueous sulfide, ii) gas phase 
sulfide, and iii) sulfide incorporated into secondary minerals. The 
quantitative estimation of sulfide in these sinks at each sampling step is 
provided in the supplementary materials (section S.3). Section S.3 also 
contains details on the workflow and input file scripts of the PTMs. 
These models provided a complete and thermodynamically consistent 
quantification of the fluid-mineral-gas equilibrium at each sampling step 
in all experiments, from which, for example, the modeled pHin situ, 
H2S(gas), and saturation index of pyrite (SIFeS2) were retrieved. The PTMs 
were validated by comparing the Ca concentrations that were modeled 
versus those measured by ICP-OES (Suppl. S.5). An average absolute 
deviation of 11 % was determined with respect to the calcite-buffered 
experiments.

2.3.3. Dissolution rates
The dissolution rates of pyrite reported in this study were determined 

from instantaneous changes in the sulfide concentration with time. As 
opposed to flow-through reactor systems, the concentrations of reaction 
products continuously change with time in batch reactor systems. For 
this reason, an infinite number of rates can be determined from exper
imental concentration vs. time data in the latter. In this study, the 
dissolution rates were consistently determined at 12 h. Albeit subjective, 
this choice was a compromise between earlier rates (< 12 h), where 
rapid dissolution of remaining surface fines may result in artificially 
elevated sulfide release rates, and later rates (> 12 h), characterized by 
an increasing impact of secondary mineral precipitation on the 
measured kinetics. As further discussed in section 4.3, in batch reactor 
systems initial rates are most representative of plateau rates, which is 
synonymous with far-from-equilibrium conditions of dissolution (e.g., 
Nagy and Lasaga, 1992; Oelkers, 2001; Beig and Lüttge, 2006; Hellmann 
et al., 2006).

The rates at 12 h were determined from concentration vs time data 
that was composed of the aqueous sulfide concentration and the moles 
of gaseous sulfide. For the dissolved sulfide, the measured concentra
tions by methylene blue spectrophotometry (CMB

S− II
(aq)

, [M]) were used, as 

this was the only technique with a sufficiently low detection limit to 
consistently cover all experiments. Because the available GC-TCD 
technique did not allow for the direct measurement of degassed sul
fide, we instead estimated H2S(gas) [mol] from the PTMs (section 2.3.2). 
However, the fraction of H2S(gas) to H2S(aq+gas) at the initial time steps 
was only significant (> 5 %) in experiments run at acidic pH conditions 
(PY20, PY22). In all other experiments, the estimated H2S(gas) fractions 
from the PTMs to the total sulfide released from pyrite were negligible at 
12 h, but were nonetheless considered. The aqueous and gaseous sulfide 
data were converted into moles of dissolved pyrite per surface area 
(nFeS2 , [mol m-2]) at each sampling step i: 

nFeS2 =

[(
CMB

S− II
(aq)

× Vsol

)
+ H2S(gas)

]

i

masspy × SSA × k = 2
(4) 

where Vsol [L], masspy [g], and SSA [m2 g-1] are the solution volume prior 
to aliquot extraction, the starting mass of pyrite powder, and the specific 
surface area, respectively. All rate calculations used a constant SSA that 
was determined before the experiments (section 2.1). Post-alteration 
SSA values were not measured due to: i) insufficient pyrite sample 
mass for BET analysis, ii) mixing of pyrite and calcite grains, iii) the 
determination of initial dissolution rates for which post-mortem surface 

areas are not accurate, and iv) contribution of secondary mineral surface 
areas to post-reaction pyrite surface areas.

The data sets of nFeS2 as a function of time for each experiment were 
fit with the Michaelis-Menten (M-M) equation, given in Eq. (5), whose 
use does not imply any underlying reaction mechanism. The first de
rivative of the M-M equation, given in Eq. (6), allowed for the instan
taneous rate to be determined at any time, i.e., at 12 h in the present 
study. 

f(x) =
mx

n + x
(5) 

df(x)
dx

=
m

n + x
−

mx
(n + x)2 (6) 

In both equations above, x is the time [s] and m and n are fitting pa
rameters. In most experiments, the fits were restricted to the initial two 
to four data points. The graphs illustrating the M-M fits for each 
experiment are shown in the supplementary section S.5.

3. Results

3.1. Pyrite alteration and secondary mineral formation

Overall, the fraction of pyrite that was altered and dissolved by H2 
over the timescales of the experiments was small relative to the amount 
of pyrite available. Based on the estimations of total reacted pyrite 
(section 2.3.2, Suppl. S.3), in the most reactive experiments, PY15 (150 
◦C, 7 bar PH2) and PY27 (90 ◦C, 150 bar PH2), a total of only 6.9 mol% 
and 1.4 mol% of pyrite was dissolved, respectively. However, the 
different degrees of pyrite alteration and secondary mineral formation 
that occurred as a function of T, PH2, and pH were striking. These dif
ferences are illustrated in the compilation of SEM images shown in 
Fig. 1.

The unaltered pyrite grains (Fig. 1 A) showed smooth surfaces and 
some microrelief with sharp edges. Some minor ultrafine surface parti
cles remained after the cleaning procedure. Observation of the altered 
pyrite grains at 90 ◦C, 70 bar Ar, and in the absence of H2 (Fig. 1 B), 
revealed no textural differences with respect to the unaltered pyrite. In 
the presence of low partial pressures of H2, ultrafine surface particles 
appeared to have dissolved (e.g., Fig. 1 C) and secondary mineral phase 
formation started to occur. In general, the predominant reaction prod
ucts in most experiments included octahedral crystals < 0.5 µm in 
diameter (Fig. 1 M) and up to µm-sized, pseudo-hexagonal crystals 
(Fig. 1 N). The elemental concentration distributions of S, Fe, and O 
(Fig. 2 B-D) showed that the former crystals are Fe-oxides, whereas the 
latter are Fe-sulfides. These phases were identified as magnetite (Fe3O4) 
and pyrrhotite (Fe1-xS), respectively, using selected area electron 
diffraction (SAED) and high-resolution STEM imaging (Fig. 2). Based on 
the stoichiometric mole fractions of S, pyrite (66.7 mol% S) and pyr
rhotite (50.0-53.3 mol% S, for 0 ≤ x ≤ 0.125) were clearly distin
guishable by element mapping (Fig. 2 C). The mole fractions of S 
demonstrate that not all of the S released from pyrite is incorporated into 
pyrrhotite.

At 7 bar PH2 and increasing temperatures from 60 ◦C to 150 ◦C (Fig. 1
C, D, E, G), the abundance and crystal growth of coexisting euhedral 
pyrrhotite and magnetite increased. At 60 ◦C and 90 ◦C, their abun
dances were limited, and magnetite dominated over pyrrhotite. At 
temperatures ≥ 120 ◦C, the formation and growth of pyrrhotite signif
icantly increased while the abundance of magnetite decreased. At 150 
◦C, secondary pyrrhotite covered roughly half of the surface area of 
primary pyrite particles with an abundance of ~ 4 wt% based on 
quantification by powder XRD, while magnetite was below the detection 
limit. The quantification of secondary minerals by XRD at less reactive 
conditions (< 150 ◦C) was not possible due to their low mass fractions 
relative to pyrite. The observed secondary minerals in this study agree in 
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part with those reported in Truche et al. (2010). In their experiments, 
only pyrrhotite was observed as a product of pyrite reduction. Even 
though thermodynamic modeling predicted the formation of magnetite 
during the early stages of reaction, this phase was never observed 

directly in their study.
With increasing partial pressure of H2 from 0 bar to 150 bar at 90 ◦C 

(Fig. 1 B, D, F, H), the abundance of pyrrhotite increased steadily, but 
without a systematic impact on the crystal size. This is contrary to the 

Fig. 1. Secondary electron SEM images of post-mortem pyrite grains from various experimental conditions after 700-900 h of alteration (except B: 405 h, E: 520 h, 
and K: 1054 h). The T-experiments from 60 to 150 ◦C at 7 bar PH2 (C, D, E, G) and the PH2-experiments from 0-150 bar at 90 ◦C (B, D, F, H) were calcite-buffered. 
Grains from these experiments showed that increasing T and PH2 led to enhanced formation of pyrrhotite, with variable abundances of magnetite. The pH- 
experiments (D, I, J, K, L) used various buffering mechanisms (Table 1) at 90 ◦C and 7 bar PH2. Given corrected pH values refer to experimental in situ condi
tions. Individual remarks: A: Unaltered pyrite grain after ultrasonic cleaning and purification for native sulfur removal. B: No secondary mineral formation in the 
absence of H2. I: No visible secondary mineral formation at 8 bar PCO2-buffered, acidic conditions. J: Growth of rhombohedral CaFe-carbonate (likely ankerite) along 
the edge of the pyrite grain in 4 bar PCO2-buffered, slightly acidic conditions with calcite; pyrrhotite was sparse. K: Coexistence of abundant magnetite and pyrrhotite 
at CO3

2-/HCO3
- -buffered, intermediate alkaline conditions. L: Formation of a ferric iron-bearing phase in coexistence with abundant magnetite at alkaline conditions. 

The clumps of aggregated grains on the sample mount are the commercial CaCO3 powder used for pH-buffering; no pyrrhotite formation. M and N: Magnified images 
of magnetite and pyrrhotite formation from select experiments (PY17, PY15) on primary pyrite. The very small and bright dispersed grains in N are magne
tite crystals.
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effect of temperature on pyrrhotite crystallization. Except for the 
experiment at 7 bar PH2, no octahedral magnetite crystals were found 
after runs at elevated partial pressures of H2.

The degree of pyrite alteration and secondary mineral formation at 
90 ◦C and 7 bar PH2 were a strong function of pH. Our experimental 
observations confirm models from Truche et al. (2013) which predicted 
low reactivity at acidic pH and a sharp increase at the onset of alkaline 
conditions. In the present study at a corrected pHin situ ~ 4.1 (8 bar PCO2- 
buffered; Fig. 1 I), the growth of secondary minerals was not observed 
and many ultrafine particles remained on the pyrite surface, even after 
714 h of pyrite alteration. A few areas were found with evidence for 
limited dissolution of pyrite in the form of surface etch pits. In the 
presence of calcite at a corrected pHin situ ~ 6.0 (4 bar PCO2-buffered; 
Fig. 1 J), µm-sized rhombohedral crystals of a CaFe-carbonate (likely 
ankerite) precipitated as the main secondary mineral. Here again, 
remaining ultrafine surface particles incompletely dissolved. Except for 
highly fractured sites, very few individual pseudo-hexagonal grains (i.e., 
pyrrhotite) with a size < 100 nm were observed. Nonetheless, these 
results show reactivity of pyrite with H2 at acidic pH, albeit limited.

The alteration of pyrite significantly intensified with increasing pH at 
slightly alkaline conditions, as did the degree of secondary mineral 
formation. The experiment at a corrected pHin situ ~ 8.6 (calcite-buff
ered; Fig. 1 D, M) yielded the first evidence for coexisting magnetite and 
pyrrhotite. The abundance and crystal growth of both phases increased 
at a corrected pHin situ ~ 9.7 (CO3

2-/HCO3
- -buffered; Fig. 1 K). In the 

experiment at a corrected pHin situ ~ 10.4 (CaCO3 powder buffer; Fig. 1
L), µm-sized tabular crystals with a thickness < 50 nm formed, rather 
than pyrrhotite. These coexisted with abundant magnetite. Powder XRD 
and TEM data reveal that these crystals are either ferric oxy-hydroxides 
or ferric oxy-hydroxy-sulfates. Oxygen contamination was excluded by 
GC measurements upon termination of the experiment. Similar evidence 
for oxidation at alkaline conditions in a reducing H2-rich environment 
was observed in a NaOH-buffered experiment (150 ◦C, 8 bar PH2, pH ~ 
10) by Truche et al. (2010). They observed a brown solution after 100 h, 
which they attributed to colloidal Fe-oxy-hydroxides. Such oxidative 
alteration at constant reducing redox potential is expected for highly 
alkaline solutions, based on thermodynamic phase equilibria (Rickard 
and Luther, 2007).

The SEM images in Fig. 1 were selected to show the variability of 
alteration intensity of pyrite reduction as a function of T, PH2, and pH. In 
addition, significant differences in terms of reactivity were noted when 
examining multiple grains from the same experiment. Secondary growth 
of minerals was commonly more pronounced in areas of exposed 
microrelief, such as corners, edges, and fractured areas. Differences in 
secondary mineral abundance also occurred between adjacent surfaces 
of the same grain. This may indicate differential dissolution and growth 
with respect to crystallographic orientations, despite the apparent isot
ropy of pyrite (Lambert et al., 1998; Liu et al., 2021). Variable degrees of 
secondary mineral formation may also be related to hydrodynamic ef
fects within the grain aggregate at the reactor bottom.

Fig. 1. (continued).
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3.2. Sulfide formation and aqueous composition

The total aqueous and gaseous sulfide (S-II = H2S + HS- + S2-) 
measurements from all dissolution experiments of pyrite normalized to 
the surface areas varied from 10-6-10-3 mol m-2. Steady-state conditions 
were achieved within ~ 300-500 h for experiments characterized by 
final dissolved sulfide concentrations ≤ 0.12 mM (e.g., PY12, PY14, 
PY17, PY18, PY20). Experiments with higher dissolved sulfide concen
trations did not achieve an unambiguous steady state within ~ 700-800 
h. A summary of all aqueous data (S-II

(aq), pH, ICP-OES) for each experi
ment is given in the supplementary section S.5. The temporal evolution 
of sulfide formation as a function of T, PH2, and pH is given in the 
following sections.

3.2.1. Temperature dependency
Sulfide concentrations from pyrite dissolution, encompassing both 

measured aqueous and calculated gaseous species, showed a positive but 
non-linear correlation with temperature. The release of sulfide to solu
tion proceeded rapidly initially and tended to slow down with time 
(Figs. 3-5). The magnitude of sulfide concentrations was markedly 
different at temperatures ≤ 90 ◦C and ≥ 120 ◦C (Fig. 3). All of the 
temperature series experiments were calcite-buffered and performed at 
the same H2 partial pressure (7 bar PH2). At 60 ◦C and 90 ◦C, steady-state 
sulfide production of ~ 0.005 mmol m-2 (0.01 mM S-II

(aq)) and ~ 0.025 

mmol m-2 (0.05 mM S-II
(aq)) were achieved over the experimental dura

tions. The fraction of gaseous H2S was ≤ 2.2 mol% of the total aqueous 
and gaseous sulfide for both experiments, with the corrected pHin situ 
remaining nearly constant (pH 9.1-9.3 at 60 ◦C, pH 8.4-8.7 at 90 ◦C) 
(Suppl. S.5-3, S.5-6). At higher temperatures, total sulfide formation 
increased significantly to ~ 0.35 mmol m-2 (0.63 mM S-II

(aq)) after 520 h at 
120 ◦C and 2.0 mmol m-2 (2.7 mM S-II

(aq)) after 744 h at 150 ◦C (Fig. 3). At 
the end of these experiments, the fractions of H2S(gas) relative to the total 
aqueous and gaseous sulfide were 11.4 mol% and 33.0 mol%, respec
tively. The differences in sulfide concentrations as a function of tem
perature correlate with the different degrees of secondary pyrrhotite 
formation (section 3.1).

After the initial onset of rapid sulfide formation, both high temper
ature experiments (120 ◦C, 150 ◦C) were characterized by a short period 
of slower kinetics between ~ 30-80 h, which was then followed by 
accelerated sulfide release. These non-monotonic changes in the kinetics 
were captured in both experiments by all sulfide analytical methods 
(Fig. S.5-2a, Fig. S.5-4a).

In the 120 ◦C and 150 ◦C experiments, the fraction of gaseous H2S 
continuously increased over the course of the experiments, while the 
modeled in situ solution pH decreased from pH 8.2 to 7.4 at 120 ◦C 
(Suppl. S.5-2) and from pH 7.7 to 6.7 at 150 ◦C (Suppl. S.5-4). The 
measured Ca concentrations correlated positively with increasing tem
perature, decreasing pH, and total sulfide formation. At 60 ◦C and 90 ◦C, 

Fig. 2. Pyrrhotite (Fe1-xS) and magnetite (Fe3O4) characterized by TEM techniques. A: High-angle annular dark-field (HAADF) image of secondary mineral formation 
on primary pyrite (FeS2) altered at 90 ◦C and 7 bar PH2 (PY17). B, C, D: EELS maps of iron (L3,2-edge at ~ 708 eV), sulfur (K-edge at ~ 2 472 eV), and oxygen (K-edge 
at ~ 532 eV), respectively. E: Bright field (BF) image and SAED (inset) of pyrrhotite in [010] orientation. The white arrows in the SAED point out streaks originating 
from defects in the pyrrhotite crystal structure. F: A high-resolution STEM image of the interface between pyrrhotite and the magnetite inclusion (along [110]) 
displayed in E.
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Fig. 3. Temporal evolution of aqueous and gaseous moles of sulfide normalized to the surface areas of pyrite as a function of temperature from 60-150 ◦C (PH2 = 7 
bar). Aqueous sulfide concentrations were measured by methylene blue spectrophotometry. Gaseous H2S concentrations were determined from thermodynamic 
equilibria in pyrite titration models. Panel B is a close-up of panel A.

Fig. 4. Temporal evolution of aqueous and gaseous moles of sulfide normalized to the surface area of pyrite as a function of the partial pressure of H2 from 0-150 bar 
(90 ◦C). Aqueous sulfide concentrations were measured by methylene blue spectrophotometry. Gaseous H2S concentrations were determined from thermodynamic 
equilibria in pyrite titration models.
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near-constant concentrations between 0.2-0.3 mM Ca were measured 
(Suppl. S.5-3, S.5-6), while at 120 ◦C and 150 ◦C these increased to final 
values of 0.48 mM and 1.30 mM Ca, respectively (Suppl. S.5-2, S.5-4). 
Aqueous Fe was not detected in any temperature series experiment 
based on ICP-OES measurements.

3.2.2. H2 partial pressure dependency
In the experiments of variable H2 partial pressure, sulfide release 

from pyrite reduction increased from 7 bar to 150 bar PH2 at a constant 
temperature of 90 ◦C (Fig. 4). Steady-state normalized total aqueous and 
gaseous sulfide formation of ~ 0.025 mmol m-2 (0.05 mM S-II

(aq)) and ~ 
0.050 mmol m-2 (0.11 mM S-II

(aq)) were obtained at 7 bar and 20 bar PH2, 
respectively. The fraction of H2S(gas) accounted for ≤ 5.6 mol% in both 
experiments. Near steady-state sulfide release increased from ~ 0.18 
mmol m-2 (0.36 mM S-II

(aq)) at 50 bar PH2 to ~ 0.40 mmol m-2 (0.77 mM S- 

II
(aq)) at 150 bar PH2 after ~ 700 h of reaction time. In the latter 

experiment, 10.0 mol% of the total aqueous and gaseous sulfide was in 
the gas phase. In the absence of H2 (PY21), no detectable aqueous sulfide 
was measured by methylene blue spectrophotometry and potentiom
etry. This clearly indicates that the reactivity of pyrite at anoxic condi
tions requires the presence of H2 as the reductant.

In the experiments at 20-150 bar PH2, also elevated concentrations of 
dissolved Si (10-3 M) and B (10-4 M) were measured, likely due to 
leaching of the borosilicate glass liner used in the 316L stainless-steel 
experiments (Suppl. S.5-7, S.5-12, S.5-13, S.5-14). The modified solu
tion composition affected the measured solution pH at 25 ◦C, as it was 
shifted to initially slightly more alkaline conditions (pH ~ 8.7-9.2) 
relative to the 90 ◦C experiments in Ti-reactors without glass liners. 
However, the initial values of the corrected pHin situ at experimental 
temperature were in the same range (pH ~ 8.6-8.8). The modeled pHin 

situ in equilibrium with calcite from the PTMs predicted an acidification 
trend of the solutions in all experiments from 20-150 bar PH2, which 
correlates with increased sulfide formation. This trend was mimicked by 
increasing Ca concentrations with time. To illustrate this at 150 bar PH2 
(e.g., Suppl. S.5-14), the modeled pHin situ decreased from pH 8.5 to pH 
7.6, while simultaneously S-II

(aq) and Ca concentrations increased to 0.77 
mM and 0.78 mM, respectively. As in the T-series, aqueous Fe was also 
not detected in the PH2 experiments based on ICP-OES measurements.

3.2.3. pH dependency
The normalized total aqueous and gaseous sulfide formation for 

pyrite dissolution experiments conducted at different pH is shown in 
Fig. 5. As expected, sulfide formation at constant temperature (90 ◦C) 

and H2 partial pressure (7 bar PH2) increased from neutral to alkaline pH 
conditions (Fig. 5 B). Surprisingly, sulfide formation also increased from 
neutral to acidic conditions, albeit by a much lower degree (Fig. 5 A). In 
addition, the proportion of gaseous sulfide was high at acidic conditions, 
whereas at alkaline conditions the released sulfide was nearly all 
aqueous. As a reminder, neutral pH in pure H2O at 90 ◦C and 70 bar is pH 
~ 6.2 (calculated after IAPWS, 2019).

In the CO2-buffered experiments, the normalized total aqueous and 
gaseous sulfide release yielded peak concentrations of ~ 0.05 mmol m-2 

(0.03 mM S-II
(aq)) at a corrected pHin situ ~ 6.0, and increased further to ~ 

0.09 mmol m-2 (0.08 mM S-II
(aq)) at pHin situ ~ 4.1 (Fig. 5 A). After the peak 

concentration was reached at 165 h in the pH 4.1 experiment, the dis
solved sulfide concentrations decreased to 0.03 mM S-II

(aq), indicating 
sulfide redistribution into other species and phases. The fraction of 
H2S(gas) increased with time in both experiments and attained 76.4 mol 
% (PY22) and 67.1 mol% (PY20) of total aqueous and gaseous sulfide. 
The experiments at acidic conditions were the only ones where a sig
nificant Fe concentration was measured in solution, with 0.6-0.7 mM Fe 
at pH ~ 4.1 (Suppl. S.5-11) and decreasing concentrations of Fe from 
0.35 mM to 0.14 mM at pH ~ 6.0 (Suppl. S.5-9). The modeled pHin situ 
remained nearly constant in both experiments.

Sulfide release during pyrite dissolution at elevated alkaline condi
tions (corrected pHin situ ≥ 9.7) exceeded the sulfide formation at acidic 
conditions by an order of magnitude, despite the same T and PH2 con
ditions (Fig. 5). In these experiments (PY19, PY16), the measured 
aqueous sulfide concentrations continuously increased over the duration 
of the experiments (Fig. 5 B). The fraction of H2S(gas) remained ≤ 0.4 mol 
%. Only in the lower alkaline experiment at pH ~ 8.6, did the steady- 
state dissolved sulfide formation (~ 0.025 mmol m-2, 0.05 mM S-II

(aq)) 
resemble the concentration levels of the acidic experiments.

Difficulties were encountered in the PTMs of the experiments at 
elevated alkaline conditions (PY19, PY16) because the reactivities of the 
chemical products used as pH buffers (CaCO3, Na2CO3, NaHCO3) were 
too different compared to the corresponding mineral phases of the same 
composition included in the database. This explains some of the de
viations in the measured and modeled parameters (see remarks in Suppl. 
S.5-5, S.5-8).

3.3. Reductive dissolution rates of pyrite

The data presented above on the temporal evolution of aqueous and 
gaseous sulfide concentrations (section 3.2) was used to derive initial 
dissolution rates at 12 h, following the procedure for mathematical 

Fig. 5. Temporal evolution of aqueous and gaseous moles of sulfide normalized to the surface areas of pyrite at acidic (A) and alkaline (B) conditions (90 ◦C, PH2 = 7 
bar). Aqueous sulfide concentrations were measured by methylene blue spectrophotometry. Gaseous H2S concentrations were determined from thermodynamic 
equilibria in pyrite titration models. The mole fractions of [H2S](gas) relative to total aqueous and gaseous sulfide were insignificant at alkaline conditions (B).
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fitting given in section 2.3.3. A summary of the mathematical fit for each 
experiment is provided in the supplementary section S.5. The fit quality 
was evaluated by the square root of the sum of squared residuals (

̅̅̅̅̅̅̅̅̅
SSR

√
) 

between the experimental and the fitted data of moles of dissolved pyrite 
per surface area (Eq. S.7). The residuals had values between 4.7×10-9 to 
7.9×10-6 mol m-2 of dissolved pyrite. The final dissolution rates and 
modeled pHin situ values at 12 h are reported in Table 2. The dissolution 
rates ranged between 2.9×10-11 to 4.5×10-10 mol m-2 s-1 and showed a 
positive correlation with increasing T and increasing PH2. Moreover, the 
pH-dependence of the rates showed a positive correlation with 
decreasing pH at acid conditions, and increasing pH at alkaline 
conditions.

4. Discussion

4.1. Kinetic rate law for reductive pyrite dissolution

4.1.1. Mathematical form of the rate equation
Kinetic rate laws for mineral dissolution reactions are often 

expressed as the product of rate-determining variables (adapted from 
Aagaard and Helgeson, 1982; Lasaga 1995): 

r = k+a− n
H+g(I)

∏

i
a− mi

i f(ΔGr) (7) 

where r [mol m-2 s-1] is the overall rate of dissolution, k+ [mol m-2 s-1] is 
the rate constant, a is the activity [unitless] of H+-ions raised to the 
exponent n, g(I) is the ionic strength, 

∏
ai is the product of all activities 

of i-th rate-determining species in solution that exhibit a catalytic or 
inhibiting effect raised to the power mi [unitless], and f(ΔGr) is the 
Gibbs free energy reaction term. An ionic strength effect was neglected 
in our study since we used a low 0.03 M NaCl background electrolyte 
concentration. The catalytic/inhibiting terms were replaced by the H2 
partial pressure raised to the power m. Thus, the general equation for the 
reductive dissolution rate of pyrite becomes: 

r = k+a− n
H+ (PH2 )

mf(ΔGr) (8) 

The rate constant k+ is defined by the Arrhenius law: 

k+ = Ae− Ea/RT (9) 

where A [mol m-2 s-1] is the pre-exponential frequency factor, Ea [J mol- 
1] is the apparent thermal activation energy, and R is the universal gas 
constant (8.31446 J K-1 mol-1). The Gibbs free energy term f(ΔGr)

quantifies the degree of solution saturation with respect to the dissolving 
mineral as the reaction advances towards chemical equilibrium, and is 
therefore a rate-limiting variable (Lasaga, 1995). At far-from- 
equilibrium conditions, where (ΔGr) has little or no influence on the 
rate, the term f(ΔGr) ≈ 1 (Lasaga, 1981; 1995). Various forms of f(ΔGr), 
based on different mechanisms of mineral dissolution, have been dis
cussed in the literature (e.g., Lasaga, 1981; Burch et al., 1993; Lasaga 
and Lüttge, 2001; Dove et al., 2005). The most widely applied formalism 
is based on transition state theory (TST) (Lasaga, 1981; Aagaard and 
Helgeson, 1982): 

f(ΔGr) =

[

1 − exp
(

ΔGr

RT

)]

=

[

1 −
Q

Keq

]

(10) 

where Q and Keq are the ion activity product (IAP) and the equilibrium 
constant of the specific dissolution reaction considered. Both parameters 
are related to the Gibbs free energy of reaction ΔGr [J mol-1] via the 
following expression: 

ΔGr = RTln
(

Q
Keq

)

(11) 

The saturation ratio Q/Keq [unitless] indicates the degree of fluid satu
ration with respect to the solubility of a given mineral; values < 1 
indicate undersaturation and values > 1 supersaturation.

Recasting of Eqs. (9) and (10) into Eq. (8), the proposed rate law for 
the reductive dissolution kinetics of pyrite takes the following form: 

r = Ae− Ea/RT(aH+ )
− n
(PH2 )

m
(

1 −
Q

Keq

)

(12) 

In geochemical modeling codes the following alternative form of the 
above rate equation can often be found (Marty et al., 2015): 

r = A298.15exp
[
− Ea

R

(
1
T
−

1
298.15

)]

(aH+ )
− n
(PH2 )

m
(

1 −
Q

Keq

)

(13) 

Both rate equations are identical and conform to widely used 
geochemical codes, such as PHREEQC (Parkhurst and Appelo, 2013), 
CrunchFlow (Steefel, 2009), or Toughreact (Xu et al., 2006; 2011). The 
alternative form given in Eq. (13) will be further explained and devel
oped in the supplementary material (Suppl. S.6).

4.1.2. Dissolution rate domains as a function of pH
The activities of the hydroxonium (H3O+) and hydroxide (OH-) ions 

in aqueous solution change significantly with pH. Which one of these 
species predominates also affects the dissolution mechanism at the 
mineral-fluid interface. For this reason, separate rate laws are commonly 
derived for the acid, circumneutral, and alkaline pH domains. Within 
each domain, both A and Ea are generally considered to be constants (e. 
g., Carroll and Walther, 1990; Casey and Sposito, 1992; Hellmann, 
1994). Most studies on silicate minerals show a U-shaped dependence of 
the dissolution rate on pH (e.g., Knauss and Wolery, 1989; Hellmann, 
1994; Köhler et al., 2003; Golubev et al., 2006; Rozalén et al., 2009; 
Hellmann et al., 2010), which is generally mirrored by a corresponding 
U-shaped solubility-pH relationship (Schott et al., 2009). Regarding the 
sulfide pyrite, many oxidative dissolution studies concluded either no 
rate dependence on the H+-ion activity (Mathews and Robins, 1974; 
Bailey and Peters, 1976; McKibben and Barnes, 1986; Chirita and 
Schlegel, 2017) or a weak linear correlation with pH (Moses et al., 1987, 
Williamson and Rimstidt, 1994; Domènech et al., 2002; Johnson et al., 
2019). Recently Li et al. (2023) reported increasing oxidative dissolution 
rates at acidic and alkaline conditions, thus indicating a U-shaped pH 
dependence for pyrite.

Concerning the data on reductive pyrite dissolution obtained in the 
present study, the rates display a strong dependence on pH (Fig. 6). At 
least two rate-pH domains exist, defined by an asymmetric V-shaped 
dependence with a more pronounced increase in the rates at alkaline 

Table 2 
Far-from-equilibrium reductive dissolution rates (r) of pyrite evaluated at 12 h 
for experiments covering T, PH2, and pH dependencies. The fit parameters refer 
to the M-M equation, Eq. (5). The pHin situ values were taken from the pyrite 
titration models and linearly interpolated (or extrapolated) to 12 h.

Expt # T 
(◦C)

PH2 

(bar)
pHin 

situ

r 
(mol m-2 s- 

1)

Fit 
parameter 

m

Fit 
parameter 

n

Temperature dependence: ​ ​
#PY14 60 7 9.16 2.90×10-11 6.640×10-6 127843.3
#PY12 90 7 8.61 4.76×10-11 1.652×10-5 737.5
#PY17 90 7 8.64 7.84×10-11 1.248×10-5 68528.9
#PY13 120 7 8.17 1.36×10-10 3.150×10-5 14238.5
#PY15 150 7 7.65 4.50×10-10 1.056×10-4 13864.4
H2 partial pressure dependence: ​ ​
#PY18 90 20 8.57 6.24×10-11 3.032×10-5 395056.1
#PY23 90 50 8.47 9.01×10-11 1.310×10-4 1365582.1
#PY25 90 100 8.40 1.57×10-10 1.137×10-4 634615.9
#PY27 90 150 8.51 1.99×10-10 1.842×10-4 837499.7
pH dependence: ​ ​
#PY22 90 7 3.76 2.77×10-10 4.783×10-5 43823.6
#PY20 90 7 5.62 1.30×10-10 2.283×10-5 54266.8
#PY19 90 7 9.03 2.48×10-10 5.101×10-5 18569.9
#PY16 90 7 9.35 4.48×10-10 1.623×10-4 268481.3
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versus acid pH. The lack of data in the circumneutral pH range did not 
allow us to unambiguously ascertain the existence of a pH-independent 
circumneutral dissolution rate domain. The possible existence of a 
neutral pH domain is nonetheless suggested by the converging re
gressions of the rate data at acidic and alkaline conditions (Fig. 6 A) and 
the U-shaped solubility of pyrite that shows minimum values over the 
same range (pH ~ 6-8) (Fig. 6 B).

In order to avoid tenuous conclusions, two different kinetic evalua
tions were performed that ultimately resulted in two different kinetic 
rate laws with different pH ranges of applicability. The first evaluation 
assumes a U-shaped dependence of the pyrite dissolution rate on pH 
with three separate domains defined by these approximate pH ranges: 
pH < 6.7 (acid), pH 6.7-8.6 (circumneutral), and > 8.6 (alkaline). The 
second evaluation is based on the regression of the available data and 
thus results in a V-shaped dependence of the dissolution rate on pH with 
the two approximate domains: pH ≤ 8.6 (acid-neutral) and pH > 8.6 
(alkaline).

4.1.3. 1st kinetic evaluation: ‘U’-shaped pH-dependence
To determine the unknown variables A, Ea, n, and m in Eq. (12), the 

kinetic rate data in Table 2 is used. Starting with our general rate 
equation, given in Eq. (8), this expression can be simplified for far-from- 
equilibrium rates (f(ΔGr) ≈ 1) and in the pH-independent circum
neutral domain (n = 1). Taking the logarithm of this expression results in 
the following equations for the three pH domains: 

acid pH : logr = [logk+ acid +mlogPH2 ] + nH+ (pH) (14) 

circumneutral pH : logr = logk+ neut +mlogPH2 (15) 

alkaline pH : logr = [logk+ alk − nOH− (pKw)+mlogPH2 ] + nOH− (pH) (16) 

These equations are valid only at a constant temperature, such that 
k+ remains constant, as well. Equation (16) at alkaline pH was derived 
using the following auxiliary relations (Hellmann, 1994), where pKw is 
the dissociation constant of H2O: 

nOH− logaOH− = − nOH− pOH (17) 

pKw = pH+ pOH (18) 

In a plot of log r vs. pHin situ (Fig. 7), n corresponds to the slope of the 
regression of dissolution rates in each pH domain, i.e., nH+ = -0.18 and 
nOH- = 1.25.

The dependence of the dissolution rate on PH2 was evaluated using 
Eq. (15). In the plot of log r vs. log PH2 (Fig. 8), the dissolution rates were 
measured in experiments at 90 ◦C with pHin situ values at 12 h ranging 
from 8.4 to 8.6. The regressed data yield a slope that corresponds to m =
0.37.

The temperature dependence of the dissolution rate was determined 
with the Arrhenius law, which is strictly based on rate constants (k+) and 
not dissolution rates (r). The relationship between both parameters is 
given by rearrangement of Eq. (14), leading to: 

logk+ = logr − n(pH) − mlog(PH2 ) (19) 

For the pH domains considered in the ‘U’-evaluation, measured values of 
r at variable temperatures and PH2 = 7 bar fall within the circumneutral 
pH range (except PY14, which had a slightly alkaline pH, see Table 2), 
such that n = 0 by definition. The log k+ values calculated with the 
above equation thus considered only a PH2 contribution to the rate 
constants. The resulting k+ values are given in Table 3 and were used in 
the Arrhenius law.

Taking the logarithm of the Arrhenius law as given in Eq. (20) allows 

Fig. 6. Two potential interpretations of pH-dissolution rate domains based on experimental data (A) and pyrite solubility (B): 1. U-shaped pH dependence with three 
domains (acid, neutral, and alkaline; in red). 2. V-shaped pH dependence with two domains (acid-neutral and alkaline; in blue). A: Pyrite dissolution rates at 90 ◦C 
and 7 bar PH2 after 12 h of alteration as a function of the modeled pHin situ. Regressions of the experimental data suggest an asymmetric V-shaped dependence of the 
dissolution rate on pH. The likely existence of a pH-independent circumneutral domain cannot be unambiguously constrained from the available data. The estimated 
uncertainty is based on the range of dissolution rates from the replicate experiments PY12 and PY17. B: Modeled solubility of pyrite at 90 ◦C and 7 bar PH2 (Ptotal =

70 bar) in 30 mM NaCl using the geochemical code PHREEQC with the Thermoddem and the LLNL databases.
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for A and Ea to be calculated from a log k+ vs. T-1 plot (Fig. 9). The y- 
intercept corresponds to log A = -5.42 and Ea = 35.2 kJ mol-1 is calcu
lated from the slope φ of the regression using Eq. (21). 

logk+ = logA −
Ea

2.303RT
(20) 

Ea = − 2.303φR × 103 (21) 

The determined value of Ea will be discussed in section 4.2 and 
compared with a regression of data from Truche et al. (2010), which are 
shown in Fig. 9.

The values of all rate-determining variables are summarized in 
Table 4. We did not have sufficient data to determine Ea in the acid and 
alkaline pH domains. Recasting into Eq. (22) gives the following 
expression for the dissolution rate r at circumneutral pH: 

r = 10− 5.42e− 35208/RT(PH2 )
0.37

(

1 −
Q

Keq

)

(22) 

The above rate equation assumes that a pH-independent circumneutral 
rate domain does exist (‘U’-evaluation).

4.1.4. 2nd kinetic evaluation: ‘V’-shaped pH dependence
The determination of the rate dependencies in the presence of only 

two pH domains, an acid-neutral and an alkaline domain, without a pH- 
independent circumneutral domain (‘V’-shaped rate-pH relation), is 

Fig. 7. Dependence of the dissolution rate of pyrite on pH at 90 ◦C and 7 bar PH2. Regressions are based on three dissolution rate domains (‘U’-evaluation), even 
though the neutral pH domain was not covered experimentally. The estimated uncertainty is based on the range of dissolution rates from the replicate experiments 
PY12 and PY17.

Fig. 8. Dependence of the dissolution rate of pyrite on PH2 at 90 ◦C. The regression is applicable to both the ‘U’ and ‘V’ evaluations since the impact of PH2 on the 
dissolution rate is independent of pH. The estimated uncertainty is based on the range of dissolution rates from the replicate experiments PY12 and PY17.

Table 3 
Rate constants k+ of the dissolution experiments of pyrite as a function of the 
temperature dependency calculated using Eq. (19). The differences in log k+
values in the ‘U’ and ‘V’-evaluations result from different definitions of the rate- 
pH domains.

‘U’-evaluation: ‘V’-evaluation:

Expt # T 
(◦C)

log r 
(mol m-2 s-1)

log k+
(mol m-2 s-1)

log k+
(mol m-2 s-1)

#PY14 60 -10.54 -10.85 -9.66
#PY12 90 -10.32 -10.64 -9.51
#PY17 90 -10.11 -10.42 -9.29
#PY13 120 -9.87 -10.18 -9.12
#PY15 150 -9.35 -9.66 -8.66
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analogous to but numerically slightly different from the evaluation in 
section 4.1.3. In this case, the rates of PY12 and PY17 are included in 
both the acid-neutral and alkaline pH regressions (Figs. 6, 10). In the 
alkaline domain, the dependence of the dissolution rate on pH and PH2 
remains identical to the ‘U’-evaluation, such that nOH- = 1.25 and m =
0.37. The pH exponent in the acid-neutral domain changes to nH+ =

-0.13.
The temperature dependence of the dissolution rate is evaluated 

using the same values of r at PH2 = 7 bar, as in section 4.1.3. These fall 
within the acid-neutral pH range (except PY14), such that in the ‘V’- 
evaluation n ∕= 0 in Eq. (19). For the calculated k+ values given in 
Table 3, the pH and PH2 contributions are thus considered, unlike in the 
‘U’-evaluation. The determined values of the Arrhenius parameters are 
Ea = 29.4 kJ mol-1 and log A = -5.13 (Fig. 11).

Recasting the values of the rate dependencies into Eq. (23) gives the 
following expression for the dissolution rate r in the acid-neutral pH 
range: 

r = 10− 5.13e− 29370/RT(aH+ )
0.13

(PH2 )
0.37

(

1 −
Q

Keq

)

(23) 

The above rate equation assumes that a pH-independent circumneutral 
rate domain does not exist (‘V’-evaluation).

4.2. Interpretation and comparison of the apparent activation energy

The accurate quantification of Ea in batch reactor studies can have 
unforeseen complexities. As Ea is derived from the slope in the Arrhenius 

Fig. 9. Dependence of the rate constant k+ of pyrite dissolution at circumneutral pH on temperature. The data from Truche et al. (2010) was newly evaluated 
according to the workflow in this study. The regressions are based on the existence of a circumneutral rate-pH domain (‘U’-evaluation). The estimated uncertainty is 
based on the range of dissolution rates from the replicate experiments PY12 and PY17.

Table 4 
Values of rate parameters for the reductive dissolution of pyrite following two 
evaluation strategies that assume either three (‘U’) or two (‘V’) dissolution rate- 
pH domains. n.d. = not determined.

Rate-pH evaluation: ‘U’-shaped pH-dependence ‘V’-shaped pH-dependence

pH domain Acid Neutral Alkaline Acid-neutral Alkaline

n -0.18 0 1.25 -0.13 1.25
m 0.37 0.37 0.37 0.37 0.37
log A (mol m-2 s-1) n.d. -5.42 n.d. -5.13 n.d.
Ea (J mol-1) n.d. 35 208 n.d. 29 370 n.d.

Fig. 10. Dependence of the dissolution rate of pyrite on pH at 90 ◦C and 7 bar PH2. The two regressions are based on two dissolution rate-pH domains (‘V’-eval
uation). The estimated uncertainty is based on the range of dissolution rates from the replicate experiments PY12 and PY17.
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plot, its value is affected by the calculation of the rate constants k+ from 
the measured dissolution rates. The rates are in turn influenced by all 
parameters indicated in the general rate equation (Eq. (7)), and not just 
temperature. Moreover, some experimental parameters, such as pH or 
the water/rock ratio, continuously change in batch reactor systems and 
thus additionally influence the measured rates via the Gibbs free energy 
(Nagy and Lasaga, 1992; Cama et al., 1999). For example, the difference 
in Ea between the ‘U’ (35.2 kJ mol-1) and ‘V’-evaluations (29.4 kJ mol-1) 
in our study only originates from the different pH contribution to the k+
values in both cases, despite being based on exactly the same rates 
(sections 4.1.3, 4.1.4).

The determined Ea values for H2-driven pyrite reduction in the pre
sent study can be compared with that from Truche et al. (2010). Using a 
similar batch reactor setup as we did, these authors determined that Ea 
= 53 kJ mol-1. We re-evaluated the 120-180 ◦C, 8 bar PH2 data of Truche 
et al. (2010), following the same protocol applied in our study (Table 5). 
The rate constants derived from the re-evaluated data are plotted in the 
Arrhenius diagrams (Figs. 9, 11) and yield Ea = 34.0 kJ mol-1 (‘U’- 
evaluation) and 29.8 kJ mol-1 (‘V’-evaluation). Interestingly, Rickard 
and Luther (1997) published an Ea value of 33.7 kJ mol-1 for the sulfi
dation of pyrrhotite by H2S, i.e., the inverse reaction to the dissolution of 
pyrite by H2. These values are nearly the same as those determined from 
our own experimental data.

The Ea value is often interpreted in terms of the reaction mechanism 
(Lasaga and Gibbs, 1990). Two end-member cases are distinguished: 
transport-controlled reactions of soluble minerals with corresponding Ea 
values < 21 kJ mol-1 and surface-controlled reactions of insoluble 
minerals with Ea between 42-84 kJ mol-1 (Berner, 1978; Lasaga, 1984). 
The pyrite Ea values determined above fall between both limiting cases. 
However, the dissolution process and associated rates can be a complex 
function involving both transport and surface kinetic steps (Lasaga, 

1998). Either one can be rate-limiting depending on the physicochem
ical conditions (Berner, 1978).

The above example emphasizes the significant impact of data treat
ment on the Ea value. Conclusions about the reaction mechanism should 
therefore not only be based on the interpretation of the activation en
ergy, but require complementary physical and chemical observations at 
different scales (Lasaga and Lüttge, 2004; Lüttge, 2006).

4.3. Rate dependence on Gibbs free energy and the far-from-equilibrium 
criterion

The dissolution rate of any mineral must decrease as the fluid 
composition evolves from far-from-equilibrium conditions (ΔGr = -∞) 
to the chemical equilibrium state (ΔGr = 0). Even though numerous 
studies have investigated the rate evolution as a function of Gibbs free 
energy (r-ΔGr), there is no consensus on the mathematical form and the 
controlling mechanism. The commonly used TST-formalism postulates 
the existence of an extensive rate plateau, that abruptly ends with a 
sharp rate decline close to equilibrium, terminating at r = 0 at ΔGr =

0 (Lasaga, 1981; Aagaard and Helgeson, 1982). However, the TST-rate 
prediction has been questioned by several experimental (e.g., Nagy 
and Lasaga, 1992; Burch et al., 1993; Taylor et al., 2000; Beig and 
Lüttge, 2006; Hellmann and Tisserrand, 2006; Hellmann et al., 2010) 
and theoretical studies (Lüttge, 2006; Lüttge et al., 2019), based on the 
existence of a sigmoidal r-ΔGr relation characterized by: i) a ΔGr-inde
pendent rate plateau at far-from-equilibrium, ii) a transition region with 
fast decreasing rates, and iii) a near-equilibrium region with slowly 
decreasing rates extending to ΔGr = 0. This non-linear evolution of r-ΔGr 
is postulated to be governed by the energetics of dislocation defects. The 
sigmoidal transition corresponds to an energy threshold (ΔGr, crit) and a 
concomitant change in mechanism (Burch et al., 1993; Lasaga and 

Fig. 11. Dependence of the rate constant k+ of pyrite dissolution on temperature. Data from Truche et al. (2010) was newly evaluated analogously to the workflow in 
this study. The regressions are based on the absence of a circumneutral rate-pH domain (‘V’-evaluation). The estimated uncertainty is based on the range of 
dissolution rates from the replicate experiments PY12 and PY17.

Table 5 
Re-evaluated data from temperature experiments reported in Truche et al. (2010) following the data treatment and both kinetic evaluations (‘U’ vs. ‘V’) applied in the 
present study. The fit parameters refer to the M-M equation, Eq. (5). The rates (log r) and the rate constants (log k+) are given in [mol m-2 s-1].

at 12 h Fit parameters ‘U’-eval. ‘V’-eval.

Expt # T 
(◦C)

PH2 

(bar)
corrected 
pHin situ

log r 
m n

log k+ log k+

#P14 120 8 8.53 -10.06 1.554×10-5 59791.9 -10.39 -9.28
#P16 150 8 8.21 -9.73 5.089×10-5 178485.2 -10.07 -9.00
#P19 165 8 8.08 -9.60 4.986×10-5 91235.9 -9.93 -8.88
#P13 180 8 7.95 -9.46 6.255×10-5 30017.4 -9.80 -8.76
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Lüttge, 2001; Lüttge, 2006).
In order to address the influence of ΔGr on the pyrite dissolution 

rates measured in our batch experiments, r-ΔGr plots for the T and PH2- 
series experiments were constructed (Fig. 12, data in Suppl. S.8). For this 
purpose, additional rates were derived with a Michaelis-Menten fit over 
the full experimental duration of each experiment. The ΔGr at each 
sampling step was calculated using Eq. (24), that was derived by 
substituting ln (Q/Keq) in Eq. (11) by the SIFeS2. 

ΔGr = RT × SIFeS2 × ln10 (24) 

The SIFeS2 values were extracted from the PTMs. The values of ΔGr 
therefore correspond to the dissolution reaction of pyrite as defined in 
the Thermoddem database: 

FeS2 +0.75H2O = Fe2+ +1.5HS− +0.25S2O2−
3 (25) 

This reaction stoichiometry can be converted into the reductive disso
lution reaction of pyrite by H2 (Eq. (1)) as a linear combination of other 
speciation reactions (Suppl. S.8).

Published mineral dissolution rates and derived kinetic rate laws are 
commonly based on far-from-equilibrium rates and use the TST-based 
f(ΔGr) term as the rate-limiting parameter. For these reasons, we 
posed two principal questions that were evaluated with the r-ΔGr plots 
in Fig. 12. First, do the instantaneous rates determined at 12 h in our 
batch reactor system represent far-from-equilibrium conditions? Sec
ond, do the experimental rates deviate from the predicted rates of the 
TST-formalism?

Only the low reactivity experiments at 60 ◦C and 90 ◦C at 7 bar PH2 
show significantly decreasing dissolution rates with increasing ΔGr. This 
trend is already evident close to the beginning of the experiments 
(Fig. 12 A). An influence of the dissolution rate at 12 h by ΔGr therefore 
cannot be excluded at these conditions. But for all other experiments at 
≥ 120 ◦C and P ≥ 20 bar H2 (Fig. 12 B), rate decreases with increasing 

ΔGr occur only at later time steps, such that an impact of ΔGr on the 
dissolution rates seems unlikely.

Interestingly, the different r-ΔGr trends of the T and PH2-experiments 
in Fig. 12 correlate with the observed differences in secondary pyrrho
tite abundance (section 3.1) and measured dissolved sulfide concen
trations (Figs. 3, 4). The experiments with nearly no secondary 
pyrrhotite formation (PY12, PY14 PY17, PY18) show rapidly decreasing 
rates with increasing ΔGr, that match the transition region of a sigmoidal 
r-ΔGr trend. The rates in these experiments deviate from the TST-rate 
curve by up to three orders of magnitude. However, with increasing T, 
PH2, and pyrrhotite precipitation, the r-ΔGr slopes progressively flatten. 
This leads to the impression of an apparent shift of ΔGr, crit to higher ΔGr 
values, i.e., a shift of the inflection point between the rate plateaus and 
the transition regions. At 120 ◦C and 150 ◦C this apparent shift is so 
pronounced (Fig. 12 A), such that the r-ΔGr trends resemble the TST-rate 
curves.

We note here that ΔGr continuously changes in batch reactors as a 
temporal function of the fluid saturation with respect to the dissolving 
mineral (Q/Keq → 1). Secondary mineral formation, changing pH, and 
decreasing water/rock ratio consequently impact the ΔGr and the 
dissolution rates, either directly or indirectly via the SIFeS2. In addition, 
abundant etch pits, indicative for rate-controlling screw dislocations, 
were commonly observed in our experiments. These form at high solu
tion undersaturation on the rate plateau but remain active in the tran
sition zone and may artificially lead to enhanced rates (Lüttge, 2006).

The r-ΔGr relations in Fig. 12 should therefore be evaluated with 
caution, in particular for experiments with significant secondary min
eral formation (e.g., PY13, PY15, PY27). Pyrrhotite and magnetite pre
cipitation lead to elevated measured dissolution rates by lowering the 
IAPFeS2, such that true r-ΔGr relations cannot be determined. The 
extended ‘rate plateaus’ in such experiments are therefore most likely 
artifacts. The least impacted r-ΔGr relations are therefore considered to 

Fig. 12. Rates of pyrite reductive dissolution for all temperature experiments (A) and experiments at variable partial pressure of H2 (B) as a function of ΔGr, 
compared to calculated rate curves using the overall rate expression based on the ‘U’-evaluation, Eq. (22).
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be the low-reactivity experiments with nearly no secondary mineral 
formation (PY12, PY14, PY17). These show complex, non-linear r-ΔGr 
relations for pyrite that significantly deviate from the TST-law, sug
gesting that TST is not universal for all minerals.

We question whether in batch reactor systems instantaneous rates 
determined from a concentration vs. time curve are true steady-state 
rates at a given ΔGr value? Although all experimental systems can be 
deleteriously impacted by the effect of secondary mineral precipitation, 
r-ΔGr relations are arguably better determined in continuous flow 
reactor systems that generate steady-state rates at constant ΔGr values 
(Q/Keq = const.). We note, however, that the investigation of the r-ΔGr 
relation for the reductive dissolution of pyrite was not the primary 
objective of this study. Moreover, conducting H2-driven aqueous min
eral dissolution experiments in flow-through systems can lead to sig
nificant additional complexity due to the requirement for a constant H2- 
activity in solution, safety precautions, and lower sulfide 
concentrations.

4.4. Performance of the kinetic rate laws

Both rate laws (‘U’ and ‘V’-evaluations; Eqs. (22), (23)) were vali
dated by reproducing the experimentally measured dissolved sulfide 
concentrations. To this aim, they were implemented in the Thermoddem 
database and the reductive dissolution of pyrite by H2 modeled kineti
cally using PHREEQC. To achieve a match with the experimental data, 
the suppression of pyrrhotite and magnetite precipitation was required, 
but only for the models concerning the low-reactivity experiments (≤
90 ◦C and ≤ 20 bar PH2, with S-II

(aq) < 0.12 mM: PY14, PY17, PY18, PY20, 
PY22). This is in line with the sparse abundance of secondary phases 
observed on post-reaction grains in the SEM examination of these 

experiments (section 3.1). The application ranges of both rate laws with 
respect to T, PH2, and pH are given in section 4.4.2.

4.4.1. Kinetic modeling of the experiments
To graphically illustrate the performance of the kinetic models 

relative to the experiments, modeled concentration vs. measured con
centration plots are shown in Fig. 13. Two comparisons are performed. 
First, the ‘U’ and ‘V’ rate laws are compared and second, their match 
with the experimental reference data. The divergences of both rate laws 
and their agreement with the experimental data is given in Table 6. In 
addition, the temporal evolution of the modeled and measured sulfide 
concentrations is evaluated, for example, in Fig. 14 with respect to PH2 at 
experimental time scales and then extended to 10 000 h. The temporal 
evaluation for all other experiments is presented in the supplementary 
material (Suppl. S.7).

In general, the modeled sulfide concentrations using the ‘U’ and ‘V’ 
kinetic rate laws are nearly identical over experimental time-scales for 
variable T and PH2 conditions, as shown in Fig. 13. The most notable 
divergences occur for the pH-series experiments, which is due to the 
missing rate dependence on pH in the ‘U’ rate law. The zig-zag excur
sions from non-monotonic behavior in some of the concentration vs. 
concentration plots (Fig. 13, e.g., PY14, PY17, PY20) are related to the 
missing time component. They occur in particular in low-reactivity ex
periments due to successive positive and negative measured sulfide 
fluctuations at (near)-steady-state conditions relative to the ideal 
modeled trends.

For most conditions, the ‘U’ and ‘V’ curves conform well (within ~ 
20 %) with the corresponding experimental reference curves. Two ex
ceptions are highly alkaline conditions (pH > 10, Fig. 13 PY16) that 
could not be reproduced, and temperatures ≥ 120 ◦C with deviations ≥

Fig. 13. Performance test of the rate laws. Comparison of the kinetically modeled dissolved sulfide concentrations, [S-II](aq), with the measured concentrations by 
methylene blue spectrophotometry. The reference curve for each experiment (solid line) displays the same values on ordinate and abscissa. The legend given for PY23 
is applicable to all plots.
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30 % (Fig. 13 PY13, PY15). The deviations from the experimental 
measurements at 150 ◦C may in part be related to overestimated con
centrations by methylene blue analysis at millimolar range of concen
trations. At these conditions, the methylene blue measurements also 
deviate from the S-II

(aq) estimates by potentiometry and SO4
2--conversion to 

higher concentrations (Fig. S.5-4a). Nevertheless, over time scales up to 
10 000 h, both rate laws predict reasonable steady-state sulfide con
centrations of 2.6 mM (120 ◦C) and 4.3 mM (150 ◦C) (Fig. S.7-1b C, Fig. 
S.7-2b C). In contrast, the experiments at high PH2 ≥ 100 bar and 90 ◦C, 

conditions most relevant to UHS, were reproduced well by both rate 
laws (Fig. 14). Only the two lower PH2 experiments show slight de
viations from the experimental data, a transitory initial deviation at 20 
bar PH2 (Fig. 13 PY18) and a positive deviation at the end of the 
experiment at 50 bar PH2 (Fig. 13 PY23).

Figure 14 illustrates another difference between the experiments and 
the kinetic models, specifically regarding the time scale over which the 
dissolution rates start to significantly slow down. The dissolved sulfide 
concentrations in the experiments begin to flatten out within ~ 1 000 h 
(Fig. 14 A, Fig. S.7-1b A), whereas linearly increasing concentrations are 
predicted by the models over the same time scale. The modeled rates of 
sulfide accumulation start to significantly decrease over much longer 
time periods (Fig. 14 B, Fig. S.7-1b C). This implies a discrepancy be
tween the models and experiments concerning the impact of the pyrite 
saturation state with respect to limitation of the dissolution rate. One 
explanation is overestimated rates near equilibrium by the TST-based 
ΔGr term in the rate equations (section 4.3). Another explanation is 
that the models do not consider the nucleation and growth kinetics of 
pyrrhotite and magnetite. The effect of instantaneous precipitation on 
fluid saturation results in overly efficient removal of Fe+II and S-II

(aq). As a 
consequence, the undersaturation of pyrite is overestimated and artifi
cially prolonged.

4.4.2. Application range of the kinetic rate laws
The valid range of our rate laws is more restricted than the experi

mentally investigated T, PH2, and pH conditions. In terms of T and PH2, 
the performance analysis of both rate laws (section 4.4.1) suggests sig
nificant deviations from the experiments at 150 ◦C. Therefore, we 
recommend a suitable range of application from 60 ◦C to ~ 120 ◦C, with 
an unrestricted PH2 range up to 150 bar. Conversely, the incompleteness 
of the rate data sets with respect to their temperature dependence 
resulted in undeterminable Arrhenius parameters (Ea and A) in the acid 
and alkaline pH domains (section 4.1.3-4.1.4). This restricts the validity 
of the ‘U’ rate law to the circumneutral domain from pH ~ 6.7 to 8.6 and 
the ‘V’ rate law to the acid-neutral domain extending from pH ~ 4.1 to 
8.6. In the other pH domains, the rate laws are only valid at a constant 
temperature of 90 ◦C and necessitate the use of a fixed k+ value each 
(acid domain (‘U’): log k+ = -9.19 ± 0.01 mol m-2 s-1; alkaline domain 
(‘U’, ‘V’): log k+ = -21.29 ± 0.10 mol m-2 s-1), that is derived by Eq. (19)
from the corresponding experiments. Because Ea is known to vary with 
the pH domain, it is not advisable to use the determined Ea values 
outside of their valid pH conditions.

Table 6 
Summarized comparison of the ‘U‘ and ‘V‘ rate laws and their performance with 
respect to the T, PH2, and pH conditions of experiments.

Experimental 
conditions:

Comparison 
between the ‘U’ 
and ‘V’ rate law 
models:

Agreement with 
experiments:

Remarks:

Acidic pH (<
6.7)

'U': no pH 
dependence; 
lower initial 
sulfide release

'U' and 'V' converge 
with peak conc. 
(PY22: 5 %, PY20: 
11 %)

Recommended use: 'V' 
rate law

'V': pH 
dependence 
included

'V': More accurate

Alkaline pH 
(> 8.6)

Missing Ea and 
A thermal 
parameter 
values

pH ~ 9-10 (PY19): 
‘U’- within ~ 20 %

‘U’ and ‘V’ rate laws 
not applicable except 
at 90 ◦C (section 4.4.2; 
not tested)

​ pH > 10 (PY16): 
not reproducible

Temperature 
(≤ 90 ◦C)

Very similar 
trends and 
steady-state 
conc. (≤ 6 %)

Accurate trends; 
overestimated 
steady-state conc. 
by 0.02-0.03 mM

Overestimated near- 
equilibrium rates 
caused by the TST- 
based f(ΔGr) term (
section 4.3)

Temperature 
(≥ 120 ◦C)

Similar short 
and long-term 
conc. (≤ 10 %)

Exp. time-scale: 
Underestimation 
(≥ 30 %, 120 ◦C; >
50 %, 150 ◦C)

Recommended range 
of application: max. ~ 
120 ◦C

​ Ext. time-scale (10k 
h): Plausible trends

Elevated analytical 
uncertainty (MB- 
spectrophotometry)

H2-pressure 
(≤ 150bar)

Exp. time-scale: 
Similar conc. 
(≤ 9 %)

Overall agreement 
within ~ 20 %

Long-term differences 
between ‘U’ and ‘V’ 
due to pH effect

Ext. time-scale 
(10k h): ‘V’ at 
PH2 > 100 bar: 
1-2 mM higher 
conc.

Fig. 14. Experimentally measured vs. modeled dissolved sulfide concentrations for the ‘U’ kinetic rate law for variable PH2 at 90 ◦C. A: Experimental time scale. B: 
Extended time scale.

R. Hintzen et al.                                                                                                                                                                                                                                 Geochimica et Cosmochimica Acta 414 (2026) 169–190 

186 



4.5. Implications for aqueous pyrite reduction

4.5.1. Control of reductive pyrite dissolution by mineral solubilities
The longevity of sulfide production by H2-driven pyrite dissolution is 

a function of mineral solubilities that control the saturation state of 
pyrite. Regarding pyrite, pyrrhotite, and magnetite, the order of mineral 
solubilities at acidic and alkaline conditions is inversed (Fig. 15), in 
agreement with the pyrite-H2 reaction regimes suggested by Truche 
et al. (2013). At acidic conditions, pyrite saturates first because it has the 
lowest solubility. In this case pyrrhotite remains undersaturated, such 
that dissolved sulfide concentrations are governed by the solubility of 
pyrite that rapidly equilibrates with the fluid without secondary mineral 
formation (e.g., PY22; Fig. 1 I). At circumneutral to alkaline conditions, 
pyrrhotite has a lower solubility than pyrite and thus saturates first, 
albeit eventually after magnetite (see section 4.5.2). When pyrrhotite 
forms, the dissolution regime is driven by scavenging of Fe+II and S-II

(aq) 
which keeps the IAPFeS2 low and results in long-term pyrite dissolution 
and pyrrhotite growth (e.g., PY19; Fig. 1 K). Given that for each mole of 
dissolved pyrite an excess of S-II

(aq) relative to Fe+II is released as given in 
Eq. (1), the solution remains Fe-depleted, if pyrrhotite precipitates. This 
also implies that the amount of secondary pyrrhotite formation is con
strained by the amount of available Fe in solution during pyrite disso
lution. Significant dissolved Fe was therefore only measured in the 
acidic experiments, where pyrrhotite saturation was not achieved 
(PY22) or where pyrrhotite precipitation was minimal (PY20). Similarly, 
magnetite also affects the saturation state of pyrite by the incorporation 
of Fe+II.

4.5.2. Oxidation and magnetite formation
The formation of magnetite can be considered to be unexpected in 

deoxygenated, H2-bearing experiments at reducing conditions. Howev
er, the solubility relations at alkaline conditions indicate that the satu
ration of magnetite is achieved prior to pyrrhotite and pyrite (Fig. 15). 
The observation of magnetite precipitation in our circumneutral to 
alkaline experiments at low PH2 (e.g., PY12-17, PY19) therefore in
dicates that the oxidation of Fe+II to Fe+III occurs, and is most likely due 
to residual traces of dissolved O2(aq). Despite the application of inert gas 
purging, which is considered an efficient deoxygenation technique, 

residual concentrations of ~ 0.01-0.03 mM O2(aq) commonly remain in 
solution (Butler et al., 1994; Zekos and Stack, 2019). We assume that 
magnetite formation would not occur, if the experimental solutions were 
completely O2-depleted from the beginning. However, achieving truly 
O2-free starting conditions without alteration of the chemistry of the 
experimental solutions would be difficult at best. As a consequence, 
residual O2(aq) in our experimental solutions may actually be reduced by 
magnetite precipitation, before pyrrhotite starts forming.

4.5.3. Pyrite dissolution stoichiometry (Fe/S-II-ratio)
The dissolution stoichiometry of pyrite is not preserved by the so

lution composition because Fe(aq) and S-II
(aq) do not behave conservatively 

due to devolatilization and scavenging by secondary mineral formation 
processes. The temporal evolution of the Fe/S-II-ratio is given in Fig. 16, 
where a value of 0.5 represents stoichiometric dissolution of pyrite. For 
experiments PY19 and PY27 the ratios are < 0.5 due to dissolved Fe 
concentrations near the detection limit. However, if the number of moles 
of pyrrhotite formation, estimated by the PTMs, are considered in the 
mole balance for total S-II, an Fe/S-II-ratio of 0.50 ± 0.03 is obtained, 
indicating the congruent dissolution of pyrite in the presence of H2. In 
the other circumneutral to alkaline experiments, the measured dissolved 
Fe concentrations fluctuate around the detection limit by ICP-OES, such 
that the ratio could not be calculated. The acidic experiments PY20 and 
PY22, which were undersaturated with respect to pyrrhotite, show 
measured dissolved Fe concentrations that exceed the total S-II

(aq+gas) 
production, hence leading to Fe/S-II-ratios > 0.5. Trace abundances of 
Fe-bearing inclusions in the pyrite starting material are suspected as the 
cause of the elevated Fe signal (e.g., Suppl. section S.1-2).

4.5.4. Pyrite-pyrrhotite-magnetite sulfide buffer assemblage
When the minerals pyrite, pyrrhotite, and magnetite coexist in the 

kinetic models (section 4.4.1), the sulfide concentration is buffered (e.g., 
Fig. S.7-1b B). The buffering effect of this mineral assemblage on S-II

(aq) 
concentrations is known from other studies on hydrothermal systems 
(Crerar, 1978; Kishima et al., 1989). In our experiments, with continued 
sulfide release the solution becomes undersaturated with respect to 
magnetite, this leading to the instability (i.e., termination) of the buffer 
assemblage and a renewed increase in S-II

(aq) concentrations. This was 
observed by the early-stage intervals (~ 30-80 h) of transient slower 
sulfide release kinetics in the experiments at 120 ◦C (PY13) and 150 ◦C 
(PY15) described in section 3.2.1. The same effect is also predicted for 
the experiment at pH ~ 9.7, PY19 (Fig. S.7-1c B).

5. Conclusions

Relative to other geologic environments, underground H2 storage is 
unique in terms of abiotic redox reactions, because low temperature 
conditions are accompanied by high H2 partial pressures. To investigate 
the dependence of the reductive dissolution rate of pyrite at conditions 
relevant to UHS, powder dissolution experiments were performed in H2- 
pressurized batch reactors as a function of T (60-150 ◦C), PH2 (max. 150 
bar), and pH (~ 4-10). The experiments showed that the reductive 
dissolution rates of pyrite are not only a strong function of T, but also 
significantly increase with PH2 and pH at alkaline conditions. Sulfide 
formation was measured at temperatures as low as 60 ◦C (7 bar PH2) and 
rates even increased slightly from neutral to acidic pH (90 ◦C, 7 bar PH2), 
albeit at low sulfide release (10-6 to 10-5 mol m-2 S-II

(aq+gas)). Long-term 
aqueous pyrite reduction and concomitant elevated sulfide release (10- 

4 to 10-3 mol m-2 S-II
(aq+gas)) at conditions ≥ 120 ◦C (7 bar PH2) or ≥ 50 bar 

PH2 (90 ◦C) are driven by the saturation and precipitation of secondary 
pyrrhotite and magnetite.

In this study, two general kinetic rate laws were derived, based on 
different rate-pH domains. The validity of both rate laws was satisfac
torily confirmed in kinetic models by reproducing the experimentally 
measured dissolved sulfide concentrations and mineralogical changes at 
60-120 ◦C and up to 150 bar PH2. However, their application is restricted 

Fig. 15. Modeled solubilities of pyrite, pyrrhotite, and magnetite as a function 
of pH at 90 ◦C and 7 bar PH2. The in situ pH ranges of select experiments are 
indicated at the top of the diagram. With increasing temperature, the solubility 
curves shift to lower pH, but maintain a similar topology. With increasing H2 
partial pressure, the solubility curves of pyrite and magnetite shift to higher 
values, while the solubility of pyrrhotite remains unaffected.

R. Hintzen et al.                                                                                                                                                                                                                                 Geochimica et Cosmochimica Acta 414 (2026) 169–190 

187 



to specific pH ranges, for which the T-dependence could be fully 
developed. The first rate law, Eq. (22), assumes a U-shaped dependence 
of the pyrite dissolution rate on pH and incorporates the T-dependence 
(Ea = 35.2 kJ mol-1) in the circumneutral range of pH ~ 6.7-8.6. The 
second rate law, Eq. (23), is based on a V-shaped rate dependence on pH 
and accounts for the T-dependence (Ea = 29.4 kJ mol-1) in the acid- 
neutral range of pH ~ 4.1-8.6. More T-experiments are required to 
establish the activation energies in the acid and alkaline pH domains.

Additional analyses of the rate dependence on the Gibbs free energy 
suggest that the TST-based ΔGr term leads to overestimated dissolution 
rates close to equilibrium. This appears to be a systematic limitation in 
TST-based rate laws (e.g., Nagy and Lasaga, 1992; Burch et al., 1993; 
Hellmann and Tisserrand, 2006; Lüttge, 2006), whose usage in large- 
scale geochemical simulations currently seems to be unavoidable, 
however (Marty et al., 2015).

Despite these caveats, the rate data provided in this study allow for 
the quantitative prediction of abiotic sulfide release rates from H2- 
driven pyrite reduction in future reactive transport models. This work 
therefore supports the study of water-rock interactions, long-term safety 
assessments, and techno-economic planning of engineered subsurface 
sites that will be used for underground H2 storage, carbon capture and 
storage, and nuclear waste disposal where H2 is either injected 
(Thambimuthu et al. 2005; Oosterkamp and Ramsen, 2008) or produced 
in situ (Gallé, 2000; Ortiz et al., 2002).

Furthermore, given that pyrite is ubiquitous in natural geologic en
vironments (Hall, 1986), as is the formation of natural H2 in many 
geological settings (according to recent findings, e.g., Zgonnik, 2020; 
Boreham et al., 2021; Milkov, 2022; Truche et al., 2024), the abiotic 
reductive dissolution of pyrite may therefore be a more common alter
ation reaction than previously recognized. Hydrothermal systems with 
their characteristic black smokers at mid-ocean ridges, oceanic and 
continental crust exposed to H2 produced by serpentinization, and the 
Archean prior to the Great Oxidation Event (Swanner et al., 2020; 
Zahnle et al., 2020) are examples for diverse anoxic, H2-rich geologic 
environments throughout Earth’s history where reductive pyrite alter
ation may have been important. These examples point out that aqueous 
pyrite-H2 interactions, and in a more general sense aqueous H2-driven 
reductive alteration of mineral phases, warrant further experimental 
and field studies.
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Appendix A. Supplementary material

The supplementary material contains XRD patterns, SEM images of 
the unaltered pyrite powder (S.1), and additional information on the 
removal of native sulfur from the pyrite (S.2). The workflow of the PTMs 
is complemented by a graphical chart, the PHREEQC input file scripts, 
and PTM-related data tables for each experiment (S.3). An explanation 
of the uncertainty calculations is provided (S.4). Furthermore, an 
overview of each pyrite dissolution experiment is given that includes 
data tables and plots of the aqueous measurement data (S-II

(aq), pH, ICP- 
OES) on the one hand, and the Michaelis-Menten fits for the deriva
tion of the pyrite dissolution rates at 12 hours on the other hand. The 
aqueous data also include all S-II

(aq) concentration measurements by 
methylene blue spectrophotometry, Ag+/S-II ion-selective electrode 
potentiometry, and ICP-OES as total elemental sulfur after H2O2- 
oxidation. In addition, some modeled data from the PTMs are compared 
with the measured data (corrected vs. modeled pHin situ; measured vs. 
modeled dissolved Ca concentrations) (S.5). The alternative form of the 
rate equations based on Eq. (13) are developed (S.6). The performance 
of the kinetic rate laws (Eq. (23)) relative to the experimentally 
measured S-II

(aq) data is illustrated in concentration vs. time plots (S.7). 
The Michaelis-Menten fits over the complete experimental durations, 
including the data on the pyrite saturation index from the PTMs (SIFeS2), 
that were used for the analysis of the r-ΔGr relations, are summarized 
(S.8). Supplementary material to this article can be found online at htt 
ps://doi.org/10.1016/j.gca.2025.12.034.
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