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Complexation of metal ions in brines: application of electronic spectroscopy in the study of
the Cu(II)-LiCl-H 2O system between 25 and 90°C
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Abstract—The concentration and transport of metals in hydrothermal solutions depend on how metals ions
combine with ligands to form complexes, and experimental methods are necessary to identify the important
complexes. UV-Vis-NIR spectrophotometry was used to study the formation of Cu(II)-chloride complexes in
LiCl brines up to very high chlorinities (18 m LiCl), at temperatures between 25°C and 90°C. The number of
Cu(II)-chloride complexes necessary to account for the variation in spectra with varying chloride molality at
each temperature was estimated using principal component analysis. The molar absorptivity coefficients and
concentrations of each complex were then determined using a “model-free” analysis, which does not require
any assumption about the chemistry of the system, other than the number of absorbing species present.
Subsequently, the results from the “model-free” analysis were integrated with independent experimental
evidence to develop a thermodynamic speciation model, where the logarithms of the equilibrium constants for
Cu(II)-chloride formation reactions were fitted to the data using a non-linear least-squares approach. Maps of
the residual function were used to estimate uncertainties in the fitted equilibrium constants.

The results of this study are similar to published properties of distorted octahedral [CuCl(OH2)5]
1 and

[CuCl2(OH2)4]
0 at all temperatures, but diverge for [CuCl3(OH2)3]

2 and distorted tetrahedral [CuCl4]
22.

Moreover, the data suggest the presence of [CuCl5]
32, probably withD3h point group, at very high salt

concentration. This study demonstrates that it is possible to determine apparent thermodynamic equilibrium
constants for the formation of complexes of trace amount of metals in highly concentrated brines, such as
those associated with many ore deposits. The results are dependent on the choice of activity coefficients for
charged and neutral aqueous complexes, but this influence is relatively small compared with the experimental
uncertainty. This study shows that Cu21 chloro-complexes, predominantly [CuCl2(OH2)4]

0 and [CuCl4]
22,

will play a dominant role in nature where free oxygen is available (near-surface), and where chloride activities
are very high (evaporitic basins; hypersaline soils).Copyright © 2001 Elsevier Science Ltd

1. INTRODUCTION

The rapid development of numerical modelling methods and
computer technology provides geologists, other scientists and
engineers with the capability to produce increasingly accurate
simulations of reactive fluid transport. However, these models
are dependent on reliable thermodynamic properties for rele-
vant aqueous, vapour and mineral species. Measuring reliable
thermodynamic properties for aqueous complexes at relevant
temperatures is a difficult and time-consuming task, and few
data are available for the geologically important complexes of
many metals. Semiempirical predictions from low-temperature
data provide one way to estimate the properties of aqueous
species at elevated pressures and temperatures (e.g., Anderson
et al., 1991; Gu et al., 1994; Sverjensky et al., 1997); however,
the further development of these extrapolation methods relies
upon the availability of high quality experimental data. For
example, recent experimental investigations of Cu(I)-Cl com-
plexes (Xiao et al., 1998) revealed significant discrepancies
between the predicted (Sverjensky et al., 1997) and measured
dissociation constants for the [CuCl]aq and [CuCl2]aq

2 com-
plexes. Another important gap in our present understanding of
metal transport in hydrothermal brines stems from the difficulty

in understanding the properties of concentrated electrolyte so-
lutions, and in particular the inability to model the complex-
ation of trace amounts of metal ions in such solutions (e.g.,
Helgeson and Kirkham, 1974b; Millero et al., 1995). Concen-
trated brines play a central role in the formation of major types
of ore deposits. For example, the brines associated with low
temperature (;100–150°C) Mississippi Valley Type deposits
typically contain more than 15 wt.% (sometimes as much as 30
wt.%) equivalent NaCl (Roedder, 1976), and those from me-
dium- to high-temperature (250–650°C) porphyry copper de-
posits can contain more than 60 wt.% equivalent NaCl (e.g.,
Ulrich et al., 1999).

The present paper is part of on-going work dedicated to
understanding the chemistry of Cu(I) and Cu(II) complexes in
aqueous and vapour phases in a range of geological environ-
ments, e.g., sedimentary, epithermal and magmatic. In this
paper we report the results of an UV-Vis-NIR experimental
study of Cu(II)-chloride complexes in LiCl brines at the tem-
peratures of 25, 60 and 90°C, and at LiCl concentrations
varying between 0 and;18.5 m (0–44 wt.% LiCl). LiCl was
chosen because of its high solubility at room temperature and
the availability of density and isopiestic measurements up to
100°C. This allows us to study copper-chloride complexing in
solutions with high chloride concentrations typical of some
geological environments. Studying metal complexing over
wide ranges of ligand concentrations also helps in isolating
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individual aqueous complexes so that their thermodynamic
properties can be measured well. The results of our study can
be used to predict the behaviour of copper in chloride-bearing
waters and brines (e.g., NaCl-dominant) for a wide range of
geological and other environments.

The aims of this paper are to:

1. Emphasise the usefulness of UV-Vis spectroscopy in iden-
tifying transition-metal aqueous complexes in dilute and
concentrated chloride brines;

2. Demonstrate an integrated method of interpreting spectro-
photometric data quantitatively to derive reliable thermody-
namic properties of aqueous complexes;

3. Provide the data necessary for subsequent UV-Vis studies of
Cu(I)-chloride complexes (i.e., so that we can identify and
correct spectra for the presence of oxidised Cu(II) complex-
es); and

4. Measure and discuss the complexing of Cu(II) with chloride
and its relevance to the transport of copper in oxidised (e.g.,
near-surface) geological environments.

2. EXPERIMENTAL METHODS AND DATA
PREPARATION

All solutions were prepared from reagent-grade quality
chemicals and doubly-deionised water (Millipore Milli-Qt).
Two sets of solutions with different copper concentrations were
prepared (Table 1) because of the different absorbance of the
Cu(II)-complexes in the UV-Vis ([Cu]tot ' 5 z 1024 m) and

Vis-NIR ([Cu]tot ' 1022 m) regions. In both sets of solutions,
two end-member stock solutions were prepared gravimetrically
with the same concentration of copper (CuCl20.2H2O; BHD
AnalRt), 0 and 18.5 molal LiCl (SigmaUltrat anhydrous,.
99%), respectively, and acidified with concentrated HCl to a
pH between 3 and 4 to prevent formation of Cu(II)-hydroxy-
complexes. Solutions with intermediate concentrations of LiCl
were prepared by mixing (by weight for accuracy) the two
end-member stock solutions. UV-Vis-NIR spectra were re-
corded on a Varian CARY 5G spectrometer using rectangular
“suprasyl” quartz cells (path-length 1 cm) and 1 nm increments
between 170 nm and 1300 nm. Dual-beam mode was used
where the reference cell contained the same electrolyte solution
as the sample cell minus the copper. A baseline correction for
detector response and anomalies in cell geometry was applied
off-line by subtracting a spectrum collected with the same cells,
both loaded with solutions that had the same concentrations of
LiCl and HCl. The baseline spectra showed no variation be-
tween 25 and 90°C, so the baseline spectra measured at 25°C
were used at all temperatures.

The recorded absorbance values varied between 0 and 2.5
absorbance units, where the reproducibility was approximately
0.01 absorbance unit. The baseline-corrected spectra were
smoothed using a spline (standard deviation 0.01 absorbance
unit), and converted from wavelength to wavenumber and from
observed absorbance to molar absorbance. In the LiCl-domi-
nated solutions considered here, the molar to molal conversion

Table 1. Concentrations of Cu, Cl, and Li in solutions used for measuring UV-Vis-NIR spectra.

Vis-NIR spectra UV-Vis spectra

Cu [1023 m] Cl [m] Li [m] Cu [1024 m] Cl [m] Li [m]

1 8.29 0.101 0.079a 4.81 0.0048 —
2 8.29 0.128 0.106a 4.82 0.0444 0.0396
3 8.31 0.173 0.151b 4.83 0.0881 0.0833
4 8.35 0.327 0.305b 4.83 0.0984 0.0936
5 8.37 0.421 0.399b 4.84 0.157 0.152
6 8.41 0.545 0.523 4.89 0.300 0.295
7 8.47 0.784 0.762 4.89 0.402 0.397
8 8.54 1.05 1.03 4.90 0.501 0.496
9 8.59 1.24 1.22 4.95 0.750 0.745

10 8.64 1.43 1.41 5.00 1.01 1.00
11 8.75 1.84 1.82 5.03 1.20 1.19
12 8.86 2.26 2.24 5.09 1.50 1.49
13 8.94 2.55 2.52 5.14 1.80 1.80
14 9.02 2.85 2.83 5.18 2.01 2.00
15 9.14 3.31 3.28 5.31 2.56 2.55
16 9.21 3.57 3.55 5.40 3.01 3.00
17 9.34 4.06 4.04 5.49 3.50 3.49
18 9.61 5.09 5.07 5.63 4.20 4.19
19 10.4 8.14 8.12 5.74 4.75 4.74
20 11.1 10.7 10.6 5.77 5.013 5.01
21 12.0 14.2 14.2 5.88 5.51 5.50
22 12.7 16.8 16.7 6.08 6.50 6.49
23 13.2 18.5 18.4 6.37 8.04 8.03
24 6.66 9.50 9.49
25 6.95 11.02 11.0
26 7.33 13.0 13.0
27 7.82 15.5 15.5
28 8.33 18.1 18.1

a spectra collected only at 90°C,b spectra collected only at 25 and 90°C.
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factor, fS, is closely approximated by (e.g., Heinrich and
Seward, 1990):

fS 5
10001 WLiClmLiCl

1000z rLiCl (mLiCl , T)
(1)

where WLiCl is the molecular mass of LiCl. A power series
equation was used to describe the density of the LiCl aqueous
solution, rLiCl(mLiCl, T), for LiCl molalities (mLiCl) between
0.1 m and 20 m LiCl, and temperatures (T) between 5°C and
100°C. The coefficients (Table 2) were fitted by least squares
methods to experimental data of Bogatykh and Evnovitch
(1965), Gates and Wood (1985), Isono (1984), Jones and Brad-
shaw (1932), Lengyel et al. (1964), Millero et al. (1977),

Ostroff et al. (1969), Out and Los (1980) and Suhrmann and
Wiedersich (1953).

3. RESULTS AND INTERPRETATION

3.1. Description of the Electronic Spectra of Cu(II)
Chlorides

The spectrophotometric data for solutions with systemati-
cally increasing Cl concentrations obtained at 25 and 90°C are
presented in Figure 1. Vis-NIR spectral regions exhibit a broad,
asymmetric band, corresponding tod-d electronic transitions at
the Cu(II) centre (e.g., Hatfield et al., 1965). The absorbance
increases and the band shifts to lower wavenumbers (i.e., lower
energies) with increasing Cl concentration (Fig. 1a). This
change is consistent with the successive replacement of water
ligands by weaker field chloride ligands (spectrochemical se-
ries; e.g., Shriver et al., 1996). The bands in the UV-Vis region
(Fig. 1c,d) are attributed to charge transfer transitions between
Cu(II) centres and surrounding ligands (e.g., Furlani and Mor-
purgo, 1963; Hatfield et al., 1965). The spectral features in the
UV-Vis region are much more distinctive than those in the
Vis-NIR region. At the lowest chloride concentration
(Cltot50.0048 m), the spectrum shows only a weak absorbance
in the far UV region (Fig. 1d, spectrum 1). As the chloride
concentration increases, a band develops at;39800 cm21 (Fig.
1d, arrow 2). Above approximately 1 m LiCl, this band in-
creases rapidly in intensity and red shifts by approximately
3000 cm21 with increasing LiCl concentration (Fig. 1d, arrow
3). Above ;2.5 m LiCl, a new absorption band appears at
25700 cm21 (Fig. 1; arrow 4a); the growth of this band causes
a change in the colour of the solutions from a faint blue at lower
LiCl molalities to a yellow colour in solutions with higher LiCl

Table 2. Power series equation describing the density of a LiCl
aqueous solution [PLiCl(mLiCl, T)] between 0.1 m and 20 m LiCl,

and between 5°C and 100°C.

Coefficient Factor

0.987033
0.0237957 m

20.000606358 m2

8.29409 1026 m3

0.0100694 T0.5

20.00183098 T
1.26994 1025 T2

28.78171 1025 T3

4.91795 1026 m2T2

27.52939 1028 T m
24.9594 1028 m2T
24.19861 1028 m3T

9.60198 1027 m T2

1.27846 1029 m T3

Fig. 1. Electronic spectra of Cu(II) in acidic LiCl solutions at 25 and 90°C. (a andb) Vis-NIR range, (c andd) UV-Vis
range. The crosses ina andc are the calculated spectra for the 5-species model. The solution compositions are listed in Table
1. The arrows and labels 1 to 5 in Figure 1d show the 5 different trends in the spectral changes with increasing
Cl-concentrations, that are interpreted as indicating the presence of at least 5 different Cu(II) complexes in the experiment.
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molalities. In parallel, another band appears at;42900 cm21

as a shoulder on the main band (Fig. 1; arrow 4c). The main
band continues to grow and to shift towards lower energies
(Fig. 1; arrow 4b). Above 10 m LiCl, the intensity of the band
at 42900 cm21 starts to decrease, and the remaining two bands
shift towards higher wavenumbers by;400 cm21 (Fig. 1;
arrows 5a,b,c), with only a slight increase in intensity.

Increasing temperature from 25°C to 90°C has only small
effects on the absorbance spectra. The shape of the spectra and
the molar absorbance do not change between the two temper-
atures; however, there is a small difference in the band in the
UV-Vis at approximately 26000 cm21. That band starts in-
creasing in intensity with lower LiCl concentration at 90°C
than at 25°C (Fig. 2).

Qualitatively it is difficult to discern how many complexes
are necessary to describe the changes in the Vis-NIR spectra;
however, based on how absorbance changes at individual
wavelengths there appears to be a minimum of 3 or 4 com-
plexes. The changes in the UV-Vis spectra are more distinct,
where it appears a minimum of 5 complexes are necessary to
describe the spectra (see arrows in Fig. 1d). Quantitative inter-
pretation of the spectra is necessary to estimate the molar
absorbance spectra and fractions of individual complexes and
derive their thermodynamic properties.

3.2. Interpretation of Spectra

The quantitative interpretation of spectra can be difficult,
especially in our case where spectra for individual complexes
overlap. First we review briefly the principles involved in
interpreting absorbance spectra numerically and then follow
with the detailed description of how we interpreted our exper-
imental data.

3.2.1. Background principles

According to the Beer-Lambert law, the absorbance, Al
S,

measured at wavelengthl in solution S is a function of the
path-length lpath, the molar concentrations Mn

S of each of the
absorbing complexes n (NAS5 total number of absorbing
species) in the solution S and the molar absorptivity coefficient
«n,l at wavelengthl (e.g., Alpert, 1973):

Al
S 5 1pathO

n51

NAS

Mn
Sen,l (2)

The Beer-Lambert law is based on the molarity scale, but
geochemists often use the molality scale (e.g., “standard ther-
modynamic convention” stated in Anderson and Crerar, 1993).
Using the molar to molal conversion factor for solution S, fS

[Eqn. 1], Eqn. 2 can be rewritten:

Ãl
S 5

fS z Al
S

1path
5 O

n51

NAS

mn
Sen,l (3)

where mn
S is the molal concentration of complex n in solution

S. To study stepwise ligand substitution, series of spectra are
measured under similar conditions (e.g., constant Cu concen-
tration, temperature, pH), but with varying concentrations of
the ligand. The resulting absorbance data can be cast in a matrix
Ã of total absorbances, where each column represents a par-
ticular wavelength, and each row represents a solution with a
different ligand concentration. Using matrix notation, the Beer-
Lambert law is written as:

Ã 5 C p E (4)

whereC (number of solutions3 NAS) is the matrix of con-
centrations of the absorbing species, andE (NAS 3 number of
sampled wavelengths) is the matrix of molar absorptivity co-
efficients. The goal of the quantitative interpretation of spec-
troscopic data is to calculate the concentration and molar ab-
sorptivity of individual species in solutions that contain
mixtures of absorbing species, i.e., to find the matricesC andE
that best reproduce the experimental data. At first sight, this is
a simple linear algebra problem. There is a fundamental prob-
lem, however, in that an infinite number of solutions can be
derived using linear algebra, but there is only one physically
correct solution (e.g., Tauler and Casassas, 1989). The correct
solution (C * E) is related to any other solution (D * F) by a
rotation R (R is an orthogonal, square matrix andRT is its
transpose), or by a scalar multiplication factor k:

Ã 5 D p F 5 ~C R! p ~RT p E!

5 C p E (rotational ambiguity) (5)

Ã 5 D p F 5 ~kC! p ~1/k E!

5 C p E (scaling ambiguity) (6)

These ambiguities can be resolved if “pure variables,” i.e.,
wavelengths where only one complex absorbs, are available
(Malinowski, 1977). Pure variables are rarely present in UV-
Vis-NIR spectra, which commonly display broad, overlapping
bands (e.g., Susak and Crerar, 1984). In such cases, one must

Fig. 2. Absorbance change at 26440 cm21 as a function of chlorinity
and temperature. 26440 cm21 is the energy corresponding to the
maximum absorbance in the near-VIS range at 18.1 m LiCl.
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rely on physical and/or chemical constraints that are applied
during a least-squares minimisation to obtain the physically and
chemically relevant solution.

Two families of algorithms for data interpretation can be
distinguished, based on the type of constraints applied in the
interpretation. The first family, originally implemented in the
program SQUAD (Legget, 1977, Legget and McBryde, 1975),
uses the constraint of a non-linear thermodynamic speciation
model. A non-linear least-squares method is used to optimise
the molar absorptivity coefficients and the equilibrium con-
stants of formation of the absorbing species. SQUAD has been
used successfully in geochemical studies (e.g., Heinrich and
Seward, 1990, Bebie et al., 1998). The method used in the other
family of algorithms, subsequently referred to as “model-free”
method (e.g., Tauler and Casassas, 1989), does not require any
assumption on the chemistry of the system, other than the
number of absorbing complexes present. In particular, the
“model-free” method requires no assumption about the nature
of the absorbing complexes (e.g., stoichiometry) or a thermo-
dynamic model. The physically relevant solution is retrieved
using constraints such as non-negativity for concentrations and
molar absorptivities, closure (sum of the concentrations of
some species5 known quantity) and unimodality (only one
maximum in the concentration profiles; De Juan et al., 1997;
Gampp et al., 1985; Saurina et al., 1995; Tauler and Casassas,
1989; 1992). The “model-free” method allows the determina-
tion of the molar absorptivity coefficients and concentrations of
each absorbing complex in the experimental solutions.

3.2.2. Preliminary Data Analysis

The molar absorbance data were interpreted quantitatively in
several steps:

1. Estimate the number of factors, i.e., contributing aqueous
complexes, necessary to describe the absorbance data, using
principal component analysis (PCA; e.g., Malinowski and
Howery, 1980).

2. Fit spectra and fractions of individual complexes to the
absorbance data using “model-free” analysis and the number
of factors estimated by PCA. The computer code imple-
menting an “alternating least squares” method was supplied
by Anna de Juan (De Juan et al., 1997, De Juan and Tauler,
1999). The results are used to elucidate the geometry and
stoichiometry of the complexes and to provide initial esti-
mates for thermodynamic properties to be fitted to the spec-
tra.

3. Set up a thermodynamic model, including activity coeffi-
cient estimates, and fit the molar absorbance spectra and
logarithms of formation constants for Cu(II)-chloride aque-
ous complexes.

4. Study the stability of the numerical solution and estimate the
uncertainties on fitted values of the thermodynamic proper-
ties.

PCA indicates that a minimum of 4 factors (corresponding to
4 aqueous complexes) is necessary to describe the NIR-Vis
spectra (Fig. 3b), whereas a minimum of 5 factors is necessary
to describe the UV-Vis spectra (Fig. 3a). The latter is consistent
with the qualitative interpretation of the UV-Vis spectra (Fig.
1d). The residual calculated for 5 factors is still approximately

3 times the analytical precision. It is, therefore, possible that a
sixth factor is necessary to explain the UV-Vis data, although
the calculated residual for 6 factors is less than the analytical
precision. It is unlikely that there are more than 6 complexes
contributing to the UV-Vis spectrum, as the calculated residu-
als for higher factor models are less than the analytical preci-
sion and do not decrease markedly between 6, 7 and 8 factor
models.

In the “model-free” analysis, we assumed positive molar
absorptivity coefficients and concentrations (i.e., non-negativ-
ity constraint) and the sum of the concentrations of all absorb-
ing complexes5 total copper concentration (i.e., closure con-
straint). The absorptivity coefficients for [Cu]aq

21 were fixed
using the spectra recorded for the lowest chloride concentra-
tion. Analysis of the data with and without the unimodality
constraint, however, only changed the calculated concentra-
tions for Cu(II)-complexes by a maximum of 10%. In the final
“model-free” analysis the unimodality constraint was included
because this prevented complexes (e.g., [CuCl]aq

1) that are
present at lower chloride concentrations from reappearing at
the highest chloride concentrations.

The “model-free” analysis is consistent with the qualitative
and quantitative interpretation that a minimum of 5 complexes
is necessary to explain UV-Vis spectra (Fig. 4). Fits with 4
complexes were very poor (residuals.. 0.1%). Fits with 6
complexes are sensitive to initial guesses and applied con-

Fig. 3. Principal component analysis of the spectroscopic data at
25°C (a) for UV-Vis spectra, (b) for Vis-NIR spectra. Residual are

calculated as 100Î ~xi 2 x)2

xi
2 , xi is the observed value, and x the model

value. The dashed line represents a minimum experimental error.
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straints, and generally led to unrealistic concentration profiles
or absorbance spectra for individual species.

3.2.3. Development of a Thermodynamic Model

Deriving thermodynamic properties from the absorbance
spectra requires a model that accounts for the properties (i.e.,
log K of formation reactions) and activity coefficients of all the
relevant aqueous species, including non-copper species such as
those containing lithium and chloride.

The Cu(II) complexes to be considered are of the type
[CuIICln]aq

22n. Throughout this paper, we use the subscript “aq”
to refer to a general stoichiometry where we do not explicitly
account for H2O ligands in the first coordination shell. In the
absence of “aq,” we specify the geometry of the species. For
example, [CuCl4]aq

22 can refer to [CuCl4]
22 (tetrahedral),

[CuCl4]
22 (square pyramidal), or [CuCl4(OH2)2]

22 (octahe-
dral). We checked for the existence of polynuclear Cu com-
plexes, as they have been identified in studies of related sys-
tems (e.g., Cu(I)-bisulphide complexes; Helz et al., 1993;
Thompson and Helz, 1994), by measuring the Vis-NIR absor-
bance spectra of acidified 1 m NaCl solutions containing a
range of dissolved CuSO4 concentrations (0.0016 m to 0.08 m).
A change in copper speciation reflecting the presence of

polynuclear complexes should become evident as changes in
band shape (e.g., Smith, 1976) and/or non-linear changes in
absorbance with increasing CuSO4 concentration. Neither was
observed, indicating no change in copper speciation in 1 m
NaCl solutions containing up to at least 0.08 m Cu. Subsequent
experiments contained less than 1023 m Cu, well below the
concentrations in the test experiments.

The other chemical species considered in the model are
[H]aq

1 , [HCl]aq
0 , [Li] aq

1 , [Cl]aq
2 and [LiCl]aq

0 . Hydroxy-species
such as [OH]aq

2 and [LiOH]aq
0 are not included in our model

because their concentration was negligible under our experi-
mental conditions (pH, 4). H2O is not included in the model
because we choose not to include waters of hydration in the
reactions of formation of the copper complexes; therefore, H2O
is not involved in our model reactions. Polynuclear ion pairs
with Li and Cl probably exist, based on the presence of such
complexes in the NaCl and KCl systems (e.g., Oelkers and
Helgeson, 1993; Pokrovskii and Helgeson, 1997). Molecular
dynamic modelling of NaCl solutions suggests that different
polynuclear clusters (ion pairs) exist in strong electrolyte solu-
tions, even at moderate salt concentrations (Driesner et al.,
1998), where according to their calculations, [Na2Cl]aq

1 ,
[NaCl2]aq

2 , and [Na2Cl2]aq
0 account for 20.4% of the ions in 1 m

NaCl solution at 25°C. At supercritical temperatures (380°C),
the free ions Na1 and Cl2 account only for 12.8% of the ions,
and clusters as large as [Na4Cl4]aq

0 were predicted. It is difficult
to use these types of complexes in a thermodynamic model, due
to their large number and lack of experimental or theoretical
studies on their role in highly concentrated brines (.1 molal).
A simple model, that does not account explicitly for polynu-
clear Li-Cl species is applied to this study. This affects the
calculation of the true ionic strength (I#), and hence the activity
coefficients used in this study; however, more complete models
cannot be developed until we have a better understanding of the
structure and properties of highly concentrated electrolyte so-
lutions.

The concentrations and activities of each species can be
obtained by solving a system of mass action equations, mass
balance equations, and an equation for electrical neutrality
(e.g., Anderson and Crerar, 1993, pp. 505–507). The mass
action equations are:

Formation of [HCl]aq
0 : K[HCl] aq

0 5
m[HCl] aq

0 g# [HCl] aq
0

m[H] aq
1 m[Cl] aq

2g# [H] za
1g# [Cl] aq

2
(7)

Formation of [LiCl]aq
0 : K[LiCl] aq

0 5
m[LiCl] aq

0 g# [LiCl] aq
0

m[Li] aq
1 m[Cl] aq

2g# [Cl] aq
2g# [Li] aq

1
(8)

Formation of Cu(II) chloro-complexes:

Kn 5
m[CuCln]aq

22ng# [CuCln]aq
22n

m[Cu]aq
21 g# [Cu]aq

21 (m[Cl] aq
2g# [Cl] aq

2)n, (9)

where n represents the number of chloride ligands andg# are the
activity coefficients for the subscripted individual complexes.
There are three mass balance equations:

mCutot 5 O
n

m[CuCln]aq
22n , (10)

Fig. 4. Results of the “model-free” analysis of the spectroscopic data.
(a) spectra of the 5 individual species; (b) distribution of the 5 species
as a function of LiCl concentration. The species are numbered 1 to 5,
as the “model-free” analysis does not require any assumption on their
nature.
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mCltot 5 m[HCl] aq
0 1 m[LiCl] aq

0 1 m[Cl] aq
2 1 O

n

n z m[CuCli]aq
22i ,

(11)

mLi tot 5 m[LiCl] aq
0 1 m[Li] aq

1 (12)

Activity coefficients vary as a function of ionic strength, prop-
erties of the solvent and dissolved species, temperature and
pressure. Two types of models are widely used: ion-interaction
and ion-pairing (e.g., Anderson and Crerar, 1993). The ion-
interaction model, as formulated by Pitzer (1973), does not
account explicitly for ion association (including complex for-
mation), and describes the properties of a solution in term of
interactions between free ions. This approach has been partic-
ularly successful in predicting mineral solubilities in concen-
trated electrolyte solutions (e.g., Harvie et al., 1984), but does
not allow for extrapolations outside the range of available
experimental data (e.g., see discussion in Anderson and Crerar,
1993, p 463–465). The second type of model, ion-pairing,
accounts explicitly for all species present in the aqueous solu-
tion. This approach is well suited for the modelling of trace
amounts of metal ions that form stable complexes (e.g., Helge-
son et al., 1981), and has been developed to allow the extension
of the model to pressures and temperatures outside the range
where experimental data are available (Helgeson and Kirkham,
1974a; 1974b; Helgeson et al., 1981). Millero and Hawke
(1992) and Millero et al. (1995) combined the ion-interaction
and ion-pairing models, the former being used to describe the
ionic interaction between the main constituents of sea-water,
and the latter accounting for the strong interaction between the
trace metal cations and the major anions.

In this study the Helgeson and Kirkham (1974b) approach is
used to estimate activity coefficients over the ion-interaction
and combined models because it is well suited for calculating
activities of trace element complexes in concentrated salt so-
lutions, i.e., Cu(II)-chloride complexes in LiCl solutions. More-
over, we found that it could describe the existing experimental
data with only a small modification. Initially, individual activ-
ity coefficients for major and minor charged species were
calculated using the “b-dot” equation, a version of the Debye-
Hückel equation extended with a linear term in ionic strength
(Helgeson and Kirkham, 1974b):

log(g# ) 5 2
Agzn

2I#1/2

1 1 BgånI#
1/2 1 bg,LiClI# 1 Gg,

where I# 5 1/ 2 O
i

mizi
2 (13)

Ag and Bg are the Debye-Hu¨ckel solvent parameters taken from
Tables 1 and 2 in Helgeson and Kirkham (1974b), and bg,LiCl

is a temperature-dependent interaction parameter for LiCl-
dominated aqueous solutions (see below). ån is the distance of
closest approach for ion n, and is given a value of 5.0 Å for
divalent and trivalent ions, and 4.0 Å for monovalent ions with
the exception of the proton H1 which was attributed a value of
9.0 Å (e.g., Kielland, 1937). I¯ is the effective (or true) ionic
strength, and mi and zi denote the molality and charge of the ith

aqueous species, respectively.Gg is a mole fraction to molality

conversion factor, given byG g 5 2log(110.18053m*), where
m* refers to the sum of the molalities of all solute species.

The relation between the stoichiometric (g[Cl] aq
2, no ion-pair-

ing) and ionic (ḡ[Cl] aq
2, with ion-pairing) activity coefficients is

(e.g., Eqn. 5 in Millero and Hawke, 1992):

a[Cl] aq
2 5 g[Cl] aq

2mLiCl
tot 5 g# [Cl] aq

2m[Cl] aq
2 (14)

Because the distances of closest approach are assumed equal
for monovalent species, and using the definition of the mean
stoichiometric activity coefficient (Eqn. 57 in Helgeson et al.,
1981), we have:

g6,LiCl 5 ~g[Cl] aq
2g[Li] aq

1)1/2 5 g[Cl] aq
2 (15)

Thus, for a LiCl solution in which the ion pair [LiCl]aq
0 is taken

into account the mean stoichiometric activity coefficient is
given by:

g6,LiCl 5
mLiCl

tot 2 m[LiCl] aq
0

mLiCl
tot g# [Cl] aq

2 (16)

Using existing values for A, B, ån, and values for bg,LiCl taken
from Helgeson et al. (1981; Table 26), the dissociation constant
for LiCl0 calculated with SUPCRT (Johnson et al., 1992), and
assuming the activity coefficients of neutral species are equal to
one, the b-dot equation reproduces accurately the experimental
mean stoichiometric activity coefficients of LiCl up to approx-
imately 1 m LiCl (Fig. 5). At greater LiCl concentrations, the
predicted values are less than the measured values and diverge
with increasing LiCl concentration (Fig. 5). To fit the entire
range of LiCl concentration for which experimental data are

Fig. 5. Comparison between the mean stoichiometric activity coef-
ficient of LiCl solutions obtained using the Pitzer parameters fitted by
Holmes and Mesmer, 1983, with those predicted using the Debye-
Hückel model with parameters fitted by Helgeson et al. (1981), and
with the parameters derived in the present study. The circles (Pitzer
model) closely match the available experimental data.
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available, the b-dot equation has been extended by adding a
quadratic term:

log(g# ) 5 2
Agzn

21/ 2

1 1 BgånI#
1/ 2 1 bg,LiClI# 1 bgsq,LiClI#

2 1 Gg ,

(17)

and estimating the activity coefficient for the neutral species,
[LiCl] aq

0 , with the Setche´now equation (Setche´now, 1889):

log(g# [LiCl] aq
0 ) 5 bg,[LiCl] aq

0 I 1 Gg (18)

Alternative extensions to the b-dot equation all failed to fit the
available data well over the entire concentration range. We
tried three alternatives:

1. An initial b-dot term of Ī2;
2. An exponential term instead of the quadratic b-dot term;
3. A Setche´now coefficient but no quadratic term.

Values of the b-dot coefficient, bg,LiCl, Setche´now coefficient,
bg,[LiCl] aq

0 , and the extended quadratic coefficient, bgsq,LiCl were
fitted to the mean ionic activity coefficients for LiCl (Holmes
and Mesmer, 1983) following the procedure of Pokrovskii and
Helgeson (1997), and are listed in Table 3. This model fits the
experimental data within 1% and represents the mean ionic
activity coefficient of a LiCl solution over the whole range of
concentrations used in our experiments (Fig. 5). The new
values of the b-dot coefficient (bg,LiCl; Table 3) are close to
those tabulated by Helgeson and Kirkham (1974b). Direct
comparisons of our values for the Setche´now coefficient,
bg,[LiCl] aq

0 , are not possible because of a lack of published values;
however, they are within the range of the values reported for
another 1:1 salt, KCl (0.112, bg,[KCl] aq

0 , 1.09 between tem-
peratures of 100°C and 325°C (Pokrovskii and Helgeson,
1997).

[HCl]aq
0 is also included in our thermodynamic model and we

assumed its activity to be one (i.e., Setchne´now coefficient
bg,[HCl]aq

0 5 0). It is unnecessary to use a more sophisticated
estimate because [HCl]aq

0 is only a minor species in our exper-
iments and accurate calculated pH values are not required to
interpret our data. The influence of a non-zero Se´tchenow
coefficient for another neutral complex, [CuCl2]aq

0 , is discussed
in the quantitative interpretation sections below.

3.2.4. Procedure for the fitting of log k

In fitting the data, a matrix of molar absorptivity coefficients
E and a set of the logarithms equilibrium constants (log K) are
required that minimise the residualsu in Eqn. 19:

Ã 5 C p E 1 u (19)

Solving Eqn. 19 by using a least squares method is equivalent
to finding a minimum for the objective functionx2:

nx2 5 O
n

uTu 5 O
n

@~Ã 2 C E)T(Ã 2 C E!# 5 O
n

~ÃTÃ

2 2ÃTC E 1 ETCTC! (20)

whereS represents the sum of the n elements in the vector of
squared residuals. The optimisation of the equilibrium con-
stants and molar absorptivity coefficients is based on two
optimisation algorithms performed in outer and inner program-
ming loops. Within the inner loop, Eqn. 19 is solved forE for
a given set of equilibrium constants (K) and with non-negativ-
ity constraints on the elements ofE. A quadratic programming
method was used that usually finds the absolute minimum
(Neumaier, 1998). The matrix of concentrations (C) is calcu-
lated by a distribution of species calculation using a customised
version of EQBRM (Anderson and Crerar, 1993). Then, in the
outer loop, the values of K are varied using a Nelder-Mead type
simplex algorithm (Nelder and Mead, 1965) until a local min-
imum for x2 is obtained.

In the fitting, a subset of 35 absorbance values per spectra,
equally distributed on the energy scale between 20000 and
43300 cm21 (500–230 nm) were used in the UV-Vis, and
between 8980 and 15000 cm21 (666–1300 nm) in the Vis-NIR.
This number of data points provides sufficient coverage given
the broad nature (width) of the absorption bands (Fig. 1). Fits
using different subsets of 35 data points per spectra and larger
subsets (up to 80 points per spectrum) resulted in log K values
within 0.02 absorbance unit corresponding to differences that
are well within our estimated uncertainties (see below).

3.2.5. Choice of speciation models

The choice of copper complexes to include in our thermo-
dynamic model is non-trivial because the stereochemistry of
copper(II) ([Ar]3d9) complexes is very diverse. In particular
Cu(II) complexes exhibit a strong Jahn-Teller distortion, which
in the case of chloro-complexes contributes to a plethora of
geometric arrangements of the ligands around the central atom
(e.g., Smith, 1976). To rationalise the choice of a speciation
model (i.e., number and type of copper-chloride complexes)
that is consistent with our spectrophotometric data, a brief
review is provided of the coordination chemistry of Cu(II) and
information about the structure of Cu(II)-bearing aqueous so-
lutions from Extended X-ray Absorption Fine Structure (EX-
AFS) data.

The Jahn-Teller distortion of Cu(II)-chloro-complexes is

Table 3. Debye-Hu¨ckel parameters (bg,LiCl), Sétchenow coefficient (bg,[LiCl]
0
aq), and dissociation constants for [LiCl]0

aq (log Kd
[LiCl]0

aq) used in
this study. The dissociation constants of [HCl]0

aq used in this study are also given.

Temp [°C]

This Study Helgeson et al. (1981) SUPCRT92

bg,LiCl bg,[LiCl] aq
0 bgsq,LiClz103 bg,LiCl log Kd

[LiCl] aq
0

log Kd
[HCl]aq

0

25 0.121 0.400 2.94 0.140 1.511 0.711
60 0.113 0.675 1.90 0.131 1.382 0.803
90 0.109 0.336 1.16 0.123 1.235 0.774
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well illustrated by the mineral tolbachite, in which each Cu(II)
ion is surrounded by 4 Cl- ions at 2.262 Å and 2 Cl2 ion at
2.963 Å (D4h; Fig. 6; Burns and Hawthorne, 1993). As might
be anticipated from the weak ligand field provided by the
chloride ligands, in mixed ligand complexes (e.g., Cl2 and
H2O) the Cl2 ligands are generally located along the long axis
of a distorted octahedron (D4h) in 6-coordinated Cu(II) chloro-
complexes occurring in minerals, (e.g., [CuCl2(OH)4](s)

42 in
chloroxiphite, Finney et al., 1977; [CuCl4(OH2)2](s)

42 in erioch-
alcite, Harker, 1936; Figure 6). Distorted tetrahedral (D2d) and
trigonal bi-pyramidal geometries (D3h) are also observed in
solids (McGinnety, 1972; Raymond et al., 1968; Fig. 6).

EXAFS studies of Cu(II)-bearing solutions reveal that the
hexa-aquo complex, [Cu(OH2)6]

21, with distorted octahedral
geometry (D4h), is stable in pure water at room temperature
(D’Angelo et al., 1997 and references therein). Experiments
with solutions containing 3 m NaCl suggest that dissolved
copper(II) centres exist in a distorted octahedral coordination,
with an average of 1.060.2 (1s) Cl along the long axis at
2.8560.03 Å, and 1.060.2 Cl in the equatorial plane at
2.2960.02 Å (D’Angelo et al., 1997). Collings et al. (2000), in
their EXAFS study at higher chloride concentrations (up to
5.6 m NaCl) and higher temperature (up to 175°C), were not
able to resolve the nature of the complexes (e.g., the axial
ligands), but suggested the presence of [CuCl4]aq

22 in 0.1 m
CuCl2 1 5.6 m NaCl solutions at 125°C.

Using existing evidence from EXAFS and electronic spec-
troscopy, we can interpret the geometry and stoichiometry of
the Cu(II)-chloro-complexes from the spectra retrieved by the
“model-free” analysis. The first complex present at the lowest
concentrations of LiCl, is the distorted octahedral
[Cu(OH2)6]

21. The second and third complexes ([CuCl]aq
1 ,

[CuCl2]aq
0 ) are also distorted octahedral, based on EXAFS data

(D’Angelo et al., 1997). The results of the “model-free” anal-

ysis indicate a major change in the UV-Vis spectral features of
the higher-order Cu(II)-chloride complexes (Fig. 4). The
change in the shape of the spectra of the third and fourth
complexes can probably be attributed to a stereochemical
change from distorted octahedral to distorted tetrahedral (e.g.,
Crerar et al., 1985). The UV-Vis spectrum of the fourth com-
plex in the model-free analysis is very similar to the spectrum
of distorted tetrahedral [CuCl4]

22 in (C2H5NH3)2CuCl4(s), with
two major bands at 26400 and 35700 cm21, and a shoulder at
;42000 cm21. [CuCl4]

22 also occurs in solids with square
planar geometry (D4h; Desjardins et al., 1983). The synthesis of
those compounds, however, requires water-free organic sol-
vents, whereas distorted tetrahedral [CuCl4]

22-bearing com-
pounds can be easily precipitated from aqueous solutions, and
we thus favour theD2d geometry (Fig. 6c). There is also a
change in the shape of spectra between fourth and fifth com-
plexes from the “model-free” analysis (i.e., disappearance of
the band at;43000 cm21; Fig. 4a). The UV-Vis spectrum of
this last complex can be compared with the solid state spectra
of [CuCl5]

32, which display two main bands at 27500 and
39000 cm21 in Cr(NH3)6CuCl5(s)or 28400 and 35700 cm21 in
dienH3CuCl5(s) (Allen and Hush, 1967). Again, the CuCl5

32

complex appears in different configuration with very similar
energy, i.e., trigonal bipyramidal (D3h; Raymond et al., 1968)
and square pyramidal (e.g., Antolini et al., 1980), but theD3h

geometry is commonly observed in compounds crystallised
from electrolyte solutions. Note that the distorted octahedral
[CuCl6]

42 complex is unstable in aqueous solutions, as indi-
cated by the rapid hydration of [CuCl6]

42 to [CuCl4(OH2)2]
22

in tolbachite in air (e.g., Burns and Hawthorne, 1993).

3.2.6. Results for alternative speciation models

In this study, the PCA discussed earlier suggests that five or
six copper complexes are required to explain the data. Two

Fig. 6. Examples of the chloride coordination to Cu(II) in crystals. (a) chloroxiphite, (Finney et al., 1977); (b) eriochalcite
(Harker, 1936); (c) Cs2CuCl4 (McGinnety, 1972); (d) Cr(NH3)6CuCl5 (Raymond et al., 1968); (e) tolbachite (Burns and
Hawthorne, 1993).
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alternative models were tested, one requiring 5 Cu(II) com-
plexes, and the other 6. The fitted spectra of individual com-
plexes and the calculated distributions of species for the five-
and six-complex models are shown in Figure 7. We present

comparisons between the results of our fits using the two
models, as well as between our results and those of previous
studies (Table 4). Additionally, the choice of the value for the
activity of the neutral complex [CuCl2]aq

0 , i.e., the value of the

Fig. 7. Results from the quantitative interpretation of the spectroscopic data. (a–d) 5-complex model, (e–h) 6-complex
model. (c, g) distribution of species at 25°C; (a, e) distribution of species at 90°C; (c, g) UV-Vis spectra of the individual
species at 25°C; (d, h) Vis-NIR spectra of the individual species at 25°C.
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Setche´now coefficient (Eqn. 18), influences the results and is
discussed using the 6-complex model as an example.

The fitted UV-Vis spectra and calculated distribution of
species using a five-complex speciation model are shown in
Figure 7a–d. The speciation model includes [Cu]aq

21, [CuCl]aq
1 ,

[CuCl2]aq
0 , [CuCl3]aq

2 and [CuCl4]aq
22, and is therefore similar to

the models previously given in the literature for aqueous (e.g.,
Bjerrum, 1987) and organic solvents (e.g., Bentouhami et al.,
1992; Djabi et al. 1994). The molar absorptivity spectra are
similar to those given by the “model-free” analysis (Figs. 7c
and 4a). Thus, as mentioned above, the first three complexes
have distorted octahedral geometries. The fourth complex,
[CuCl3]aq

2 , is tetrahedrally coordinated. The fifth complex may
also have a distorted tetrahedral geometry; however, the disap-
pearance of the band at approximately 42000 cm21 (Fig. 7b)
may indicate another geometry, as this band is found in the
solid state spectra of crystals containing the [CuCl4]

22 ion
(Desjardins et al., 1983).

The fitted spectra and calculated distribution of species for
the six-complex model are shown in Figure 7e–h. The specia-
tion model includes the same complexes as for the five-com-
plex model plus [CuCl5]aq

32. As in the five-complex model, the
first three complexes are octahedrally coordinated. In the six-
complex model, the geometry of the [CuCl3]aq

2 complex may be
either octahedral or tetrahedral, where the shape of the fitted
spectrum for that complex is dependent on the choice of the
Setche´now coefficient for [CuCl2]aq

0 (see below). The molar
absorptivity spectra of the fifth and sixth complexes in the
6-complex model are similar to the spectra of the fourth and
fifth complexes in the 5-complex model, respectively. Thus,
based on the shape of its fitted spectrum, the [CuCl4]aq

22 com-
plex is tetrahedrally coordinated (Fig. 7g), and the possible
copper-chloride complex at the highest LiCl concentration,
[CuCl5]aq

32, probably has bipyramidal trigonal geometry (D3h).
The formation constants and residuals determined using the

5- and 6-complex models are presented in Table 4. These

values are based on the regression of the spectroscopic data in
the UV-Vis range. The residuals are smaller for the 6-complex
model, but for the 5-complex model the residuals are within the
estimated analytical error. There is no compelling reason to
include the visible-NIR data in the fits; however, we tested the
possibility by fitting the visible-NIR spectra using log K values
in Table 4. The calculated residuals were less than 0.005
absorbance units, lower than the estimated analytical precision
of 0.01 absorbance units, indicating that the Vis-NIR data are
consistent with the UV-Vis data, and there is no additional
information to be gained by including the Vis-NIR data. Nev-
ertheless, the consistency in interpretations obtained across
different types of electronic features and different Cu(II) con-
centrations gives confidence to the analytical methodology
presented herein.

The activity coefficient for the neutral species, [CuCl2]aq
0 , is

unknown, but has an effect on the results of the fitting. Differ-
ent values of the Setche´now coefficient, bg,[CuCl2]aq

0 , were as-
sumed to choose an optimal value. With bg,[CuCl2]aq

0 5 0 (i.e.,
g[CuCl2]aq

0 5 1), [CuCl3]aq
2 is calculated to be only a minor

complex with absorptivity coefficients that are one or two
orders of magnitude higher than the other copper-chloride
complexes (Fig. 8a). Such high values of the molar absorptivity
coefficients are not physically reasonable. Alternatively, as-
suming bg,[CuCl2]aq

0 5 0.40 (or higher), [CuCl2]aq
0 is calculated to

be a minor complex, also with unreasonably high absorptivity
coefficients (Fig. 8c). Assuming an intermediate value of
bg,[CuCl2]aq

0 5 0.10, results in similar magnitude absorptivity co-
efficients for all copper-chloride complexes (Fig. 8b), suggest-
ing that this value of the Setche´now coefficient is more con-
sistent with our data. In any case, the values of the Setche´now
coefficient was found to have a relatively small effect on the
fitted log K values, that remain within the estimated uncertain-
ties for a wide range of values on the coefficient (0.05,
bg,[CuCl2]aq

0 , 0.3; Fig. 9).

Table 4. Values of log K (formation constants; equation (9)) of copper(II) complexes derived from the spectroscopic data in the UV-Vis region.
Uncertainties at the 90% confidence level are given in parentheses.

Complex Sverjensky et al. (1997) Bjerrum (1987) 5-complex model 6-complex model

Temperature5 25°C
[CuCl]aq

1 0.40 ;0 0.27 (20.1/10.2) 0.30 (20.1/10.1)
[CuCl2]aq

0 20.69 ;0.4 20.63 (20.1/10.4) 20.44 (20.1/10.1)
[CuCl3]aq 22.29 ;1.2 22.44 (20.3/10.6) 22.02 (22.02/10.5)
[CuCl4]aq

22 24.59 ;2 25.90 (20.5/11.0) 24.39 (20.1/10.5)
[CuCl5]aq

32 — — — 29.0 (20.1/10.6)
Residuals — — 0.010 0.005
Temperature5 60°C
[CuCl]aq

1 0.50 0.53 (20.1/10.1) 0.51 (20.2/10.2)
[CuCl2]aq

0 20.55 20.13 (20.3/10.4) 0.36 (20.6/10.2)
[CuCl3]aq

2 22.31 21.75 (20.5/10.4) 20.96 (20.5/10.5)
[CuCl4]aq

22 25.01 25.1 (21.0/11.0) 22.93 (20.6/10.5)
[CuCl5]aq

32 — — 27.1 (20.8/10.7)
Residuals — 0.010 0.005
Temperature5 90°C
[CuCl]aq

1 0.66 0.73 (20.1/10.1) 0.87 (20.3/10.2)
[CuCl2]aq

0 20.28 0.36 (20.3/10.4) 1.19 (20.8/10.2)
[CuCl3]aq

2 22.08 21.04 (20.5/10.3) 0.00 (21.0/10.5)
[CuCl4]aq

22 25.00 24.3 (22.0/11.0) 21.80 (20.9/10.5)
[CuCl5]aq

32 — — 25.9 (20.9/10.7)
Residuals — 0.011 0.005
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Residual maps were calculated to examine the nature of the
fits (i.e., single or multiple minima) and to estimate uncertain-
ties in the fitted log K values. Residuals were calculated as a
function of log K values and depicted as contours on log K
versus log K sections (Fig. 10). In all cases there is only one
minimum, although there is a large “flat-bottomed” valley

around the minimum (example shown in Fig. 10). This is an
inherent phenomenon in the analysis and interpretation of these
types of experiments because the peaks for individual metal-
halide complexes are usually broad and overlap, and there is a
high level of co-linearity among aqueous species concentra-
tions and among molar absorptivity coefficients for each spe-

Fig. 8. Influence of the value of the Setche´now coefficient for [CuCl2]aq
0 , bg[CuCl2]aq

0 , on the fitted molar absorptivity
coefficients and distributions of species (UV-Vis, 25°C).
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cies. The residual contour corresponding to the 90% confidence
level has been estimated using the equation and F-distribution
factors given by Draper and Smith (1998; pp. 516 and 690).
The confidence contour corresponding to 1.3 times the absolute
minimum was used in all cases (range 1.25–1.35 depending on
the number of absorbances taken into account, and the number
of complexes). An example contour is depicted in Figure 10.
The uncertainties listed in Table 4 correspond to the minimum
and maximum values within the 90% confidence level.

4. DISCUSSION

In this section, the results obtained in this study are com-
pared with those reported in previous studies, and the relative

merits of our two alternative models (5- and 6-complex) are
discussed. A large number of studies have been devoted to the
speciation of Cu(II) in chloride-bearing aqueous brines at room
temperature, using methods such as mineral solubility (e.g.,
Ramette, 1983), calorimetry (e.g., Arnek et al., 1982), and
UV-Vis-NIR spectroscopy (e.g., Byrne et al., 1983; Bjerrum,
1987). However, most of these studies are restricted to one
electrolyte and one ionic strength, and do not provide equilib-
rium constants for the Cu(II) complexes. We thus limit our
comparison to the values derived from spectroscopic experi-
ments by Bjerrum (1987), and the values presented by Sver-
jensky et al. (1997), which are based on the compilation of
experimental data by Smith and Martell (1976). The only
experimental studies on Cu(II)-chlorides complexes at temper-
atures higher than 35°C are qualitative spectroscopic studies
(Kolonin and Aksenova, 1970; Sholz et al., 1972), and the
recent EXAS experiments of Collings et al. (2000). In the
absence of experimentally determined formation constants for
the Cu(II)-chloro complexes, we compare our data with the
theoretical estimates of Sverjensky et al. (1997). There are no
data available to compare with for the possible [CuCl5]

32

complex in our 6-complex model, as previous studies only
considered the 5-complex models.

At 25°C our results and those of Sverjensky et al. (1997) are
in excellent agreement for most complexes and regardless of
our 5- or 6-complex models (Table 4). Only the log K for
[CuCl2]aq

0 (6-complex model) and [CuCl4]aq
22 (5-complex

model) are outside the 90% confidence level for our results.
The results of Bjerrum (1987) for [CuCl3]aq

2 and [CuCl4]aq
22 are

outside of our estimated uncertainties; however, those results
are presented as approximate. At 60°C the difference for
[CuCl]aq

1 is within 0.03 log units for both 5- and 6-complex
models. For higher-order Cu-chloride complexes our 5-com-
plex model agrees with Sverjensky et al. (1997) within approx-
imately 0.5 log units. The results of our 6-complex model at
60°C show greater log K of formation for [CuCl2]aq

0 and higher
order complexes, compared with those estimated from Sver-
jensky et al. (1997). At 90°C the comparison is similar, where
agreement for [CuCl]aq

1 is excellent and for higher order com-
plexes the differences are up to 1 log unit (5-complex model).
Again, our 6-complex model predicts higher log K of formation
for all higher order complexes. In any case, both our 5- and
6-complex models predict the same trend with temperature for
where the log K of formation increases with increasing tem-
perature between 25°C and 90°C. The model of Sverjensky et
al. (1997) for [CuCl]aq

1 , [CuCl2]aq
0 [CuCl3]aq

2 predicts lesser
increases in log K of formation with increasing temperature,
and for [CuCl4]aq

22 their model predicts a decrease in log K of
formation with increasing temperature.

Our two models lead to different predicted log K’s of for-
mation. Ideally, an independent method would allow us to
distinguish between models. Recent EXAFS studies (D’Angelo
et al., 1997; Collings et al., 2000) have attempted to quantify
the number of chloride ligands around Cu(II) ions. In general,
there is a poor agreement between the mean number of Cl-
ligands in the first coordination sphere retrieved by fitting of
EXAFS spectra and those predicted using thermodynamic
properties from this and other studies (Fig. 11). This is prob-
ably a consequence of the complex chemistry of the Cu(II) ion.
Interpreting the EXAFS spectra is complicated because the

Fig. 9. Influence of the value of the Setche´now coefficient for
[CuCl2]aq

0 , bg[CuCl2]aq
0 , on the fitted log K values (UV-Vis, 25°C).

Fig. 10. Example of residual map at 25°C for the UV-Vis data set,
6-complex model. The maps represent a section through the 5-dimen-
tional residual matrix, projected from the K4 and K5 values which lead
the absolute minimum. The black dot represents the projection of the
absolute minium in the mapped subspace. The greyed area indicates the
90% confidence level subspace.
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contribution of the apical ligands to the EXAFS spectra is
small, and thus extracting mean ligand numbers is a difficult
task. Moreover, as is found in the solid state, the metal-ligand
distances can vary for different coordination geometries (Fig.
6), and individual complexes cannot be isolated and analysed in
these experiments.

Further insights may be possible by studying the energetics
of the formation reactions of metal-ligand complexes. The
standard Gibbs free energy of stepwise formation reactions,
involving the replacement of a H2O ligand in the first coordi-
nation sphere by a ligand L with no change in complex geom-
etry, i.e.,

MLx(OH2)y(aq) 1 L(aq) 5 MLx11(OH2)y21(aq)1 H2O(1)

(21)

usually increases as the number of ligands increases (e.g.,
Ni(II)-NH 3 ligands; Figure 12c).This results from the decrease
in the number of H2O groups that can be replaced by a ligand
as the number of bound ligands increases (entropy contribu-
tion). A deviation from this trend usually points to a change in
the structure and bonding at the metal centre (e.g., Shriver et
al., 1996), such as the octahedral to tetrahedral transition that
occurs for most halide complexes of divalent transition metals
such as Co(II), Fe(II), Ni(II) and Zn(II) (e.g., Susak and Crerar,
1984). This change in stereochemistry is mainly driven by the
ligand-ligand repulsion between the halide ligands and by a
favourable entropy change, resulting from the release of three

coordinated water ligands into solution, and not one as in the
process of simply replacing one H2O (Eqn. 21):

ML3(OH2)3(aq)1 L(aq) 5 ML4(aq)1 3H2O(1) (22)

For transition-metal-halide complexes that do not exhibit the
Jahn-Teller effect, the stepwise formation constants for the
sequential coordination of halide ligands to the metal centre
decrease (i.e., K1 . K2 . K3) with the addition of the first three
ligands and then rise abruptly when the fourth halide is added
(e.g., Zn-Cl system; Fig. 12b). In keeping with this, many
tetrahedral complexes of the form [MX4]

22 have been isolated,
indicating that they can be generated in sufficient concentration
in solution to be crystallised. On the other hand, examples of
complexes of the type [MCl3(OH2)3]

2 are quite rare.
The free energies of reaction calculated for the 5-complex

model do not show the same trend as for other transition metal
complexes, where there is no abrupt change between octahedral
and tetrahedral complexes. In addition, there is an increase in
the free energy of reaction, in contrast to that observed in other
transition metal complexes. For the 6-complex model, the
predicted free energies of reaction display a consistent trend
from [CuCl]1

aq to [CuCl4]2-
aq (Fig. 12a), although the spectral

characteristics clearly indicate a change in the geometry of the

Fig. 11. Comparison of the mean number of Cl ligands in the first
coordination shell of Cu(II) obtained by EXAFS (Collings et al., 2000;
D’Angelo et al., 1997) with those calculated using thermodynamic data
listed by Sverjensky et al. (1997) and those derived from this study.
The calculations were performed for a NaCl solution using EQBRM,
with Debye-Hückel parameters for NaCl dominated solutions from
Helgeson et al. (1981), and a Cu(II) concentration of 0.1 m. The mean
number of Cl ligands around Cu(II) in LiCl solutions retrieved in this
study is plotted for reference.

Fig. 12. Standard free energy of reaction for the successive addition
of ligands to a complex (e.g., MLx(aq) 1 L(aq) 5 MLx11(aq)). (a)
Cu(II)-Cl complexes, from this study. (b) Zn-Cl complexes, thermo-
dynamic properties from Ruaya and Seward (1986); structural data
quoted by Anderson et al. (1998). (c) Cu(II)-NH3 and Ni(II)-NH3

complexes (Gerloch and Constable, 1994).
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complex between [CuCl3(OH2)3]
2 and [CuCl4]

22. The free
energy of the next stepwise formation reaction ([CuCl5]

32)
appears to increase more than the free energies of lower-order
complexes. This suggests another change in the geometry of the
complex, as also supported by the spectral characteristic of the
species. This behaviour probably results from the Jahn-Teller
effect, and is in keeping with observations in the well-studied
Cu(II)-NH3-H2O system (e.g., Hathaway and Tomlinson,
1970). More NH3 molecules enter the coordination sphere of
Cu(II) as the concentration of NH3 increases. The geometry of
[Cu(NH3)x(OH2)62x]

21 complexes is distorted octahedral for x
between 0 and 4, but changes for the next member in the series.
EXAFS and electronic spectroscopy studies have shown that
[Cu(NH3)5]

21 does not have a H2O group in the first coordi-
nation shell, and probably adopts a square pyramidal geometry
(Sano et al., 1984; Valli et al., 1996). The free energy for the
addition of the 5th NH3 is higher than expected from the trend
shown by the previous replacement reactions (Fig. 12c), similar
to what we observed for the formation of [CuCl5]

32.
Although we still cannot choose unequivocally between the

5- and 6-complex models, the indirect evidence suggests that
the 6-complex model is more likely. The evidence includes the
very close match between the solid-state spectra of [CuCl4]

22

and that of [CuCl4]aq
22 in the 6-complex model, and the fact that

crystals containing the [CuCl4]
22 and [CuCl5]

32 complexes
can be easily precipitated from aqueous electrolyte solutions,
suggesting that these complexes exist in significant amounts in
the aqueous phase.

5. APPLICATION

The properties derived in this study can be used to under-
stand the speciation, transport and deposition of copper in
geological and other environments. There are many possible
copper complexes (e.g., chloride, sulphide, sulphate, amine) in
natural and contaminated waters and brines. Copper(II) chlo-
ride complexes are likely to be important in oxidised waters
and brines with high chloride concentrations, such as in evapor-
itic playa lakes and seas, evaporite-bearing sedimentary basins
(e.g., red bed copper mineralisation; Sverjensky, 1987), hyper-
saline soils, mine drainage waters (e.g., Atacama desert) and
supergene and other weathering environments. Recent ad-
vances in ore processing and mining technologies have resulted
in a renewed interest for oxidised copper deposits. The super-
gene enrichment of copper in at least some of these deposits
was the result of circulation of oxidised chloride brines (e.g.,
Quast, 2000). In large massive sulphide deposits, the supergene
alteration can occur at temperatures as high as;60°C, due to
the heat generated by sulfide oxidation during weathering (Mel-
chiorre et al., 1999).

As an example application of our results we show activity-
activity diagrams that depict copper speciation and copper
mineral solubility as a function of redox (log fH2(g)) and chlo-
ride activity at temperatures of 25°C and 90°C (Fig. 13). The
thermodynamic properties for Cu(II)-chloride complexes are
from this study (6-complex model), those for Cu(I)-chlorides
are from Xiao et al. (1998), and those for other aqueous species
and minerals are from Johnson et al. (1992). There are three
important aspects to note. First, the predominance areas for
Cu(II)-chloride complexes shift to lower chloride activity with

increasing temperature (Fig. 13). This means that the solubility
of copper minerals will be more sensitive to changes in chloride
activities and concentrations (i.e., salinity) at higher tempera-
ture, especially in oxidised and highly saline brines with high
chloride activities where [CuCl3]aq

2 and/or [CuCl4]aq
22 predom-

inate. Second, the predominance areas of Cu(I)-chloride com-
plexes expand at the expense of Cu(II)-chloride complexes as
temperature increases to 90°C from 25°C (Fig. 13). This shows
that Cu(I)-chloride complexes become increasingly important,
relative to Cu(II)-chloride complexes, as temperature increases
to at least approximately 100°C, although Cu(II)-chloride com-
plexes will predominate over Cu(I)-chloride complexes in near-
surface oxidised chloride brines. Third, the solubilities of na-
tive copper, cuprite and atacamite increase with increasing
temperature (prograde solubility) as reflected in their smaller
stability fields at 90°C; however, tenorite is predicted to have
retrograde solubility (predicted stability field at 90°C but not at
25°C for the chosen conditions of the diagrams). For more
complicated applications (e.g., environments with sulphur,
amine and other ligands, as well as other metals), the properties
derived in this study can be used to predict the relative impor-
tance of chloride and other types of copper complexes.

6. CONCLUSIONS

The UV-Vis-NIR absorbance spectra of Cu(II)-chloride
complexes were measured at 25°C, 60°C, and 90°C in acidic
solutions containing between 0 to 18 m LiCl. Thermodynamic
properties (log K) of the reactions between Cu(II)-chloride
complexes were fitted to the spectra, with residuals at the level
of the analytical error, using two different models that assume
the presence of 5 or 6 Cu(II)-chloro-aqua complexes. A 6-com-
plex model, containing distorted octahedral [Cu(OH2)6]

21,
[CuCl(OH2)5]

1, [CuCl2(OH2)3]
0, and (probably also distorted

octahedral) [CuCl3(OH2)2]
2, distorted tetrahedral [CuCl4]

22,
and dipyramidal trigonal [CuCl5]

32, is favoured because of
indirect evidence for the stability of the latter two complexes.
In general (e.g., independently of the speciation model chosen),
the formation constants of the Cu(II)-chloride complexes are
higher than previous estimates (e.g., Sverjensky et al., 1997),
indicating that the Cu(II)-chloride complexes are more stable
than previous studies suggest.

This study shows that the quantitative interpretation of UV-
Vis-NIR data depends upon the choice of the chemical specia-
tion model (i.e., nature of the complexes present in aqueous
solution, and a model for activity coefficients). In this context,
it is important to evaluate the data carefully before setting up
the speciation model (what information does the dataset really
contain?), and to use available constraints from other sources.
A combination of numerical techniques is also important in
interpreting the spectral data. PCA is a standard method in
spectroscopy, but new methods of “model-free” analysis were
found to be extremely useful in this study. The concentration
profiles and molar absorptivity spectra yielded by “model-free”
analysis are independent of any speciation model, and the
results can be used to set up reasonable initial guesses for the
quantitative analysis with a speciation model. The final choice
of the speciation model, however, must integrate this informa-
tion with results from other methods, as well as with constraints
from coordination chemistry.
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UV-Vis-NIR spectrophotometry has several advantages over
solubility experiments, although ideally a combination of ex-
perimental techniques should be used to confirm and/or extend
results from independent techniques. UV-Vis-NIR spectros-
copy provides an insight into the stoichiometry and geometry
of the complexes present in solution, and allows wider range of
solution compositions to be investigated. For example, in this
study, we have applied UV-Vis-NIR spectrophotometry to
studying solutions with quite low Cu(II) concentrations (;5 3
1024 molal). This means that UV-Vis-NIR spectroscopy can be
used to gain insight into the speciation of trace metals in highly

concentrated brines (.2 m). The distribution of the Cu-com-
plexes in such brines can be retrieved using “model-free”
analysis, without the need for a thermodynamic model. In
simple systems (one trace element in a 1–1 electrolyte), it is
possible to obtain values of the thermodynamic stability con-
stants of the complexes that are compatible with existing mod-
elling software based on Helgeson’s formalism (Helgeson and
Kirkham, 1974a; 1974b; Helgeson et al., 1981) at moderate salt
concentration, but which can be extended to high concentra-
tions.

Cu(II) chloro-complexes, in particular distorted octahedral

Fig. 13. Activity-Activity diagrams for Cu speciation in chloride brine drawn at pH5 5 and for activities of copper
species of 0.005. Data for Cu(II) chlorides from this study (6-complex model), for Cu(I) chlorides from Xiao et al. (1998),
and for other aqueous species and minerals from Johnson et al. (1992). The redox state is indicated both in terms of the
fugacity of H2(g) (on the left side) and O2(g) (on the right side). The sulfate/bisulfide predominance fields (thick dashed line)
and the water stability boundaries (thin dashed lines) are indicated for reference.
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[CuCl2(OH2)4]
0 and distorted tetrahedral [CuCl4]

22, will con-
trol copper transport and deposition in nature in oxidising,
near-surface environments where chloride-activities are high,
such as evaporite-bearing sedimentary basins or hypersaline
soils. The geometry of the complexes in the aqueous solution
strongly influences the mechanisms and kinetics of coprecipi-
tation and sorption of metals. Thus, the behaviour of Cu(II) in
chloride brines is probably affected by the octahedral-tetrahe-
dral transition.
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