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Sulfate and hydrated sulfate minerals are abundant and ubiquitous on the surface of the Earth and also on
other planets and their satellites. The humidity-buffer technique has been applied to study the stability of
some of these minerals at 0.1 MPa in terms of temperature-relative humidity space on the basis of hydra-
tion–dehydration reversal experiments. Updated phase relations in the binary system MgSO4–H2O are
presented, as an example, to show how reliable thermodynamic data for these minerals could be
obtained based on these experimental results and thermodynamic principles. This approach has been
applied to sulfate and hydrated sulfate minerals of other metals, including Fe (both ferrous and ferric),
Zn, Ni, Co, Cd, and Cu.

Metal–sulfate salts play important roles in the cycling of metals and sulfate in terrestrial systems, and
the number of phases extends well beyond the simple sulfate salts that have thus far been investigated
experimentally. The oxidation of sulfide minerals, particularly pyrite, is a common process that initiates
the formation of efflorescent metal–sulfate minerals. Also, the overall abundance of iron-bearing sulfate
salts in nature reflects the fact that the weathering of pyrite or pyrrhotite is the ultimate source for many
of these phases. Many aspects of their environmental significance are reviewed, particularly in acute
effects to aquatic ecosystems related to the dissolution of sulfate salts during rain storms or snow-melt
events.

Hydrous Mg, Ca, and Fe sulfates were identified on Mars, with wide distribution and very large quan-
tities at many locations, on the basis of spectroscopic observations from orbital remote sensing and sur-
face explorations by rovers. However, many of these findings do not reveal the detailed information on
the degree of hydration that is essential for rigorous interpretation of the hydrologic history of Mars. Lab-
oratory experiments on stability fields, reactions pathways, and reaction rates of hydrous sulfates likely
to be found on Mars enhance our understanding of the degrees of hydration of various sulfates that
should currently exist on Mars at various seasons and locations and during various atmospheric pressure
and obliquity periods. Two sets of systematic experiments were described; one on hydrous Mg sulfates
and the other on hydrous Fe3+ sulfates. Also, their implications to Mars sulfates mineralogy were
discussed.

Published by Elsevier Ltd.
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1. Introduction

Simple hydrated metal–sulfate salts, such as epsomite
(MgSO4�7H2O), coquimbite ðFe3þ

2 ðSO4Þ3 � 9H2OÞ, and halotrichite
(Fe2+Al2(SO4)4�22H2O), where one or more cations combine with
sulfate and a number of waters of hydration, have received an
explosion of scientific attention over the past one to two decades.
Two main reasons are responsible for this focused attention. First,
they form at the surface of the Earth through the weathering of
sulfide minerals, where they can sequester or store metals and
acidity in a highly soluble form during dry periods; these miner-
als can dissolve readily during rain events or spring snow melt,
causing acute toxic events such as fish kills downstream (Nord-
strom, 2009). Second, spectral data from satellites orbiting Mars
or more recently from rovers on the Martian surface have identi-
fied magnesium and iron sulfate salts as important constituents
of the Martian soil, where they likely play important roles in
the hydrologic cycle of the planet and represent clues in the
search for evidence of life on the planet (Squyres et al., 2004).
Similarly, orbital remote sensing studies of other planets and
their satellites, such as the Jovian moon Europa, have indicated
the presence of these phases elsewhere in the solar system (Chou
and Seal, 2003a; Dalton et al., 2012).

The crystallography, geochemistry, and environmental signifi-
cance of sulfate and hydrated sulfate minerals, which are abundant
and ubiquitous in the lithosphere of Earth and also on other plan-
ets and their satellites, were last reviewed comprehensively over a
decade ago (i.e., Alpers et al., 2000). In 2000, information on the
stability of sulfate and hydrated sulfate minerals and their thermo-
dynamic and kinetic properties were lacking due to limited exper-
imental observations and reliable measurements. Thus, one of the
greatest obstacles to improving of understanding of the behavior of
these minerals in both terrestrial and extraterrestrial environ-
ments was the lack of reliable thermodynamic data for these
phases and the lack of adequate kinetic data for the rates of reac-
tions among these phases.

The purpose of this review paper is to summarize recent labora-
tory studies related to the thermodynamic and kinetic properties
of this group of minerals as they relate to surface environment
on Earth and Mars. Temperature and relative humidity (RH) are
master variables that determine the stability of many of these min-
erals under a range of conditions. The humidity-buffer technique,
which has formed the basis of much of the recent experimental re-
search on these phases, is described (Chou et al., 2002). This paper
also summarizes the occurrences of metal–sulfate minerals in ter-
restrial settings, particularly those associated with mining. Exper-
imental studies related to the stability and reaction rate of these
phases under conditions relevant to Mars and its hydrologic cycle
are described.
These minerals present a number of challenges in terms of pres-
ervation from the time of collection in the field to the time of anal-
ysis and characterization due to their rapid rates of hydration,
dehydration, and oxidation for those containing ferrous iron and
other reduced elements. A review of these topics is beyond the
scope of this paper. Instead, the reader is referred to recent com-
prehensive studies by Frost et al. (2006) and Hyde et al. (2011)
for pertinent information. Furthermore, less soluble and reactive
simple sulfate minerals such as anglesite (PbSO4) and barite
(BaSO4), and hydroxysulfates such as schwertmannite
ðFe3þ

8 O8ðOHÞ8�2x � ðSO4Þx � nH2O where 1 6 x 6 1.75), jarosite
ððK;Na;H3OÞFe3þ

3 ðSO4Þ2ðOHÞ6Þ, and alunite ((K,Na)Al3(SO4)2(OH)6),
among others, are beyond the scope of this review and are only
mentioned as needed for completeness in describing mineral
assemblages despite their geologic importance.

2. The humidity buffer technique

The humidity-buffer technique was based on the isopiestic
method, which was widely used for the determination of solvent
activity of nonvolatile solutions (e.g., Pytkowicz, 1979; Clegg and
Whitfield, 1991; Barthel et al., 1998). The humidity-buffer tech-
nique was developed by Polyanskii et al. (1976) for the study of
ion-exchange resins, and later used by Malinin et al. (1977), Chou
et al. (2002), Jerz and Rimstidt (2003), Vaniman et al. (2004), Van-
iman and Chipera (2006), Kong et al. (2011a), Wang et al. (2009,
2011), and Chou and Seal (2003a, 2003b, 2004, 2005a, 2005b,
2007) for the stability studies of metal sulfate and hydrated metal
sulfate minerals. This technique has also been used for mineral
characterization (Anderson et al., 2007), monitoring phase transi-
tion in real-time (Peterson and Grant, 2005), and development of
microanalytical techniques (Hyde et al., 2011). After comparing
the humidity-buffer technique with the gas-flow-cell method,
which was designed by Parkinson and Day (1981) to control pre-
cisely the RH for plant growth experiments, Chou et al. (2002) pre-
ferred the humidity-buffer technique for their mineral stability
studies because of better temperature control and more precise
reversibility.

For the hydration–dehydration reaction of the sulfate minerals
of a divalent metal M:

MSO4 � xH2O ¼MSO4 � yH2Oþ ðx� yÞH2O; ð1Þ

DG�r ¼ �RT ln K ¼ �ðx� yÞRT lnðaH2OÞ
¼ �ðx� yÞRT lnðf H2O=0:1Þ
¼ �ðx� yÞRT ln½ðf �H2O=0:1Þ � ð%RHÞ=100�; ð2Þ

where x and y are the numbers of water molecules per formula of
the minerals, DG�r is the standard Gibbs free energy of reaction for



Fig. 1. Experimental setup for the humidity buffer experiments. (A) Plastic sample
capsule having a cap with several small holes. (B) Sample in the capsule. (C) Glass
container. (D) A rubber stopper with a septum. (E) A sample capsule was partially
immersed in a humidity buffer in a glass container sealed by the rubber stopper.
Two needles penetrated through the septum were used to replace air in the
headspace by nitrogen to minimize oxidation for samples containing Fe2+. The ruler
shows 15 cm scales at top and 6 in. scales at bottom.
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reaction (1), K is the equilibrium constant, R is the gas constant
(8.31451 J mol�1 K�1); T is absolute temperature; aH2O is the activ-
ity of H2O; fH2O is the equilibrium H2O fugacity (in MPa); and f�H2O
is the fugacity of water (in MPa) at T. The standard states for min-
erals and H2O are pure solids and H2O, respectively, at 0.1 MPa
and temperature. Here RH is defined as:

RH ¼ ðf H2O=0:1Þ=ðf �H2O=0:1Þ: ð3Þ

To determine the equilibrium constant K for reaction (1) at a
fixed T, according to Eq. (2), we only need to measure the equilib-
rium %RH for this reaction, because f�H2O is well known and can be
obtained from a steam table (e.g., Haar et al., 1984). The humidity-
buffer technique is the most convenient and reliable way to obtain
the equilibrium %RH, and the experimental setup used by Chou
et al. (2002) is shown in Fig. 1.

A weighed amount of sample, a roughly 1:1 mixture of reactant
and product minerals (typically 100–250 mg), was loaded into a
plastic sample container (A in Fig. 1; 8 mm ID � 10 mm OD and
20 mm tall), which was partially immersed in a humidity buffer,
consisting of a binary saturated solution (Fig. 2; Greenspan,
1977) in a glass container (C in Fig. 1; 17.5 mm ID � 20 mm OD
and 40 mm tall) sealed by a rubber stopper with a septum (D in
Fig. 1). Small holes through the cap of the sample chamber allowed
the vapor phase of the sample to equilibrate with that of the buffer
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Fig. 2. Selected humidity buffers from 28 binary saturated aqueous solutions
reported by Greenspan (1977) for relative humidities from 3% to 98% at 0.1 MPa.
Uncertainties in predicted %RH can be as much as ±2.9, but mostly are less than
±0.6.
system at a fixed temperature. To minimize oxidation for experi-
ments containing Fe2+, the air in the headspace of the sample-
buffer system was replaced by nitrogen by the use of two needles
penetrated through the septum (E in Fig. 1). The whole assembly
was then immersed in a water bath, the temperatures of which
were controlled to ±0.03 �C and measured by using a Pt resistance
probe (accurate to ±0.02 �C). The durations of experiment after
each temperature change are at least 10 h, and more than 24 h in
most cases, to make sure the system reaches osmotic equilibrium
(see Fig. 6 of Chou et al., 2002). The direction of reaction was deter-
mined by the sample mass change (precise to ±0.05 mg). Both
starting material and experimental products were examined by
using X-ray diffraction and optical methods (including Raman
spectroscopy) to make sure that no unexpected phases were
formed. According to Greenspan (1977), uncertainties in predicted
%RH for the humidity buffers used in the temperature range of
most of our studies are no more than ±0.6%.
3. Phase relations and thermodynamics in the system MgSO4–
H2O – an example

We present the updated phase relations among the well-
studied sulfate and hydrated sulfate minerals in the system
MgSO4–H2O, as an example, to show (1) how in recent years we
have minimized the uncertainties associated with the stability of
these minerals, and (2) how to obtain reliable thermodynamic data
for these minerals by using the humidity buffer technique and the
thermodynamic principles.

Minerals in the system MgSO4–H2O include kieserite (MgSO4-

�H2O), starkeyite (MgSO4�4H2O), cranswickite (MgSO4�4H2O; Peter-
son, 2011), hexahydrite (MgSO4�6H2O), epsomite (MgSO4�7H2O),
and meridianiite (MgSO4�11H2O; Peterson et al., 2007). Their sta-
bility relations are summarized in Fig. 3 (modified from Fig. 1 of
Chou and Seal, 2007) as a function of T and composition (mass%
of MgSO4) in the MgSO4–H2O binary system at 0.1 MPa. Note that
the field of MgSO4�12H2O reported by Hogenboom et al. (1995)
was replaced by MgSO4�11H2O based on the report of Peterson
and Wang (2006) and that MgSO4�6H2O is not stable below 11 �C
(Chou and Seal, 2003a). Also note that the stability field for the
newly discovered cranswickite is still not determined. The plotted
Fig. 3. Phase diagram for the system MgSO4–H2O at 0.1 MPa. Note that the field of
MgSO4�12H2O reported by Hogenboom et al. (1995) was replaced by MgSO4�11H2O
based on the report of Peterson and Wang (2006) and that MgSO4�6H2O is not stable
below 11 �C (Chou and Seal, 2003a). The points A, B, C, and E are isobaric invariant
points for the assemblages epsomite–hexahydrite–aqueous solution–vapor (EHAV),
hexahydrite–kieserite–aqueous solution–vapor (HKAV), meridianiite–epsomite–
aqueous solution–vapor (MEAV), and hexahydrite–starkeyite–aqueous solution–
vapor (HSAV), respectively. The isobaric invariant point E, which is in the stability
field of liquid + MgSO4�H2O, is metastable.
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composition of mineral-saturated solution at a specific T was based
on the mineral solubility data (Fig. 4). For example, curve AB in
Fig. 3 was based on the solubility data of hexahydrite in water
(red curve in Fig. 4) summarized by Linke and Seidell (1965). The
solubility of these minerals increases with increasing T, except
kieserite (black squares and connected curve shown in Fig. 4).
Points A, B, and C in Fig. 3 are isobaric invariant points for the
assemblages of epsomite–hexahydrite–aqueous solution–vapor
(EHAV), hexahydrite–kieserite–aqueous solution–vapor (HKAV),
and meridianiite–epsomite–aqueous solution–vapor (MEAV),
respectively. The isobaric invariant point E, which is in the stability
field of liquid + MgSO4�H2O, is for the metastable assemblage hex-
ahydrite–starkeyite–aqueous solution–vapor (HSAV; Chou and
Seal, 2007). No solubility data have been reported for meridianiite,
but the T of the invariant point C was determined to be at 2 �C (Pet-
erson and Wang, 2006).

There is one more important parameter/variable that we need
to consider when we discuss the stability of these minerals, the va-
por pressure of H2O or relative humidity (RH), especially in the ab-
sence of an aqueous phase in the system, such as the stability of
individual minerals as a function of T and RH within the stability
field of epsomite + hexahydrite shown in Fig. 3.

For the reaction

EpsomiteðMgSO4 � 7H2OÞ ¼ HexahydriteðMgSO4 � 6H2OÞ
þH2O; ð4Þ
Table 1
Derived equilibrium constants for reaction (4) at 0.1 MPa. (Table 2 of Chou and Seal,
2003a).

Humidity
Buffer

T (�C)a f�H2O
(MPa)b

% RHc lnK

NaBr 28.01 ± 0.71 0.0037841 56.64 ± 0.38 �3.843 ± 0.038
KI 36.45 ± 0.31 0.0060957 66.71 ± 0.23 �3.202 ± 0.016
NaCl 42.25 ± 0.49 0.0083157 74.61 ± 0.13 �2.780 ± 0.026
KBr 44.18 ± 0.38 0.0091944 79.22 ± 0.26 �2.620 ± 0.020

a Equilibrium T; mean of the two values used to bracket equilibrium (see Table 1).
b Calculated from Haar et al. (1984).
c Calculated from Greenspan (1977).
DG�r ¼ �RTln K ¼ �RT lnðaH2OÞ ¼ �RT lnðf H2O=0:1Þ
¼ �RT ln½ðf �H2O=0:1Þ � ð%RHÞ=100�; ð5Þ

The stability of epsomite and hexahydrite under the air at
0.1 MPa pressure, in the presence or absence of an aqueous phase,
can be represented by a diagram using T and %RH as two variables
(Fig. 5; modified from Fig. 1 of Chou and Seal, 2003a). In Fig. 5, we
show the equilibrium stability boundary between epsomite and
hexahydrite based on the thermodynamic data compiled by
Wagman et al. (1982; blue curve) and DeKock (1986; red curve),
and also based on experimental vapor pressure measurements.
The boundary reported by Chou and Seal (2003a), shown here by
the black dashed curve, is based on the reversal points along four
humidity buffer curves listed in Table 1 (red circles along the NaBr,
KI, NaCl, and KBr buffer curves). For example, the experimental re-
sults along the KBr buffer curve are shown in Fig. 6 and the reversal
point is at 44.18 ± 0.38 �C (red circle on KBr buffer curve shown in
Fig. 5). The open red square in Fig. 5 represents the invariant point
A shown in Figs. 3 and 4 for the assemblage epsomite–hexahy-
drite–aqueous solution–vapor at well defined invariant T of 48 �C
(Linke and Seidell, 1965). The black and blue dotted curves are
the stability boundaries between epsomite and aqueous solution
and between hexahydrite and aqueous solution, respectively. As
shown in Fig. 5, it is apparent that (1) the epsomite–hexahydrite
stability boundaries calculated from previously compiled thermo-
dynamic data (Wagman et al., 1982; DeKock, 1986) are not reli-
able, because they did not intersect the invariant point A at
48 �C, and (2) the equilibrium reversal points of Chou and Seal
(2003a) are in excellent agreement with previous vapor pressure
measurements.

As reported by Chou and Seal (2003a), equilibrium constants
and DG�r values for reaction (4) were obtained from their experi-
mental data using Eq. (5) and these values are listed in Tables 1
and 2, respectively. Fig. 7 shows the relation between lnK and 1/
T for reaction (4); their reversal data can be represented by lnK



Table 2
Derived thermodynamic data for reaction (4) at 298.15 K and 0.1 MPa. (Table 3 of
Chou and Seal, 2003a).

DG�r
(kJ mol�1)

DH�r
(kJ mol�1)

DS�r
(J mol�1 K�1)

Reference

10.13 ± 0.07 59.72 ± 0.76 166.3 ± 2.8 Chou and Seal (2003a)
10.11 59.11 164.3 Carpenter and Jette (1923)
10.22 65.18 184.3 Bonnell and Burridge

(1935)
11.10 ± 1.4 59.91 163.7 Wagman et al. (1982)
10.89 ± 1.4 59.95 164.5 DeKock (1986)
10.21 – – Frowein (1887)
10.31 – – Lescoeur (1889)
10.35 – – Foote and Scholes (1911)
10.25 – – Bolte (1912)
10.15 – – Schumb (1923)

Epsomite-Hexahydrite Equilibria

1000/T, K
3.1 3.2 3.3 3.4 3.5 3.6

ln
 K
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-3.0

-2.5 Wagman et al. (1982)
DeKock (1986)
Chou & Seal (2003)

Chou & Seal (2003)
Carpenter & Jette (1923)
Bonnell & Burridge (1934)

Fig. 7. Plot of lnK versus 1000/T for the epsomite–hexahydrite equilibria. Red
circles are the data from Table 2, and the solid black line is a least-squares
regression of those data. Previous data at 25 �C are shown by the large black open
circle (Frowein, 1887), the black square (Lescoeur, 1889), the green triangle (Foote
and Scholes, 1911), the red plus sign (Bolte, 1912), and the black triangle with apex
pointing down (Schumb, 1923). The blue circles at 25 �C and lower temperatures
are from Bonnell and Burridge (1935), and the blue hexagons at higher temper-
atures are from Carpenter and Jette (1923). The solid blue and red lines are based on
the data compiled by Wagman et al. (1982) and DeKock (1986), respectively. The
small black dot and hexagon at the upper left corner are the invariant point at 48 �C
for the assemblage EHAV predicted from Pitzer’s model (Plummer et al., 1988) for
the epsomite-saturated solution and the data of Carpenter and Jette (1923) for the
hexahydrite-saturated solution, respectively. (Modified from Fig. 2 of Chou and
Seal, 2003a.)
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invariant point A are from Figs. 3–5. Curves calculated for the dehydration of
hexahydrite to kieserite from the data of Wagman et al. (1982) (dashed blue curve)
and from the data of DeKock (1986) (dash-dot-dot red curve) do not agree with the
intersection of the hexahydrite-saturated solution boundary and the well-accepted
temperature of the invariant assemblage hexahydrite–kieserite–aqueous solution–
vapor of 69 �C (Linke and Seidell, 1965) (point B). The speculated position of the
invariant point B (Chou and Seal, 2003a) is further confirmed by the positions of
hexahydrite–kiesertie coexisting points (two red circles) and the hexahydrite-
saturated solutions (two small blue triangles) reported by van’t Hoff et al. (1912).
The hexahydrite–kieserite boundary was adjusted by drawing a curve (red solid)
from the invariant point B parallel to the red dash-dot-dot curve of DeKock (1986),
and this curve intersects the solid black curve at point D, which defines the
invariant point for the assemblage epsomite–hexahydrite–kieserite–vapor at 11 �C
and an RH of 39% and limits the lower stability of hexahydrite. The dashed black
curve at lower temperatures is the speculated stability boundary between
hexahydrite and kieserite. Note that the invariant point D can be at higher
temperature and humidity if the solid red curve is parallel to the blue dashed curve
of Wagman et al. (1982). The invariant point C (blue circle) locates at 2 �C and
95.8%RH for the assemblage meridianiite–epsomite–aqueous solution–vapor, was
used to evaluate low-temperature phase equilibria in Fig. 9.
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reversal point is at 44.18 ± 0.38 �C (red circle on KBr buffer curve in Fig. 5). Results
shown are for two separate samples at each temperature.
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(±0.012) = 20.001–7182.07/T. The standard enthalpy of reaction,
DH�r , was calculated according to the relation:

@ðlnKÞ=@ð1=TÞ ¼ �DH�r=R: ð6Þ

Values of DH�r for reaction (4) are listed in Table 2. The entropy of
reaction, DS�r , was calculated from the relation:

DG�r ¼ DH�r � TDS�r ; ð7Þ

and the obtained value is also listed in Table 2. These derived ther-
modynamic data were compared with previous data in Table 2.

The data of Chou and Seal (2003a) are in excellent agreement
with all previous vapor pressure measurements, especially with
those reported by Carpenter and Jette (1923), as shown in Table 2
and Figs. 5 and 7. The DG�r value reported by Chou and Seal (2003a)
is 1.0 and 0.8 kJ mol�1 smaller than the value compiled by Wag-
man et al. (1982), and that compiled by DeKock (1986), respec-
tively; it is still well within the ±1.4 kJ mol�1 uncertainty limits
of Wagman et al. (1982) and DeKock (1986), but contains much
smaller uncertainty (±0.07 kJ mol�1). Using these derived thermo-
dynamic data, the epsomite–hexahydrite stability boundary can
be extrapolated to other temperatures, as shown by the black
dashed curve in Fig. 5. The validity of this phase boundary is fur-
ther supported by the fact that it intersects the well-defined invari-
ant point A (shown by the red open square in Fig. 5), where the
coexisting aqueous phase is saturated with both epsomite and hex-
ahydrite in the presence of a vapor phase at 0.1 MPa.

Similarly, the stability boundary between kieserite and hexahy-
drite needs to intersect the well-defined isobaric invariant point B
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shown in Fig. 8 at 69 �C for the assemblage kieserite–hexahydrite–
aqueous solution–vapor, and can be approximated by drawing a
curve (red line in Fig. 8) from point B parallel to the boundary
curve (dashed-dot-dot red line in Fig. 8) derived from the data
compiled by DeKock (1986), assuming her DH�r value for the hexa-
hydrite–kieserite dehydration reaction is correct. As reported by
Chou and Seal (2003a) and shown in Fig. 8, this predicted kiese-
rite–hexahydrite boundary curve intersects the epsomite–hexahy-
drite boundary curve at point D (at 11 �C), which defined another
isobaric invariant point for the assemblage epsomite–hexahy-
drite–kieserite–vapor. Therefore, hexahydrite is not stable below
11 �C as shown in Figs. 3 and 8.

The humidity-buffer technique was applied by Chou and Seal
(2007) to determine the stability boundary between hexahydrite
(MgSO4�6H2O) and starkeyite (MgSO4�4H2O). They also used the
derived thermodynamic data in the MgSO4–H2O binary system to
predict the stability of MgSO4 minerals near the Martian surface
(Fig. 9).

Recently, by using these thermodynamic data, their calorimetric
data, and mathematical optimization technique, Grevel and
Majzlan (2009) were able to provide an internally consistent ther-
modynamic data set for magnesium-sulfate hydrates, including
standard entropy, standard enthalpy of formation, and standard
Gibbs free energy of formation for epsomite, hexahydrite, starkey-
ite, and kieserite (see their Table 5).

4. Stability of sulfate and hydrated sulfate minerals of other
metals

We demonstrated that the experimental reversal data for reac-
tion (4), based on the humidity buffer technique, can be used to (a)
define the equilibrium stability phase boundary between epsomite
and hexahydrite, in the T-%RH space, with very small uncertainties,
and (b) derive thermodynamic data for the minerals involved in
the reaction.

Similarly, equilibrium constants for the reactions between
melanterite (FeSO4�7H2O) and rozenite (FeSO4�4H2O) (Chou et al.,
2002), chalcanthite (CuSO4�5H2O) and bonattite (CuSO4�3H2O)
(Chou et al., 2002), morenosite (NiSO4�7H2O) and retgersite (NiSO4-

�6H2O) (Chou and Seal, 2003b), CdSO4�8/3H2O and CdSO4�5/3H2O
(Chou and Seal, 2004), goslarite (ZnSO4�7H2O) and bianchite
(ZnSO4�6H2O) (Chou and Seal, 2005b), and bieberite (CoSO4�7H2O)
% Relative Humidity
0 10 20 30 40 50 60 70 80 90 100

T 
(o C

)

-100
-80
-60
-40
-20

0
20
40
60
80

100

MgSO4.7
H2O

MgSO4.6H2O

So
lu

tio
n

A
B

0.1 MPa

MgSO4.4
H2O

C

D
Day

Night

MgSO4.1
1H 2O

7
4

71
11

7

7
6

61
6

4

E

Mars surface at Viking Lander 1 site in summer

F
CaSO4.2H 2OCaSO 4

MgSO4.H2O

Fig. 9. Phase relations in the system MgSO4–H2O at 0.1 MPa. Stable boundaries are
shown by heavy solid curves, and metastable boundaries are shown by dashed
curves. The invariant points from A to E and the saturated solution boundaries are
from Figs. 3 and 8. Point F is another isobaric invariant point for the assemblage of
epsomite–hexahydrite–starkeyite–vapor. Also shown is the stable boundary
between gypsum (CaSO4�2H2O) and anhydrite (CaSO4), based on the data of Innorta
et al. (1980) and DeKock (1986). Gray line indicates conditions at Viking Lander 1
site in summer (Savijärvi, 1995). (Modified from Fig. 6 of Chou and Seal, 2007.)
and moorhouseite (CoSO4�6H2O) (Chou and Seal, 2005a) were
determined at temperatures between 25 and 98 �C and 0.1 MPa.
High-quality thermodynamic data were derived from these reac-
tion constants, including Gibbs free energy of reaction, enthalpy
of reaction, and entropy of reaction.

Again, by using these thermodynamic data, their calorimetric
data, and mathematical optimization technique, Grevel and Majz-
lan (2011) were able to provide an internally consistent thermody-
namic data set for divalent metal–sulfate hydrates, including
standard entropy, standard enthalpy of formation, and standard
Gibbs free energy of formation for some metal sulfate hydrates
containing Fe, Zn, Ni, Co, and Cu (see their Table 4). Recently, Kong
et al. (2011a) extended the humidity-buffer technique to the study
of the stability boundary between two trivalent ferric sulfates,
kornelite (Fe2(SO4)3�7H2O) and pentahydrate (Fe2(SO4)3�5H2O),
which is a stable phase but not a recognized mineral.
5. Terrestrial metal–sulfate efflorescent salts

Metal–sulfate salts play important roles in the cycling of metals
and sulfate in terrestrial systems. They rarely occur in high temper-
ature settings, found primarily in volcanic settings such as fuma-
roles. They are significantly more common in low temperature
settings associated with the weathering of sulfide minerals. The
mineral chemistry, phase equilibria, and paragenesis of metal–
sulfate salts have been reviewed by Jambor et al. (2000). In this
review, we will emphasize progress since this seminal contribu-
tion. In addition to Jambor et al. (2000), Hammarstrom et al.
(2005) investigated secondary sulfate minerals at several sites in
the eastern United States and included a review of many of the
salient features of these compounds in the environment. Likewise,
Jerz and Rimstidt (2003) considered paragenetic relationships
among a variety of iron-sulfate minerals commonly found at
abandoned mine sites, which, in part, built upon the work of
Jambor et al. (2000).
5.1. High temperature settings

Sulfate minerals as a group are important minor constituents of
high-temperature hydrothermal systems. Common hydrothermal
sulfate minerals include barite, anhydrite, alunite, and jarosite. In
fact, the presence of oxygen, sulfur, and hydrogen, in the case of
alunite and jarosite, make these minerals invaluable tools for deci-
phering the hydrothermal history of mineral deposits through
their stable isotope compositions (Rye, 2005). A review of these
minerals is beyond the scope of this paper.

Simple metal–sulfate salts are rare in high temperature set-
tings, presumably due to their generally high solubility espe-
cially at elevated temperatures. The only known occurrence of
hydrothermal szomolnokite is found in the late stages of the
Pascua high sulfidation epithermal Au–Ag–Cu deposit on the
Chile–Argentina border (Chouinard et al., 2005). Szomolnokite
is associated with pyrite in vuggy silica that post dated the main
stages of Au–Ag–Cu mineralization. Chouinard et al. (2005) sug-
gested that the szomolnokite formed between 80 and 220 �C on
the basis of fluid-inclusion decrepitation data. The presence of
szomolnokite is due, in part, to its retrograde solubility above
57 �C (Jambor et al., 2000).

Metal–sulfate salts are also found associated with volcanic
fumaroles, crater lakes, and hot springs (Delines, 1975; Keith
et al., 1981). In general, volcanic H2S and SO2 oxidize to form sul-
furic acid, which reacts with the surrounding rocks to liberate met-
als, at which point, evaporation can lead to the formation of sulfate
salts. Ferrous sulfate salts such as melanterite, rozenite,
szomolnokite, the calcium sulfate gypsum, the aluminum sulfate
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alunogen, and multicomponent salts such as halotrichite, tamarug-
ite, voltaite, metavoltine, and copiapite are most common in these
environments (Table 4).

5.2. Low temperature settings

5.2.1. Mineralogy
The sulfate salts in low-temperature environments are abun-

dant; their number extends well beyond the simple sulfate salts
that have thus far been investigated experimentally, as described
above. To date, most experimental studies have been limited to
simple salts with metal in a single valence state combined with
sulfate and various numbers of water molecules. Examples include
the Fe2+SO4–H2O and Cu2+SO4–H2O systems (Chou et al., 2002) and
the Fe3þ

2 ðSO4Þ3 �H2O system (Kong et al., 2011a). The plethora of
mineral species results from the variety of ways of polymerizing
sulfate tetrahedra (e.g., isolated tetrahedra, chains, sheets, and
frameworks), the resulting variety of sites within the structures
of these minerals with the ability to accommodate cations with dif-
ferent valences, and the occurrence of multiple mineral families
Fig. 10. Scanning electron microscopy (SEM) photomicrographs and photographs of
Hammarstrom. (a) SEM photomicrograph of halotrichite ‘‘hair salts’’ from the Big Mike
Spain; (c). SEM photomicrograph of fibbroferrite from the Bumbarger–Iron King mine,
Elizabeth mine, Vermont; (e) White rozenite crusts forming on pyrrhotite-rich waste-r
material that the cobbles rest upon is composed of quartz, clays, sericite, ferric hydroxide
rock piles (<0.5 m) at the Elizabeth mine, Vermont. The surrounding material is domina
where the only chemical difference among the minerals is the
number of hydration water molecules in the mineral formula
(e.g., melanterite [Fe2+SO4�7H2O], rozenite [Fe2+SO4�4H2O], and
szomolnokite [Fe2+SO4�H2O]) (Hawthorne et al., 2000). The mineral
systems include simple monovalent salts such as mirabilite
(Na2SO4�10H2O), simple divalent salts such as gypsum (CaSO4�2H2O),
simple trivalent salts such as coquimbite ðFe3þ

2 ðSO4Þ3 � 9H2OÞ,
mixed valence salts such as halotrichite (Fe2+Al2(SO4)4�22H2O;
Fig. 10a), and hydroxysulfate minerals such as copiapite
ðFe2þFe3þ

4 ðSO4Þ6ðOHÞ2 � 20H2O; Fig. 10b) or fibroferrite (Fe3+(SO4)
(OH)�5H2O; Fig. 10c), all of which exhibit high solubility in
water at ambient temperatures (Table 3). In natural assemblages,
these phases are commonly associated with a variety of less solu-
ble hydroxysulfate minerals such as jarosite ððK;Na;H3OÞ
Fe3þ

3 ðSO4Þ2ðOHÞ6Þ, schwertmannite (ðFe3þ
8 O8ðOHÞ8�2x�ðSO4Þx � nH2O

where 1 6 x 6 1.75, Bigham et al., 1996), alunite (K,Na)Al3(SO4)2

(OH)6), basaluminite (Al4(SO4)(OH)10�4H2O), and aluminite (Al2

(SO4)(OH)4�7H2O, and ferric hydroxide minerals such as goethite
(Fe3+OOH) and ferrihydrite (Fe3+(OH)3) (Bigham and Nordstrom,
2000).
metal–sulfate salts and associated phases. SEM photographs were taken by Jane
mine, Nevada; (b) SEM photomicrograph of copiapite from the Concepcíon mine,

Virginia; (d) Colliform, white gypsum ‘‘bloom’’ on the wall of the south pit at the
ock cobbles on historical waste-rock piles at the Elizabeth mine, Vermont. Brown
s and jarosite; (f) Blue, melanterite-rich evaporite layer below the surface of waste-
ted by jarosite, quartz, and clays.



Table 3
Compilation of metal–sulfate salt occurrences associated with the weathering of sulfide minerals by geologic or mine waste setting. Sources: 1. Alpers et al. (1994), 2. Alpers et al. (2003), 3. Ávila et al. (2008), 4. Bauerek et al. (2009), 5.
Bril et al. (2008), 6. Buckby et al. (2003), 7. Carmona et al. (2009), 8. Charles et al. (1986), 9. Cravotta (1994), 10. Delines (1975), 11. Dokoupilová et al. (2007), 12. Dold and Fontboté (2001), 13. Farkas et al. (2009), 14. Frondel and Palache
(1949), 15. Gomes and Favas (2006), 16. Hammarstrom et al. (2005), 17. Jambor and Traill (1963), 18. Jerz and Rimstidt (2003), 19. Joeckel et al. (2005), 20. Keith et al. (1981), 21. Keith et al. (1999), 22. Khorasanipour et al. (2011), 23.
Lottermoser (2005), 24. Martin et al. (1999), 25. Minakawa and Noto (1994), 26. Nordstrom and Alpers (1999), 27. Peterson and Wang (2006), 28. Piatak et al. (2004), 29. Rodgers et al. (2000), 30. Romero et al. (2006), 31. Sánchez España
et al. (2005), 32. Seal et al. (2008), 33. Smuda et al. (2008), 34. Srebrodol’skiy (1977), 35. Tuttle et al. (2009), 36. Valente and Leal Gomes (2008), 37 Whittig et al. (1982), 38. Yakhontova et al. (1988), 39. Zimbelman et al. (2005).

Mineral Ideal formula Active
Volcanic
Environment

Pyritic
Shale

Coal
Mine
Waste

Volcanogenic
Massive Sulfide
Mine Waste

Porphyry
Copper Mine
Waste

Granite-related
Sn–W Mine
Waste

Mississippi
Valley Type
Mine Waste

Low-Sulfidation
Epithermal Mine
Waste

Magmatic
Ni–Cu Mine
Waste

Metallurgical
Slag

Sources 8, 10, 20, 24,
25, 29, 34, 39

16, 17,
35, 37

9, 11 1, 2, 6, 16, 17, 18,
22, 26, 27, 30, 31,
32

12, 17, 22, 33 3, 15, 36 4 7, 13 14, 38 5, 23, 28

Monovalent
Mirabilite Na2SO4�10H2O X X XX X
Thenardite Na2SO4 X XX X

Divalent
Melanterite Fe2+SO4�7H2O XXX XXX XXX XXX XX XXX X
Ferrohexahydrite Fe2+SO4�6H2O X X
Siderotil (Fe2+,Cu)SO4�5H2O X XX X XX X
Rozenite Fe2+SO4�4H2O XX XX XXX XXX XXX X
Szomolnokite Fe2+SO4�H2O XX XX X XX XX
Gypsum CaSO4�2H2O XX XXX XXX XXX XX XXX X X XXX
Bassanite CaSO4�0.5H2O XXX X X
Anhydrite CaSO4 X X X
Epsomite MgSO4�7H2O XX XX X X XX
Hexahydrite MgSO4�6H2O XX XX XX XX X X XX
Pentahydrite MgSO4�5H2O XX X
Starkeyite MgSO4�4H2O XX X X X
Goslarite ZnSO4�7H2O XX X
Bianchite ZnSO4�6H2O X X X X
Boyleite ZnSO4�4H2O X
Gunningite ZnSO4�H2O X
Chalcanthite CuSO4�5H2O X XXX XX X X
Bonattite CuSO4�3H2O XXX
Mallardite MnSO4�7H2O X X
Alpersite (Mg, Cu)SO4�7H2O X
Morenosite NiSO4�7H2O XX
Retgersite NiSO4�6H2O XX

Trivalent
Quenstedtite Fe3þ

2 ðSO4Þ3 � 11H2O X

Coquimbite Fe3þ
2 ðSO4Þ3 � 9H2O X XX XX X

Paracoquimbite Fe3þ
2 ðSO4Þ3 � 9H2O X

Kornelite Fe3þ
2 ðSO4Þ3 � 7H2O X XX

Meta-alunogen Al2(SO4)3�27 H2O X X X
Alunogen Al2(SO4)3�17 H2O XXX XXX XXX XXX X

Mixed valence
Romerite Fe2þFe3þ

2 ðSO4Þ4 � 14H2O X X X X

Bilinite Fe2þFe3þ
2 ðSO4Þ4 � 22H2O X X

Halotrichite Fe2+Al2(SO4)4�22H2O XXX XXX XXX XXX XX XX X
Pickeringite MgAl2(SO4)4�22H2O XXX XX XX XX X
Apjohnite MnAl2(SO4)4�22H2O XX X X
Dietrichite ZnAl2(SO4)4�22H2O X
Potassium alum KAl(SO4)2�12H2O X
Tschermigite NH4Al(SO4)2�12H2O X X
Kalinite KAl(SO4)2�11H2O X X

(continued on next page)
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5.2.2. Processes of formation
The oxidation of sulfide minerals, particularly pyrite, is a

common process that initiates the formation of efflorescent
metal–sulfate minerals. The oxidation of pyrite by molecular
oxygen yields ferrous iron and sulfate (Rimstidt and Vaughan,
2003) as described by the reaction:

FeS2 þ 7=2O2 þH2O! Fe2þ þ 2SO2�
4 þ 2Hþ: ð8Þ

Upon desiccation, the ferrous iron and sulfate can combine to form
melanterite through the reaction:

Fe2þ þ SO2�
4 þ 7H2O! Fe2þSO4 � 7H2O: ð9Þ

In natural systems, melanterite can easily dehydrate to form roze-
nite over the course of a day or less as described by the following
reaction:

Fe2þSO4 � 7H2O! Fe2þSO4 � 4H2Oþ 3H2O: ð10Þ

Likewise, the similar weathering reactions of sphalerite (ZnS)
and chalcopyrite (CuFeS2) can lead to the formation of goslarite
(ZnSO4�7H2O) and chalcanthite (CuSO4�5H2O), respectively,
through the reactions:

ZnSþ O2 ! Zn2þ þ SO2�
4 ; ð11Þ

and,

Zn2þ þ SO2�
4 þ 7H2O! ZnSO4 � 7H2O; ð12Þ

CuFeS2 þ 4O2 ! Cu2þ þ Fe2þ þ 2SO2�
4 ; ð13Þ

and,

Cu2þ þFe2þ þ2SO2�
4 þ12H2O!CuSO4 �5H2OþFe2þSO4 �7H2O: ð14Þ

Copper can also occur in solid solution in melanterite rather
than as its own discrete phase (Jambor et al., 2000). Metal–sulfate
salts that contain non-sulfide components, like calcium in gypsum
or aluminum in halotrichite, have a more complex paragenesis
even though these two specific phases are as equally widespread
as melanterite. For example, the acid generated from reaction (8)
can then react with calcite in the rock. The reaction of acid with
calcite results in neutralization of the acid, which can lead to the
oxidation of the ferrous iron and its precipitation as ferric hydrox-
ide as described by the mass-action reaction:

Fe2þ þ 2SO2�
4 þ 2Hþ þ 1=4O2 þ 2CaCO3 þ 5=2H2O

! 2CaSO4 � 2H2Oþ FeðOHÞ3 þ 2CO2: ð15Þ

The precipitation of gypsum may occur at the site of calcite dis-
solution or may occur later in the flow path associated with evap-
oration. Gypsum blooms at abandoned mine sites that can be
attributed to processes such as these are a common occurrence
(Fig. 10d).

Similar reactions may be written for halotrichite where the alu-
minum is derived from feldspars, micas, clays or other silicate min-
erals. A prerequisite for these reactions is the generation of acid
from pyrite or pyrrhotite oxidation, as shown above for gypsum
formation, to enable the more refractory silicate minerals to be at-
tacked. Furthermore, the low pH is also required to keep aluminum
in solution for eventual precipitation along with ferrous iron and
sulfate due to evaporation.

The formation of mixed valence iron sulfate salts or ferric iron
salts requires a more complicated paragenesis. Jerz and Rimstidt
(2003) considered the formation of sulfate, hydroxysulfates, and
hydroxide phases in the system Fe–S–O–H in terms of neutraliza-
tion, oxidation, and dehydration reactions. They found that in
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specific systems, a trend characterized by these geochemical pro-
cesses – oxidation, neutralization, and dehydration – explained
the general sequence of phases found at several sites described
in the literature. However, the details of individual sites are not
as simple. Jambor et al. (2000) summarized paragenetic relation-
ships from Iron Mountain, California (Nordstrom and Alpers,
1999), Alcaparrosa, Chile (Bandy, 1938), and a laboratory study
(Buurman, 1975), which can be supplemented with observations
by Jerz and Rimstidt (2003) from the Great Gossan Lead, Virginia.
Even though the sequences of phases documented at these sites
is unlikely to be due to a single, unidirectional geochemical and
physical gradient, it is instructive to consider the phase transitions
in terms of sequential reactions summarized in Tables 4 and 5. The
assessment provided in Table 4 considers only sulfate phases in the
system Fe–S–O–H and the reactions are written conserving iron in
the solid phase. These studies also reported a number of phases
outside of this system including halotrichite, pickeringite, and
voltaite. All of the sequences begin with pyrite and commonly pro-
ceed through melanterite as an early hydrated ferrous sulfate,
Table 4
Reactions among phases in the system Fe–S–O–H identified in the
resulting from pyrite oxidation.

Iron Mountain (Nordstrom and Alpers, 1999)
Melanterite ? Rozenite
Fe2+SO4�7H2O ? Fe2+SO4�4H2O + 3H2O
Rozenite ? Szomolnokite
Fe2+SO4�4H2O ? Fe2+SO4�H2O + 3H2O
Szomolnokite ? Copiapite

5Fe2þSO4 �H2Oþ H2SO4 þ O2 þ 15H2O! ðFe2þFe3þ
4 ðSO4Þ6ðOH

Copiapite ? Römerite

ðFe2þFe3þ
4 ðSO4Þ6ðOHÞ2 � 20H2Oþ 2H2SO4 þ 5H2O! 5Fe2þFe3þ

2

Römerite ? Coquimbite

2Fe2þFe3þ
2 ðSO4Þ � 14H2Oþ H2SO4 þ 1=2O2 ! 3Fe3þ

2 � ðSO4Þ3 � 9H
Coquimbite ? Kornelite

Fe3þ
2 ðSO4Þ3 � 9H2O! 3Fe3þ

2 ðSO4Þ3 � 7H2Oþ 2H2O
Kornelite ? Rhomboclase

ðFe3þ
2 ðSO4Þ3 � 7H2OþH2SO4 þH2O! 2H3OFe3þðSO4Þ2 � 3H2O

Alcaparrosa (Bandy, 1938)
Szomolnokite ? Römerite

3Fe2þSO4 �H2Oþ H2ðSO4Þ þ 10H2Oþ 1=2O2 ! Fe2þFe3þ
2 ðSO4Þ

Römerite ? Quenstedtite

2Fe2þFe3þ
2 ðSO4Þ � 14H2Oþ H2ðSO4 þ 2H2Oþ 1=2O2 ! 3Fe3þ

2 ðSO
Quentstedtite ? Coquimbite

Fe3þ
2 ðSO4Þ3 � 10H2O! 3Fe3þ

2 ðSO4Þ3 � 9H2Oþ H2O
Coquimbite ? Copiapite

5Fe3þ
2 ðSO4Þ3 � 9H2O! 2ðFe2þFe3þ

4 ðSO4Þ6ðOHÞ2 � 20H2Oþ 3H2ðS
Copiapite ? Parabutlerite

ðFe2þFe3þ
4 ðSO4Þ6ðOHÞ2 � 20H2Oþ 1=4O2 ! 5Fe3þðSO4ÞðOHÞ � 2H

Great Gossan Lead (Jerz and Rimstidt, 2003)
Melanterite ? Rozenite
Fe2+SO4�7H2O ? Fe2+SO4�4H2O + 3H2O
Rozenite ? Copiapite

5Fe2þSO4 � 4H2OþH2SO4 þ O2 ! ðFe2þFe3þ
4 ðSO4Þ6ðOHÞ2 � 20H2

Copiapite ? Fibroferrite

ðFe2þFe3þ
4 ðSO4Þ6ðOHÞ2 � 20H2Oþ 7=2H2Oþ 1=4O2 ! 5Fe3þðSO

Laboratory (Buurman, 1975)
Melanterite ? Siderotil
Fe2+SO4�7H2O ? Fe2+SO4�5H2O + 2H2O
Siderotil ? Rozenite
Fe2+SO4�5H2O ? Fe2+SO4�4H2O + H2O
Rozenite ? Szomolnokite
Fe2+SO4�4H2O ? Fe2+SO4�H2O + 3H2O
Szomolnokite ? Rhomboclase
Fe2+SO4�H2O + H2SO4 + 1=4 O2 + 2½ H2O ? 2H3OFe3+(SO4)2�3H
Rhomboclase ? Coquimbite

2H3OFe3þðSO4Þ2 � 3H2Oþ H2O! Fe3þ
2 ðSO4Þ3 � 9H2Oþ H2SO4

Copiapite ? Römerite

ðFe2þFe3þ
4 ðSO4Þ6ðOHÞ2 � 20H2Oþ 2H2SO4 þ 5H2O! 5Fe2þFe3þ

2

which eventually dehydrates in a step-wise fashion to either roze-
nite, or more commonly szomolnokite before oxidation or sulfida-
tion reactions commence. In addition, most of the sulfate minerals
in the Fe–S–O–H system can contain impurities in solid solution
that will expand their stability fields. In Table 5, the changes in
geochemical conditions corresponding to each of these reactions
are depicted in terms of species that are consumed or produced.
This trend is opposite of the geochemical gradient needed to drive
the reaction. For example, a reaction that consumes water will be
favored by conditions of high activity of H2O or high relative
humidity. A more rigorous evaluation of geochemical changes
associated with these reactions is precluded by the lack of thermo-
dynamic data for many of these phases.

The paragenesis at Iron Mountain shows a consistent increase of
the activity of H2SO4, or consumption of H2SO4, throughout the se-
quence (Nordstrom and Alpers, 1999). On an iron-conservative ba-
sis, the sequence includes both oxidation and reduction reactions.
Similarly, the sequence also includes dehydration and hydration
reactions and sulfidation or desulfidation reactions. Instead of
paragenesis of various sulfate deposits and in the laboratory

(IM1)

(IM2)

Þ2 � 20H2O (IM3)

ðSO4Þ � 14H2Oþ 1=2O2 (IM4)

2Oþ 2H2O (IM5)

(IM6)

(IM7)

� 14H2O (AL1)

4Þ3 � 10H2O (AL2)

(AL3)

O4 þ 1=2O2 (AL4)

2Oþ H2SO4 þ 7=2H2O (AL5)

(GG1)

O (GG2)

4ÞðOHÞ � 5H2OþH2SO4 (GG3)

(LB1)

(LB2)

(LB3)

2O (LB4)

(LB5)

ðSO4Þ � 14H2Oþ 1=2O2 (LB6)



Table 5
Summary of geochemical changes associated with reactions presented in Table 4.
Downward arrows indicate that the reaction consumes the component and upwards
arrows indicate that the reaction produces the component. Dashes represent no
change. Reaction numbers correspond to Table 4.

Reaction Stage H2O H2SO4 O2

Iron Mountain
IM1 Early " – –
IM2 " – –
IM3 ; ; ;
IM4 ; ; "
IM5 " ; ;
IM6 " – –
IM7 Late ; ; –

Alcaparrosa
AL1 Early ; ; ;
AL2 ; ; ;
AL3 " – –
AL4 – " "
AL5 Late " " ;

Great Gossan Lead
GG1 Early " – –
GG2 – ; ;
GG3 Late ; " ;

Laboratory
LB1 Early " – –
LB2 " – –
LB3 " – –
LB4 ; ; ;
LB5 ; " –
LB6 Late ; " "
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describing the salt-forming at Iron Mountain as a single flow path,
Nordstrom and Alpers (1999) described it in terms of three general
end members: settings closely associated with pyrite, higher flow
settings, and stagnant ‘‘dead ends’’ within the mine workings.
The pyritic and higher flow settings are dominated by ferrous sul-
fate minerals due to the strong reducing capacity of pyrite, the
slow rates of iron oxidation, and low pH. The stagnant parts of
the mine workings allow more time for iron oxidation.

At Alcaparrosa, Chile, the paragenesis is equally complex (Ban-
dy, 1938; Table 4), suggesting an equally complex association of
geochemical environments. In contrast, the shorter sequence de-
scribed by Jerz and Rimstidt (2003) at the Bumbarger–Iron King
mine in the Great Gossan Lead in southwestern Virginia is some-
what simpler. Most of the sequence can be considered in terms
of increasing amounts of oxidation, dehydration, and sulfidation.
The study of Buurman (1975) is a little more perplexing because
the experiment took leachate from a pyrite concretion and allowed
it to dry under laboratory conditions, without specific details of the
laboratory conditions such as prevailing temperature or relative
humidity provided. The sequence exhibits progressive consump-
tion of water, but oxidation–reduction, and sulfidation–desulfida-
tion steps are not consistent.

The beginning and end of the sequences at Alcaparrosa and the
Great Gossan Lead provide an interesting comparison (Table 4).
They each begin with chemically similar phases except for the
number of waters of hydration (szomolnokite Fe2+SO4�H2O versus
rozenite Fe2+SO4�4H2O, respectively), and end with chemically sim-
ilar phases except for the number of waters of hydration (parabu-
tlerite Fe3+(SO4)(OH)�2H2O versus fibroferrite Fe3+(SO4)(OH)�5H2O,
respectively). This difference in hydration state between the two
sites may reflect differences in the ambient humidity at the sample
site, or the differences in the ambient humidity at the site where
the mineralogical identification were done and the challenges of
preserving unstable mineral species in the field for later mineral-
ogical characterization. A major source of ambiguity in interpreting
natural assemblages is the challenge of collecting sampling, return-
ing them to the laboratory, and analyzing them by various tech-
niques without alternating the mineralogy. Hydrated sulfate
minerals are known to react rapidly in terms of hydration and
dehydration reactions, and also oxidation reactions for those con-
taining ferrous iron, such that the mineralogy at the time of collec-
tion may be different from that analyzed in the laboratory (Zodrow
et al., 1979; Chou et al., 2002; Hyde et al., 2011).

5.2.3. Occurrences
Efflorescent metal–sulfate salts are commonly found associated

with sulfide minerals from a variety of low-temperature geologic
settings. Settings include sulfidic shales, coal beds and their mine
wastes, a variety of mineral deposit types and their mine wastes,
and pyrometallurgical slag. Due to the high solubility of most of
these phases, they are most common in settings that have a limited
or ephemeral supply of water. These environments include settings
in arid climates or seasonally dry climates, protected areas in mine
workings, within the vadose zone of mine-waste piles, or under
overhangs such as cliffs or road cuts.

Table 3 summarizes metal–sulfate mineral occurrences from
the geologic settings listed above. This compilation emphasizes
data from studies published since Jambor et al. (2000), but does in-
clude results from that paper and papers cited by that study, par-
ticularly for settings that have received limited attention in the
literature since then. Table 3 provides a qualitative assessment of
the abundance of these minerals based on the frequency of their
identification rather than an estimate of their modal abundance
in the field. However, for settings for which only a single report
was found, qualitative information about the relative abundance
of the phases was used to rank their importance. The table is dom-
inated by sulfate salts where one or more cations combine with
sulfate, with or without water molecules. Selected hydrated
hydroxysulfate minerals such as copiapite are included in the table
because they are commonly associated with the metal–sulfate
salts and exhibit similar solubility and geochemical behavior in
the environment.

One of the most striking features of Table 3 is the overall abun-
dance of iron-bearing sulfate salts. This abundance is a reflection of
the fact that the weathering of pyrite or pyrrhotite is the ultimate
source for many of these phases. The near ubiquity of sulfates such
as gypsum, halotrichite, and alunogen in these sulfate–mineral
assemblages attests to the importance of the acid generated from
pyrite or pyrrhotite oxidation in attacking and solubilizing ele-
ments like calcium and aluminum from silicate minerals in the
vicinity of the iron-sulfide minerals. The overall frequency of
occurrence of simple salts presented in Table 3 matches well with
their stabilities in Fig. 11. Melanterite and rozenite are the most
common ferrous sulfates found at most sites; the dehydration
reaction relating these two phases lies near the middle of the range
of eastern United States summer temperature and humidity. Like-
wise, epsomite and hexahydrite are the most commonly identified
magnesium sulfates, which also is consistent with the central loca-
tion of the dehydration reaction relating these minerals. The zinc
sulfates goslarite and bianchite are far more common than gun-
ningite, which is stable at lower humidity than the more common
phases. Finally, the dominant cupric sulfate is chalcanthite, which
has a wide stability field spanning most common temperature and
humidity conditions.

Another interesting feature of Table 3 is the distribution of
base-metal (Cu and Zn) sulfates minerals such as chalcanthite,
bonattite, alpersite, goslarite, bianchite, boyleite, gunningite, die-
trichite, mallardite, and apjohnite. The systems, such as active vol-
canic environments, pyritic shales, and coal deposits, that lack
base-metal sulfide minerals tend not to have these minerals. They
are almost invariably associated with base and precious metal



Fig. 11. Diagram showing the location of dehydration reactions in terms of temperature and relative humidity for simple sulfate systems that have been recently investigated
experimentally using the humidity-buffer technique. The gray field shows the range of common temperature and humidity conditions for the eastern United States in the
summer for comparison purposes.
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mineral deposits, their mine waste, and their pyrometallurgical
waste. Furthermore, volcanogenic massive sulfide deposits host
the widest variety of these base-metal sulfate minerals – a reflec-
tion of the polymetallic nature of these deposits. Likewise, the
base-metal sulfates associated with mine wastes from porphyry
copper deposits are typically limited to the copper sulfates, with
no zinc sulfates. In contrast, Mississippi Valley-type deposits,
which are commonly mined for zinc and lead, typically have zinc
sulfates associated with their mine wastes. Nickel sulfates, moren-
osite and retgersite, can be found in mine waste associated with
magmatic Ni–Cu deposits; chalcanthite is also associated with
nickel sulfates in magmatic Ni–Cu deposits. Seal and Hammar-
strom (2003) documented a similar relationship between mineral
deposit type and mine-drainage composition associated with a
variety of mineral deposit types, which, together with this study,
emphasizes the importance of geology in determining the environ-
mental characteristics of mine wastes in terms of both their aque-
ous and solid phases. The secondary sulfate mineralogy associated
with pyrometallurgical slag deposits reflects the primary mineral-
ogical characteristics of the ores being smelted combined with the
chemical characteristics of the reagents added during the smelting
process (Piatak et al., 2004; Lottermoser, 2005; Bril et al., 2008).
Fig. 12. The variation of discharge, specific conductance, and pH in the Contrary
Creek, Virginia, watershed in response to a rain event. The Contrary Creek
watershed contains three abandoned mines that worked pyritic massive sulfide
deposits. Waste piles at the site develop significant blooms of iron-rich efflorescent
salts, particularly in the summer months. These profiles reflect the effect on these
salts on water quality. Note he short timeframe of these effects. Modified from
Dagenhart (1980).
5.2.4. Environmental significance
In the environment, metal–sulfate salts play important roles in

the cycling of metals. Many aspects of their environmental signif-
icance have been previously described by Alpers et al. (1994),
Nordstrom and Alpers (1999), Jambor et al. (2000), Jerz and Rims-
tidt (2003), and Hammarstrom et al. (2005). Metal–sulfate salts are
able to store acidity and toxic metals and release them rapidly later
in high concentrations. Dagenhart (1980) was one of the first to
document the acute effects of efflorescent metal–sulfate salts in
Contrary Creek, Virginia. He documented changes in stream dis-
charge and chemistry due to a storm event in a watershed with sig-
nificant accumulations of metal–sulfate salts on the stream banks
associated with sulfidic mine wastes. With a tripling of discharge,
the total dissolved solids (specific conductance) in the stream dou-
bled over the course of 2 h with an associated drop in pH; the spike
in total dissolved solids was diluted within the following 2 h
(Fig. 12). The increase in total dissolved solids was attributed to
the rapid dissolution of efflorescent salts. Similar effects have been
noted by Keith et al. (1999). Alpers et al. (1994) noted seasonal
variations in the mine effluent from the Richmond portal at Iron
Mountain, California, which they attributed to seasonal formation
of melanterite in the mine workings and its preference for copper
in its lattice.

Mine waste piles at the Elizabeth Copper Mine Superfund site in
east-central Vermont illustrate many of the salient effects of efflo-
rescent salts. The historical waste piles at the site resulted from
hand sorting of ores for copper smelting. The piles consisted of
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fine-grained oxidized waste material dominated by jarosite, mixed
with cobbles of subeconomic ores, dominated by pyrrhotite with
lesser amounts of chalcopyrite and sphalerite. During the course
of day, white coatings were commonly observed forming on the
surface of the cobbles (Fig. 10e). The white coatings were mostly
rozenite. Melanterite was also common as were halotrichite–pic-
keringite, chalcanthite, copiapite, and fibroferrite; jarosite, schw-
ertmannite, and gypsum were ubiquitous (Hammarstrom et al.,
2005). During rain events, the rozenite would dissolve. Some of
the drainage would leave the piles as sheet flow, producing effects
in Copperas Brook similar to those documented by Dagenhart
(1980). Some of the drainage would infiltrate the pile, forming bur-
ied evaporite layers, typically dominated by melanterite (Fig. 10f).
The presence of melanterite in the subsurface rather than rozenite
reflects the higher humidity found in the vadose zone of the waste-
rock piles. Blowes et al. (1991) found similar accumulations of
melanterite in the subsurface of tailings piles at the Heath Steele
mine, New Brunswick, Canada. The evaporite layers generally do
not get significantly wetted during rain storms, and continue to
accumulate through much of the year. However, during spring
melting of the winter snow pack, the piles reach saturation, the
evaporite layers become wet, and the efflorescent salts dissolve.
This dissolution is reflected in the peak sulfate loads seen in Cop-
peras Brook draining the area during the spring (Fig. 13). Peak cop-
per loads in Copperas Brook also correspond to this seasonal
flushing event.

Ferrous iron-sulfate minerals can contain significant concentra-
tions of other divalent metals in solid solution. Melanterite can
contain a number of other metals in solid solution beyond ferrous
iron. The review by Jambor et al. (2000) found that the CuSO4�7H2O
and ZnSO4�7H2O components can substitute up to 50 mol% into the
melanterite lattice – the maximum amount possible to retain that
mineral designation. Further, siderotil, nominally Fe2+SO4�5H2O, is
unstable in the Fe2+SO4–H2O system relative to melanterite and
rozenite, and instead requires a minimum of 5 mol% Cu to stabilize
it (Jambor and Traill, 1963). In contrast, Hammarstrom et al. (2005)
found less than 5 mol% of Cu, Zn, and Mn substituting into halotri-
chite associated with mine waste from abandoned polymetallic
massive sulfide deposits. However, they did identify the Zn–Mn
end-member solid solution, dietrichite–apjohnite. Similarly, Jamie-
son et al. (2005) found less than 5 mol% substitution of Cu and Zn
Fig. 13. Monthly variation of the sulfate load in Copperas Brook, which drains the
Elizabeth Copper Mine Superfund site, Vermont from October 1998 to September
1999. The peak sulfate load in the Spring months reflects the saturation of the waste
piles due to melting of the winter-long snow pack, and the dissolution of
melanterite-rich evaporite layers at depth (Fig. 10f). Typical summer rain events
are insufficient to saturate the waste piles. Instead, infiltration of rain and
subsequent evaporate serves to build these evaporate layers.
for Fe2+ and Mg in copiapite-group minerals from Iron Mountain,
California. Thus, dissolution of ferrous iron sulfate salts can release
significant quantities of other trace metals that may have greater
environmental consequences than the iron that is present in great-
er abundance.
6. Stability field, phase transition pathways, and reaction rates
of hydrous sulfates under the conditions relevant to Mars

6.1. Occurrence of Martian sulfates

Recent findings of Mg, Ca and Fe sulfates on Mars have rein-
forced the importance of sulfates in Martian geology, as indicators
of past geologic environments, potential hosts for water, and acid
sinks. Sulfur cycling, sulfur redox state changes during sulfur cy-
cling, and the effects of S-bearing species as alteration agents for
surface and subsurface materials are all important factors in the
hydrological and chemical evolution of the Martian surface
through time.

Among the Martian sulfates, Ca and Mg sulfates were observed
by orbital remote sensing (by OMEGA instrument on Mars Express
and CRISM instrument on Mars Reconnaissance Orbiter, MRO)
showing wide distributions and large quantities. Many of these
sulfates, especially polyhydrated sulfates, occur in layers that have
the thicknesses rarely seen in terrestrial deposits, e.g., 200–400 m
thick at Aram Chaos, �2 km thick at Gale Crater (where Mars Sci-
ence Laboratory rover, MSL, has landed) and �400 m thick at Capri
Chasma (Lichtenberg et al., 2009; Milliken et al., 2009; Roach et al.,
2009, 2010a, 2010b). The mineralogical details of these thick
deposits are worthy of in-depth investigations in current (Oppor-
tunity and MSL rovers) and future landed missions (MSL and Exo-
Mars). Furthermore, the environmental conditions that enabled
such large amount of layered sulfate deposition need to be
investigated.

Compared with Mg- and Ca-sulfates, orbital remote sensing de-
tected Fe sulfates only in localized areas (Lichtenberg et al., 2010;
Roach et al., 2010b; Milliken and Bish, 2010). Nevertheless, Fe sul-
fates were identified with more mineralogical detail during the
Mars Exploration Rover (MER) missions. Among them, jarosite
was identified in Meridiani outcrop (Klingelhofer et al., 2004),
and a variety of ferric sulfates were found in subsurface salty soils
at Gusev (Morris et al., 2006, 2008; Gellert et al., 2006; Lane et al.,
2008; Ming et al., 2008; Johnson et al., 2007; Wang et al., 2008).
More importantly, the dehydration of ferric sulfates was implied
on the basis of a set of Pancam observations that revealed a tempo-
ral color change of the subsurface salty soils from tens of centime-
ters depth at Tyrone site (near Home Plate, at Gusev) after being
excavated and exposed to the Martian surface atmospheric condi-
tions (Wang et al., 2008; Wang and Ling, 2011).

Hydrated sulfates were discovered in Martian meteorites, such
as sulfates in Martian SNC meteorite such as Nakhla, QUE94201,
Shergotty, Chassigny, and ALH84001 (Wentworth and Gooding,
1993, 1994, 1996; Wentworth et al., 2000, 2002), and jarosite
and Ca-sulfates in meteorite MIL03346 (McCubbin et al., 2009;
Herd, 2006; Vicenzi et al., 2007).

The types of hydrous sulfates that we currently see on Mars de-
pend on many factors that include precipitation conditions (brine
chemistry, T, pH, Eh, RH); the stability field of individual sulfates
during Mars climatic variation (the obliquity changes, seasonal
and diurnal cycles); and the reaction rates of phase changes. Be-
cause of the slow kinetics of many reactions in the current low
temperature conditions at Martian surface and subsurface, meta-
stable phases will be observed from non-equilibrium processes,
which place a high priority on the study of phase transitions path-
ways of hydrous sulfates.
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6.2. Experiments on the stability field, phase transition pathways, and
reaction rates of Mg-sulfates

6.2.1. Experiments in three stages
We have conducted a systematic experimental study of hy-

drated Mg sulfates. This study consisted of three stages. First, ele-
ven distinct Mg-sulfates, anhydrous and hydrous, crystalline and
non-crystalline, were synthesized, with their structures confirmed
by X-ray diffraction, and the standard Raman, Vis–NIR (0.4–
2.5 lm), and MIR (2.5–25 lm) spectra taken on the same samples
(Wang et al., 2006). The unique Raman spectra of these sulfates ob-
tained in this phase were used for non-invasive phase identifica-
tion of the intermediate reaction products in second stage
experiments.

In the second stage (Wang et al., 2009), 173 experiments were
conducted to study the stability field and phase transition path-
ways of six Mg sulfates. These experiments included anhydrous
MgSO4 (0w) at 50 �C in 5–100% RH range; epsomite MgSO4�7H2O
(7w), starkeyite MgSO4�4H2O (4w), monohydrate MgSO4�H2O
(1w), and amorphous MgSO4�2H2O (Am) at three temperatures
Fig. 14. The final phases of Mg-sulfates from 150 experiments on the stability and phase t
(2009)], and six RH levels at�10 �C [see Table 2 of Wang et al. (2011)]). The phase identifi
one color in center circled by second color) were made on the basis of their Raman spec
deliq, 7w–deliq, and 7w–11w are from Chou and Seal (2003a, 2007). The shadowed
metastability fields of these three phases. Below 0 �C, each row corresponds to a different
(shown as a wide zone in each of five rows below 0 �C) is based on the experimental ob
50 �C, 21 �C, 5 �C, and 10 RH levels from 6% to 100%; meridiannite
MgSO4�11H2O (11w), epsomite MgSO4�7H2O (7w), starkeyite
MgSO4�4H2O (4w), monohydrate MgSO4�H2O (1w), and amorphous
MgSO4�2H2O (Am) at �10 �C and six RH level from 11% to 97%; and
mixtures of epsomite (7w) with Ca and Fe sulfates and Fe hydrox-
ide and oxide at selected T and RH. The purpose of experiments on
mixtures was to study the catalytic effect of these Ca- and Fe-bear-
ing phases (often precipitated in nature with Mg sulfates) on the
dehydration of epsomite. The T and RH conditions were selected
on the basis of the experiments of pure Mg sulfates.

In the third stage (Wang et al., 2011), we extracted the reaction
rate information based on the timing of phase conversion occurred
during the second stage for five important processes of dehydra-
tion and rehydration. The main purpose of our study was to under-
stand Mg-sulfate occurrence on Mars, on which the observed
surface-temperature range in the equatorial region was about
294–180 K (Smith et al., 2004, 2006; Spanovich et al., 2006). There-
fore for the high T limit in experiments, we selected 50 �C based on
a general understanding that was the upper limit T in the history of
Mars (except in the extreme cases of volcanic, impact, and during
ransition pathways (ten RH levels at 50 �C, 21 �C, and 5 �C [see Table 2 of Wang et al.
cations (annotated by colored circles, where observed mixed phases are presented as
tra. The phase boundaries (as thin lines) of 4w–6w, 1w–6w, 6w–7w, 1w–7w, 6w–

areas above 0 �C (marked as Am, 4w, and 1w) indicate the overlaps of stability/
starting phase (marked in that row). The location of actual 7w–11w phase boundary
servations. Modified from Fig. 1 of Wang et al. (2011).
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hydrothermal event). To run a laboratory dehydration/rehydration
experiment at �100 �C would require unrealistically long dura-
tions to observe any phase change, thus we selected �10 �C as
the lower T limit but used an extrapolation to estimate the reaction
rate at low temperature extremes on Mars.
6.2.2. Results and discussions
6.2.2.1. Stability fields and phase transition pathways of common Mg-
sulfate hydrates. The final phases of Mg sulfates from 120 experi-
ments at 50 �C, 21 �C, 5 �C and ten RH levels are shown as colored
data points in the upper part of Fig. 14. The final phases of 30
experiments at �10 �C are shown in five rows of data points below
0 �C (Fig. 14), with each row corresponding to a different starting
phase (marked in that row). The phase identifications (annotated
by colored circles) were made on the basis of their Raman spectra.
The phase boundaries of 4w–6w, 1w–6w, 6w–7w, 1w–7w, 6w–de-
liq, 7w–deliq, and 7w–11w are from Chou and Seal (2003a, 2007).
The shaded areas above 0 �C (marked as Am, 4w, and 1w) indicate
the overlaps of stability/metastability fields of these three phases.

The stability/metastability fields of 7w, 6w, 4w, 1w observed in
our experiments are consistent with the above phase boundaries.
However, the stability field of 11w is inconsistent with the predic-
tion of Chou and Seal (2007). In our experiments, all five starting
phases converted to LT-7w (a MgSO4�7H2O with a structure dis-
torted from epsomite) at �10 �C and a RH value buffered by
NaCl-saturated aqueous solution, indicating that 11w–7w phase
boundary passes a point in the RH zone (Fig. 14) defined by the
NaCl- and KCl-saturated aqueous solutions on each side at
�10 �C, i.e., the stability field of meridianiite (MgSO4�11H2O) at
�10 �C is limited in a much narrow RH range (>88%) than 77.24%
as predicted by Chou and Seal (2007). This discrepancy can be
caused by the uncertainty associated with the position of the iso-
baric invariant point at 2 �C and 95.77% RH for the coexistence of
7w, 11w, aqueous phase, and a vapor phase used by Chou and Seal
(2007) to make their prediction.

Fig. 15 shows the pathways of Mg-sulfate phase transitions at
Martian T and RH conditions, based on our experiments. Notice
in these experiments, we observed two special pathways for the
dehydration of epsomite (7w). The normal product from the dehy-
dration of epsomite on Mars should be starkeyite (4w, Fig. 15). The
energy barrier placed by ordinary Martian surface temperatures
(past and present) would prevent direct dehydration from epsom-
ite (7w) to monohydrate. Moreover, starkeyite has a broad stabil-
ity/metastability field (Fig. 14) in mid-low temperature
conditions and low relative humidity (�10 to 50 �C and 6–34%
RH in our experiments) (Chou and Seal, 2007; Chipera and
Fig. 15. Precipitations and phase transition pathways of Mg-sulfates on Mars, based
on experiments (Wang et al., 2006, 2009, 2011). Blue arrows mark the precipita-
tions, black arrows mark the dehydration at mid-obliquity period, and green arrows
mark the rehydration/dehydration at high-obliquity period. Modified from Fig. 12
of Wang et al. (2011).
Vaniman, 2007; Wang et al., 2009). Starkeyite is one of the candi-
dates for polyhydrated sulfates found on Mars with wide occur-
rences, based on its similar NIR spectral pattern to those
observed by orbital remote sensing on Mars.

The dehydration of epsomite (7w) can progress to the monohy-
drate stage on Mars under two circumstances (Fig. 15), as follows:
(1) a monohydrate Mg-sulfate formed at low RH (LH-1w, details to
be discussed in 6.2.2.2,) could form at locations where the chemis-
try of the original brine allowed the co-precipitation of Ca sulfates
and Fe sulfates or allowed the coexistence of Mg sulfates with
other minerals (including Fe oxides). Our experiments (Wang
et al., 2009) suggest that some coexisting species would function
as a catalyst in the dehydration process of epsomite to help over-
come the kinetic barrier and to reach the monohydrate stage
(LH-1w in Fig. 15); (2) at locations where amorphous Mg sulfates
first formed by rapid dehydration of epsomite, a continuous reduc-
tion of f(H2O) could further drive the dehydration of the amor-
phous Mg-sulfate phase (with irregular and less-stable structure)
to the monohydrate stage (LH-7w in Fig. 15, Wang et al., 2006,
2009).
6.2.2.2. New phases of Mg-sulfate hydrates and their anticipated
occurrence on Mars. During the study of stability field and phase-
transition pathways, we found two new phases in the series of
Mg-sulfate hydrates; a MgSO4�H2O (abbreviated as LH-1w) phase
with a different structure from kieserite (abbreviated as MH-1w),
and a MgSO4�7H2O (abbreviated as LT-7w) phase with a distorted
structure from epsomite (abbreviated as RT-7w). Both new phases
play important roles in the pathways of the phase transitions
among other hydrous Mg-sulfates.

We note that the LH-1w is the end product of dehydration reac-
tions from all Mg sulfates with the hydration degree greater than
one (Wang et al., 2009), and this phase is very stable in the T-RH
range relevant to Martian surface conditions (Chipera and Vani-
man, 2007; Wang et al., 2009). Therefore, this phase should be ob-
served on Mars as widespread dehydrated Mg sulfate. The LH-1w
has a distinctive Raman spectrum (Fig. 16) and XRD pattern rela-
tive to those of kieserite (MH-1w). Its VIS–NIR reflectance spectral
Fig. 16. Distinct Raman spectra of natural kieserite (MH-1w) and LH-1w, epsomite
(RT-7w) and LT-7w. (a) Spectral region for H2O vibrational modes; (b) Spectral
region for symmetric stretching vibrational mode of [SO4]2� tetrahedra.
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pattern is similar to that of kieserite, with slightly different spectral
details (Fig. 17). Because of the generally low signal-to-noise ratio
(S/N) in the spectra of Martian sulfates obtained from orbital re-
mote sensing spectrometers (OMEGA and CRISM), the distinction
of LH-1w from MH-1w on Mars has not been achieved yet. On
the basis of the study of its stability field, phase boundaries relative
to other phases, and probable phase transition pathways, the
widely observed ‘‘kieserite’’ spectral feature on Mars is most likely
the result of widespread presence of LH-1w.

LH-1w can convert to the kieserite (MH-1w), but only under a
higher RH and at moderate temperature (at 51% RH and 50 �C in
our experiments, shown as dotted line in Fig. 15 from Wang
et al., 2009). In other words, the likelihood of this conversion is
very low under current ordinary Martian surface conditions. Based
on phase relations (Chou and Seal, 2003a), kieserite (MH-1w)
would precipitate from Mg–S–H2O brine at T > 69 �C, thus the
probability of kieserite occurrence during localized hydrothermal
events (or other high T events such as volcanic and impact) on
Mars does exist (Fig. 15).

A MgSO4�7H2O (LT-7w) phase with a distorted structure from
epsomite was observed as the dehydration product of 11w at
�10 �C and RH < 88%, and rehydration products from 1w, 4w, Am
(2w) at �10 �C and RH > 11%. Fig. 14 shows a stability field of this
phase with wide RH range at �10 �C; we would anticipate an even
wider stability field at much lower T.

A wide stability field of LT-7w is an important factor to under-
stand the current Mg-sulfate species on Mars, especially for sub-
surface and polar regions. For example, during the seasonal
change in Martian polar regions when water ice sublimates, the
coexisting meridianiite (MgSO4�11H2O) should convert to LT-7w
in a wide RH range, as indicated in our experiments (Wang et al.,
2011), such that LT-7w would be one of the two most common hy-
drated Mg sulfates (meridianiite would be another) at tempera-
tures 6�10 �C on Mars, including subsurface and polar settings.
Fig. 17. NIR reflectance spectra (1.1–2.5 lm) of Mg-sulfates with different degrees
of hydration, to be compared with the spectra obtained from Mars orbital remote
sensing spectrometers (OMEGA & CRISM). Spectra were shifted vertically to show
the detailed spectral features. NIR spectrum of LT-7w (red color) shows better
resolved peaks in 1.4–1.7 lm range with stronger 1.6 lm peak, and three fine
spectral features in 1.9–2.2 lm range when compared with that of RT-7w. NIR
spectrum of LH-1w (green color) shows a shifted 2.4 lm band and flat-top 2.1 lm
band when compared with that of MH-1w. The bands in the spectrum of 0w are
from adsorbed water. Modified from Fig. 4 of Wang et al. (2011).
The data from the Spirit and Opportunity rovers (in equatorial
regions) and the Phoenix Lander (in the polar region) did suggest
the existence of Mg sulfates with undetermined hydration states
in subsurface regolith. Based on the subsurface temperature profile
from thermal modeling (Mellon et al., 2004), and the high values of
WEH (Water Equivalent Hydrogen) identified by Neutron Spec-
trometry (Feldman et al., 2004) on the Mars Odyssey within the
two equatorial regions where Spirit and Opportunity explored,
we cannot exclude the existence of Mg sulfates with the highest
hydration states, i.e., meridianiite (11w) and LT-7w, in subsurface
(Wang, 2012; Wang et al., 2012b).

The formation of amorphous Mg sulfates was observed during
the dehydration experiments on epsomite (7w) and hexahydrate
(6w), but not on starkeyite (4w) (Vaniman et al., 2004; Wang
et al., 2006). Amorphous Mg sulfates can remain unchanged for a
long period of time in a low RH (5–11%) environment at T > 5 �C
(Wang et al., 2009), but will rehydrate to LT-7W under the similar
RH at T < �10 �C (Wang et al., 2011). The highest water content of
an amorphous Mg-sulfate structure is three water molecules per
MgSO4 unit (Wang et al., 2009).

However, the likelihood of forming amorphous Mg sulfates dur-
ing a diurnal cycle at moderate obliquity period on Mars is very
low based on the rate ratios (to be discussed in Section 6.2.2.3.).
The critical condition to form amorphous Mg sulfates is to rapidly
extract H2O from Mg sulfates with high degrees of hydration in
high to median temperature range (50 �C to 0 �C in Wang et al.,
2006, 2009), thus causing collapse of their crystalline structures.
At a much lower temperature, the amorphization would need to
compete with the 7w ? 4w dehydration process (as observed in
a vacuum desiccation experiment at �8 �C, Wang et al., 2009).
More importantly, the rates of formation of epsomite, the starting
phase for amorphization, from the rehydration of LH-1w and 4w at
low temperature (� 180 K at the early morning at the surface of
Mars) during the current moderate obliquity period on Mars are
extremely slow. We therefore concluded that the amorphous Mg
sulfates should not be considered a common Mg-sulfate phase to
be found at the Martian surface (Wang et al., 2011). Our conclusion
contradicts that of Vaniman et al. (2004), who suggested amor-
phous Mg sulfates can be a common phase due to the rapid dehy-
dration in the diurnal cycle (i.e., RH change) in moderate obliquity
periods; the reaction rate was not considered in their discussion.

6.2.2.3. The extraction of reaction rate information. In principle,
information on the reaction rates of dehydration/rehydration pro-
cesses associated with Mg sulfate hydrates can be derived from the
results of our experiments on stability field and phase-transition
pathways, including the 120 experiments published in Wang
et al. (2009) at 5 �C, 21 �C, and 50 �C, and the 30 experiments at
�10 �C published in Wang et al. (2011). Specifically, the data on
the phases identified (by Raman spectroscopy) in the reaction
products at intermediate stages and the hours (since placement
of starting hydrates into RH buffers) needed for the appearance
of new phases of dehydration or rehydration are critical for the rate
calculation. However, our experiments were originally designed to
investigate stability fields; the parameters used and the frequency
of phase identification at intermediate stages of experiments were
fixed. Also, because of their long duration, repeating these experi-
ments is not an option. Accordingly, there are uncertainties in the
rate calculations (discussed in Wang et al., 2011), thus only rough
estimates of the reaction rates can be made from these data. In fact,
we consider only the order of magnitude of reaction rate ratios.

The data points marked by solid triangles in ln(1/t) (s) versus 1/
T (K) in Fig. 18 are from our experiments, those in open triangles
are extrapolations to lower temperatures relevant to Mars surface
and subsurface conditions. Fig. 18 demonstrates that our experi-
mental results match very well with the Arrhenius equation:
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lnðkÞ ¼ lnðAÞ � Ea

R
1
T

� �
; ð16Þ
where k is the rate constant, A is a pre-exponential factor, Ea is
activation energy, R is the gas constant, and T is absolute tem-
perature (K). In these plots, the rate constant k = 1/t, where t is
the time (in s) needed for a total phase conversion (e.g.,
7w ? 4w). A linear regression line was derived from the three
experimental data sets (50 �C, 21 �C, 5 �C) of each five dehydra-
tion and rehydration processes. The slope and intersection from
each regressed line were then used in extrapolation of the rates
for that process.

Because all samples (except meridianiite) were prepared in the
same way, the effects of grain size and sample porosity on reaction
rates can be excluded. Fig. 18 shows that the reaction rates of all
five processes are all strongly affected by temperature, i.e., they de-
crease as temperature decreases. Fig. 18 also shows that among the
trends of rate-constant change as a function of temperature for all
five processes, the rates of two dehydration reactions (7w ? 4w
and 7w ? Am) decrease much faster (with temperature decreases)
Fig. 18. Correlation between the reaction rate ln(1/t) and temperature 1/T of five
dehydration and rehydration processes of Mg-sulfates. The slope and intersections
obtained from experimental data (solid triangles) are used to extrapolate the
correlations to low temperatures relevant to Mars surface and subsurface. The
extrapolated data points are shown as open triangle symbols. Modified from Fig. 10
of Wang et al. (2011).
than those of three rehydration reactions (4w, LH-1w, and
Am ? 7w/6w).

This phenomenon can be explained by considering the two dif-
ferent factors that influence the progress of dehydration and rehy-
dration processes: temperature and f(H2O). We believe that
temperature affects the progress of dehydration more significantly,
whereas f(H2O) affects the progress of rehydration more signifi-
cantly. The effect of temperature is to change the thermal vibra-
tions of atomic or ionic groups in the crystal structure, whereas
the effect of f(H2O) is to change the availability of H2O molecules
in the environment (detailed evidences and discussions in Wang
et al., 2011).

As discussed in Wang et al. (2011), the rate ratios at different
temperatures are scientifically meaningful because the uncertain-
ties involved in estimating reaction rates do not affect the general
trend (i.e., the slope) of a regression line. Moreover, considering the
differences in our experimental setting from the real conditions on
Mars (surface and subsurface) and the uncertainties associated
with further extrapolation, only the order of magnitude differences
in the rate ratios will be considered. Table 6 lists the rate ratios in
the form of the order of magnitude, for two important dehydration
reactions (7w ? 4w and 7w ? Am, Fig. 18a) and three rehydration
reactions (LH-1w ? 7w/6w, 4w ? 7w/6w, and Am ? crystalline
7w/6w, Fig. 18b), compared to the same type of reactions at
294 K (21 �C).

On the basis of data in Table 6, we can say that when tempera-
ture drops to �240 K (�33 �C) as it does during the early evening
hours on Mars in equatorial regions, the dehydration of epsomite
(7w) would slow considerably because the dehydration rate would
only be 10�5 times (Column 5 in Table 6) the rate at 294 K (21 �C)
(Column 3 in Table 6). This rate corresponds to a 2984-yr duration
to make the 7w ? 4w transition, which occurs in 351 h at 21 �C
and 11% RH in our laboratory setting. Similarly, when temperature
drops to �180 K (�93 �C) during the early morning hours on Mars
in equatorial regions, the rehydration rates of LH-1w, 4w, and Am
(Column 7 in Table 6) would be extremely low, e.g., 10�7–10�8

times the rates at 294 K (21 �C) for the rehydration of Am and
4w (Column 3 in Table 6).

6.2.2.4. Understanding Martian Magnesium sulfates. By extrapolating
these rate constants into the T range relevant to Mars, we can eval-
uate the possibility of occurrence of specific processes and the
presence of common Mg sulfate species on Mars in different peri-
ods and locations. We anticipate in a moderate obliquity period,
starkeyite and LH–MgSO4�H2O should be the two most common
Mg sulfates at the surface, another polymorph MH–MgSO4�H2O
can exist at the locations where hydrothermal or other high tem-
perature processes may have occurred. In polar regions or within
the subsurface of low latitude regions, meridianiite (co-existing
with water ice, near 100% RH) and LT-7w (over a much wider RH
range) are the stable phases. During a high obliquity period, merid-
ianiite and LT-7w should be widespread. The correlations of reac-
tion rates with temperature discussed above imply that
dehydration and rehydration of hydrous Mg sulfates would always
be slower than the sublimation and crystallization of water ice. We
have built a quantitative relationship between Martian obliquity
cycle (Laskar et al., 2004) and the retained structural water in
Mg-sulfates (based on the dehydration/rehydration rate ratios
developed through above experiments (Wang, 2012; Wang et al.,
2012b). It suggests that within the salt-rich subsurface at low envi-
ronmental T (175–185 K) (Mellon et al., 2004), certain amounts
(exact %depends on the actual T) of structural H2O would remain
until today. Therefore, hydrous sulfates can be the major hosts
for the high levels of Water-Equivalent-Hydrogen (WEH) found
at two large equatorial regions on Mars, by Neutron Spectrometer
on Mars Odyssey (Feldman et al., 2004; Maurice et al., 2011).



Table 6
Reaction rate ratios (order of magnitude) of five dehydration and rehydration processes of Mg-sulfates important for Mars sulfate mineralogy. Data in four columns at the right
side of this table are rate ratios at four Mars relevant temperatures against the rates at 294 K (21 �C). These ratios were obtained through the extrapolations of rate constant versus
T correlation shown in Fig. 6.5. Italic font marks the rate ratios during a period when the specific dehydration or rehydration process would be favored at the RH conditions on
Mars.

Daytime on Mars Nighttime on Mars

Temperature 290 K 240 K 210 K 180 K
Duration in hours at Gusev (Smith et al., 2004, 2006) >10 1–2 1–2 1–2
Estimated RH values based on the work of Smith (2002) �0% <1% 1–10% �100%

Duration (h) at 294 K Rate (1/s) at 294 K Rate ratios against the rates at 294 K

290 K 240 K 210 K 180 K

Dehydrations
7w ? 4w at 11% RH 351 8E�07 4E�01 1E�05 5E�09 1E�13
7w ? Am at < 0.1% RH 2 1E�04 6.E�01 3E�05 6E�09 9E�14

Rehydrations
4w ? 6w/7w at 100% RH 19 1E�05 7E�01 5E�03 1E�04 7E�07
1w ? 6w/7w at100% RH 44 6E�06 1E+00 2E�01 5E�02 9E�03
Am ? crystalline at 100% RH 21 1E�05 1E+00 2E�03 2E�05 6E�08

Fig. 19. The estimated boundaries of deliquescence zones of 20w, Fe4w, and Fe5w/
Fe7w/FeAm-5w based on the current study, and the Fe5w–Fe7w phase boundary
determined by Kong et al. (2011a). 20w = ferricopiapite, Fe4w = rhomboclase,
Fe5w = Fe2(SO4)3�5H2O, Fe7w = kornelite, FeAm-5w = amorphous ferric sulfate with
five structural water, P9w = paracoquimbite, UK#9 = a hydrous ferric sulfate with
distinct Raman spectrum of unknown structure, deliq = deliquescence.
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6.3. Experiments on the stability field, phase transition pathways, and
phase boundaries of Fe3+ sulfates

6.3.1. Experiments in three stages
Compared with the study of the stability fields and phase tran-

sitions of Mg sulfates (Wang et al., 2009, 2011), a major complica-
tion in the study of ferric sulfates is that there are three types of
hydrous ferric sulfates (normal, basic, and acidic, such as Fe2(SO4)3-

�7H2O, Fe4.67(SO4)6(OH)2�20H2O, and FeH(SO4)2�4H2O, respectively)
and the possible transitions among them (Chipera et al., 2007a,
2007b).

Our study on ferric sulfates has also been conducted in three
stages. First (Ling et al., 2008; Ling and Wang, 2010), eight common
ferric sulfates were synthesized, with their structures confirmed by
X-ray diffraction, and the standard Raman, Vis–NIR (0.4–2.5 lm),
and MIR (2.5–25 lm) spectra taken on the same samples. During
the second stage (Wang and Ling, 2011; Wang et al., 2012a), five
of these synthesized ferric sulfates, including ferricopiapite
[Fe4.67(SO4)6(OH)2�20H2O] (abbreviated as Fe20w in following text
and figures), kornelite [Fe2(SO4)3�7H2O (abbreviated as Fe7w), a
crystalline and an amorphous pentahydrated ferric sulfate
[Fe2(SO4)3�5H2O] (abbreviated as Fe5w and FeAm-5w), and rhom-
boclase [FeH(SO4)2�4H2O] (abbreviated as Fe4w), were used as
the starting phases for a set of 150 experiments to study their sta-
bility fields and transition pathways at three temperatures (50 �C,
21 �C, and 5 �C) and ten RH levels from 6% to 100%. The preliminary
results obtained in second stage provided the constraints on the
locations of solid–solid phase boundaries in this T-RH space among
different hydrous ferric sulfates, which form the basis to design
one of the third stage experiments, i.e., to determine the phase
boundaries between two ferric sulfates: kornelite [Fe2(SO4)3�7H2O]
and pentahydrate ferric sulfate [Fe2(SO4)3�5H2O] (Kong et al.,
2011a).

6.3.2. Results and discussions
6.3.2.1. Boundaries of deliquescence zones of five ferric sulfates. The
approximate positions of boundaries of deliquescence zones
(Fig. 19) for the tested five ferric sulfates are determined based
on the identification of final phases in 150 dehydration/rehydra-
tion experiments (Wang et al., 2012a). Note our experiments were
designed to find the approximate locations of the stability fields for
the ferric sulfates in which ten discrete RH levels were used at each
of the three temperatures, therefore the boundary of deliquescence
zones found is expressed in a range of RH values. For example, we
observed the deliquescence of ferricopiapite at 76% RH at 5 �C
and the unchanged ferricopiapite at 73% RH at 5 �C. Thus the RH
range of 73–76% would be the estimated boundary of the
deliquescence zone at 5 �C for ferricopiapite. Connecting the three
RH ranges at three tested temperatures (50 �C, 21 �C, and 5 �C), the
estimated boundary of the deliquescence zone for each ferric
sulfate species would be a thick line that goes through a space in
T-RH field (dark blue thick line in Fig. 19).

The estimated boundaries of the deliquescence zones of Fe20w,
Fe4w, and Fe7w/Fe5w/FeAm-5w, were drawn in Fig. 19 (as blue
colored, green colored and red colored straight thick lines, respec-
tively). Because we have found that ferricopiapite was the neces-
sary pathway in the deliquescence process of both Fe7w and
Fe5w, the boundary location of Fe5w/Fe7w – deliquescence (red
colored band) should be considered as the location of Fe5w/
Fe7w–Fe20w – deliquescence boundary. The fact that this bound-
ary occurs at the lower RH side of the Fe20w – deliquescence
boundary at 21 �C to 5 �C, suggests that Fe7w, Fe5w, and FeAm
have a narrow RH stability field at mid-low T, compared with ferri-
copiapite (Fe20w).

Similarly, the Fe4w – deliquescence boundary occurs at lower
RH side of Fe20w – deliquescence boundary in full tested T range
(5–50 �C). It suggests a narrower RH stability field of Fe4w than
that of Fe20w.
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6.3.2.2. Zones of stability fields of five ferric sulfates. On the basis of
the phase identification made by Raman spectroscopy at the final
and intermediate stages of 150 dehydration/rehydration experi-
ments, we can estimate the general locations and expansions of
the stability fields, in 50 �C 6 T 6 5 �C range, for the species that
were used as starting phases and that appeared frequently (e.g.,
paracoquimbite, abbreviated as P9w) in these experiments, as
shown in Fig. 20a and b.

The variations in reactions rates at different temperatures can
bring uncertainty, i.e., the slow rates of certain reactions can cause
the lack of equilibrium, even after a reasonably long laboratory
experiments (>4 years), thus the phase remains metastable for
long time. For this reason, we used the shades of color in Fig. 20a
and b to present the confidence levels of our study on the different
parts of stability field. For example, a dark purple shade (high con-
fidence) was used in the zone of 6–65% RH and 50 �C for the stabil-
ity field of Fe5w, a light purple shade (less confidence) was used for
7–33% RH and 5–21 �C. Defining the exact locations of stability
fields of a ferric sulfate is dependent on defining all surrounding
phase boundaries, such as the study for hexahydrated Mg sulfate
by Chou and Seal (2003a).

6.3.2.3. Two new phases in the series of Fe2(SO4)3�xH2O. Kornelite
(Fe7w) (Robinson and Fang, 1973) contains layers consisting of a
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Fig. 20. (a) Stability and metastability fields of Fe5w, Fe7w, and P9w, with the
shades of color representing the confidence levels. The estimated boundaries for the
deliquescence zones of Fe5w and Fe7w (through 20w) are also shown. (b)
Estimated stability fields of ferricopiapite (20w), rhomboclase (Fe4w) and parac-
oquimbite (P9w), with the shades of color to representing the confidence levels. The
estimated boundaries for the deliquescence zones of 20w and Fe4w are also shown.
Modified from Fig. 15 of Wang et al. (2012).
network of [SO4] tetrahedra and [Fe(OH2)3O3] octahedra perpen-
dicular to c axis. With the six structural waters per molecule di-
rectly coordinated with Fe3+, the remaining structural water
molecules occur among the layers, and they are bonded by much
weaker hydrogen bonding into the framework. Different numbers
of interlayer structural waters were reported for kornelite: 1.25w
by Robinson and Fang (1973), 1.0w by Posnjak and Merwin
(1922), and 1.75w by Ackermann et al. (2009). Furthermore, we
have found (Ling and Wang, 2010) that this number can be 2.0,
i.e., a hydrous ferric sulfate with eight structural waters
½Fe3þ

2 ðSO4Þ3 � 8H2O�. It was synthesized from an amorphous penta-
hydrated ferric sulfate at 95 �C and 30.5% RH (controlled by MgCl2

RH buffer). The product has a XRD pattern quite similar to kornel-
ite, but a very distinct Raman spectral pattern (Fig. 21a).

When the number of interlayer structural water goes to zero
½Fe3þ

2 ðSO4Þ3 � 6H2O�, the structure is called lausenite (Robinson and
Fang, 1973). Majzlan et al. (2005) reported a crystal structure of pen-
tahydrated ferric sulfate ½Fe3þ

2 ðSO4Þ3 � 5H2O�, in which Fe has two
octahedral sites with different types of coordinates: [Fe(OH2)3O3],
and [Fe(OH2)2O4]. We were able to synthesize both lausenite and a
pentahydrated ferric sulfate (Ling and Wang, 2010). We confirmed
that our synthesized pentahydrated ferric sulfate has the same
XRD pattern as that of Majzlan et al. (2005) and a characteristic Ra-
man spectrum shown in Fig. 21d. In addition, we synthesized a hexa-
hydrated ferric sulfate (Ling and Wang, 2010). This hexahydrated
ferric sulfate has a pale yellowish color, a distinct XRD pattern with
no match in the PDF2006 database, and a distinct Raman spectrum
(Fig. 21c) that is different from those of heptahydrated
½Fe3þ

2 ðSO4Þ3 � 7H2O� (Fig. 21b), octahydrated ½Fe3þ
2 ðSO4Þ3 � 8H2O�,

and pentahydrated ½Fe3þ
2 ðSO4Þ3 � 5H2O� ferric sulfates.

More importantly, these two ferric sulfates appeared in the
products of intermediate stages during the dehydration/rehydra-
tion reactions started from kornelite (Fe7w) and amorphous penta-
hydrated ferric sulfate (FeAm-5w), which imply that these phases
are independent hydrous ferric sulfates with their own role in the
pathways of the phase transitions among other hydrous ferric
sulfates.

6.3.2.4. Structural water maintained by amorphous ferric sulfates and
the thin film of water attached on ferricopiapite grains. Amorphiza-
tion was observed during the dehydration of ferricopiapite and in
the precipitation from Fe3+–SO4–H2O brine at specific T and RH
conditions. The range of structural waters that can be held by
Fig. 21. Characteristic Raman spectra obtained from (a) octahydrated (8w) and (d)
pentahydrated ferric sulfates (5w) compared to Raman spectra of (b) kornelite (7w)
and (c) lausenite (6w). Modified from Fig. 9 of Wang et al. (2012).
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FeAm structure was evaluated through a set of experiments run
under a set of T and RH conditions. It was determined the maxi-
mum amount of structural water that can be held by Am structure
at 33.6% RH and 5 �C is eleven H2O molecules per Fe2(SO4)3, i.e., a
H2O to SO4 ratio of 3.7 comparable with that (�3.5) in crystalline
ferricopiapite. The variations in water content of a FeAm structure
are directly expressed in the central position of its t1 Raman peak,
from 1035.1 cm�1 to 1020.2 cm�1. The tight correlation between
Raman t1 peak position and the number of structural water per
amorphous Fe2(SO4)3 unit was found with a R > 0.99 (Fig. 22, a
R > 0.76 represents a confident level of 99.9% for 15 data points).

During our investigation, gravimetric measurements were
made on the products of final and intermediate stages of dehydrat-
on/rehydration reactions, where the number of H2O per molecule
of specific ferric sulfate was calculated and compared with the
phase identification made by Raman spectroscopy. The gravimetric
measurements of the intermediate products at mid RH levels (65–
75%) at 21–5 �C which started with ferricopiapite indicate that the
H2O per ferricopiapite molecule increased from 20 to 26.8 and 32.5
(5 �C, Fig. 23a), or from 20 to 28.4 and 30.9 (21 �C). The Raman
spectra (vibrational modes for SO4 and H2O/OH) obtained from
these samples indicate the materials kept a typical ferricopiapite
structure as reflected by a distinctly different spectrum compared
to that of a Fe3+–SO4 aqueous solution.

These observations suggest that the extra H2O (max � 12.5w/
molecule at 5 �C, max � 10.9w/molecule at 21 �C) must occur at
the surface of ferricopiapite grains as adsorbed water. This extra
water at the surface of ferricopiapite grain would form a liquid–
water film with considerable thickness. Assuming a closest packing
of ferricopiapite molecules in a spherical grain of 10 lm diameter,
an extra 12.5w per ferricopiapite molecule at 5 �C would corre-
spond 2090 layers of H2O molecules at its surface.

A film of liquid water with this thickness should be macroscop-
ically observable. Fig. 23b–d show the photos of a set of samples
from the experiments at 5 �C: ferricopiapite equilibrated at 7%
RH with no obvious ‘‘extra’’ H2O shown as fine powder
(Fig. 23b); when equilibrated at 64% RH (Fig. 23c), it showed as
clustered grains (extra 6.8 H2O per molecule, Fig. 23a); and when
equilibrated at 73% RH (Fig. 23d), it showed as paste with shiny
surface (extra 12.5 H2O per molecule, Fig. 23a). Note all these
Fig. 22. Raman peak position shifts during a rehydration process of FeAm-5w at
34% RH and 5 �C. The regression line shows a tight correlation (R > 0.99) between
the central position of Raman peak (cm�1) and the number of structural water per
Fe2(SO4)3 molecule, determined by gravimetric measurements. Notice a R > 0.76
would represent a confident level of 99.9% for 15 data points. Modified from Fig. 14
of Wang et al. (2012).
samples maintained the characteristic Raman spectrum of
ferricopiapite.

6.3.2.5. Phase transition among normal, basic, and acidic ferric
sulfates. Our experiments placed the starting ferric sulfates in an
environment where only T and RH change (i.e., no pH change). A
strictly hydration or rehydration reaction should cause changes
among phases with different hydration degrees, but not affect their
acidities, e.g., the hydration/dehydration among normal ferric sul-
fates with Fe5w, Fe7w, and Fe9w are possible, but the phase tran-
sition across different types of ferric sulfates (normal, basic, and
acidic,) should not easily happen. Nevertheless, we have observed
these types of phase transitions in our experiments: such as the
transfer from ferricopiapite to rhomboclase (basic to acidic, and
vice versa).

The equations of these phase transitions can be:
Normal to/from basic sulfates (e.g., Fe7w M Fe20w)

3Fe2ðSO4Þ3 � 7H2Oþ 8:33H2O$ Fe4:67ðOHÞ2ðSO4Þ6 � 20H2O

þ 1:33FeHðSO4Þ2 � 4H2Oþ 0:33½HSO4�� þ 0:33H3Oþ: ð17Þ

Acidic to/from normal sulfates (e.g., Fe4w M Fe9w)

2FeHðSO4Þ2 � 4H2Oþ 2H2O$ Fe2ðSO4Þ3 � 9H2OþH3Oþ þ ½HSO4��:
ð18Þ

Acidic to/from basic sulfates (e.g., Fe4w M Fe20w)

4:67FeHðSO4Þ2 � 4H2Oþ 6:33H2O

$ Fe4:67ðOHÞ2ðSO4Þ6 � 20H2Oþ 3:33½HSO4�� þ 3:33H3Oþ: ð19Þ

These solid–solid phase transitions involve the change of
Fe3+:[SO4]2� ratio in a solid phase. We believe that can only hap-
pen if certain amount of Fe3+ or [SO4]2� was removed from solid
phases. On the basis of observations described in 6.3.2.4, i.e., at
mid-high RH levels, thin film of H2O can form at the surface of
a ferricopiapite grain. This thin film of H2O can host the
ions like Fe3+, [H3O]+, [SO4]2�, [HSO4]�, thus changing the
Fe3+:[SO4]2� ratios in solid phases and making the phase transi-
tions (1, 2, 3) possible at those RH levels. Fe4w, Fe7w, and Fe5w
are less capable than ferricopiapite in holding adsorbed H2O. In
our experiments, they were found to be able to hold �1 extra
H2O/molecule under the same conditions when ferricopiapite
can hold 6.8–12.5 extra H2O/molecule. This water layer can
facilitate the movement of Fe3+, [H3O]+, [SO4]2�, and [HSO4]�

ions.

6.3.2.6. Determination of a phase boundary. The results of our sec-
ond stage of the study on hydrous ferric sulfates place an overall
view (although incomplete) of the phase relationships among sev-
eral normal, basic, and acidic hydrous ferric sulfates, in a wide T-RH
space relevant to Mars surface and subsurface conditions (Figs. 19
and 20). In order to refine the phase boundaries among them, and
especially to build a more detailed understanding of their behavior
on Mars, many follow-up experiments have to be designed and
conducted. We have accomplished the determination of a phase
boundary between kornelite (Fe7w) and pentahydrated (Fe5w) fer-
ric sulfate (Fig. 20a, first published by Kong et al., 2011a) using the
experimental parameters selected based on the second stage
experiments. The experiments to determine the phase boundary
between kornelite (7w), paracoquimbite (9w), and ferricopiapite
(Fe20w) at lower temperatures are planned for future
investigations.

6.3.2.7. Understanding Martian iron sulfates. Ferric sulfates were ob-
served on Mars, especially at the Gusev and Meridiani sites ex-
plored by the Spirit and Opportunity Rovers. With exception of



Fig. 23. (a) Changes in the number of structural waters per ferricopiapite formula unit calculated from gravimetric measurements of final and intermediate reaction
products of 30 experiments started from ferricopiapite at 5 �C; (b) Ferricopiapite equilibrated at 5 �C in 7% RH (LiBr–H2O buffer) – fine powder; (c) Ferricopiapite equilibrated
at 5 �C in 64% RH (NaBr–H2O buffer) – clusters; (d) Ferricopiapite equilibrated at 5 �C in 73% RH (KI–H2O buffer) – shinny paste. Modified from Figs. 4a and 6a–c of Wang et al.
(2012).

Fig. 24. Subsurface regolith enriched Ca-sulfates and Fe3+-sulfates were excavated by the Spirit rover at Tyrone site in Gusev Crater on Mars. (a) Multicolor Pancam image of
Tyrone excavated subsurface regolith; (b) Quantification of the spectral variations among the six Pancam Tyrone monitoring observations, showing the change of spectral
slopes (434 nm to 673 nm) of Fe3+-sulfate-rich regolith from tens’ cm depth after its exposure to Mars current atmospheric conditions at surface. Modified from Figs. 2a and
10d of Wang and Ling (2011).
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the definitive mineral identification of jarosite (Klingelhofer et al.,
2004), most occurrences of iron sulfates in those two sites were
determined by M}ossbauer spectral analyses to be unspecified ferric
sulfates (Morris et al., 2006, 2008), with a few suggested ferric sul-
fate species based on Vis–NIR spectral deconvolution (Johnson
et al., 2007). In addition, a two-layer salty soil was excavated by
the Spirit rover at the Tyrone site in Gusev crater (Fig. 24a). The
lower layer of yellowish-colored salty soil (that was originally bur-
ied beneath the surface basic soil and a Ca–sulfate–rich
whitish-colored salty soil layer) contains 37% of ferric sulfates,
with ferricopiapite as the major component (suggested byJohnson
et al., 2007).
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After being exposed to current Martian atmospheric conditions
for 198 sols, a color change of yellowish salty soil was observed. In
the Vis–NIR spectra extracted from seven systematic multi-color
Pancam observations, a reduction of spectral slope from 434 to
753 nm was observed from the yellowish Fe–sulfate–rich soil
(Fig. 24b, details in Wang and Ling, 2011). On the basis of the re-
sults presented in this manuscript, especially the occurrence of
the dehydration processes from ferricopiapite, we conclude that
the phase transitions from ferricopiapite to rhomboclase, and to
amorphous and quasi-amorphous ferric sulfates are the most likely
cause for spectral change in VIS–NIR spectra of Tyrone ferric
sulfates.

As revealed in Fig. 20, ferricopiapite is stable in a wide RH range
at mid-low temperature (5 �C to 21 �C), and also in the to-be-deter-
mined stability field at even lower T (systematic experiments at
�10 �C are ongoing). The observations of ferricopiapite in subsur-
face regolith and its dehydration after exposure to surface atmo-
spheric condition indicate that its original environment must
have the suitable T and RH conditions that have prevented (or at
least sloweddown) the dehydration of a highly hydrated ferric sul-
fate (ferricopiapite).
7. Future research

Significant advance has been made in the last decade on stabil-
ity and occurrence of sulfate and hydrated sulfate minerals in ter-
restrial environments and also on Mars (Bish et al., 2003; Chou
et al., 2002; Chou and Seal, 2003a,b, 2007; Chipera and Vaniman,
2007a; Chipera et al., 2007b; Cloutis et al., 2006; Grevel and Majz-
lan, 2009; Kong et al., 2011a,b; Ling and Wang, 2010; Peterson and
Wang, 2006; Majzlan et al., 2004, 2005, 2006; Majzlan and Michal-
lik, 2007; Tosca et al., 2007; Vaniman et al., 2004, 2009; Vaniman
and Chipera, 2006; Wang, 2012; Wang et al., 2006, 2009, 2011,
2012; Xu et al., 2009), especially on the derivation of an internally
consistent set of thermodynamic data for these minerals, the rec-
ognition of their presence on Mars, and also their effects on envi-
ronments. However, all of recent experimental studies were
limited to pure end-member minerals containing only one kind
of metal in a single valence state, whereas some of natural miner-
als are in more complicated solid solution states. Future research
will need to address solid solution effects in these phases, and
investigate mixed valence phase commonly found in natural sys-
tems. It remains a challenge to design new experimental methods
or theoretical approaches to study these important topics. The cat-
alytic effect of the co-existing Ca sulfates, ferric sulfates, Fe oxides,
and Fe hydroxides on the dehydration of Mg sulfates, especially
from epsomite to LH-1w was reported by Wang et al. (2009), and
we need to consider this effect on the occurrence of other sulfate
minerals in nature. Furthermore, our experience on reaction kinet-
ics and reaction rates for hydration or dehydration of these miner-
als is still quite limited, especially in a much wider temperature
and pressure ranges relevant to many planetary bodies. For exam-
ple, more experimental studies are needed on the stability as well
as hydration–dehydration reaction kinetics of sulfate and hydrated
sulfate minerals at temperatures below 0 �C. Another example is
the pressure effect on the reaction rates of dehydration/rehydra-
tion processes of sulfate and hydrated sulfate minerals, as demon-
strated by Wang et al. (2011) and McCord et al. (2001) at 1 atm, at
P < 1mb, and at ultra-high vacuum for Mg-sulfates, that needs to be
further studied for planetary applications.
Acknowledgments

The research of Chou and Seal was funded by the Mineral Re-
sources Program of the U.S. Geological Survey. The studies on the
fundamental properties of hydrous Mg- and Fe3+-sulfates under
Mars relevant conditions were supported by NASA Mars Funda-
mental Research Program NNX07AQ34G, NNX10AM89G; NASA
Mission of Opportunity Program 1295053; and a special fund by
McDonnell Center for Space Sciences at Washington University in
St. Louis. The studies of two graduate students during this work
were supported by China Scholarship Council and from Shandong
University. John Freeman, Zongcheng Ling, Weigang Kong, Pablo
Sobron, Michael Jin, and Yanli Lu made contributions in various
parts of these studies. We thank Jane Hammarstrom (U.S. Geolog-
ical Survey), Brendt C. Hyde (Royal Ontario Museum, Canada), and
Ronald C. Peterson (Queen’s University, Canada) for constructive
reviews. The assistance of Natalia Ainsfield with the reference list
is greatly appreciated. The use of trade, product, industry, or firm
names in this report is for descriptive purposes only and does
not constitute endorsement by the U.S. Government.
References

Ackermann, S., Lazic, B., Armbruster, T., Doyle, S., Grevel, K.D., Majzlan, J., 2009.
Thermodynamic and crystallographic properties of kornelite [Fe2(SO4)3

7.75H2O] and paracoquimbite [Fe2(SO4)3� 9H2O]. American Mineralogist 94,
1620–1628.

Alpers, C.N., Nordstrom, D.K., Thompson, J.M., 1994. Seasonal variations of Zn/Cu
ratios in acid mine water from Iron Mountain, California. In: Alpers, C.N.,
Blowes, D.W. (Eds.), Environmental Geochemistry of Sulfide Oxidation.
American Chemical Society Symposium Series 550, pp. 324–344.

Alpers, C.N., Jambor, J.L., Nordstrom, D.K. (Eds), 2000. Sulfate Minerals:
Crystallography, Geochemistry and Environmental Significance. Washington,
D.C. Mineralogical Society of America, Reviews in Mineralogy and Geochemistry
40, pp. 608.

Alpers, C.N., Nordstrom, D.K., Spitzley, J., 2003. Extreme acid mine drainage from a
pyritic massive sulfide deposit: the Iron Mountain end-member. In: Jambor, J.L.,
Blowes, D.W., Ritchie, A.I.M., (Eds.), Environmental Aspects of Mine Wastes,
Mineralogical Association of Canada Short Course Series 31, pp. 407–430.

Anderson, J.L., Peterson, R.C., Swainson, I.P., 2007. The atomic structure and
hydrogen bonding of deuterated melanterite, FeSO4�7D2O. Canadian
Mineralogist 45, 457–469.

Archer, D.G., Rard, J.A., 1998. Isopiestic investigation of the osmotic and activity
coefficients of aqueous MgSO4 and the solubility of MgSO4�7H2O(cr) at 298.15
K: thermodynamic properties of the MgSO4 + H2O system to 440 K. Journal of
Chemical Engineering Data 43, 791–806.

Ávila, P.F., Ferriera da Silva, E., Salgueiro, A.R., Farinha, J.A., 2008. Geochemistry and
mineralogy of mill tailings impoundments from the Panasqueira mine
(Portugal): implications for the surrounding environment. Mine Water and
the Environment 27, 210–224.

Bandy, M.C., 1938. Mineralogy of three sulphate deposits of northern Chile.
American Mineralogist 23, 669–760.

Barthel, J., Neueder, R., Poepke, H., Wittmann, H., 1998. Osmotic activity coefficients
of nonaqueous electrolyte solutions. 1. Lithium perchlorate in the protic
solvents methanol, ethanol, and 2-propanol. Journal of Solution Chemistry 27,
1055–1066.

Bauerek, A., Cabala, J., Smieja-Król, B., 2009. Mineralogical alterations of Zn-Pb
flotation wastes of Mississippi Valley-type ores (southern Poland) and their
impact on contamination of rainwater runoff. Polish Journal of Environmental
Studies 18, 781–788.

Bigham, J.M., Nordstrom, D.K., 2000. Iron and aluminum hydroxysulfates from acid
sulfate waters. In: Alpers, C.N., Jambor, J.L., Nordstrom, D.K., (Eds.), Sulfate
Minerals – Crystallography, Geochemistry, and Environmental Significance.
Reviews in Mineralogy and Geochemistry 40, pp. 351–403.

Bigham, J.M., Schwertmann, U., Traina, S.J., Winland, R.L., Wolf, M., 1996.
Schwertmannite and the chemical modeling of iron in acid sulfate waters.
Geochimica et Cosmochimica Acta 60, 2111–2121.

Bish, D.L., Carey, J.W., Vaniman, D.T., Chipera, S.J., 2003. Stability of hydrous
minerals on the martian surface. Icarus 164, 96–103.

Blowes, D.W., Reardon, E.J., Jambor, J.L., Cherry, J.A., 1991. The formation and
potential importance of cemented layers in inactive sulfide mine tailings.
Geochimica et Cosmochimica Acta 55, 965–978.

Bolte, H., 1912. Untersuchungen }uber die Dissociation einiger
kristallwasserhaltigen Salze. Zeitschrift für Physikalische Chemie 80, 338–360.

Bonnell, D.G.R., Burridge, L.W., 1935. The dissociation pressures of some salt
hydrates. Transactions of theFaraday Society 31, 473–478.

Bril, H., Zainoun, K., Puziewicz, J., Courtin-Nomde, A., Vanaecker, M., Bollinger, J.-C.,
2008. Secondary phases from the alteration of a pile of zinc-smelting slag as
indicators of environmental conditions: an example from Świętochlowice,
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