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Abstract

The speciation and thermodynamic properties of ferric chloride complexes in hydrothermal solutions and hypersaline brines are
still poorly understood, despite the importance of this element as a micronutrient and ore-component. Available experimental data
are limited to room temperature and relatively low chloride concentrations. This paper reports results of UV—Vis spectrophotometric
and synchrotron XAFS experiments of ferric chloride complexes in chloride concentrations up to 15 m and at temperatures of
25-90 °C. Qualitative interpretation of the UV—Vis spectra shows that FeClH, FeCl3, FeCls(aq) and FeCly were present in the
experimental solutions. As chloride concentrations increase, higher ligand number complexes become important with FeCly
predominating in solutions containing more than 10 m at 25 °C. The predominance fields of FeCls(,q) and FeCl, expand to lower CI
concentrations with increasing 7. Both XANES and UV—Vis spectra reveal a major change in the geometry of the complex between
FeCl} and FeClz(aq)- EXAFS data confirm that the number of chloride ligands increases with increasing chloride concentration and
show that Fe’”, FeCI*" and FeCl; share an octahedral geometry. FeCls,q could be either tetrahedral or trigonal dipyramidal, while
FeCly is expected to be tetrahedral. EXAFS data support a tetrahedral geometry for FeCly, especially at 90 °C, but do not allow to
distinguish between a tetrahedral or trigonal dipyramidal geometry for FeCls,q) because of similar Fe—Cl distances. At room
temperature, EXAFS data suggest that FeCls(,q) may be a mixture of octahedral and tetrahedral or trigonal dipyramidal forms.

The room temperature formation constants for three ferric chloride complexes (FeClZ, FeCls(aq) and FeCly) determined from the
UV data are generally in good agreement with previous studies. Calculations based on the properties extrapolated to 300 °C show that
hematite solubility is much higher than previously estimated, and that the high orders complexes FeCls(,q) and FeCl, are important at
high temperatures even in solutions with low chloride concentrations. The accuracy of these properties is limited by a poor
understanding of activity—composition relationships in concentrated electrolytes, and by limitations in the available experimental
techniques and extrapolation algorithms; however, the inclusion of higher order complexes in numerical models of ore transport and
deposition allows for a more accurate qualitative prediction of Fe behaviour in hydrothermal and hypersaline systems.
© 2006 Elsevier B.V. All rights reserved.
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1. Introduction

Iron is an important element in major and
accessory minerals found in hydrothermal ore deposits
that form over conditions ranging from diagenetic to
exhalative to magmatic hydrothermal. Fe exists in
minerals as Fe?" (e.g., pyrite), Fe’ (e.g., hematite) or
in mixed valence states (e.g., magnetite). Fe is also an
essential oligo-element controlling biomass in surface
and ground waters (e.g., Millero et al., 1995). Many
hydrothermal waters, as well as some shallow ground
waters (e.g., playa lakes; semi-arid Australia, Peck and
Hatton, 2003) contain salt concentrations much higher
than that of seawater (>>0.6 m). Under acid drainage
conditions, the concentration of Fe(Ill) operates a
first order control on the rate of the acid production,
Fe(Ill) acting as a catalyst to promote the oxidation
of sulfide minerals. Hence, understanding the nature
and stability of Fe(Ill)-chloro complexes over a wide
range of chloride concentration and temperature is
important for predicting Fe transport in ore-forming
systems, and also its bioavailability in hypersaline
environments.

Despite numerous studies on the nature and stability
of ferric chloride complexes conducted using a variety
of techniques including ultra-violet—visible (UV—Vis)
and Raman spectroscopy, potentiometry, calorimetry
and X-ray absorption fine structure spectrometry
(XAFS) (e.g., Moller, 1937; Rabinowitch and Stock-
mayer, 1942; Friedman, 1952; Gamlen and Jordan,
1953; Marcus, 1960; Woods et al., 1962; Heistand and
Clearfield, 1963; Rowley and Sutin, 1970; Rao and Rao,
1971; Byme and Kester, 1976; Strahm et al., 1979;
Byrne and Kester, 1981; Apted et al., 1985; Murata et
al., 1989; Brubaker and Peterson, 1989; Millero et al.,
1995; Inada and Funahashi, 1999; Tagirov et al., 2000),
the speciation and standard thermodynamic properties
of ferric chloride complexes in hypersaline solutions
are still poorly understood. In acidic aqueous solution,
Fe(1II) exists as the hexa-aquo complex, [Fe(OH,)q]*",
an ion with octahedral geometry (e.g., Harris et al.,
1997). As the chloride concentration is increased,
substitution of H,O ligands by Cl™ ions results in the
formation of a number of Fe(IlI)-chloro complexes. At
sufficiently high chloride concentration, Raman and
EXAFS (extended X-ray absorption fine structure)
studies indicate that the geometry of the complex
changes from octahedral to tetrahedral (Apted et al.,
1985; Murata et al., 1989). Spectrophotometric studies
of ferrous chloride complexes indicate similar octahe-
dral to tetrahedral transition at high salinity (Susak and
Crerar, 1985; Zhao and Pan, 2001).

Most previous experiments report the formation
constants of the FeCI*" and/or FeCl; complexes at
ionic strength greater than zero, but there are significant
discrepancies even at given ionic strengths (Moller,
1937; Rabinowitch and Stockmayer, 1942; Woods et al.,
1962; Rowley and Sutin, 1970; Rao and Rao, 1971;
Strahm et al., 1979; Byrne and Kester, 1981; Brubaker
and Peterson, 1989; Inada and Funahashi, 1999).
Another limitation of many pre-1980 studies is that
they usually assumed that only one ferric chloride
complex was present in the sample solution at a
particular chloride concentration and ionic strength
when fitting the experimental data. This ignored the
possible co-existence of other complexes and probably
affected the accuracy of the calculated equilibrium
constants. Recently, Tagirov et al. (2000) reported
standard state thermodynamic properties of FeCl**
from 25 to 90 °C measured using a non-isothermal
electrochemical technique; however, no reliable and
consistent thermodynamic properties for higher order
chloro complexes, i.e., FeCl3, FeCl3(aq) and FeCly are
available. A few studies have reported formation
constants of FeCl3 and FeCls(aq), but they are in poor
agreement. To the authors’ knowledge only two studies
provided equilibrium constants for aqueous FeCl, at
25 °C (Gamlen and Jordan, 1953; Marcus, 1960),
although a Raman study by Murata et al. (1989)
suggested that tetrahedral FeCl, predominates at
300 °C in solutions with chloride concentration greater
than 3 m.

In the past two decades, geologists and geochemists
have developed databases of thermodynamic properties
of minerals and aqueous species, aimed at modelling
chemical processes in geological systems, e.g., the
Lawrence Livermore National Laboratory and UNI-
THERM databases (Wolery, 1992; Shvarov and Bas-
trakov, 1999, respectively). Due to the lack of
thermodynamic data, these databases do not contain
high temperature properties of FeCls(,q) and FeCly, two
complexes that are likely to be important in oxidised
saline solutions at elevated temperature and pressures.

The study of metal speciation in hypersaline brines is
difficult due to several theoretical and practical factors.
On the one hand, activity—composition relationships for
trace elements in hypersaline solutions are poorly
understood (e.g., Helgeson and Kirkham, 1974),
which renders the quantitative interpretation of the
data difficult. On the other hand, most traditional
experimental techniques are difficult to apply to these
systems. For example, the high absorbance of x-rays by
the salt makes X-ray absorption measurements more
difficult, and high solubilities often limit the use of
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solubility experiments to relatively low salt concentra-
tions (e.g., Liu et al., 2001). In the case of Fe(Ill), it
should be possible to measure the solubility of hematite
up to high salinity, but previous hematite solubility
experiments up to 200 °C are inconsistent probably due
to non-equilibrium and/or formation of amorphous
coatings (Tagirov et al., 2000). This paper aims to
show that it is possible to obtain speciation models that
are consistent with information obtained by various
techniques despite our limited understanding of the
thermodynamics of trace elements in hypersaline
solutions. A better understanding of metal speciation
in hypersaline brines resulting from this type of study
will eventually serve as a basis for the further
development of the theoretical understanding of trace
metal speciation in brines. Specifically, this study
explores the use of UV spectrophotometric and
synchrotron XAFS experiments to identify important
ferric chloride complexes forming over a wide range of
chloride concentrations (up to 15 m) and temperatures
(25-90 °C). Based on the experimental data generated
from this and previous studies, a self-consistent set of
thermodynamic properties for Fe(Ill) chloride com-
plexes is presented, which can be used for modelling Fe
speciation and transport in near-surface waters and
oxidised hydrothermal systems.

This study involved an iterative process using all
available experimental evidence to construct a consis-
tent speciation model for Fe(Ill) chloride complexes in
dilute and highly concentrated brines. In this report, we
start by describing the UV-Vis spectrophotometric
experiments and their interpretation, as this method
provided the most complete insight into the nature and
stability of Fe(Ill) chloride complexes. This model is
then tested using X-ray Absorption Near Edge
Structure (XANES) and EXAFS spectroscopy.
EXAFS also provides further insight into the geometry
of the Fe(Ill) chloride complexes.

2. Experimental
2.1. Sample solutions

The sample solutions for both UV—Vis spectropho-
tometry and XAFS experiments were prepared gravi-
metrically from FeCl;-6H,0 (BDH AnalaR®), lithium
chloride (SigmaUltra®) and doubly deionized water
(Millipore Milli-Q). 0.1 m HCl was added to the
solutions to minimise the hydrolysis of iron(IIl). In
addition to the variable ionic strength measurements, the
UV-Vis spectra of 14 solutions containing variable
chloride concentrations (LiCl) but having a fixed

ionic strength of 11.6 m maintained with Li-triflate
(LiCF5S03) were also measured. The Li traflate
solutions were prepared with lithium hydroxide and
distilled triflate acid. The total chloride and iron
concentrations of the sample solutions used in the UV
spectrophotometry and synchrotron XAFS measure-
ments are listed in Tables 1 and 2, respectively.

2.2. UV=Vis spectrophotometry

Spectrophotometric measurements were carried out
using a Varian CARY® 5G UV-Vis-NIR instrument
equipped with a water-regulated temperature controller.
The sample solutions were placed in 1-cm rectangular

Table 1
Composition of sample solutions used in the measurement of UV
spectra

Fe (mm) Cltotal (m) Litotal (m) HCl(m) Triflate (m)
0.443 0.108 0.000 0.107 -
0.242 0.207 0.100 0.107 -
0.443 0.365 0.257 0.107 -
0.286 0.629 0.522 0.107 -
0.427 1.077 0.969 0.107 -
0.286 1.591 1.484 0.107 -
0.405 2.104 1.997 0.107 -
0.286 2.727 2.620 0.107 -
0.490 3.387 3.279 0.107 -
0.434 3.947 3.839 0.107 -
0.490 4.604 4.496 0.107 -
0.426 5.229 5.122 0.107 -
0.464 6.143 6.035 0.106 -
0.464 6.927 6.819 0.106 -
0.433 7.700 7.592 0.107 -
0.433 8.368 8.261 0.107 -
0.421 9.123 9.015 0.107 -
0.421 9.864 9.756 0.107 -
0.494 10.592 10.484 0.107 -
0.494 11.352 11.244 0.107 -
0.476 12.187 12.079 0.107 -
0.476 12.857 12.749 0.107 -
0.415 13.561 13.453 0.107 -
0.415 14.370 14.262 0.107 -
0.364 15.153 15.045 0.107 -
1.024 0.003 11.58 0 11.58
1.024 0.093 11.58 0.09 11.58
0.535 1.132 11.58 0.09 10.53
0.758 1.357 11.57 0.09 10.31
0.480 3.066 11.76 0.09 8.78
0.543 3.509 11.14 0.09 7.73
0.363 5.169 11.87 0.09 6.79
0.309 5.803 11.51 0.09 5.80
0.497 6.849 11.61 0.09 4.85
0.253 7.882 11.61 0.09 3.82
0.342 8.791 11.56 0.09 2.86
0.315 9.828 11.60 0.09 1.86
0.187 10.747 11.60 0.09 0.94
0.163 11.657 11.57 0.09 0.00
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Table 2
Composition of sample solutions used in XAFS experiments (all
solutions were acidified with 0.1 m HCI)

Solution no. T (°C) Feo (m) Clyoy (m) Liyo (m)
2 mli 90 0.35 3.33 2.18

8 mli 90 0.34 8.34 7.22
15 mli 90 0.36 14.38 13.2
0m 25 0.035 0.21 0

2m 25 0.033 2.47 227
5m 25 0.033 5.53 5.33
10 m 25 0.033 12.30 12.1

15 m 25 0.043 15.23 15.0

quartz cells sealed with a Teflon plug. For each solution,
the spectrum of a Fe-free blank solution containing the
same concentration of LiCl and HCIl was collected
before measuring the Fe-bearing solution. The baseline
spectra were subtracted from the spectra of the sample
solutions to correct for detector response and for
absorption of the cell and LiCl solutions. Absorbances
were measured at a 1-nm increment between 200 and
500 nm, and the absorbance range was typically
between 0 and 2.5 absorbance units. Spectra were
collected at temperatures of 25, 60 and 90 °C during the
heating cycle. For most solutions, spectra were also
collected during cooling. The difference between these
spectra was generally less than 0.002—0.005 absorbance
units, i.e., 0.2—0.5% when the absorbance unit is one,
which is within error of our analytical precision. This
indicates that there was no significant change in
dissolved Fe(IIT) concentration (e.g. due to a leak or to
precipitation of Fe-mineral) during heating and cooling
cycles.

2.3. XANES and EXAFS

Iron K-edge (7112 eV) XANES and EXAFS spectra
of Fe(Ill) in acidic chloride solutions containing up to
15 m LiCl were measured at 25 °C and 90 °C using the
beamline BL-20B (Australian National Beamline Facil-
ity, ANBF) at the Photon Factory, Japan. BL-20B is a
bending magnet beam-line equipped with a water-
cooled channel cut Si(111) monochromator, has a
horizontal acceptance angle of 2 mrad, and an energy
resolution (E/AE) of 2400. The beam size used was
2x 1 mm?. The incident beam intensity /, was measured
with an ionisation chamber using a N, fill gas at
atmospheric pressure. Data were measured in fluores-
cence mode with a Canberra GLO110S 10 element array
Ge solid-state detector and collected from 6900 to
7897 eV, using 10 eV steps from 6890 to 7090 eV,
0.25 eV steps from 7090 to 7150 eV, and an increasing E

step of 0.05-5.3 eV from 7150—7895 eV. The energy
scale was calibrated using the 1s—3d (pre-edge) peak,
which is located at 7113.5(1) eV in Fe(Ill) compounds
(Waychunas et al., 1986).

For measurements at 25 °C, the freshly prepared
solution was placed into a Teflon solution cell equipped
with Kapton windows. The cell to detector distance was
varied with changing solution concentration, such that
the total count measured at detector element 6 (one of
the most central detector elements) remained at a
relatively constant 60,000 counts per second. At
90 °C, a hydrothermal cell made from titanium (grade
2) and equipped with Kapton windows was used. The
cell was placed in a cylindrical aluminum block hosting
two cartridge heaters. The temperature was controlled
by a solid-state temperature controller to a precision of
+1 °C.

3. Interpretation of UV-Vis spectrophotometric
experiments

Solution UV—Vis-NIR spectrophotometry measures
the electronic transitions between orbitals of soluble
molecules and ions and therefore provides information
about the electronic structure of the complex, e.g., the
oxidation state of the metal, the geometry of the
complex, and the nature of the ligands. The intensity
of electronic transitions (molar absorbance) occurring
in the 200-500 nm region for the Fe(Ill)-chloride
system indicates that the bands originate from ligand
to metal (L—Fe(Ill)) charge transfer transitions,
although in the higher energy UV region there may
also be contributions from charge transfer transitions to
the solvent.

The quantitative interpretation of UV—Vis spectra is
based on the Beer-Lambert law, which relates the
absorbance (4) at a given wavelength (1) to the molar
absorptivities (g, ;) and the molar concentrations (M) of
each of the i absorbing species present in solution:

A;=1Y " Mg, (1)
i=1

where 7 is the number of the absorbing species and / is
the path length of the cell. Deviations from the Beer-
Lambert law at high salinity are expected due to the
influence of the dielectric constant (or refractive index)
of the medium on the absorption of light by a particular
complex (Clifford and Crawford, 1966). This effect
produces a 4% increase in molar absorptivity for a species
in pure H,O and in 10 m LiCl at 589 nm (data from Lide,
2003). Deviations from the Beer-Lambert law are also
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expected because changes in the electronic structure of
the complex can be induced by changes in the structure
of the solvent and in the outer coordination shells of the
complex (i.e., variations in ion association). For
example, a contraction of the coordination shell by
0.1 A is observed for the hydrated Ag’ ion as
temperature increases from 25 °C to 350 °C (Seward
et al.,, 1996). These complex effects are difficult to
quantify, but indirect evidence suggest that these effects
are small for the Fe(Ill)-chloride system under investi-
gation. Firstly, FeCl; ™ is the predominant and only Fe(IT)
species present above ~ 12 m LiCl at 100 °C (Zhao and
Pan, 2001). Hence, the UV—Vis spectrum of Fe(Il)-
chloride solutions is not expected to change at salinities
above 12 m if the Beer-Lambert law is strictly valid.
Zhao and Pan (2001) observed a small but significant
change of +2% in the molar absorptivity coefficient of
the solution over the peak at 37,500 cm™ '. The reported
variation appears to vary in a non-linear fashion with
salt concentration. Secondly, Bjerrum et al. (1975) note
that the spectra for CoCl3 ™ are very similar (within 2%)
in LiCl and HCI solutions, despite the different
compositions of the solutions, which is very likely to
cause variations in ionic association.

Experiments conducted at fixed ionic strength are
commonly used to study speciation in concentrated
electrolyte solutions, following the assumption that
activity coefficients are dependant upon the ionic
strength only. This type of experiment does not remove
the fundamental physical problems (such as the effects
of refractive index, structure of the solvent and ion
association on the validity of Beer-Lambert law) and
they introduce complications in ion association, e.g.,
Li"...Cl” vs. Li"...O3SCF5. These variations in ionic
association will lead to changes in the activity of the
ions present. As a consequence, ion pairing between
anionic species and even neutral species (e.g., FeCl, and
FeCls(,q) of interest here) and Li* will be affected and
the variations in the relative concentration of the two
anions, CI™ and CF3SOj3 will affect interactions between
these anions and cationic Fe—Cl species (e.g., FeCI**
and FeCl3). These factors can influence the spectrum of
the species present in solution.

The variable ionic strength experiments favoured
here have the advantage of leading to thermodynamic
properties for Fe(IlI)-Cl complexes that are consistent
with the results obtained at low ionic strength while
allowing the estimation of the solution compositions at
high salt concentration. The properties can be used in
most common geochemical modelling packages with no
or little modification. Such thermodynamic properties
are difficult to obtain from single ionic strength data. A

set of experiments conducted at a fixed ionic strength
of 11.6 m show that the speciation is qualitatively
similar under conditions of varying and fixed ionic
strengths.

Hence, for the quantitative interpretation, we use the
varying ionic strength experiments and assume that
deviations from Beer-Lambert law at high salinity can
be neglected in the case of the Fe(Ill)-chloro complexes
under investigation. This means we assume that over the
range of predominance of a particular complex, the
Beer-Lambert law is obeyed, or at least the variation in
absorbance of the complex with concentration at a
particular wavelength is near-linear with salt concentra-
tion. The analysis would therefore return the average
spectrum for the species. The quantitative analysis
conducted here includes strong constraints regarding
variation of species concentration with increasing salt
concentration (mass action and mass balance con-
straints; see below). Hence, this analysis will treat
non-linear deviations from the Beer-Lambert law as
noise. Special care, however, should be taken for the
interpretation of speciation change at very high salinity,
where changes to the last predominant species may not
represent a new species.

Ultimately, the consistency of the speciation models
derived from the UV-Vis experiments (both under
varying and fixed ionic strength) with the results of the
XANES and EXAFS experiments offers the strongest
evidence about the validity of this approach. The
thermodynamic analysis used has the advantage to be
fully consistent with the common approach used for the
low salinity part of the system (<1 m). Thermodynamic
properties presented here for the species present at high
salinity are dependant upon the choice of the thermo-
dynamic model and should be considered as apparent
properties. However, in the absence of well-established
theory about activity—composition relationships for
trace elements in highly concentrated electrolytes, this
empirical approach is justified. It should also be
emphasised that this simple approach does indeed
succeed in reproducing the experimentally observed
speciation changes.

3.1. Qualitative interpretation

The molar absorptivities (absorbance divided by total
iron molar concentration) of ferric chloride measured at
25, 60 and 90 °C for solutions containing between 0.1
and 15 m LiCl are shown in Fig. 1. The spectra collected
at 25 °C are similar to those recorded in previous studies
under similar conditions (e.g., Friedman, 1952; Gamlen
and Jordan, 1953; Byrne and Kester, 1981), but the data
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Molar absobance

0.1m

I I | I
250 300 350 400 450

Wavelength (nm)

Fig. 1. Molar absorptivity of ferric chloride complexes in 0.1-15 molal
LiCl solutions containing 0.1 M HCl at 25 °C (a), 60 °C (b) and 90 °C
(c). The grey arrows indicate the absorption peaks of the Fe(IlI)-chloro
complexes.

presented here cover a much wider range of chloride
concentrations. The maxima at 335 nm and below
250 nm that appear in the 1-5 m LiCl concentration
range were attributed to the formation of FeCly, with a
minor contribution from FeCI**. Increasing the chloride
concentration above 5 m results in the growth of a new
peak at 365 nm and of a shoulder at 310 nm. When the
chloride concentration exceeds 10 m, the peak at 365 nm

becomes significant and a new peak appears at around
260 nm, and the intensity of the peaks at 250 and
335 nm decreases (Fig. 1).

These changes are attributed to the absorption by
FeClsuq) and FeCl, (Friedman, 1952; Gamlen and
Jordan, 1953), and reflect the change in the geometry of
the complex. The spectra collected at 60 °C and 90 °C
are similar to the 25 °C spectra, but it is clear that with
increasing temperature, the bands at 365 and 260 nm
due to FeCls(,q) and FeCl, become more significant, and
the shoulder at 310 nm at 25 °C becomes a clear peak at
90 °C. These features indicate qualitatively that the high
order FeCl3,q) and FeCly complexes become more
stable with increasing temperature.

3.2. Principles of quantitative interpretation

The procedure used to fit the spectra is similar to
the method established by Brugger et al. (2001) for
UV-Vis spectrophotometric experiments on Cu(Il)
chloride complexes. This method was also used in the
study of Cu(l) chloride speciation (Liu et al., 2002).
Since the fitting procedures are described in detail in
these two publications, only a brief summary is given
here.

The Beer-Lambert law is based on the molar
concentration scale, and a molar to molal conversion
factor f; is required when using the molal scale (e.g.,
Heinrich and Seward, 1990):

1 n
A4; = —ZZ M;e; ;, where f;
JSs 1:1

_ 1000 + Wyricimyici
1000 ’

pLiCl(mLiCl )

(2)

Wiici is the molecular mass of LiCl, my ;¢ is the total
molality of LiCl in the solution, and picigm, ., 18 the
density (g/m®) of LiCl solutions at temperature 7' in
Kelvin. The density of the LiCl solution is calculated
using the power function presented by Brugger et al.
(2001), which used least squares methods to fit various
experimental density data of LiCl solutions. The density
of LiCl-Li-triflate solutions is estimated volumetrically
(J. Black, unpublished data).

When considering more than one wavelength, the
Beer-Lambert law (Eq. (1)) can be written in a matrix
form as:

A =C*E 3)

where A is the matrix of measured absorbance
(number of solutions x number of wavelengths), C is
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the matrix of concentration of absorbing species
(number of solutions x number of absorbing species)
and E is the matrix of molar absorptivity for all
absorbing species (number of absorbing species X num-
ber of wavelengths). The goal of data analysis is to
find the matrices C and E that best reproduce the
observed absorbance spectra, i.e., matrix A, by
optimising both formation constants and molar ab-
sorptivities for each absorbing ferric chloride complex.
Practically, this simple linear algebra problem has an
infinite number of solutions, whereas there is only one
physical solution. This unique solution can be retrieved
by introducing physical constraints (e.g., concentra-
tions and molar absorptivities are positive numbers;
chemical mass action and mass balance) into the
model. This usually renders the problem non-linear,
and non-linear least-square techniques are required to
retrieve E and C.

In this paper, the following procedure was used to
analyse the spectrophotometric data. First, principal
component analysis (e.g., Malinowski and Howery,
1980) was applied to estimate the minimum number of
absorbing species necessary to explain the experimen-
tal dataset (Brugger et al., 2001; Liu et al., 2002). A
preliminary data analysis, aimed at obtaining some
information about the number and nature of the Fe(III)
chloride complexes present in the experiments, was
conducted using “model-free” analysis (De Juan et al.,
1997). This approach implements non-negativity
constraints for molar absorptivity coefficients and
concentrations (i.e., €;=>0 and ¢;>0) as well as
mass balance for Fe(Ill), and allows the concentration
profiles and molar absorptivity coefficients for the
absorbing species to be determined without the need to
make assumptions about the chemistry of the system
beyond the number of absorbing species present. On
the basis of this preliminary analysis and taking into
account available literature information, a speciation
and a thermodynamic model were established. The
final quantitative analysis is conducted using non-
negativity constraints for the molar absorptivity
coefficients, and a complete speciation model to
calculate the matrix C (i.e., the elements of C are
constrained by mass balance and mass action equa-
tions). This analysis delivers a set of equilibrium
constants (logK) for the formation of the different Fe
(IIT)-chloride complexes. The uncertainties in the logK
values were then evaluated using maps of the residual
function. Spectral data measured between 240 and
500 nm for all 25 sample solutions at 25, 60 and
90 °C with chloride concentrations of 0.1-15 m were
used in the analysis.

3.3. Principal Component Analysis (PCA)

The residual function (R) used in PCA is defined as:

> ()’
>

where x; and x are the measured and calculated
absorbance values, respectively. PCA of the spectra
collected at each temperature indicates that for all three
series of spectra at least 5 factors are required to describe
the spectra within an analytical precision of 0.2—0.5%
(Fig. 2). This 5th factor also corresponds to a break in
the slope of the residual curve in Fig. 2, which indicates
a change in the physical significance of each factor. The
first 5 factors are interpreted to represent five absorbing
Fe(III) chloride complexes (e.g., Fe*", FeCl**, FeCl;,
FeCly,q) and FeCly), while the additional factors
account for experimental noise and/or deviations from

R = 100 4)

10°

25°C

(=}
o
oams

1 2 3 4 5 6 7
number of components

1 2 3 4 5 6 7
number of components

Fig. 2. Principal component analysis on spectrophotometric data at
25 °C and 90 °C. The circles represent calculated residuals
corresponding to the number of factors on the x axis. The grey area
indicates the level of analytical uncertainty of 0.2—0.5%.
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the linear Beer-Lambert law. If the noise was perfectly
random, each additional factor would result only in a
small decrease in residuals (e.g., Meloun et al., 2000);
for real data, however, noise is not random, and even in
simple systems with pure variables (i.e., wavelength at
which only one species absorbs) a significant correlation
exists (e.g., Fig. 5 in Meloun et al., 2000).

3.4. “Model-free” interpretation and choice of specia-
tion model

Note that for the reason of simplicity, all Fe(III)
chloride complexes are written without water molecules
throughout the paper, unless the geometry of the
complex needs to be emphasised. Species (1) corre-
sponds to the hexaaquo complex, Fe(H,O)' (e.g.,
Byrne and Kester, 1981). The next species (2) is
dominant at chloride concentrations between 0.3 and
4 m. Previous studies agreed that FeCI** (i.e., octahedral
[FeCl(H,0)s]*") is dominant in low chloride concen-
tration solutions, so species (2) probably corresponds to
this species. The following species (3) has a molar
absorbance spectrum similar to FeCl; and hence
corresponds to FeCl; (octahedral [FeCl,(H,0)4]"; e.g.,
Gamlen and Jordan, 1953; Marcus, 1960; Byrne and
Kester, 1981; Tagirov et al., 2000). The next two species
have spectra that differ from those of the octahedral
FeCl*" and FeCl3, and are attributed to FeCls(aq) and
FeCly. FeCly is usually assumed to be the highest
limiting Fe(III) chloride complex (e.g., Friedman, 1952;
Gamlen and Jordan, 1953), so species (5) is proposed to
be this complex. The tetrahedral [FeCl,] ion is very
stable; for example, among the 90 compounds listed by
Melnik et al. (1997) as containing Fe(Ill) in 4-fold
coordination, 66 contain the FeCl,; complex. Hence,
there is little doubt that FeCl; in hypersaline solution
exits with tetrahedral geometry. FeCls(,q), on the other
hand, may exist as tetrahedral [FeCl;(H,0)].q) or as
trigonal bipyramidal [FeCl3(H>O)>]aq)- The latter ge-
ometry was favoured by Kubicki (2001) for the [Fe
(OH),(H,0)5]" complex on the basis of quantum me-
chanical calculations.

Hence, the following five complexes were included
in the speciation model: Fe*", FeCl*", FeCl3, FeCls(aq)
and FeCl;. In most solutions FeCl*" is present in low
concentrations, and its formation constant cannot be
accurately obtained from our experiments, but it is still
necessary to include this species in the speciation model
as it has a significant contribution to the spectra of
solutions with low chloride concentration. Therefore,
the logK values of this species were taken from the
thorough study by Tagirov et al. (2000); these values are

also in good agreement with the earlier room-
temperature studies of Rabinowitch and Stockmayer
(1942) and Bray and Hershey (1934). logK values for
the other three complexes (FeCly, FeCls(,q) and FeCly)
were determined from our experimental data. Polynu-
clear Fe(Ill) species such as [ClsFe—O-FeCl5]* (e.g.,
Solbrig et al., 1982) are unlikely to be present at the low
Fe concentrations used in the UV—Vis experiments, and
were ignored. Even under the acidic conditions (0.1 m
HCI) used in these experiments one needs to check for
the possibility of deprotonation of the water coordinat-
ed to Fe(Ill), as the pK for the reaction Fe*" +H,0=Fe
(OH)*"+H" at 25 °C is around 2.19 (Baes and Mesmer,
1976; the available experimental results are close to this
value, e.g., 2.18 from Zotov and Kotova, 1979; 2.20
from Millero et al., 1995; and 2.18 from Byme et al.,
2000) and decreases to 0.83 at 90 °C (interpolated from
Zotov and Kotova, 1980). Speciation calculations show
that FeOH*" only account for less than 5% of the Fe in
the lowest chloride concentration solutions, and less
than 0.1% at 2 m ClI concentration at 90 °C. Moreover,
Fe(OH)*" displays an absorbtion band at ~305 nm
(Zotov and Kotova, 1979), which is absent from our
spectra. Because the data analysis only fits formation
constants for complexes that become dominant about
2 m chloride concentration, Fe(OH)*" was not
incorporated in the final speciation model.

The full dataset (0.1-15 m LiCl) was used for the
“model-free” analysis. Using 5 factors, the smooth
succession of species expected for step-wise replace-
ment of H,O ligands by chloride ions was obtained (Fig.
3a). When 6 factors were used, however, none of the
possible models converged. In general, the concentra-
tion of the 6th factor was found to vary in parallel to that
of the 5th factor, while the molar absorptivity of both
species were highly correlated. This strongly suggests
that a 6th factor was not necessary to interpret the data;
the 6th factor may for example be related to deviations
from the Beer-Lambert Law at high salinity rather than
to a change in metal speciation.

3.5. Experiments at fixed ionic strength of 11.6 m

The spectra of Fe(Ill)-chloro-complexes measured at
fixed ionic strength of 11.6 m with LiCl-Li-triflate
solutions are similar to those measured in LiCl solutions
at varying ionic strength (Figs. 4 and 1, respectively).
The major difference is that the high ionic strength
medium appears to stabilise the non-octahedral species.
For example, the peak at ~310 nm, which is
characteristic of the FeCls(,q) species (Fig. 3b), is well
resolved at chloride concentrations above ~9 m in the



334 W. Liu et al. / Chemical Geology 231 (2006) 326-349

a

% of listed species

20 &

7000 |

2 6000 f

&

5000

3 4000}

L0

® 3000 |

]

S 2000 |
1000 |

0 " rakl L s
200 250 300 350 400 450 500
Wave Number [cm™]

Fig. 3. Results from the “model-free” analysis. (a) Distribution of
absorbing species. (b) Molar absorbance spectra for the 5 species.

varying ionic strength experiments, and at 0.6 m in the
fixed ionic strength experiment. PCA analysis further
provides support for the similarity of Fe(Ill) speciation
in both sets of experiments (Figs. 4b and 2a), five
species being required to explain the datasets within
analytical uncertainty. Note that for the high ionic
strength experiments at 90 °C, spectra were collected
only for CI concentrations above 0.6 m; this results in
the loss of one factor (corresponding to Fe*") in the PCA
analysis (Fig 4d). Attempts to apply model-free analysis
to the fixed ionic strength dataset were not successful;
the system was found to be mathematically unstable,
and often converged to unrealistic solutions (e.g.,
negligible concentrations for one species correlated
with extremely large molar absorptivity coefficients).
This is probably due to the fact that more spectra are
required to constrain the low salinity part of the dataset.
However, this does not affect the major results obtained
for the fixed ionic strength experiment, namely that the
speciation of Fe is very similar in the different
electrolytes (LiCl at varying ionic strength; LiCl-Li-

triflate under fixed ionic strength), and the main
difference is a higher stability of the non-octahedral
complexes at high ionic strength; this is to be expected
because the lower H,O content of these complexes
correlates with the lower activity of H,O in the high
ionic strength solutions.

3.6. The thermodynamic model

The following aqueous species are included in the
model: HY, Li*, CI~, LiClg), HCl,q), Fe** and four
Fe(Ill) chloride complexes. The concentrations and
activities of aqueous species were calculated by
solving simultaneously the following mass action
equations, mass balance equations, and a charge
balance equation:

MHCl (g Y HCly,)
Kuojyy =—"————, (5)
my+=merYu+Ycr

MLiClig) Y LiClyg)

Kiicl,, = — (6)

myi=mer Yty cr
m 3*1’7 3-i
FeCL Y FeCL}

Kpecp = — — (7)
Mpe3+ Y Fe3t (mcry Cl” )

mFelolal = : mFeleii ’ (8)
i

MCliga = MHCliyq T MLiCl,) + Mer + Z imgecyi, (9)
7

MLigq = MLICl,q T MLi* (10)
mye + Z(37i)mFele i =mcr, (11)
i

where K, m and 7y refer to the formation constants,
molal concentration and activity coefficient for the
subscripted individual species, respectively, and i in
Egs. (7)—(9), and (11) refers to the number of chloride
ligands. Following Brugger et al. (2001) and Liu et al.
(2002), an extended form of the Debye-Hiickel
equation was used:

4,227
1+ Bycc;nil/z

+by al” + Ty, (12)

log(j_(n) = — + by,LiCIT

where A4, and B, are the Debye-Hiickel solvent
parameters taken from Helgeson and Kirkham (1974),
and b, ric1 is the extended-term parameter (b-dot
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Fig. 4. Molar absorptivity of ferric chloride ion LiCl-Li-triflate solutions with ionic strength of 11.6 m, at 25 °C (a) and 90 °C (c). The corresponding

principal component analysis is shown in (b) and (d), respectively.

o

coefficient) for LiCl-dominated solutions, d, is the
distance of closest approach of ion 7, and is given a value
of 5 A for divalent and trivalent ions, and 4.0 A for
monovalent ions, except for H" and Fe** which are given
a value of 9 A (Kielland, 1937). T is the effective ionic
strength using the molal scale. I, is a mole fraction to
molality conversion factor and bvsq,LiCl is a quadratic
term added to the Debye-Hiickel equation to extend its
validity to high chloride concentrations (up to 18 m LiCl;
Brugger et al.,, 2001). This approach allows us to
describe more accurately the experimental mean molal
stoichiometric activity coefficient data for LiCl solutions
(i.e., Holmes and Mesmer, 1983), and yields internally
consistent activity coefficients for the Fe(Ill) chloride
complexes. The activity coefficient of the neutral
species, LiClg,q), was estimated with the Setchénow
equation (Setchénow, 1889; see Brugger et al., 2001):

log(YLic,,) = byvicigl + Ty (13)

Values of the b-dot coefficient (b, ric1), Setchénow
coefficient (b%LiCl(aq)) and the extended quadratic
coefficient (bvsq,LiCl), at each experimental tempera-
ture were taken from Brugger et al. (2001).
Formation constants for HCl,q and LiCl,q were
from SUPCRT database (Johnson et al., 1992), and
for FeCI*" from Tagirov et al. (2000). The activity
coefficient for HCl,q, was assumed to be unity. This
is not expected to have an effect on the calculated
parameters as it is only a minor species in the
solutions and since there are no pH dependent
equilibria pH values were not required in our data
interpretation. Another neutral species, FeCls(g),
however, is an important species in our experimental
solutions, but since the Setchénow coefficient for this
complex is unknown, a value of 0.1 was chosen as
in previous studies by Brugger et al. (2001). The
effect of this choice on the final speciation model
and IOgKFecg(aq) is discussed below.
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3.7. Quantitative analysis and estimation of
uncertainties

Table 3 and Fig. 5 show the formation constants of
Fe(Ill) chloride complexes at 25, 60 and 90 °C
generated from the experimental data using the
procedure described above. Fig. 5 indicates that while
the formation constants for all three complexes increase
with increasing temperature, the trend for FeCls(,q, and
FeCly is steeper than FeCly, indicating that these two
complexes become relatively more important with
increasing temperature.

The uncertainties in the experimentally derived
logK values arise from many sources, such as error in
solution concentration, instrument accuracy and para-
meters used in the calculation of activity coefficients
and speciation. The derived logK values are sensitive
to the model used for calculating activity coefficients.
For example, a change of the Setchénow coefficient of
FeCljaq) by a factor 2 changes IOgKFecg(am by about
0.4 log units. In this study the uncertainties were
estimated using a similar approach to that applied by
Liu et al. (2002, 2001). This treatment of errors
assesses only model-independent uncertainties arising
from analytical errors and the non-fully constrained
nature of the problem. The difference between the
experimental spectra and the spectra calculated as a
function of equilibrium constant for the formation the
of Fe(Ill) chloride complexes FeCls, FeCls(aq) and
FeCl, was used to examine the nature of the minimum
in the residual function and to estimate the magnitude
of the uncertainties in the derived logK values. The 2-
dimensional sections through the 3-dimensional resid-
ual space are shown in Fig. 6 for experiments at 25, 60
and 90 °C. It is clear that there is a single minimum at
each of the three temperatures, implying that all three
complexes were present in detectable concentrations
and their logK values can be determined statistically.
The statistical method of Draper and Smith (1998, p.
516) was used to define an approximate confidence
region to estimate the uncertainties in logK values at
the 90% confidence level. For example, at 25 °C, the
90% confidence region is defined by the contour at

Table 3
Logarithms of formation constants for Fe(Ill) chloride complexes
derived from the UV spectrophotometric data

Reaction 25°C 60 °C 90 °C

Fe’"+2CI =FeCly +1.87+0.25 2.52+0.4 3.38+0.3
Fe* '+ 3Cl =FeCls(aq) 0.77£0.25 1.55+0.3 2.75+0.3
Fe’"+4CI =FeCly —1.26+045 —0.38+0.55 0.96+0.45

20

FeCl,

5 . . . . .
0 50 100 150 200 250 300

Temperature (°C)

Fig. 5. Formation constants for FeCI**, FeCL3, FeCl(aq) and FeCly
complexes. The symbols show the experimental data from this study,
the solid lines represent extrapolated values using the density equation
of Anderson et al. (1991), and the dashed line shows Tagirov et al.’s
(2000) extrapolation.

0.926% of the value of the absolute minimum, leading
to uncertainties of £0.25 for FeCl; and FeCls(,), and
+0.45 for FeCl, (Fig. 6a and b). The uncertainties for
the other temperatures listed in Table 3 were estimated
in the same way (Fig. 6).

3.8. Calculated molar absorptivity spectra and
speciation

Fig. 7 shows calculated molar absorptivities for four
absorbing Fe(IIT) chloride complexes (FeCl**, FeCl3,
FeCls(aq) and FeCly). At room temperature, the shape of
the calculated molar absorbance peaks of Fe*" (240—
250 nm) and FeCI*" (335-340 nm) are very similar to
that from previous studies. Note that the two small
shoulders at 300 and 380 nm in the retrieved spectra of
Fe’™ at 60 and 90 °C are caused by numerical
uncertainty resulting from the very small concentration
of this species in most solutions. The molar absorp-
tivity spectra of FeCly and FeCls(aq) are also similar to
those reported in Byrne and Kester (1981) and Gamlen
and Jordan (1953). The molar absorptivity spectra of
FeCl; are similar to those reported by Gamlen and
Jordan (1953) and to the spectra of KFeCly in ethylene
bromide and in diethyl ether measured by Friedman
(1952).

The spectra of FeCl** and FeCl} have similar
shapes, with FeCl, being characterised by higher
molar absorptivity and a red shift of ~5 nm at 25 °C
and 50 nm at 90 °C. This is characteristic for the
replacement of one H,O ligand by a chloride in
octahedral species. The spectrum of FeCls(,q), does not
follow this trend, and is similar to that of tetrahedral
FeCly. This suggests that FeCls(,q) exists at least partly
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as a non-octahedral species, i.e., [FeCl3(OH,)]q) or,
possibly, trigonal dipyramidal [FeCl3(OH»):]aq)- The
spectra of FeCl*", FeCl; and FeClsy, show little
qualitative variation with increasing temperature. How-
ever, the spectrum of FeCl; shows an increase in the
band at ~310 nm. This suggests an as yet unknown
change in the electronic structure of the complex with
increasing temperature.

Fig. 8 shows the calculated distribution of Fe(III)
chloride complexes in the experimental solutions. It can
be seen that FeCl*" dominates in low chloride
concentration solutions, and FeCl3, FeClsq) and
FeCl, become important as the chloride concentration
increases. Note that the borders of the predominance
fields of FeClz,q and FeCly shift towards lower
chloride concentration with increasing temperature,
indicating that these non-octahedral complexes become
more stable at higher temperatures relative to the
octahedral complexes.

3.9. Effect of the Setchénow coefficient for FeCls,,) on
the model

The effect of the Setchénow coefficient for FeCls(,q),
by recl,,,» on the speciation model and the quality of
the fit was investigated by fitting different values of
bv,FeClmq) (Fig. 9). The retained value of 0.1
corresponds to a minimum in residuals (Fig. 9a),
while the resulting distribution of species shows the
regular succession of Fe(IIl) chloride complexes also
retrieved by the model-free analysis (Figs. 9c and 3).
Large values of by,FeClmq) (e.g., 0.4) result in a
significantly higher residual, and also in an unreason-
able distribution of species as FeClz,g) becomes a
very minor species with unrealistically high molar
absorptivity coefficients (Fig. 9d). At b, recy,,, of
0.025, the residual is also slightly larger, and again the
distribution of species differs significantly from that
retrieved by the model-free analysis. In particular, the

25°C

Distribution of Fe(lll) species (%)

90°C
FeCl

FeCI; 3(aq)

0- T T T T T T
2 4 6 8 10 12 14

Total chloride concentration (m)

Fig. 8. Distribution of Fe(IIl) species calculated from the formation
constants determined from the analysis of UV-Vis spectrophotometric
data at 25, 60 and 90 °C.



W. Liu et al. / Chemical Geology 231 (2006) 326—349 339

0.017

0.016 -

0.015 /

0.014 /
x /
0.013 /
4

0.012 1

x10™#
4 _
0.025

by,FeCI3(aq) -

@
w 4]
-

I
3

-
[42]

Concentration of species (m)
- no

0.011 0.5
\/ a
0.010 : 0 — -
0.010 0.100 1.000 0 2 4 6 8 10 12 14
Cl (total, m)
¥ FeClg(aq)
x10* X107
45
_ _
E E 4
0 w35 :
[h) (]
5 3 . FeCl,
o e 3 FeCl,
w w
5 5 2.5
c c
Is) S 2
[ [
E E 1'5 2+
& © FeCl FeCl 3(aq)
o o 4|l
c C
[=] =}
O O o5l
0 FeS+ : d
0 2 4 6 8 10 12 14
Cl (total, m) Cl (total, m)

Fig. 9. Effect of the Setchénow coefficient for FeCls ), b%L;ClW, on the model. (a) Residuals as a function of the value for the Setchénow coefficient
for FeClsag), b%Licl(m. (b) Distribution of species obtained for b%LiClw: 0.025. (c) Distribution of species obtained for bv,LiC]w: 0.1. (d) Distribution

of species obtained for bz,,L;Cl(uq):OA.

distribution of FeClyq) is asymmetric, and tails off
only slowly at high chloride concentration to give way
to FeCly (Fig. 9b).

4. Interpretation of XAFS data

XAFS spectroscopy is used to provide confirmation
of the speciation model derived from the UV-Vis
spectrophotometric experiment and in particular as a test
of the validity of the Beer-Lambert law for the studied
system, and to further characterise the geometry of the
Fe(Ill) chloride complexes. Structural information can
be obtained by comparing XANES spectra of solutions
with those obtained on compounds with a known
structure. Unique information such as metal-ligand

distance and number of ligands can be extracted from
the EXAFS oscillations.

4.1. XANES

The XANES spectrum (about 20 eV below to
about 30 eV above the absorption edge) arises from
the excitation of core electrons to higher electronic
states, and contains information about oxidation state
and coordination symmetry. The Fe K absorption
edge can be divided into three distinct regions: the
pre-edge 1s—3d transition, the shoulder 1ls—4s
transition and the edge crest 1s—4p transition (e.g.,
Waychunas et al., 1983; Wilke et al., 2001; Berry et al.,
2003; Fig. 10).
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Fig. 10. XANES spectra of Fe(IIT) chloride solutions. (a) Background-
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(b) First derivative of spectra in (a), showing the edge shift towards
low energy with increasing salt concentration and temperature.

Backgrounds were subtracted from the XANES
spectra using AUTOBK 2.93a (Newville et al., 1993).
AUTOBK fits two different background functions to the
pre-and post-edge regions, which results in a disconti-
nuity at the edge. To obtain a smooth background
function across the edge, the following procedure was
used: (1) The pre-edge AUTOBK background function
was shifted such that the u(E) at 7060.1 eV was set to
zero; (2) similarly, the post-edge AUTOBK background
function was shifted such that the u(E) at 7167.5 eV was
set to zero; (3) between 7060.1 and 7167.5 eV, the
background function was assumed to be zero; (4) the
step height was then normalized such that the difference
in u(E) between 7060.1 and 7505 eV was equal to one.
This procedure does not formally produce a continuous
function, but an acceptable approximation within
0.01 unit (normalized).

The XANES spectra of Fe(Ill) in solution change
with increasing LiCl concentration (Fig. 10), indicat-
ing that there is a change in the coordination of Fe.

The spectrum for Fe in 0 m LiCl (0.21 m Cly,) looks
slightly different to the other spectra and the pre-edge
peak at 7113.5 eV due to the 1s—3d transition is not
as well defined. The XANES spectra are broader than
those previously published in the literature (Waychu-
nas et al., 1983; Wilke et al., 2001), as a result of the
energy resolution of the beamline optics at BL-20B.
The monochromator energy bandpass is 1.87 eV at the
Fe K-edge; together with the Fe-Ka core-hole width of
1.25 eV this result in an energy resolution of ~2.2 eV
(Berry et al, 2003). The intensity of the 1s—3d
transition increases with increasing LiCl concentration;
this trend is more pronounced for the 90 °C spectra.
This is consistent with a change in the coordination
around Fe going from octahedral to tetrahedral
(Waychunas et al., 1983 and references within). Both
the 1s and 3d states are centrosymmetric, thus, quantum
mechanical selection rules indicate that there is only a
small probability that this transition will occur.
However, when Fe is in a tetrahedral, i.e., non-
centrosymmtric coordination, the subsequent mixing
of 4p and 3d molecular orbitals allows for an increase in
the probability that this transition will occur (e.g. Apted
et al., 1985).

The edge and edge crest are shifted systematically to
lower energy as the Fe(Ill) ion is subjected to
increasingly concentrated LiCl solutions (Fig. 10b). A
similar trend was observed by Apted et al. (1985) for Fe
in hypersaline solutions. Such a systematic shift of the
edge towards lower energy can be related to a decrease
in the effective ionic charge of the metal, as the binding
energy of the ls electron decreases due to lower
electron—ligand repulsion (Waychunas et al., 1983).
However, the substitution of chloride for water
molecules results in longer metal-ligand bonds (Table
5), and hence in higher effective ionic charge for the
metal (Suchet, 1965). Most likely, the observed decrease
in the energy of the edge crest by ~4-5 eV is due to the
higher intensity of a satellite band of the ls—4p
transition, hidden due to the relatively low resolution of
our measurements. A similar explanation was offered by
Waychunas et al. (1983) to explain a —5 eV shift of the
edge crest in XANES spectra of Fe(Il) compounds as
Fe—O distances vary from 1.95 to 2.25 A. A shoulder at
the energy expected for the 1s—4s band can be seen on
the XANES spectra collected at the highest salt
concentrations (Fig. 10a). This may account for the
observed shift, as the intensity of this symmetric
transition is expected to be much higher in a tetrahedral
(asymmetric) state compared to the symmetric octahe-
dral state. The amplitude of the edge-crest decreases
with increasing LiCl concentration and the ‘slope of the



Table 4

Coordination number and bond lengths for Fe in LiCl solutions at room temperature and 90°C

Soluton T  Model NIT . On N2¥ope N37 o NIF N2* N3* O x1F (A) Y2* (A) z*3 81" (AY 82 (A2 83* P
name °0) [Ogct] [Cloet 1 [Clied [Ogct] [Cloe ] [Clied] A) (A%
0m 25  Oct. 5.41 0.59 5.78 (0.26) 0.22 (0.26) 2.00 (0.01) 2.26 (0.06) 0.0036 (0.0010) 0.0002 (0.0001) 6.28
0m 25 Tet. - - 4.0 (026) 0.0 (0.26) 2.00 (0.01) 0.0016 (0.0010) 17.6
2m 25  Oct. 4.43 1.48 4.64 (0.99) 1.36 (0.99) 1.99 (0.02) 2.24 (0.02) 0.0033 (0.0011) 0.0019 (0.0037) 8.08
2m 25 Tet. - - 2.75(021)  1.25(0.21) 1.98 (0.02)  2.24 (0.02) 0.0002 (0.0001)  0.0002 (0.0001) 22.0
I5m 25 Oct. - - 3.0 3.0 2.05(0.02) 2.32(0.01) 0.0057 (0.0062)  0.0057 (0.0175) 2.02
15m 25  Tet— 1.2 2.8 2.05 (0.04)  2.30 (0.02) 0.0002 (0.0001)  0.0002 (0.0001) 2.98
15m 25 Mixed 0.7 0.00 0.7 3.0 1.5 2.0 2.6 2.02(0.02) 2.33(0.01) 2.23 0.006 (0.01) 0.002 (0.002) 0.006  2.28
tet/oct (0.01) (0.003)
2mli 90 Oct. 3.93 1.79 3.92 (0.96) 2.08 (0.96) 2.00 (0.01) 2.28 (0.01) 0.0036 (0.0020) 0.0032 (0.0036) 5.62
2mli 90  Tet. 2.52(0.32)  1.48(0.32) 2.00 (0.03) 2.28 (0.02) 0.0002 (0.0001)  0.0002 (0.0001) 9.75
15mli 90  Oct. 2.12(0.92) 3.88 (0.92) 2.09 (0.02) 221 (0.02) 0.0004 (0.0040)  0.0081 (0.0037) 1.88
I5mli 90  Tet. 1.38 (0.46)  2.62 (0.46) 2.04 (0.03) 223 (0.01) 0.0002 (0.0001)  0.0037 (0.0014) 2.41
15mli 90 Mixed 0.3 0.08 0.25 3.6 0.3 0.3 3.8 2.00(0.02) 2.33(0.01) 2.20 0.03 (0.005)  0.002 (0.03)  0.004  0.98
tet/oct (0.03) (0.002)

The preferred models are shown in bold.

Average number of ligands in the first coordination shell according to the distribution of species shown in Fig. 8, assuming that FeCls(aq) is octahedral at 25 °C and consists of a 50—50% mixture of
octahedral FeCl3(OH,)3(aq) and tetrahedral FeCl3(OH,)(.q) at 90 °C, and that FeCly is purely tetrahedral. High correlation among refined parameters in the mixed tet/oct models results in meaningless
(>>2) errors for the number of ligands, and the errors are omitted. *Ligand number (N1, N2 and N3), distances (X1, Y2 and Z3, respectively), Debye-Weller coefficients (51, 62, 63) and residuals (%)
from the EXAFS analysis.
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peak’ changes from negative (2 and 5 m) to positive (10
and 15 m).

4.2. EXAFS

EXAFS spectra generally refer to the region 30—
1000 eV above the absorption edge. The EXAFS spectra
represent a final state interference effect arising from the
scattering of the outgoing photoelectron from neigh-
bouring atoms. The amplitude and frequency of the
sinusoidal modulation of absorbance vs. energy depends
on the type and bonding of the neighbouring atom and
their distances, thus EXAFS contains information about
coordination numbers, distances to neighbouring atoms
and bond disorder.

The EXAFS data were refined using XFIT 1.1 (Ellis
and Freeman, 1995) with single scattering theory (FEFF
version 6, Zabinsky et al., 1995). Self-absorption
corrections were applied with SABCOR (Booth and
Bridges, 2003) and found to be negligible. The scale
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factor (S02) of 0.8 was determined from the lowest
salinity solution (Fe in 0.11 m LiCl), containing mainly
the hexaaquo Fe(IIl) complex, and this value was used
for refinements of all subsequent solutions. The edge
energy Eq, number of O and Cl atoms, Debye-Waller
factors (6) for both atom types and the distance from
absorber to ligand (X, Y, Z) were refined in both limiting
geometries (octahedral and tetrahedral) for Fe in 2 and
15 m LiCl at room temperature and at 90 °C (Table 4;
Fig. 11). Constraints were applied so that the refine-
ments converged to physically sensible solutions: (1.8+
0.1 A)<Rp. 0<(2.1£0.1 A), 2.0£0.1 A)<Rp. 1<
(2.4£0.1 A), (0.0002+0.0001 A?)<d5<(0.03+
0.005 A?), and the total number of atoms in the first
shell was constrained to be either 4 or 6. The
refinements were performed on &*-weighted spectra, in
the k-ranges: 2<k<12 for the ~2 m LiCl solution, and
2<k<9 for the ~ 15 m LiCl solution. The spectra for the
~15 m LiCl solution were noisier due to increased
absorption of X-rays by the chloride-rich matrix, hence
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Fig. 11. Filtered and windowed EXAFS data; lines are experimental spectra and crosses are calculated spectra (see Table 4). (a) Fourier transforms of
EXAFS spectra for Fe(IlI) solutions at 25 and 90 °C. (b) EXAFS spectra for Fe(Ill) solutions at 25 and 90 °C.
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Table 5
Average Fe(III)-O and Fe(IlI)-Cl distances in monomeric
coordination compounds (from Melnik et al., 1997)

Fe(ll)-O Fe(Il)-Cl
Octahedral geometry 2.05 A 229 A
Trigonal dipyramidal 2.11 A (axial) 2.20 A (equatorial)
Tetrahedral geometry 1.88 A 2.18 A

Trigonal dipyramidal distances are for the compound FeCls(thf),
(Ivakina et al., 1987).

limiting the A-range useable in the analysis. Results are
tabulated in Table 4.

Fe in the 0.11 m LiCl solution at 25 °C is
octahedrally coordinated to six O, with only a small
fraction of coordinated Cl as expected from calculations
using the logK’s in Table 3. The tetrahedral model can
be rejected on the basis of high residuals. The Fe—O
distance of 2.00(1) A is shorter than the distance
(2.10 A) obtained from EXAFS spectra of a highly
concentrated solution (1 m Fe(Ill), 7.8 m CI; Apted et
al., 1985), and the distance calculated by Harris et al.
(1997) for the Fe(OH,); " complex (2.06—2.09 depend-
ing on the model used). However, this distance is similar
to the average Fe—OH, distance measured in highly
hydrated Fe(Ill) sulfates (1.99(4) A in quenstedtite,
Thomas et al., 1974; 1.98(2) A in paracoquimbite,
Robinson and Fang, 1971), to previous experimental
studies listed by Ohtaki and Radnai (1993; 2.01-
2.05 A), and to a recent ab initio calculation results of
Fe-O distance for Fe(H,O):™ (2.03-2.04, Kubicki,
2001). The Fe—Cl distance of 2.26(6) A is also in the
range expected for an octahedral compound (average
Fe—Cl distance 2.29 A; Table 5).

In the 2 m LiCl solution at 25 and 90 °C, Fe is still
clearly octahedrally coordinated, and the number of CI
ligands in the first coordination sphere increases as
expected from the UV—Vis study (Fig. 8). The Fe—O
distances are identical within error at both temperatures
and in the 0.11 m LiCl solution. The precision of the Fe—
Cl distance is better than in the 0.11 m LiCl solution due
to higher CI content in the first coordination sphere;

however, the precision is still too poor to observe a
change with temperature: 2.24(2) A at 25 °C and 2.28(2)
A at 90 °C, i.e. overlapping at the 2-c level.

At 15 m LiCl both the octahedral and tetrahedral
models result in acceptable fits, though the lowest
residuals are obtained for the octahedral models (e.g.,
12e=2.98 and y2.=2.02 at 25 °C). The retrieved Fe—O
and Fe—Cl distances are suggestive of an octahedral
coordination (Tables 6 and 7); only the Fe—Cl distance
at 90 °C could be related to a tetrahedral compound.
Maps of the X* function minimised by Xfit as a function
of the CI/O ratio and Fe—O and Fe—Cl distances were
drawn to explore the possibility of an alternative local
minimum corresponding to a tetrahedral complex;
however, no significantly better tetrahedral solution
could be found. This result appears to contradict the
XANES and UV-Vis data, which clearly indicate a
change in the geometry of the complex with increasing
salinity. Moreover, the FeCl, group is very common in
coordination compounds (Melnik et al., 1997), and such
a complex in expected in highly saline brines.

To resolve this problem, we tested the hypothesis that
some of the FeCls(,q) and possibly some of the FeCly
may exist as an octahedral complex, i.e. these
complexes are a mixture of octahedral and tetrahedral
forms. The new model contains three shells: O in
octahedral coordination, Cl in tetrahedral coordination,
and Cl in octahedral coordination. O in tetrahedral
coordination has been neglected because only small
quantities (less than 0.1 in the proposed models; Table 4).
The Fe—O and Fe—Cl distances were constrained to be in
an acceptable range for the given geometry (Table 5).

At 25 °C, the model converges for relatively high
proportion of octahedral O and CI (Table 4). Such high
values require that both FeCls(,q) and FeCly consist of a
mixture of octahedral and tetrahedral forms. At 90 °C,
however, the model gives excellent agreement with the
speciation derived from the UV—Vis experiment if it is
assumed that FeCls(,q) consists of a 1:1 mixture of the
octahedral and tetrahedral forms, while FeCly is
probably tetrahedral (Table 4). Hence, the EXAFS data

Table 6

Comparison of stepwise formation constants for Fe(Ill) chloride complexes

Author Method Medium T (°C) logKrcct; longeclmq) logKreci;

Rabinowitch and Stockmayer (1942) Spectrophotometry HCI1O, 25 0.11+0.25 -1.0£0.2

Gamlen and Jordan, 1953 Spectrophotometry HCl 20 -0.14 -1.98

Marcus, 1960 Anion exchange HCl 25 —1.40+0.04 —1.92+0.08

Tagirov et al., 2000 Potentiometry HCIO4 25 0.9+0.2

This study Spectrophotometry HCI 25 0.32+0.25 -1.11+0.4 —2.03+£0.3
60 0.49+0.25 -0.97+0.3 —1.93+£0.3
90 0.95+0.45 —0.63+0.55 —1.79+0.45
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Table 7

Parameters of the density model regressed from the experimental data
of this study for FeCl}, FeCl3(q) and FeCly, and from Tagirov et al.’s
(2000) experimental data for FeCI**

Reaction P P2 p3

Fe**+CI =FeCI*" —8.6864 1584.1 12961.5
Fe3*+2Cl =FeCl3 3.3456 -2121.0 54358.9
Fe3++3C1’:FeC13(aq) 14.930 —4724.0 84870.1
Fe*"+4Cl =FeCl, 21.458 —5247.7 94873.0

provide additional support for the increase in stability of
the tetrahedral ferric iron chloride complexes with
increasing temperature. Note that EXAFS is not able to
distinguish between a tetrahedral or trigonal dipyramidal
geometry for FeClsq). Trigonal dipyramidal [FeCl;
(H20)2](aq) is found in FeCls(tetrahydrofuran),, and
features Fe—Cl distances similar to the tetrahedral
distances. Moveover, FeCls(,q) never accounts for more
than 60% of the iron in solution (Fig. 8).

5. Discussion
5.1. Speciation of Fe(lll) in acidic chloride brines

The speciation model proposed from the literature
and UV—Vis experiments involves five species: Fe®",
FeCl**, FeCly, FeCly,q and FeCly. The octahedral
geometry of the first three complexes is well established
and a change in geometry between FeCl; and FeClsgaq)
is indicated independently by the UV—Vis and XANES
data. The EXAFS data suggest that FeCls(,q) is likely to
consist of a mixture of octahedral and tetrahedral or
trigonal dipyramidal forms at 25 °C, whereas the
tetrahedral or trigonal dipyramidal form predominates
at 90 °C. The EXAFS data do not allow to distinguish
between tetrahedral and trigonal geometries for FeClj ),
but are consistent with tetrahedral geometry for FeCly.
These two last species contain less water ligands than the
octahedral species and they become more stable with
increasing temperature and with increasing chloride
concentration relative to the octahedral species.

5.2. Comparison of the formation constants with
previous studies

There are no experimentally derived formation
constants for the three Fe(Ill) chloride complexes
(FeCly, FeCly(,q) and FeCly) at elevated temperature.
In addition, it is hard to directly compare our derived
logK values for Fe(Ill) chloride complexes with most
previous studies as they were often reported at a
particular ionic strength. Therefore the comparison

here is limited to a few room temperature studies that
reported stepwise formation logK values at zero ionic
strength (Table 6). The formation constants generated
from this study are also shown as stepwise form (e.g.,
FeCl; +Cl1=FeClyyq) ) in Table 6. For FeCl;, our result
is about half a log unit lower than Tagirov et al. (2000)’s
value, but their values are regressed from previous
studies at higher ionic strengths that are in poor
agreement (see Fig. 10 in Tagirov et al., 2000). Our
value for FeCls(,q) at 25 °C (—1.11) agree well with the
value of Rabinowitch and Stockmayer (1942) and
Marcus (1960). These three values differ by about one
log unit with Gamlen and Jordan’s (1953) values. Our
results for FeCl, at 25 °C are —2.03, in excellent
agreement with the values of Gamlen and Jordan (1953)
and Marcus (1960) (Table 6).

5.3. Extrapolation to higher temperatures

In order to extrapolate formation constants for Fe(IIT)
chloride complexes to temperatures higher than exper-
imental conditions, the density model (Anderson et al.,
1991) equation was fitted to the experimentally derived
logK values of Fe(Ill) complexes:

1 In
logk = —~—— [pl +@+p3—pw] (14)

2.303 T T

where p,, is density (g/cm’) of pure water at temperature
(7) in Kelvin, taken from Lemmon et al. (2000); p;, p>
and p; are constants characteristic of each chemical
reaction, and were fitted from the experimental logk
values of FeCl,, FeCls(,q) and FeCl,. We also used this
equation to extrapolate Tagirov et al.’s (2000) experi-
mental data. The result is shown in Fig. 5 together with
Tagirov et al.’s (2000) extrapolation using a polynomial
function. It can be seen that there is an excellent
agreement between the two extrapolation approaches.

The fitted parameters p, p» and p; are listed in Table
7, and the extrapolated formation constants for FeCI**,
FeCl3, FeCls(q) and FeCly are listed in Table 8. With
these data, one can model Fe(Ill) speciation in
hydrothermal chloride solutions at temperatures up to
300 °C.

5.4. Geological implications

Activity—activity diagrams were calculated using the
properties of Fe(Ill) chloride complexes derived in this
paper and properties of other species listed in the
Lawrence Livermore National Laboratory database
version &, revision 6 as implemented in the software
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Table 8

Extrapolated logarithms of formation constants for Fe(IIT) chloride complexes

Temperature (°C) Fe*"+CI =FeCI**

Fe*"+2CI =FeCl3

Fe*" +3C1 =FeCly(aq Fe*" +4CI =FeCl;,

25 1.52 1.87
50 1.85 2.28
100 2.57 3.71
150 3.30 5.56
200 4.05 7.75
250 4.87 10.44
300 591 14.13

0.77 —1.26
1.24 -0.73
322 1.49
591 4.50
9.18 8.16
13.25 12.72
18.92 19.06

package Geochemist’s Workbench version 3.2.2
(Bethke, 1996). The diagrams in Fig. 12 illustrate the
increased stability of the high order, non-octahedral
FeClj(aq) and FeCl, complexes at elevated temperature,
even at low chloride concentration (0.1 m). This is
consistent with the Raman study by Murata et al. (1989)
that suggests that tetrahedral FeCl,; predominates at
300 °C in solutions with chloride concentration greater
than 3 m. A major geochemical consequence of this is
that at elevated 7, the solubility of hematite does not
decrease as dramatically under oxidising (Fe(IIl) stable)
conditions than under reducing (Fe(Il) stable) condi-
tions. Also, the stability of the high order Fe(Ill)
chloride complexes FeCls(,q) and FeCly probably plays
a significant role in enhancing the kinetics of the

precipitation of hematite and magnetite from hydrother-
mal solutions. The stability of these species in brines at
room temperature will also affect the bioavailabity and
mobility of Fe, as sorption of the neutral or negatively
charged species with tetrahedral and/or trigonal dipyr-
amidal geometry will differ fundamentally from that of
the positively charged octahedral Fe(III) chloride
complexes.

Hematite solubility in acid solutions was calculated
as a function of temperature up to 300 °C and at water-
saturated pressures, similar to Tagirov et al.’s (2000)
calculation. The calculations were conducted using the
HCh software (Shvarov and Bastrakov, 1999), using the
thermodynamic properties for hematite from Berman
(1988) and for FeOH*" from Shock et al. (1997). The
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Fig. 12. logfo,(g) vs. pH activity diagrams for iron speciation in brines at 25 °C (a and b), and at 300 °C (c and d).
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results from two different speciation models are reported
on Fig. 13. The first model contains only two Fe(IIl)
chloride complexes (FeCl*" and FeCl3; thermodynamic
properties from Tagirov et al., 2000). The second model
includes all four Fe(III) chloride complexes discussed in
this paper (FeC12+, FeCly, FeClsaq) and FeCly; thermo-
dynamic properties from Table 8). It can be seen from
Fig. 13a that hematite solubility decreases with increas-
ing temperature when only FeClI** and FeCl; are
included in the model, but when the high order Fe(III)
chloride complexes (FeCly,q and FeCl,) are also
included, the hematite solubility first decreases between
25 °C and 125 °C, then increases from 125 °C. The
hematite solubilities predicted by both models differ by
more than one order of magnitude at temperatures higher
than 200 °C. The speciation of Fe(III) species (Fig. 13b)
clearly shows that the high solubility at high temperature
is due to FeCls(,q) that predominates in the solution at the
higher temperatures. Therefore, it is suggested that high
order complexes probably play an important role in
controlling the solubility of Fe minerals in oxidised
hydrothermal solutions, even at low chloride concentra-
tions. It should be noted that, as Tagirov et al. (2000)
stated, available experimental hematite solubility data
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Fig. 13. Solubility of hematite (a) and speciation of Fe(III) complexes
(b) in 0.1 m HCI solutions as a function of temperature between 25—
300 °C. The thick line in (a) was calculated including FeCI**, FeCl3,
FeCls(q) and FeCl, complexes. The thin line was calculated only
including FeCI*" and FeCl} complexes. The solid part of these lines
is within the temperature range (up to 90 °C) of experimental data,
and dashed part is calculated using extrapolated logK values listed in
Table 8.
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Fig. 14. Fe speciation in Olympic Dam type fluids, under conditions
similar to those proposed by Haynes et al. (1995). (a) Phase relationships
in the Fe—Cu—S—O—H system at 250 °C at Pg,;=39.83 bars. The diagram
for Fe is shaded. The arrow shows the paragenetic trend observed at
Olympic Dam. ag.= 1075'4,_)‘1‘.,25(g)= 10728, ag=10"%2 (corresponding
to 3.5 m Cliy). (b) logf Ox(g) versus pH solubility diagram for Fe
minerals. The sub-diagram for sulphur is plotted using dashed lines.

up to 200 °C are not consistent with calculated ones,
probably due to the non-equilibrium in the experiments
and formation of amorphous iron hydroxides. Therefore
the reliability of the extrapolation awaits verification
with high temperature experimental data, preferably
using spectroscopy or potentiometric methods that are
not affected by problems encountered in solubility
experiments.

The giant Olympic Dam Cu-U-Au-REE-deposit
(South Australia; Haynes et al., 1995) represents the
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best known-example of hematite-dominated iron oxide
copper gold deposit. The evolution of the mineralogical
associations at Olympic Dam, from chalcopyrite
+magnetite +pyrite to bornite+hematite to chalcocite
+hematite, can be related to an increase in f O,(g) driven
for example by fluid mixing (Fig. 14a). Haynes et al.
(1995) used numerical geochemical modelling to test
this hypothesis: assuming mixing of a reduced mag-
matic or deeply circulated meteoritic water with a more
oxidised, cooler meteoritic water. Calculations of Fe
speciation for the deep brine (Fig. 14b) suggest that even
in this relatively reduced fluid, a small but significant
amount of Fe (~ 1%o) exists as Fe>". Note that FeCls(aq)
is predicted to be the predominant Fe*" complex in this
simulation, because Geochemist’s Workbench uses the
Helgeson “b-dot” equation to calculate activity coeffi-
cients, and this is not accurate for salt concentrations
above ~1 m, and underestimates the values of the C1™
activity.

These calculations illustrate the fact that due to their
increasing stability at increasing temperature, the high
order Fe(Ill)-chloride complexes may play a more
important role than expected in hydrothermal systems.
Even small amounts of Fe(Ill) in solution may have
significant implication for the mineralogy of the ore
deposit, by favouring the kinetics of precipitation of
Fe(Ill)-bearing phases (e.g., hematite, magnetite) and
possibly acting as an oxidant for other metals.

6. Conclusions and perspectives

The UV-Vis and XAFS spectra of Fe(Ill) chloride
solutions have been measured between temperatures of
25 °C and 90 °C. The speciation model and the structure
of Fe(Ill) chloride complexes were examined by
synchrotron XAFS experiments, and the equilibrium
constants for Fe(Ill) chloride complexes were regressed
from the UV spectrophotometric data.

The UV spectra of ferric solutions change system-
atically with increasing chloride concentration and
increasing temperature. Quantitative interpretation of
the spectra shows that FeCI*", FeCl;, FeCls(,,, and
FeCl, were present under the experimental conditions.
As chloride concentrations increase, complexes contain-
ing a higher number of ligated chlorides become more
important, with FeCl; predominating in solutions with
chloride concentrations greater than 10 m at 25 °C.
Increasing temperature increases the predominant fields
of tetrahedral or trigonal dipyramidal FeClsq) and
tetrahedral FeCl,. Refinement of the EXAFS spectra
suggests that FeCly,g) evolve from a mixture of
octahedral—tetrahedral or trigonal dipyramidal form at

25 °C to predominantly tetrahedral or trigonal dipyr-
amidal at 90 °C.

The formation constants for ferric chloride com-
plexes determined from the UV data generally show a
good agreement with previous room temperature
studies. Based on the variable temperature experimental
data generated from this and previous studies, extrap-
olation of log K for ferric chloride complexes to 300 °C
shows that high order complexes become stronger with
increasing temperature. Using the extrapolated logK
data, the calculated hematite solubility at temperatures
greater than 150 °C is much higher than previously
estimated, and the high order complexes FeCls(,q) and
FeCl, are predicted to be predominant at these
temperatures even in relatively low chloride concentra-
tion solutions. Although the extrapolation still needs to
be confirmed by high temperature experiments, it is
clear that the high order complexes FeCls(,q) and FeCly
should clearly be included in the modelling of iron
transport in oxidised hydrothermal brines.

This study demonstrates that in spite of the
fundamental difficulties of studying hypersaline solu-
tions (activity—compositions relationships; experimen-
tal limitations), it is possible to build speciation models
that are consistent over the whole range of salt
concentrations and with all available experimental
data, while being easily implemented in popular
geochemical modelling software. The fundamental
information that we are gaining on the speciation of
trace elements in brines will help to develop more
reliable theoretical and experimental frameworks for the
study of these systems in the context of ore formation
and environmental geochemistry.
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