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ABSTRACT  

In this paper we report progress on the development 
of a thermodynamic model that correctly predicts 
solvent/solute activities and monomeric aluminum 
hydrolysis speciation as well as solid-liquid equilibria 
in the H+, Na+, Al3+, Cl−, Si(OH)4, SiO(OH)3

−, OH−, 
Al(OH)2+, Al(OH)2

+, Al(OH)3
0, Al(OH)4

− system as a 
function of pH to high salt concentrations (I ≤ 5 m 
NaCl), for temperatures up to 300oC and for 
saturation pressures. This model, which incorporates 
the Pitzer specific interaction equations (Pitzer, 1987, 
1991), accurately predicts the fluid compositions for 
the low Al (≤ 10-5 m) and Si(OH)4 (≤ 10-4 m) 
concentrations commonly encountered in the 
intermediate pH ranges typical of most natural fluids. 
For high and low pH regions where the formation of 
polymeric Al hydrolysis species is low, the model 
will apply to higher total aluminum concentrations. 
The successful prediction of the solubility of 
aluminiosilicate solid phases falling within this 
system is described.  

INTRODUCTION 

The enhancement and maintenance of fluid flow in 
high temperature, low permeability reservoirs would 
significantly support the economical production of 
energy from this large but presently untapped 
resource. Achievement of this goal, which is a central 
objective of the Enhanced Geothermal Systems 
(EGS) research program of the United States 
Department of Energy, is hampered by the present 
poor understanding of the chemical processes that 
affect fluid flow in hydrothermal systems. During 
utilization of EGS resources, interactions with 
injected solutions and mixtures of injection and 
natural aqueous fluids can affect the solubilities of 
formation minerals and therefore formation 
permeability and fluid circulation. The purpose of our 
research is to support EGS R&D by providing new 
modeling technologies that accurately characterize 
reservoir rock-water chemistry in hydrothermal 
systems.  

The solution activities of aqueous species containing 
aluminum, the third most abundant element in the 

earth’s crust, and silica, the second most common 
element, play a central role in controlling the 
solubility of aluminosilicate minerals, which 
constitute two thirds of the minerals in the earth’s 
crust. Because these minerals are found commonly as 
feldspars in metamorphic and igneous rocks (Deer et 
al., 1966), as clays in well-weathered soils (Driscoll 
and Schecher, 1989) and as authigenic constituents of 
evaporites (Kastner, 1971), their solubility affects the 
evolution of many natural waters and mineral 
formations. Formation waters with ionic strengths up 
to ≈ 10 m have been reported (Shvartsev and Bukaty, 
1995; White et al., 1963). Values of pH can vary 
from 0.4 to 10.0 (Henley and Ellis, 1983; White et 
al., 1963). Therefore to predict EGS chemical 
behaviors, models of aluminum-silicate-water 
systems are needed that can correctly calculate fluid 
mixing, mineral precipitation/dissolution and 
formation mineral alteration as a function of solution 
composition (X) and pH to high temperature and 
solution concentration. The major limitations to 
fulfilling this need are: (1) the lack of data to define 
the solution chemistry of polynuclear aluminum 
hydrolysis species; (2) the poor availability of 
aluminum solution data in salt solutions, particularly 
above 100°C, for parameterizing the interactions of 
the various aluminum hydrolysis species with the 
major solute species in solution; and, (3) the poor 
availability of solubility data for the aluminum 
minerals.  

The objective of the research we present here is to 
demonstrate that a high accuracy model of the 
complicated aqueous aluminum chemistry in sodium 
chloride solutions, the most common earth fluids, can 
be constructed to high salt concentration and 
temperature and that solid-liquid equilibria with 
important aluminosilicate and sodium-aluminum-
silicate minerals (e.g., feldspars) can be successfully 
incorporated in this model. In developing this 
thermochemical description, we use the 
implementation of the Pitzer activity expressions 
(Pitzer, 1987, 1991) for the solution phase employed 
in the construction of our TEQUIL models (see 
Harvie and Weare, 1980; Harvie et al., 1984; Felmy 
and Weare, 1986; Weare, 1987; Moller, 1988; 
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Greenberg and Moller, 1989; Moller et al., 1998; 
Christov and Moller 2004a,b; Moller et al., 2005). 
We have shown that these TEQUIL models 
successfully predict solid-liquid equilibria for 
temperatures below the critical temperature of 
aqueous natural fluid mixtures as a function of X 
(including changes in pH) and T (aqueous mixture 
saturation pressures).  

RESULTS 

A. Polynuclear Aluminum Hydrolysis Products: 
The aqueous chemistry of aluminum is highly 
complicated, and both mononuclear and polynuclear 
hydrolysis products have been reported. There is well 
validated thermodynamic and spectroscopic evidence 
for several mononuclear (MN) hydrolysis products 
(e.g., Al(OH)2+, Al(OH)2

+, Al(OH)3, and Al(OH)4
−) 

and a fairly complete data base defining the 
thermodynamic behavior of these species is available. 
Less well defined polynuclear (PN) hydrolysis 
species (e.g. Al2(OH)2

4+, Al3(OH)4
5+, Al13O4(OH)24

7+ 

or Al13O4(OH)24(H2O)12
7+) have been proposed to 

explain the limited data in concentrated aluminum 
solutions in certain pH ranges (Baes and Mesmer, 
1986; Akitt, 1989; Furrer et al., 1992). However, the 
data required to define the solution chemistry of 
polynuclear aluminum hydrolysis species in a Pitzer 
model are not available.  
 
Because of this lack of data, the presence of PN 
species in significant concentration in natural water 
would limit the accuracy of chemical model of the 
aluminum system. In a prior conference proceedings 
(Moller et al., 2005), we discussed our calculations 
using an effective equilibrium model that tested the 
importance of PN hydrolysis species. We showed 
that for total aluminum concentrations above 0.01 m, 
the PN Al13O4(OH)24

7+ species may have large 
relative concentration in near neutral pH aluminum 
solutions (from about pH 4.5 to 7.5). However, for 
the Al concentration normally found in natural waters 
at near neutral pHs (10−5 m) (Nordstrom, 1982) this 
species is in very low concentration and the MN 
species dominate. In low pH natural waters, where 
the Al concentration can be elevated, the dominant Al 
species is the MN Al3+

 ion. In high pH waters, the 
dominant Al species is the MN hydrolysis product, 
Al(OH)4

−. Data are available for parameterizing a 
Pitzer model which describes the formation of both 
these mononuclear aluminum hydrolysis species in 
NaCl solutions (see below). 
 
B. Low Temperature (0°-120°C) Model of 
Aluminum Aqueous Chemistry (Mononuclear 
Hydrolysis Speciation) and Aluminum Mineral 
Equilibria in NaCl Solutions: We have constructed 
a low temperature ion interaction model of 
mononuclear aluminum hydrolysis speciation (Al3+, 

Al(OH)2+, Al(OH)2
+, Al(OH)3

o and Al(OH)4
-) in H-

Na-Al-OH-Cl-H2O solutions (NaCl ≈ 0 - 5 m) as a 
function of pH and temperature from 0° to 120°C. 
This is the temperature range where most data are 
available for parameterization. The methodology that 
we have used in the construction of this model is 
described in the prior conference proceedings (Moller 
et al., 2005). Mononuclear aluminum satisfies the 
following stepwise hydrolysis equilibria: 

 
Al3+ + H2O  =  Al(OH)2+ + H+               KH,1           (1)                          
Al(OH)2+ + H2O = Al(OH)2

+ + H+         KH,2          (2)                          
Al(OH)2

+ + H2O = Al(OH)3
0 + H+        KH,3            (3)                          

Al(OH)3
0 + H2O = Al(OH)4

- + H+        KH,4                (4)                          
 
Construction of this model draws heavily upon the 
equilibrium constant (K) and concentration quotient 
(Q) data obtained at the Oak Ridge National 
Laboratory (Wesolowski, 1992; Palmer and 
Wesolowski, 1992; Palmer and Wesolowski, 1993; 
Wesolowski and Palmer, 1994) as well as other 
equilibrium constant data in the literature. This model 
incorporates our earlier acid model of the H-Na-Al-
Cl-H2O system (see Moller et al., 2005a). The 
predictions of our low temperature model are in good 
agreement with the observed aluminum hydrolysis 
quotients of Wesolowki and Palmer (1994) as a 
function of NaCl concentration and temperature. 
 
Solubility data for gibbsite (Al(OH)3, a common 
hydrothermal mineral, from 6.4° to 80°C in sodium 
chloride solutions ([NaCl] = 0-5 m) has been reported 
by Wesolowski (1992). The model is in excellent 
agreement with these experimental data (sigma = 
0.14) (e.g., see Fig. 1 for T = 50oC). In Fig. 1, model 
predictions (straight lines) of the molal 
concentrations of the different aluminum hydroxide 
solutes in equilibrium with gibbsite are given as a 
function of pH. The solid curved line is the total 
concentration of all aqueous aluminum species. The 
symbols represent the experimental total molality of 
aluminum species measured in various buffers.   
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Data availability for directly calculating the Gibbs 
free energy of aluminum silicate minerals is poor. 
Therefore, we must rely on thermodynamic data 
bases available in the literature to calculate the free 
energy of reaction of most of these minerals. To add 
aluminum silicate minerals to our variable 
temperature solution model of the H-Al-Na-OH-Cl-
H2O system, our silica and aluminum solution 
models must be compatible with each other and with 
the methods used to calculate the thermodynamic 
data bases.  
 
Kaolinite (Al2Si2O5(OH)4), a common hydrothermal 
aluminum silicate mineral, has some data available to 
check the modeling approach and results. Devidal et 
al. (1996) measured the solubility of kaolinite in 
alkaline solutions and determined the equilibrium 
constant for the dissociation of this mineral (see Eq. 5 
below) from these data.  
 
Al2Si2O5(OH)4(cr) + 2OH- + 5H2O =  
 
2Al(OH)4

- + 2H4SiO4                                             (5) 
 
We used their recommended constants for kaolinite 
dissociation as well as other kaolinite dissociation 
constants in the literature to evaluate a temperature 
function for the kaolinite standard free energy of 
reaction. The solubility data of Devidal et al. (1996) 
were not directly used. Fig. 2 (dashed line) shows the 
good agreement of model prediction with these high 
pH (pH ≈ 7-9) kaolinite solubility data (squares). 
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Figure 2.                                                              
 
In Fig. 2, the model prediction of dickite solubility (a 
polymorph of kaolinite) is also shown (solid line). 
For this calculation we used the Gibbs free energy of 
reaction data of Zotov et al. (1998) which suggest 
that for this temperature dickite is slightly more 
stable than kaolinite. However, there is considerable 
controversy in the literature about the relative 
stability of these polymorphs. The few thermodyamic 

data available for dickite vary widely. 
 
 Figure 3 illustrates the calculated total silicate 
concentration (∑m(Si) = m(H4SiO4

o) + m(H3SiO4
-)) 

in equilibrium with dickite at 25°C using standard 
free energy data from Zotov et al. (1998) (solid line) 
and from Fialips et al. (2003) (dashed line). The 
dotted line is the model prediction of kaolinite 
solubility. This figure illustrates the variability of 
solubility predictions resulting from differences in 
reported free energies. These issues must be 
addressed by further measurement of the 
thermodynamic properties of these minerals. 
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Figure 3. 
 
C. Extension of Model (Aluminum Aqueous 
Chemistry and Aluminum Mineral Equilibria in 
NaCl Solutions) to High Temperature (250°C): 
We have now extended our model of aluminum 
aqueous chemistry in sodium chloride solutions (I ≤ 5 
m) to 250°C. The equilibrium constants (KHn) and 
concentration quotients (QHn) for the formation of 
mononuclear aluminium hydrolysis species (see Eq’s 
1-4 above) in the H+-Na+-Al3+-Cl−-OH−-Al(OH)2+-
Al(OH)2

+-Al(OH)3
0-Al(OH)4

−-H2O system (0 – 5 m 
NaCl) recommended by Wesolowski and Palmer 
(1994) (see their table 4) are the main data used in 
constructing this solution model. The QHn values 
determined by Palmer et al. (2001) in NaCl solutions 
(152.4oC: I = 0.1, 1 and 5 m; and at 203.3oC: I = 1 m) 
are also used in the model parameterization and 
validation. This temperature extension required 
extrapolation of the temperature functions for several 
model parameters. 
 
As shown in Fig. 1, Al3+ and Al(OH)4

− are the 
principal species in the high and low pH regions for 
these solutions (25oC,  5> pH >6), and they are the 
most important species in developing a 
thermodynamic description of MN aluminium 
aqueous chemistry. Our model is in very good 
agreement (sigma value of 0.042) with the 
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equilibrium KH1/QH1 data (reaction (1)) of 
Wesolowski and Palmer (1994) to 250oC and NaCl ≤ 
5 m. In Fig. 4a, the model predictions (solid line) are 
compared with the recommended infinite dilution ln 
KH1 data of Wesolowski and Palmer (1994; open 
squares), which were used in the model 
parameterization, and with other data available in the 
literature not used in model parameterization (Palmer 
and Wesolowski (1993) from 25o to 125oC: closed 
squares; Schofield and Taylor (1954) from 15o to 
25oC: closed triangles; May et al. (1979) at 25oC: 
open diamond). The agreement with the Wesolowski 
and Palmer (1994) data is excellent from 0° to 200°C. 
The agreement with the high temperature data of 
Castet et al. (1993) (170o and 200oC: open diamonds) 
and of Bourcier et al. (1993) (150o and 200oC: 
crosses) is also very good. The ln KH1 values 
recommended by Verdes (1990) (50o to 150oC: open 
circles) and by Couturier et al. (1984) (25o to 80oC: 
open triangles) are lower than the model predictions 
and the other data.                               
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Figure 4b. 
 
In Fig. 4b, model predictions (0o to 200oC; I = 0.1 m: 
solid line; I = 1.0 m:  dashed line; I = 5.0 m: dashed – 

dotted line) are compared with the smoothed ln QH1 
data of Wesolowski and Palmer (1994). The 
agreement obtained is excellent. The agreement with 
the recent Oak Ridge Laboratory data (Palmer et al., 
2001: (152.4oC: I = 0.1, 1 and 5 m; 203.3oC: I = 1 m), 
which are not used in parameterization, is also very 
good. The lower solid line in Fig. 4b represents the 
QH1 (I = 5 m) predictions using the parameter values 
for θNa,Al and ψNa,Al,Cl recommended by Palmer and 
Wesolowski (1992) in our model. 
 
The sigma value for the fit to the KH4/QH4 (reaction  
(4)) recommended data of Wesolowski and Palmer 
(1994) (I = 0.0 m: from 0o to 275oC; I = 0.1 to 5 m 
from 0o to 100oC) is 0.065. In Fig. 5a, model 
predictions and experimental data at I = 0 m from 0o 
to 300oC are compared. The agreement with the (0o - 
275oC) KH4 data of Wesolowski and Palmer (1994; 
open squares) (used in parameterization) is excellent. 
The model is also in good agreement with the KH4 
data of Castet et al. (1993; open diamonds) at 170o 
and 200oC and with the data of Verdes (1990; open 
circles) at 150oC. At 250oC, Castet et al’s. KH4 value 
is higher than the model’s and the Wesolowski and 
Palmer data. The KH4 data of Verdes (1990) (70oC: 
open circle), Bourcier et al. (1993) (from 150o to 
250oC: crosses) and of Kuyunko et al. (1983) (from 
150o to 250oC: closed circles) are much lower than 
the model predictions and the other data. 
Extrapolation of the model to 300°C gives very good 
agreement with the 300oC KH4 data point of 
Wesolowski and Palmer (1994 open square) (not 
used in parameter evaluations). 
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Figure 5a. 
 

In Fig. 5b, model predictions (solid, dashed, and 
dashed-dotted lines) and experimental data (symbols) 
of Wesolowski and Palmer (1994) for ln QH4 vs. 
temperature and ionic strength (I (NaCl) = 0.1, 1.0 
and 5 m) are compared. The agreement obtained is 
excellent for the entire temperature range of the data 
(0o to 100oC). The temperature extrapolation of the 
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model suggests that at high NaCl molality (I = 5 m), 
the fourth hydrolysis constant increases much more 
sharply with temperature than at low sodium chloride 
molality. This will be explored more fully. 
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Figure 5b. 
 
The model is also in excellent agreement with the ln 
KHn/ln QHn data for the remaining MN hydrolysis 
species, Al(OH)2

+ and Al(OH)3
o, (e.g., the 

recommended data of Wesolowski and Palmer 
(1994)) which are important for near neutral pHs. In 
addition, temperature extrapolation of the model 
parameters permits reasonable KHn predictions for 
these species up to 300oC. According to the model 
predictions and the data, the third hydrolysis QH3 

values do not depend strongly on the sodium chloride 
concentration in solutions up to 5 m and up to 200oC.  
 
We also were successful extending the 
parameterization of the aluminiosilicate mineral, 
kaolinite (Al2Si2O5(OH)4(cr)), solubility predictions 
to high temperature. Devidal et al. (1996) measured 
the solubility of natural kaolinite in alkaline solutions 
at temperatures ranging from 60o to 170oC (60°, 90°, 
110°, 150°, and 170oC). Using their data, these 
authors determined the equilibrium constants of the 
kaolinite dissociation reaction in alkaline solutions 
(infinite dilution) (see Eq. 5). Our earlier temperature 
function for the kaolinite free energy of reaction 
extended to 90°C and was established using the 
Devidal et al. (1996) recommended constants for 
kaolinite dissociation as well as other kaolinite 
dissociation constants in the literature. To extend this 
function from 0° to 250°C, we used the high 
temperature aluminate (Al(OH)4

-, K1,4/Q1,4) solution 
model presented above and the recommended K data 
of Devidal et al (1996) (60o to 170oC) as well as the 
K data determined by other authors (200oC: 
Mukhamed-Galeev and Zotov (1992); 250oC: Huang 
(1993); and Hemley et al. (1980)) along with the K 

values calculated with our earlier kaolinite 
temperature function from 0° to 100°C.  

 
We report the calculated total silica concentration 
(∑m (Si) = m(H4SiO4

o) + m(H3SiO4
-)) of infinitely 

dilute solutions in equilibrium with kaolinite (lines) 
as a function of pH (pH = -log aH+) and temperature 
(25oC - 200oC) in Fig. 6. The symbols ∆, □, and ■ 
represent the high pH kaolinite solubility data of 
Davidal et al. (1996) at 60oC, 90oC and 150oC, 
respectively. The o symbols show the low pH 
kaolinite solubility data of Zotov et al. (1998) at 
200oC. Note the sharp difference in the solubility 
temperature dependence in the low pH region 
(solubility decreases with temperature) vs. the high 
pH region (increases with temperature). The 
agreement between model prediction and the raw 
experimental data is excellent. Note that the 
temperature function of the kaolinite free energy was 
evaluated only on the basis of the infinite dilution 
equilibrium constant of the kaolinite dissociation 
reaction in alkaline solutions. Given the scarcity of 
the available solubility data, this result is important 
because it suggests that successful extrapolation of 
the model calculated solubilities over large pH ranges 
is possible even in systems with complicated 
temperature and pH dependent behavior.  
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Figure 6.               
 
Zotov et al. (1998) measured the solubility of natural 
kaolinite and dickite in acid solutions at temperatures 
ranging from 150o to 300o and generated the standard 
Gibbs free energy of the reaction kaolinite ↔ dickite. 
According to their study, kaolinite is 
thermodynamically metastable relative to dickite 
from 25°C to at least 350oC. We used these data to 
evaluate a temperature function for the standard 
chemical potential of dickite. We showed above the 
model prediction of dickite solubility vs. pH at 25°C 
(Fig. 3) and 90°C (Fig. 2). In Fig. 7, the excellent 
agreement between our kaolinite-dickite solubility 
model and the raw solubility data of Zotov et al. 
(1998) at 200°C (not used in parameterization) is 
illustrated. The model, based on the Zotov et al. data, 
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predicts that in the temperature range from 25oC to 
200oC and the pH range from 2 to 9, dickite is the 
thermodynamically stable phase.  
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Figure 7. 

SUMMARY 

Research results described above indicate that it is 
possible to construct a high accuracy model of 
aluminum aqueous chemistry in the system  H+, Na+, 
Al3+, Cl−, Si(OH)4, SiO(OH)3

−, OH−, Al(OH)2+, 
Al(OH)2

+, Al(OH)3
0, Al(OH)4

−  for EGS applications. 
Our predictions of the complicated pH-dependent 
speciation of monomeric aluminium hydrolysis 
products are in good agreement with the available 
data over the wide temperature range from 0°C to 
300°C.  
 
We have completed parameterization of the 
aluminosilicate minerals, kaolinite and dickite to high 
temperature (0°C to 200°, 300°C). Evaluating 
temperature functions for the free energy of reaction 
of the aluminiosilicate minerals, kaolinite and dickite 
(Al2Si2O5(OH)4(cr)) that are in good agreement with 
the complicated pH dependent solubility data 
available from 25° to 250°C showed that our 
aluminium and silicate solution models are 
compatible with each other and that they are 
compatible with aluminiosilicate solubility data to 
high temperature. If sufficient limited data are 
available, these results are very encouraging for the 
successful construction of a multicomponent 
aluminum solution model that includes potassium 
and calcium interactions as well as sodium 
interactions using our model of acid/base reactions in 
the H-Na-K-Ca-OH-Cl-H2O system (Christov and 
Moller, 2004a,b).  
 
ACKNOWLEDGEMENTS 
This work is supported by the U.S. Department of 
Energy, Assistant Secretary Energy Efficiency and 
Renewable Energy under DOE Golden Operations 

Financial Assistance Award DOE DE-FG36-
04GO14300, DOE BES grant DE-FG02-02ER15311, 
and grants from the National Science Foundation, 
NSF ERA0126331. 
 
REFERENCES 
 
Akitt J. W. (1989) Multinuclear studies of aluminum 

compounds. Progress in Nuclear Magnetic 
Resonance Spectroscopy 21, 1-149. 

Baes C. F. J. and Mesmer R. E. (1986) The 
Hydrolysis of Cations. Robert E. Krieger 
Publishing Company. 

Bourcier W. L., Knauss K. G., and Jackson K. J. 
(1993) Aluminum hydrolysis constants to 259oC 
from boehmite solubility measurements. 
Geochim. Cosmochim. Acta 57, 747-762. 

Castet S., Dansurand J.-L., Schott J., and Gout R. 
(1993) Boehmite solubility and aqueous 
aluminum speciation in hydrothermal solutions 
(90-350oC): Experimental study and modeling. 
Geochim. Cosmochim. Acta 57, 4869-4884. 

Christov C. and Moller N. (2004a) A chemical 
equilibrium model of solution behavior and 
solubility in the H-Na-K-OH-Cl-HSO4-SO4-
H2O system to high concentration and 
temperature. Geochim. Cosmochim. Acta 68(6), 
1309-1331. 

Christov C. and Moller N. (2004b) A chemical 
equilibrium model of solution behavior and 
solubility in the H-Na-K-Ca-OH-Cl-HSO4-SO4-
H2O system to high concentration and 
temperature. Geochim. Cosmochim. Acta 
68(18), 3717-3739. 

Couturier Y., Michard G., and Sarazin G. (1984) 
Stability-constants of aluminum hydroxo 
complexes in aqueous-solution at 20-70oC. 
Geochim. Cosmochim. Acta 48(4), 649-659. 

Deer W. A., Howe R. A., and Zussman J. (1966) An 
Introduction to the Rock-Forming Minerals. 
Longman. 

Devidal J. L., Dandurand J. L., and Gout R. (1996) 
Gibbs free energy of formation of kaolinite 
from solubility measurement in basic solution 
between 60 and 170oC. Geochim. Cosmochim. 
Acta 60(4), 553-564. 

Driscoll C. T. and Schecher W. D. (1989) Aqueous 
chemistry of aluminum. In Aluminum and 
Health:  A Critical Review (ed. H. J. Gitelman), 
pp. 27-65. Marcel Dekker, Inc. 

Felmy A. R. and Weare J. H. (1986) The prediction 
of borate mineral equilibria in natural waters: 
Application to Searles Lake, California. 
Geochim. Cosmochim. Acta 50, 2771-2783. 



 7 

Fialips C. I., Majzlan J., Beaufort D., and Navrotsky 
A. (2003) New thermochemical evidence on the 
stability of dickite vs. kaolinite. American 
Mineralogist 88(5-6), 837-845. 

Furrer G., Trusch B., and Müller C. (1992) The 
formation of polynuclear Al13 under simulated 
natural conditions. Geochim. Cosmochim. Acta 
56, 3831-3838. 

Greenberg J. P. and Moller N. (1989) The prediction 
of mineral solubilities in natural waters: a 
chemical model for the Na-K-Ca-Cl-SO4-H2O 
system to high concentration from 0 to 250°C. 
Geochim. Cosmochim. Acta 53, 2503-2518. 

Harvie C. E. and Weare J. H. (1980) The prediction 
of mineral solubilities in natural waters:  The 
Na-K-Mg-Ca-Cl-SO4-H2O systems from zero to 
high concentration at 25oC. Geochim. 
Cosmochim. Acta 44, 981-997. 

Harvie C., Moller N., and Weare J. (1984) The 
prediction of mineral solubilities in natural 
waters: The Na-K-Mg-Ca-H-Cl-SO4-OH-
HCO3-CO3-CO2-H2O system from zero to high 
concentration at 25 C. Geochim. Cosmochim. 
Acta 48, 723-751. 

Henley R. W. and Ellis A. J. (1983) Geothermal 
systems ancient and modern:  A geochemical 
review. Earth-Sciences Reviews 19, 1-50. 

Hemley J. J., Montoya J. W., Marinenko J. W., and 
Luce R. W. (1980) Equilibria in the system 
Al2O8-SiO2-H2O and some general implications 
for alteration/mineralization processes. 
Economic Geology 75, 210-228. 

Huang W. L. (1993) Stability and kinetics of 
kaolinite to boehmite conversion under 
hydrothermal conditions. Chemical Geology 
105(1-3), 197-214. 

Kastner M. (1971) Authigenic feldspars in 
sedimentary rocks. Amer. Mineralogist 56, 
1403-1442. 

Kuyunko N. S., Malinin S. D., and Khodakovskiy I. 
L. (1983) An experimental study of aluminum 
ion hydrolysis at 150, 200, and 250o C. 
Geokhimiya 3, 419-428. 

May H. M., Helmke P. A., and Jackson M. L. (1979) 
Gibbsite solubility and thermodynamic 
properties of hydroxy-aluminum ions in 
aqueous solution at 25oC. Geochim. 
Cosmochim. Acta 43(6), 861-868. 

Moller N. (1988) The prediction of mineral 
solubilities in natural waters: a chemical model 
for the Na-Ca-Cl-SO4-H2O system, to high 
temperature and concentration. Geochim. 
Cosmochim. Acta 52, 821-837. 

Moller N., Greenberg, J. P., and Weare, J. (1998) 
Computer modeling for geothermal systems: 
predictng carbonate and silica scale formation, 
CO2 breakout and H2S exchange. Transport in 
Porous Media 33, 173-204. 

Moller N., Christov C., and Weare J. H. (2005) 
Models of subsurface rock-water processes 
affecting fluid flow. Thirtieth Workshop on 
Geothermal Reservoir Engineering, Stanford 
University, Stanford, CA. 

Mukhamet-Galeev A. P. and Zotov A. V. (1992) 
Relative stability of kaolinite and dickite. In 
Thermodynamics of natural processes, 
symposium, Novosiibirsk, Russia, 13-20 
September, 1992. 

Nordstrom D. (1982) The effect of sulfate on 
aluminum concentrations in natural waters:  
Some stability revelations in the system Al2O3-
SO3-H2O at 298 K. Geochim. Cosmochim. Acta 
46, 681-692. 

Palmer D. A., Benezeth P., and Wesolowski D. J. 
(2001) Aqueous high-temperature solubility 
studies. I. The solubility of boehmite as 
functions of ionic strength (to 5 molal, NaCl), 
temperature (100-290oC), and pH as determined 
by in situ measurements. Geochim. Cosmochim. 
Acta 65(13), 2081-2095. 

Palmer D. A. and Wesolowski D. J. (1992) 
Aluminum speciation and equilibria in aqueous 
solutions:  II.  The solubility of gibbsite in 
acidic chloride solutions from 30 to 70oC. 
Geochim. Cosmochim. Acta 56, 1093-1111. 

Palmer D. A. and Wesolowski D. J. (1993) 
Aluminum speciation and equilibria in aqueous 
solutions:  III.  Potentiometric determination of 
the first hydrolysis constant of aluminum (III) in 
sodium chloride to 125oC. Geochim. 
Cosmochim. Acta 57, 2929-2938. 

Pitzer K. S. (1987) Thermodynamic model for 
aqueous solutions of liquid-like densities. In 
Reviews in Mineralogy--Thermodynamic 
Modeling of Geological Materials:  Minerals 
Fluids and Melts, Vol. 17 (ed's. I. S. E. 
Carmichael and H. P. Eugster), pp. 499. 
Mineralogical Society of America. 

Pitzer K. S. (1991) In Activity Coefficients in 
Electrolyte Solutions, 2nd. ed. (ed. K. S. Pitzer), 
pp 75-153, CRC Press, Boca Raton. 

Schofield R. K. and Taylor A. W. (1954) Hydrolysis 
of aluminum salt solutions. J. Chem. Soc., 
Abstracts, 4445-8. 

Shvartsev S. L. and Bukaty M. B. (1995) Evolution 
of CaCl2 brine of Tungussky Basin (Siberian 
Platform):  The role of water-rock interaction. 



 8 

Proceedings:  8th International Symposium 
Water-Rock Interaction, 477-481. 

Verdes G. (1990) Solubilite des hydroxydes 
d'aluminium entre 20 et 300°C. Proprietes 
thermodynamiques des principals especes 
naturelles du systems Al2O-H2O). These, 
Univerite Paul-Sabatier. 

Weare J. H. (1987) Models of mineral solubility in 
concentrated brines with application to field 
observations. In Thermodynamic Modeling of 
Geological Materials: Minerals, Fluids and 
Melts, Vol. 17 (ed's. I. S. E. Carmichael and H. 
P. Eugster), pp. 143-174. Mineralogical Society 
of America. 

Wesolowski D. J. (1992) Aluminum speciation and 
equilibria in aqueous solutions: I. The solubility 
of gibbsite in the system Na-K-Cl-OH-Al(OH)4 

from 0-100oC. Geochim. Cosmochim. Acta 56, 
1065-1091. 

Wesolowski D. J. and Palmer D. A. (1994) 
Aluminum speciation and equilibria in aqueous 
solution: V. Gibbsite solubility at 50oC and pH 
3-9 in 0.1 molal NaCl solution (a general model 
for aluminum speciation; analytic methods). 
Geochim. Cosmochim. Acta 58, 2947-2969. 

White D. E., Hem J. D., and Waring G. A. (1963) 
Chemical composition of subsurface waters. In 
Data of Geochemistry, Vol. Chapter F (ed. M. 
Fleischer), pp. 1-67. 

Zotov A., Mukhamet-Galeev A., and Schott J. (1998) 
An experimental study of kaolinite and dickite 
relative stability at 150-300oC and the 
thermodynamic properties of dickite. Am. 
Mineralogist 83(5-6), 516-524. 

 

 


