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ABSTRACT. The solubilities of wollastonite + quartz in pure H,O
and in NaCl-H,O solutions were measured using an extraction-quench
hydrothermal apparatus. Experiments were conducted at 1 and 2 kb in
pure H,O and fixed NaCl concentrations from 250 to 650°C. In pure
H,O0, Si concentrations in solution increase with temperature at 2 kb,
similar to quartz solubilities in pure H;O. The lo moi)alities of Ca at 2
kb decrease with temperature from —3.47 at 300°C to —4.38 at 510°C,
then increase somewhat to 650°C. The calculated logarithm of the
equilibrium constant for the reaction CaSiOs, + H,O = Ca?* + 20H"
decreases with increasing temperature to a lesser extent than predicted
by Helgeson and coworkers (1974, 1976, and 1978) or by Johnson,
Oelkers, and Helgeson (1992). In 0.833 m NaCl solutions at 2 kb, Ca
molalities in equilibrium with wollastonite + quartz are about an order
of magnitude larger than in pure water. Solubilities of wollastonite +
quartz were also measured at 1 kb in 0.490 and 0.833 m NaCl solutions.

The results were used to determine the speciation of Ca in the
experimental solution as a function of temperature and to obtain the
dissociation constants of aqueous CaCl,. At 1 kb, the logarithm of
overall dissociation constant on CaClY} calculated from the solubility
measurements decreased from —0.97 at 350°C to —8.15 at 500°C. At 2
kb, the log of the overall dissociation constant of CaCl} obtained from
the solubility measurements also decreased from 1.48 at 250°C to —4.48
at 550°C.

INTRODUCTION

Aqueous solutions of electrolytes become more associated with in-
creasing temperature and decreasing pressure as the dielectric constant
of the fluid decreases. One needs to understand this association in order
to characterize the solubility of minerals as solution composition changes.
Measurements of wollastonite + quartz solubilities in NaCl solutions help
us understand the aqueous speciation and in particular calculate the
dissociation constants of the species CaCly. These results can be com-
pared with other investigations. The first and second dissociation con-
stants of CaCly have been determined by electrical conductivity measure-
ments in 0.001 and 0.005 molal CaCl, solutions (Frantz and Marshall,
1982) and from solubility measurements with chloride molalities on the
order of 0.01 molal or more (Luce and others, 1985; Fein and Walther,
1989; Williams-Jones and Seward, 1989). There exist some disagree-
ments between these determinations. Luce and others (1985) reported
an overall CaCl, dissociation constant an order of magnitude greater
than those of Frantz and Marshall (1982) at 500° to 700°C and 2 kb. By
measuring calcite solubility in supercritical NaCl-HClI solution, Fein and
Walther (1989) also reported at CaCl* dissociation constant 0.8 log units
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greater than that reported by Frantz and Marshall at 600°C at 2 kb but in
good agreement with their results at 400°C.,

The solubility of wollastonite in Ag-AgCl buffered solution has been
measured from 750° to 850°C at 2 kb and at 800°C and 1 kb with total
chloride concentration of 1 molal or more by Gunter and Eugster (1978).
These results showed that uncharged CaClj dominates calcium species in
these solutions. Similar experiments were also performed by Luce and
others (1985) with total chloride concentrations of 0.03 to 6 molal. In this
study, we measured the solubility of wollastonite in the presence of quartz
in pure water and in 0.49 and 0.833 molal NaCl solutions from 250° to
550°C at 1 and 2 kb. These measurements allow us to compute the
concentration of aqueous species and determine the dissociation con-
stants of CaCl).

EXPERIMENTAL PROCEDURES

The wollastonite + quartz solubility experiments were performed
with the aid of an extraction-quench hydrothermal apparatus. The setup
and procedures were given by Walther and Orville (1983). Two grams of
250 to 420 . wollastonite from Willsboro, New York and two grams of
250 to 420 p optically clear quartz were used in each run. Distilled and
deionized water was decarbonated by vigorously boiling it for about 10
min before being put into the reaction vessel. NaCl solution were made
from reagent grade NaCl and distilled, deionized, and decarbonated
water. The experiments were carried out between 250° and 600°C at 1
and 2 kb and fixed NaCl concentrations. The experimental duration
varies from 2 to 7 days depending on the experimental temperature and
pressure. With a similar type of reaction vessel but much larger size of
quartz used, Weill and Fyfe (1964) reported that equilibrium can be
reached within 20 hrs at 400°C and 1 kb. We, therefore, believe we have
reached equilibrium in the charge volume. The fluid was extracted from
the charge volume (abaut 36 ml) to a fixed-volume (1.3 ml) sample
collector assemblage. The advantages of this setup are its large reaction
volume, and the separation of the sample fluid from the charge volume
occurs prior to the quench. This procedure prevents any reaction with
the minerals during the quench. .

After the extraction, the sample was collected by flushing 0.1 m HC
solution through the sample collector assemblage. About 0.1 ml sample
solution from each sample was separated and diluted for Na analysis. The
Na, Ca, and Si concentrations were analyzed with a Beckman Spectra
Span VB Direct Current Plasma (DCP) Emission Spectrometer. Na
standard solutions were made of distilled, deionized water and reagent
grade sodium atomic adsorption standard. Si and Ca standard solutions
were made of silicon and calcium atomic adsorption standards in NaCl
solutions of the same concentrations as those of collected samples to
eliminate any background affect on the analysis of the Si and Ca contents
in the samples. We found that high'Na concentrations in sample solutions
can cause a positive error to Siand Ca analyses and needs to be corrected.
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Analytic errors for Si and Ca are 5 percent. Additional error may be
introduced due to the small decrease of density in the charge volume
fluid after sampling in our constant-pressure runs. Total error, however,
should be within 10 percent.

SPECIATION REACTIONS
In order to understand what is controlling the concentration of Ca in
sodium chloride solutions at a particular temperature and pressure, we
need to characterize the speciation in solution. In the wollastonite +
quartz + NaCl + HyO system, we consider the aqueous species: H™,
OH-, Ca?*, Ca(OH)*, CaCl*, CaClj, Na*, Cl-, NaCl°, NaOH?, HCI, and
SiO}. The following independent equilibrium reactions can occur:

CaSiOs) + HyO = Ca?* + SiOy, + 20H" 0
H,O = H* + OH- @)

NaCl® = Na* + CIt (3)

HCI® = H* + CL- )

CaCl¢ = CaCl* + CI- (5)

CaCl* = Ca2* + CI- (6)

Na(OH)” = Na* + OH" (7)
Ca(OH)* = Ca?* + OH~ 8)

$i0y, = SIOY 9)

We define the standard states for CaSiOs, (wollastonite) and SiOg,
(quartz) as the pure minerals and for H;O the pure fluid at the pressure
and temperature of interest. For aqueous species, the standard state is a
hypothetical one molal solution where each species has the properties at
infinite dilution at the pressure and temperature of interest. If we
consider the wollastonite and quartz to be pure, the equilibrium con-
stants for reactions (1) to (9) can be written as:

2 2
mca2+'yCa2+mOH_ ‘YOH’

K, = 10
: XH,0YH,0 (10
My+Yy+MoH-YOoH-
K, = (11)
XH,0YH,0

MNa+YNa+ Mci-Yci-
K; = (12)

MNLCI0YNaCIo

Mc-Yor-My+ Y+
Ky = (13)

My 0YHCO
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Mcaci+Yeacr+ Mel-Yer-
K, = (14)

Meac1)Ycac)

Mc,2+Yca2z+ Me-Yor- .
Kg = (15)

Meacr+Yeaor*

MNa+YNat+t MOH-YOH-

K; = (16)
MNaOHOYNaOH?
M2+ Y2+ MoOH-YOH-
Ky = (17)
M¢a0H)* YCa(OH)*
Ky = Msi0)7Ysi0) (18)

where K is the equilibrium constant of subscripted reaction, and m, x,
and vy are the molality, mole fraction and molal activity coefficient of the
subscripted aqueous species, respectively. The solution equilibrium is
also constrained by charge balance:

Mg+ + 2Meer + M+ + My,+ + Me,or = Moy~ + me- (19)

and mass balance:

T = Msio} (20)

Tha = my,+ + Mp,om0 T MyacrP (21)

Ty = me- + my,ce + QmCa(Jlg + Mge,opr + My (22)
LY

Tsi, Tnas and T stand for the total concentrations of Si, Na, and Cl in
solution, respectively. In pure water, the charge balance equation be-
comes:

Meuomt T 2Me+ + Mg+ = Moy- (23)

Egs (10) to (22) define the equilibria in solution at a fixed temperature
and pressure.

ACTIVITY GOEFFICIENT CONVENTIONS AND COMPUTATIONAL METHOD
For the concentration of NaCl (less than 1 molal) in the solution, we
can assume Raoult’s Law holds for HyO, and vy, therefore can be
approximated as 1.0. In supercritical aqueous chloride solutions, the
non-ideality of charged aqueous species can be represented by the sum of
long-range electrostatic interactions, ion-solvent interactions, and short-
range ionic interactions (Helgeson and others, 1981). To determine these
interactions we need to know the dielectric constants of the mixtures,
€mix- In this study, dielectric constants of solutions were calculated by
using the Looyenga (1965) mixing rule:
€mix = [ + Vilerjo — €.’)P° (24)
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TaBLE 1
Parameters used in activity coefficient calculations
of 0.833 m NaCl solution at 2 kb

T(C) A%  Bix107% I** g3 o dl gt

¥ €mix Hy mix

250 0.740 0.366 078 3418 3431 093 095
300 0.845 0.377 072 28.08 28.28 0.89 091
350 0.951 0.386 062 2332 2361 084 086
400 1.063 0.392 052 1956 1993 079 0.82
450 1.186 0.399 040 1645 1687 074 0.77
500 1.328 0.404 029 1387 1432 069 0.72
550 1.492 0410 021 11.69 12,12 0.64 0.66
600 1.684 0416 0.14 9871 1027 059 0.61

* Parameters calculated for use in the Debye-Hiickel equation.
** [onic strength in molal of the solution.
*** Dielectric constants of water and NaCl-H,O solution.
T Densities in g/cm?® of water and NaCl-H,O solution.

and are given in table 1 for 0.833 m NaCl solutions. €,, and ¢, ,0 are the
dielectric constants of uncharged (uc) pure, associated, electrolyte and

H;0O, respectively. V¢is the volume fraction of H.O in the solution. The
volume of solution was calculated by mixing ideally the HyO and un-
charged solutes that are dominanted by NaCl in our experiment. The
molar volume of H;O was calculated with the aid of the Redlich-Kwong
equation (Holloway, 1976). The molar volume of NaCl was taken as the
volume of NaCl melt supercooled to the temperature and pressure of
interest. The dielectric constants of the endmember fluid species were
calculated with the Kirkwood equation (1939):

(2¢ + 1)(e — 1) 3 47N [a + pig
9¢ T 3M 3T

(25)

where d and M are the density and molecular weight of the fluid
endmembers. «, w, and g are the molecular polarizability, dipole mo-
ment, and Kirkwood orientation factor. k and N° stand for Boltzman’s
constant and Avogadro’s constant, respectively. T is the temperature in
kelvin. g for HyO, gy,0, can be obtained from the Pitzer (1983) formula-
tion:

65 0.3
g0 = 1 + 2.68dy,0 + 669d”20{( T ) — 1} (26)

where dp,o 1s the density of HyO at the pressure and temperature of
interest.
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The activity coeflicient for long-range interaction between charged
species i in solution, yiD‘H, was calculated with the Debye-Hiickel equa-
tion:

211/2
logy> ™™ = ~ % (27)
where ’
(1.8248 x 105)d}2
! (€mix T)*?
and

50 291 x 10%d)/2

mix

! (emicT)'?

Z;, 1, and d,,;, refer to the charge of the ith species, ionic strength
obtained from the concentration of charged species, and the density of
the solution, respectively. & is the ion-size parameter for the solution
(3.72 A for NaCl-dominanted solutions, Helgeson and others, 1981). The
activity coefficient for the ion-solvent effect, y{°', is calculated with the
Born (1920) equation:

solv. —

logyi™ = 7 6061,RT

NOZ2e? RS 1
(28)

€mix €HQO

where e and r; are the charge of electron and the electrostatic radius of
the ith species, respectively. r for Na*, Cl-, and Ca?* are taken as 1.91,
1.81, and 2.87 A, respectively (Helgeson and others, 1981). In our
solutions, because of the small concentration of charged species, we
consider that short-range interactions are small relative to electrostatic
and ion-solvent interactions, and the activity coefficient for short-range
interactions is, therefore, taken as one.

For neutral dipoles such as NaCl and NaOH, we use the Klrkwood
(1939) formulation to calculate their activity coefhicients:

logaett. = 2wN%2 (3 p? b® |
O8Yi T T 9303¢. kT \2 e nakT  a

(29)

where b is the distance between the centers of charge of the dipole, and a
is the sum of b and the radius of ions of charge Z; present in the solution.
a is a parameter depending on a and b which are tabulated by Kirkwood
(1939). For the NaCl-dominated solution of this study, a and b are taken
as 3.75 and 2.78 A, respectively. The temperature-dependent parame-
ters used in activity coefficient calculations for 0.833 m NaCl solution at 2
kb were determined and are listed in table 1.
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Of the nine equilibrium constants for reactions (1) to (9), five are
known with reasonable confidence. K; was determined by Quist (1970),
K by Quist and Marshall (1968), K, by Frantz and Marshall (1984), K, by
Woodland and Walther (1987), and Kq can be taken from the work of
Walther and Helgeson (1977). These equilibrium constant values are
given in table 2. Values for equilibrium constants K;, K5, K¢, and Ky are
relatively uncertain. K, can be taken from the “SUPCRT” compilation of
Helgeson and co-workers (1974, 1976, 1978), the “SUPCRT92” compila-
tion (Johnson, Oelkers, and Helgeson, 1992) or retrieved by fitting the
experimental data in pure water. Kg can be approximated from the
magnesium counterpart (see below). K; and Kg can be retrieved by
adjusting them until the calculated solubility gives the best fit to the
solubility data.

The computational procedure to solve the set of equations of (10) to
(22) was as follows: activity coefficients were assigned to be 1.0 for all
aqueous species in the solution, the set of equations were then solved by
Newton’s method until the charge balance and mass balance equations
were met with a tolerance less than 10-7 m. These initial data provided
the means to calculate the ionic strength from the concentration of
charged species and other parameters for the solution and, in turn, the
activity coefficients for all the aqueous species. Then the molalities of
various species were recalculated, and the procedure was repeated until

TABLE 2
Equilibrium constants used in the speciation calculation at 1 and 2 kb

TCC) pKf  pKf  pK%* logKl logK] logK%* logK%* logKi™ logK{™ logK}
1kb
250 11.03 1083 105 0672 0.120 - - - - -
300 11.65 1145 103 0212 0.178 - - - - -
350 1246 1226 104  -267 -.831 -0.04 -0.93 - - -
400 13.67 1332 106 -795 -1.87 -0.32 -1.87 -1.17 -2.90 -
450 1548 1468 11.0 -1.40 -3.00 -1.02 -2.93 -1.92 -4.03 -2.88
500 1823 1623 11.6 -2.10 -4.26 -1.81 -4.14 -2.76 -5.32 -
550 21.81 1821 124  -2.87 -5.61 -2.67 -5.48 -3.67 -6.73 -
2 kb
250 10.10 9.80 103 0892  0.155 1.078  0.399 - - -
300 1051 1021  10.1 0497 0.621 0.609 -237 - - -
350 1097 1062 998 0.113 -.239 0.179 -.825 - - -
400 1155 11.1s 999 -.345 -1.07 -.228 -1.39 -0.61 -2.01 -1.97
450 1227 11.82 10.1 -.655 -1.86 -.622 -1.95 -1.13 -2.77 -1.97
500 13.16 1266 10.3 -1.13 -2.64 -1.01 -2.51 -1.64 -3.53 -2.15
550 1407 1277 104 -1.45 -3.42 -1.40 -3.08 -2.16 -4.30 -

* SUPCRT (Helgeson Kirkham, ¥ Quist and Marshall (1968).
ﬂal‘ld Flowers, 1981). T Frantz and Marshall (1984).
** This study. T Frantz and Marshall (1982).

*% Quist (1970). $ Woodland and Walther (1987).
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successive values for total calcium concentrations differed by less than
0.01 percent. The ionic strength of 0.833 m NaCl solution and activity
coeflicients of selected aqueous species at 2 kb as a function of tempera-
ture are shown in figure 1. Ionic strength, which is strongly influenced by
the dissociation of NaCl, decreases significantly from near 0.8 m at 250°C
to less than 0.15 m at 650°C. Except for activity coeflicients of neutral
dipoles which remain relatively constant, activity coefficients of aqueous
species decrease with temperature at constant pressure and salt molality
because ionic strength decreases. With temperature increasing, €., de-
creases, causing the long-range electrostatic interactions and ion-solvent
interactions to increase.

SOLUBILITY IN PURE HsO AT 2 KB

Figure 2 shows the measured Si molalities from 300° to 650°C at 2 kb
for wollastonite + quartz in pure water. Our measured values are
reasonably consistent with those reported by Weill and Fyfe (1964),
Walther and Orville (1983), and Woodland and Walther (1987). The
dashed line in figure 2 was calculated from the data and equations for
quartz solubility in pure- H,O given by Walther and Helgeson (1977).
From examination of figure 2, one can deduce that the only significant Si
species in solution is the neutral Si monomer which we write as SiO. We

1.0 =T
[ T —— T ———— solv. 1
\. '\.._. 9
\'\_ "'-\___ Na+ ]
:\\ \.\ ne\lt .\-..-\ ]
L S— o
—_— . . .
08¢ S YNaCi _
3 '\
g ~ solv. 3
0'6 - "\. ’Yca2+
Ny
~.
N~

04k

02} e
- D-H ]
H YCa2+ 5
0.0F. . .-.—I—T_.—._.—T_.—._.—.-T—.—._._T'T'{-l-._TT—.—rrT-l—|—rr-r-1—r—rT-1 ]

ACTIVITY COEFFICIENT OR IONIC STRENGTH

250 300 350 400 450 500 550 600 650
TEMPERATURE °C

Fig. 1. Calculated activity coeflicients’ of the aqueous species and ionic strength in
0.833 m NaCl solution at 2 kb as a function of temperature. Symbols are given in text.
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Fig. 2. Logarithm of molality of SiOJ from Weill and Fyfe (1964) and Walther and
Orville (1983) for quartz solubility in pure water. Values from Woodland and Walther
(1987) for quartz soclubilit with albite + paragonite and from this study for wollastonite +
quartz in pure water as a t}llmction of temperature at 2 kb are also shown. The dashed line is
computed from Walther and Helgeson’s (1977) data and equations.

prefer SiO9 to H,SiOf because there still exists controversy about the
hydration states of silica at supercritical temperature and pressure (Wal-
ther and Orville, 1983). In pure HyO, SiO) and H,SiOf have identical
thermodynamic properties because, by convention, the standard state
thermodynamic properties of SiO) + 2H,0O = H,SiO] are taken as zero.
The Ca molalities for wollastomte + quartz solubility at 2 kb in pure
water are given in table 3 and shown in figure 3. Also shown in figure 3 as
open circles are measurements of Ca concentrations for the portlandite
solubility measurements of Walther (1986a). Figure 3 indicates that log
molalities of Ca for wollastonite + quartz solubility decrease somewhat
with increasing temperature from 300°C to about 510°C, then apparently
go through a maximum near 630°C. This maximum with temperature
was similarly reported for corundum (Ragnarsdottir and Walther, 1985)
and brucite (Walther, 1986a) solubility in pure HyO at 2 kb. The dashed
lines in figure 3 are the calculated solubilities of portlandite and wollaston-
ite + quartz from the SUPCRT compilation where the molality of calcium
in solution is equated with the activity of Ca?*, and therefore Ca?* is
assumed to be the only Ca species in solution. The SUPCRT calculated
values are less than the wollastonite + quartz and portlandite measure-
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ments at temperatures below 500°C by about 0.15 log units. Above 500°C,
the difference increases to as much as one log unit. With K, calculated
from the latest version of SUPCRT, SUPCRT92 (Johnson and others,
1992), the calculated calcium molalities are shown as dot-dashed line in
figure 3. These values are about 0.5 log units lower than the experimen-
tal measurements below 500°C. One of the problems is the water dissoci-
ation contants K, calculated from SUPCRT92 are inconsistent with the
measurements reported by Quist (1970). Therefore, the original version
of SUPCRT was preferred in this work.

Since the deviations of calculated Ca concentrations from experimen-
tal measurements are similar for both wollastonite and portlandite, we
would expect the difference arises from similar causes. The possible
reasons include: (1) Ca hydrolysis to form a new aqueous species like

TABLE 3
Solubility of wollastonite + quariz in pure water at 2 kb

Sample T P Du Logmg Logmg Approach”
No (°C)  (bar)  (days)
85 301 2010 3 3474 -1.811 u
86 344 2020 3 -3.520 -1.647 s
87 379 1980 2 -3.709 -1.614 s
88 419  201Q 2 -4.01 -1.321 8
89 450 1980 2 --4.09 -1.220 s
90 483 1980 2 -4.25 -1.174 s
91 517 1980 2 -4.38 -1.101 u
92 550 1980 2 -4.31 -1.000 u
93 586 2000 2 -3.86 -0.943 u
94 618 1990 2 -3.82 -0.897 u
95 361 1990 4 -3.81 -1.429 u
96 397 2010 2 -3.83 -1.335 s
97 430 1990 2 -3.80 -1.263 s
98 463 2000 2 -4.10 -1.186 S
99 494 1990 2 -3.99 -1.121 ]
101 561 2000 2 -4.15 -1.001 ]
102 592 1980 2 -4.00 -0.933 u
103 626 1980 2 -3.62 -0.883 u
104 661 1960 1 -3.79 -0.888 u

* u = approach from undersaturated; s = approach from supersaturated. »



