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Abstract: Enthalpies of formation of ferricopiapite [nominally Fe4.67(SO4)6(OH)2(H2O)20], coquimbite [Fe2(SO4)3(H2O)9],
rhomboclase [(H3O)Fe(SO4)2(H2O)3], and Fe2(SO4)3(H2O)5 were measured by acid (5 N HCl) solution calorimetry. The samples
were characterized by wet chemical analyses and synchrotron powder X-ray diffraction (XRD). The refinement of XRD patterns
gave lattice parameters, atomic positions, thermal factors, and occupancies of the sites. The calculated formulae differ slightly
from the nominal compositions: Fe4.78(SO4)6 (OH)2.34(H2O)20.71 (ferricopiapite), (Fe1.47Al0.53)(SO4)3(H2O)9.65 (coquimbite),
(H3O)1.34Fe(SO4)2.17 (H2O)3.06 (rhomboclase), and Fe2(SO4)3(H2O)5.03. All thermodynamic data are given permole of these formulae.

The measured standard enthalpies (in kJ/mol) of formation from the elements (crystalline Fe, Al, S, and ideal gases O2 and H2) at
T = 298.15 K are –4115.8±4.1 [Fe2(SO4)3(H2O)5.03], –12045.1±9.2 (ferricopiapite), –5738.4±3.3 (coquimbite), and –3201.1±2.6
(rhomboclase). Standard entropy (So) was estimated as a sum of entropies of oxide, hydroxide, and sulfate components. The
estimated So (in J/mol·K) values for the iron sulfates are 488.2 [Fe2(SO4)3(H2O)5.03], 1449.2 (ferricopiapite), 638.3 (coquimbite), and
380.1 (rhomboclase). The calculated Gibbs free energies of formation (in kJ/mol) are –3499.7±4.2 [Fe2(SO4)3(H2O)5.03],
–10089.8±9.3 (ferricopiapite), –4845.6±3.3 (coquimbite), and –2688.0±2.7 (rhomboclase). These results combined with other
available thermodynamic data allow construction of mineral stability diagrams in the FeIII2(SO4)3–Fe

IISO4–H2O system. One such
diagram is provided, indicating that the order of stability of ferric sulfate minerals with decreasing pH in the range of 1.5 to –0.5 is:
hydronium jarosite, ferricopiapite, and rhomboclase.

Key-words: copiapite, coquimbite, rhomboclase, sulfate minerals, thermodynamics, crystal structure.

Introduction

The exploitation of mineral resources has increased steadily
over the past several decades, resulting in ever-larger pro-
duction of mining waste (e.g., Young, 1992). Mining and
mineral processing operations commonly result in environ-
mental effects that may persist for decades to centuries after
the operations have ceased. Although the waste handling
practices are continuously improving, environmental prob-
lems that need to be addressed remain in abundance. A well
known, widespread problem linked to the mining and pro-
cessing of sulfide-bearing metal ores and coal is acidic
drainage. The acidic waters usually originate because of
previous or current mining activity, more rarely from purely
natural sources.

Acidic drainage is caused by the oxidation of sulfidemin-
erals (most commonly pyrite, marcasite, or pyrrhotite) and
the subsequent aqueous transport of soluble reaction prod-
ucts. The dominant oxidants are atmospheric oxygen (usu-

ally in the form of dissolved oxygen in water) and dissolved
ferric iron (Nordstrom&Alpers, 1999a). Pyrite (FeS2) is the
most common sulfide mineral in the Earth’s crust and its ox-
idation, commonly mediated by microbes, is the primary
cause of acidic drainage. Reaction products of pyrite oxida-
tion are sulfuric acid and dissolved iron, both ferrous and
ferric. The resulting sulfuric acid solutions attack other sul-
fides and rock-forming minerals resulting in acidic waters
that typically contain elevated concentrations of trace met-
als (e.g., Al, Cu, Cd, and Zn) that are toxic to aquatic life and
humans. Precipitation of efflorescent metal salts from acidic
waters occurs in response to changes in temperature, pH,
oxidation of ferrous iron, and evaporation (Nordstrom &
Alpers, 1999a). One important category of the efflorescent
salts commonly formed from acidic waters is hydrated ferric
sulfate minerals (Jambor et al., 2000; Jambor, 2003; Jerz &
Rimstidt, 2003), the subject of this study. Ferric sulfate min-
erals are important in the environment because they store
metals and acidity in a highly soluble form that can be readi-
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ly released during wet conditions. The release of ferric iron
stored in ferric sulfate minerals can stimulate continued sul-
fide oxidation in ground waters even in the absence of dis-
solved oxygen, which can confound expected benefits of
mine plugging as ameans of preventing the formation of ad-
ditional acidic drainage (e.g., Cravotta, 1994; Alpers et al.,
2003).

Thermodynamic data for the FeIII sulfates are needed to
evaluate the role of these minerals in acidic waters and to
model reaction paths.With the exception of recent estimates
by Hemingway et al. (2002), no thermodynamic data are
available for FeIII sulfates such as coquimbite or ferricopia-
pite.

In this paper, we report measurements of formation
enthalpy of Fe2(SO4)3(H2O)5, ferricopiapite [nominally
Fe4.67(SO4)6(OH)2(H2O)20], coquimbite [Fe2(SO4)3(H2O)9],
and rhomboclase [(H3O)Fe(SO4)2(H2O)3]. The phase
Fe2(SO4)3(H2O)5 was included in the study despite the fact
that it is not a mineral. At the time when the calorimetric ex-
periments were performed, we assumed that this phase is
identical with the mineral lausenite. Later investigation
(Majzlan et al., 2005a) showed that the relationship is not
straightforward. Yet, because the studied phase belongs to
the chemical system under investigation, we decided to pre-
sent the data for Fe2(SO4)3(H2O)5 in this work. Synthetic
materials were used for all compounds with the exception of
coquimbite, for which a natural specimen was used. Each
phase was characterized by wet chemical analysis and pow-
der X-ray diffraction, with both conventional Cu K [ source
and a tunable source at a synchrotron.We then estimated the
standard entropy of these sulfates to calculate their Gibbs
free energy of formation. This contribution should be re-
garded as incremental progress toward a more complete
thermodynamic description of sulfate mineral assemblages
in acidic drainage environments. Significant gaps remain in
our understanding of these systems, such as thermodynamic
data for most FeIII and mixed FeII-FeIII sulfates. Specific
ion interaction models of concentrated FeIII- and mixed
FeII-FeIII sulfate solutions have long been needed (Ptacek &
Blowes, 2000) and appeared only very recently (Christov,
2004; Rumyantsev et al., 2004). One of the reasons why the
thermodynamic modeling of acidic waters is difficult is the
high ionic strength of the fluid phase. The data presented in
this paper, together with ion-interaction models for the flu-
ids associated with these phases (cited above), are steps to-
ward addressing these problems. A comprehensive thermo-
dynamic model of water-mineral reactions in low-tempera-
ture acid-sulfate systems remains a future goal. In this sense,
our cumulative understanding of sulfate mineral systems
and associated waters is still limited compared with other
rock-forming mineral groups such as silicates, oxides, and
carbonates.

Materials and methods

In addition to the title compounds, several other phases had
to be synthesized for the calorimetric experiments. These
are [ -MgSO4, Al2(SO4)3, * -FeOOH, and MgO. The reason
why these phases had to be included in the set of studied

compounds is explained in the section “Thermodynamics of
the reference materials” below.

For the syntheses of the hydrated ferric sulfates, sulfuric
acid, deionized water, and ferric sulfate were the starting
compounds. Sulfuric acid was 96 % H2SO4 by mass, with
density of 1.84 g/cm3. Two batches of ferric sulfate were re-
ceived from the supplier (Alfa Aesar), both labeled as
Fe2(SO4)3(H2O)x. The first batch was a fine-grained, homo-
geneous, pale brown powder that contained ~21 % water
and was X-ray amorphous. The second batch was coarser,
yellow, with occasional brownish or white grains, and con-
tained ~28 % water. According to XRD analysis, it was
composed of a copiapite-group mineral and a minor amount
of kornelite [Fe2(SO4)3(H2O)7.25]. In the following descrip-
tion, ferric sulfate will refer to the first Fe2(SO4)3(H2O)x
batch. Although both batches came from the same supplier,
under the same description, not all syntheses could be
achieved using the second batch. This discrepancy was
probably due to its coarser grain size and sluggish dissolu-
tion in water. The starting compositions for the mixtures of
sulfuric acid, water, and ferric sulfate were taken from the
phase diagrams of Posnjak & Merwin (1922). In all cases,
the phase precipitating from the solution was found to be the
phase determined by Posnjak & Merwin (1922).

Rhomboclase precipitated from a solution made of 2.5 g
of ferric sulfate, 5mL of water, and 1.36mL of sulfuric acid.
The solution was allowed to evaporate slowly at room tem-
perature, turning into a pale yellow mass of the product.

Ferricopiapitewas synthesized bymixing 1.17mLofwa-
ter and 2.5 g of ferric sulfate. The solid dissolved completely
in water after ~30 min in an ultrasonic bath. The solution
was sealed in a silica-glass capsule and kept at 323 K. Yel-
low precipitate appeared after 2 days and slowly grew in
volume for the following 7 days. Afterwards, the capsule
was open, the product washed with ethanol and dried at
room temperature by filtering under reduced pressure.

Fe2(SO4)3(H2O)5 was prepared bymixing 1.52mLwater,
0.48 mL of sulfuric acid, and 1.98 g of ferric sulfate. The
mixture was sealed in a silica glass capsule and left in an ov-
en at 403K. After four days, the capsule was allowed to cool
to 363 K, broken, and the precipitate was filtered under re-
duced pressure and washed several times with ethanol, and
dried at 323 K.

The coquimbite sample was picked from a large (2 × 2 ×
2 cm), compact aggregate of pinkish coquimbite from the
Richmond mine at Iron Mountain, near Redding, California
(Nordstrom & Alpers, 1999b; Alpers et al., 2003). The ag-
gregate was overgrown at a few spots by copiapite and vol-
taite, and care was taken to avoid contamination of the sam-
ple by these minerals.

The low temperature polymorph of MgSO4 ( [ -MgSO4)
was synthesized by the method outlined by Ko & Daut
(1980). Two grams of MgSO4(H2O)~7 (Alfa Aesar, reagent
grade) were ground and heated at 423 K in a platinum cruci-
ble for 2 hours. The crucible was then withdrawn from the
furnace, the powder quickly disintegrated and mixed thor-
oughly with 0.5 mL of concentrated sulfuric acid. The fur-
nace was set at 588 K and the powder was heated for 24
hours. The mixing with sulfuric acid and 24 h heating at 588
K was repeated once more. Because anhydrous MgSO4 is
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strongly hygroscopic, the sample was withdrawn from the
furnace, quickly transferred, allowed to cool, and later han-
dled in a glove box with argon atmosphere (< 1 ppm H2O).

MgO (Alfa Aesar, 99.99 % metals basis) was heated at
1800 K overnight in a platinum crucible. For the duration of
the experiments, the samplewas kept at 1200K in a Pt cruci-
ble in a muffle furnace. The sample was withdrawn from the
furnace for each experiment; the required amount to be used
in calorimetry was removed, and the sample was returned to
the furnace.

Anhydrous Al2(SO4)3 (synthetic millosevichite) was pre-
pared by heating Al2(SO4)3(H2O)~18 (reagent grade, Alfa
Aesar) in a Pt crucible at 723 K for 4 hours. The sample was
then allowed to cool, stored and handled in a glove box with
argon atmosphere.

The * -FeOOH sample was previously synthesized and
characterized by Majzlan et al. (2003). The same sample
that was used in that investigation was also used here.

Conventional powder X-ray diffraction (XRD) patterns
of all samples were collected with a Scintag PAD V diffrac-
tometer with Cu K [ radiation and a diffracted-beam graph-
ite monochromator. The patterns were collected in the range
5–60 °2 U , with a step of 0.02 °2 U and dwell of 8 s at each
step. Lattice parameters were calculated by profile fit using
GSAS (Larson & von Dreele, 1994). The performance of
the diffractometer was regularly checked by collecting an
XRD pattern of LaB6 (NIST standard reference material

Table 1. Lattice parameters (Å, °) of the phases used in this study. For the FeIII sulfates, the parameters were determined from synchrotron
XRD. For the other phases, they were determined from conventional XRD experiments. All values were determined by Rietveld refinement,
using starting model from the references listed. The lattice parameters from the starting models are given for comparison.

phase space lattice parameters starting model for the lattice parameters
group (our samples) Rietveld refinement (in the starting model)

[ -MgSO4 Cmcm a = 5.1714(3) Rentzeperis & Soldatos a = 5.182(15)
b = 7.8720(4) (1958) b = 7.893(2)
c = 6.4850(4) c = 6.506(16)

ferricopiapite P1 a = 7.3867(6) Fanfani et al. (1973) a = 7.390(8)
b = 18.363(2) b = 18.213(10)
c = 7.3275(5) c = 7.290(8)
[ = 93.940(5) [ = 93.67(25)
q = 102.201(5) q = 102.05(42)
* = 98.916(4) * = 99.27(25)

coquimbite P31c a = 10.9153(4) Fang & Robinson a = 10.922(9)
c = 17.0770(8) (1970) c = 17.084(14)

Fe2(SO4)3(H2O)5.03 P21/m a = 10.705(1) Majzlan et al. (2005a) a = 10.679(2)
b = 11.080(1) b = 11.053(3)
c = 5.574(1) c = 5.567(1)
q = 98.864(6) q = 98.89(1)

lepidocrocite Cmc21 a = 3.0680(2) Christensen & a = 3.08(1)
b = 12.5270(9) Christensen (1978) b = 12.50(1)
c = 3.8699(2) c = 3.87(1)

millosevichite R3 a = 8.057(2) Dahmen & Gruehn a = 8.0246(4)
c = 21.246(6) (1993) c = 21.3570(10)

periclase Fm3m a = 4.2110(1) Tsirelson et al. (1998) a = 4.214(1)

rhomboclase Pnma a = 9.7226(8) Mereiter (1974) a = 9.724(4)
b = 18.2800(9) b = 18.3330(90)
c = 5.4270(5) c = 5.421(4)

660) or Si (NIST standard reference material 640). The lat-
tice parameters determined for LaB6 or Si in our laboratory
were always found to bewithin ±0.0004Å from the certified
values.

Synchrotron powder XRD patterns of the ferric sulfates
were collected at the bendingmagnet beamline X3B1 at Na-
tional Synchrotron Light Source (Brookhaven National
Laboratory). X-rays with a wavelength of 1.14959(1) Å
were selected using a double crystal Si(111) monochroma-
tor. The wavelength and the zero angle of the diffractometer
were determined with a NIST standard reference material
1976 (corundum, [ -Al2O3). Samples were loaded into 1.0
mm glass capillary tubes. The intensity of the incoming
beamwas monitored during data collection by an ion cham-
ber and the measured intensities of the diffracted beamwere
normalized (corrected) for the decay of the primary beam.
The diffracted beam was analyzed by a Ge(111) crystal and
Na(Tl)I scintillation detector. The XRD patterns were col-
lected at room temperature, over angular range of 3 or 6.5
(depending on the position of the first peak) to 60 °2 U , step
of 0.005 °2 U , and dwell of 2 s. The refined structural param-
eters are reported in Tables 1–4. Numbers in parentheses in
these tables are the statistical estimated standard deviations
on the last digit from the Rietveld refinement, and are sub-
stantially smaller than any realistic estimate of accuracy.
The real magnitude of errors in the Rietveld refinement is
much more difficult to ascertain (see Young, 1993).
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Table 2. Fractional atomic coordinates and isotropic displacement parameters (in Å2) for rhomboclase. Occupancy of the sites is 1 unless not-
ed otherwise. Space group and lattice parameters are given in Table 1.

Wyckoff x y z Ui*100 occ
position

Fe1 4a 0 0 0 2.96(6)
S1 8d 0.2375(3) 0.0868(1) 0.2849(5) 3.30(8)
O1 8d 0.3264(5) 0.0217(3) 0.343(1) 4.46(9)
O2 8d 0.0932(5) 0.0557(3) 0.253(1) 4.46(9)
O3 8d 0.2881(6) 0.1203(3) 0.063(1) 4.46(9)
O4 8d 0.2269(6) 0.1329(3) 0.505(1) 4.46(9)
O5 8d 0.4884(7) 0.0869(3) 0.733(1) 4.46(9)
O6 4c 0.6318(9) 1/4 0.550(2) 4.46(9)
O7 4c 0.3916(10) 1/4 0.584(2) 4.46(9) 0.895(7)
O8 4c 0.428(8) 1/4 0.141(13) 4.46(9) 0.105(7)

Table 3. Fractional atomic coordinates and isotropic displacement parameters (in Å2) for ferricopiapite. Occupancy of the sites is 1 unless not-
ed otherwise. Space group and lattice parameters are given in Table 1.

Wyckoff x y z Ui*100 occ
position

Fe1 1a 0 0 0 2.99(7) 0.619(4)
Fe2 2i 0.7852(4) 0.31526(2) 0.5522(4) 2.99(7)
Fe3 2i 0.5975(4) 0.67010(2) 0.8063(4) 2.99(7)
S1 2i 0.8347(8) 0.7377(3) 0.2221(7) 3.47(10)
S2 2i 0.8202(7) 0.4161(3) 0.2173(8) 3.47(10)
S3 2i 0.6417(7) 0.1943(3) 0.1948(7) 3.47(10)
O1 2i 0.741(1) 0.6755(5) 0.076(1) 4.58(9)
O2 2i 0.685(1) 0.7644(6) 0.302(1) 4.58(9)
O3 2i 0.053(1) 0.2961(5) 0.626(1) 4.58(9)
O4 2i 0.055(2) 0.2053(5) 0.856(1) 4.58(9)
O5 2i 0.621(1) 0.3915(5) 0.114(1) 4.58(9)
O6 2i 0.836(2) 0.4896(5) 0.323(1) 4.58(9)
O7 2i 0.883(1) 0.3609(5) 0.342(1) 4.58(9)
O8 2i 0.937(1) 0.4245(5) 0.081(1) 4.58(9)
O9 2i 0.560(1) 0.1156(4) 0.167(2) 4.58(9)
O10 2i 0.510(1) 0.7613(6) 0.869(2) 4.58(9)
O11 2i 0.791(1) 0.2163(6) 0.091(1) 4.58(9)
O12 2i 0.723(2) 0.2169(5) 0.402(1) 4.58(9)
O13 2i 0.468(2) 0.6594(6) 0.543(2) 4.58(9)
O14 2i 0.692(2) 0.2725(6) 0.764(1) 4.58(9)
O15 2i 0.866(1) 0.4144(5) 0.722(2) 4.58(9)
O16 2i 0.225(1) 0.9516(6) 0.080(2) 4.58(9)
O17 2i 0.696(1) 0.5723(5) 0.758(1) 4.58(9)
O18 2i 0.041(1) 0.9885(5) 0.737(1) 4.58(9)
O19 2i 0.834(2) 0.7266(5) 0.731(1) 4.58(9)
O20 2i 0.173(2) 0.0938(6) 0.061(1) 4.58(9)
O21 2i 0.768(1) 0.9160(5) 0.444(1) 4.58(9)
O22 2i 0.536(2) 0.5621(6) 0.284(1) 4.58(9)
O23 2i 0.642(1) 0.0732(5) 0.593(1) 4.58(9)

The parameters refined for each phase include scale factor,
2 profile parameters for a pseudo-Voigt function with correc-
tion for reflection asymmetry (Finger et al., 1994) (profile
function #3 in GSAS), 3 background parameters for a cosine
Fourier series background function (background function #2
in GSAS), and variable number of parameters for the atomic
positions, atomic displacement factors, and site occupancies.
In the case of partially occupied sites, their total occupancy
was always constrained to 1.00. Displacement parameters for
atoms of one element were always constrained to be equal.

The total number of refined parameters for each phase is given
in Table 5. Soft restraints were applied for the S-O bond dis-
tance for all three phases. Prior to the refinement, the elevated
background in the central portion of each pattern, owing to
scattering from the glass capillary, was removed by fitting a
series of line segments to the background and subtracting. In
the early stages of the refinement, the diffractometer zero was
refined and afterwards kept constant.

Metal concentrations in the ferric sulfate samples were
determined by inductively-coupled plasma (ICP-OES)
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Table 4. Fractional atomic coordinates and isotropic displacement parameters (in Å2) for coquimbite. Occupancy of the sites is 1 unless noted
otherwise. Space group and lattice parameters are given in Table 1.

Wyckoff x y z Ui*100 occ
position

Al1 2b 0 0 0 3.53(6) 0.914(8)
Fe1 2b 0 0 0 3.53(6) 0.086(8)
Fe2 2c 1/3 2/3 1/4 3.53(6)
Fe3 4f 2/3 1/3 0.0033(1) 3.53(6) 0.928(8)
Al3 4f 2/3 1/3 0.0033(1) 3.53(6) 0.072(8)
S1 12i 0.2451(2) 0.4145(2) 0.1225(2) 3.39(7)
O1 12i 0.3191(5) 0.3452(5) 0.0918(3) 4.01(7)
O2 12i 0.1056(5) 0.3076(5) 0.1552(3) 4.01(7)
O3 12i 0.2235(5) 0.4942(5) 0.0587(3) 4.01(7)
O4 12i 0.3360(5) 0.5145(5) 0.1833(3) 4.01(7)
O5 12i 0.1653(5) 0.0702(6) 0.0635(3) 4.01(7)
O6 12i 0.4512(4) 0.1187(5) 0.2122(3) 4.01(7)
O7 12i 0.5698(5) 0.1613(5) 0.0737(3) 4.01(7)

spectrometry. The samples were also analyzed by the Ferro-
Zine method for FeII (Stookey, 1970), and FeIII was deter-
mined by difference between total Fe and FeII. Sulfate was
analyzed by ion chromatography. The total volatile content
of the samples was determined by weight difference before
and after firing overnight at 1200 K. The fired product was
analyzed by energy-dispersive analysis (EDS), using a FEI-
30XsFEG scanning electron microscope.

A commercial IMC-4400 isothermal microcalorimeter
(Calorimetry Sciences Corporation) was used for the acid-
solution calorimetry. The samples were weighed on a semi-
microbalance, pressed into a pellet, and dropped into the
solvent. Twenty-five mL of 5 N HCl (standardized solution,
Alfa Aesar) were contained in the sample teflon cup. The
sample size was dictated by the requirement of the stoichi-
ometry and the mass of MgO samples that was chosen to be
3.00 mg. The mass of the sample pellets ranged than be-
tween 12 and 18 mg, depending on the sample studied. The
reference teflon cup was filled by 25 mL of water and kept
in its position for the duration of the experiments. The liquid
bath of the calorimeter (44 L) held the cups and the thermo-
piles precisely at 298.15 K; the temperature fluctuation of
the calorimeter was less than ± 0.001 K. The measured heat
effects ranged from 0.04 to 12.0 J. With the exception of
Fe2(SO4)3(H2O)5, which gave the smallest heat effects
(0.04–0.06 J), all other measured values were larger than 0.5
J, in average 2.7 J. In an independent series of runs, we
found that the calorimeter is capable of detecting heat ef-
fects as small as 0.02 J in this configuration. The calorimeter

Table 5. Statistics of the Rietveld refinement for the synchrotron da-
ta. The structure of Fe2(SO4)3(H2O)5 was refined by Majzlan et al.
(2005a) and the results are reported in that work.

ferricopiapite rhomboclase coquimbite

V 2 3.57 3.29 3.34
wRp 0.126 0.135 0.119
number of data points 11419 11600 10699
number of refined pa-
rameters

101 38 36

minimum possible wRp 0.0672 0.0752 0.0658

was calibrated by dissolving KCl (NIST standard reference
material 1655) in deionized water.

Results and discussion

All samples gave XRD patterns with sharp peaks. Conven-
tional XRD experiments were used for initial phase identifi-
cation, purity check, and lattice parameter determination.
The purity of the reference phases was tested only by con-
ventional XRD. The refined lattice parameters are given

Table 6. Bond distances in the studied FeIII sulfates. The structure of
Fe2(SO4)3(H2O)5 was refined by Majzlan et al. (2005a) and the re-
sults are reported in that work.

coquimbite
Al1/Fe1 O5 × 6 1.907(5) S1 O1 1.453(7)
Fe2 O4 × 6 2.026(3) O4 1.474(5)
Fe3/Al3 O3 × 3 1.962(5) O3 1.486(6)

O7 × 3 2.026(5) O2 1.489(5)

rhomboclase
Fe1 O1 × 2 1.933(5) S1 O3 1.438(6)

O2 × 2 1.935(6) O4 1.463(6)
O5 × 2 2.032(5) O1 1.503(6)

O2 1.523(6)

ferricopiapite
Fe1 O26 × 2 1.94(1) S4 O10 1.45(1)

O22 × 2 2.00(1) O9 1.48(1)
O24 × 2 2.02(1) O7 1.49(1)

Fe2 O18 1.986(9) O8 1.49(1)
O20 1.99(1) S5 O14 1.45(1)
O19 1.99(1) O13 1.47(1)
O13 2.02(1) O12 1.48(1)
O9 2.03(1) O11 1.49(9)
O21 2.065(9) S6 O15 1.46(1)

Fe3 O16 1.95(1) O17 1.49(1)
O19 1.95(1) O16 1.50(1)
O7 2.02(1) O18 1.51(1)
O11 2.04(1)
O23 2.07(1)
O25 2.08(1)
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in Table 1. SynchrotronXRDpatterns served also for refine-
ment of atomic positions, site occupancies, and thermal fac-
tors for the ferric sulfates (Tables 2-4). Information about
the statistical parameters describing the fits is presented in
Table 5. Bond distances and angles are given in Tables 6 and
7, respectively. They compare well to previous work on
these phases (see references in Table 1). The results of the
structural analysis for Fe2(SO4)3(H2O)5 are presented in a
separate contribution (Majzlan et al., 2005a). The conven-
tional XRD patterns show no impurity peaks, either in the
reference phases or in FeIII sulfates. However, the synchro-
tron patterns of ferricopiapite and coquimbite indicate the
presence of minor amounts of impurities. For the ferricopia-
pite sample, there is an impurity peak at d = 10.570 Å. For
the coquimbite sample, there are peaks at d = 9.161, 4.056,
and 3.292 Å that cannot be indexed in the hexagonal unit
cell of this mineral. In either case, the peaks are much small-
er than the peaks of the major phase in the same angular re-
gion, and we estimate that the impurity phases represent
e 1 % of the samples. Because the identity of the impurities
is uncertain, we could not include them in the Rietveld re-

Table 7. Bond angles in the studied FeIII sulfates. The structure of Fe2(SO4)3(H2O)5 was refined by Majzlan et al. (2005a) and the results are
reported in that work.

coquimbite
O1-S1 -O4 107.3(3) O5-Al1 -O5 × 6 89.1(2)

-O3 109.4(3) × 6 90.9(2)
-O2 110.2(4) O4-Fe2 -O4 × 6 91.5(2)

O2-S1 -O4 111.3(3) × 3 89.5(2)
-O3 109.5(3) × 3 87.5(2)

O3-S1 -O4 109.2(3) O3-Fe3 -O3 × 3 93.6(2)
-O7 × 3 91.8(2)

× 3 86.2(2)
O7-Fe3 -O7 × 3 88.4(2)

rhomboclase
O1-S1 -O2 105.0(3) O1-Fe1 -O2 × 2 90.8(2)

-O3 108.4(3) × 2 89.3(2)
-O4 109.1(3) O1-Fe1 -O5 × 2 93.7(2)

O2-S1 -O3 112.2(4) × 2 86.3(2)
-O4 104.0(4) O2-Fe1 -O5 × 2 86.9(2)

O3-S1 -O4 117.4(3) × 2 93.1(2)

ferricopiapite
O1-S1 -O2 107.0(7) O18-Fe1 -O20 × 2 87.9(4) O1-Fe3 -O5 86.7(4)

-O3 105.5(6) × 2 92.1(4) -O10 89.0(4)
-O4 110.7(6) O16-Fe1 -O18 × 2 87.2(4) -O17 87.3(4)

O2-S1 -O3 105.8(7) × 2 92.8(4) -O19 91.1(4)
-O4 113.5(7) O16-Fe1 -O20 × 2 93.4(5) O5-Fe3 -O10 91.0(4)

O3-S1 -O4 113.8(6) × 2 86.7(5) -O13 93.8(5)
O5-S2 -O6 108.3(6) O3-Fe2 -O7 81.9(4) -O17 87.8(4)

-O7 110.9(6) -O12 87.0(4) O10-Fe3 -O13 88.9(5)
-O8 108.4(6) -O14 97.9(4) -O19 92.9(4)

O6-S2 -O7 112.0(6) -O15 89.2(4) O13-Fe3 -O17 88.9(4)
-O8 108.4(6) O7-Fe2 -O12 90.0(4) -O19 88.2(5)

O7-S2 -O8 108.8(6) -O13 91.6(5) O17-Fe3 -O19 88.2(4)
O9-S3 -O10 109.4(6) -O15 91.7(4)

-O11 115.3(6) O12-Fe2 -O13 93.7(5)
-O12 109.0(6) -O14 91.5(4)

O10-S3 -O11 106.5(6) O13-Fe2 -O14 88.6(5)
-O12 108.0(6) -O15 90.3(4)

O11-S3 -O12 108.5(6) O14-Fe2 -O15 86.9(4)

finement, and the estimate of their abundance is only crude.
There are partially occupied sites in all three FeIII sulfates

whose structures were analyzed by synchrotron XRD. In
rhomboclase, one of the oxygen sites in the interlayer por-
tion of the structure (see Mereiter, 1974) is disordered. Our
results agree with single crystal study of Mereiter (1974) in
terms of the relative occupancy of the two sites. However,
the position of the oxygen on the site with lower occupancy
is different in our results and in the data of Mereiter (1974).
In ferricopiapite, it is the Fe1 site with occupancy of
0.619(4) (Table 3). Ideal occupancy of this site should be 2/
3. Occupancy slightly lower than ideal was determined also
by neutron diffraction for deuterated ferricopiapite (Maj-
zlan & Kiefer, 2006) and it is not clear whether the discrep-
ancy is an experimental artifact or another complication in
the structure of ferricopiapite. In coquimbite, Fe andAl sub-
stitute for each other at sites (0,0,0) and (2/3,1/3,z) (Table 4).
Aluminum has strong preference for the isolated (0,0,0) site
coordinated by six H2Omolecules, while iron prefers the (2/
3,1/3,z) site, coordinated by three oxygens (bridging oxy-
gens to sulfur cations) and probably three water molecules.

180 J. Majzlan, A. Navrotsky, R.B. McCleskey, C.N. Alpers



Table 8. Chemical analyses of the studied Fe sulfates, their formulae and molecular weight.

Fe2(SO4)3(H2O)5 ferricopiapite coquimbite* rhomboclase

wet chemical analysis
Fe(total) (mg/kg) 226400 208300 145800 158400
FeII (mg/kg) 109 116 3 107
FeIII (mg/kg) 226300 208200 145800 158400
Al (mg/kg) n.a. n.a. 20340 n.a.
SO4 (mg/kg) 559700 449200 495000 591200

weight loss experiments
weight loss (wt %) 67.44±0.10(6) 69.92±0.16(6) 73.84±0.11(7) 77.26±0.08(5)
initial weight (mg) 10.65–11.85 11.80–19.35 14.24–19.09 12.50–18.22

formula Fe2(SO4)3(H2O)5.03 Fe4.78(SO4)6 (Fe1.47Al0.53)(SO4)3 (H3O)1.34Fe(SO4)2.17
(OH)2.34(H2O)20.71 (H2O)9.65 (H2O)3.06

Mr (g/mol) 490.50 1256.22 558.43 344.92
*for the concentration of minor and trace elements, see Table 9

Table 9. Concentration of minor and trace elements in the coquimbi-
te sample. Major element concentration is given in Table 5. The con-
centration of any element listed does not exceed 0.01 atoms per for-
mula unit of coquimbite in Table 8.

analyte mg/kg analyte mg/kg analyte mg/kg

As 308 Cr 3 Ni 41
B 31 Cu 331 Pb 11
Ba < 0.8 K 151 Si as SiO2 < 56
Be < 1 Li < 2 Se < 28
Ca 60 Mg 232 Sr < 0.7
Cd 10 Mn 33 V < 5
Co 6 Na < 57 Zn 761

Our results agree very well with previous single crystal
work of Fang & Robinson (1970).

Ferricopiapite, Fe2(SO4)3(H2O)5, and rhomboclase were
analyzed for FeII, total Fe, and SO4 content (Table 8). Be-
cause of its natural origin, coquimbite was also analyzed for
Al (Table 8) and a number of minor and trace elements (Ta-
ble 9). None of these elements is present in a sufficient con-
centration to affect the results of the calorimetric measure-
ments. The results of the weight-loss experiments (Table 8)
give the total volatile content of the samples. EDS analyses
of the products of the weight-loss experiments show only Fe
(and Al for coquimbite), indicating that sulfur has been
completely expelled from the samples upon heating.

The formulae used in the calorimetric cycle and thermo-
dynamic analysis are based on the chemical analyses and
weight loss experiments, and are constrained by the condi-
tion of charge balance. The chemical composition of the
phase Fe2(SO4)3(H2O)5 corresponds very closely to its
nominal composition (Table 8; see also Majzlan et al.,
2005a). The chemical composition of the natural coquim-
bite deviates significantly from the nominal formula
Fe2(SO4)3(H2O)9 because of an appreciable concentration of
Al on the 2b site (Table 4). Similar preference of Fe and Al
for crystallographic sites in coquimbite was reported by
Fang & Robinson (1970). The Al/(Al+Fe) ratio in the co-
quimbite sample is 0.225, based on chemical analysis, and
0.265, based on XRD refinement. Because the impurity
phase in the coquimbite sample is unknown and may con-

tain aluminum, preference was given to the Al/(Al+Fe) ratio
calculated from XRD data. The calculated formula for
rhomboclase (Table 8) indicates excess sulfuric acid, when
compared to the ideal formula. Excess sulfate and protons
might conceivably be stored in the interlayer portion of the
rhomboclase structure. The existence of free sulfuric acid
trapped between the particles in the sample is improbable
for two reasons. First, the particles were large, visible by un-
aided eye, and carefully dried after the synthesis. Unlike
powders made of small particles, this sample did not appear
to be able to hold liquid in the interstices. Second, sulfuric
acid dissolves in water with the release of very large amount
of heat whichwould swamp themeasured solution enthalpy.
No such effect was observed. The calculated and ideal for-
mulae for ferricopiapite (Table 8) also differ slightly. As ex-
pected (cf. Fanfani et al., 1973), the 1a position in the ferri-
copiapite structure is not fully occupied. Similarly as for co-
quimbite, preference was given to wet chemical data over
XRD results, when calculating the formula of ferricopiapite.

All FeIII sulfates are sensitive to ambient temperature and
humidity, and may be altered to a different phase when they
are outside of their stability field. Because these stability
fields are either unknown or known only approximately
(Waller, 1992), we stored all FeIII sulfates in a controlled en-
vironment (295 K, 55 % relative humidity) and checked
them periodically to detect any signs of decomposition.
XRD and weight loss experiments of all studied FeIII sul-
fates were performed daily for the duration of the experi-
ments. No changes were observed for any of the studied
phases by either technique.

Thermodynamics of the reference materials

Because enthalpy has no absolute scale, the enthalpy-of-so-
lutionmeasurementsmust be performedwith respect to a set
of reference compounds. These compounds should be well
studied, well behaved in calorimetric experiments, and easi-
ly handled. Anhydrous Fe2(SO4)3 was not used a reference
compound because of difficult handling owing to its hygro-
scopic nature and sluggish dissolution in acid. Sulfuric acid,
used in some previous studies (e.g., Ko & Daut, 1980), was
not used because our calorimeter has been optimized for en-
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thalpy measurements on solid samples and measurements
on liquids are not currently possible. The reference com-
pounds selected for this study are [ -MgSO4, MgO (pericla-
se), * -FeOOH (lepidocrocite), and liquidH2O. The enthalpy
of formation of MgO is well constrained by oxygen-bomb
calorimetry and HCl-solution calorimetry (see Chase,
1998), and further refined by combination of thermodynam-
ic data and numerous phase-equilibria studies (Berman,
1988). Thermochemistry of [ -MgSO4 was studied by Ko &
Daut (1980) who, for the first time, investigated [ - and q -
MgSO4 separately. The enthalpy of formation of lepidocro-
cite was measured and evaluated within the system Fe2O3-
H2O by Majzlan et al. (2003). Enthalpy of formation of liq-
uid water has been a subject of numerous studies (Chase,
1998) and is well known. In addition, the enthalpy of water
dissolution (i.e., dilution) has been tabulated over a range of
temperatures and HCl concentrations (van Nyus, 1943;
Parker, 1965). Therefore, the enthalpy of dissolution of H2O
(i.e., enthalpy of dilution) has not been measured experi-
mentally, but was calculated from these sources.

Thermodynamics of the ferric sulfates

Enthalpy

The dissolution enthalpies of FeIII sulfates and the reference
phases were measured to calculate the enthalpy change of
reactions 10–13 (see Table 10) via a thermochemical cycle.
Enthalpy changes of reactions 10–13 can be calculated from
experimental data ( 2 H1- 2 H9, Table 10) using the Hess’ law
which states that the heat evolved or absorbed in a chemical
process is the samewhether the process takes place in one or
in several steps. The equations for 2 H10- 2 H13 in terms of

Table 10. Thermochemical cycle for the studied sulfates. Abbreviations: cr = crystalline solid; l = liquid; aq = aqueous species; g = gas.

reaction number and reaction

1 H2O (l) = H2O (aq)
2 * -FeOOH (cr) + 3H+ (aq) = Fe3+ (aq) + 2H2O (aq)
3 [ -MgSO4 (cr) = Mg2+ (aq) + SO4

2- (aq)
4 MgO (cr) + 2H+ (aq) = Mg2+ (aq) + H2O (aq)
5 Al2(SO4)3 (cr) = 2Al3+ (aq) + 3SO4

2- (aq)
6 (H3O)1.34Fe(SO4)2.17(H2O)3.06 = Fe3+ (aq) + 2.17SO4

2- (aq) + 1.34H+ (aq) + 4.4H2O (aq)
7 Fe2(SO4)3(H2O)5.03 = 2Fe3+ (aq) + 3SO4

2- (aq) + 5.03H2O (aq)
8 Fe4.78(SO4)6(OH)2.34(H2O)20.71 + 2.34H+ = 4.78Fe3+ (aq) + 6SO4

2- (aq) + 23.05H2O (aq)
9 Fe1.47Al0.53(SO4)3(H2O)9.65 = 1.47Fe3+ (aq) + 0.53Al3+ (aq) + 3SO4

2- (aq) + 9.65H2O (aq)
10 (H3O)1.34Fe(SO4)2.17(H2O)3.06(cr) + 2.17MgO(cr) = * -FeOOH(cr) + 2.17 [ -MgSO4(cr) + 4.57H2O (l)
11 Fe2(SO4)3(H2O)5.03(cr) + 3MgO(cr) = 2 * -FeOOH(cr) + 3 [ -MgSO4(cr) + 4.03H2O (l)
12 Fe4.78(SO4)6(OH)2.34(H2O)20.71(cr) + 6MgO(cr) = 4.78 * -FeOOH(cr) + 6 [ -MgSO4(cr) + 19.49H2O (l)
13 Fe1.47Al0.53(SO4)3(H2O)9.65(cr) + 2.205MgO(cr) = 1.47 * -FeOOH(cr) + 2.205 [ -MgSO4(cr) + 0.265Al2(SO4)3(cr) + 8.915H2O (l)
14 H2 (g) + 1/2O2 (g) = H2O (l)
15 Fe (cr) + O2 (g) + 1/2H2 (g) = * -FeOOH (cr)
16 Mg (cr) + S (cr) + 2O2 (g) = [ -MgSO4 (cr)
17 Mg (cr) + 1/2O2 (g) = MgO (cr)
18 2Al (cr) + 3S (cr) + 6O2 (g) = Al2(SO4)3 (cr)
19 Fe (cr) + 2.17S (cr) + 6.54O2 (g) + 5.07H2 (g) = (H3O)1.34Fe(SO4)2.17(H2O)3.06 (cr)
20 2Fe (cr) + 3S (cr) + 8.515O2 (g) + 5.03H2 (g) = Fe2(SO4)3(H2O)5.03 (cr)
21 4.78Fe (cr) + 6S (cr) + 23.525O2 (g) + 21.88H2 (g) = Fe4.78(SO4)6(OH)2.34(H2O)20.71 (cr)
22 1.47Fe (cr) + 0.53Al (cr) + 3S (cr) + 10.825O2 (g) + 9.65H2 (g) = Fe1.47Al0.53(SO4)3(H2O)9.65 (cr)

2 H1- 2 H9 are given in Table 11. Using 2 H10- 2 H13 and the
formation enthalpies of the reference phases ( 2 H14- 2 H18,
Tables 10 and 11), one may use Hess’ law again to construct
another set of thermochemical cycles, and to calculate the
formation enthalpies of the studied FeIII sulfates ( 2 H19-
2 H22) from elements at T = 298.15 K. The corresponding
equations are also listed in Table 11. The standard state of el-
ements in this study are solid crystalline Fe, Al, and S (or-
thorhombic), and ideal gases O2 and H2.

The enthalpy of dissolution of periclase ( 2 H4) and FeIII

sulfates ( 2 H6- 2 H9) was measured sequentially. A fresh
batch of solvent was used to measure sequentially the disso-
lution enthalpy of [ -MgSO4 ( 2 H3) and * -FeOOH ( 2 H2). A
small amount of water, necessary to balance the equation,
was added to the solvent before the dissolution of [ -MgSO4
and * -FeOOH. For the experiments with coquimbite,
Al2(SO4)3 was dissolved ( 2 H5) after addition of appropriate
amounts of H2O, MgSO4, and FeOOH to the solvent. The
enthalpy of dilution ( 2 H1) was calculated from the tables of
Parker (1965).

The uncertainties of the measured data are reported as
two standard deviations of the mean, and are propagated by
a standard procedure (Taylor, 1982, p. 73). If a calculated
enthalpy change 2 Hcalc is a function of mmeasured enthal-
pies 2 H1, 2 H2, …, 2 Hm-1, 2 Hm, such that

2 Hcalc = ˆ 1 2 H1 + ˆ 2 2 H2 + … + ˆ m-1 2 Hm-1 + ˆ m 2 Hm

where the ˆ 1, ˆ 2, …, ˆ m are the stoichiometric coefficients,
then the uncertainty c ( 2 Hcalc) is

where c ( 2 H1), c ( 2 H2),… are the uncertainties on themeasured val-
ues 2 H1, 2 H2, …, respectively.
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Table 11. Measured and calculated enthalpies (in kJ/mol). For reac-
tions, refer to Table 10.

reaction enthalpy

2 H1 = 2 Hdilution = –0.40 (calculated from Parker (1965))
2 H2 = 2 Hdissolution( * -FeOOH) = –46.15*±0.23†(10)‡

2 H3 = 2 Hdissolution( [ -MgSO4) = –53.50±0.48(7)
2 H4 = 2 Hdissolution(MgO) = –149.68±0.60(9)
2 H5 = 2 Hdissolution(Al2(SO4)3) = –232.34±2.01(7)
2 H6 = 2 Hdissolution(rhomboclase) = 15.07±0.16(7)
2 H7 = 2 Hdissolution(Fe2(SO4)3(H2O)5.03) = –1.79±0.45(4)
2 H8 = 2 Hdissolution(ferricopiapite) = 74.20±0.22(5)
2 H9 = 2 Hdissolution(coquimbite) = 34.58±0.58(5)
2 H10 = 4.57 2 H1 + 2 H2 + 2.17 2 H3 – 2.17 2 H4 – 2 H6

= 145.6±1.7§

2 H11 = 4.03 2 H1 + 2 2 H2 + 3 2 H3 –3 2 H4 – 2 H7

= 196.4±2.4§

2 H12 = 19.49 2 H1 + 4.78 2 H2 + 6 2 H3 – 6 2 H4 – 2 H8 = 274.5±4.7§

2 H13 = 8.915 2 H1 + 1.47 2 H2 + 2.205 2 H3 – 2.205 2 H4

+ 0.265 2 H5 – 2 H9 = 44.5±1.9§

2 H14 = 2 H
o
f(water) = –285.8±0.1 (Robie & Hemingway, 1995)

2 H15 = 2 H
o
f( * -FeOOH) = –549.4±1.4 (Majzlan et al., 2003)

2 H16 = 2 H
o
f( [ -MgSO4) = –1288.8±0.5 (DeKock, 1986)

2 H17 = 2 H
o
f(MgO) = –601.6±0.3 (Robie & Hemingway, 1995)

2 H18 = 2 H
o
f(Al2(SO4)3) = –3441.8±1.8 (Robie & Hemingway, 1995)

2 H19 = 2 H
o
f(rhomboclase) = 2 H10 + 4.57 2 H14 + 2 H15 + 2.17 2 H16

–2.17 2 H17 = –3201.1±2.6§

2 H20 = 2 H
o
f(Fe2(SO4)3(H2O)5.03) = 2 H11 + 4.03 2 H14 + 2 2 H15 + 3 2 H16

– 3 2 H17 = –4115.8±4.1§

2 H21 = 2 H
o
f(ferricopiapite) = 2 H12 + 19.49 2 H14 + 4.78 2 H15 + 6 2 H16

– 6 2 H17 = –12045.1±9.2§

2 H22 = 2 H
o
f(coquimbite) = 2 H13 + 8.915 2 H14 + 1.47 2 H15

+ 2.205 2 H16 – 2.205 2 H17 + 0.265 2 H18 = –5738.4±3.3§

* mean
† two standard deviations of the mean
‡ number of measurements
§ error propagated as described by Taylor (1982; see text)

Entropy

Entropy is a thermodynamic quantity that has been estimat-
ed in a number of studies withmuch greater success than en-
thalpy (see Nordstrom & Munoz, 1994, p. 352–357). Since
entropy of the investigated FeIII sulfates has not been mea-
sured, we had to estimate the values. The simplest method
for entropy estimation is expressed by the equation

S = 7 ˆ iSi (1)

meaning that the entropy to be determined (S) is a simple
sum of entropies of suitably chosen components (Si) (Lati-
mer, 1952). The variable ˆ i is the stoichiometric coefficient
of the component i. The selected components may be ele-
ments, ions, oxides, or more complicated chemical entities.
The method was later modified by Fyfe et al. (1958) to

S = 7 ˆ iSi + k(V – 7 ˆ iVi) (2)

where V is the molar volume of the phase whose entropy is
to be determined and Vi’s are the molar volumes of the com-
ponents. The modification aims to account for the volume
changes between the phase whose entropy is being estimat-

Table 12. Components used in estimation of entropy (see text). En-
tropy of MgO, MgSO4, Mg(OH)2, and Al2(SO4)3 taken from Robie
& Hemingway (1995). Entropy of Fe2(SO4)3 taken from Majzlan et
al. (2005b). Molar volume of Mg(OH)

2
from Robie & Hemingway

(1995); those of MgO, MgSO4, and Al2(SO4)3 calculated from the
structural data in Table 1; that of Fe2(SO4)3 from Majzlan et al.
(2005b).

component So (J/mol·K) Vo (cm3/mol)

MgO 26.9±0.2 11.24
Mg(OH)2 63.2±0.1 24.63
MgSO4 91.4±0.8 39.75
Fe2(SO4)3 305.6±0.6 123.94
Al2(SO4)3 239.2±1.2 119.90

ed and the sum of the components. Holland (1989) used eq.
(2) to review entropy data for a number of silicates and to
determine the value of k = 1.00.

The components chosen for entropy estimation proce-
dure in this study are listed in Table 12. The stoichiometric
coefficients ˆ i are in Table 13. The component Fe2(SO4)3
was chosen because

(1) the coordination of Fe and S in Fe2(SO4)3 are identical
to those in the studied FeIII sulfates. Holland (1989) showed

that an ionic component (e.g., FeIII) should be assigned dif-
ferent entropy values if it occurs in variable coordination en-
vironment. Therefore, a choice of component with identical
coordination geometries for all ions is important.

(2) in addition to the vibrational (lattice) entropy, this
component accounts fully for the magnetic entropy of all
studied FeIII sulfates. The number of FeIII ions in the
Fe2(SO4)3 component and the FeIII sulfates is precisely
matched (see Table 13).

The components MgO, Mg(OH)2, and MgSO4 were cho-
sen because

(1) they can account for H2O and possible excess (SO4)
groups that cannot be matched by the Fe2(SO4)3 component.
These components are much more suitable than oxide com-
ponents H2O and SO3. Both H2O and SO3 are fictive compo-
nents, as they are not solids at T = 298.15 K, and their entro-
py and volume would have to be estimated first. Such a pro-
cedure (for H2O) has been presented for silicates by Holland
(1989) who, however, noticed that “H2O was the most diffi-
cult parameter to define”. The significantly smaller data-
base for sulfates makes us question the validity of any entro-
py and volume estimates for the fictive H2O and SO3 com-
ponents.

(2) MgII in all three components is in identical (octahe-
dral) coordination, and therefore can be cancelled out with-
out any additional corrections.

The component Al2(SO4)3 was chosen because the octa-
hedral coordination of AlIII and tetrahedral coordination in
the sulfate molecule match the coordination geometries in
coquimbite.

Entropy values estimated using both equation 1 and 2 are
given in Table 14. Because the value of k= 1.00was estimat-
ed by regression on data determined for silicates (Holland,
1989), the following text and calculations use the entropy
values estimating by equation 1.
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Stability of FeIII sulfates

Themeasured formation enthalpy, estimated entropy, and cal-
culated Gibbs free energy for the studied sulfates are summa-
rized in Table 14. These values can be used to calculate phase
diagrams and to predict the existence or absence of these min-
erals in natural assemblages at specified conditions. However,
such calculations are difficult at the moment because avail-
able data on other Fe-sulfate phases remain too sparse and
models of concentrated aqueous solutions are incomplete.
Measured thermodynamic values for the FeIII sulfate minerals
are limited to those presented in this study and jarosite group
minerals (Stoffregen, 1993; Baron & Palmer, 1996; Majzlan
et al., 2004). Jerz & Rimstidt (2003) constructed approximate
phase diagram for a paragenesis of FeII-FeIII sulfates and ox-
ides based on field observations. Paragenetic relationships
among Fe sulfates at Iron Mountain have been described by
Alpers et al. (1994, 2003), Nordstrom & Alpers (1999b), and
Jambor et al. (2000). Jamieson et al. (2005) determined that
magnesiocopiapite is stable at lower pH than hydronium jaro-
site, based on stoichiometry and field relations. Thermody-
namics of the hydrated FeII sulfates have been studied in
greater detail than the FeIII sulfates (Parker & Khodakovskii,
1995; Chou et al., 2002). The phase equilibria among the FeIII

sulfates and coexisting solutions are not well established. At
room temperature, Baskerville & Cameron (1935) approxi-
mately delineated the stability fields of ferricopiapite, rhom-
boclase, and probably also kornelite and coquimbite. Posnjak
& Merwin (1922) presented the results of similar investiga-
tions at temperatures & 323 K, and Merwin & Posnjak (1937)
estimated the phase relationships at 303–313 K based on field
observations. The sequence of stability of FeIII sulfates with
an increasing component of sulfuric acid at 323 K can be in-
ferred from the phase diagram of Posnjak & Merwin (1922).
The sequence is goethite – hydronium jarosite – butlerite –
ferricopiapite – kornelite – rhomboclase – (H3O)Fe(SO4)2.

Table 13. Stoichiometric coefficients ( ˆ i’s in equations 1 and 2) for components for estimation of entropy for FeIII sulfates. The formulae of
rhomboclase, ferricopiapite, and coquimbite are given in Table 8.

component rhomboclase Fe2(SO4)3(H2O)5.03 ferricopiapite coquimbite

MgO –5.74 –5.03 –20.71 –9.65
Mg(OH)2 +5.07 +5.03 +21.88 +9.65
MgSO4 +0.67 0 –1.17 0
Fe2(SO4)3 +0.50 +1.00 +2.39 +0.735
Al2(SO4)3 0 0 0 +0.265

Table 14. Summary of thermodynamic properties of the studied Fe sulfate samples. The formulae of rhomboclase, ferricopiapite, and coquim-
bite are given in Table 5. All thermodynamic quantities are given per one mole of the composition in Table 8.

quantity/phase Fe2(SO4)3(H2O)5.03 coquimbite ferricopiapite rhomboclase

2 Ho
f (kJ/mol) –4115.8±4.1 –5738.4±3.3 –12045.1±9.2 –3201.1±2.6

So (J/mol·K)* 488.2 638.3 1449.2 380.1
So (J/mol·K)† 493.6 651.5 1468.2 376.3
2 So

f (J/mol·K)‡ –2066.3 –2994.5 –6558.0 –1720.8
2 Go

f (kJ/mol)‡ –3499.7±4.2 –4845.6±3.3 –10089.8±9.3 –2688.0±2.7
Vo (cm3/mol) 196.72 265.32 574.84 145.24
* estimated from equation 1 and data in Tables 9 and 10
† estimated from equation 2 and data in Tables 9 and 10
‡ calculated with entropy values estimated from equation 1

Activity of water and mean activity coefficients for
Fe2(SO4)3 have been measured in a range of Fe2(SO4)3–
H2SO4–H2O solutions (Majima & Awakura, 1985, 1986).
Specific ion interaction (Pitzer) model coefficients are
available for the FeII-SO4 solutions (Reardon & Beckie,
1987; Pitzer, 1991), and similar work for the FeIII-SO4 solu-
tions has appeared only recently (Christov, 2004; Rumyant-
sev et al., 2004).

A phase diagram based on the data presented in this contri-
bution is shown in Fig. 1. The presented phase diagram should
be considered only as preliminary and schematic because the
aqueous speciation is such concentrated solutions could not
be taken fully into account. Namely, the problem is the posi-
tion of the predominance boundary of the (SO4)

2-–(HSO4)
–.

Dickson et al. (1990) showed that the two sulfur-
bearing species occur at equal concentrations in concentrated
solutions at T = 298.15 K at pH ~1. However, unless the
position of the boundary is known precisely, and the activity
coefficients of both species can be calculated, the phase dia-
gram will show discontinuities at the arbitrarily selected pre-
dominance boundary. Therefore, the entire diagram (Fig. 1) is
calculated with (SO4)

2- as the only aqueous sulfur-bearing
species. Assuming the predominance boundary at pH = 1, the
boundaries of the stability fields for ferricopiapite-hydronium
jarosite (pH = 1.06) and hydronium jarosite-goethite (pH =
1.60) are the stable boundaries for the activities of sulfate and
water specified in Fig. 1. However, the boundary between fer-
ricopiapite-rhomboclase (pH = –0.05) is metastable. If the
boundary is calculated for HSO4

- as the predominant species,
assuming that aSO42- = aHSO4-, it will shift to pH = –2.08. All
boundaries that lie left to the selected (SO4

2-)-HSO4
- predomi-

nance boundary at pH = 1 are thenmetastable extensions from
the field of SO4

2- predominance into the field of HSO4
- pre-

dominance. This phase diagram certainly can be, and will be,
improved as more thermodynamic data become available and
additional complexity is included into its construction.
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Fig. 1. Phase diagram showing the stability fields of some FeIII and
FeII sulfates and pyrite as a function of pH and p 5 . Abbreviations of
phases: rhom = rhomboclase, H3O jar = hydronium jarosite. Ther-
modynamic data for hydronium jarosite taken from Majzlan et al.
(2004); those for goethite from Majzlan et al. (2003); those for me-
lanterite from Parker & Khodakovskii (1995), those for pyrite from
Robie & Hemingway (1995), those for (SO4)

2- from Nordstrom &
Munoz (1994). Limitations of this phase diagrams are discussed in
the text.

Despite the limitations outlined above, and other limita-
tions of p 5 -pH diagrams (see Nordstrom & Munoz, 1994),
the order of stability of ferric sulfate minerals with decreas-
ing pH (hydronium jarosite, ferricopiapite, and rhombocla-
se, see Fig. 1) agrees with the order determined experimen-
tally by Posnjak&Merwin (1922) and Baskerville &Came-
ron (1935). The diagram is also in agreement with field ob-
servations of Nordstrom & Alpers (1999b) who found
rhomboclase coexisting with fluids with pH of –2.5 and
–3.6, albeit at slightly elevated temperatures (315–319 K)
and high concentration of metals other than Fe. Jamieson et
al. (2005) determined the pH of fluid coexisting with ma-
gnesiocopiapite as –0.9; no data are available regarding the
pH of aqueous solution coexisting with ferricopiapite.

Our current thermodynamic description of concentrated
acid mine drainage systems and associated efflorescent sul-
fate salts is fragmentary at best, and more work is needed to
fill the gaps and combine the known information into a com-
prehensive model. The future steps, which could signifi-
cantly aid the understanding of these systems from a ther-
modynamic point of view, include experimental determina-
tion of enthalpies and entropies for additional sulfates, com-
bination of such data with the ion-interaction models for
FeII–FeIII–SO4, and comparison of the phase diagrams with
experimental syntheses and field observations. Work along
these lines is in progress.
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