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Abstract - Experimental studies generally performed at this laboratory
on the solubility of particular salts and oxides in dilute and concentrated

aqueous solutions of electrolytes at temperatures up to 400°C are presented.
The techniques used are described. Some of this work applies an extended
Debye-HUckel equation as a function of the ionic strength of the solution at

the high temperatures. From the variation with temperature of a particular
ionization or solubility equilibrium obtained from the studies, ther—
modynamic functions at infinite dilution of electrolyte are calculated. The
studies describe solubility behavior of sulfate salts in exhibiting
retrograde solubilities with increasing temperature. But some 2-2 sulfate

salts, like magnesium or nickel sulfates, hydrolytically precipitate oxy—
sulfates or hydroxides in nearly neutral solutions at about 200°C. Other

sulfate, fluoride, and phosphate salts form two liquid phases at tem-
peratures of 250—400°C at saturated vapor pressures. The solubility beha-
vior of quartz and amorphous silica in salt solutions is reviewed. Some

liquid—vapor critical phenomena are also presented. The studies are shown
to apply to several fields such as water desalination, power plant steam

generator chemistry, geochemistry, and chemical oceanography of deep ocean
hot springs.

INTRODUCTION

Knowledge of phase equilibria of aqueous electrolytes at high temperatures and pressures
is valuable for several fields of study. These fields include (a) geochemistry where

hydrothermal processes are important, (b) chemical oceanography where in particular the
solubilities of silica, silicates, carbonates, sulfates, and other substances are changed

strongly by temperature, pressure, and the concentration of dissolved substances, (c)
water desalination by distillation or reverse osmosis where the prevention of scale for-

mation on heat exchanger surfaces is of crucial importance, (d) steam generator chemistry

in power plants where problems of water impurity precipitations exist and can shut down a
plant, and (e) all industrial processes that are concerned with the utilization of high

temperature water containing dissolved substances that might precipitate, or where preci-

pitation is a necessary part of the process.

Studies of the solubility of particular inorganic salts and oxides in water and in

electrolyte—water solutions over wide ranges of temperature (0-400°C) have been performed
at this laboratory over the past 35 years as reviewed elsewhere (1-5). Included also are

studies of inorganic liquid—liquid immiscibilities and of liquid-vapor critical tem-
peratures. It is the purpose of this paper to review some of the experimental techniques

that have been developed to make these studies and to present some of the interpretations

by extended Debye-HUckel theory and other approaches.

A primary aspect is the application of the measurements and their interpretations for both

fundamental and practical purposes. As one example, it is shown how the measurements are
applied to the prevention of scale formation at high temperatures in water desalination
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processes or to the design of geothermal power plants in preventing silica deposition.
The recent discoveries of sub—oceanic hydrothermal springs with vent temperatures up to
350°C have excited the interest of chemical oceanographers in understanding phase behavior

of particular substances under these conditions. It should be emphasized that this paper

reviews aqueous, high temperature solubility studies that have been performed essentially
at this laboratory, including some studies that are believed to be unusual in several

respects. Complex, hydrothermal geological systems are not discussed.

EXPERIMENTAL METHODS

Two general methods have been used for determining solubilities of a salt or other
substances in water solution at temperatures above 100°C, where the saturation vapor
pressures exceed atmospheric pressure. These are the synthetic method, where a mixture of
substances of total known composition is placed in a closed container and the temperature

at which a second phase appears or disappears is determined, and the analytical method,

where solid and liquid are equilibrated together and samples of the liquid phase are
withdrawn for analysis.

Synthetic Method

The synthetic method can be very useful when the approach to equilibrium is rapid, and
when a suitable method for detection of the phase transition is available. A detectable
amount of the second phase must first form, and therefore the exact temperature for its
initial formation may never be obtained. The closeness to the (exact) temperature of for-

mation depends upon the nature of the system and the variables of the method of study.

Supersaturation is also a problem and therefore, for solid—liquid equilibria, one may be
limited to the determination only of the temperature of disappearance of a solid phase,
and not of formation where supersaturation almost invariably occurs. Nevertheless, the
synthetic method has been extremely useful in the research program at this laboratory in

determining rather exact temperatures for the formation of two liquid phases at high tem-

peratures and pressures and in determining liquid—vapor critical phenomena. For these two
processes, supersaturation has not been observed in our studies of liquid—liquid immisci-

bility at temperatures of 250-400°C (6), and is non—existent in the determination of
liquid—vapor critical phenomena (6,7). With all studies of physical and chemical
equilibria, one must be assured that equilibrium is closely approached or attained, and

for the synthetic method, where the temperature is changed slowly with time, relatively
good mixing of the system must be accomplished in order to (hopefully) maintain nearly
equilibrium conditions as the temperature changes.

Since the liquid—vapor critical pressure of water is 221 bars at its critical temperature

of 374°C, and since it was desirable to use a visual method to detect phase transitions,

we developed at this laboratory apparatus utilizing thick—wall glass capillary tubes for
containing our systems under study. The capillary tubes, of either pyrex glass or fused
silica with about 1 mm inside diameter and 3 mm outside diameter dimensions, ordinarily

will withstand an internal pressure of 200-300 bars. The use of semi—micro techniques is

advantageous in speed of observation (with a short—range telescope) and ease of prepara-
tion of samples for study. Detailed descriptions of two apparatus used are given in
earlier publications (8,9).

For determining visually the effect of hydrostatic pressure on liquid—phase formation, a

small vessel with sapphire windows and platinum alloy gaskets was developed (10). This

vessel was used at pressures up to 1800 bars and temperatures to 450°C. Hydrostatic
pressure was generated by means of a diaphragm pressure pump; a small short—range
telescope was used to detect two—liquid—phase appearances or disappearances as the
pressure was varied. Another apparatus employing a glass to metal tube seal was used for
making similar studies of the effect of pressure on liquid—liquid immiscibility, but at
pressures not greater than 300 bars (11).

Analytical Method

The analytical method can be used for reactions that approach equilibrium at either fast

or slow rates. Thus, before the solution phase is sampled, the mixture of the two phases
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may have been equilibrated for a few minutes to hours and even to months for very slow
solubilization or reaction rates (for example, for geologic analogue systems). Problems
may and do arise, however, in obtaining an inert container for the studies. Also, the
identification of the saturating solid phase or phases must be established either by prior

knowledge or by rapidly cooling the containment vessel and removal of solid for analysis.

The analytical method is conventionally used for solubility determinations at low tem-

peratures and atmospheric pressure, and is the method that we have used extensively in our

studies of solid—liquid equilibria at high temperatures and high pressures. It was

necessary to develop small high pressure vessels to contain the mixtures of solid and
liquid to be equilibrated, and in this respect we devised both the vessels and a furnace—

thermostat assembly to hold eight vessels simultaneously. These eight vessels containing

different compositions of a saturating solid phase (or phases) and solution phase are
rocked at a constant temperature in the apparatus. The solution phases are sampled

periodically, through connecting metal capillary tubes and valves, and analyzed at the
laboratory bench. A porous teflon disc was incorporated directly into each pressure
vessel for filtering the solution during the sampling process. Teflon was found to be
suitable for this use at temperatures up to 350°C over relatively short periods of time

(12). Teflon was also used as a gasketing material , although metal , split rings were
necessary for use above 325°C to contain the teflon, which undergoes a phase transition

near this temperature. Detailed descriptions of the apparatus and experimental procedures

are given in earlier publications (13,14).

In another analytical method, where it was necessary to determine the compositions of two

liquid phases in equilibrium at high temperatures and pressures, large bore ('-8—1O mm
inside diameter) fused silica or pyrex glass tubes were used for containing the solution

mixtures. Ten to twelve of these sealed tubes, containing solutions, were placed in a

large, commercially available, high pressure vessel, which contained a small amount of

liquid water to counter-balance the high pressure (that develops at high temperature)
within each of the sealed glass tubes. The large vessel was then equilibrated at a
high, constant temperature where liquid—liquid immiscibility was known to occur for the

particular compositions (by using the synthetic method). After equilibrium was attained,
the vessel was removed from the furnace and rapidly cooled in an ice-water or dry-ice

trichloroethylene mixture while always being kept in a vertical position to prevent mixing

(and redissolution) of the two liquid phases. [At temperatures near 25°C, the con-
centrated liquid phases of the systems studied generally converted to gels.] The vessel

was opened and each glass tube was cut at the proper positions in order to remove a
segment of both phases for chemical analysis. Details of this procedure and typical ana—
lytical results obtained are given elsewhere (15).

SPECIFIC STUDIES

Solubility of Calcium Sulfate in Electrolyte-Water Systems

Calcium sulfate and its two hydrates were chosen at an earlier time as appropriate salts
to be used for solubility studies in electrolyte solutions at high temperatures for
several reasons. First, calcium sulfate is present in significant concentrations in
seawater and in many brackish waters, but shows decreasing solubility with rising tem-
perature. Thus, precipitation of calcium sulfate may occur if seawater is heated to tem-
peratures above about 113°C. Knowledge of this behavior is important in designing a water

desalination plant to prevent scale formation. Second, the solubility is sufficiently low

that the salt and its hydrates could be used to test the applicability of extended

Debye—Hcfckel theory both at low and high temperatures. Third, these low solubilities
allow the use of calcium sulfate in determining the ionization (or association) behavior

of other electrolytes and also of calcium sulfate as discussed later in this paper.

An extended Debye-.Hackel expression for the solubility of a 2-2 salt can be written as

follows (16):

log Qsp = log K5 + 85111(1 + A5 /1)

+ B"I + C'I2 (1)
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where Qsp is the solubility product of a salt at ionic strength I, K5p is the
(thermodynamic) solubility product at zero ionic strength, 8S is the theoretical
Debye-Hückel limiting slope for a 2—2 salt, A5 is the adjustable "ion sizeu parameter and
B' and C' are adjustable empirical parameters. This relationship was found to fit the
solubility of calcium sulfate and its two hydrates [CaSO4.2H20 (gypsum) and CaSO4.1/2H20
(hemihydrate)] in several uncommon-ion electrolyte media at ionic strengths as high as 6
molal and at temperatures from 0 to 350°C. These studies followed the earlier numerous

solubility studies, performed at this laboratory, of Lietzke and Stoughton on silver
sulfate in aqueous electrolyte media at temperatures up to 250°C in which they success—

fully applied Debye-Hickel theory (17). An example of the solubility of calcium sulfate
in NaNO3-H20 electrolyte solutions at temperatures from 125 to 350°C and at ionic
strengths to 6 molal is shown in Fig. 1 (18). These solubilities adhere to the extended

Debye-Hückel equation up to moderate ionic strengths. Similar behavior has been observed
for the solubility of calcium sulfate in aqueous sodium chloride (16,19) and sodium
perchlorate (20), and also for the base, calcium hydroxide, in sodium nitrate solutions to

350°C (21). The activity coefficients () for a salt such as CaSO4 can be described by

the following equation (19):
—

1±(Ca504)
=

J.a (2)
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Fig. 1. The solubility of CaSO4 in NaNO3-H20 solutions,
125—350°C, vs.a function of the ionic strength, I.

A plot of log y±(CaSO4) vs. /11(1 + Asp/I) in Fig. 2 shows how these values for the solu-

bility of CaSO4 in aqueous NaCl solutions, normalized to a limiting Debye-HUckel slope at

25°C (19), provide a relatively simple description to moderately high ionic strengths and
further confirm the applicability of extended Debye-Hffckel theory at high temperatures.

Sodium Sulfate Solubilities in Electrolye Solutions

With the success attained in applying Debye-Hackel theory for solubilities of 2-2 electro-

lytes, solubilities were obtained for a 1-2 salt, sodium sulfate, separately in aqueous
sodium chloride and sulfuric acid, and in aqueous mixtures of the two electrolytes at tem-
peratures up to 350°C (22). These experimental solubilities for sodium sulfate were
described by application of the extended Debye-Hackel equation and the second ionization
constant for H504, the ion product of H20, and the variation of their quotients with
ionic strength obtained from earlier studies at this laboratory (12,23,24). A combination

of these separate values together with the experimental solubilities allowed the descrip-

tion of behavior as shown in Fig. 3, where the straight lines represent the theoretical

Debye-HiTckel slopes. Thus, at a given temperature (275 to 350°C), the logarithm of the



Fig. 2. Variation of —log y. with iV2/(i + 1.51V2) for the

solubility of CaSO4 and its hydrates in NaCl-H20, 25-200°C;
Debye-Huckel slopes, ST. normalized to value at 25°C.

Fig. 3. Plots of the logarithm of the solubility quotient

(Qp) of Na2S04 in aqueous solutions of H2S04, NaCl, and
in H2S04-NaCl solutions vs 111(1 + Asp/I) at 275-350°C.

The straight lines represent Debye—Hackel theoretical slopes.

solubility product of Na2SO4 in mixed solutions of NaC1 and H2S04 is described by a single

straight line that adheres to the Debye-Hffckel limiting slope to high concentrations of

electrolyte. This behavior allows the prediction of solubilities of this naturally abun-

dant salt, Na2SO4, for application to several fields to be discussed later.
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Solubility Behavior of 3-2 Electrolytes

To test the use of Debye-Hickel theory for application to a 3-2 electrolyte salt, the
solubilities of lanthanum sulfate [La2(S04)3] and of samarium sulfate [Sm2(S04)3] were
studied in water and sulfuric acid solutions at temperatures up to 160 and 250°C, respec-

tively (25,26). Both salts adhered well to a Debye-I-Iackel limiting slope, and therefore

confirmed the generality of the extended theory for application with the multivalent
salts. Figure 4 shows the adherence of log Qsp for samarium sulfate to the Debye-Htickel
function at 150 to 250°C.

Fig. 4. Log solubility products [Qsp(1)] for Sm2(S04)3
hydrate vs a function of ionic strength (I), 150-250°C.

Ionization Equilibria from Solubility of Sulfates in Sulfuric and Nitric Acids

and in Multiple Electrolyte Systems
The earlier, observed adherence of solubilities to an extended Debye-HUckel equation at
high temperatures (17,19) allows the use of solubility as a method to determine ionization

(or association) equilibrium constants. Lietzke, Stoughton, and Young employed AgS04 as
a saturating solid in determining the second ionization constant of aqueous sulfuric acid

to 225°C (17b). Similarly, a second ionization quotient (a mass action expression uti-
lizing concentration at a given ionic strength) of sulfuric acid can be obtained from the

observed increase in solubility of CaSO4 in a sulfuric acid solution over that in a solu-
tion containing only a 1-1 electrolyte salt, such as NaCl, of the same ionic strength.
This increase is attributed to the formation of the bisulfate ion, HS04 (12). From solu-
bilities at constant temperature over a wide range of ionic strength, many second
ionization quotients (Q2) were calculated. By extrapolating these values to zero ionic

strength with the use of extended Debye-Hclckel theory, an ionization constant (K2) is
obtained. From the value of K2 and the many values of Q2 products of activity coef-
ficients [r(HS04)], as defined on Fig. 5, were calculated for the particular temperature

and, with additional experiments, for other temperatures from 25 to 350°C. By nor-
malization of log [r(HS04] to the Debye-Hffckel limiting slope at 25°C, all values of log
[r(HS04)] fall essentially on one line as shown in Fig. 5 (12). Again, relative simpli-
city is observed in describing the product of these activity coefficients for the second

ionization constants of H2S04 from 25 to 350°C.

Similar approaches have been taken for studies of Ca504 and its hydrates in synthetic
seawater and in seawater concentrates (termed seasalt solutions) from which the ionization

quotients and constants of magnesium sulfate were determined from 0 to 200°C (27, 28).

Based on:

Q(i) 2+ 2-
Sm2(S04)3 n H20 Sm2(S04)2+S04 aq

(Solid)

0 0.2 0.3
/T.! (1 + 1.6 VT)

0.4 0.5
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Fig. 5. Variation of log rHSO4- (product of activity coefficients
for dissociation of HS04) with a function of the ionic strength (I)

from 25 to 350°C; slopes normalized to Debye-HUckel slope at 25°C

Solubilities of CaSO4 in nitric acid solutions at 100-350°C have yielded ionization
constants of nitric acid by a similar method (29). These same ionization constants have

been obtained at 300-370°C from solubilities of MgSO4 in aqueous nitric acid (30).

Ionization Behavior of Saturating Salt

The ionization behavior of the saturating salt can also be determined from its solubility

in a multiple aqueous salt system such as NaNO3-Na2SO4-H20 (31). In this type of study

the solubility of the salt (in this example, CaSO4) was determined in a series of mixtures

of NaNO3 and Na2SO4 or of NaC1O4 and Na2SO4 (32) while the formal ionic strength of the
various mixtures was kept the same. It is assumed that under this condition of constant

ionic strength the activity coefficients will remain constant. The following equilibria

are taken to apply,

Qu

CaS04(SOld) * CaSO4 (solution) (3)

° Qd

CaSO4 (solution) * Ca2 + SO42- (4)

s = [CaSO40] + [Ca2] (5)

= Qu + Qisp (6)

[SO4(total) — Qu]

where s is the molal solubility, Qu, Qci' and Qisp are the solubility TMquotient" of

neutral CaSO4, the ionization "quotienV', and the ionic solubility product Nquotientu,
respectively, and where Qisp equals Qu•Qd at the constant ionic strength for the series of

experiments. The solubility of CaSO4 (or its hydrates) has adhered to the straight line
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form of equation 6 at temperatures from 0 to 350°C and at several constant ionic strengths
from 0.24 to 5.8 molal (31,32). An example of this straight line behavior at 250°C is

shown in Fig. 6, where 1/[S042] equals l/[SO4(total) - Qu]. This observation lends con-

siderable support for the assumptions made and allows the determination of the ionic solu-

bility product constant (Kisp) of CaSO4 over the above range of temperature.

20

8

6

14

12

10

Fig. 6. Solubility of CaSO4 in Na2SO4-NaNO3-H20 solutions at

250°C and several constant ionic strengths (See equation 6).

iorphous Silica and Quartz Solubilities in Salt Solutions

The solubilities of amorphous silica in several separate and mixed salt solutions and of

quartz in water and sodium chloride solutions have been presented in recent papers
(33-41). These studies have shown that the solubility of quartz or of amorphous silica is

directly proportional to the concentration of 'free" or "effective" water (34,39,41).
This "effective" concentration of water is obtained with use of the solution densities by

subtraction of the amount of water believed to solvate the solute species (39,41). This

procedure provides one predictive approach to the solubility behavior of amorphous silica
and quartz that appears to have a chemical significance for the equilibria involved.

In another predictive approach, these solubility studies have revealed a simple straight

line relationship at a given temperature of the logarithm of amorphous silica solubility
(expressed as molarity) versus the molarity of added salt (35). Examples at 25°C are

shown in Fig. 7 for this solubility behavior in several different, added salt solutions

(35). In Fig. 7 all solubilities have been normalized to the value in pure water, where

i(Si02), the molar activity coefficient, equals S°(in H20)/S(in salt solution) and S is
the molar solubility. This same behavior is observed for solubilities of amorphous silica

solutions in separate salt solutions up to 350°C although, because of the greater experi-

mental difficulties and lack of accurate density data for some of the salts, there is a

greater scatter of data than at 25°C. Plots of experimentally determined molal solubili-

ties of amorphous silica in aqueous NaCl, NaNO3, MgC12, Na2SO4, and Mg504 solutions versus
molality of added salt at 25 to 350°C are given in Fig. 8 (36). The increase, rather than

decrease, in solubility in Na2SO4 solutions at high temperatures is explained by the for-

mation of a Si(OH)2.5042 complex (38). Hydrolytic precipitation of magnesium oxysulfates
and Mg(0H) at 200°C and above does not allow the attainment of high concentrations of
MgSO4 above that temperature. The additive solubility behavior of amorphous silica was
applied for reasonable calculations of its solubility in mixed aqueous electrolytes at 25

400
I /[S0_1(moIoIitV1)
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to 350°C (37). Thus, the solubility of amorphous silica is now predictable in natural

solutions at high temperatures, for example, in hydrothermal seawater, geothermal brines,
brackish waters, or in concentrates in steam generators.
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Thermodynamic Functions from Solubility

When a solubility product constant or ionization constant is known as a function of tem-

perature, the standard change in enthalpy (AH) for the reaction process can be obtained at

a particular temperature from the use of the van't Hoff isochore, whereby ln K is plotted

against 1/T( K). The slope is equal to -AH/R where R is the gas constant. Since the
standard change in Gibbs free energy (AG) is equal to -RT ln K, the change in entropy (AS)
is obtained from the relation, AG = AH — TAS. If the variation in ln K with pressure is

known, a standard volume change (AV) may be calculated, and consequently the change in
internal energy (AE) may be obtained by the thermodynamic relationships,

(alnK\ =

IT

The quantity, AV, may also be obtained by knowing the average net change in number of
moles of solvent participating in a solubility or ionization reaction and by applying the

concept of a complete equilibrium constant (42) as discussed later.

Solubility measurements therefore allow the determination of thermodynamic functions not

only for the equilibrium involving the saturating substance but also for other aqueous,
homogeneous electrolyte equilibria where the ionization constants are determined
indirectly from solubility measurements. Tabulations of some thermodynamic functions from

solubility studies at high temperatures at this laboratory are given in several published

papers (15—17,19,21,28,31,43). Figure 9 shows plots of log K5 versus 1/T(K) for several
saturated sulfate salts from which their thermodynamic functions may be obtained (43).

Fig. 9. Log solubility product constants (K5) vs. 1/T(K)
for several 1-2 and 2-2 valence metal sulfates in H20 and
D20 solutions, 200-350°C.

Hydrolytic Behavior of Sulfate Salts

Solubility relationships of several sulfate salts in water and in sulfuric acid solutions
have been studied at this laboratory up to 350°C. These have included the studies on

calcium sulfate discussed in the preceding sections, magnesium sulfate (44), nickel

(7)
RT

AE=AH-PAV (8)

f,°Q: 350 325 300 275 250 225 200

0
-J

i/r, K
0.0022
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sulfate (45), silver sulfate (17,46), lithium sulfate (47), copper sulfate (14,48,49), and

uranyl sulfate (14,15,49,50). Previously, many extensive studies of the solubility of
sulfate salts in water alone were performed by A. Benrath, et al., (51) using the visual

synthetic method, whereby he described a sudden, rapid decrease in solubility of salts
such as magnesium sulfate and nickel sulfate occurring at about 190°C. From the later

studies of MgSO4 and NiSO4 in H2S04 solutions, this drop in solubility was attributed to
hydrolytic precipitation of oxysulfates and the hydroxides of magnesium and nickel at
180-200°C. Small, excess amounts of H2S04 were found to stabilize these two salts, thus

producing a saturating solid phase of MgSO4.H20 or NiSO4.H20. Calcium sulfate and lithium
sulfate as saturating solids were found to be hydrolytically stable to the high tem—
peratures with no added solution acid.

The salts U02S04 and CuSO4, like MgSO4 or NiSO4, hydrolyzed to form an oxysulfate solid

phase (from CuSO4 solution) and an oxide U03.H20 (from U02S04) at temperatures of
200-300°C and at low concentrations of salt. However, at higher solution concentrations

of CuSO4 (with some added H2S04) and U02S04, a second liquid phase (not a solid) formed.

This second liquid phase was found to contain a dissolved stoichiometric excess of Cu(OH)2

or of U02(OH)2 and therefore is analogous to the precipitation of an oxysulfate or oxide
from stoichiometric NiSO4 and MgSO4 solutions. The salt, U02F2, in producing liquid-
liquid immiscibility in the range of temperature, 300—374°C (52), also precipitates a
U03.U02F2 salt or U03 hydrate from low concentrations of salt, thus indicating hydrolytic

precipitation. Other stoichiometric uranyl salts, U02(N03)2 (53) and UO2Cr2O7 (54),
hydrolytically precipitate a solid phase at high temperatures, but with no observed second

liquid phase.

In general, it would appear that sulfate salts exhibit retrograde solubility' behavior

with increasing temperature at temperatures between 100 to 374°C. This behavior is exhi-
bited in different ways, either by precipitation of the stoichiometric salt or hydrate

(from CaSO4 or Li2SO4 solutions) or of oxysulfates, oxides or hydroxides (from NiSO4 or
MgSO4 solutions), or by the formation of a concentrated second liquid phase containing a
stoichiometric excess of oxide.

Liquid—Liquid Immiscibility

There are several aqueous inorganic systems that separate into two liquid phases at high
temperatures. Uranyl sulfate (55), uranyl fluoride (52), and copper sulfate solutions
together with concentrations of sulfuric acid (56,57) at an early time were found to form
a dilute and a very concentrated liquid phase in equilibrium with each other at tem-
peratures above about 290°C. The two phases contained non-stoichiometric amounts of ura-

nyl or cupric ions with the corresponding anion and therefore the systems needed to be
described as three component systems (15,48). Interestingly, as the temperature was
raised, the concentrated liquid became even more concentrated and the dilute phase con-
verted into a supercritical fluid at its critical temperature, providing moderately high
concentrations of uranium or copper in the supercritical fluid.

In some recent studies, two liquid phase formation has been discovered in aqueous sodium

and potassium phosphate solutions at temperatures above 275°C (58—60). Figure 10 shows
the phase behavior observed for sodium phosphate mixtures of mole ratios sodium/phosphate

varying from 1 to 3 (60). From this figure we observe a minimum consolute solution tem-

perature of about 291°C for Na2HPO4-H20 solutions, with the observed temperature rising as
additional phosphoric acid is added to raise the mole ratio, Na/P04. In this system, and

also for the analogous potassium system, large amounts of alkali phosphates are soluble in
the supercritical fluids. Possible applications are discussed later.

Liquid—Vapor Critical Temperatures
There are few available measurements of aqueous-electrolyte liquid—vapor critical tem-

peratures, probably because for completeness generally many pressure-volume-temperature-
composition measurements must be made in the vicinity of 374 to 500°C on highly corrosive

fluids (at these temperatures). Sourirajan and Kennedy have, however, made extensive
measurements on the system sodium chloride—water and have piblished a complete phase beha-

vior description of this system, showing a concentrated liquid phase in equilibrium with
the supercritical fluid and also giving critical temperatures and pressures (61). In an
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Fig. 10. Two-liquid-phase and solution-solid boundaries for
aqueous solution mixtures of sodium phosphate salts of mole
ratios, Na/P04, from 1.00 to 3.00 at 200 to 400°C.

exploratory study of many separate, dissolved salts and acids, their liquid-vapor critical

temperatures have been obtained by Marshall and Jones (7). Figure 11 shows an example of
some of the results obtained. We observe that the critical temperature of 374°C for pure
water is raised by as much as 100°C by particular dissolved salts. Above the critical

temperature, the salt remains dissolved and therefore, as for the sulfate salts mentioned
above, moderately high salt concentrations are stable in the supercritical fluids.
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Fig. 11. Liquid-vapor critical temperatures (tc) of some

aqueous electrolyte solutions vs molality.
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Some Effects of Pressure on Solubility
The effect of hydrostatic pressure on the temperature of formation of a second liquid
phase in the system U02S04-H20 has been determined at this laboratory by the use of visual

techniques described in the experimental section (10,62). Increased pressure was found

always to raise the temperature of liquid—liquid immiscibility. Figure 12 shows an example

of this effect of pressure on several different concentrations of U02504 where all curves

have been normalized to the same temperature of immiscibility at saturation vapor pressure

(10). It is interesting to observe that this normalization places all temperatures of
immiscibility on the same line and thus provides some simplicity of description.
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Fig. 12. Effect of hydrostatic pressure on liquid-liquid
immiscibility of U02S04-H20 solutions. At At = 0 and Ap = 0,
the values of t and p vary between 290-300°C and 70-90 bars,

respectively.

Blount and Dickson have determined the effect of pressure up to 1000 bars on the solubi-

lity of CaSO4 in water and in aqueous sodium chloride solutions at temperatures of 100 to

400°C (63). By the use of extended Debye-Hückel theory, these values of solubility may be

extrapolated to zero ionic strength and the solubility product constants obtained (64).

The standard volume change, AV, may be obtained from the relationship of equation 7. In
another approach where the solvent is considered to be directly involved in the reaction

process as a reactant of variable concentration, the value of AV may be obtained at any

pressure P from the relationship (42),

AV = -nRT (9)

where is the coefficient of compressibility of the solvent and n is believed to repre-

sent the net change in moles of solvent species (water) in the solubilization process.

For the solubility of an anhydrous substance, n would represent the average extent of
solvation of the solute species originating from the saturating solid (65,66). Plots of

log K5 vs log CH2O at zero ionic strength yield straight lines where the slope
corresponds to the values of n (64).

200 400 600 800 1000 1200 1400 1600
PRESSURE (bars)
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SOME APPLIED ASPECTS

Water Desalination

In water desalination by distillation it is imperative that formation of scales on heat

exchanger surfaces be prevented. Scales may form by deposition of solids from the con—

centrated brines that are produced upon distilling the water. More importantly, scales

may deposit at high temperature from the natural (unconcentrated) water because of the
decreasing solubility with temperature both of Ca504 and its hydrates and of other
substances such as CaCO3, MgCO3, Ca(OH)2, and Mg(OH). Scale formation by the latter
substances can be prevented by the addition of small amounts of acid to remove carbonate

and neutralize excess hydroxide. The solubility of Ca504, however, is little affected by
small additions of acid. Therefore, in order to prevent scale formation by this salt, it

either must be removed or the temperature—solubility limits for the particular, natural

salt solution (sea, estuary, or brackish water) and its concentrates must be known in
order to avoid scale formation. From the study of the solubility of CaSO4 and its hydra-
tes in sodium chloride and seasalt solutions (27), and with knowledge of the association

behavior of Mg504 obtained also from these studies (28), the temperature-solubility limits

of CaSO4 and its hydrates in natural waters are easily calculated. A published computer
program for this purpose together with references to similar studies and approaches (27)

has been used in the design and operation of desalination plants for predicting these
limits of solubility.

Power Plant Steam Generators

Critical problems in steam generators involve corrosion and scale formation on the steam
production side of the generator for both fossil fuel and nuclear steam generators.
Although the water used in these steam cycles has been highly purified to the "parts per

million0 and even TMparts per billionTM range of impurities, it is essentially impossible to

remove ..iL impurities. In a steam generator operation, there is a difference in tern-

perature within the tube walls, and consequently any crevice that might initially be pre-
sent or be produced may collect steam generator water that then may concentrate any

soluble impurities by evaporation or boiling. Predominant dissolved impurities are

sulfate, chloride, hydroxide, sodium, and hydrogen ions, and silica, resulting in poten-
tial precipitations of Na2504 and silica or silicates.

Iron and nickel oxides can also form from metal surfaces within steam generators, and these

substances can combine with silica and other dissolved impurities to form precipitates or

scales. The experimental measurements and interpretations cited above, together with

solubility studies of iron oxides in water of Sweeton and Baes (67) at this laboratory and

of Tremaine and Le Blanc (68,69) on both iron and nickel oxides at temperatures up to
400°C have allowed the prediction of the precipitation limits of salts, in particular,

Na2504, and the phase behavior of oxides, for example, iron oxides, amorphous silica, and

quartz. The experimental values of iron and nickel oxide solubilities were obtained by

forcing very pure water through a column bed of oxide and analyzing for the solubilized

metal species (67-69).

Geothermal Power

In geothermal power technology, knowledge of the solubility relations of dissolved
substances in the subsurface thermal waters, and their expected solubility behavior upon

power plant throughput, is required for satisfactory plant design and operation. For

example, there are changes in pressure, temperature, and perhaps dissolved gas content
(where the gases may include reactive C02, H2S, or SO2) of the thermal waters on use, and
these changes may allow the formation of scales or affect the extent of corrosiveness by

the waters. The ability to predict the solubility of particular substances (for example,
hydroxides, carbonates, sulfates, and sulfites of several cationic species) is needed for

plant operation in order to adapt to changing composition, pressure, and temperature of
the thermal waters, and to predict the feasibility of new operations. Ellis and Mahon
(New Zealand) made solubility measurements on a variety of salts to temperatures of
200—300°C on the basis both of fundamental and applied considerations (70,71). They used

their measurements directly and predictively to aid in the successful operation of the

early geothermal power station near Taupo, North Island, New Zealand. Their published
studies have been of much interest to geothermal operations elsewhere and for their fun-

damental value.
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Most geothermal power steam generators operate from geothermal waters that do not contain

excessively large quantities of dissolved salts, and therefore for a particular solute,

disso'ved silica, the many published solubilities in pure water at high temperatues have
been used for estimating and designing steam generators to prevent scale formation by
silica. [In contrast to the sulfate salts discussed above, silica solids, either as
amorphous silica, cristobalite, or quartz, are less soluble at low rather than at high
temperatures. In geothermal plants the geothermal waters contain dissolved silica at high

temperatures that upon subsequent cooling in the distillation process may thus
precipitate.] The geothermal aqueous fields in the Imperial Valley of California, USA,
however, consist of very concentrated brines that contains dissolved silica in equilibrium

with quartz as the solid. Upon cooling in geothermal steam generators, it is possible
that the solubility of amorphous silica is exceeded, and thus this solid may precipitate

as a scale on heat exchanger surfaces. The extensive study of amorphous silica solubi..

lities in high temperature aqueous concentrates of electrolytes present in natural waters

has allowed the prediction of temperature-composition limits of solubility of amorphous

silica (37). This information was very useful in the design of the first commercial

geothermal power plant in the Imperial Valley of California, USA [Union Oil Company of
California] and in the design of subsequent plants in this valley.

Geochemistry and Related Fundamental Studies

The field of geochemistry as it relates to aqueous solutions is concerned with the general

hydrothermal behavior of electrolytes. Consequently, knowledge of the solubility of
various substances is of great importance in developing theories and mechanisms of

hydrothermal processes, including ore formation, diagenesis, alteration, and metamorphism.

By combining experiment with theory, one hopes to make predictions of solubility behavior
outside of the range of the experiments. Many past and present investigators have made
studies of the hydrothermal behavior of electrolytes, where their interests have been
directly or indirectly concerned with geochemistry. Tabulations of many of these earlier

investigators have appeared elsewhere (1,2).

Khodakovskii and associates have made extensive phase equilibrium and thermodynamic stu-

dies on high temperature aqueous electrolytes of geological interest. Some of this work
is reviewed elsewhere (72,73). There have been many experimental aqueous phase studies of

hydrothermal geological interest published by Barnes and colleagues. Barnes has edited a

book on this subject, including chapters by different authors on several aspects of high

temperature equilibria (74). Valyashko, et al., have published numerous papers on the

high temperature phase behavior of many types of aqueous systems. They have studied

multicomponent, highly concentrated, aqueous systems at temperatures from 200 to 500°C.
Some recent reviews by Valyashko are given elsewhere (75,76).

There are several recent theoretical and semi-theoretical approaches applied to describing

high temperature aqueous systems in general and to predicting phase stability behavior of
minerals. Helgeson, et al., have devoted considerable effort toward this direction

(77,78) and Pitzer, et al., have published many papers on the thermodynamic behavior of

electrolytes, with particular emphasis on NaCl—H20 at high temperatures (79—81), the
results of which can be applied to predicting phase behavior of salts in these aqueous

media.

Hydrothermal Synthesis

Knowledge of the synthesis of minerals and the growing of particular mineral crystal
structures from aqueous subcritical and supercritical fluids at high temperatures
(300—500°C) is of practical importance to several industries. Based upon the earlier

experimental studies of Laudise, et al., (82), large crystals of quartz and of many other
minerals that are used for constant frequency oscillators, and for several other purposes

in industry, are produced economically by hydrothermal synthesis. High quality gems are
also produced by this method.

Chemical Oceanography
The solubilities of substances such as CaSO4, carbonates, silica, or hydroxides in ocean
waters as a function of temperature, dissolved gases, and pressure are of importance in

evaluating both physical and biological oceanographic processes. Thus, questions have
arisen as to which solid, CaSO4 or CaSO4.2H20, is the most stable one in equilibrium with
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the solution phase at low temperatures (25-50°C) (16,83). The definite answer to this
question allows prediction of paleoenvironmental temperatures in geological time, for
example, during the formation time of sediments in the Dead Sea area and elsewhere (83a).

The solubility behavior of carbonates is of interest in evaluating the biological for—
mation of corals and seashells.

Very recently, the discovery of deep ocean hot springs (84), with vent temperatures up to

350°C, has excited very much interest by chemical oceanographers in the phase behavior of
the thermally precipitating minerals in the vicinity of the springs. Of particular
interest has been the solubility and hydrolytic behavior of metal sulfides for which con—
siderable experimental measurements are needed. The silica solubility studies in con-
centrated salt solutions, discussed above, have been useful for establishing solubility

limits of silica from which core temperatures of the suboceanic hot springs may be eva-
luated.

Aqueous Supercritical Fluids for Phase Separations

Studies of the aqueous supercritical fluids, discussed above, have shown that moderately
large amounts of salts are soluble in these fluids. In some cases, a concentrated liquid

phase can coexist with the supercritical fluid. Applications of supercritical fluids to
the separation and purification of substances have expanded greatly in the past several

years. These processes have generally involved the use of organic solvents or of substan—
ces like carbon dioxide that do not have excessively high critical pressures or tem-

peratures and are generally non-corrosive to metal containers. In contrast, water has a
crtical temperature of 374°C and critical pressure of 221 bars, and with dissolved inorga-
nic substances is generally strongly corrosive to conventional containing materials at the
high temperatures. Nevertheless, if there is sufficient motivation for a process, these

problems of extreme conditions can probably be solved. Presently, there would appear to

be much development elsewhere on the separation of components of coal with high tem-
perature water. Some of the organic components melt and partially or wholly dissolve in

high temperature subcritical and supercritical water, thereby allowing possible separa-
tions. With suitable incentives, it is likely that inorganic substances, such as the

metallic species discussed above, could be separated by processes occurring in the
supercritical fluid regions.

Early Applications to Aqueous Homogeneous Nuclear Power Reactors

At earlier times (1947—60), much work at this laboratory was devoted to the development of

nuclear power test reactors for operation at 250—300°C using an aqueous, dissolved solu-

tion of uranyl sulfate as the fuel (85,86). This project motivated our development of

experimental techniques for studying high temperature aqueous systems, especially in the

exploration of uranium containing aqueous systems. The phase—equilibrium studies were
applied in the operation of two aqueous homogeneous nuclear power reactors at Oak Ridge

(85,86). All later studies on high temperature aqueous systems at this laboratory evolved
from this early work.

CONCLUS IONS

In this paper, a review of some solubilities in aqueous solutions at high temperatures and

of some liquid-vapor critical temperatures that have been studied generally at this
laboratory, together with experimental techniques that were used, has been presented. The
methods of interpretation have allowed some simplicity in the description of solubility

equilibria over wide ranges of temperature, pressure, and dissolved electrolyte con-
centrations. Several applied aspects are presented briefly. It is hoped that some of the

approaches used can be adapted to other studies of high temperature phase equilibria for

practical benefit.
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