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a b s t r a c t

Mars volcanic SO2 and H2S gas emissions are likely the dominant source of martian sulfate, and the source
of sulfuric acid. Until this work, the FREZCHEM model lacked SO2 and H2S gases and associated sulfite and
sulfide minerals. The specific objectives of this paper were to add these components and associated sul-
fite and sulfide minerals and phases into FREZCHEM, and to explore some possible roles of these chem-
istries on Mars. New solid phases added included the sulfites: Na2SO3�7H2O, K2SO3, (NH4)2SO3�H2O,
MgSO3�6H2O, CaSO3�0.5H2O, and FeSO3�1.5H2O, and the sulfide: FeS2. The lowest eutectic of these miner-
als was K2SO3 (= 6.57 m) at 228 K. Because sulfurous acid is stronger than carbonic acid, this causes a
much larger fraction of S(IV) to exist as sulfite (SO2�

3 ) at acidic to mildly alkaline pH, whereas almost none
of the C is present as carbonate anion. Model calculations show that small quantities of SO2 in an early
CO2-rich martian atmosphere suppressed formation of carbonates because SO2 is much more water sol-
uble than CO2 and a stronger acid, which may be a major reason why sulfates are much more common
than carbonates on Mars. Also, perhaps equally important are low temperatures that favor sulfite mineral
precipitation, the oxidation of which leads to sulfate minerals. Another potentially important factor that
favors sulfite/sulfide mineral formation is low pH values that cannot allow carbonate minerals, but can
allow sulfide minerals such as pyrite (FeS2). The presence of pyrite, highly insoluble, would lead to sulfate
minerals when oxygen becomes available in acidic environments. Major cations for both sulfites (or sul-
fates) and carbonates (Ca and Mg) can limit carbonates. Sulfite–sulfide volcanism on a cold, lower pH,
Mars are the primary causes of high sulfate minerals (e.g., Ca and Mg sulfates), compared to volcanism
on a warm, higher pH, Earth that led to more abundant carbonate minerals (e.g., Ca and Mg carbonates).

� 2013 Elsevier Inc. All rights reserved.

1. Introduction

Mars volcanic SO2 and H2S gas emissions, that may have been
more abundant on Mars than on Earth, have been implicated dur-
ing early martian global change (Halevy et al., 2007; Bibring et al.,
2008; Johnson et al., 2008; Halevy and Schrag, 2009), as the dom-
inant source of martian sulfate (Banin et al., 1997; Bishop et al.,
2004; Zolotov and Shock, 2005; Bibring et al., 2008; Halevy and
Schrag, 2009), and the source of sulfuric acid (Settle, 1979; Banin
et al., 1997; Papike et al., 2006; Bullock and Moore, 2007; Berger
et al., 2008; Johnson et al., 2008; Halevy and Schrag, 2009). Heavy
impact bombardment and the intense volcanic activity associated
with that early period on Mars also may have released sulfur gases
from the crust, for instance, due to thermal destabilization of ice
(in permafrost) and pyrite (in volcanic rocks or carbonaceous
shales), or of sulfate salts.

As a source of sulfate (including sulfate salts and sulfuric acid),
SO2 and H2S require oxidation reactions (e.g., H2Sþ 2O2 ()
H2SO4Þ (Papike et al., 2006). These reactions occur in the atmo-
sphere (Settle, 1979), even under weakly reducing and anoxic condi-
tions characteristic of a volcanically active early Mars (Zahnle and
Haberle, 2007). Formation of sulfuric acid may also occur by aqu-
eously mediated oxidation of sulfide minerals (e.g.,
FeS2 þH2Oþ 1:5O2 () H2SO4 þ Fe2þ) (Bishop et al., 2004; Zolotov
and Shock, 2005). Impact and magmatic heat may have contributed
to oxygen release from ice or groundwater and oxidation of crustal
sulfides or through dissolution of minerals such as rhomboclase
(Fe2ðSO4Þ3 �H2SO4 � 8H2O() H2SO4 þ 2Fe3þ þ 3SO2�

4 þ 8H2O) and
other ferric sulfates (Marion et al., 2008). Precipitation of minerals
such as ferric oxide/hydroxides through freezing or evaporation
can also lead to soil acidification (Fe2O3 þ 6Hþ () 2Fe3þ þ 3H2O)
(McArthur et al., 1991; Lacelle et al., 2008; Marion et al., 2008) as
can precipitation of minerals such as zeolites
(CaAl2Si4O12 � 4H2Oþ 8Hþ () Ca2þ þ 2Al3þ þ4SiðOHÞ04). Sulfate
salts, such as gypsum and epsomite, then can form by sulfuric acid
neutralization reactions with Ca–Mg-rich silicate rocks. Kargel
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et al. (1999) described a wide range of both biological and abiotic
routes by which elemental sulfur (not treated in this paper) is pro-
duced in mainly hydrothermal settings. They also reviewed and pro-
duced new ideas on how Jupiter’s anhydrous moon, Io, may have
generated copious amounts of native sulfur, SO2, and other sulfur
oxides. Another Jovian moon—Europa—has an ice-covered ocean
and abundant sulfates salts and/or sulfuric acid; Kargel et al.
(2000) described how either biological activity or abiotic aqueous
chemistry involving SO2 emissions into the ocean could have pro-
duced sulfates. Any of these processes potentially could have been
active on Mars, where, instead of an ocean, there exists a thick icy
cryosphere. The conversion of SO2 and H2S to sulfate are complicated
(e.g., kinetics with multiple subspecies that are not treated in our
model); but instead we are focused on chemical equilibrium that
deals directly with sulfite, sulfide, or sulfate. Implicit in our calcula-
tions is that if sulfite or sulfide precipitates in the presence of oxygen,
then sulfates will form.

On Earth, strong volcanic volatile acids include sulfuric, hydro-
chloric, and nitric (Banin et al., 1997); rarely or more sparingly,
phosphoric acid, boric acid, and hydrobromic acid also are known
in igneous and hydrothermal systems. Hydrofluoric acid also is sig-
nificant in some cases of pegmatite-forming hydrothermal sys-
tems. Ubiquitous weak acids include silicic and carbonic.
Hydrochloric acid has been implicated as a potential source of
chloride and acidity on Mars (Keller et al., 2007). What controls
sulfate and chloride concentrations, and past/current acidity on
Mars is published (e.g., Fairen et al., 2004; Hurowitz et al., 2010).
However, fundamentally it is the composition of igneous rocks that
drives the pH of aqueous systems that equilibrate with those rocks;
whether rocks are alkaline or silicic depends on things like the de-
gree of partial melting and the activities of H2O and CO2. High
mantle CO2:H2O coupled with low degrees of partial melting cause
alkaline magmas to form, whereas high H2O:CO2 produces silicic,
acidic rocks. The pathways of aqueous chemical weathering and
brine evolution depend on the initial rock compositions as well
as access of carbon dioxide from the atmosphere or other sources.
Also, the hypothesis that sulfur gases may have contributed to the
early greenhouse effect (Halevy et al., 2007; Halevy and Schrag,
2009) lacks a consensus because the photochemical residence time
of SO2 and H2S and the albedo cooling due to sulfate aerosol clouds
remain to be properly investigated; nevertheless, any large and
sudden emission of SO2 into the atmosphere of Mars due to a mas-
sive, brief eruption or large impact is expected to have a large, if
geologically transient, climatic effect either to warmer or colder
(possibly, first warmer and then colder) atmospheres (Halevy
and Head, 2012).

Previously, the FREZCHEM model (Marion and Kargel, 2008)
lacked SO2 and H2S gases and associated sulfite and sulfide miner-
als and phases. The specific objectives of this paper were to (1) add
SO2 and H2S gases and associated sulfite and sulfide minerals into
FREZCHEM, and (2) explore the role of these chemistries on Mars.

2. Methods and materials

2.1. FREZCHEM model

FREZCHEM is an equilibrium chemical thermodynamic model
parameterized for concentrated electrolyte solutions (to ionic
strengths = 20 molal) using the Pitzer approach (Pitzer, 1991,
1995) for the temperature range from �100 to 25 �C (CHEMCHAU
version has temperature range from 0 to 100 �C) and the pressure
range from 1 to 1000 bars (Marion and Farren, 1999; Marion, 2001,
2002; Marion et al., 2003, 2005, 2006, 2008, 2009a, 2009b, 2010a,
2010b, 2011, 2012; Marion and Kargel, 2008). The current version
of the model is parameterized for the Na–K–NH4–Mg–Ca–Fe(II)–

Fe(III)–Al–H–Cl–ClO4–Br–SO4–NO3–OH–HCO3–CO3–CO2–O2–CH4–
NH3–Si–H2O system; it includes 108 solid phases, including ice, 16
chloride minerals, 36 sulfate minerals, 16 carbonate minerals, five
solid-phase acids, four nitrate minerals, seven perchlorates, six
acid-salts, five iron oxide/hydroxides, four aluminum hydroxides,
two silica minerals, two ammonia minerals, two gas hydrates,
and two bromide sinks. (See above references for the model
parameters.) An objective of this work was to develop sulfite–
sulfide mineral parameterizations based on classical chemical
thermodynamic principles that can be incorporated seamlessly
into FREZCHEM. This involved the incorporation of seven new sul-
fite–sulfide solid phases into FREZCHEM. A FORTRAN version of the
resulting model will be available from the senior author (giles.mar-
ion@dri.edu) or from http://frezchem.dri.edu after this paper is
published.

2.2. Pitzer approach

In the Pitzer approach (Pitzer, 1991, 1995), the activity coeffi-
cients (c) as a function of temperature at 1.01 bar pressure for cat-
ions (M), anions (X), and neutral aqueous species (N), such as
CO2(aq) or CH4(aq), are given by

lnðcMÞ ¼ z2
MF þ

X
mað2BMa þ ZCMaÞ þ

X
mcð2UMc

þ
X

maWMcaÞ þ
XX

mama0WMaa0

þ zM

XX
mcmaCca þ 2

X
mnknM

þ
XX

mnmafnMA ð1Þ

lnðcXÞ ¼ z2
XF þ

X
mcð2BcX þ ZCcXÞ þ

X
mað2UXa

þ
X

mcWcXaÞ þ
XX

mcmc0Wcc0X

þ jzX j
XX

mcmaCca þ 2
X

mnknX

þ
XX

mnmcfncX ð2Þ

lnðcNÞ ¼
X

mcð2kNcÞ þ
X

mað2kNaÞ þ
XX

mcmafNca ð3Þ

where B, C, U, W, k and f are Pitzer-equation interaction parameters,
mi is the molal concentration, and F and Z are equation functions. In
these equations, the Pitzer interaction parameters and the F func-
tion are temperature dependent. The subscripts c, a, and n refer to
cations, anions, and neutral species, respectively. The subscripts c0

and a0 refer to cations and anions, respectively, that differ from c
and a. The activity of water (aw) at 1.01 bar pressure is given by

aw ¼ exp
�/

P
mi

55:50844

� �
ð4Þ

where / is the osmotic coefficient, which is given by

ð/�1Þ ¼ 2P
mi

�A/I3=2

1þbI1=2þ
XX

mcmaðB/
caþ ZCcaÞþ

XX
mcmc0 ðU/

cc0

(

þ
X

maWcc0aÞþ
XX

mama0 ðU/
aa0 þ

X
mcWcaa0 Þ

þ
XX

mnmcknc þ
XX

mnmaknaþ
XXX

mnmcmafn;c;a

o
ð5Þ

The binary B parameters in Eqs. (1), (2) and (5), are functions of Bð0Þca ,
Bð1Þca and Bð2Þca (Table 1). Similarly, the C parameters in these equations
are a function of C/

ca (Table 1).
The temperature dependencies of Pitzer parameters (discussed

above) and solubility products (discussed below) are defined by

PðTÞ ¼ a1 þ a2T þ a3T2 þ a4T3 þ a5=T þ a6 lnðTÞ ð6Þ

where P(T) is the Pitzer parameter (Table 1) or ln(Ksp) (Table 2) and
T is absolute temperature (K); exceptions to these equations are
footnoted in tables or discussed in the text.
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Table 1
Binary Pitzer-equation parameters (a1–a3, Eq. (6)) derived in this work or taken from the literature (numbers are in computer scientific notation where e ± xx stands for 10±xx).

Pitzer-equation parameters a1 a2 a3 Temperature range (K) Data sources

Bð0ÞNa;HSO3
0.0249 298–328 Rosenblatt (1981)

Bð1ÞNa;HSO3
0.2455 298–328 Rosenblatt (1981)

C/
Na;HSO3

4.00e�4 298–328 Rosenblatt (1981)

Bð0ÞNa;SO3
�8.06e�2 3.407e�4 269–298 Rosenblatt (1981) and Masson et al. (1986), this work

Bð1ÞNa;SO3
4.778e0 �1.267e�2 269–298 Rosenblatt (1981) and Masson et al. (1986), this work

C/
Na;SO3

0.00 269–298 Rosenblatt (1981) and Masson et al. (1986), this work

Bð0ÞK;HSO3
�0.096 298–328 Rosenblatt (1981)

Bð1ÞK;HSO3
0.2481 298–328 Rosenblatt (1981)

C/
K;HSO3

0.00 298–328 Rosenblatt (1981)

Bð0ÞK;SO3
4.50e�1 �1.291e�3 228–298 Rosenblatt (1981) and Linke (1965), this work

Bð1ÞK;SO3
1.954e0 �3.200e�3 228–298 Rosenblatt (1981) and Linke (1965), this work

C/
K;SO3

�3.20e�2 1.077e�4 228–298 Rosenblatt (1981) and Linke (1965), this work

Bð0ÞNH4 ;HSO3
�0.096 298 This worka

Bð1ÞNH4 ;HSO3
0.2481 298 This worka

C/
NH4 ;HSO3

0.00 298 This worka

Bð0ÞNH4 ;SO3
5.072e�2 �3.90e�5 260–303 Linke (1965), this workb

Bð1ÞNH4 ;SO3
�4.440e�1 3.703e�3 260–303 Linke (1965), this workb

C/
NH4 ;SO3

�7.842e�3 2.49e�5 260–303 Linke (1965), this workb

Bð0ÞMg;HSO3
0.490 298–328 Rosenblatt (1981)

Bð1ÞMg;HSO3
1.804 298–328 Rosenblatt (1981)

C/
Mg;HSO3

0.00 298–328 Rosenblatt (1981)

Bð0ÞMg;SO3
0.200 273–298 Rosenblatt (1981)

Bð1ÞMg;SO3
3.659 �2.21e�3 273–298 Rosenblatt (1981) and Linke (1965), this work.

Bð2ÞMg;SO3
�41.0 273–298 Rosenblatt (1981)

C/
Mg;SO3

0.00 273–298 Rosenblatt (1981)

Bð0ÞCa;HSO3
0.438 298–328 Rosenblatt (1981)

Bð1ÞCa;HSO3
1.76 298–328 Rosenblatt (1981)

C/
Ca;HSO3

0.00 298–328 Rosenblatt (1981)

Bð0ÞCa;SO3
0.200 298 Rai et al. (1991)

Bð1ÞCa;SO3
3.1973 298 Rai et al. (1991)

Bð2ÞCa;SO3
�133.6 298 Rai et al. (1991)

C/
Ca;SO3

0.00 298 Rai et al. (1991)

V ð0Þso3
8.278112e4 �8.910971e2 3.195979e0c 273–303 Linke (1965), this work

Kð0ÞSO3
0.00 This work

a Assumed the same as K,HSO3.
b Assumed parameters for NH4,SO3 = NH4,SO4 at 298 K that were extended to lower temperatures using ice data (see Fig. 3).
c This equation also contains: �3.819702e�3*T3.

Table 2
Equilibrium constants (as ln(K)) (a1–a3, Eq. (6)) derived in this study (numbers are in computer scientific notation where e ± xx stands for 10±xx).

Solution-solid phase equilibria a1 a2 a3 Solid phase
molar volumes
(cm3/mol)a

Temperature
range (K)

References

Na2SO3 � 7H2O () 2Naþ þ SO2�
3 þ 7H2O �2.217911e1 1.075468e�1 �1.398402e�4 163.84 269–298 Masson et al. (1986), this work

K2SO3 () 2Kþ þ SO2�
3

5.891507e0 1.989583e�2 �1.065820e�4 (62.63) 227–303 Linke (1965), this work

ðNH4Þ2SO3 �H2O () 2NHþ4 þ SO2�
3 þ H2O �6.890744e0 2.249496e�2 95.14 260–303 Linke (1965), this work

MgSO3 � 6H2O () Mg2þ þ SO2�
3 þ 6H2O �2.471916e1 8.390197e�2 �1.024246e�4 123.17 273–308 Linke (1965) and Nyvlt (2001),

this work

CaSO3 � 0:5H2O () Ca2þ þ SO2þ
3 þ 0:5H2O �11.4443 �1.2896e�2 51.25 273–298 Rai et al. (1991) and Pasiuk-

Bronikowska and Rudzinski
(1990), this work

FeSO3 � 1:5H2O () Fe2þ þ SO2�
3 þ 1:5H2O �13.3855 (108.49) 293 Masson et al. (1986), this work

Hþ þ FeS2 () Fe2þ þHS� þ S0 �37.7624 24.00 298 Morse et al. (1987)

HS� () Hþ þ S2� �31.7296 298 Morse et al. (1987)

a Solid phase molar volumes are calculated by Vm = M/q, where M is molar mass and q is density. Values in parentheses are approximated by comparisons to sulfate cases.
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FREZCHEM specifies the density and pressure dependence of
equilibrium constants (K), activity coefficients (c), and the activity
of water (aw). An example is how density is calculated with the
equation

q ¼ 1000þ
P

miMi

1000
q0 þ

P
miV0

i þ Vex
mix

ð7Þ

where mi is the molal concentration, Mi is the molar mass, q0 is the
density of pure water at a given temperature and pressure, V0

i is the
partial molar volume at infinite dilution of solution species, and Vex

mix

is the excess volume of mixing given by

Vex
mix ¼ Av

I
b

� �
lnð1þ bI0:5Þ þ 2RT

�
XX

mcma Bv
c;a þ ð

X
mczcÞCv

c;a

h i
ð8Þ

where Av is the volumetric Pitzer–Debye–Hückel parameter, I is the
ionic strength, b is a constant (1.2 kg0.5 mol�0.5), and Bv

c;a and Cv
c;a are

functions of Bð0Þvca , Bð1Þvca and Bð2Þvca and Cv
c;a. See Marion et al. (2005),

Marion and Kargel (2008), or Marion et al. (2008) for a complete
description of these density–pressure equations.

3. Results

3.1. Pitzer parameterization and solubility products

In this section, we present tables and figures that contain new
equations relevant to sulfur gases (SO2 and H2S), and sulfite and
sulfide chemistries. See earlier papers cited in Section 2.1 that doc-
ument the range of previously published chemistry equations. A
substantial fraction of the parameterizations for FREZCHEM rely
on data in Linke (1965) and Masson et al. (1986), largely because
they compiled data sets that include chemistries at subzero tem-
peratures as required for FREZCHEM.

The Pitzer parameters for the Na–SO3 interactions at 298.15
were taken from Rosenblatt (1981). These parameters were ex-
tended to lower temperatures by fitting to (Na)2SO3-ice data from
Masson et al. (1986) (Fig. 1) using the equation

PðTÞ ¼ Pð298:15Þ þ Að298:15� TÞ ð9Þ

where P(T) is the Pitzer parameter, T is temperature, and A is a de-
rived constant. Knowing the freezing point depression of a solution

in equilibrium with pure ice (Fig. 1) allows one to directly deter-
mine the activity of water (aw) and the solution osmotic coefficient
(/, Eq. (4)), which then can serve as the thermodynamic foundation
for estimating the value of Pitzer parameters (Eq. (5)) at subzero
temperatures. While Eq. (9) was used to estimate the temperature
dependence, this equation was converted to our standard format
(Eq. (6)) in Table 1. Parameterization of Na–SO3 interaction param-
eters to 270 K (Fig. 1) allowed us to estimate the equilibrium con-
stant for (Na)2SO3�7H2O (Table 2) based on solubility data
(Masson et al., 1986). The model-calculated eutectic for this system
occurred at 269.58 K with (Na)2SO3 = 0.982 m, which is in good
agreement with the literature values of 269.71 K with (Na)2SO3 =
0.948 m (Fig. 1) (Masson et al., 1986).

The Pitzer parameters for K–SO3 interactions at 298.15 K were
taken from Rosenblatt (1981), and extended to lower temperatures
with K2SO3-ice data from Linke (1965) (Fig. 2, Table 1). Parameter-
ization of the ice line to 228 K allowed us to estimate the equilib-
rium constant for K2SO3 (Table 2). The solubility product of K2SO3

at the eutectic was model calculated at 228.45 K with
K2SO3 = 6.56 m, which is in reasonable agreement with the litera-
ture values of 227.65 K at 6.58 m (Fig. 2) (Linke, 1965). K2SO3

(Fig. 2) is much more soluble than either (Na)2SO3�7H2O (Fig. 1)
or (NH4)2SO3�H2O (Fig. 3).

The Pitzer parameters for NH4–SO3 interactions at 298.15 were
assumed equal to NH4–SO4, and extended to lower temperatures
with (NH4)2SO3-ice data from Linke (1965) (Fig. 3, Table 1). Param-
eterization of the ice line to 260 K allowed us to estimate the equi-
librium constant for (NH4)2SO3�H2O (Table 2). The solubility
product of (NH4)2SO3�H2O at the eutectic was model calculated at
260.25 K with (NH4)2SO3�H2O = 3.49 m, which is in excellent agree-
ment with the literature values of 260.19 K with (NH4)2SO3�H2O =
3.49 m (Fig. 3) (Linke, 1965).

The Pitzer parameters for Mg–SO3 interactions at 298.15 K were
taken from Rosenblatt (1981), and extended to lower temperatures
with MgSO3 data from Linke (1965) (Fig. 4, Table 1). Several data
sets, including those taken from Linke (1965) and Masson et al.
(1986), place MgSO3 in close plots at lower temperatures (273–
303 K) (Nyvlt, 2001). The eutectic in this case occurred at
273.07 K with MgSO3 = 0.03245 m, which is close to the lowest lit-
erature value of 273.15 K at 0.03249 m (Fig. 4). Of the four sulfites
so far examined (Figs. 1–4), MgSO3 is relatively insoluble.

We were only able to obtain two data points for CaSO3 at low
temperatures (273 and 298 K). The Pitzer parameters (Table 1)

Fig. 1. Equilibrium of sodium sulfite in the 270–300 K temperature range. Symbols
are experimental data; solid lines are model estimates.

Fig. 2. Equilibrium of potassium sulfite in the 228–303 K temperature range.
Symbols are experimental data; solid lines are model estimates.
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and equilibrium constant (Table 2) for CaSO3�0.5H2O at 298 K were
taken from Rai et al. (1991). An equilibrium constant at 273 K was
taken from Pasiuk-Bronikowska and Rudzinski (1990). We fit a
straight-line equation for CaSO3�0.5H2O (Table 2) to these two data
points. The equation leads to a slightly increasing CaSO3�0.5H2O
solubility at lower temperatures, which agrees with the 303–
373 K solubility of CaSO3�0.5H2O (Masson et al., 1986). The calcu-
lated eutectic in this case occurred at 273.15 with
CaSO3 = 0.00081 m, which is even more insoluble than MgSO3

(see last paragraph).
We estimated the activity product of FeSO3�1.5H2O based on a

single solubility case at 293 K from Masson et al. (1986) (Table 2).
A marked difference between monovalent cations (Na, K, NH4,
Figs. 1–3, Table 2) and divalent cations (Mg, Ca, Fe, Fig. 4, Table 2)
are much lower solubilities of divalent cations compared to mono-
valent cations (compare Figs. 1–4).

The equilibrium constant for pyrite (FeS2) and HS�–S2� equilib-
rium at 298 K (Table 2) were taken from Morse et al. (1987). A third
equilibrium constant from Morse et al. (1987) represents

H2S0 () Hþ þHS� ð10Þ

with the equilibrium constant equal to

Log10ðKÞ ¼ �32:55� 1519:44=T þ 15:672 � log10ðTÞ
� 0:02772 � T ð11Þ

We also took three equilibriums from Goldberg and Parker
(1985) that are temperature dependent for the reactions

SO0
2ðaqÞ þH2OðlÞ () HþðaqÞ þHSO�3 aq ð12Þ

where the equilibrium constant is

R ln K ¼ �10;600
298:15

� 17;800
1

298:15
� 1

T

� �

� 272
298:15

T

� �
� 1þ ln

T
298:15

� �� �
þ 298:2

2

�ð1:7Þ T
298:15

� �
� 298:15

T

� �
� 2 ln

T
298:15

� �� �
ð13Þ

with R = 8.31441 J K�1 mol�1; then

HSO�3 ðaqÞ () HþðaqÞ þ SO2�
3 ðaqÞ ð14Þ

where the equilibrium constant is

R ln K ¼ �40;940
298:15

� 3650
1

298:15
� 1

T

� �

� 262
298:15

T

� �
� 1þ ln

T
298:15

� �� �
þ 298:15

2

�ð�2:7Þ T
298:15

� �
� 298:15

T

� �
� 2 ln

T
298:15

� �� �
ð15Þ

and finally,

SO2ðgÞ () SO0
2ðaqÞ ð16Þ

where the equilibrium constant is

R ln k ¼ 510
298:15

� 26;970
1

298:15
� 1

T

� �

þ 155
298:15

T

� �
� 1þ ln

T
298:15

� �� �
þ 298:15

2

�ð�0:035Þ T
298:15

� �
� 298:15

T

� �
� 2 ln

T
298:15

� �� �
ð17Þ

The last equilibrium constant added to this model was also a
Henry’s law equation

H2SðgÞ () H2SðaqÞ ð18Þ

where the equilibrium constant is

KH ¼ 55:5 expðð4134� 26:9 � TÞ=ðRTÞÞ ð19Þ

that was taken from De Bruyn et al. (1995) with
R = 1.98722 cal K�1 mol�1. The equilibrium constant in this case is
in mol l�1 atm�1 (activity coefficients were not used). We converted
this equation to mol kg(H2O)�1 bar�1 (K�H) for FREZCHEM by con-
verting with

K�H ¼ KHð1=1:01325Þ � ðSOLN=qÞ ð20Þ

where q = density (kg(soln.)/l) and SOLN is kg(soln.)/kg(H2O) calcu-
lated by

SOLN ¼ 1:00þ SA=1000 ð21Þ

with

SA ¼
X

miwti ð22Þ

Fig. 3. Equilibrium of ammonium sulfite in the 260–298 K temperature range.
Symbols are experimental data; solid lines are model estimates.

Fig. 4. Equilibrium of magnesium sulfite in the 273–308 K temperature range.
Symbols are experimental data; solid lines are model estimates.
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where SA is the absolute salinity (g salt/kg(H2O)) with mi = molal-
ity and wti = g salt/mole. See Marion (2007) for a more complete
description of this conversion technique.

The Na–, K–, NH4–, and Mg–SO3 data allowed us to estimate
binary parameters (Table 1) and equilibrium constants
(Table 2) across a temperature range to their eutectics
(Figs. 1–4). The other binary parameters were largely limited to
298–328 K based on Rosenblatt (1981) (Table 1). There are a few
cases in Tables 1 and 2 that are based on surrogates. For
example, B0

NH4 ; HSO3
¼ B0

K; HSO3
, and B0

NH4 ; SO3
¼ B0

NH4 ; SO4
(Table 1). Bin-

ary neutral species such as CO2(aq), O2(aq), SO2(aq), and H2S(aq)
with cations (or anions) were based on surrogates (e.g., kNa,SO2 =
kNa,CO2, kCl,SO2 = kCl,CO2, kNa,H2S = kNa,O2, kCl,H2S = kCl,O2, etc.). The data
defining the CO2(aq) and O2(aq) cases are in Marion and Kargel
(2008). We have also used surrogates for HS� and S2�. For example,

Bð0ÞNa;HS� ¼ Bð0ÞNa;HSO�4
, Bð0Þ�

NaS2� ¼ Bð0Þ
NaSO2�

4
Similar examples for Bð1Þca , Bð2Þca , and

C/
ca were used for Na, K, Ca, Mg, H, Fe(II), and NH4. The HSO�4 and

SO2�
4 are all listed in Marion and Kargel (2008) and Marion et al.

(2012). Surrogates were widely used for other multiple parameters
that are unlisted. For example, volumetric parameters used in Eqs.
(7) and (8) (Bv and Cv) were all surrogates. For Na, we set

Bvð0Þ
Na;HSO3

¼ Bvð0Þ
Na;HSO4

;Bvð0Þ
Na;SO3

¼ Bvð0Þ
Na;SO4

;Bvð0Þ
Na;HS ¼ Bvð0Þ

Na;HSO4
;Bvð0Þ

Na;S ¼ Bvð0Þ
Na;SO4

,
and similarly for K, Ca, Mg, H, Fe(II), and NH4.

4. Validations and limitations

While model fits to experimental data are encouraging and
point out the self-consistency of the model and data inputs (Figs. 1–
4), they are not validations, which require comparison to indepen-
dent data for multi-component solutions. Unfortunately, there are
not a lot of independent data for most of the cases we summarized
in Tables 1 and 2 and Figs. 1–4. An exception was the data sets for
MgSO3 summarized in Nyvlt (2001) that demonstrated very similar
concentration–temperature plots. But in multiple cases in Tables 1
and 2, we were only capable of defining parameters and equilib-
rium constants at 298 K. Also, in the last paragraph, there were
multiple surrogates for many cases. As a consequence, there are
significant limitations to the validity of these sulfur gas and sulfite
and sulfide chemistries. Nevertheless, the model provides esti-
mates that are available at present, which will be demonstrated
in applications to Mars.

FREZCHEM is an equilibrium chemical thermodynamic model
as previously discussed (Section 2.1). The model as structured can-
not deal directly with kinetics. But, the FREZCHEM model can be
used to compare with kinetics that could illuminate chemistries
on Earth, Mars, and other cold Solar System bodies.

FREZCHEM to date has included the following gases: CO2, O2,
CH4, NH3, SO2, and H2S. But the criteria by which these gases are
inputted into FREZCHEM are not all the same. For example, CO2

(input) = f(CO2(g) + carbonate alkalinity), O2(input) = f(O2(g)),
CH4(input) = f(CH4(g)), NH3(input) = f(NH3(g)) or f(NH3(aq)), SO2

(input) = f(sulfite alkalinity), and H2S(input) = f(sulfide alkalinity).
The ‘‘alkalinity’’ terms refer to: (1) (HCO�3 þ 2CO2�

3 ), (2)
(HSO�3 þ 2SO2�

3 ), and (3) (HS� + 2S2�). Inputs of O2(g) and CH4(g)
will lead to model-calculated O2(aq) and CH4(aq). Inputs of sulfite
alkalinity and sulfide alkalinity will lead to model-calculated
SO2(g) and H2S(g). These alternative approaches were chosen for
convenience; that is, it is sometimes easier to know the gas or solu-
tion concentrations; but one can reverse inputs indirectly if
needed. For example, if you want a case where pSO2 (partial pres-
sure) = 1.0 bars, then substitute sulfite alkalinity values until a spe-
cific sulfite alkalinity leads to a calculated pSO2 = 1.0 bars.

5. Applications to planetary environments

In the next four figures, the logarithmic term will be presented
as log (to the base 10), which is easier to visualize compared to the
ln (natural logarithm) version used in our models (e.g., Table 2).

Fig. 5 illustrates the distribution of aqueous sulfite
(SO2, HSO�3 ; SO2�

3 ), sulfide (H2S, HS�, S2�), sulfate (HSO�4 ; SO2�
4 ),

and carbonic (CO2, HCO�3 ; CO2�
3 ) species over the pH range from 0

to 11. Standout differences among sulfite, sulfide, sulfates and car-
bonic species are evident. For example, between pH 3.0 and 6.0, the
dominant sulfite species is HSO�3 , the dominant sulfide species is
H2S0, the dominant sulfate species is SO2�

4 , and the dominant carbonic
species is CO0

2. Between pH 7 and 10, the dominant sulfite species is
SO2�

3 , the dominant sulfide species is HS�, the dominant sulfate spe-
cies is SO2�

4 and the dominant carbonic species is HCO�3 . As has been
long known, and as FREZCHEM also shows, the ionic compositions of
sulfite, sulfide, sulfate, and carbonic species are highly pH dependent.
Below, we will illustrate both pH and temperature dependence at
cryogenic conditions for systems of broad interest to aqueous geo-
chemistry on Mars and other cold, icy realms of the Solar System.

Fig. 6 illustrates the temperature dependence of CO2 and SO2

Henry’s law constants, Ca and Mg carbonates, and Ca and Mg sul-
fites. The CO2 and SO2 Henry’s law constants increase as tempera-
ture declines. The MgCO3 mineral increases in solution
concentration as temperature declines, as do CaCO3 and CaSO3-

�0.5H2O but only at lower rates. On the other hand, MgSO3�6H2O
is more soluble at high temperatures but decreases in solution con-
centration as temperature declines. These equilibrium patterns can
influence distribution of minerals, as we will illustrate next.

Fig. 5 clearly shows differences in the distribution of aqueous
sulfite, sulfide, sulfate, and carbon ions. But also important are dif-
ferences among SO2, H2S, and CO2 gas distributions. In our Ca sim-
ulation (Fig. 7), the model inputs were NaCl = 5.0 m, Ca = 0.1 m,
carbonate alkalinity (HCO�3 þ 2CO2�

3 Þ ¼ 0:1 equivalents kgðH2OÞ�1,
sulfite alkalinity (HSO�3 þ 2SO2�

3 Þ ¼ 0:1 equivalents kgðH2OÞ�1 and
pCO2 = 0.0001 bars. Similarly, the inputs for the Mg case (Fig. 7)
were NaCl = 5.00, Mg = 0.25 m, carbonate alkalinity = 0.1 equiva-
lents kg(H2O)�1, sulfite alkalinity = 0.40 equivalents kg(H2O)�1

and pCO2 = 0.0001 bars. In both these cases, pSO2 was calculated
from sulfite alkalinity. The high concentrations of NaCl were used
to prevent ice formation at T = 253–273 K. The choices of other
constituents were to force simultaneous precipitation of the car-
bonate and sulfite minerals (e.g., CaCO3 = CaSO3�0.5H2O, MgCO3 =
MgSO3�6H2O). This allows a comparison of equilibrium along a
temperature dependence (Fig. 7). Halevy et al. (2007) demon-
strated how the solubility of sulfite and carbonate minerals dif-
fered at 298 K; for example, CaSO3�0.5H2O = CaCO3 where
log(pSO2/pCO2) = �7.31. Running FREZCHEM model for similar
chemistries led to CaSO3�0.5H2O = CaCO3 at log(pSO2/pCO2) =
�7.33 at 298 K (Fig. 7), in excellent agreement with the Halevy
et al. model. If the pSO2 value becomes higher than the value at
298 K (pSO2 = 4.7e�12 bars) (Fig. 7, the blue line), or pCO2 be-
comes lower than the value at 298 K (pCO2 = 1.0e�4 bars), then
CaSO3�0.5 H2O becomes the dominant solid phase, and if pSO2 be-
comes lower or pCO2 becomes higher, then CaCO3 becomes the
dominant phase. Despite the much lower pSO2 value
(4.7e�12 bars) compared to the pCO2 (1.0e�4 bars), the SO2�

3

aqueous value (0.0053 m) is higher than the CO2�
3 aqueous value

(0.000033 m) because SO2 is much more water soluble than CO2

and SO2�
3 is more pH-dependent than CO2�

3 (Fig. 5).
The ‘‘blue line’’1 (CaCO3 = CaSO3�0.5H2O) and ‘‘green line’’

(MgCO3 = MgSO3�6H2O) (Fig. 7) decrease with decreasing tempera-

1 For interpretation of color in Fig. 7, the reader is referred to the web version of
this article.
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ture, which is due to the higher solubility of CaCO3 and MgCO3 at low
temperatures, and the lower solubility of MgSO3�6H2O and a very
small increase of CaSO3�0.5H2O at low temperatures (Fig. 6). At least
for these Ca and Mg minerals over the 253–298 K temperature range,
lower temperatures favor higher precipitation of the sulfite minerals.

In the Ca simulation, we arbitrarily assigned pCO2 = 0.0001 bars,
which led to a pH range of 8.11–8.39. Assigning pCO2 = 1.0 bars, for
the Ca case, led to pH = 5.90–5.94, which led to CaCO3 = CaSO3-

�0.5H2O that is identical to Fig. 7, except for the pH values that
were much lower. Similar results occurred for the Mg case, except

Fig. 5. The relative distribution of aqueous sulfite, sulfide, sulfate, and carbonate ions and neutrals in the pH range from 0 to 11.

Fig. 6. Equilibrium constants for Henry’s law constants, carbonate minerals, and sulfite minerals.

Fig. 7. The distribution of Ca and Mg carbonate and sulfite minerals as functions of pCO2 and pSO2 gas concentrations and temperatures.
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that the pH values were slightly different from the Ca cases. So
pCO2, per se, did not strongly influence sulfite/carbonate equilib-
rium. Note that sulfites can prevent formation of carbonates under
both acidic and alkaline pH values, which agrees with Halevy et al.
(2007) and Halevy and Schrag (2009).

Fig. 7 shows how carbonates and sulfites (and subsequently sul-
fates) might have formed on Mars under alkaline environments
with pH values in the 7.5–8.5 range. A classic example is the Phoe-
nix Mission that had soils that were dominated by carbonates, sul-
fates, and perchlorates (Catling et al., 2009; Fisher et al., 2009;
Hecht et al., 2009; Kounaves et al., 2009; Marion et al., 2010a),
but there are many areas on Mars that led to mineral formation un-
der strongly acidic environments such as Meridiani Planum (e.g.,
Morris et al., 2006; Squyres et al., 2006). Such diverse assemblages
of salts show that Mars, like Earth, has a complex history resulting
in heterogeneous chemistries.

What role, if any, would sulfites and sulfides play in acidic envi-
ronments? Fig. 8 depicts equilibrium constants of MgSO3, MgSO4,
CaSO3, and CaSO4 (Marion and Kargel, 2008; Table 2). Now if pH
was high such as in Fig. 7, then the less soluble SO2�

3 compared
to SO2�

4 would be favored. For example, we ran a simulation with
concentrations equal to Ca = 0.1 m, Mg = 1.0 m, Cl = 1.0 m,
SO4 = 0.4 m, and sulfite alkalinity = 0.4 equiv. kg(H2O)�1 over the
temperature range of 273–298 K with pH controlled by sulfite
alkalinity. In this case, the pH values were in the range of 7.44–
7.62, and only CaSO3�0.5H2O and MgSO3�6H2O precipitated. But
we also ran a similar case at a fixed pH = 3.0 that only resulted in
sulfate precipitation (CaSO4�2H2O). And the reason for sulfate and
no sulfite is simply due to the dominant role of SO2�

4 at pH = 3.0
and very little SO2�

3 at this pH (see Fig. 5). Oxygen and acidic envi-
ronments favor sulfate precipitation.

But, there is at least one exception dealing with Fe(II) and sul-
fide ions that can lead to precipitation of FeS2(pyrite). Note how
insoluble pyrite is in Table 2. We ran several pH cases from �0
to 7.4 with Fe2+, H2S, and a few other constituents such as Mg2+,
Cl�, and SO2�

4 . At every pH value, Fe2+ adsorbed virtually all sulfide
ions because pyrite is highly insoluble. A potential reaction that is
not in FREZCHEM (today) is the interaction between oxygen and
pyrite that would convert pyrite sulfides into sulfates that are char-
acteristic of acidic environments such as Rio Tinto in Spain (Hub-
bard et al., 2009) and Meridiani Planum on Mars (Zolotov and
Shock, 2005). Our simple explanation (oxygen and pyrite) cannot
cope with the many elements that form between our initial com-
ponents and sulfate. Nevertheless, if atmospheric oxygen were
present in acidic environments, then virtually all pyrite sulfides

would be converted into sulfates that are realistic for real cases
on Earth and Mars (Zolotov and Shock, 2005; Hubbard et al., 2009).

6. Discussion

Our primary focus was on sulfites and sulfides as these new
additions to the FREZCHEM model were relevant to Mars. But on
Mars today, sulfur is largely present as sulfates (e.g., gypsum,
kieserite, ‘‘polyhydrates’’), at least on the surface. There is abun-
dant evidence that sulfites and sulfides on Mars converted to sul-
fates both in the atmosphere and on the surface (Settle, 1979;
Bishop et al., 2004; Zolotov and Shock, 2005; Zahnle and Haberle,
2007; Gaillard and Scaillet, 2009; Tian et al., 2010). SO2 may have
provided warming on a wet early Mars (Halevy et al., 2007; Halevy
and Schrag, 2009); but, warming would have been offset within
months by cooling from sulfate and sulfur aerosols on early Mars
(Tian et al., 2010). That being the case, cold temperatures might
also have played a major role in sulfite/sulfide conversion to sulfate
mineralization on Mars (Fig. 7).

Despite an early CO2-rich atmosphere on Mars, a number of
authors (Halevy et al., 2007; Zahnle and Haberle, 2007; Johnson
et al., 2008; Gaillard and Scaillet, 2009; Halevy and Schrag, 2009;
Tian et al., 2010) attributed the prevalence of sulfur in martian sur-
faces as due to the role of SO2 and H2S gases, which is a result con-
sistent with our model (Fig. 7). In a wet environment with free O2,
conversions from sulfite/sulfide to sulfates would be rapid. There is
evidence for this process in recent papers (e.g., Halevy and Schrag,
2009; Chevrier et al., 2012). Small quantities of SO2 in a CO2-rich
atmosphere suppress formation of carbonates (Fig. 7), which may
be a major reason why sulfates are much more common on Mars.
Also, perhaps equally important is temperature that favors CaSO3-

�0.5H2O and MgSO3�6H2O precipitation at lower temperatures
(Fig. 7). SO2-rich volcanic emissions on Earth are associated with
some andesitic volcanism and may be further related to high-tem-
perature breakdown of sulfates; such was the case, for instance,
with the El Chichón (1982) (Vedder et al., 1983) and Mount Pina-
tubo (1991) (Hattori, 1993; Guo et al., 2004) eruptions. SO2-rich
hydrothermal pools, such as those at Yellowstone (Stahl et al.,
1985), are associated with microbial redox activity. It remains to
be shown by future exploration whether microbial redox activity
may have been important in the martian sulfur cycle, as on Earth,
or whether pure abiogenic chemistry has controlled martian sulfur
cycles. And acidic pH favors sulfates compared to carbonates, sul-
fites, and sulfides (except for pyrite). Sulfite–sulfide volcanism on a

Fig. 8. Equilibrium constants for sulfate and sulfite minerals.
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cold, lower pH, Mars are the primary causes of high sulfate miner-
als (e.g., Ca and Mg sulfates), compared to volcanism on a warm,
higher pH, Earth that led to more abundant carbonate minerals
(e.g., Ca and Mg carbonates).

7. Conclusions

The main conclusions of this study were:

(1) Volcanic sulfite and sulfide gases are the likely sources of
sulfates on Mars. In this study, we added sulfite and sulfide
gases and minerals into the FREZCHEM model.

(2) New minerals and solid phases added included Na2SO3�7H2-

O, K2SO3, (NH4)2SO3�H2O, MgSO3�6H2O, CaSO3�0.5H2O,
FeSO3�1.5H2O, and FeS2. The lowest eutectic of these miner-
als was K2SO3 (= 6.57 m) at 228 K.

(3) Small quantities of SO2 in an early CO2-rich martian atmo-
sphere suppressed formation of carbonates because SO2 is
much more water soluble than CO2 and a stronger acid
(Fig. 7), which may be a major reason why sulfates are much
more common on Mars.

(4) Also perhaps equally important are low temperatures that
favor sulfite mineral precipitation (Fig. 7), the oxidation of
which leads to the formation of sulfate minerals.

(5) Another potentially important factor that favors sulfite/sul-
fide mineral formation are low pH values that will not allow
carbonate minerals but can allow sulfide minerals such as
pyrite (FeS2). The presence of pyrite, highly insoluble, would
lead to sulfate minerals when oxygen becomes available.

(6) Sulfite–sulfide volcanism on a cold, lower pH, Mars are the
primary causes of high sulfate minerals (e.g., Ca and Mg sul-
fates), compared to volcanism on a warm, higher pH, Earth
that led to more abundant carbonate minerals (e.g., Ca and
Mg carbonates).
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