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Abstract-Consideration
of interactions between neutral aqueous species and Hz0 dipoles in terms of
effective Born coefficients permits extension of the revised HKF ( HELGESON,KIRKHAM and FLOWERS,
1981) equations of state (TANGER and HELGESON, 1988) for the standard partial molal properties of
ionic species at high pressures and temperatures to include inorganic gases, acids, and other neutral
aqueous species. Correlation algorithms similar to those used to estimate equation of state parameters
for ions and electrolytes (SHOCK and HELGESON, 1988) have also been developed for neutral aqueous
species. Calculation of the standard partial molal thermodynamic properties of dissolved inorganic gases
as well as other neutral aqueous species as a function of pressure and temperature indicates that the
standard partial molal volume ( v”), heat capacity (c;), and entropy (SO), together with the apparent
standard partial molal enthalpy of formation ( a’)
of many of these species in the liquid phase minimize
with increasing temperature at PSAT* and approach cc at the critical point of H20. In the case of other
neutral aqueous species such as SiOzcaqj, v”, e$, so, and M” behave as functions of temperature and
pressure like those of electrolytes in the liquid phase and maximize with increasing temperature at PSAT,
approaching -m at the critical point of H20. Which of these types of behavior is exhibited by PO, c:,
so, and AI?’ for a given neutral aqueous species depends in part on the relative volatility of the aqueous
species and the effect of the species on solvent dipole-dipole interaction. Close agreement between predicted
and experimentally determined equilibrium constants for gas solubility and inorganic acid dissociation
reactions at high temperatures and pressures supports the validity and generality of the equations of state
and the predictive algorithms. High temperature/pressure
equilibrium constants can be predicted for
reactions involving a wide variety of neutral aqueous species for which few or no experimental data are
available at temperatures > 25°C. Present capabilities permit such predictions to be made for hydrothermal
and magmatic conditions at pressures and temperatures to 5 kb and 1000°C.
respectively, where the subscripts (v) and (aq) refer to the
vapor and aqueous phases. Numerous methods have been
proposed to calculate the high temperature and pressure
thermodynamic
properties of acid dissociation reactions
( HEXESON, 1967, 1969; LINDSAY, 1980; MURRAY and
COBBLE,1980; SMITHet al, 1986) and gas solubility reactions
(VALENTINER, 1927; BUTLER, 1937; ELEY, 1939a,b; FRANK
and EVANS, 1945; GLEW and MOELWYN-HUGHES, 1953;
MORRISON and JOHNSTONE, 1954; HIMMELBLAU, 1959;
WAUCHOPEand HAQUE, 1972; HAYDUK and LAUDIE, 1973;
PIEROTTI, 1976; BENSONand KRAUSE, 1976; WILHELM et
al., 1977; WEISENBERGand GUINASSO, 1979; CLEVERand
HAN, 1980; SCHULZEand PRAUSNITZ, 198 1; CROVETTOet
al., 1982b; BIGGERSTAFF, 1986). Some of these constitute
little more than polynomial fits to experimental data, but
others are based on attempts to describe interactions among
solute species and the surrounding Hz0 dipoles. Although
the latter approach possesses greater predictive capabilities
than the others, most of the equations that have been proposed to describe these interactions as a function of pressure
and/or temperature cannot be used to predict with confidence
the temperature and pressure dependence of the standard
partial molal heat capacities and volumes of neutral aqueous
species at high temperatures and pressures. Such is not the
case with the revised HKF (HELGESON, KIRKHAM and
FJ_OWERS,198 1) equations of state proposed by TANGERand

INTRODUCIION
MINERAL STABILITIESIN weathering, hydrothermal, and
metamorphic processes are commonly influenced by dissolved gases such as CO2 and Hz S, which react with Hz0 to
form acids. These acids and their dissociation products have
a profound effect on mineral hydrolysis. The accuracy of
radiogenic age dating techniques involving noble gases depends on the degree to which the noble gas has been retained
in the rock, which in hydrothermal systems depends in turn
on the solubility of the gas in the aqueous phase, the degree
of diffusional transfer of the dissolved gas molecules, and the
extent to which the fluid flows through the system. Calculation
of the chemical consequences of fluid/rock interaction thus
requires thermodynamic data for both dissolved gases and
acid dissociation reactions.
The solubility of a gas and its subsequent dissociation can
be represented by reactions like
H2Sw

=

H2%qj

(1)

and
H,S,,,

=

HS- + H+,

(2)

* PSATrepresents pressures corresponding to liquid-vapor equilibrium for the system H20, except at temperatures c 100°C where it
refers to the reference pressure of 1 bar.
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species and J(VI, X,(V)and y,,,, correspond to the fugacrl!
fugacity coefficient and partial pressure of the jth species iin
the vapor phase. The Henry’s law constant corresponds to
the product of the rational activity coefficient of the dissolved
gas ( XJtWJ)and the equilibrium constant for a reaction of the
form

HELGESON( 1988), which can be used to calculate the standard partial molaf thermodynamic
properties of aqueous
species at pressures and temperatures to 5 kb and 1OOO’C
(SHOCK et al., 1989). Furthermore, correlation algorithms
can be used to estimate species-dependent equation of state
parameters for aqueous species for which experimental data
are available only at 25°C (SHOCK and HELGESON, 1988).
The purpose of the present communication
is to describe
application of the revised HKF equations of state and correlation algorithms to calculation of the thermodynamic
properties of neutral inorganic aqueous species at supercritical
temperatures and pressures.

&,l

k,., = _A..-&V) __ -.._.
~,Wu%‘,
K= ~
xJ(q)
u/(w) xj(aq>x,iuuj
which corresponds to the reciprocal of the equilibrium
stant for

Gas solubilities are commonly expressed in terms of Henry’s law constants (k”) given by

-Y/(w)

A,,,

xJ(dJ(v)

A,*,

CC)III

I i? /

where Uj(q) refers to the activity of the jth aqueous species
The molal analog of Eqn. (5) for reaction (6) is Riven by

where X,,,, stands for the mole fraction of the jth aqueous

I

L;

( fy

(3)

xJb‘,,

Iable

;-1*

where A,,, and AtW) represent symbolically a gas molecule
in the vapor and aqueous phase, respectively. The cquifibrium
constant (K) for reaction (4) can thus be expressed as

CONVENTIONS, UNITS, AND STANDARD STATES
FOR NEUTRAL SPECIES

I;(“,
kHaz--==

i -‘t,,,

Summary

oiequationr used to conven expertmental gas solubd~ty meawrerww
to the standard state adopted in the present study.

Henryk Law Consranr
I-----~
Henry‘r Law constants (kH) arc rcferrnccd elthcr to pressures I” atmmpheres. bars. or mm of Hg.
these values of k, and K can be erprcsscd al

K

7 4007x IO 2
--__
kn

/ The unu referred to by Drummond (1981) as Henry’s
I molal unrts are used rather than the mole fraction of
jbl I ,ty constant Ike) and K II given h)

Sir

kH

11% mm

of

The rrla,,oii\

fig

hrrucen

/I

Law Constant II not equvalent to k, defined b! Eqn ( ii hecause
Accordingly. the rclatmn between Drommond’c soI”

thedissolved gas

Bunsen Abwrpmn

Co@cienr

There me numercu Bunsen absorotion coefficients I” the htcmture. all of whxh reier to eas solubdw on a volumetrx bass
Although the symbols o and p are used by most ruthon. there are a variety ofdelinit~ons. and care must be taken I” convcn~“g these Bunsen absorption coefictents to the standard state used in the present study. Stnctly. the Bunsa absorptmn
coetiiclent deagnated by the symbol 0 refers to the volume of gas wducd
to O’C and 760 mm of Hg by the Ideal gas law)
which IS absorbed by a umt volume of Itquid under a parrrol presruw olfhe ,pagos
of 760 mm of Hg. In contrast. the Bunsen
absorption coe6ioent B designates the vobme of gas (reduced to 0°C and 760 mm of Hg by the Ideal gas lawl uhxh 15
absorbed bv a unn volume of hqwd under a rr~trr/pwwrr
of 760 mm Hg. The relation between n and rl can hr wftrn
as

where P, stands Tar the parhal pressure of :he solvent. ‘The relat~o” between kH and u 17g,,e” hv

R1,P,P,

k,, i -=-

* P,

, where pI and M, refer to the density and molecular we@! of the solvent, respectively. T, and P. stand for the relerence tern.
perature and prersurc. and R deugnatcs the gas constant I” the units appropriate to the choacc of T, and P,, and the un!t~
used to express n. Although not the case IR the present study. the second term on the rlght ride of Eqn. (F) is often
neglected Relauons between n and K can be obtained by s”b@ituting Eqn. (F) into Eqns. IA). (B). or (0. dependmg on the
whtch the Bunsen absorptton coc&ients are reported.
_______._
_.

unmm

osrwaw
C0@wnr

~~..
.._._.

The Oswald coefictcnt IB dehncd as the r&w of the volume of the absorbed gas to the vol”me of the solve”t antl ,I pe”erall)
dewgnated L It ,s related to the n Bunsen absorpt,on co&wnt
by
I------

where T referr to thr tempcraturc 01the measurement

Subst,tutl”g Eqn. l(i) unto Eqn (I’) yxldr

wh,ch can be subst,tuted ,nto Eqns. (A), (B). or LC) to obtnm values of K for varlout ““1,s 01 L and P, using appr<ipr,r,e

..____~
These ““as we often used to exprc~s the solubility of vnriour natural gas components. The conversion Iactor from standard
cubic feet per barrel to mole fnctwn 1s I .3l I x IO-’ (Price. t979), and the convepl~o” factor to molabty IS 7 ?7X x 10 ’
Values of mobtlity obtained in this manner were used together with Eqn. (7) to generate values of K for USCin the present
study and by Shock and Helyso” f 1989)
--

2159

Thermodynamics of aqueous solutions at high T and P
K

=

a,(,) = ^vic~Ph~
f I(V)
xAv)Pj(v)

(7)

a3(P-

where Tj(aq)and m,(,, stand for the molal activity coefficient
and molality of the jth species in the aqueous phase and K
denotes the equilibrium constant for reaction (6).
Because the standard state for aqueous species adopted in
the present study calls for unit activity of the solute in a
hypothetical 1 molal solution referenced to infinite dilution,
rational equilibrium constants computed from Henry’s law
constants were converted to their molal counterparts using
the relevant equations shown in Table 1. Conversion factors
for Bunsen coefficients, Ostwald coefficients and other
expressions of gas solubility found in the literature are also
given in Table 1. Fugacity coefficients for the pure gases were
calculated from the modified Redlich-Kwong equation of
state using coefficients given by HOLLOWAY ( 1977).
Let us now review the revised HKF equations of state for
ions and electrolytes, which are extended below to include
neutral aqueous species.
SUMMARY OF THE REVISED HKF EQUATIONS OF
STATE FOR IONS AND ELECTROLYTES

=

P,)+a,ln

\k-kP

( \k + P, ))

Wcz((&j)-(&))

tit+c,(T-

+ a,(P - Pr) + a2 In

a3(P - P,) + a4 In

1
tt.0 -(c

1 +wTY)

T(f-

Q-kP

-

( Q + P, ))

l)(g)p

and

All standard partial molal properties of electrolytes and
ions are considered in the revised HKF model to be sums of
structural and solvation contributions. The revised HKF
equations for the standard partial molal volume ( v”), heat
capacity (C?;) and entropy (SO), together with the apparent
standard partial molal enthalpy ( No) and Gibbs free energy
of formation ( AC’), are given by ( TANGER and HELGESON.
1988)
P” = Av’l! + Av;
=+-0

<
--a,,(;-

l)(s),

=al+*+P“+(as+&$(&J

-uQ+(+

I)($)T

+ W~~,T,~P,.T,(
T - Tr)

(8)

=‘I+&+a41n

\k+p

+wTX+2TY
( 9 + P, ))

-T&;(

so = AS: + AC

(

*

)P
&.d
)
aTZ p’

(9)

( 12)

where Avi, AC&,, and A.?: stand for the nonsolvation (or
structural) contributions to v”, C:, and so, respectively,
Apt, A&, and tip represent the solvation contributions
to V’O,AC$, and so, u, & al, a2, a3, a4. cl, and c2 represent
species-dependent nonsolvation parameters, T,, P,, T, and
P designate the reference temperature of 298.15 K, the reference pressure of 1 bar, and the temperature and pressure
of interest, respectively, AI?! and AC? denote the standard
partial molal enthalpy and Gibbs free energy of formation
from the elements in their stable form at P, and T,, (A;,,
- fl;,,,r,) and (GO
,=,T- G!_‘,T,)correspond to the difference in
the conventional standard partial molal enthalpy and Gibbs
free energy of formation of an aqueous species at P and T
and those at P,, T,, c stands for the dielectric constant of
H20, * and 0 refer to solvent parameters equal to 2600 bars
and 228 K, respectively, Q, X, and Y denote Born functions
given by

Q - f (F)_,

(13)
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and

y;I--

1 ahlt

-

E i

al-

1
p’

and w stands for the conventional Born coefficient, which is
defined for the jth aqueous species by
o-I = w;b” - z&T

1161

where Z, stands for the formal charge on the jth aqueous
species, w@ refers to the absolute Born coefficient of the
hydrogen ion, which is taken to be 0.5387 X 10’ Cal mol--’
at 25°C and I bar (HELGESON and KIRKHAM, 19761, and
07” designates the absolute Born coefficient of the jth species
given by
(17)
where p represents Avogadro’s number (6.02252 X 10z3
mol-‘1, e stands for the absolute electronic charge (4.80298
x 1O-‘o esu), n = 1.66027 X IO5 A cal mol-‘, and r,,denotes
the effective electrostatic radius of the jth species given by
Fe., = TX,,+- iz,\r,

(18)

r* = k, + g

(Isi

where

where k, represents a charge-dependent constant equivalent
to 0.0 for anions and 0.94 for cations, and g designates a
solvent function of temperature and density. The g function
has been characterized at temperatures up to 450°C by fitting
o~h~ona1 tem~~turedensity
~I~orn~~s
to values of the
Born coefficient (wk) and its partial derivatives computed
from fits of Eqns. ( 8) and (9) to experimentally determined
partial molal properties of NaCl (TANGER and HELGESON,
1988). At higher temperatures the g function is represented
by a temperature-density potynomiaI ht of g values calcuiated
from Eqn. ( 12 ) using apparent standard partial modal Gibbs
free energies of fotmation of Nail’ generate;d from supercritical dissociation
constants (SHUCK er a/., 1989). At low
temperatures and pressures the g function and its partial derivatives approach 0. As a consequence, I?*, and therefore
T=,~,are essentially constant at temperatures below 17O*C,
and pressures co~~nding
to the vapor-Iiquid saturation
curve for H&I (PUT ). I’* and rc,, are also essentially constant
at (SHOCK ef al.. 1989)
T < 175°C

if

P zz 2450 bars

(2Oa)

and
p>

i.0gmcmW3

if

2450 bars < P s 5000 bars. (20b f

Values of c and the Born functions defined by Eqns. ( 13)( 15) can be obtained for temperatures and pressures to
1000°C and 5 kb from SHOCK ez a/. ( 1989).

In theoretical models of gas solubility, the overall solution process
is described by summing two major contributions: 1) a structural
term accounting for cavity formation and 2 ) solute-solvent interactions (ELEY, 1939a,b; FRAM and EVANS, 1945;HIMMELBUU, 195%
R~ISSm al., 1959; PRAU~Z and SHA~R 19fii; NEME-IXY and
SCHERAGA,1962a.b: PIEROTTI. 1963. 1965. t976: BEN-NAM.
1965a,b,c, 1975,1978; 1980,198~;~~-~~~d~E~-~
1965.
NEMITHY, 1967; WXLBELMand BATTINO,197 I, 1972; TIEPEI.and
GUBBINS,
1972; LUCAS,1973, 1976; Nan; and MCQAURRIE, 1973;
STILLINGER,1973;WILHELM, 1973, 1986;RE~VOLDS et al, 1974,
YAAC~BI
and F&N-NAM,1974;DE LIONYand VAN DERVE&N, 1975;
TERASAWAet al., 1975; BENSONand KRAUSE.,
1976; FRAN= d ai..
1976; LUCASand BURY, 1976; CtARk et a/., 1977; LUCASand CAR.,
GILL. 1977: PRATT and CHANDUR. 1977: W~WELM d al.. 1977:
SH&OD,%,1977; DBNO~ERS, 19825C’ROVEntl et a/., l&b:
AI.
VAREZet al., 1983; Lan, 1983, 1985; HU el al., 1985; FERNANDEZPRm~ptal., 198S;l%m, 1985;Fix~~~m~z-PRMiand JAR+&1986:

MULLER, 1988). A similar division into structural and sulvation
contributions forms the basis for tbe revised HKF model for aqueous

electrolytes.The simihuities in the concepts on whichtheseapproaches
are baaed mggeststhat the revised HKF equations of state s~rn~~
above for aqueous e&troIytes can be nsed to describe the tempamture
and pressure dependence of the standard partial moiai properties of
neutral aqueous species. As shown below, predictions of this kind
afford highly accurate representation of available experimentat data
for reactions involving these species. &spite the fact that neutral
species have no formal charge, the success of this approach strongly
supports tbeoreticaJ division of ~n~butions
to the standard par&
molaI properties of neutral aqueous species into structural and e&ctrostatic terms. The electrostatic et&c@ arise from tbe interaction of
polar species with solvent dipoles (KIRKWoOD, 1939), as well as
from the effect of both polar and nonpolar species on dipale-dipolc
interaction in the vicinity of the species. The structuti contributions
arise primarily from the process of cavity formation.

The concept that a neutral species dissolves in water in part by
the formation of a cavity is consistent with the relatiwly large positive
standard partial molds volumes and best capacities observed for these
species at low temperatures, several of which are plotted in Figs. 1
and 2. The symbols in these figures represent experimental mea.”
surements taken from the literature, but tire curves were generated
by mgression of the data with equations summ~
below. Whether
the standard pattiat molal properties of neutral aqueous species at
low temperatures and pressures increase or decrease with increasing
temperature depends on the structural consequences of cavity formation, which can be described in terms of the work required to
establish and maintain a cavity within the water structure. At low
temperatures the size of the cavity tends to increase with increasing
ornate,
which results in a ~~n~~
increase in the standard
partial molat volume. In contrast, the calorimetric consequences of
the relative contributions to cavity formation by the intrinsic size
and volatility of the neutral species and its hydrophobic effect on the
threedimensional packing arrangement of HsQ dipoles may result
in either increasing or decreasing standam partial molat heat capacities
with increasing temperature at low temperatures, If can be seen in
Figs. 1 and 2 that at temperatures less than --5O”C, the standard
partial metal volumes of B(~Hh~~~, NHsCWjand H$T&nat &,,T ah
increase with increasing temperature, which is also true oftbe standard
partial molal heat capacity of NH,{,, at &,,T. In contrast, the standard
partial molal heat capacities of Ar,,, at 172 bars and H2Sol at I$,,:
decrease with increasing temperature at low temperatures (Fig. 2 ).
Electrostatic contributions to the standard partial molai properties
of aqueous species appear to dominate their behavior at high temperatures and low pressures. These cont~but~ons are described in the
revised HKF mode1 in terms of electrostatic theory con~ste~t with
the Born transfer equation. This approach has been extended in the
present study to include species with a formal charge of zero that
nevertheless behave as though they have a nonzero effective charge
arising from the disruptive effect of the species on dipoh+dipole in.
teractions and the local dielectric constant of the solvent.
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an effective charge and electrostatic radius. The effective electrostatic
radius is positive if attractive forces dominate between the neutral
molecules and neighboring Hz0 dipoles, but negative if repulsive
forces dominate between these species. This formalism permits effective Born coefficients to be defined for neutral aqueous species
(seebelow). Values of these coefficients can be obtained by regression
of experimental data with the revised HKF equations of state. In
most we$ the effective Born coefficients of neutral aqueous molecules
are negative as a consequence of repulsive disruption of electrostatic
dipole-dipole interaction in the vicinity of the molecule.
EXTENSION OF THE REVISED HKF MODEL TO
INCLUDE NEUTRAL AQUEOUS SPECIES
Taking account of Eqns. ( 16) and ( 17)) the effective Born
coefficient of the jth neutral aqueous species (ti,,j) is defined
by

(21)
1. Standard partial molal volumes ( PO)of inorganic neutral
aqueous species as a function of temperature at PSAT.The symbols
represent experimental data taken from the sources shown in the
figure, but the curves were generated from Eqns. (22) and (25) using
parameters given in,Table 2.
FIG.

Electrostaticcontributions
Ample evidence indicates that neutral aqueous species such as
alcohols and aqueous silica interact to a significant degree with the
solvent in aqueous solution (BUTLER and RAMCHANDANI, 1935;
BUTLERand REID, 1935; BUTLERet al., 1935; ELLIS,1966; FFUEDMAN
and KRISHNAN, 1973; FRANKS, 1973, 1975; MALININ, 1974;
WALTHER and HELGESON,1977; ABRAHAM,1979; BEN-NAIM, 1980;
PRATT, 1985; S~HO~ and DANDURAND, 1987; DANDURAND and
&HOI-r, 1987). It can be seen in Fig. 2 that the high-temperature

standard partial molal heat capacity of aqueous argon at 172 bars
(BIGGERSTA~ et al., 1985) increases to an increasing degree with
increasing temperature above - 100°C. Recent experimental evidence
( BIGGERSTAFFand WOOD, 1988a,b) indicates that v”, @, so, and
m” of aqueous Ar, Xe, and Czl& in the liquid phase increase and
approach 00 as temperature increases at PSATto the critical point of
H20. In contrast, ii’, pp, so, and A@’ of aqueous electrolytes in
the liquid phase approach -or) as temperature increases at PSATto
the critical point of Hz0 (WHEELER,1972; HELGESONand KIRKHAM,
1974b; WALTHER and HELGESON, 1977; COBBLE and MURRAY,
1977; GATFS et al., 1982; WOODand QUINT,1982;LEVELT
SENGER~

et al., 1986). The latter behavior is consistent with increasingly weaker

attractive forces between ions and H20 dipoles as the solvent expands
and the dielectric constant diminishes with increasing temperature
at high temperatures. In contrast, the behavior ofthe standard partial
molal properties of highly volatile neutral aqueous species in the
critical region of the system Hz0 can be attributed to increasing repulsion of Hz0 molecules by the neutral species as hydrogen bonding
among the solvent dipoles becomes weaker with increasing temperature. This is apparently not the case at lower temperatures, where
the density of the solvent is much higher ( FERNANDEZ-PRINIet al.,
1985). However, at the temperatures and pressures in the critical
region where the density and dielectric constant of the solvent are
low and (cY~‘/~T),., (aP’/aP),, (dc/aT),, and (d~/aP)~ of Hz0
are high, the presence of a volatile neutral molecule would be expected
to have a substantial disruptive effect on the electrostatic properties
of the solvent in the vicinity of the neutral species. This observation
is consistent with MULLER’S( 1988) recent model calculations for
water and dilute aqueous solutions of hydrocarbons, which indicate
that hydrophobic molecules disrupt the water structure at high temperatures. Nonvolatile and/or highly polar molecules should attract
Hz0 dipoles and behave like electrolytes, but their volatile and nonpolar or weakly polar counterparts would be expected to repel water
dipoles and disrupt solvent dipole-dipole interaction. It thus seems
appropriate to describe the effect of a neutral species on the electrostatic properties of the solvent in terms of a hypothetical species with

where Z,, and re,, refer to the effective charge and effective
electrostatic radius of the jth neutral species, respectively
( HELGE~ONet al., 198 1). At present, values of Z,j and rc,,
for neutral aqueous species cannot be assessed with confidence, which precludes independent calculation of We,jfrom
Eqn. (2 1). However, values of w,,, can be obtained by regression of experimental data or calculated from correlation algorithms (see below ) .
Because the magnitude of the second term on the right
side of Eqn. ( 18) depends on the formal charge of the jth
aqueous species, the assumption was made in the present
study that the effective Born coefficients of neutral aqueous
species can be regarded in a first approximation as pressure /
temperature-independent
parameters. It follows from the
revised HKF model that the solvation contributions to the
standard partial molal volumes, heat capacities and entropies
of neutral aqueous species are then given by
AP:=P-A~=-~,Q
AC;“,, = c;“, - AC”,, = w,TX

A$’ = so - Aso, = w,Y

(22)
(23)
(24)

where Q, X, and Y stand for Born functions defined by Eqns.

FIG. 2. Standard partial molal heat capacities (c$) of inorganic
neutral aqueous species as a function of temperature at PSAT,or in
the case of Arc,, at 172 bars. The symbols represent experimental
data taken from the sources shown in the figure, but the curves were
generated from Eqns. (23) and (26) using parameters given in Table
2.
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( 13 )-( IS ). The t~m~~ture

dependence of A e

can be ex-

pressed as

where

(2%)
and

and that of AC?& at P = P, as

Ekptions ( 25 ) and ( 26 ) can ah be used together with values
of Q and 4 for P = P, to represent closely the nonsolvation
standard partial mdal volumes and heat capacities of neutral
aqueous species as a function of temperature at PSAT to
--2OO”C, where the vapor pressure of I&O is only i5.537
bars (HAAR et al., 1984 ). Complete expressions of the temperature and pressure dependence of the standard partial
molal volumes and heat capacities of neutrai species analogous to Eqns. f 8 ) and (9) are given by

V” =

1

al t

a2 i *-i-p

I 3i)

i

and

The experimentaUydetermined isobaricstandard partid m&d Iheal
capacities ofaqueous argan represented by the symbols in Fig. 2 wel”e
regressed in the present study with Eqns. (23 ) and f 26) tu obtain the

xi*~~P-P.)+~~ln(~~)]+~~~X..

(28)

Integration of Eqn. (28) with respect to temperature results
in

x

UJ(P_

P,)i-

asln

)I

+ dY
- &Jr).
(291
( J! + P,
Expressions analogous to Eqns. ( I 1) and ( 12) for the apparent standard partial molal enthalpy and Gibbs free energy
of formation can now be written as
[

f

A.@” = A@ + H$,_r- a:,,,)

pi, cz and W, parameters for Ar,,, given in Table 2. The results of
these remion
calculations are represented by the curve shown in
Fig. 2. The value of w~,.,~( -0.3073 X lo5 cal mol -I ) is oppaske
In S&B but similar in magnitude to that of we*+ (0.3306 X 10” cal
moi -I ) given by %-KXK and HELLSON ( i $88 ). 7*hisobservationis
consistent with the relatively high volatility ofdissolved argon, which
repels the surrounding Hz0 dipoles and disrupts their interaction in
the vicinity of the argon molecule, In contrast, the attractive forces
characteristic of Naf salvation
lead to the p&tive value of w~*.p.

Table 2. Summary of equations uf state parameters generated
by regression of nonsolvation contrrbuttons co the standard
partial molat vofumes and heal capacitjes of neutral aqueous
species as a function of temperature ar t bar with Eqns.i?S)
and (26).
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As emphasized above, the electrostatic contributions to the standard
partial molal properties of aqueous species become dominant at high
tem~mtur~.
Of the ex~~rnen~ly
determined standard partial
molal properties of neutral aqueous species depicted in Figs. 1 and
2, only the heat capacity data for aqueous argon extend to high enough
temperatures (>25O”C) for these effects to be discernible. In contrast,
experimental equilibrium constants (K) for solubility and dissociation
reactions involving neutral aqueous species have been reported over
wide ranges of high temperature and pressure, extending well into
the supezcritical region of the system HrO. These data can be regressed
simul~n~~ly
with experimental standard partial molal volumes
and heat capacities at low temperatures like those shown in Figs. I
and 2 to obtain equation of state parameters for the neutral species
by taking account of Eqn. (3 I ) and the relation
logK=

-A@
r
2.303 RT

0 CUfSSON(1975)
0 READ(l982)
0 HITCH AND
MESMER(i9~)
4 i
100
200
300
3O
TEMPERATURE.YZ

(32)

where R stands for the gas constant (1.98719cal mol-’ K-‘) and
A@ denotes the standard partial molal Gibbs free energy of the rth
reaction given by
AC: = C ri,,,A6a

(33)

where ri,,, stands for the reaction coefficient of the ith species in the
reaction, which is positive for products and negative for reactants.
Experimental equilibrium constants for mactions involving NHr(,,
and HI&,, at temperatures and pressures along the vapor-liquid
saturation curve for Hz0 are represented by the symbols shown in
Fig. 3. It can be seen in this figure that the data for these species
extend to temperatures of 300 and 350°C respectively. Because
pressure changes along the vapor-liquid saturation curve for Hz0
have a negligible effect on the apparent standard partial molal Gibbs
free energies of formation (A@‘) of aqueous species at temperatures
I: 350°C (HELCBONet al., 1981; TANGERand HELGESON,
1988),
the data for H2SfWjand NH,(,) shown in Figs. 2 and 3 were regressed
with Eqns. (28) and (31)-(33) after setting a, = a2 = ~1)= ac = 0
to obtain the values of ci , c2and W,given in Table 2. The values of
w,_obtained in this manner were then used to calculate the values of
Al’: and Avt shown in Table 3 from Eqn. (22) using experimental
values of P” taken from Table 3. The Q and 4 parameters for &St,,
and NHs(,, given in Table 2 were obtained by graphical fits of Eqn.
(25) to the values of AP: in Table 3. The resulting regression curves
correspond to the two lower left curves in Fig. 4. The effective Born
coefficients for these species were also used to calculate values of
Ap!& from Eqn. (23 ). These values were then used to compute corresponding values of AC?&,from the first identity in Eqn. (9) using
the experimental values of c$ listed in Table 3.
Taking account of Eqn. (26), plots of A& against I/( 7”- 0)’
should fall on linear curves. Plots of this type, generated using the
values of A& given in Table 3, are shown for Art,,, NH3,aqj. and
H&s, on the right side of Fig. 4. The values of c, and cz obtained
from the regression procedure described above were used to calculated
the curves shown. Also shown in Fig. 4 is a plot of Av$ against
1/(T - Q) for B(OHh(,,, which was generated by regression of the
experimental P” data for B(OH)3tP4j in Table 3 with Eqn. (25) to
obtain the values of o, .$and W, for this species shown in Table 2.
CORRELATIONS AMONG EQUATION
OF STATE PARAMETERS

Correlations among equation of state parameters in the
revised HKF model and various standard partial molai properties of aqueous ions at 25*C and 1 bar ( SHWK and HELGESON, 1988) are depicted in Fig. 5. The linear curves in these
correlation plots are consistent with
a, = 1.3684 x lo-‘Ah:

+ 0.1765,

u2 = 17.19690, X lo4 + 421.1,
u = l.llAPo,

+ 1.8,

(34)

-201
0
50

0

DRUMMOND(l9tW

0

KOZlNTSEVA(l964)

100

150

200

TEMPERATURE,

250

300

350

“C

FIG. 3. Logarithms of the equilibrium constants for reactions ( I )
and (39) as functions of temperature at PSAT.The symbols represent
experimental data taken from the references shown in the figure, but
the curves were generated by regression of these data and those for
H2S and NH3 shown in Figs. 1 and 2 with Eqns. (12). (27), (28)
and (3 I)-( 33) and equation of state parameters for H+ and NH:
taken from SHOCKand HELGESON( 1988) (see text )

& = -4.134ar

- 2779%

(37)

cz:X lO-4 = 0.2037c0, - 3.0346

(38)

and

where AZ: = -(aA~~/~P)r.
Equation (36) represents the
linear correlation of u with Av”, for both aqueous ions and
neutrai aqueous species in Figs. 5 and 6. The c2 parameters
shown in Table 2 are plotted in Fig. 7 against the corresponding values of pp at 25°C and 1 bar in Table 3. Values of c;!
and 6i”pfor C2H4(aqJ(SHOCK and HELGESON,1989) are also
shown in Fig. 7. The curve in Fig. 7 is consistent with Eqn.
(38), which applies also to the curve shown in the lower left
diagram in Fig. 5. Hence, Figs. 6 and 7 reinforce observations
that Eqns. (36) and (38) are independent of charge (SHOCK
and HELGJZSON, 1988). The charge-independence of these
relations suggests that other correlations observed among
volumetric equation of state parameters for ions can also be
used for neutral aqueous species. Although there are no reports in the Iiterature of experimental compre~ibi~ity data
for neutral aqueous species which can be used to directly test
this observation, indirect supporting evidence is provided by
the close agreement between the experimental measurements
and the independently predicted curves in Fig. 8. Equilibrium
constants are shown in this figure for the reaction

(35)

(36)

tiZS~Q~~H2SW

o-

NHJ(,,
as a function

of temperature

+ H’ = NH:

(39)

at pressures

of 1, 2, 3 and 4 kb.
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a. Barbero ct al. (1982). b. Allred and Woolley (IYB I). c. Biggerstaff
etal.
d. Ward and Miller0 (1974) and Ellis and McFadden
(1972)

(1985)at I72bars.

The curves were generated from Eqns. ( 12) and (3 1 )-( 33)
using parameters for NH: and H’ taken from SHARKand
HELGE~ON (1988) and those for NH3(,, given in Table 4.
The values of aI, ~2, u3, and a4 for NH3cp9), as well as those
for ail of the other aqueous species except SiOacasj, shown in
Table 4 were estimated from the correlations for aqueous
ions in Fig. 5 assuming that these correlations are chargeindependent like those for u and c2 in Figs. 6 and 7. This
assumption is strongly supported by the remarkably close
agreement in Fig. 8 between the independently predicted
equilibrium constants and their experimental counterparts
for reaction (39) over the entire temperature and pressure
range from 0 to 600°C and 1 to 4 kb. This and similar agreement between experimental equilibrium constants at elevated
pressures for reactions involving He(,), H:,POd(,,, and NZtaq)
(see below) provides strong supporting evidence that the correlations among equation of state parameters and standard
partial molal properties represented by Eqns. (34)-( 38) apply
equally well to ionic and neutral aqueous species. These observations, together with the curves shown in Figs. 6 and 7
permit one-parameter regmssion of experimental equilibrium
constants at temperatures r 250°C to obtain values of w,
from acombined statement ofBqns. (22), (25)-( 27), (3 I )(34), and (36)-(38).
Experimental equilibrium constants at temperatures above
250°C are reported in the literature for reactions involving
a number of aqueous neutral species for which experimental
values of sj’ and pp,j at 25’C and I bar are available. These
include C%,,), HN%,,,
Xe(,,, HZ(~), C&j, He(,), and

H3P04(qj. Equilibrium constants for various reactions involving these species are shown in Fig. 9, where the symbols
represent experimental measurements, but the curves werr
generated by regression of the experimental data with Eqns.
( 12) and (3 1 )- ( 33 ) using parameters and data taken from
Table 4 and those for aqueous ions given by SHOCK;and
HELGE~~N( 1988) to obtain the values of w, given in Table
4. In the case of the reaction involving B( OH btrrrf, the value
of ,!?” shown in Table 4 for this species was obtained hy
regression of the experimental log K values for the reaction
in Fig. 9. It can be seen in this figure that the regression
calculations using independently generated values of al1 the
equation of state parameters except w, closely represent ah
of the experimental data shown in the figure.
Other experimental data that are closely.consistent with
the curves shown in Figs. 3, 8, and 9 (but not shown in the
figures) have been reported or summarized by WINKLER
(189la), CADY et Ul. (1922), NtMS (1934), OWEN f 19341.
PITZER ( 1937), OWEN and KING ( 1943 1. MANOV PI cii
( 1944), BATES and PINCHING
(1949, 195O), BATES ( 1951).
BUCHANAN and HAMANN( 1953), EVEREP and LANDSMAN
(I~~~),HAMANN~~~STRAU~~(~~~~),YEN~~~PETERSOI*~
(1964), DE WET (1964), HAASE et at ( 1965), HEPLER
( 1965), CARPENTER
( 1966), LARSONand HEPLER
(1969),
NAKAYAMA( 197 1), MURRAY and RILEYi 197 I 1, FHHER
and BARNES( 1972), VANDERZEEet al. ( 1972 ), STOKM
( 1975), PITZERand SILVESTER
( 1976 ), LEEand MATHEK
(1977), GORDON et al. (1977), BERG and VANDEREK
(1978), HEPLERand HOPKINS(1979), YASUNISHIand
YOSHIDA(1979), GILL and WADSC)( 1982), MOOREel ul
(1982), PERRIN
(1982), PLUMMER
and BUSENBERG
f 1982).
BIGNELL( 1984), KIJTSCHE
et al. ( 1984 ), DEC and GILL
( 1985), POSTIGOand KATZ ( 1987), and VERSTEEG
and VA&
SWAAIJ( 1988 ).

FIG.4. Graphic representation of Eqns. (2.5) and (26) for the
nonsolvation contributions to the standard partial molal volume
(Aft) andheat capacity ( ASP..) of neutral aqueous species at various temperaturesand PST. The symbols represent
experimental dati
taken from the references given in Figs.1 and 2, but the curves COP
respond to regression values (see text)
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FIG. 5. Summary of correlations observed among equation of state parameters and various standard partial molal
properties of inorgnic aqueous ions at 25°C and 1 bar (SHOCK and HELGESON, 1988).

In the case of many aqueous neutral species for which
equilibrium constants have been measured experimentally
at high pressures and temperatures, no experimental values
of py and/or es,, at 25°C and 1 bar are available in the
literature, Given an independent means of estimating tic,
Eqns. ( 12) and (3 I)-( 33) can be used together with the correlation algorithms represented-by tins. (34)-( 38) to regress
equilib~um constant data for vaks
of Fj’ and/or Pp,j at
25°C and 1 bar. The requisite estimates of W+,jfor neutral
aqueous species can be made by first considering the relation
between W,and $’ for aqueous ions.
Correlation of oj and .!$’

cannot be directly apptied to aqueous neutral species because
there is no unambiguous way to compute rXj for these species
and I’* is unknown for Zj = 0. As emphasized elsewhere
( HELGESONand KIRKHAM, 1976; SHOCK and HELGESON,
1988), rx,j is also ambiguous for polyatomic ionic species.
However, estimates of re,j at 25°C and 1 bar for polyatomic
ionic species can be made from their standard partial molal
entropies using the relation (SHOCK and HELGESON, 1988)

Zj( ?)Y - 100)
re,j =
s,o -

where (Yerepresents a charge-dependent constant. Values of
compute from Eqn. ( 40) permit ~cula~on of oJbs from
Eqn. ( 17). which can in turn be used to compute values of
Uj from J?qn. ( 16) and the standard partial molal solvation
Tc,j

The effective electrostatic radius of an aqueous ion is related
to its crystallographic counterpart by Eqn. ( 18). This equation

(40)

a=
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It can be seen in Fig. I 1 that the points representing Ar, *, ~
Hetw), Waq), Hzfm) and OZ,,) fall along the curve predicted
jn~nden~y
from Eqn. (44 ). The symbols r~~n~n~
SiC&), H&q,, NHsM, CC&I, HNOstaq)+ B(OH).3tl141.V
and H3PO~(nqj lie at more positive values of w,,, but the
curve drawn through them has the same slope as the curves
in Fig, JO and the lower curve in Fig. I I. The equation of
the upper curve in Fig. 11 is given by
*eL’= -1514.4$;

Fro. 6. Correlation of the fl equation ofstateparameters for neutral
aqueous species at I bar with their nom&&on standard partial
molal volumes (AP!) at 25°C and 1 bar. The symbol represent
data taken from Table 2 and SHOCKand HELGIBON( 1989), but the
curve wasgenerated &em Fqn. (36) and the corresponding correlation
for aqueous ions depicted in Fig. 5.

properties of aqueous polyatomic ionic species at 25’C and
1 bar. As shown below, a similar approach can be used to
estimate these properties for neutral aqueous species.
Combining the definition of the absolute Born coefficient
given by Eqn. ( 17 ) with Eqn. (40) leads to

+ ,&

(42)

-azv
YQ - 100

-

=

Wqj

=

-1514.4$!,

(46)

pz = I.62 Y IOSiZ,j

;47)

for anions. Equations (46) and (47) are represented by tht:
curves in Fig. 12, which converge at the origin. As indicated
above, the origin in Fig. 12 corresponds to the intercept of

ZjW@.

Values of & for charged species computed from Eqn. (43)
using values of fyz taken from SHACK and HELGESON ( 1988 f
are given in Table 5. These values were used together with
Eqn. (42) to generate the curves depicted in Fig. 10, where
it can be seen that they compare favorably with the symbols
representing values of e and wj for monatomic ions at 25°C
and 1 bar taken from SHOCK and HELGESON( 1988).
It follows from Eqn. (43) that for a formal charge of zero,
where CY~
= 0, #3=will also equal 0, and therefore Eqn. (42)
reduces to
Oj

& = 0.54 x’ IOil%,!
for cations and

where

Pz =

(45)

Note that the upper curve in Fig. 11 crosses we_/=, 0 at ,!?i’
= 22.45, which leads to positive values of UC,)for this group
of neutral aqueous species at ldwer values of $7. It can be
deduced from the values of log K for the gas ~lubility re”,
actions depicted on the left side of Fig 9, together with those
for other similar reactions, that, of the symbolls shown in Fig.
11, only those representing the more volatile neutral aqueous
species corresponding to the noble and diatomic gases arc
the ones in agreement with the lower curve. Xncontrast, values
of we-jfor polyatomic and polar neutral aqueous species fail
along the upper curve in Fig. 11, which lies between the curves
for formal charges of 0 (the lower curve in Fig. 11) and i
(the lower curve in Fig. 10). Estimates of w,_, for 32 neutral
inorganic aqueous species generated from Eqns. (44) and
(45 ) using these criteria (see below) and values of 3: taken
from the literature are listed in Table 6,
The intercepts corresponding to &in Fig. 10 are given by
appropriate statements of Eqn. (43 ) for 25 “c’ and 1 bar. which
can be written as

which can be combined with Eqn. ( 16) to yield
%I = -1514.4$

+ 0.34 .x Jl‘t”

80

(44)

which was used to generate the lower curve in Fig. 11. The
solid symbols shown in this figure represent vafues of .!$ and
We,jtaken from Table 4, which were obtained by regression
of experimental standard partial molal volume and heat capacity data (see above). With the exception of that for
Si%84)r the open symbols in Fig. 11 represent species in
Table 4 for which %,j was obtained in the present study by
regmssion of high-temperature equilibrium constant data. The
open symbol for Si02trrp) denotes the value of o&j given by
WALTHER and HELGESON ( 1977) and the vaiue of q obtained in the present study (see below).

&CAL

K MOL.-‘)

x IO”’

FIG.
7. Correlationof the cz equation of state parametersfor neutral
aqueous species witb their standard partial modal beat capacities
(c$) at 25°C and i bar. The symboh represent data taken from
Tabie 2 and SHOCKand HELG~ON f 1989), but the curve was generated from Eqn. (3&f and the corresponding correlation for aqueous
ions depicted in Fig. 5.
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FIG. 8. Logarithm of the equilibrium constant for reaction (39) as a function of temperature at pressures of 1,2, 3,
and 4 kilobars. The symbols represent experimental data, but the curves were generated from Eqns. ( 12) and (3 l)(33) using parameters and thermodynamic data for NH,(,) taken from Table 4 and those for H+ and NH; from

SHUCKand HE~GESON(1988) (see text).

the lower curve representing the more volatile aqueous species
shown in Fig. 11. Hence, in calculating the values of wc,j
shown in Table 6, Eqn. (44) was used for all neutral aqueous
species with the stoichiometry A or AZ, where A represents
a given element. The values of w,,, for the other neutral
aqueous species shown in Table 6 were generated from Eqn.
(45), which is consistent with the upper curve in Fig. 11.
The factors controlling the position of this curve have yet to
be determined.
COMPARISON OF CALCULATED AND
EXPERIMENTAL EQUILIBRIUM CONSTANTS AT
HIGH TEMPERATURES AND PRESSURES
The sign of the second derivative of log K with respect to
temperature at PSATfor solubility reactions involving the liquid phase in the system Hz0 depends on the volatilities of
the aqueous species participating in the reaction ( HELGESON,
1989). If the dissolving phase is more soluble in the liquid
phase than in the coexisting vapor, which is the case for minerals and electrolytes, (8’ log K/c3T2),,
for reactions involving the liquid phase is negative and log K at PSATmaximizes with increasing temperature. Under these circumin the liquid phase region
stances, (a log KIdT),,
approaches ---co at the critical point of H20. In contrast, if

the solubility of the dissolving phase is greater in Hz0 vapor
than in the coexisting liquid phase, which is generally true
of gas solubilities, then (a2 log K/aT2),,
for the liquid
phase is positive and log K minimizes with increasing temperature at PSAT.As a consequence, (a log KldT),
for the
liquid phase approaches co at the critical point of H20. For
intermediate cases in which the solubility of the dissolving
phase is higher in liquid Hz0 at low temperatures and in the
coexisting vapor at high temperatures, or vice versa, log K
for the solubility reaction in the liquid phase region exhibits
a reverse sigmoid or sigmoid configuration with increasing
temperature at PSAT. Nevertheless, in all instances the logarithm of the equilibrium constant for a reaction representing
the solubility of a phase in liquid or supercritical aqueous
solutions can be calculated from Eqns. (3 1 )-( 33) using values
of AGo for the gases or solids involved in the reaction.
Gas solubilities

Numerous measurements of gas solubilities at elevated
temperatures and pressures are reported in the literature
(BOYLE, I9 11; KOFLER, 19 12; HUDSON, 1925; WRIGHT and
MAASS,
1932; WIEBE et al., 1933; WIEBE and GADDY, 1934,
1935; JOHNSTONEand LEPPLA, 1934; MARKHAM and KOBE,
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Table 4. Summary oi expenmental and retneved standard partial m&d themwdyaarmc properties of aqueous neutral species at 25-C and I bar, tognhcr with the parameters raquirad tn
calculate the corresponding properties at htgh pressures and temperatures from Eqnr. (271
through (31).

The values of uc shown below were obtained

by regression oi experimental

data, but those ior a,, a>, al. a,, c,. and cl were estimated with the aid of Eqns. (221, (2li
(25)_(28), (34). and (36)~t38)_see text
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1965; ENNSet al., 1965; BEN-NAIM,1965a; BEN-NAIMand
EGEL-THAL,1965; CLEVERand HOLLAND,1968; SHIER el
al., 1969; MURRAYet al., 1969; MURRAYand RILEY,1969,
1970, 197 1; O’SULLIVANand SMITH, 1970; WEISS, 1970,
197 1; CLARKE and GLEW, 197 1; GARDINERand SMITH,
1972; BEN-NAIMet al., 1973; CROZIERand YAMAMOTO,
1974; TOKUNAGA,1974; BENXINand KRAUSE,1976; LAVROVAand TUDOROVSKAYA,1977; POTTERand CLYNNE,
1978; BLANCOand SMITH, 1978; BENSONet al., 1979;
DRUMMOND,1981; ZAwrw and MALESINSKA,
1981; CROVETTOet al., 1982a; GERTH, 1983; SMITHand KENNEDY,
1983; RETTICHet al., 1984; KUTSCHEet al., 1984; DACEY
et al., 1984; DAKEand CHAUDHARI,1985; ALETAand ROE
ERTS,1986; Posn~o and KATZ, 1987; VERSTEEG
and VAN
SWAAIJ, 1988; ALVAREZet al.. 1988; KHANand HALLIGUDI,
1988; among others), and many comprehensive
compilations
have appeared (including, MARKHAMand KOBE, 1941b;

WILHELMet a/., 1977; ABRAHAM,1979; CLEVER,
1 Y79a,b,
1980; CLEVER and HAN, 1980; BATTINO, 1981, t 982;
YOUNG, 1981a,b, 1983; GOLDBERGand PARKER,1985).
Plots of log K against temperature for various gas soiubility

reactions are shown in Fig. 13. The curves for the reactions
involving Arc,,, Ne(,,, Kr(,) and SOrcw, shown in this figure
represent predicted equilibrium constants at high tempera~
tures using equation of state parameters that were estimated
from the correlation algorithms summarized above and thermodynamic data at 25°C and 1 bar taken from the literature.
The curves for these reactions in Fig. 13 are thus independent
of the experimental data represented by the symbols at temperatures > 25°C. The experimental solubility data reported
by WINKLER ( 1891b), LANNUNG ( 1930), BEN-NAIM and
BAER ( 1963), KLOTS and BENSON(1963), K~NIG (19631,
DE WET (1964), DOUGLAS(1964), BEN-NAIM(1965b3,
KRESTOVand NEDELKO( 1969 1, KRESTOVand PATSATS~YA
( 1969), MASTERTON
et al. ( 1973 ), BORINAand SAMQIL~V
(1974), BORINA (1977a,b), WEISS and KYSER (1978),,
KUTSCHE et al. ( 1984), and DOUA~AL and RILEY ( 1979 1
are not shown in Fig. 13. but they are 8enerally consistent
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Table 5. Values of & calculated

from Eqn.
(43) for aqueous ions of various charges.

2,

fi~“lO

s
--

+1
+2
+3
+4
-t

0.5517
I .0579
1.5793
2. I764

-2

3.2 127
4.81 15
6.4860

-3
-4

1.6291
Fro. 11. Correlation of the effectiveBorn coefficients( w,,,) of LXXtral aqueousspecies with their standard p&al molal entropies
($‘) at 25°C and 1 bar. The solid symbols represent regression values

L_

with the other data represented by the symbols in the figure.
In the case of Rn(,, and NZfnqf, for which no pP values at
25°C and 1 bar are available in the literature, the curves in
Fig. 13 were generated by regression of the log K data using
predicted values of the equation of state parameters to obtain
pP for the aqueous species at 25°C and 1 bar in the manner
described above. The standard partial modal volumes and
heat capacities at 25°C and I bar for all of the aqueous species
shown in Fig. 13 are given in Tables 4 and 7, together with
corresponding values of A@, AI?:, so, w,, and the equation
of state parameters that were used in the calculations.
It can be seen in Fig. 13 that the calculated equilibrium
constants represented by the curves are in close agreement
with the bulk of their experimental counterparts. The agreement for the curves representing the solubilities of At(,),
Ne (aq), Kr(,,, and SOz(,, is particularly remarkable because
the curves were generated independently of the experimental
data represented by the symbols at temperatures > 25°C.
The calculated values corresponding to the curves in Fig. I3
fall within the experimental unce~nty
(indicated by the
symbol size) of all the available experimental data, except
some of the log K values generated from solubility measurements of noble gases reported by POTTER and CLYNNE
( 1978). As noted by CROVETTO ef al. ( 1982a). POTTER and

of we., derived from standard partial molal praperties, but the open
symbols for species o&r than SiO, correspond to values of w+, obtained in the present study by regxssion af log i4; data f see text 1.
The value of ocj for SiOz was taken fmm WALTHERaxtdHELGESON

( 1977f . The lower curve shown above was genemted from Eqn. (44 i .
but the upper curve was simply drawn through the symbols (SW
text).

CLYNNE’S( 1978 ) me~urements
yield syst~mati~a1~~ high
solubilities relative to all other experimental determinations
at low temperatures. Above -2OO”C, POTTER and CI.YFJNE’S,
( 1978 ) values of log K for these reactions tend to be systcmatically low, and differ by as much as 40% from the more
recent measurements by CROVFSTO er ul. ( 1982a). Furthermore, in a number of cases they fail to exhibit a srn~t~
distribution with increasing temperature. This is particularly
true of POTTER and CLYNNE’S ( 1978) solubiiity data for
argon.
Although the logarithms of the equilibrium constants for
all of the gas solubihty reactions in Figs. 3, 9, and 13 exhibit
minima with increasing t~m~ratu~,
the temperature at the
minimum is not the same for all ofthe reaclions. For example,
the minimum values of log K for the solubilities of He and

r
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3If?
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f!_ '
b+z. o-

The symbots represent data taken from SHOCK and HELGESON
( 1988), but the curves were generated from Eqn. (421 using values
of & taken from Table 5.
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from equatton (44).

2171

Thermodynamics of aqueous solutions at high T and P

the critical point is approached at the critical pressure from
higher temperatures. All of this behavior is exactly opposite
to that of the corresponding thermodynamic pruperties of
solubility reactions that involve only aqueous species with
low volatilities such as electrolytes or aqueous silica ( HELGESON, 1989).

0

12345

ILI
FIG. 12. Values of& corresponding to the intercepts of the curves
shown in Fig. IO (symbols) and those computed from Eqns. (46)
and (47) f linear curves) as a function of absolute charge.
Hz occur at temperatures < 75*C, which is consistent with
their high volatility and the relatively large negative values
of ue,i for the aqueous species involved in these reactions. In
other cases for which ocrj is less negative (like the dissolution
of H2S, C@, and SOS) the log K curves exhibit broad curvature and the minima occur at temperatures > 100°C. Regardless of the temperatures at which the minima occur, the
calculated values of log Kin every case increase dramatically
at temperatures above 350°C (not shown in Figs. 3, 9, and
I3 ). As in the case of aqueous argon, this high-temperature
behavior is consistent with the approach to infinity of FP for
aqueous dissolved gases in the liquid phase with increasing
temperature at PsA~,
The observations summarized in the preceding paragraph
are consistent with recent experimental determinations of
the heat capacities of Art_), Xe(,,, and CzH4(agj at supercritical temperatures (BIGGERSTAFF and WED, 1988a,b).
As indicated above, the configurations of the curves representing gas solubilities in Figs. 3, 9, and 13 can be attributed
to the fact that the solubility of a gas in liquid Hz0 at low
temperatures and PsAT is much lower than its equilibrium
solubility in the coexisting Hz0 vapor. However, as temperature and pressure approach those at the critical point of
Hz0 and the distinction between the liquid and vapor phases
diminishes, the solubilities ofthe gas in the liquid and vapor
phases converge and reach an identical value. To the extent
that these gases behave ideally, all of the log K values for
these reactions should approach -0.6 at the critical point of
Hz0 ( BEWTIER and E&NON, 1978; BIGGERSTAFF etat.,
1985 ).
In addition, all the~~ynarni~
properties of gas solubility
reactions involving the liquid phase at high temperatures that
depend on the isobaric or isothermal partial derivatives of
1ogK (AR:,
AC),,, AS:, AT?, (aAv!/U),,
and
(aAP?/@),)
increase with increasing temperature at PsAT
and approach 00 at the critical point ofH@. In contrast, the
standard partial molal heat capacities, ~ompr~ssibilities, and
expansibilities of dissolved gases in steam approach -M as

The solubility of quartz has been studied experimentally
over a wide range of temperature and pressure up to 400°C
and 9 kb (KENNEDY, 1950; MOREY and HESSELGESSER,
1951; KHITAROV, 1956;KITAHARA, 1960; VAN LIER et al.,
1960; SIEVER, 1962; M~REY d aI., 1962; WEILL and FYFE,
1964;ANDERSONand BURNHAM, 1965, 1967; CRERARand
ANDERSON, 197 1; HEMLEYet af., 1980; WALTHER and ORVILLE, 1983; and RIMSTIDT, 1984, among others). Values of
log K for the reaction

Si%(quanzj =

Si02(asf

(48)

calculated
riom experimental quartz solubilities as a function
of temperature at J&T, 0.5, and 0.75 kb, 0.6, 1.0 and 1.5 kb,
and 2,0, 3.0, 4.0, and 5.0 kb are shown as symbols in Fig.
14A, B, and C, respectively. These data are also shown in
Fig. 14D as a function of pressure at temperatures from 100
to 900°C. The curves in Fig. 14 were generated in the present
study by regression of the experimental data. It can be seen
in this figure that log 131at PsAT for reaction (48) increases
with increasing temperature and maximizes at approximately
325°C.
In contrast to gases, the solubilities of quartz and other
minerals at PSATin the liquid phase region of the system Hz0
are much greater than their solubilities in tfictcoexisting vapor
phase. However, as temperature increases at &,T toward the
critical point of H20, the distinction between the two solvent
phases diminishes and the solubility of quartz in the vapor
phase approaches that in the liquid. The apparent standard
partial molal enthalpy of formation and the standard partial
molal entropy, volume, and heat capacity of SK&,, in both
the vapor and liquid phases approach -m as temperature
increases at PSATtoward the critical point ofHzO ( HELGES~N,
1989). In contrast to the standard partial molal heat capacity,
compressibility, and expansibility of a volatile neutral species
in steam, those of Sic&) approach CCJas the critical point
of Hz0 is approached at the critical pressure from higher
temperatures.
The behavior of the standard partial molal thermodynamic
properties of reaction (48) discussed in the preceding paragraph is consistent with the positive effective Born coefficient
and the low volatility of SiOztwj. Si02(,, is apparently present
in aqueous solution as Si (OH )_+2HZ0 ( WAI_THERand ORVILLE, 1983 ). Hence, hydrogen bonds may be in part responsible for the positive value of wc.jand the relatively low
standard partial molal entropy of aqueous silica at 25°C and
1 bar. As indicated above, the value of U,Ysiol(,,adopted in
the present study is that retrieved by WALTWERand HELGESON ( 1977) from their regression ofthe quartz solubility data
shown in Fig. 14 with the HKF model. These same data were
regressed with the revised HKF equations of state in the presl
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FIG.
13.Logarithms of the equilibrium constants for gas solubility reactions as functions of temperature at Ps,,+,
and in the case of Nztr, * Nr(.,,)at 100 bars. The symbols represent experimental data, but the curves were generated
from Eqns. (31)-( 33) using parameters and thermodynamic data taken from Table 7. The curves for the reaction
involving Ne(,), I%,), Artwj, and %c,, correspond to independent predictions at temperatures z 2S’C, but those
for N2 and Rn were produced by regression of the data with Eqns. (31)-( 38) to obtain values of the standard partial
molal beat capacities (COP)of the neutral aqueous species at 25°C and I bar.

ent study to obtain equation of state parameters and revised
values of $&qo,, P&,,,,,, and C$,aio_, at 25°C and 1 bar.
Values of the standard partial molal properties and the revised
HKF equation of state parameters for SiOrc,, are given in
Table 4. These properties and parameters were used to generate the curves shown in Fig. 14, where it can be seen that
the curves represent closely the experimental data.

Acid dissociation reactions
The data and parameters shown in Tables 4, 6, and ‘7,
together with those given by SHOCK and HELGES~N ( 1988 1,
permit prediction of values of log K for acid dissociation
reactions at high temperatures and pressures from Eqns. ( 12 )
and (3 I )-( 33). Predictions of this kind are depicted as curves

Thermodynamics

of aqueous solutions at high T and P

Table 1. Summary
of experimental
and retrieved standard partial molal thermcdynamic pr~pertws of aqueous neutral species at 25-C and
bar, together with the
parameters required to calculate the corresponding propertws at high pressures and
temperatures from Eqns. (27) through (31). The values of wc shown below are estl-

I

mates taken from Table 6 but those given for a,. a*. a,, a,. c,, and c> were estimated
from Eqns (22). (23). (253-(28). (34). and (36)-(38)-w
text.

N%,J
Kr,Xl,
l&l
NM
SO?1141
HFw

4.4709
6.2721
9.0862
6.2046
6.9502
3.4753

a Cal molt’.

3.1352
1.5333
14.4045
7.3685
9.1890
0.7042

b Cal mol.’

4.5177
2.7891
0.0884
2.8539
2.1383
5.4732

-2.9086
-3.0904
-3.3745
-3.0836
-3.1589
-2.8081

Km’. c. Cm’ molr’.

5.0523
8.6985
13.8725
8.3726
6.4578
-0.1828

27.0977
37.8226
52.5774
35.791 I
31.2101
14.3647
d. Cal mol.’

bar-‘.

-0.2535
-0.2281
-0.2423
-0.3468
-0.2461
-O.ooQ?

h. Olofsson et al (1985). i. Calculated from values of AG., and Ati’, using values of
S’ for the elements awn by Wagman et al. (1982). j. Calculated from the temperature
k. Calculated from AG’r and

Asoi usmg S’ of the elements taken from Wagman et al. (1982). I. Pierott (1965). m.
Wdhelm et al. (1977). n. Calculated from a fit of log K data at PwT and loo bars (see
text and Fig. 13). p. Enns et al. (1965). q. Wagman et al. (1982). r. Barbcro et al.
(1983).
(1974).

s. Calculated from the value of Aii’,
t Calculated from log K at 25 ‘C and

at 25’ and I bar given by Hamann

I bar.

in Figs. 15 and 16, where they can be compared with the
experimental values represented by the symbols. In the case
of HF,,,,, for which no reliable value of c$ at 25’C and 1
bar is available in the literature, the experimental equilibrium
constants were regressed to retrieve a value of this heat capacity. However, all of the other curves were generated independently of the data represented by the symbols at temperatures > 25°C. It can be seen that the predicted curves
are in close agreement with all of the experimental data rep
resented by the symbols, except in the case of the high-temperature dissociation constants for HZScaqjreported by ELLIS
and GIGGENBACH( 197 1 ), and those for carbonic acid given
by READ ( 1975) at 1 and 2 kb and temperatures > 150°C.
It should be noted in this regard that the predicted values of
log K for the dissociation of H2 SW) are nevertheless consistent
with the high-temperature measurements reported by TsoNOPOULOSet al. ( 1976), which are considerably more positive
than those given by ELLISand GIGGENBACH( 197 1). As noted
by BARBEROet al. ( 1982 ), this latter set of experimental data
appears to be inconsistent with all of the other high-temperature measurements of log K, as well as with the experimental
standard partial molal volumes and heat capacities of HZ&,)
listed in Table 3 and those for NaHS summarized by SHOCK
and HELGESON( 1988). The predicted equilibrium constants
for the reaction
COZ(~) + HZ0 = HCO; + H+

TARTAR and GARRETSON ( 1941), HARNED and BONNER
( 1945), BROENE and DEVFUES( 1947), NASWNEN( 1947)
ELLISand ANDERSON( 196 1a,b ), RYZHENKO( 1963 ) , VANDERBORGH( 1968 ) , and PATEL et al. ( 197 1) . However, the
predicted values at 1 and 2 kilobars are more negative than
the corresponding values reported by READ ( 1975) at temperatures > 15O’C. These are the only high-pressure/temperature experimental equilibrium constant data that differ
by more than +0.2 units of log K from the various independent predictions made in the present study. It can be seen in
Fig. 16 that the curves representing the independently predicted values of the first dissociation constant of H3P04(nqJ
agree closely with the experimental values of log Kat both 1
and 2 kb. The curves in Fig. 16 are consistent with the regression curve for the dissociation of HJPO~(~, at PsAT in Fig.
9, where similar agreement between the curve and experimental values of log K is apparent.

e. Cal K mol-’

bar-‘. 1. Cal K mol-‘. g. Calculated from values of log K at 25 ‘C and I bar for
solubdlty reactions wng values of AC’, for the gas given by Wagman et al. (1982).

dependence of log K data shown m Fig. I3 (see text).
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(49)

generated in the present study are consistent with all of the
sets of experimental data at PSAT. Other experimental data
for this reaction that are not shown in Fig. 15 are also consistent with the predicted values of log K at PSAT, including
those reported by SHEDLOVSKYand MACINNES ( 1935 ),

PBEDICTION OF EQUILIBRIUM

CONSTANTS AND
STANDARD PARTIAL MOLAL PROPERTIES OF
NEUTRAL AQUEOUS SPECIES TO 5 Lb AND 1000°C

Predicted dissociation constants for Hz!&) at high temperatures and pressures can be used to generate curves rep
resenting equal activities of HS- and HzS~~) as a function
of pH and temperature at constant pressure. Curves of this
kind are shown in Fig. 17, together with analogous curves
generated for equal activities of H,PO,,,, and H,PO;, and
HZPO; and HPO;- using data and parameters taken from
Table 4 and those for the ionic species from SHOCK and
HELGESON( 1988). Diagrams and calculations of this kind
facilitate considerably identification of predominant aqueous
species in hydrothermal solutions. It can be seen in Fig. 17
that the curves representing equal activities of H,S(,, and
HS, as well as those for H2PO; and HPO;-, exhibit pH
minima in the vicinity of 100°C. In contrast, those representing equal activities of H3P04(aqj and Hz PO; do not. The
latter behavior is typical of reactions for which the dissociation
constant is 1 -2 at 25°C and 1 bar. Otherwise, AI?: is commonly positive at low temperatures and a minimum pH occurs in curves like those shown in Fig. 17.
The close agreement between the calculated and experimental equilibrium constants depicted in Figs. 3, 8, 9, and
13- 15 lends considerable support to the validity and generality of the equations, correlations, and parameters summarized above. Eqns. (27)-( 3 1)) together with the equation
of state parameters given in Tables 4 and 7, can be used to
predict standard partial molal properties of neutral aqueous
species at higher temperatures and pressures than those shown
in the previous figures. Examples of calculated standard partial molal volumes, heat capacities and entropies, as well as
apparent standard partial molal enthalpies and Gibbs free
energies of formation ofCOzcW,, OZ(~), Hz&,, and SiOl(,,
are depicted in Figs. 18-22 at pressures and temperatures to
5 kb and 1000°C. It can be seen in these figures that the
magnitude of the effect of temperature and pressure changes
on the standard partial molal properties of dissolved aqueous
gases varies considerably from gas to gas. For example, as
shown in Fig. 18, the calculated standard partial molal volume
of aqueous O2 increases by -350 cm3 mol-’ over the tem-
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Si02(,, at 25°C and 1 bar. The value Of waj for Si02(ulj and the thermodynamic data for quartz used in the regression
calculations are the same as those used by WALTHERand HELGFXIN( 1977).

perature range 0 to 350°C at PSAT,but those of H2Sc,, and
increase by only -90 and -25 cm3 mol-‘, respectively, at PSATover the same range of temperature increase.
Similar differences in magnitude for changes of pp, 6 and
APO for these dissolved gases as functions of temperature
and pressure can be observed in Figs. 19-2 1.
C02(,,

Predictive uncertainties

Uncertainties in calculated standard partial molal properties of neutral aqueous species at high temperatures and

pressures arise in part from uncertainties in estimated equa.tion of state parameters. A detailed discussion of the estimation procedure, uncertainties in estimated nonsolvatiotr
equation of state parameters, and the extent to which these
uncertainties are manifested in calculated standard partial
molal properties of aqueous ions and electrolytes is givea~
elsewhere (SHOCK and HELGESON, 1988 )” This discussion
applies also to neutral aqueous species. However, in the cast
of the latter species, additional uncertainties in predicted
equilibrium constants and standard partial modal properties
at high temperatures and pressures arise from uncertainties
in values Of wc,jobtained either by regression of experimentaf
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FIG. 15. Logarithms of the equilibrium constants for acid dissociation reactions as functions of temperature at PSAT,
and in the case of carbonic acid at higher pressures (labeled in kb). The symbols represent experimental data, but the
curves for all of the reactions except the dissociation of HF correspond to independent predictions at temperatures
> 25”C, which were generated from Eqns. ( 12) and (3 1 )-( 33) using parameters and thermodynamic data for the
neutral aqueous species taken from Tables 4 and 7, and those for the aqueous ions given by SHUCK and HELGESON
( 1988 ). The curve shown in the plot for HF dissociation was generated by regression of the data with Eqns. (3 I )(38) to obtain a value of pp for the aqueous HF ion pair at 25°C and I bar.
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FIG. 16. Logarithm of the equilibrium constant for the first dissociation of HIPO,(,, as a function of temperature at 1 and 2 kb.
The symbols represent experimental data, but the curves correspond
to independent predictions generated from Eqns. ( 12) and (3 I)(33) using parameters and thermodynamic data taken from Table
4 and SHOCKand HELGESON ( 1988 )

data or estimated from the correlations represented by Eqns.
(44) and (45). The latter uncertainties do not affect aj values
for simple ions, which can be calculated from Eqns. ( 17 ) and
( 18 ) . Values of we,j generated by regression of experimental
values of log K at a series of temperatures
are considerably
more uncertain than those obtained by regression of experimental standard partial molal volumes or heat capacities.
Uncertainties in we,, are generally less than - + lo4 cal mol-‘.
Assuming a “typical” uncertainty in w,,jof 55000 cal mol-’
leads to a corresponding uncertainty in AGO of k2.6 cal mol-’
at 25°C and 1 kb. At 500°C and 1 kb, the corresponding
uncertainty in AGo is +328 cal mol-‘. With increasing pressure to 5 kb, the uncertainty
in AGo at 500°C decreases to
+6 1 cal mol-r, but increases with increasing temperature
at
5 kb to t337 cal mol-’ at 1000°C. It should be noted in this
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PH

PH

FOG.17. pH as a function of temperature and pressure fram 0 to
500°C and Pslrr to 5 kb for equal activities of aqueous H2S and HS-,
HjF’Ol and HrPOi, and HaFO; and HPOi-. The curves were generated with the aid of Egos. (12) and (31)-(33) ;sins parameters
and thermodynamic data taken from Table 4 and SHUCKand
HELCESON
(1988).

axJ4mwO8OOluOO

0

regard that uncertainties in calculated high-temperature/
pressure standard partial molal properties of aqueous species
arising from uncertainties in 0e.j are generally less than those
arising from uncertainties in the nonsolvation equation of
state parameters discussed by SHOCKand ~LGEsoN ( 1988 ) .
Because the standard partial molal properties of aqueous
species approach either cc or --co at the critical point of
H20, uncertainties attending calculation of their standard
partial molal properties are greatest in the critical region.
However, they decrease dram&shy
with increasing pressure
and/or increasing or decreasing temperature from the critical
point. In addition to uncertainties in pp resulting from uncertainties in the nonsolvation equation of state parameters
adduced above, a typical uncertainty of +5000 cal mol-’ in
w,,, leads to an uncertainty in pP (ap,) of 20.5 cal mol-’

TEMPERA1TURE.t

Foci. 19. Standard partial molal beat capacities (Cg) of aqueous
Or, COr, HrS and SiOr as a function of temperature at PSATand
constant bigher pmmures (labeled in kb) calculated from bqn. (28 )
using equatioo of state parameters and thermodynamic data taken
from Tables 4 and 7.

K-I at 25°C and 1 bar, which decreases with increasing pressure to +0.36 Cal mol-’ K-’ at 25°C and 1 kb, However,
SpP then increases with increasing temperature, reaching
+_18.2 Cal mol-’ K-’ in the supercritical region at 500°C and
1 kb. From there the uncertainty in i”P decreases with increasing temperature and pressure to 20.92 cal mot”-’ K .’

h
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FIG. 18.Standardpar&ialmolalvoiumea(~o)ofaqueoua4,CO~,
HIS and SiOr as a function of temperature at &r and constant
higher pressures (labeled in kb) calculated from Eqo. (27) using parameters and ttrermcdynamic data taken from Tables 4 and 7.

FIG. 20. Standard partial molal entropies (6) of aqueous 0~~
CO,, Hr S and SiOr aa a function of temperature at PSATand constant
bigber pmasums (labeled in kb) calculated from Eon. (29) using
equation of state parameters and thermodynamic data taken from
Tables 4 and 7.
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at 1000°C and 5 kb. Similar trends are observed for the other
standard partial molal properties. For example, the uncertainty in ii0 arising from an uncertainty in we,]of f5OOO cal
mol-’ is +0.12 cm3 mol-’ at 25°C and 1 bar, rt9.4 X 10m2
cm3 mol-’ at 25°C and 1 kb, k17.2 cm3 mol-’ at 500°C
and I kb, and k3.4 cm3 mol-’ at 1000°C and 5 kb.
CONCLUDING

REMARKS

The equations, correlations and parameters summarized
above can be employed together with Born functions
( HEI_GESON and KIRKHAM, 1974a; SHOCK et al., 1989) to
calculate P”,p& PO, A@’ and Ai? for many neutraJ aqueous
species at high pressures and temperatures. These calculated
values can then be used together with corresponding values
for ionic aqueous species ( SHOCK and HELGESON, 1988 ) and
minerals (HELGESON et al., 1978) to predict equilibrium
constants and other reaction properties for acid dissociation
and solubility reactions to 5 kb and 1OCWC. The equations
and correlation algorithms summarized above can be extended to include neutral organic aqueous species (SHOCK
and HELGESON, 1989) and neutral inorganic aqueous metal
complexes ( SVERJENSKY et al., 1989). Calculated equilibrium

constants for various reactions involving these species agree
closely with their ex~~menta~ counterparts, both along the
vapor-liquid saturation curve for HZ0 and at supercritical
temperatures and pressures. These calculations make it possible to characterize both homogeneous and heterogeneous
equilibria ( SVERIENSKY, 1987) and diffusional transport
( OELKBRS and HELGESON, 1988) in a wide variety of geochemical processes at magmatic temperatures
and pressures.
The revised HKF equations of state, their adaptations
to
neutral species, and their extension to 5 kb and 1000°C have
been incorporated
in a revised version of the computer pro-
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FIG. 22. Apparent standard partial molal Gibbs free energies of
formation ( AGo) of aqueous 02, CO?, H# and SiO1 as a function,
of temperature at Ps,,r and constant higher pressures (labeled in kb)
calculated from Eqn. (3 1) using equation of state parameters and
~e~~ynarnic
data taken from Tables 4 and 7.

gram SUPCRT (SUPCRT 89), which is available together
with a new data file including ah of the species listed in Tables
4 and 7 from the Laboratory of Theoretical Geochemistry
(otherwise known as Prediction Central) at the University
of California, Berkeley.
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