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This guideline consists of the extracted Chapter X fr&T4LL/BAN].

Temperature Corrections to Thermodynamic data
and Enthalpy Calculations

The thermodynamic data selected in the critical reviews carried out within the
NEA Thermochemical Data Base Project (TDB) consistently refer to a temper-
ature of T = 29815 K (top = 25.00°C) [98WAN/OST]. When available, heat
capacity functions may be selected for a specified temperature range, usually up
to 600 K if possible, as this temperature is considered to represent the upper limit
relevant for radioactive waste disposal purposes. In the data base of the NEA—
TDB project, the following general form of the temperature dependencies of the
heat capacity is used for temperature intervals that do not involve any phase trans-
itions:

Com(T) = a+bT+cT?+ jT3+dT 1 +eT 24+ kT?

1

+ fInT + gTInT+hﬁ+|ﬁ. (1)
For any specific system, only a few of these coefficients will be required (fre-
guentlya, b ande). The conversion of thermodynamic data at 298.15 K to tem-
peratures other than 298.15 K is often necessary for both their critical evaluation
and their application. The need for such corrections can be a problem in cases
where experimental heat capacity functions are unavailable, which is true for a
large number of the aqueous species. For the reanalysis of equilibrium constants,
the corrections of experimental results from other temperatures to 298.15 K can
often be done with a sufficient degree of confidence by assuming constant en-
thalpy values, either from experimental investigations or from estimations by ana-
logy, since the temperature differences are usually small, in many cases less than
10 K. For this reason, the heat capacity change of the reaati@y, ., , unless ex-
perimentally known, is set equal to zero in the NEA-TDB reviews for temperature
intervalsAT < 10 K.

On the other hand, the user of the data sets selected in the TDB reviews may
want to use them at temperatures significantly different from 298.15 K. As experi-
mental information on wider temperature ranges is not available for many aqueous
systems, it may become necessary to estimate the temperature dependency of the
thermodynamic properties. One main purpose of this document is to present pro-
cedures that allow the estimation of such temperature dependencies.

The rest of this document is a reproduction of Chapter X of the book “Model-
ling in Aquatic Chemistry” 97ALL/BAN], which in turn was built on an earlier
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1. Introduction 5

version of this guideline.

1 Introduction

Recalculation of chemical equilibrium data from the reference temperature of
298.15 K (2500°C) to any desired temperature is made by using the relationships
provided by thermodynamics. The procedures are straight-forward provided that
information is available foAHy, or AS;, at the reference temperature and for
their temperature dependencies. Complete information of this kind is rarely avail-
able for formation reactions of chemical complexes in agueous solution and it is
therefore necessary to rely on approximation methods of various kinds. These
methods will be described in some detail in this guideline.

Experimental thermodynamic information about the chemical species (chem-
ical speciation) in a particular system forms the basis of thermodynamic data-
bases. However, experiments only provide information about the species that are
present in noticeable amounts in the laboratory systems (and thus are detectable in
the experiments). A complication in the modelling of the properties of systems at
different temperatures is the possibility of a change in speciation with temperature,
since even a temperature change as small as from 298 to 323 K may result in the
appearance of new specie®BAE/MES 87CIA/IUL]. The modelling in such
situations can only be made using general principles of chemistry (see Chapter
[Il of [ 97ALL/BAN]). One may also have to make experimental determinations
in situations where one is reasonably confident that a change in speciation is of
critical importance for the understanding of the system at higher temperatures.

There are some general considerations that can be used as guidelines:

e The dielectric constant of liquid water decreases strongly with increasing
temperaturedf. Figure2 onp.16), hence, complexes of low or zero charge
are favoured at higher temperatures.

e Hydrolysis of metal ions increases with increasing temperature, in keeping
with the general increase of acidity of water with increasing temperature.

e The relative amounts of polynuclear complexes and other complexes with
high charges decrease with increasing tempera@4eLY/GRHE. This ef-
fect can be correlated with the decrease in the dielectric constant of the
solvent water with increasing temperatucé Eigure2). Even surprisingly
simple electrostatic models are able to describe this feature with fair accur-
acy. In the final section of this guideline we will describe the characteristic
features of one such model and its predictive properties.
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2. Second-law extrapolations 6

Thermodynamic data may also need to be corrected for ionic strength effects both
at 298.15 K and at other temperatures. This is not a straight-forward problem at
T # 29815 K as discussed in Chapter IX &]ALL/BAN].

As will be seen from the following text the approximation methods used to de-
scribe the temperature dependencies of chemical equilibria rely heavily on simple
electrostatic models which treat the participating ionic species as point-charges
and the solvent as a homogeneous dielectric continuum; both assumptions are
oversimplifications.

The extrapolation of experimental valuesiGy, (T) (or, conversely, equilib-
rium constants) to a reference temperature, generally 298.15 K, is usually done by
using various modifications of the so-called second- and third-law methods. The
third-law extrapolations require free energy functions and are generally the pre-
ferred method of calculation when long temperature extrapolations are required,
particularly where the reactants and products are pure phases for which exper-
imental heat capacities or relative enthalpies are available or can be accurately
estimated. That is, third-law extrapolations should generally be used for equi-
libria between different phases at high temperatures. When extrapolations over
relatively small temperature ranges are made, then second-law extrapolations can
be used for accurate calculations, but this method requires experimental or estim-
ated heat capacities around the temperature of interest. Second-law extrapolations
should generally be used for aqueous equilibria.

2 Second-law extrapolations
The standard molar Gibbs energy change for a reaction at any given temperature
is given by
ArG?n = ArHrc-;] - TArS«}n, (2)
and the temperature dependence of the Gibbs energy is:

NG,
= —AS.
( oT >p Sn

The Gibbs-Helmholtz equatiois:

IAGH/TY  —AHT)
aT - T2

which has the integrated form

T (AGHMY T (AHR(T)
[o(%7) - [ (D)o w

*To stands for the reference temperat(#e29815 K).

3)
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2. Second-law extrapolations 7

From the integration of this equation, and from using the temperature derivatives
of the enthalpy and entropy,

aArHﬁ]>

= ACom (5)
)

aAr% _ AFCB’m (6)
T/, o T

itis possible to write the temperature dependence of the Gibbs energy as a function
of the entropy at the reference temperatuig £ 29815 K), as well as the heat
capacity function. It is, however, also possibBSNOR/MUN, Eq. (4-14)], and
simpler to use Eqgs2j, (5) and @) to write

T

ArG;](T) = ArH;](TO) + / Arcgyde
To

T ACS
—T(&$N&+ﬁ r#“m).

0

This equation is usually recast in terms of only one thermodynamic function other
than Gibbs energy and heat capadaty, if the choice is entropy,

AGHT) = AGHTo) — (T — T)ASH(To)

T 3 T A r(:g’m
+ | ACY T =T T (7)
i

0 To

Alternatively, one may write the temperature dependence of the equilibrium con-
stant as a function of the standard enthalpy and the standard heat capacity,

AHS(To) /1 1
log; o K°(T) = log;oK®(Tg) — — ™ (= — =
910 K1) 910 K" (To) = 110 (T Tb>
1 T 1 ACH
—— | ACe dT BT, (8
RTIn10) Jr, — P T Rin(20 w T (8)

whereR is the gas constant 81451 JK~1-mol~1). Either Eq. 7) or (8) may be
used to calculate equilibrium constants at a temperdatufe

1. the equilibrium constant at 298.15 K is known;

2. the temperature dependence€; , is known, or the temperature inter-
val is small enough thadsrcg’m can be assumed to be constant;

3. eitherAHg, (To) or A(S;, (To) are known.
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2. Second-law extrapolations 8

Unfortunately, experimentally derived heat capacity data have not been measured
for most aqueous species and for many solid phases. Therefore, in order to use
Egs. ) or (8), one will have to make either approximations (as discussed below)
or estimationsdf. Sectiord).

If the reaction of interest involves only species for which the pertinent coeffi-
cients in the following equation for the heat capakity

Com(T) = a+bT+cT?+ [T3+dT 1 +eT 24+ kT?

1
+ fInNT4+gTINT + hyVT+i ——= 9
g Nai 9)
are available (which is seldom the case), then the approximation methods given
below are not needed, and the integrals in E@¥.afd @) can be performed
analytically and will take the following form:

T o Ab 2 2
fTo ACHndT = Aa(T—To+ = (T - TO>

-5 (1) 5 () o (1)

0
— Ae (% — Ti0> _ %k (T—z _ -I-o_z)

—Af[T@A-InT)—To(1—InTo)]

— % [TZ 05—InT) - T2(0.5—1In TO)]

B ) 2T o

T AC T
/ PMAT — Aaln (—) + Ab(T = Tp)
To TO

+A—C(T2—T02)+%(T3—TO3>

-se(2-2)- )

- (T T+ at [(InT)? = (nTo)?]

3 2

TThis equation is used as a general form for the temperature dependency of the heat capacity in
temperature intervals that do not involve any phase transition. For any specific system, only a
few of these coefficients will be required (frequerdlyb ande). Some of these terms should
obviously not be used if the heat capacity equation is required to be valid-as), since they
become infinite at that limit.

Version of 8th October 1999



2. Second-law extrapolations 9

—Ag[T@A—-InT) —To(1—1InTp)]

1
+2Ah (ﬁ— \ﬁ(,) 2AI (f \/_) (11)
whereAa, Ab, Ac,... are the changes in the parameter, c,... of Eq. ) with
the reactioni.e.,

Zviai,
i

etc, and where); are the stoichiometric coefficients of the specied the reac-
tion.

If equilibrium constants are known at several temperatures, the parameters of
Eq. @) (together with Egs.10) and (L1)) can be evaluated from the experimental
data by a least-squares procedure.

It is sometimes convenient to use “apparent” standard partial molar Gibbs en-
ergies and enthalpiesf. Refs. [4HEL/KIR, 78HEL/DEL, 80TRE/LEH defined
as

NG, T) = AfGL(i, To) + (G (i, T) — G (i, To)) (12)

and
-
AgHR (1, T) = Aer‘;](i,To)—k/ Cg,m(i,T)dT. (13)
To

Using the relationship

. . TComd,T)
ST = ST+ [ P (14)
To
it is possible to rewrite Eq.7)),
AGE(T) = Zv.Aa o, T)—Tzu.s;n(u T) (15)
= Zv. NG, T) (16)

= You (860 T - (T - TSy, o

T _ TCm, T)
+/ Cg,m(l,T)dT—T/ —epm - T). (17)
T

0 To T
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2.1. The hydrogen ion convention 10

If the heat capacity is expressed according to By the integrals in Eq.X(7) have
the same form as Eqsl@ and (1) except that in Egs.10) and 1), ACj
Aa, Ab, Ac, etc, must be substituted f&; ., , a, b, c, etc

Eqgs. @3) through (7) are especially useful when the assumption is made
that for some of the reactants (or products) the heat capacity does not vary with
temperature, whereas for the rest of the reactants (or product9)egpqlies.

2.1 The hydrogen ion convention

The hydrogen ion convention states that the conventional standard partial molar
Gibbs energy of formation, entropy and heat capacity tfafe all set equal to

zero at all temperatures. This allows values to be assigned for the thermodynamic
properties of each ionic species participating in a reaction. Therefore, itis possible
to write

AGH(T) = Y wuiGp(. ) (18)

whereGp, (i, T) is the resulting standard state Gibbs energy ofiibased on the
hydrogen ion convention.

As just stated, the hydrogen ion convention involves the arbitrary assignment
of the standard ionic entropy of the aqueous hydrogen ion as being equal to zero at
all temperatures,e., §,(H*, ag T) = 0. Another assumption of this convention
is that the standard partial molar Gibbs energy of formation of the hydrogen ion
is equal to zero at all temperaturegG,(H", ag T) = 0. However, the entropy
of formation of an ion is equal to the temperature derivative of its Gibbs energy of

formation:

dAtGh (1, T) .

_— = —A T).

( oT )p 1Sn, T)
Thus the assumption than:G;(H",agT) = 0 also implies that
AtS,(HT,ag T) = 0, and according to Eq.2) it also implies that

AfH2 (HT,aq T) = 0.
The reaction for formation of the aqueous hydrogen ion is

1
SHa@ = H™ +e,
for which the entropy of formation is given by

ASH(T) = ASHT,aq T)
1
= S3[1(H+’aov T) +S3n(e_»T) - ES;](HZ» g»T)
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2.1. The hydrogen ion convention 11

In this case the standard partial molar entropy of formation of the hydrogen ion
is identical to the entropy of reaction. However, the standard partial molar en-
tropy of formation of the hydrogen ion and its standard partial molar ionic entropy
are both set equal to zero in the hydrogen ion conventtay,(H*,aq T) =
S,,(HT, ag T) = 0. Consequently, to remain consistent with the standard entropy
of Ha(g), the “agueous electron” must be assigned an effective molar entropy of

B 1
Se.T) = ES}’n(Hz, g1
At 298.15 K, the CODATA key valueBPCOX/WAQ at 1 bar pressure yield
S(e",To) = (653404 0.0015) JK1mol™.

This value must be included when the entropy of an ionic species is being calcu-
lated from the entropies of the elements from which it is formed.

As an example, the ionic entropy of the divalent calcium ion will be calculated
at 298.15 K from its entropy of formation. The formation reaction is

Cacrn = Ca&' +2e,
and the corresponding entropy of formation is given by

AfS,(C&T,aq 29815K) = S (Cat, ag 29815 K) + 25, (e, 29815 K)
— §,,(Ca cr, 29815 K)

The entropy of formation of the calcium ion can be calculated from its standard
Gibbs free energy of formation and the enthalpy of formation as given in the
CODATA tables to yieldAtS:,(C&+, ag 29815 K) = (32.9+5.0) JK~1.mol~L.
Then,

S, (Cét,aq 29815K) = S,(Ca cr, 29815 K) — 25,(e™, 29815 K)
+ AfS,(C&T, ag 29815 K)
= (416+ 0.4) — 2(65.340+ 0.0015) + (32.9 + 5.0)
—(56.2+5.0) JKtmol™*#

This calculated value d%%(CaZJF, ag 29815K) isidentical to that given in the CODATA tables,
whereas the uncertainties are quite different. This arises because the calculations involved dif-
ferent thermodynamic cycles.
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2.2. Approximations 12

2.2 Approximations

For many chemical reactions there is a lack of heat capacity functions for all or
some of the species involved, and therefore approximations (as described in this
section) or estimation<f, Sectiond) must be made in order to use Eqg), (8)

or (17). The method of choice will depend on the type of chemical reaction being
considered.

2.2.1 Constant enthalpy of reaction

The simplest assumption to be made is that the heat capacity change of reaction
is zero at all temperaturesd,, the standard molar enthalpy of reaction does not
vary with temperaturegf. Eqs. 6) and @)). In that case, Eq.8) reduces to the
integrated van’t Hoff expressién

AH? (T, 1 1
10910 K*(T) = 10g;oK°(To) + Wio(;) (T—O - ;) . (19)
For a temperature rang& (— Tp) equal or less thar-10 K, the error introduced
in log;q K°(T) by this simplification will, in most cases, be well within its uncer-
tainty limits.

Eqg. 19) is applicable to chemical reactions in a single phase or a multiphase
system at constant total pressure provided no further constraint is placed upon the
system. For certain other cases, for example when the temperature dependence
of a solubility product is being studied, the system is constrained to fall on the
saturated solution curve, and E49[ must be modified. See Secti@rB,

2.2.2 Constant heat capacity of reaction

Another approach, which is often used in conjunction with Bjjwhen the ex-
trapolation extends over a temperature range larger than about 20 K, is to assume
that the heat capacity of the reaction does not vary with temperature. In that case
Eq. 8) becomes

AHZ (T 1 1
Ioglo KO(T) == |oglo KO(TO) —I— M ( )

RIN(10) \To T

8By combining Eq. 8) and the relatiom’\(G;(T) = —RTIn K°(T), it is possible to obtain, for
a given constant pressupe

dinKp(T) — AHZ(T)
dT ~ RT2

which is called thezan't Hoff equation
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2.2. Approximations 13

ArCB,m

RIn(10)

+ [(To/T) =1+ In(T/To)], (20)
where, as mentioned earlier, the reference temperatdge+s298 15 K.

Using Eq. @) it is possible to rewrite this expression as follows (compare also
with Egs. () and 8)):

AGR(T) = AGy(To) — (T — To) Ar§y,(To)
+ ACo [T —To—TIn(T/To)] . (21)

Use of Egs. 20) or (21) to represent values of lggK (T) will give enthalpies
of reaction which are more reliable than those obtained assuming a “constant en-
thalpy of reaction”, Eq.X9), but theA,Cg , (To) values obtained will be imprecise
[67HEL]. For most reactions the assumption made in E2B) &nd 1) will be
appropriate for temperatures in the range 273 to 473 K.

As an example, Eq20) can be used to fit the high-temperature equilibrium
constants reported by 2SER/NIK] for the reaction

CO5™ +UO5" = UO,COs(ag)

which will be evaluated below as an isoelectric reaction. The resulting values
are logoK(Tg) = (9.90+£ 0.07), ArHp, (To) = —(1.8 &£ 3.4) kJ-mol~1, and
ACp i (To) = (5514 31) JK~L.mol~1. If the equilibrium constant at 298.15 K
is not a fitting parameter, but instead is set equal to the recommended value of
log;9 K°(To) = (9.68 £ 0.04) [92GRE/FUQG, the following results are obtained:
AHp, (To) = (64 6) kImol™t, andA,Cp 1, (To) = (4994 74) JK~1.mol ™.

A comparison between the results from E2D)((using both sets of fitted para-
meters) and the experimental data is shown in Figure

The reaction enthalpy is found in this case to be zero within the experimental
error. The entropy of reaction is givecf(Eq. ) by

ArHrc;](TO)

ArSH(To) = T +In(10)Rlog; o K°(To)

0%(AS,) = 1125x 10°0%(AHS) + 366502(log;oK®),

which givesA;S;, (To) = (1834 12) JK~1.mol~! (when the equilibrium con-
stant at 298.15 K is also fitted to EQQ)) or which givesA,S;, (To) = (206+
22) JK~1.mol~1 (with log, 4 K °(To) fixed at 9.68). Egs.20) and @1) are use-
ful to calculate higher temperature equilibrium constants when average heat ca-
pacities for aqueous ions have been determined experimentally or estircated (
Section4.1.2.

Alternatively, partial molar heat capacities at 298.15 K are sometimes con-
sidered to be constant with temperature. This assumption is based on the fact
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2.2. Approximations 14

Figure 1. Equilibrium constants fronT2SER/NIK for Reaction 8): CO5~ +

UO%+ = UO,CO3(ag), compared with the two different least squares fits to the
“constantACj ," equation, Eq. 20), described in the text.

14 +

log;q K° 13 L

12

[72SER/NIK] A
1 — log,q K°(Tp) adjusted—
0 = A—A log;o K°(Tp) = 9.68+£0.04 - - - -

9 L1 ! ! !
298.15 373.15 473.15 973.15

T/K

that although values for ionic heat capacities generally increase with temperature,
they usually also have a maximum around 325 to 375 K and then begin to de-
crease (see for example Figure 4 in RSRPAT/SLJ and Figures 103 to 106

in Ref. [BIHEL/KIR]). Therefore settindC; ,(T) ~ Cj (To) may be a valid
simplification in the temperature range between 273 and 373 to 423 K depending
on the nature of the reactio6 {HEL]. However, using the heat capacity at the
average temperatu@g,m(TzTO) may be an even better approximation over some
temperature intervals.

Partial molar heat capacities at 298.15 K for ions in aqueous solutions may
be estimated from ionic entropies as discussed later, with some of the equations
given in Refs. 4CRI/COB 81HEL/KIR, 88SHO/HEL.

Once heat capacities have been estimated, they can then be used as follows
[69HEL]:

o If the chemical reaction involves only aqueous ionic species, then the aver-
age heat capacities may be combined into a single average heat capacity of
reaction, and Eqs2() or (21) can be used. This method is used for example
in Ref. [BOLEM/TRE.

e If the chemical reaction includes phases for which heat capacity functions
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2.2. Approximations 15

are availablei(e., expressions compatible with E®)), it is convenient to
use Eq. 15),

AGR(T) =

Y viAaHL (. T) =T <Z Vi S, T)) ,

together with the following equation®9HEL] for the aqueous species
(which are to be used instead of Egk3)(and (4)):

AgHp(, T) =
S3A.T) =

while for the non-ionic species Eq4.3) and (L4) can be used, for which (as
mentioned earlier) the integrals take the form of expressions like EQs. (
and (1) except that one must substituteC; ., , Aa, Ab, ...,etc, for Cj .,
,a,b,c, .. etc

AtHR(. To) 4 Cp i1, () (T — To)
Sh(i. To) + Cp i, () In(T/To).

(22)
(23)

It may be interesting to note that, &;S;, andA,Cj ,, are comparable in mag-
nitude, the term in Eq.21) with A,Cj ,, becomes small compared 105, AT
over short temperature ranges, as shown in Tableln many cases, tha,Cg ,

Table 1. Temperature contributions in EQ1J.

t(°C) ‘ TK) | AT=T—-To | TIN(T/To) | AT =T In(T/To)
(K) (K) (K)

0.00 27315 —-250 —2392 1.08
1500 28815 —-10.0 -9.83 0.17
20.00 29315 -5.0 —4.96 0.04
2500 29815 0.0 0.0 0.0
30.00 30315 5.0 5.04 —-0.04
3500 30815 100 10.17 —-0.17
50.00 32315 250 26.02 —-1.02

10000 37315 750 83.73 —8.73
20000 47315 1750 2185 —435

term can be neglected as it is probably smaller than the error in the estimates of
ArS;, - This amounts to the assumption thgtCg ,, = 0 and, thusAHg, and
A+rS;, each have the same values for the reaction at any two different temperatures
(Eg. 19)). This may be a good approximation for small temperature ranges.
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2.2.3 Isoelectric and isocoulombic reactions

For a reaction involving aqueous ionic species (but without oxidation/reduction),
the enthalpy of reaction may be divided conceptually into two contributions: elec-
trostatic and non-electrostatic. The main part of the enthalpy of reaction is due
to the electrostatic interactions between the ionic species participating in the re-
action, and between these ionic species and the solvent. Fgrews that the
dielectric constant of water decreases significantly with temperature, reaching val-
ues which afl > 473 K are similar to those of some organic solvents (acetone,
ethanoletc) at room temperature. Because of this temperature dependence of the
dielectric properties of water, electrostatic interactions will bring the largest con-
tribution to the heat capacity of reactioBgGUR 88SHO/HEL. “Isoelectric”

Figure 2: Temperature dependence for the static dielectric constant of water cal-
culated according to the equation of Bradley and Pitzer 79BRA/PIT at the standard
pressure (1 bar) foF < 373K and at the steam saturated press@8X[EE/KEY,

Eq. (17) in their Appendix], at > 373K.

90 I

¢ for HpO(1)

60 -
a0 -

/ steam saturation

40 -

10 | | | |
298.15 373.15 473.15 573.15

T/K

reactions are defined as reactions in whagkhe total amount of positive charges
among the reactants equals the sum of positive charges among the products, and
b) the same applies for negative charges among reactants and products. For ex-
amplé':

M3t + H,O() = MOH?T +HT
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2.2. Approximations 17

iSs an isoelectric reaction, while
M3 + OH™ = MOH?"

IS not.

In isoelectric reactions the electrostatic contributions to the temperature de-
pendence will balance out to a large extent, and the heat capacities of reactions
will be small and can be assumed constant with temperature. For these reactions,
the “constant enthalpy of reaction”, Ed.9), is generally a reliable approxima-
tion over a fairly large temperature interval (upfo< 473 K). Furthermore, the
“constant heat capacity of reaction” approximation, ) (is generally reliable
uptoT < 623 K.

All ionic species participating in isoelectric reactions often (but not necessar-
ily) have the same sign in the electrical charg8$BAE/MES, i.e., either all
charged species have positive or all have negative charges.

The term “isocoulombic”@0LIN, 85JAC/HEL is used for isoelectric aqueous
reactions in which the magnitude of the electrical charge of each individual ionic
species also is balanced between reactants and products, for example

M(OH); + HCO; = MCOj + OH™ + Hy0()).

For this kind of reactionA,Cj ,, ~ 0 and thus Eq.19) becomes an even better
approximation of the experimental data. It should be noted that there is also an
approximate cancellation of activity coefficients in the expression for the equilib-
rium constant of this reaction.

It is possible to estimate the solvation contribution to the absblsitend-
ard partial molar ionic heat capacity with a continuum electrostatic model. For
example, using the Born equatioMHEL/KIR, their Eqgs. (59), (61) and (66)],
[B8SHO/HEL, their Eg. (30)], BBTAN/HEL, their Appendix D],

2 2 2
) Z¢ NA92 1 0cIne dlne
Co,abs i, T — 1 T_ - 24
pms(t: 1) leffi 8me, € [( oT? )p ( ot )P} o

Zi2 NAe2

= T X(T)
leffi 8me,

where the subscript “s” stands for solvation, and whi&ige?/(8r€,)) = 6.947x
10°m - J- mol™; X(T) is a temperature function of the solvent’s dielectric

f“M”, “R” and “AN” are used as general abbreviations for metal, rare earth (lanthanide), and
actinide respectively.

I“Absolute” ionic standard partial molar thermodynamic values are defined in Sektich1
p.62.
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2.2. Approximations 18

constant which at 298.15 K is equal+®.09x 10~ K2 [88TAN/HEL, Table H-
1], ; andres (units m) is the effective electrostatic radius, whichlat 423 K
is equal to the crystallographic radius to which is added an empirical valence-
dependent constant (equalzox 0.94 x 10~1%m for cations and zero for anions
[B8TAN/HEL, their Eq. (21)]).

The first hydrolysis step of the lanthanum(lil) ion will be used as an example.
The reaction may be written either as an isoelectric reaction,

La®t + H,O() = LaOH* +HT, (25)
or as a complexation reaction involving the hydroxide ion,
La® + OH™ = LaOH*. (26)

The solvation contributionA(Cyp, o,  (in JK~L.mol™1), to the heat capacity for
the isoelectric Reactior2p) is, according to Eq.24),

Nae? 4 1 9
ACe. (25, To) = ToX (T, -
rCpms(25 To) gre, 0 (10 (3.02 <1010 T 3082x 1010 396 1&10)

— 399 JK 1mol?,

where the crystallographic and effective radii for La&Hvere taken equal to that
of La®t (rj = 1.14x 1071%m, given in BSSHO/HEL, Table 1]), and the effective
radius for H- was taken from§8TAN/HEL, their Table 3]. The heat capacity
change for Reactior2g) would then be estimated as

ACom(25,To) ~ A[C) (25 To) — Cj m(H20, 1, To)
—30.0 JK L mol L.

For Reaction Z6) the ionic radius for OA given in [B8TAN/HEL, their Table 3],
results in a solvent contribution of

Nae?

o 4 9 !
ArCpms(26.T0) = 5 —ToX(To) (3.02 x 1010~ 396x 1010  140x 1(r10>

— 1064 JK 1mol™1,

and the heat capacity change for Reacti@f) (s therefore estimated to kre
1064 JK~1.mol~L. In this case the value of the estimated heat capacity change
for Reaction 25) is about one third of that for Reactio26). Similar results
are obtained for the first hydrolysis step of a divalent cation like Fer for a
tetravalent cation like &t .

Although the examples given above only take into account solvation contribu-
tions to the heat capacity of reaction (furthermore estimated with an oversimplified
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2.2. Approximations 19

electrostatic model), they support the assertion that the approximat@n,, ~
const. is more appropriate for isoelectric reactions than for most other types of
reactions. However, for isocoulombic reactiami:;,m may be even closer to
zero.

Many hydrolysis equilibria are isoelectriB§RUA]. As an example, the data
reported by Nikolaeva7/lbNIK] (in the temperature range 298 to 473 K) for the
reaction

HoO() + UO3" <= HT + UO0H" (27)

are plotted in Figure3. The values of logy K° are essentially a linear function

of T~1 in this temperature interval, indicating that,Cp 1, is small. Other
examples with linear or nearly-linear regions for acid-base equilibria are given
by Lindsay BOLIN], Cobble et al [82COB/MUR pp.4-11 to 4-15], and

by Mesmeret al. [BBMES/MAR, 91MES/PAL]. If a reaction of interest

Figure 3: Equilibrium constants fronV$NIK] for Reaction 27), H>O(l) +
UO%+ = HT 4+ UO,OHT (<), compared with results from the “constant
AHg” equation, Eg. 19), using loggK°(Tp) = —(5.157+ 0.005 and AHp,

= (+50.4 & 0.1) kImol~! (solid line).

log;oK® _

20 22 24 26 28 30 32 3.4 3.6
1000 K/ T

is neither isocoulombic nor isoelectric, it may be converted into an isocou-
lombic or isoelectric reaction by combination with an appropriate reaction
for which accurate high-temperature equilibrium constants are known. This
approach has been widely usezlg, [81BAE/MES 83PHI/SIL, 85JAC/HEL,
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2.2. Approximations 20

88RUA, 89IZA/CHR, 89IZA/CHR2, 900SC/GIL 900SC/IZA 921ZA/OSG
93CHE/GIL, 93CHE/GIL2 93GIL/OSQ. The data by Piroshkov and Nikolaeva

Figure 4: Equilibrium constants from72SER/NIK 76PIR/NIK] for Reac-
tion (28): CO5~ + UO5™ = UO,CO3(aq).

15 Al T | | |
[7T6PIR/NIK] O
14 L [7QSER/NIK] A
A
log;oK® 13 | |
A
12 - —
1+ = s
= O
10 - I [
| | | | | | | | |
18 20 22 24 26 28 30 32 34
1000 K/ T

[76PIR/NIK] and by Sergeyevat al. [72SER/NIK] in the temperature range 298
to 523 K for the equilibrium

CO5™ +UO5T = UO,COs(ag) (28)

are used as an example.

It is readily seen in Figurd that Eq. (9) cannot be used directly to describe
the experimental data since lgdKeq is not linear inT ~1. However, it is possible
to combine Eq.Z8) with Eq. 29),

COxag +H0() = CO5 +2H", (29)
to obtain the isoelectric reaction
UO%Jr + COx(ag) + HO() = UO,COs(ag) + 2 HT. (30)

This example is used in two ways. Firstly, a discussion of the procedure to
be taken to extrapolate high-temperature data to 298.15 K will be given, and
secondly, a description will be presented of how Reacti@8s to (30) may be
used together with Eql19) to calculate equilibrium constants at high temperat-
ures.
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2.2. Approximations 21

Table 2: Experimental equilibrium constafitgor the ionisation of carbonic acid
from Refs. B2PAT/SLQ and [B4PAT/BUS.

logyo K®

25°C 50°C 75°C 100C 125C 150C 200C 250C
(298.15K)  (323.15K) (348.15K) (373.15K) (398.15K) (423.15K) (473.15K) (523.15K)

HCO; = H* + CO5
~10337 -10180 -10117 -10120 -10171 -10255 -10491 —10.777
COz(ag) + H20() = HCO3 + H*:
~6.349 6279 6305 6397 -6539 -6721 7189 —7.783
COz(ag) + H0() == CO;~ + 2H*:

—-16.686 —-16.459 -16422 -16517 -16.710 -16976 -17.680 —18.560

@ Values at infinite dilution as extrapolated by the authors.

2.2.3.1 Correlation of high-temperature equilibrium constants

In order to make a temperature extrapolation of thgd&°(T) data like those
available from Refs.[6PIR/NIK, 72SER/NIK for Reaction 28), one adds the
well-known logo K°(29, T) to log;o K°(28, T). The values of logy K°(29, T)
may be obtained from Table 5 in Ref84PAT/SLQ and Table IV of Ref.
[84PAT/BUY, cf. Table2. This converts the reaction to an isoelectric form.

The values of the last row of Tabl2 are added to the lggK°(T) for
Reaction 28) reported in Refs.12SER/NIK 76PIR/NIK]. The resulting values
are plotted in Figuré®. It can be seen that the isoelectric approasd; ,, ~ 0)
can be used successfully to describe the experimental data using9gqwith
log; o K°(Tp) = —(6.724 0.11), andAHS, = (23.7 £ 2.7) kI mol~1,

For data of higher quality, over larger temperature intervals, the “constant heat
capacity of reaction” approximation, EQ(Q), should be used instead to obtain
more reliable thermodynamic values at the reference temperature.

2.2.3.2 Extrapolation of 298.15 K data to higher temperatures

The following selected values for Reactio®8) are reported in Table 11l.2 of
[92GRE/FUG: logq K°(28, 29815 K) = (9.68+0.04), A(H,(28,29815K) =
(5 £+ 2) kJmol~. From the data for auxiliary compounds, the following res-
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2.2. Approximations 22

Figure 5: Equilibrium constants for Reacti0f: UO5" 4-COz(ag) +H20() =
UO,COs(ag) + 2H* (obtained by combining results from Ref§6PIR/NIK,
72SER/NIK for Reaction £8) with the values in the last row of TabB). The
line represents a least squares fit to the “constqht;,” equation, Eq. 19).

log;o K*

-5.0

—-55

—6.0

—6.5

—-7.0

1.8

[76PIR/NIK] O
[72SER/NIK] A
Eq. (19) —

2.6 2.8 3.0 3.2 3.4
1000 K/ T
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ults are obtained for Reactior2g) at 298.15 K: logyK°(29,29815K) =
—(16.68+ 0.03) and A(HZ,(29, 29815 K) = (23.86 + 0.26) kJmol~L. There-
fore, the following values are found: 1ggK°(30, 29815 K) = —(7.00+ 0.05)
and ArHZ (30, 29815 K) = (28.9 + 2.0) kJmol~1. Eqg. (19) is now used to ex-
trapolate the equilibrium constant of Reacti@)(to higher temperatures. Once
this is done, it is possible to obtain the equilibrium constants of ReacZ®n (
at higher temperatures by subtracting the values for ReacZ®nat the same
temperature ¢f. Table2). The results are shown in Figue compared with
the available literature data for Reactid®8). The practical importance of this

Figure 6: Equilibrium constants for the reaction ?Oi— UO%“L = UO,COz(ag
from Refs. [[2SER/NIK 76PIR/NIK] compared with values obtained with the
isoelectric procedure described in the text.

15 - A Tl
14 + .
logioK® 31 i
12 + .
11 + .
[7T6PIR/NIK] [J
10 - W [72SER/NIK] A 4
[92GRE/FUG] (see text) —
9 | | | |
298.15 373.15 473.15 573.15
T/K

method is the fact that the approximatinrrlcg,m(SO, 29815 K) = 0 can be used.

The values of the individual standard partial molar heat capacities of the reacting
species are thus not required. For neutral complexes or molecular solutes this is
very important because the available methods to estimate their standard partial
molar heat capacities are less well developed than for electrolytes.

However, if a value ofA,Cy , (298.15 K) is available, more accurate predic-
tions of equilibrium constants at higher temperatures are obtained by using the
“constant heat capacity of reaction” approximation, EXf)).( The assumption
ArCy m (298.15 K) = 0 should only be used if heat capacities cannot be estimated.

The isoelectric method is, however, limited to reactions that are either isoelec-
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2.3. Calculation ofA o Hy, from temperature dependence of solubility 24

tric in themselves, or which can be converted to such reactions. For reactions
including species with electrical charges greater th&rthis is certainly a prob-

lem, because it is less probable that literature data can be found for an additional
reaction which may be combined to obtain an isoelectric reaction (in the same
way as Reaction29) was used above).

2.3 Calculation of the enthalpy of solution from temperature
dependence of solubility

Consider the dissolution of a hydrated salt to form a saturated solution,
My, A, XH20(s) = v M* + v_A* 4 xH0(sln)
for which the thermodynamic solubility product is given by:
KST) = viv miylal.

Herea,, is the activity of water in a saturated solutign; the mean molal activ-
ity coefficient of the solute for a saturated solution= v, + v_; z, andz_
the charges on the cation and anion, respectively;rand the molality of the
saturated solution.

The starting point for our calculations in the differential form of the van’'t Hoff
equation ¢f. Section2.2.1, footnote orp.12):

d |n K;(T) _ ASOIHI'CT)]
dT ~ RTZ2’
whereAsgHp, is the enthalpy change that occurs when one mole of the hydrated
solid is dissolved to form an infinitely dilute solution. Taking this derivative gives

dInKg B dinmg dinys Xdlnaw
ar "4t "V dT a7

where these derivatives are constrained to fall along the saturated solution molality
curve at a constant pressure greater than or equal to the saturation vapour pressure
of the saturated solution at the highest temperature considered. (At temperatures
below about 500 K, the differences between values of these derivatives taken at
constant pressure and those taken at the saturation vapour pressure of the solution
will be insignificant compared to experimental error).

Sincey+ anda, are being constrained to fall along the saturated solution
molality curve, they are functions of both saturation molality and of temperature.

Thus,
dinys B alnyy n alnyy dmg
dT 3T oo oms )¢, \dT

Version of 8th October 1999




2.3. Calculation ofA 4o Hy, from temperature dependence of solubility 25

and:

dina, (alnaw> Jr(alnaw) (dms)
dT T Jop oms /1, \dT J°

Combining the last four equations, and using the relationship
dlinmg B dmg 1
dT \dT J \ms

,dInKS(T)
dT

aln dlna d
— RT? LJrv( yi) -I—x( “’) (—ms)
Mg ams )1, ams )1, dT
daln al
+ v €2 + X N3y .
oT e, p oT e, p

The last term can be recast using well known expressions for these temperature
derivatives:

alnys dlna, 1
X = ——— (vL XL
b ( oT )ms,p " ( oT ms, P RT2 (v 2" 1)

wherelL, andL are the relative partial molar enthalpies of solute and solvent in
the saturated solution, respectively, relative to infinite dilutibnl he enthalpy of

then gives:

A50|Hr% = RT

** L1 andL> denote the excess (relative to the standard state of infinite dilution) or relative par-
tial molar enthalpy of the solvent (water) and the solute, respectively. The total enthalpy of
a solution is expressed as a function of its composition and the partial molar enthalpies of its
constituents:

H (solution) = n1Hy + noH»

wheren; and H; are the amount and the partial molar enthalpy of a substance.eXdess
enthalpy is then
H(solution) —niHy —noHy =L =nil1 +nalp

andLj = Hj — H°. These relative partial molar enthalpies are related to the activities of the
solute and solvent as follows:

dlna, aln
L1=—RT2< “’) _and L2:—vRT2< yi) .
p,m p,m

oT oT

Values ofL; are usually calculated from experimental measurements of enthalpies of either
solution or dilution.
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solution to form a saturated solution is related to the enthalpy of solution to form
an infinitely dilute solution by:

AsolHm(sat) = AgoHp+ (vL2+XLg).

One additional simplification can be made. The Gibbs-Duhem equation for a
binary solution can be cast into the form:

(8Inaw> B (ms> (alna2>

oMms )1, Ny ams /1o

whereay is the activity of the solute in the saturated solution, apds the number
of moles of water in 1 kg of water. Taking this derivative yields:

(8|naz) <3|n)/i) n v
= v —.
dmg T.p dmg T.p Mg

The final expression for the enthalpy of solution then becomes:

1 ol d
AsoiHm(sat) = uRTZ(l—ﬂ> —+< n”i) (—ms>
Ny Ms ams T,p dT

By settingv = 1, this equation also becomes valid for a non-electrolyte, and by
settingx = 0, for a solid anhydrous electrolyte or non-electrolyte.

We note that the temperature dependence of solubilities 6f ms) gives
AsolHm for the formation of a saturated solution and not for an infinitely dilute
solution as is generally (and erroneously) assumed. These two types of solution
enthalpies will differ very little for sparingly soluble solutes, but their differences
can be substantial for more soluble electrolytes. Some numerical calculations of
AsolHm(sat) were given by Williamson44WIL] and Brice B3BRI]. Williamson
also gave the first systematic presentation of solubility equations for hydrated and
non-hydrated electrolytes and non-electrolytes.

2.4 Alternative heat capacity expressions for agueous species

As an alternative to the general heat capacity temperature function given B Eq. (
Clarke and Glew§6CLA/GLE] proposed a Taylor series expansion for the tem-
perature dependence of the heat capacity. This approach was used subsequently
by Phillips and Silvesterd4PHI/SIL. Clarke and Glew's equations do not offer

any special advantage over Ef),(and the Taylor series expansion requires more
parameters than models described below, which are based either on the density
of the solvent, or on the Born equation. However, as pointed out by Clarke and
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Glew, it is not justifiable to set lower order temperature derivatives equal to zero
in these expansions while retaining higher order omeg, (do not set = 0 in
Eq. Q) if the j T3 term is retained).

Electrostatic models can be used to predict electrolyte behaviour at high
temperatures with a lesser number of parameters. The model that is perhaps
most widely used among geochemists is that of Helgeson and co-woekgts (
[88SHO/HEL). Some of their equations are presented below.

2.4.1 DQUANT Equation

The DQUANT equation was proposed by Helges6@HEL] and it is of histor-

ical interest because it has been used by several researchers, for example by Haas
and FisherT6HAA/FIS], Helgeson’s groupgd5JAC/HEL, Smith, Popp and Nor-

man B6SMI/POR, etc, although the authors of Ref§gHAA/FIS, 86SMI/POR

used additional terms for the non-electrostatic contributions to the heat capacity.
Furthermore, the EQ3/6 geochemical computer program paciagaC/WOL

uses the DQUANT equation to calculate high-temperature equilibrium constants
of dissociation for neutral inorganic complexes.

The name of “DQUANT” appears to have its origin in the name of a computer
program which was used earlier at the Laboratory of Theoretical Geochemistry,
University of California, Berkeley.

Assuming that the temperature dependence of the heat capacity change of a
dissociation reaction is proportional to the temperature dependence of the elec-
trostatic contribution, Helgeso®THEL, his Egs. (21) and (22)] obtained the ex-
pression

ArSh(T 0 T-T
log;o K*(T) = mj‘%{m—;{l—exp(exmwraﬂ—w 5 0)]}

_ AH(To)
IN(1ORT’

(31)

which is consistent with the following expressions for the heat capacity change
of the dissociation reaction and the dielectric constant (relative permittivity) for
water:

ArCB (T = mexp(exp(b+aT) —C+ T _TO) X
’ w0 0
[[1 + pexpb+aT)? + p2expb + aT)] (32)

.
e(T) = e¢o exp(— expb+aT) — 5) ,
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wheregg = 3057,b = —12741,a = 0.01875 K1, # = 219 K,c = expb +
aTy) = 7.84x 1074, w = (1+ ac¥) = 1.00322 andp = ad = 4.106.

It should be noted that Eqs31) and 32) have been superseded by subsequent
models of Helgeson and co-workers, described in next Section, which generally
yield more reliable model fits.

Helgeson §7HEL, 69HEL] claimed agreement of Eq3{) with experimental
values for most reactions in the temperature range 273 to 423 or to 523 K, with the
upper temperature limit depending on the reaction. The errors at 473 K were of the
order of 1 to 9 % of logy K°(T) [67HEL, p.3131] but increased with temperature.
Note, however, that for some dissociation reactions whos, (To) and AS;,

(To), and/or the heat capacity of dissociation are positive, the use of Bfjs. (
and B2) is not recommendedHEL, pp. 3131-3132]. EQ.31) is of interest

Figure 7: Comparison of equilibrium constants fro@m2$ER/NIK for Re-
action @8), CO5~ + UO5"™ = UO,COs(ag), with calculated values using
the DQUANT equation, Eq.31), and the following selected reaction values
[92GRE/FUG: log;oK(Tp) = (9.68 + 0.04), and AS;, (To) = (2021 +
6.8) JK~1.mol1.

17 I
16 - [72SER/NIK] A -
DQUANT Eq. — ,
A -
log,o K® -
9 | | | |
298.15 373.15 473.15 573.15

T/K

because it does not require any knowledge of the heat capacity change of a reac-
tion. For neutral inorganic species in agueous solution, except for a few simple
dissolved gases, there are no known methods to estimate the standard molar heat
capacities. Therefore, EQBY) is of special interest to estimate high-temperature
equilibrium constants for dissociation of neutral species.
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As an example, Figuré compares experimental resul®2BSER/NIK] for Re-
action 8)

CO5™ +UO5" = UO,COs(ag)

with calculated values of lgg K°(T) using Eq. 81) and selected reaction para-
meters from 92GRE/FUG.

2.4.2 The revised Helgeson—Kirkham—Flowers model

The electrostatic heat capacity model used by Helgesah, which was briefly
described in Sectio2.2.3 has evolved into a set of equations of state for the
standard partial molar properties of aqueous spe8@84{N/HEL, 88SHO/HEL,
89SHO/HEL 89SHO/HELZ2. These equations of state, which constitute the “Re-
vised Helgeson-Kirkham-Flowers” model (“Revised HKF” model), allow predic-
tions to be made to 1273 K and to 5 kbar. Neither this equation nor the DQUANT
equation are expected to be reliable near the critical “point” of water, 641.7 K and
220.7 bar 83LEV/KAM, 84HAA/GAL, 89SAU/WAG.

According to this model, the standard partial molar heat capacity for an
agueous iom is given by

A Co - oT e 2600+ p
Cp,m(l) = C1+ (T _ 228)2 ((T _ 228)3> |:a3(p p ) + a4|n (2600+ po>:|

w 1 92w
TX+2TY|— ) - T(|(--1)— ) .
rorxzry(32) -7 (-1 (57)

wherep® = 1 bar is the standard state pressure, the pregshees units of barg
is the dielectric constant (relative permittivity) op8(l) which is temperature and
pressure dependent (see for example Figuoe [74HEL/KIR, Table 39]),c1, ¢,
az anday are temperature and pressure independent parameters and are specific to
each ion, andX, Y andw are temperature and pressure dependent functodns (
our Eq. @4) for X, Eq. 34) below forw, and Ref. 88SHO/HEL, Eq. (28)], for
Y), which were tabulated by Tanger and Helges88TAN/HEL]. Equations for
the partial derivatives ab with regard to temperature and pressure are also given
there BBTAN/HEL, Appendix B].

Pressure effects will be neglected here for the following reasons. The satur-
ated pressure of steam at 573 K is 85.8 WHEL/KIR, Table 38]. The effect
that this pressure will have on equilibrium constants will depend on the reactants
and products involved and on the partial molar volume change of reaction. For
example, the effect that a pressure of 85.8 bar has on the chemical potential of
H,0(l) is about 015 kdmol~! [81STU/MOR, which at 573 K would change an
equilibrium constant involving one water molecule by 0.014,jognits. This
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may be accounted for if the “apparent” Gibbs energy gbH) as calculated from
Table I11-5 of Ref. BOCOX/WA(Q (see also Eqsl1@) and (L6)) is used in the cal-
culations of the temperature effects on equilibrium constants. In general, the pres-
sure effect on an equilibrium constant may be estimated assuming that the molar
volume of reaction is independent of pressB8HEL, p.742], B1STU/MOR
pp.73-78]:

ArVa(p -1

| K® = | K° -
0010 K" (p) 0010 K" (Po) RT10-2In(10)

For a partial molar volume change of reaction of @n? - mol~, this equation
estimates the pressure effect, at 573 K and 85.8 bar0a¥77 on logg K°.

Since the major temperature range of interest for the modelling of agueous
systems is 273 to 573 K, and in order to simplify the equations of the “Revised
HKF” model, pressure effects on temperature corrections will be neglected here.
The reader interested in even higher temperatures (and therefore higher pressures)
is referred to the original publication83 TAN/HEL, 88SHO/HEL, 89SHO/HEL,
89SHO/HEL2 97SHO/SAS97SVE/SHQ.

By neglecting the pressure effects, the following equation is obtained. The
apparent standard partial molar Gibbs energy of an aqueous @nEgs. (2
and (L7), is given by the expression

AaG?n(i, T = AfG?n(i, To) — $n(l, To)(T —Tp) — C1 |:To —T4+TlIn <%)i|

0
. 1 1 228— T
2I\T —228 T,-228 228

T n To(T — 228
(2282 {T(To—228)”

+w(T) (} — 1> — w(To) (i — 1>
& €0

+ (T — To)w(To) Y (To), (33)

wherec; andc; are the non-solvation parameters specific to each aqueous ion; the
dielectric constant (relative permittivity) of4@(1), ¢, is temperature and pressure
dependent{4HEL/KIR, Table 39] (at 298.15 K and 1 bag = 78.4, cf. Table4);
andY (Tp) has the value-5.81 x 10~° K~ [88TAN/HEL, Table H-4].

The temperature (and pressure) dependent funatid is defined for ionic
aqueous species &BJTAN/HEL, Eqg. (B-9)]:

. _ Na €2 Zi2 Z
@, T) = 8re, <ri + 1z |(kz + 9(T)) © 3.082x 1010+ g(T)> - (34)
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where(Na€?/(8re,)) is equal to 8466x 10°m- J- mol~1, r; is the crystallo-
graphic ionic radiusk; is a charge dependent constant (equal to zero for anions
and 094 x 10~1%m for cations), andy(T) is a non salt-specific function which
accounts for the dependence of the effective electrostatic ionic radius on tem-
perature and pressure (at the steam saturated pregsisreero forT <448 K
[88TAN/HEL, Table H-8], P2SHO/OEL, Table 5]). As Eq. 34) shows, the Re-
vised HKF model uses an effective radius for the electrostatic interactions between
the dissolved species and the solvent:

refi (T) = ri+1z|(kz +g(T)). (35)

For neutral species, the model functioncf. Eq. 34), is assumed to be inde-
pendent of temperature and pressure, and thus becomes a model parameter. Cor-
relations at 298.15 K with standard partial molar entrop8&SHO/HELZ their
Egs. (44) and (45)] give for volatile neutral non-polar aqueous species (noble and
diatomic elemental gases)

w() = —151445.(, Top),
and for neutral polar agqueous species$kaq), CQ(aq), SiG(aq),etc)
w(i) = 1.422x 10° — 15144 S (i, To), (36)

wherew is in units of J mol~1,

The ¢; and ¢, parameters for Eq.3Q) of this model are temperature and
pressure independent, and are correlated at 298.15 K with the standard partial
molar ionic heat capacity as follow8§SHO/HEL Egs. (29), (31), (35) and (89)],
[B8TAN/HEL, p.36, Egs. (19), (24), (28c), and (48)]:

2 = —1.26968x 10° + 2037C; (i, To)

1 2
G = C i, To)—C|=—==] +9213x 10 °w(, T
1 pvm(’ 0) 2(T0—228) + X Cl)(, 0)»

wherec; andc, are in units of X~1-mol~t and J K - mol~! respectively.
The crystallographic ionic radius;, in Eq. 34) is correlated to the standard
partial molar ionic entropyd8SHO/HEL, Eq. (58)],

oo —4588 x 1071022 2k @37)

T S0,To - & e
where a; is a charge dependent regression constant (equal to 301, 590
and 883 X~1.mol~! for mono-, di- and trivalent ions, respectively, and
a; = 2992|z | for cations or anions witlz, > 3 [BBSHO/HEL, Eg. (56)]).
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If the chemical reaction only involves aqueous species, the calculations can
be done with Egs.16) and @3). If the chemical reaction includes phases for
which heat capacity functions (of type E§)) are availabled.g, solid phases or
H2O(l)), it is convenient to use Eq38) for aqueous species, and Eqgs3)(and
(14) for the solid phases. As mentioned earlier, the integrals in BE@safid (L4)
may have expressions like Eq&0f and (L1), except that one must disregard the
delta signs on the right hand side of Eqs0)(and (1). For water, the appar-
ent Gibbs energy should be calculated from values given in the CODATA tables
[89COX/WAG.

In order to avoid computational errors, it is advantageous to use a computer
program to do the calculations described here. The computer program SUPCRT
is available from Helgeson’s laboratory at Berkel®2JOH/OEL and on the
GEOPIG home pagéhftp://zonvark.wustl.edu/geopig ). That pro-
gram also includes a mineral and aqueous species data base.

As it stands, Eq.33) contains five parameters for each aqueous species (stand-
ard partial molar ionic entropy and standard Gibbs energy of formation, as well as
C1, C2, andrj). When Eqgs.36) and @7) are included in the model, only three para-
meters remain in Eq3Q): the standard partial molar entropy, the standard partial
molar Gibbs energy of formation, and the standard partial molar heat capacity.

Tremaine, Sway and Barber8dTRE/SWA and Apps and NeilJOAPP/NE]
have reanalysed some experimental data using the Helgeson-Kirkham-Flowers
equations.

As an example of the application of EQJ) to predict high-temperature equi-
librium constants, the calcite dissolution reaction is used:

CaCQ(crn = Ca&'+Co5. (38)

The data for the aqueous ions are taken from CODASBJOX/WAG except

for the standard partial molar ionic heat capacities which are not given in the
CODATA publication, and are taken instead from Ref6DES/VIY. For
calcite, the value for the entropy and the heat capacity function of CODATA
[87GAR/PAR are used, whereas the standard Gibbs energy of formation is
adjusted to-11291 kJmol~! in order to force the logarithm of the equilibrium
constant at 298.15 K to be IggK °(38) = —8.480 as recommended by Plummer
and Busenberg8PLU/BUS. The predicted temperature dependence of the
equilibrium constant for calcite dissolution is shown in Fig8retogether with
experimental values from Ref.82PLU/BUY. Large differences in calculated
values are in general obtained Bt > 423 K between the “constamxrcg,m”

T"Note added in press: Sverjensky, Shock and Helge888VYE/SHQ have recently published
several examples of this technique. Furthermore they present several correlation strategies to
estimate thermodynamic properties of agueous complexes (mostly inorganic).
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Figure 8: Comparison of experimental equilibrium constants for calcite dis-
solution B2PLU/BUY, Reaction 88), with those predicted with the simplified
“Revised Helgeson-Kirkham-Flowers model” described in the text (continuous
line). The predictions with the “constamt,C; ,," equation, Eq. 20), using
ArS, = —198 JK~1mol~t and ACH = —377 JK~L.mol~1 are shown as

a dotted line.

log;o K*

—14 1 1 |
298.15 373.15 473.15 973.15

T/K
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equation, Eq.Z0), and the simplified revised HKF model, E§3]j and Egs. 86)
to (37).

The fitting capabilities of the revised Helgeson, Kirkham and Flowers model
are very high, because of the large number of parameters for each dissolved
species. With the simplification introduced by Eq36)(and @7), the number
of parameters is reduced, but still one must avoid overfitting experimental data.
Only good quality data in a broad temperature range should be used to determ-
ine the model parameters. This is due to the fact that ionic heat capacities gen-
erally show gentle maxima at about 325 to 375 K, and have a steep decrease
as the temperature approaches the critical temperature of wateé4{.1 K)
[83LEV/KAM, 84HAA/GAL, 89SAU/WAG. The heat capacities for ions are
usually not determined reliably by a least-squares representation of equilibrium
constants in the range 273 to 423 K.

As an example of the uncertainties that might be found in fitBher Cg ,
experimental values of equilibrium constants, the data on the solublllty of zincite
are used. The equilibrium constants for the reaction

ZnO(cr) + HT = ZnOH?' (39)

are taken from Khodakovskiy and Yelkir3KHO/YEL, their Table 3]. For
zincite, the standard entropy and the heat capacity function are taken from Ku-
baschewsket al. [93KUB/ALC] and the standard Gibbs energy of formation
from the US NBS tablesSPWAG/EVA]. For ZnOH", the standard ionic par-
tial molar Gibbs energy is set to the value required for achieving an equilibrium
constant at 298.15 K of Igqg K° = —3.69, which is the value recommended in
Ref. [/5KHO/YEL]. A least-squares fit to the simplified “Revised HKF model”
on the four experimental values of IggK°(39) yields S,(ZnOH", aqg Tp) =
(24 + 17) JK~tmol~* and C; ,(ZnOH", aq To) = (44 + 102 JK~'-mol™*
and is shown in Figur®. The large uncertainties are due to the correlation
betweers;,(To) andC;,m(To). A more precise value c!tg,m(To) is obtained by a
least-squares fit if the value 8f,(ZnOH", ag To) is fixed to 24 K~1.mol~* (the
value obtained above), nameB ,,(ZnOH", ag To) = (414 16) JK~*.mol~*.
Figure9 shows that data at higher temperatures are needed in order to constrain
the least-squares fits sufficiently to obtain unambiguous thermodynamic paramet-
ers for ZnOH".

An example where experimental data up to 573 K are avail82BAT/SLJ
Is the reaction

COx(ag) + HO(l) = HCOZ +H™ . (40)

The thermodynamic data are taken from CODABOCOX/WAG, except for
the standard partial molar heat capacities of the bicarbonate ion, which is taken
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Figure 9: Comparison of experimental equilibrium constars8<HO/YEL] for
Reaction 89), ZnO(cr) + HT = ZnOHT, with a least-squares fit to the simplified
“Revised HKF model”. The dotted lines reflect the effect of an uncertainty of
+16 JK~tmol~tin C; ,(ZnOH", aq To).

log;o K®
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from Ref. [f6DES/VIS], and of CQ(aq), which is fitted by least-squares to the
experimental equilibrium constants &JPAT/SLJ. The calculation yield& ,
(COy, aq, Tp) = (2085 + 2.2) JK~1.mol%, and the model results are shown
in Figure10. For comparison, results obtained with the DQUANT expression,

Figure 10: Comparison of experimental equilibrium constants for the hydro-
lysis of CQ(aq) [B2PAT/SLQ, Reaction 40), with those obtained from fitting
Cp.m (COz, aq, To) with the simplified “Revised HKF model”. Results obtained
using the DQUANT equation, Eq3(), and the “constaniA,Cp ,," equation,

Eq. 20) (with A{HS,(To) = 9.16 kdmol1, A;S,(To) = —90.91 JK~L.mol1,
andACj o, = —334 JK~1.mol1), are also displayed for comparison.

simplified Rev. HKF model —
constant ArC2

_85 1~ DQUANT .. -
[82PAT/SLO] O
_9'0 | | | | L
298.15 373.15 473.15 573.15
T/K

Eq. 31), and the “constant\,Cy " Eq. (20), with a heat capacity of reaction

of —334 JK~L.mol~1, are also displayed. The approximation expressed by the
DQUANT equation, Eq.31), resulted in errors of up t&-0.3 in log; o K°(T).
A better fit of the data could be achieved by using the isocoulombic reaction:

COx(ag + OH™ = HCO;

and the “constan\,Cj ,," approximation, Eq.20). Reaction 40) has been used
for illustrative purposes only.

2.4.3 The Ryzhenko-Bryzgalin model

Ryzhenko and Bryzgalin8[LRYZ, 82BRY/RAF, 91RYZ/BRY] and Bryzgalin
[86BRY, 89BRY] describe the temperature dependence of mononuclear complex
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formation reactions using a simple electrostatic model where the Gibbs energy
of reactionAGp,(T, p) is described as a sum of two contributions (an idea first
proposed in detail by Gurnep3GUR Chapter 7]):

AFG%(T» p) = ArG?n,noneI+ ArG?n,eIectr(T’ p) (41)

o : : :
where ArGp, [ oner IS @ temperature and pressure independent non-electrostatic

contribution to the Gibbs energy, andGy, o.(T, P) is a temperature and pres-

sure dependent electrostatic contribution given by the following Coulomb-type
equation:

|ZcZalet Na€® 1
AG? T = - 42
r m,electr( . P) I off de, (T, p) (42)

where e is the elementary charge andlly is the Avogadro constant
(Na€%/(4me,) = 1.38935 x 104 m-J-mol™L; «(T, p) is the relative
permittivity of the solvent (in this case the dielectric constant of wategg)is an
effective bond distance, which in most cases is approximately equal to the sum
of radii of the central ion and ligand, and it is independent of the total number
of ligands in the complex,Z.Za|eff is an “effective charge”, which is a function
of the formal charges of the anion and the catidg é&nd Z, respectively), and
of the number of ligands and geometry of the complex. The model can only be
applied to monodentate ligands, but protonation equilibria for polybasic acids can
be described by considering complexes where the central ion is the anion, and the
ligands are proton8[/RYZ/BRY].

Bryzgalin and Rafal'skiy §2BRY/RAHR give the following equation to calcu-
late |Z:Zaleff fOr a number of different coordination geometries:

@aZil  (@aZc)*Q
2r3 2r8

|ZcZalet = 1ZcZall — QZ3 + (43)
whereL is the total number of ligands in the mononuclear compl@is a stereo-
chemical factorQ = (3L? — 5L + 2)/8; andus is the polarisability of the ligand

(cf. Table3). The first term on the right hand side of E43] takes into account

the attraction between the central ion and each of the ligands; the second term in-
cludes mutual repulsions between ligands; the third term deals with the attractive
interactions between the central ion and the induced dipoles in the ligands; and the
last term considers the mutual repulsion among the dipoles induced in the ligands
[82BRY/RAR. For 1:1 complexes = 1, Q = 0, and the last term of EG48) is
modified so that the effective charge is instead giverd3BRY]:

|Zcza|eff = |Zcza|+r— (44)
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Table 3: Polarisabilities of ions in aqueous solutions from R&BNIK, p.385],

(also reported in§5RYZ/SHA 87RYZ/BRY]). We note however that there are
inconsistencies between the values listed in this table and the data found in Refs.
[40RIC, 50SYR/DYA], apparently because the latter two references contain elec-
tronic ionic polarisabilities of ions either in vacuo or in crystal lattices.

Anion  « x 10°% Cation o x 10°° Cation o x 10°°
(m3) (m°) (m3)

OH- 2.04 H* 021 Zrtt 0.24
F- 1.03 Lit -0.13 Cd* 0.92
Cl- 359 Na 0.08 Hg* 2.22
Br- 502 K* 0.90 Mr?* 0.55
- 3.62 Rb 150 Mn*t 0.0
CN- 330 Cs 259 Mt 0.0
NO; 437 Mg+t ~-071 Fe* 0.48
HCOO" 392 Cca&t 0.28 Fe* 1.13
Silo 530 SP* 0.75 C&* 0.51
SO~ 583 B&* 1.73  N@* 0.30
CO;~ 481 PB* 348 APt —-1.00
Cro;~ 1062 Cu&* 0.15 Y®* 0.0
La®t 0.0
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whereqa is the polarisability of the central iorecf Table3).

Electrostatic models are based on incompressible spherical ions. The thermo-
dynamic values obtained by such models require the conversion from the molar
volume of the ideal gas to that of a solution at 1 m¢kg H,O)~1. This cor-
rection is adsorbed by adjustable parameters in the Helgeson-Kirkham-Flowers
model which is described in Secti@¥.2

The Ryzhenko-Bryzgalin model yields thermodynamic data in volumetric
concentration units@9PRU, i.e.,, on the molar concentration scale. The
conversion of equilibrium constants from molar to molal units is straightforward
(see the TDB-5 guideline). The factor for the conversion of molality to molarity,
o, at infinite dilution becomes equal to the density ofHl), o(T, p) In
kg - dm~3, and (at infinite dilution) this conversion factords 1 atT < 323 K.
Taking this units conversion into account, it is possible to obtain, from Egs. (
to (44), an expression for the formation equilibrium constants of mononuclear
complexes:

) TO o )
IOglO K (T9 p) = ? IOglO K (T09 p )

n | ZaZcleft Np € 1 B 1
reff 4me,RTINO) \ (T, p) &(To, p°)

=Y vilogiop(T. p) (45)

provided that s is assumed to be independent of temperature and pressure. In this
equation it is seen that the model requires only two parameters: the equilibrium
constant at one temperature and an effective bond distapce

For the standard partial molar entropy of a reaction involving the formation of
mononuclear complexes the following expression is obtained:

aArng)
p

ASH(T.P) = —( =

|Zcza|eff Na€ 38(' > p) Z T
leff 47T608(T, p)2 ( oT p i Vi np( ’ p)

+ Z vi RTat (T, p) (46)

whereat (T, p) = (1/V2) (av,;;/aT)p = —(1/p) @p/3T)py = —(@Inp/dT),

is the coefficient of thermal expansion of watefr, Table4 (hereV,; represents the
molar volume of pure liquid water in ctamol~1, V2(T, p) = 18.0153/o(T, p)).

At 298.15 K, and 1 bar the contribution of the second term is negligible, and one
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can then write:
AFS;](TO’ po)

Z.Z
~ (81.4 « 10710 [ ZoZalefl 064" vi> JKtmol™ (47)

Ieff |

wherer s is in units of m. Similarly, for the standard partial molar heat capacity
of a reaction involving the formation of mononuclear complexes the following
equation is obtained:

o _ IAS,
ACS (T, P) = T( - )p
_ _qlZaZelet  Na€? (aze(T, p)) 2 (ae(T, |o>)2
B refi  4mese(T, p)2 T2 ), &, p T/,
+2) viRTar(T, p)+ ) wRT? (—8“T(T’ p)) (48)
i | ’ i | ot p

At 298.15 K and 1 bar the contribution of the second term is negligible and the
following equation can be used:

ACS n(To. P°)

Z.Z
~ <115x 10-10 [ZeZalef +7.1Zvi) JKLmolt  (49)

I eff |

The uncertainty in this expressionis20% (as estimated from the uncertainty in
the derivativegde/dT),, and(azs/aTZ) IO). The expression for the standard par-
tial molar volume of a reaction involving the formation of mononuclear complexes
IS:

IAGS
ANV(T, p) = ( arp m)
.

|ZcZaleff NAez ae(T, p)
RT
refi  4meoe(T, p)2 ( ap >T - ZU' r (30)

wherekr (T, p) = — (1/V;) (3Vin/0p); = (@Inp/dp)7 is the coefficient of
isothermal compressibility of pure water. At 298.15 K and 1 bar the following
equation may be used:

Z.Z
AVE(To, P°) & (8.23 X 10—10M + 1.12 vi) cme - mol~?t

I eff |
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The uncertainty inA;V(To, p°) should be~ 10% (from the estimated uncer-
tainty in (de/dp)T).

The values of the temperature and pressure derivatives of the dielectric con-
stant of water, which are needed in Eg&)(to (50), can be calculated from the
equations of Refs91JOH/NOR 92SHO/OEL, or from the equations of Archer
and Wang 90ARC/WAN] together with an equation of state for water to calculate
the density of liquid waterp (T, p) (such equations of state may be found for ex-
ample in Refs. 34HAA/GAL, 84KES/SEN 89SAU/WAG, 93WAG/PRU). All
the data needed to use the Ryzhenko-Bryzgalin model for aqueous solutions from
273.15 K to 573.15 K are given in Table

The Ryzhenko-Bryzgalin model considers thermodynamic quantities at zero
ionic strength, hence itis in general necessary to recalculate the experimental data
tol = 0. This can be done, for example, by using the specific ion interaction
theory as described in the TDB-2 Guideline.

As mentioned above, the Ryzhenko-Bryzgalin model is a two parameter
model, requiring onlyK (Tp, p°) andres. If the value ofA,S;, for the reaction
is known at 298.15 K (or may be estimatefl, Sectiond.2.2 p.72), the required
value of the distance parametgf may be calculated with Eg4(). However, in
general it is possible to estimate the “distance” paranetefrom the sum of
crystallographic radii of the central ion and the ligand. This allows the calculation
of preliminary values of logy K°(T, p), even when all thermodynamic properties
of reaction are lacking except for IggK °(To, p°).

2.4.3.1 Example: the mononuclear At—OH™ system

This section describes the procedure used and indicates the accuracy of the
method. Further details on this example are given in FIPLY/GRE.

In the system Att-OH™ the following mononuclear complexes have been es-
tablished F6BAE/MES: Al3*, AIOH2T, AI(OH)J, Al(OH)3(ag), and Al(OHY), .
Standard values of the equilibrium constants of formation of these complexes,
log,p B, at 298.15 K have been selected by Plyasunov and Gregvifk /GRH
from recent literature studie$9.04 + 0.03), (17.44+ 0.19), (25.50+ 0.50) and
(33.10+£ 0.06) fori =1 to 4, respectively. The second step is to figglfor this
system. Several estimations of this parameter are give84RLY/GRE. Pre-
liminary calculations readily show that a reasonable agreement with the available
experimental data can be achieved wigh = (2.10 4+ 0.05) x 107 1°m. The
results obtained with Eq46) are compared with the literature equilibrium con-
stants for the first and last hydrolysis steps (for which more accurate data have
been obtained experimentally) in FigurEsand12. In addition, calculated and
experimental equilibrium constants for the step-wise reaction:

AIOH?" 4 30H" = AI(OH);
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Table 4. Temperature and pressure variation of the density and dielectric constant
(relative permittivity) of liquid water at the standard pressypeé & 1 bar) for

T < 37315K and at the vapour saturation pressurd at- 37315K, as well

as some other properties of liquid water at the reference temperdwrand

at the standard pressurp;, namely: the coefficient of thermal expansion and

its temperature derivative, the coefficient of isothermal compressibility, the first
and second temperature derivatives and the pressure derivative of the dielectric
constant. These values have been calculated with the equation of state of Kestin
et al. [B4KES/SEN and the equation of Archer and War@DARC/WAN] for the
dielectric constant of water.

t T p P e
“C) (K) (bar) (g-cm)
0.00 273.15 1DO0 0.9998 810
25.00 298.15 DOO 0.9970 7888
50.00 323.15 D00 0.9880 6388
75.00 348.15 D00 0.9749 629
100.00 373.15 D13 0.9584 552
125.00 398.15 32 0.9391 47
150.00 423.15 #6 0.9171 4406
175.00 448.15 ®2 0.8923 399
200.00 473.15 15 0.8647 3477
225.00 498.15 25 0.8339 3073
250.00 523.15 38 0.7991 2809
275.00 548.15 59 0.7592 2347
300.00 573.15 8B 0.7124 2009

Values atTy = 29815 K andp® = 1 bar:

oT

(ot /0T) e

@

kt
(3e/0T) pe
26/0T?) pe
(0e/0pP)1,

2.594x 104Kt
9.56x 1076 K2
4.522x10 5bar?
—3.60x10tK™?
1.60x103K2
3.64x 10 3bar?
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Figure 11: Comparison of experimental equilibrium constants for the reaction of
formation of AIOH* with those obtained on the basis of the Ryzhenko-Bryzgalin
model. Adapted from RefS9UPLY/GRH.
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Figure 12: Comparison of experimental equilibrium constants for the reaction of
formation of AI(OH), from AlI3t and OH" with those obtained on the basis of
the Ryzhenko-Bryzgalin model. See Figurefor symbols. Adapted from Ref.
[94PLY/GRE.
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are compared in Figurs.

Figure 13: Comparison of experimental equilibrium constants for the reaction
AIOH?* +3 OH~ = Al(OH); with those obtained on the basis of the Ryzhenko-
Bryzgalin model. See FigurEl for symbols. Adapted from RefOfPLY/GRE.
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The calculations indicate that the simple electrostatic model of Ryzhenko and
Bryzgalin is able to describe at least semiquantitatively the temperature depend-
ence of the formation constants for the mononuclear hydroxy complexes of alu-
minium up to 473 or 523 K using the values of stability constants at 298.15 K
with only one fitting parameteres, which haghe same value for all mononuclear
complexes formed in the systeAt higher temperatures the calculated values of
K* differ systematically from the equilibrium constants determined experiment-
ally.

The model is put to a more rigorous test by trying to predie;, , ArCj
and AV, , for the formation reactions, with Eqst@) to (50), and the same size
parameter as abovesf = (2.10+ 0.05) x 10~19m). Precise experimental values
for AS;, , A,cgvm andA,Vy, at298.15 K and 1 bar are only available for one of
the aluminium hydrolysis reactions:

APt +40H" = AI(OH);.

Table5 shows that the calculated values ok;S;, , Arcg’m and AV, are
only in qualitative agreement with the experimental determinations. This reflects
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2.4. Alternative heat capacity expressions for aqueous species 46

Table 5: The calculated and experimental valuead, , ArCy ,, and ArVy,
for reaction APt + 40H- = Al (OH), at 298.15 K and 1 bar. Adapted with
revisions from Ref.94PLY/GRHE. The experimental values were derived in Ref.
[94PLY/GRH from experimental results presented in the literature sources.

Property Calculated Experimental Literature source
value value

ArS, 435+17®  501+9.1 [92PAL/WES
(JK~L.mol™1) 4701+ 14 [91CHE/XU, 89COX/WAG
AC 660+ 30@ 790 [B8HOV/HER
(JK Lmol-1) 784 [92PAL/WES

829+ 37 [92PAL/WES
AVS (em®-mol~l)  45+3® 108 [88HOV/HER

@ The+ term is based on the uncertaintyrig.
® The+ term has been estimated from the uncertaint§diry9p)T, cf. Eq. 50).

the limitations of this simple electrostatic model, for example the assumption that
ArGH) nonet 1S independent o and p. More sophisticated models,g, the re-
vised Helgeson-Kirkham-Flowers model, consider the non-electrostatic term to
be a function of temperature and pressure.

It should be noted that in order to improve the predictive capabilities of this
simple electrostatic model, Ryzhenl&lRYZ] suggested the following empirical
temperature and pressure dependencgsof

VS(H20,1, T, p) )1/3
V& (H20, I, To, p°)

reit(T, p) = Treii(To, P°) ( (51)
where values for the molar volume of pure water are needed both dt Hrel
p of interest, and at the reference temperafliye= 29815 K and the standard
pressurep® = 1 bar. In later publications Ryzhenko and Bryzga86RYZ/BRY,
86BRY, 87RYZ/BRY, 89BRY] used a somewhat different function:

p(To. p*)\"""P7°
p(T. p) )

Egs. 61) and 62) are perhaps indirect attempts to take into account both differ-
ences in concentration units (molar to molal, as discussed above) as well as phys-
ical phenomena occurring when the molar volume of water increases. s. (
and 62) predict a graduahcreaseof re with temperature, typically in the range

re(T, p) = ret(To, P°) ( (52)
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(0.2to 06) x 10~19m at 573 K. It should be noted that in the revised Helgeson-
Kirkham-Flowers modekf. Eq. (35), the effective radiugecreasesvith temper-
ature because the functigdT ) has negative valueS8TAN/HEL, 92SHO/OEL,
Table H-8, Table 5]. From Eqs48) and @4) it follows that if res IS temper-
ature and pressure dependent, th8pZ,les Will also be a function ofT and

p, and Egs. 45) and @6), etc, must be rewritten accordingly. See, for ex-
ample, Ref. 94PLY/GRH for reff given by Eq. §1). Nevertheless, in both the
Ryzhenko-Bryzgalin and in the revised Helgeson-Kirkham-Flowers models the
effects of the variation ingf with increasing temperature are essentially negligible
at T < 473 K. For simplicity, the examples in this guideline have been worked
out with Egs. 45) to (50), that is, assuming thags is independent of temperature
and pressure. Plyasunov and Grentb®HLY/GRH presented the results of the
Ryzhenko-Bryzgalin model on the Al(lIl)-OHsystem using Eq5() to describe
theT andp dependence at.

2.4.3.2 Example: the stability of acetate complexes of E&

Palmeret al. [88PAL/DRU, 93PAL/HYD] have used a potentiometric method

to study the stability of acetate complexes of Fe(ll) in aqueous solutions at
temperatures between 323 and 568 K (at steam saturated pressures above
373 K). Palmer and co-workers obtained equilibrium constants for the formation
of FeCH;COO" and Fe(CHCOO)(aq), and observed indications of the
presence of Fe(C#COO); at high concentrations of acetate. The experimental
equilibrium constants §8PAL/DRU, 93PAL/HYD] are compared in Figures

14 and 15 with those obtained with the Ryzhenko-Bryzgalin model using
reff = 2.6 x 10-19m and a polarisability of zero for the acetate ion.

2.4.4 The density or “complete equilibrium constant” model

The density model is based on the experimental observation that in aqueous sys-
tems the logarithm of the equilibrium constants of many reactions at isothermal
conditions are linear functions of the logarithm of the density of the solvent over
largep andT ranges p6FRA 61FRA]. The theoretical basis for this has been dis-
cussed by many authors, and a comprehensive review of the literature is given by
Andersoret al. [91AND/CAS. The conclusion from these discussions is that the
origin of the linear relationship is unknownf. [91AND/CAS pp.1772-1773].

The model postulates a direct proportionality betweend®d (T, p), for reac-

tions involving aqueous species, and@a(T, p), wherep(T, p) is the density

of pure water. This proportionality was discovered by FrarsHRA 61FRA|

during his conductimetric investigations of the electrolytic properties of KCI and
other electrolytes at temperatures between 573 to 1073 K at a wide range of pres-
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Figure 14: Comparison of experimental equilibrium constants (squares:
[88PAL/DRU], circles: [P3PAL/HYD]) for reaction: Fét + CHsCOO =
FeCHCOO" with those obtained on the basis of the Ryzhenko-Bryzgalin model.

log;o K*

0.5 | | | | |
298.15 373.15 473.15 573.15

T/K

sures. Later, MarshaVDMAR, 72MAR] confirmed this observation and formu-
lated the concept of “complete equilibrium constant” on the basis of determin-
ations of dissociation constants of many salts and acids at temperatures above
673 K. This concept is outlined by the following relation:

log; o K°(T, p) = 109y K'(T) +k(T)logyop (T, p) (53)

whereK°(T, p) stands for the conventional equilibrium constant in molar con-
centration units, which depends both on temperature and pressi(ie) is the
“complete equilibrium constant”, which is assumed to depend on temperature
only; kK(T) is a function which MarshallOMAR, 72MAR] considered to rep-
resent the change in hydration numbers between the products and the reactants;
andp(T, p) is the density of pure water. It must be pointed out that &8).fjasno
rigorous thermodynamic basis. However, it provides a remarkably good correla-
tion, valid over a very wide range of state parameters. It describes the dissociation
constants for HCI§4FRA/MAR], HBr [68QUI/MAR], NaCl [68QUI/MARJ],

NaBr [68QUI/MARZ], Nal [69DUN/MAR] and NH,OH [68QUI/MAR4] in the
temperature range 673 to 973-1073 K and a water density of 0.3 or 0.4 to 0.8
g - cm3, as well as the pressure dependence of J&gF (T, p) for the dissoci-

ation of a number of electrolytes up to 4 kbar at room temperal2®AR],
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Figure 15: Comparison of experimental equilibrium consta88AL/DRU) for
reaction: F&t + 2 CHsCOO~ = Fe(CH3COO0)»(ag) with those obtained on the
basis of the Ryzhenko-Bryzgalin model.
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etc Eqg. 63) also describes the thermodynamic solubility product for salts, for
instance, that of CaS(s) at temperatures between 373 and 573 K, and pressures
up to 1000 bar72MAR].

The following type of equation was used by Marshall and Franck
[81MAR/FRA] to describe the molal ion product of water as a functiop@ind
T, and the same expression can also be used for other chemical equilibria:

| R B C D
0910 K°(T, p) = A+?+ﬁ+ﬁ

F G
+ (E + T + ﬁ) 09100 (T, P) (54)
Eq. B4) is a formulation issued by the International Association for the Properties
of Steam 81MAR/FRA] which describes the dissociation constant of pure water
up to 1273 K and 10 kbar, practically within the experimental uncertainties in the
whole T-p range (at least at densities above.3 g- cm™3).

The density model is a useful empirical generalization of a large number of ex-
perimental data on the thermodynamic behaviour of solutes at high temperatures
and pressures.
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The full set of coefficients of Eq5@) can be determined only if experimental
data on logy K°(T, p) are available in a wide range of temperature and pressure
(or solvent density). Andersagt al. [91AND/CAS cited Mesmer for the use of
a simplified form of Eq. %4):

a
-

whereas, az, andag are independent of and p. This equation is very useful

for correlations up to 400 or 553 K depending on the system. Standard thermo-
dynamic relationships allow the derivation of the parame#gersay, andag as
follows [91AND/CAS:

a:
NK*(T.p) = a+=+=2Inp(T.p) (55)

ArHR(To, p°)  ArCpm(To, P?)err (To, P°)

a3 = InK°(Tp, p°
! (To, P + RTo RTo (8ot /0T) e
N _ AHR(To, p°) N (Toart (To, P°) + In p(To, P°)AICG n(To, P°)
2T R RTo (907 /0T) e
ag _ AFCB,m(TO’ po) . _ArVr%(To, po)
RTo (da1/9T) e Rkr (To, p°)

whereaT andky are the coefficient of thermal expansion of water and the coeffi-
cient of isothermal compressibility of water, respectively, and the subsqft “

in the derivative(dat /0T)p- indicates that the derivative is takenTatand p°.

The values fort, kr, and (dat/9T)p- Needed to calculate;, ap, andag are

given in Tabled. Values for the density of watep, which are needed in EchY),

may be calculated at the steam saturated pressure and for any temperature below
the critical point with the equation given by Wagner and PraS8sWAG/PRU.

A comparison of Eqs53) and Eq. §5) shows that the latter equation assumes
the simplest possible temperature dependence fgp G T) and a simpler —*
dependence d{(T). This simplification reduces the temperature range of applic-
ability of Eq. (65), because the true temperature dependend&Tof might be
more complicated, for example as in E§4). Among the most reliable expres-
sions available fok(T) are those for the dissociation ob8 and NH,OH. These
expressions are shown in Figut6, which shows thak(T) can be considered to
be approximately linear functions &f* only up to about 550 K. Andersat all
[91AND/CAS estimated the upper temperature limit of applicability of Egp)(
to be~ 573 K.

An important feature of the “density” model in the Anderson-Castet-Schott-
Mesmer modification91AND/CAS is the possibility of using experimentally
determined thermodynamic quantities likeHp,(To, p°), ArCj 1 (To, p°) (or
alternatively A;S;,(To, p°), ArVy(To, p°), etc) together with the value of
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Figure 16: The temperature dependence of pararkéterof Eq. (63) between
273.15 and 1000 K, from experimental studies on the dissociation equilibria of
H,O(l) [BLMAR/FRA] and NH,OH(aq) BSMES/MAR.

30.0 |
[BIMAR/FRA] —
[88MES/MAR] - - - -
NH40H(aq) _
25.0 - i
k(T)
20.0 -
150 boooo Ho0(l)
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1.0 1.5 2.0 2.5 3.0 3.5
1000 K/ T
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3. Third-law method 52

log,o K°(To, p°) to predict values of logy K°(T, p). This calculation also re-
quires the numerical values p{T, p), a1 (To, p°), k1 (To, p°) and (dat /0T ) pe

for pure water at saturation water vapour pressure, which are well known. All
the data needed to use the “density” model of Andertaal. [91AND/CAS are
given in Table4, p. 42.

Unlike the electrostatic model of Ryzhenko and Bryzgalin, which is valid
only for formation (or dissociation) reactions involving exclusively aqueous
species, the “density” model can be used for any reaction involving aqueous
species, including reactions where solid phases participate 94éND/CAY
for further details), and the “density” model appears to be as general as the
revised Helgeson-Kirkham-Flowers model described in Se@idr2 However,
relatively fewer aqueous systems have been analysed with the “density” model.

We will demonstrate the accuracy of the method by using experimental data
for the first deprotonation constant of g@@q) from B2PAT/SLQ, cf. Figurel0.

From the experimental values at 298.15 K and 1 bar{&g (To, p°) =
—6.3494 0.005, A(HS,(To, p°) = (9.16+ 0.12) kJmol1, ArCo m(To, P°) =
—(338+ 27) JK~1.mol~1) we obtain the following values of the parametats
toazin Eq. 69): a1 = —7.274,a, = —21492 K, ag = 14078 K. The calcu-
lated values of log, K° (the solid curve) and the experimental values are shown
in Figurel7. The maximal deviations are 0.2 logarithmic units at 473 - 548 K.

3 Third-law method

The second-law method of extrapolation described in previous sections is fre-
guently used, and it is well suited for extrapolation of Gibbs energy data when
only a small temperature interval is involved. However, if a temperature extrapol-
ation over a large temperature range is required, and the original Gibbs energy data
are for a restricted temperature interval, then the second-law extrapolation method
can be very sensitive to extrapolation errors. This arises because the integral on
the right hand side of Eq4) depends om\(Hp, (T). For experimental Gibbs en-

ergy data over a short temperature range, the derived valges (T) andAS;,

(T) can be very inaccurate (evenAfGp, (T) is fairly accurately known) since

they depend on the intercept and slope of

AGH(T) = AHLT) — TASK(T).

This issue has been discussed in many textbooks. For example, according to the
revised version of Lewis and Randallfhiermodynamicfg51LEW/RAN, p.178]:

“Often temperature-dependent errors are difficult to eliminate from the equilib-
rium measurements, and while the resulting equilibrium constants or free energies
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Figure 17: Comparison of experimental equilibrium constant for the reaction
COy(ag) + H20(l) = HCO; + HT [82PAT/SLQ with those calculated on the
basis of the “density” model and the constaqC, ,, method. See Eq2() (Sec-

tion 2.2.2 and FigurelO.
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of reaction are approximately correct, the temperature coefficient and the corres-
ponding heat of reaction from the second lawmay be geatly in error. The
third-law method will also yield the heat of reaction wh&ik° values have been
determined over too small a temperature interval to determine the temperature
coefficient accurately”.

The preferred method to obtaiHy, (To) of a compound or ion is by direct
use of calorimetric measuremeht§or example, both Ca(cr) and CaO(cr) readily
dissolve in aqueous solutions of strong mineral acids, and thegeéls, values
can be combined to yield¢Hy, (CaO, cr,Tg). However, for some systems this
type of measurement is not possible. That approach cannot be used for Tc(cr)
and TcQ(cr), Ru(cr) and RugXcr), Pd(cr) and PdO(crktc, and other oxides
which are only very slightly soluble in aqueous solutions of mineral acids, and
where the metals are even less reactive. Direct combustion of the metal with
O2(g) under pressure can sometimes be used instead to yield direct calorimetric
values ofAfHg, (To), but the desired oxide is not always obtained or the reaction
may be incomplete or yield more than one product. Combustion of Tc(cr) yields
mainly TgO7(cr), for example, so it will not yield data for T¢Qrr).

T, stands for the reference temperat(#€29815 K).
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An alternative way of obtaining thermodynamic data is by use of Gibbs energy
measurements at very high temperatures. For example, a reaction such as

MOz(cr) = M(cr) + O2(g)

can be studied by means of oxygen decomposition pressure measurements or solid
state emf measurements. (This reaction does not occur for some metal-oxide sys-
tems,e.g, in the case of Tcefcr), since it sublimes rather than decomposes at
high temperatures.) In many cases it may be necessary to use temperatures of
1000 K or higher to obtain a significant vapour pressure of oxygen from decom-
position of a MQ, and 700 to 800 K or higher to obtain sufficient solid state
diffusion required for a solid state emf measurement. A third-law extrapolation
of suchA(Gp, (T) data to 298.15 K will, in general, be much more reliable than
direct use of the second-law method.

The third-law method makes use of the free energy functions for reactants and
products

G (T) — Hp(To)
- ;
which have much smaller variations with temperature t&((T). Thus, this
method can generally be used for numerical or graphical interpolations or extra-
polations with a higher degree of precision than direct calculations with either
G (T) or Hy(T).
The third-law method equation can be written in the general form

Ga(™) — Ha(T)\ _ Gaa(T) — Hiy(To)
N N

products

s (G%(T)—H&(T@)
s T

reactant

AGH(T)  AHp(To)

T T '
For this equation to be used the value®iGy, (T) must be known from low-
temperature calorimetric data or from high-temperature Gibbs energy measure-
ments, and the value akHy, (To) needs to be obtained. OnegHp, (To) has
been determined, it can be used to demutd;, (To) of one of the reactants or
products. Two different cases will now be considered.

(56)

3.1 Evaluation from high and low-temperature calorimetric
data

If both low-temperature (heat capacity) and high-temperature (relative enthalpies
as from drop calorimetry) thermal data are available, then the calculatityfH§f
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(To) is straightforward. The middle terms of Edgf], M are then
known, and they can be combined with each experimexi@, (T) point at each
temperature to yield a value @f,Hp, (To). If there is no drift in the calculated
values of A{Hp, (To) within the temperature range over whighGy, (T) was
measured, then the thermodynamic data are internally consistent and the average
of theseA(Hy, (To) should be reliable. We now give a specific example of this
type of calculation.

Consider the simple case of the calculatiomgf,yHy,(To) from high-tempe-
rature sublimation data of a pure metal to form its monoatomic vapour. The reac-
tion is thus

M(cn = M(9),
andA,Gp, (T) becomesAg,1Gy,(T). For the solid phase
Gm(cr, T) = Gp(cr, T),
and for the vapour phase
Gm@, T) = Gn@, T)+RTInf,

where f is the fugacity of M(g). Vapour pressures of metals are generally quite
low at temperatures used for sublimation measurements, so the fugacity can be
equated to the vapour pressure

Gm@,T) = Gy, T)+ RTInp.
For the sublimation process,

AsutGm(T) = Gm(g, T) — Gm(cr, T)
= Gy, T)+ RTInp—Gp(cr, T)
= [Gm(g, T) —Gp(er, )] + RTInp
= AsuGn(T) + RTIn p.

Vapour pressure measurements are measurements of an equilibrium property, so
AsubGm(T) = 0 at eachl . Thus for a closed system,

AsutGm(T) = Gp(g. T) — Gy(er, T)
—RTInp.

For this case, the third-law extrapolation E§6Ybecomes

G?n(cr’ T) - Hr%(cr’ TO) . G?n(g» T) - HI'CT)](ga T0)>
T T

AsubHr(T)](TO) =T (
— RTInp.
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The T values were not cancelled in the first term of the right hand side of this
equation, since free energy functions will be used to interpolate thermal data.

As a numerical example, we will reanalyse ruthenium vapour pressure meas-
urements reported by Carreed al. [64CAR/WAL]. They were measured from
1932 to 2377 K by use of weight loss recorded with a microbalance (Langmuir
method). Values ofG;,(T) — Hp,(To)] both for Ru(cr) and Ru(g) are taken from
Hultgrenet al. [73HUL/DES; thermodynamic properties for the vapour phase in
that report were obtained from statistical thermodynamic calculations. Values of
[Gp,(cr, T) — Hy(cr, To)], [Gh(9, T) — Hu (9, To)l and) /T are summarised in
Table6. Here) "~ denotes

Y o=

[Gr(er, T) — Hy(er, To)l — [Grp(9, T) — Hy (. To)l.

Table 6: Free energy functions needed for the evaluation of sublimation data of
ruthenium. From Ref.3HUL/DES.

T | Gp(er, T) — Hy(er, To) | Gr(g, T) — Hy (9, To) 2T
(K) (kJmol=1) (kJmol=1) (kJ- K~t.mol™1)
1800 —-96.32 —377.61 0.15627
2000 —11220 —424.13 0.15597
2200 —12881 —47119 0.15563
2400 —14614 —51877 0.15526

Carreraet al. [64CAR/WAL] reported a large number of vapour pressures,
but we will reanalyse only a few representative values. The results of these cal-
culations are given in Tabl&; pressures in atm are converted to bar, and val-
ues of) /T at each temperatufE are obtained graphically from a plot df/T
againstT. There is no trend in the calculated values/odpHg,(To) with the
temperature of measurement. They yield an average valuesgHy,(To) =
(6504 + 6.3) kJ-mol~. Carreraet al. [64CAR/WAL] reported a third-law stand-
ard enthalpy of sublimation oAgypHy;(To) = (6531 + 4.6) kJ-mol~1 based
on an analysis of all 94 of their most reliable vapour pressures. Our value of
AsupHm(To) = (6504 £ 6.3) kJmol~! from analysis of a five point subset of
their vapour pressures is in good agreement.

Since AsupHn(To) = [AfHF, (9, To) — AfHp, (cr, To)] and A¢Hg, (cr, To) =
0, we then have a value aftHp, (Ru, g, To). This can be combined with the
calculated statistical thermodynamic entropy of Ru(g) to yield a calculated value
of A¢+Gp, (Ru, g,To).
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Table 7: Ruthenium vapour pressure d&4JAR/WAL] and standard sublima-
tion enthalpies calculated with the third-law extrapolation method.

T p —RInp YT AsupHg (To)

(K) (bar) | (kJ-K~1.mol™?) | (kJ-K~1-mol™?) | (kJmol?t)
1940 | 3.59x107° 0.18082 0.15607 653.6
2023 | 2.72x107° 0.16398 0.15593 647.2
2107 | 9.82x107° 0.15331 0.15580 651.3
2199 | 5.83x1078 0.13850 0.15563 646.8
2324 | 2.75x107’ 0.12560 0.15540 653.0

3.2 Evaluation from high-temperature data

There are some systems for which low-temperature heat capacities (and thus en-
tropies) have not been measured, but for which high-temperature thermal and
Gibbs energy results are available. These can be analysed by a variant of the
third-law method to yield approximate values®fHy, (To) andAS;, (To).

Our fundamental equation for the third-law analysis, Egf),(can be re-
arranged into the form

ArGHL(T) — ArHR(To)
T T

= —A§(To) — [ASHT) — A (To)]
AHR(T) = AHR (To)
- ;

whereA(Gp, (T) is known, and both4 S, (T) — A(S;, (To)] and [AHp, (T) —
ArHy, (To)] can be calculated from high-temperature thermal (relative enthalpy)
results. This equation has two unknownsS;, (To) and A(Hg, (To). One ap-
proach is to use a least-squares fit to obtain values §f, (To) and of A;Hp, (To)
from all of the experimental temperatures. This would yield greater uncertainties
than in the case discussed in Sectioh

As an example we will reanalyse the same vapour pressure data for ruthenium
that were used in the preceding section. Rearrangement of the last equation for
the case of sublimation yields:

AsubHm(To)
T

~ AaSy(To) = AsubG?n(T)_[AsubH%(T)—AsubHr%(To)]

T T
+ [Asubs%(T) - Asubsﬁn(TO)]

— —RIn p+Z*,
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where:
AsubHm(T) — AsupHp(To)

dor o= —{ e - e + [AsubSH(T) — AsubSy(To) ]
Table 8: Thermodynamic values for the reanalysis of sublimation data for
ruthenium.

T | [AsubHR(T) = AsupHR (To) 1/ T | [AsubSH(T) — AsubSh(To)] >

(K) (JK~1t-mol™) (JK~tmol™t) (JK~tmol™t)

1800 —2.5639 —4.1547 —1.5908

2000 —3.2175 —5.1087 —1.8912

2200 —3.8930 —6.1212 —2.2282

2400 —4.5815 —7.1797 —2.5982
Table 9: Recalculation of ruthenium vapour pressu@ECAR/WAL] by the

third-law extrapolation method without fixing the entropies of Ru(cr) and Ru(g)
atTo = 29815K.

T —RInp yoF —RInp+>"*
(K) | (JK"Emol™t) | (JK tmol™?) | (JK~1.mol™?)
1940 180.82 —1.79 179.03
2023 163.98 —-1.92 162.05
2107 153.31 —2.07 151.24
2199 138.50 —2.225 136.27
2324 125.60 —2.444 123.15

Table8 contains values of_* at round values of the temperature, which were
calculated from the tabulated critically assessed thermodynamic values of Hult-
grenet al. [73HUL/DES.

Table 9 contains the results obtained by reanalysis of the five selected va-
pour pressures. Values df* at each experimental temperature were obtained by
graphical interpolation from a plot of* againsfT .

By using a linear least-squares analysis of the values in Palwe obtain:

AsubHm(To) (654.250+ 51.995) x 10°

— (159694 24.70)

- Asub$1(-r0) =

T

T

with a correlation coefficient of 0.9975.

Asub$1(-r0) =

Thus this calculation vyields
(15969 + 24.70) JK~1mol™t and AgupH2(To)
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(654.250 + 51.995) kJmol~1. This value of AsupHn(To) Is in very good
agreement with the value obtained by a standard third-law extrapolatfon (
Section3.1), (6504 + 6.3) kJ-mol~* but is considerably more uncertain. The
larger uncertainty arises because two parameters are now being determined by
the same five data points whereas in the standard third-law extrapolation only
AsupHm(To) was determined. It is possible to reduce these large uncertainties
somewhat by using more of the published vapour pressures in the calculation.
However, the same basic conclusion will still be reached, that the third law
calculation of a standard enthalpy of reaction will always yield significantly
larger uncertainties when no reliable values of the standard entropies are available
than when the calculation is constrained using the standard entropies.

For the examples just given involving the sublimation of ruthenium metal, both
types of third-law extrapolations give values &f,,Hy,(To) in good agreement.
However, consider a case where either the vapour pressures or high-temperature
calorimetric data have a temperature-dependent systematic error (or, if the calor-
imetric “data” were estimated and these estimated values were systematically in
error). An analysis of such data by the standard third-law method as described in
Section3.1would yield values ofA(Hp,(Tp) that vary with the temperature of the
measurements. It would thus be obvious that there was an error in one or more of
the input values for the calculations.

In contrast, if the calculations were done as described in the present section,
then the errors due to certain types of systematic errors could be adsorbed into
the coefficients of the linear fit. Consequently, bath,pH,(To) and AsubSi,(To)
would be in error, but it would not be obvious to the person doing the calculations.
The standard third-law method should be considered more trustworthy in most
cases, and it should be used when sufficient calorimetric data are available.

3.3 A brief comparison of enthalpies derived from the second
and third-law methods

The starting point for a second-law calculation of the standard enthalpy of reaction
from Gibbs energy of reaction data is

AGH(T) = AHLT) — TAS(T).

whereA(Hp,(T) is extracted from a linear or higher-order fit of the Gibbs energy

of reaction data as a function of temperature. If a linear fit is appropriate, then the
assessed value @f;Hp,(T) refers to the mean temperature of the measurements
Tav. The standard enthalpy of reaction is then calculated from the integration of
Eq. G) from Tp to the mean temperature of the high-temperature Gibbs energy of
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reaction measurements:

Tav
AHL(To) = ArHﬁ](Tav)—/ ACm(T) dT
To

Carreraet al. [64CAR/WAL] have compared values afs,pH7,(To) derived from

second and third-law analyses of their vapour pressures. There is no point in
repeating those calculations and we merely cite their results. They performed five
series of measurements and a separate analysis of each data set gave third-law
values ofAsypH5(To) ranging from(6481 + 2.5) to (6565 + 3.3) kJmol~1. In
contrast, their analysis by the second-law method of these same five data sets gave
values ofAsypHS(To) ranging from(600.0 + 22.2) to (6594 + 10.9) kJ-mol~1.

Quite clearly, the third-law based values are more precise and more consistent
than the second-law based values.

Although third-law based values @f;Hy,(Tp) are usually more precise and
consistent than second-law based values, this better consistency is not in itself
a proof that the original Gibbs energy measurements were completely accurate
since there are certain types of systematic errors that do not affect these consist-
ency checks. Agreement of second-law and third-law based valuegHif(To)
within their “experimental” precision is usually a better indication that the high-
temperature Gibbs energy data and the corresponding calorimetric data are of high
quality.

4 Estimation methods

Experimental or estimated values@f ,, andS;, are needed in order to calcu-
late high-temperature equilibrium constants either with Edsof (17), or with
Eq. 20) (which assumes a temperature independent heat capacity of reaction).
The same situation applies to the electrostatic models described in S2etion
Therefore, estimation methods f@f ., (T) and §;, (T) will be described
here. For a broader presentation of thermodynamic estimation techniques, the
reader is referred to the discussions in referen8&NDOR/MUN, Section 11-
8], [93KUB/ALC, Chapter 3], 1LEW/RAN, pp.515-525], and§2LAT, Ap-
pendix I11].
Recently, heat capacities have been measured for several agueous electrolytes
and non-electrolytes to about 720 K. See the article by Vébdad [94WOO/CAR
for references to many of the original studies. Since these measurements do not
yet include the majority of aqueous electrolytes and non-electrolytes, estimated
values are still required for most applications.

Version of 8th October 1999



4.1. Estimation methods for heat capacities 61

4.1 Estimation methods for heat capacities
4.1.1 Heat capacity estimations for solid phases

Kopp’s rule of additivity BGBNOR/MUN, Eqg. (11-52)] may be used to estimate
the heat capacity of a solid phase as the sum of the molar heat capacities of the
elements present:

Com = > _uiChm().
[

This rule is only valid for elements which are also solid in their standard state.
However, effective contributions can be used for elements that are not solid in
the standard state and adjustments can be made to the entropies of the solid light
elements to improve the accuracy of the estimated values. Sturt&&Hit ()
pp.557-558] reported the following effective atomic contributions (in units of
JK~L.mol1) for the light elements: C, 7.53; H, 9.62; B, 11.3; Si, 15.9; O, 16.7;
F, 20.9; P, 22.6; S, 22.6; and 25.9 for the heavier atoms.

Kubaschewski, Alcock and Spenc8BKUB/ALC] reported a technique sim-
ilar to that of Latimer’'s method for standard entropiek §ection4.2.1, p.68) to
estimate heat capacities of solids at 298.15 K by adding the contributions from
the cationic and anionic groups present in a solid phase. Cationic and anionic
contributions are listed iBKUB/ALC, their Tables I1X and X]. Coefficients for
temperature functions of the type

Com(T) = a+bT— cT 2

may be estimated by their approach if the melting temperature of the solid phase
is known P3KUB/ALC, their Egs. (117) and (118)].

Parameter estimates for the same type of heat capacity function for oxide min-
erals were made by Helgesenhal. [78HEL/DEL, Egs. (78), (80) and (85)] using
the sum of the heat capacities for the constituent oxides.

For estimations on chalcogenides, the discussion given by Mills should be
consulted T4MIL, Section 2.3.3]. For a discussion of the chalcogenides of rare
earths and actinides, see R@4MIL, Section 3.3.2.a].

4.1.2 Heat capacity estimations for aqueous species

For standard partial molar heat capacities of aqueous ions the estimation methods
are mainly of two types:

o Correlations betwee@; ,(To) and standard partial molar ionic entropies
at 298.15 K. The method of Criss and Cobl84CRI/COB2 64CRI/COH
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will be described because of its historical interest. The equations of
Helgeson and co-workers8IHEL/KIR, 88SHO/HEL 97SHO/SAS
97SVE/SHQ are modern correlations of this kind.

e Electrostatic models of ion hydration. These type€pf, (T) estimations
are described as alternative temperature functions for the heat capacity (Sec-
tion 2.4).

The first type of estimation methods (correlations betw@gg (To) and ionic
entropies at 298.15 K) are limited to a few ion types, which do not yet include
metal ligand complexes, and which sometimes exclude neutral aqueous species.
Therefore these methods are not always useful unless further assumptions are
made. For example, Baes and Mesn8BAE/MES assigned partial molar heat
capacities for a mononuclear hydrolysis product equal to that of another metal
cation having the same ionic radius as that of the unhydrolysed cation of interest,
and having the same charge as the hydrolysis product of interest. Another approx-
imation for metal-ligand complexes, which was used by Lemire and Tremaine
[BOLEM/TREH], is to use the correlation parameters for simple cations and anions.

4.1.2.1 Criss and Cobble’s method

The method developed by Criss and Cobl8d@RI/COB2 64CRI/COR is of
interest because it was widely used during the 1970s and there are many public-
ations which have used it. It has however several associated problems which are
discussed below, and nowadays it has been largely superseded by the correlation
equations of Helgeson and co-workers described in Sedtib2.3

Criss and Cobbleg4CRI/COB2 64CRI/COB observed that by assigning a
specific value to the standard partial molar ionic entropy tfdtl each temperat-
ure, for simple ions a linear correspondence could be obtained between the stand-
ard partial molar ionic entropies at 298.15 K and at other temperatures,

S, T) = a(T) + b(T)S;3i, To), (57)

where a(T) and b(T) are temperature dependent parameters which differ
for different ion types i(e., for simple cations, simple anions, oxyanions,
and acid oxyanions), an&:;2°i, T) are “absolute” partial molar entropies
(referred to a specific value f&;2°YH*, ag T)). At 298.15 K the optimum
value of S32°SH*, aq Tp) was found to be equal to-20.9 JK~1.mol~t
[64CRI/COB2 64CRI/COB, and therefore the relationship between “absolute”
and conventional entropies at 298.15 K is

S0, To) = S0, To) — 2 S;2°YHT, ag To),
S:3%i, To) + 2097, (58)
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wherez; is the charge of the ion

A related type of correlation was given by Couture and Laidler several years
earlier B7COU/LAI], in which S;,(To) was related to the mass of the ion and a
term in the inverse of the ionic radius (of the same basic form as the Born solvation
term). In that studyg;;2°H*, ag, To) = —23.0 JK~.mol~1, which is similar to
Criss and Cobble’s valu&fCRI/COB2 64CRI/COB.

Criss and CobblegG4CRI/COB2 found that one set c&(T) andb(T) was
appropriate for simple cations, another for simple anions, a third set for oxyan-
ions and a fourth for their oxyacids. They tabulated valuea(df), b(T) and
S;3SHT, aq T) at 298.15, 333.15, 373.15 and 423.15 K.

The practical importance of E(pT) is that ionic partial molar heat capacities
can be estimated from the ionic partial molar entropies of these ions averaged
between two temperatures. Criss and CobBWCRI/COR calculated €f. our

Eq. )

S0, T) — S32°%0, To)
In(T/To)

CRESIN( : (59)

in which case the “constamt;C; " equations, Eqgs.20) and 1), may be used
to calculate equilibrium constants at higher temperatures. By substitutinggg. (
into Eq. 69), Criss and Cobble obtained average “absolute” heat capacities:

a(T) — (1 —b(T)) 2, To)

CO,ab T o
s o) In(T/To) (60)
= (M) +AMS;H. To).
where
Comli.T) = Cul.T)+zCHRIH"  ag T) (61)
with

ComIH* aq T = 1171 JK “mol ™.

Two extra digits were retained from the conversion of 28 &t - mol~? to this
value.

An alternative procedure is to estimate values for conventional standard partial
molar ionic entropies at higher temperatures (E58). &nd 68)), and to do a least-
squares fit on these values to the constant heat capacity equation:

S§00.T) = Sy To) + Cp 7, () IN(T/To).

This method was used for example by Lemire and Trem&aeEM/TRE.
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Similarly to Eq. 67), Criss and Cobble found a linear correlation between
“absolute” standard partial molar ionic heat capacities and “absolute” standard
partial molar ionic entropies at 298.15 K,

CHivi.To) = A+ BN To
A+ B(§,(i, To) — 20.9z),

and, using Eq.q1),
Com@.To) = A+BSi,To) —z(209B +117.1). (62)

The last equation relates conventional standard partial molar ionic heat capacities
to conventional standard partial molar ionic entropies and to the electrical charge
of aqueous ionic species. Criss and Cobbl&JRI/COBR give the A andB para-
meters listed in our Tabl&0.

Table 10: Heat capacity parameters for E&p)( Units of A are JK~1.mol~1,
whereasB is unitless.

Species A B
Cations 1741 | —0.523
Anions including OH | —2364 | 0.17¢
Oxyanions —607 2.20
Acid oxyanions —569 3.07

For temperatures above 373 K, Criss and CobB®CRI/COH noted that
a(T) andb(T) in Egs. 67) and @0) could each be assumed to be linear functions
of the temperaturé

a(T) = ag+bT
b(T) = ax+boT.

However, these equations imply that the standard partial molar ionic heat capa-
cities are also approximately linear functions of the temperatufie &t 500 K
[64CRI/COB 70LEW, 78TAY] which is in direct disagreement with experimental
evidence which shows that they go through a maximum as a function of temper-
ature and decrease asymptotically towards at the critical point of water (see

TTremaineet al. [77TRE/MAS note that the value cd(T) at 573 K for simple anions including
OH~ should be-47.2 cal- mol~1. K~1 instead of the value 6£49.2 cal- mol~1.- K1 givenin
[64CRI/COB which is presumably a misprint.
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for example Figure 4 in Ref8RPAT/SLQ). For this reason tha(T) andb(T)
parameters of Criss and Cobble are not recommended for use above 423 K.

Note that Criss and Cobbl&4CRI/COB recommended these linear equa-
tions for 373 K< T < 473 Kand Taylor J8TAY] for T < 523 K.

Criss and Cobble’s equation, our E§2), has been criticised by Shock and
Helgeson 88SHO/HEL since it does not agree very well with some more recent
experimental data for # and some M, especially for aqueous ions whose
S,(To) are less than about125 JK~1.mol2,

4.1.2.2 Isocoulombic method

For neutral agueous species and metal complexes, the isocoulombic approach
(Section2.2.3 might be used to estimate a value for th@fr,,(i). For example,

for the estimation of the heat capacity for AmQIQhe isoelectric reaction
Am3" + HCO; <= AmCOj +HT
can be combined with the reactions
AmMOH)} +2HT = Am*" +2H,0()
and
H,O() = H™ +OH™
to yield the isocoulombic reaction,
AmM(OH)} + HCO; = AmMCOJ + OH™ + HO(l).
If the assumption is made thAtrC;;,m = 0 for this last reaction, then,

0 = Cjn(AmCOY, ag To) + C; ,(OH™, ag To) + Cp ;y(H20, I, To)
— Cpm(HCO3, aq To) — Cp n(AM(OH)3, ag, To).

As the heat capacities of (), OH™ and HCQ have been determined experi-
mentally, and as the heat capacity for the hydrolysis product, Am{Oéﬁn be
estimated with Criss and Cobble’s method, our B&) (using the parameters for
cations and an estimated entropy for Am(Qi)the heat capacity for AmCD

can then be estimated directly without a need to estimate its ionic entropy or to
make further assumptions.
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4.1.2.3 Other correlation methods

There are not many alternatives to E§2), which was derived from equations
proposed by Criss and CobbR4CRI/COB. Helgeson and co-workers presented
correlations for similar ions with equal charg#, [81HEL/KIR, Eq. (282)] and
[88SHO/HEL, Eq. (91)],

Com(i.To) = a+bSy(. To). (63)

where the parametera and b are tabulated by Shock and Helgeson
[BBSHO/HEL. These values should only be used with the sa®éi, To)
used by Shock and Helgeson to derive them.

It seems rather strange to us that the parameters of Shock and Helgeson
[88SHO/HEL for the light and heavy tripositive rare earth ions should differ
so greatly. These large differences may be a computational artifact because
Cg,m(To) was poorly determined at that time for those*Mions. We note
that Shock and Helgeson8§SHO/HEL derived values for the standard
partial molar ionic heat capacities for the aqueous tripositive rare earth ions
in the range—1326 to —1996 JK~1.mol~!, with values for the light rare
earths generally being more negative than those for the heavy. However, a
reanalysis by Rard9PRAR] of all the available heat capacities for aqueous
rare earth chlorides and perchlorates gave values for the ionic heat capacities
Cpm(To) that ranged from—50 to —110 JK~'.mol~* for the lighter rare
earth ions and from-40 to —72 JK~1.mol~* for the heavier rare earths. In
addition, Xiao and Tremaine96XIA/TRE] reported experimental values of
Com(To) = —(101 + 2) JK~tmol™* for La3t and —74 JK~L.mol~1 for
Gd*t, which differ significantly from Shock and Helgeson’s values-df56 and
—150 JK~1.mol~1, respectively. Differences at some other temperatures are
even larger. Thus the values 6f ,(To) reported by Shock and Helgeson are

probably too negative by about 50 to 10&J1-mol~! or more. Consequently,
Eq. 63) should not be used for & ions*
Modified equations of this type were proposed by Khodakovs<HO],

Com.To) = a—diz|—5S,a.To)
and

. al-Ty dT-To)_
S0 T = = - ——al

+[1+ 0.00224T — T)1S,,(, To).

*Note added in press: Recently Shatlal. [97SHO/SA$ have re-evaluated the parameters for
Eq. 63) excluding rare earth cations.
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for conventional standard state properties. He found that one set of coefficients
worked well for cations, a different set worked well for non-oxygenated anions
(mainly halides) and unionised dissolved gases (Ar, K, &, Hy, H2S), and

a third set worked well for oxyacids and their oxyanions. These equations have
the advantage of working for some dissolved gases also. Khodakovskiy’s recom-
mended values od andd for each of these three cases are given in Talle

Table 11: Parameters for Khodakovskiy's equati@d@{HQO]. Units of a andd
are JK~1.mol=1.

Cases a d
Cations 212.5| 124.7
Non-oxygenated anions
and dissolved gases 212.5| 311.3
Oxyacids and oxyanions334.7 | 311.3

Unfortunately, these various correlations do not yet include inorganic com-
plexes and, therefore, extra assumptions are needed to use them for reactions that
involve metal complexes. Some preliminary work in this area was done by Cobble
[53COB3J for halide, cyanide, and a few other complexes by using “hydration
corrected” entropies.

Another method proposed is a heat capacity correlation among redox couples
[85JAC/HEL:

CC;:}) m, oxdl(T) p m, redl(T) . Cc[:)) m, ode(T) - Ccp)),m,redZ(T)

Zoxd1l — Zredl Zoxd2 — Zred2

If the heat capacity temperature functions for a redox couple are known (say
Fe?t/Fe*t) and C;,, (T) for a member of another couple is known, then this
method allows the estimation of the unknown temperature variation for the heat
capacity of the other member of the second redox couple. However, the reliability
of this estimation method has been tested for only a few aqueous systems.

4.1.3 Heat capacity estimation methods for reactions in aqueous solutions

The Ryzhenko-Bryzgalin model, which is described in SecZidn3 may be used
to estimateA,Cp , , cf. EQ. @9), and for “isocoulombic” reactionsyCp ,, may
be estimated to be equal to zero, as discussed in Se&idr#and4.1.2.2
Smithet al [B6SMI/POR have proposed a set of average value\g€; ,
that may be used for the estimation of this quantity for proton dissociation reac-
tions of acid oxyanions.
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Sverjensky 87SVH has proposed correlations between € , for metal
complexation reactions with halide and hydroxide ions and the valﬁ‘g Qf for
the metal catiori.

4.2 Entropy estimation methods
4.2.1 Entropy estimation methods for solid phases

For ionic compounds Latimer's metho8ZLAT] involves estimating entropies
by adding empirically estimated ionic contributions. Based on later experimental
data, Naumovet al. [71INAU/RYZ, Tables I-2 and I-3] prepared a revised table of
parameters to be used with Latimer’'s method.

Langmuir [78LAN] described improved parameters for estimating entropy
values for solid compounds containing the i)‘()noiety. In his procedure, the
contributions of U@“L to the entropy of/-UQO3, 8-UO>(OH), and schoepite were

used to estimate the contribution of GOto the entropies of other uranium com-
pounds.

Although Latimer p2LAT] and Naumovet al. [7ANAU/RYZ] suggested a
value of 393 JK~1.mol~1 for the entropy of each water of hydration in a crystal-
line solid hydrate, Langmui7BLAN] considered the value of 44 JK~1.mol~1
the value for the entropy of ice | from the compilation of Robie and Waldbaum
[68ROB/WAL], to be more appropriate.

lonic contributions to the entropy also have slightly different values for the
different sources of parameters for Latimer's method. Thus, the entropies in the
literature, calculated by Latimer’'s method, may vary significantly, depending on
the exact set of parameters used in the estimation. T&pe=sents the parameter
values selected for the NEA's uranium revie®2(GRE/FUGQG.

Also, for some compounds, especially binary solids, better entropy values
may be estimated by comparison with values for closely related solids than by
Latimer’s method. For chalcogenides the reader is referred to the discussion given
by Mills [74MIL, Section 2.4.2].

Helgeson and co-worker§@HEL/DEL] gave entropy estimation techniques
for oxide minerals using the sum of the entropies for the constituent oxides
[78HEL/DEL, their Eqgs. (62) and (75)].

For some elements and ions, including most of the rare earths and actinides,
the metals and ions have magnetic contributions to their entropies that depend
mainly on their ground state electronic configurations. Hg, values range

*Note added in press: Recently Sverjensky, Shock and Helg83&VE/SHQ have proposed
correlations forAng’m for complex formation reactions between divalent cations and mono-
valent ligands.
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Table 12: Contributions to entropies of solidsKJ-mol~1), mainly from

Refs. [[ANAU/RYZ] and 92GRE/FUQG. The values in parentheses were not dir-
ectly based on experimental values, but were estimated by Naumov, Ryzhenko
and Khodakovsky{1NAU/RYZ].

Anion Average cation charge
+1 42 +3  +4
OH~ 305 192 175 (192
0%~ 84 25 21 13
F- 230 176 161 201
Cl- 439 326 293 331
Br- 561 452 418 498
I- 632 544 552 510
105 1046 (92
CO%™ 649 494
NO; 908 732
S 833 623 502 (46)®@
(o7l 929 678 573 (50
PO;~ 795 628 573 (50)@
on 669 540 (500) (48®@

HPO, 879 724 669 (63

H20 447
Uost® 947
u© 66.9

@ Estimated by 92GRE/FUG.

® Treated as a dipositive ion for the purpose of select-
ing anion contributions.

(© For uranium compounds not containing'@3 ™.
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from 0.0 to 2356 JK—1.mol~1 for various rare earth and actinide idrigl2*,
M3+, and M at 298.15 K. Values for the total entrop,(To) vary by

39 JK~L.mol~! for RClz(cr) across the series, foroR3 by 49 JK~1.mol~1
(245 JK~Lmol! per rare earth ion), and for 3®® by 57 JK~L.mol~1
[77SPE/RAR 92RAR]. It is clear thatSj.4 is a significant fraction of the
total variation ofS;, (To) across the rare earth series, and it must be taken into
consideration for any accurate scheme for estime®pdo). At 298.15 K there

are three different structural types of R@@r) and three of ROs(cr) for the rare
earth series, so there are also structural factors that affect series trends.

For lanthanides and actinides and their cations, theod5f electrons are
shielded by their outer electrons from the electric fields of their neighbouring ions,
so their orbital angular momentum is not quenched and Russell-Saunders coup-
ling applies; thus thd quantum number remains a valid measure of total angular
momentum. If this is true, the degeneracies of the lanthanide and actinide cations
are not altered significantly by their ionic environments and thuslthetain ap-
proximately their free-ion values. Consequently, the magnetic (electronic) en-
tropies are then fully developed by room temperature and take the \&lygs-

RIn(2J + 1). For a few casese(g, St and E&) Shag also contains small
contributions from low-lying excited electronic levels that can become thermally
occupied at room temperature. Hinchey and CobbHIN/COB] noted that ex-
cited level term contributions add an extr8 @K ~1.mol~1to Sﬁmg(To) for St

and 93 JK~1.mol~! for EL*". Table13 contains a listing ofS;,, for various
M2+, M3, and M+,

The electronic levels contribute to the total heat capacities through the Schot-
tky heat capacity ternCsci(T), see Ref. 83WES. It is mathematically related
to the Einstein heat capacity function.

For most lanthanide and actinide ions, the maximunC#a(T) appears at
a temperature around 50 to 150 K, and this contributio@3g, (T) becomes
fairly small at temperatures near 298.15 K. For systems with low-lying excited
electronic levels that can become thermally occupied, this is no longer true. For
example Cscn(T) for EuChk(cr) is essentially zero up to about 60 K, it increases
to slightly greater tharR up to 200 K, and then it very slowly decreases at
higher temperature8BWES. Hinchey and Cobble70HIN/COB] noted that
Csch(To) = 1.7 3IK~L.mol~! for S+ and 87 JK~1.mol~! for EL®*. Schottky
contributions to the heat capacities are still significanig@tor some rare earth
sesquioxidesg3WES.

Westrum B3AWES has shown that for a particular type of solid containing a

T4M”, “R” and “AN” are used as general abbreviations for metal, rare earth (lanthanum and the
lanthanides), and actinide respectively.
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Table 13: Magnetic (electronic) contributions to entropies at 298.15 K.

4for 5 Ground Shag® lons
configu- stat® (JK~1mol™?)
ration
fO 15, 0.0 Ladt, CeHt, Tht, Pat, USH(UO3™), Act
ft Fs)0 14.90 Cé+, Tht, Pd+, USH, Npb+, PU*
f2 3H, 18.27 PR+, UM, Np°t, PP, P&+
f3 49/ 19.14 N+, Ust, Np*t, Pt
f4 514 18.27 Prit, Np*t, PUt
> ®Hs,, 14.90 PG, Am*t
> ®Hs,, 15.2 St
f6 Fo 0.00 Sntt, Am3t, Cnf+
f6 =N 9.3 Evt
f7 87/ 17.29 Edt, G, Tb*, Am?t, Cndt, Bk
f8 Fg 21.33 Tb*, Bk3+, Cf*+
f ®Hys)2 23.05 Dy*t, Cf*+
f10 Sg 2356 Dy?t, Ho*, Es*t
f1l1 4152 23.05 ERT, ESt, Fnet
f12 3Hg 21.33 Tret, Fet
f13 P2 17.29 Tt Yb3+, Md2+
f14 15, 0.00 YA, Ludt, No?t
- s, 0.00 Y3+

@ Term symbols were taken from Ref§QHIN/COB2 70HIN/COB, 86EDE/GOF.
® The S, Were calculated fron§,, = RIN2J + 1). Values forS;,,, for SmP* and

Ewt contain contributions from thermally-populated higher electronic states. Similar
contributions may be present for some of the actinide ions.
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tripositive lanthanide ion (RG] R2O3, R(OH), R2Sg), values of the “lattice en-
tropy”, §,:(To) = S(To) — S,?nag, show a very smooth variation with the molar
volume for an isostructural series of compounds with the same anion. These molar
volumes can be calculated from crystallographic unit cell parameters. Note that
each series of RXor RxX3 (where “X” represents either a halogen, a chalco-
gen or an OH-group) undergoes one or more structural changes in going from
light to heavy rare earths except for a few cases like R@QH)e smooth vari-
ation of S,;(To) with the molar volume applies only for compounds of the same
stoichiometry with a common structure.

When §;,,4 is added to interpolated values §f;, the resultingS;, (To) are

generally highly accurate, frequently to withirtbQ}K ~1.mol~1 of experimental
values for the rare earth compounds. The uncertainties in estimated values may
be much greater for many actinide compounds, where available thermodynamic
data are much less complete.

4.2.2 Entropy estimation methods for aqueous species

Several methods are available to estimate entropies of aqueous species and en-
tropies of reaction at 298.15 K. These methods use correlations between ionic
entropies and a combination of crystallographic radii, molar volumes and mass,
electrical chargestc

For some aqueous ions, including most of the rare earths and actinides, there
are magnetic contributions to their entropies that depend mainly on the electronic
configuration of their ground statef( Sectiord.2.1, p.68).

Hinchey and Cobble 70HIN/COB calculated the ionic entropies of the
aqueous tripositive rare earth ions (lanthanides and yttrium) from available
thermodynamic data for hydrated rare earth chlorides. These data include
low-temperature heat capacities for the crystals, and enthalpies and Gibbs free
energies of solution. They found thig, — ;4] was a linear function of ~2
within the scatter of the then available values. Herie the crystal radius for
rare earth ions for a CNof 6, and &, is the magnetic contribution described
in Section4.2.1and listed in Tablel3. However, they had to estimate Gibbs
free energies of solution for seven of the hydrated salts and entropies for six of
them. In addition, some of the experimental enthalpies of solution later proved
to be inaccurate. Spedding, Rard and Habenschi&SHE/RAR recalculated
these ionic entropies and included more complete and accurate data that were
published after Hinchey and Cobble’s report. Spedding, Rard and Habenschuss
[77SPE/RAR found that[S;,(To) — Sia¢l actually had a tiltedS shape as a

TCN is used as an abbreviation for “coordination number”.
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function ofr —2, and thisS shape correlated fairly well with the overall hydration
of the rare earth ions.

Powell and Latimer§1POWY/LAT] found that &, — %Rln M) was a linear
function ofr —2 for aqueous ions of various stoichiometries, whereas Couture and
Laidler [57COU/LAVI] found that §;2°YTo) — %Rln M) was a linear function of
z%/(Nragj for oxyanions, wheréM is the mass of the oxyanion under consid-
eration, N the number of coordinated oxygen atoms present in this anion, and
radj the covalent radius of the central atom plus the van der Waals radius of an
oxygen. Hereﬁ?,;abS(To) = (§,(To) + 23.0|z|) changed the conventional scale to
an “absolute” scale by using ZB}K ~1.mol~1 for the “absolute entropy” of H.
Related equations are those of Cobl®8COB 53COB3J and (without the mass
term) Cobble $3COB3, Powell [54POW, Helgesonet al. [69HEL, Eq. (26)],
[88SHO/HEL, Eg. (55)], BIHEL/KIR, Eq. (283)], BSJAC/HEL, Egs. (22) and
(25)], and also Ruaya8BRUA, Eg. (6)], Sassani and Shoc8JSAS/SHQ, and
Shocket al. [97SHO/SAS.

The importance of Powell and LatimerssJ]POW/LAT] and Couture
and Laidler's p7COU/LAI] work is that they showed that entropies of very
different types of ions could be correlated using ionic mass, charge type, and
simple structural features. Th%RIn M term is derived from the statistical
thermodynamic calculation of the absolute entropy of a gas phase ion. An
entropy of an aqueous ion can be considered as the sum of its gas phase entropy
and the entropy of hydration of that ion by liquid water. The entropy of hydration
should mainly depend on the sign and charge of the ion and the ionic radius. The
presence of th§ RIn M is then justified by assuming this is a gas phase feature
that is not lost when the ion becomes hydrated in aqueous solutions.

The same type of mass dependence was included by Ce6idi§v2, 86DAV]
in his comprehensive analysis of ionic entropies of the aqueous tripositive lanthan-
ide and actinide ions. DavipDAV2, his Fig. (10)] found that the adjusted en-

tropy,
Sej(To) = Si(To) — Shag— SRInM

was a simple and symmetrical function of the &\B tripositive rare earth crystal
radii. This curve was-shaped, in agreement with the findings of Spedding, Rard
and Habenschus3§TSPE/RAR, and that shape was understandable in terms of
changes of total hydration of the rare earth ions as a function of the ionic radius.
David also noted that the hydrated radii of actinide ions®ANvere essentially
proportional to those for rare earth$'R and thus the curve for rare earths can
be used to estimatg;(To) for AN3t with a fairly high degree of confidence.

An experimental value oﬁgdj(To) is available only for P&I- among the actinides;
although it falls slightly off the curve based upon values for the f&f Rt does
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agree with its interpolated position on t@dj(To) curve for AN** within its un-

certainty limits. These estimated vaIuesSjgj(To) for AN3+ were then used by
David for calculation of his5;,(To) values.

David [86DAV2, 86DAV] also estimated;,(To) values for all possible &,
ANZt R*" and AN*t. The dipositive ion values were basedip;(To) for cat

and S+ with CN = 6, and those for the tetrapositive ions were based drf Ce
and TH+ with CN = 8. Since there are insufficient data to establish series trends
as a function of ionic radii in these cases, David’s estimated entropies have much
greater uncertainties than for the tripositive'Rand AN ions.

Powell and Latimer$1POWY/LAT] found that the entropies of a variety of
non-electrolytes in aqueous solution could be represented by the equation

S\(To) = 3RINM + S, +418 — 0.92Vp,

whereVy, is the molar volume of the non-electrolyte in €amol~1 for its pure

liquid state, andg); is the “internal” contribution to the entropy as calculated for
an ideal gas using statistical thermodynamic methods for rotational, vibrational,
and electronic contributions. In general, non-polar inorganic gases (inert gases,
halogens, @), a few polar gases (D, HF, NO, NO, COS), and some saturated
alkanes (CH, CoHg) were well represented by this equation, with deviations of
only 1 to 5 JK~1.mol~1. However, a number of other polar gases and liquids
(H2S, CO, SQ, CO,, NH3, CH30OH, GHs0H) and also M showed deviations

of 10 to 25 JK~1.mol~1. Cobble B3COBJ gave an extended version of this
equation which is valid for small and medium sized organic molecules, but it fails
for larger molecules. A more general and accurate correlation for non-electrolytes
is certainly needed.

An alternative to the Powell and Latimer equation has been proposed by
Laidler [56LAI], Egs. 64) and @5) below. The relative merits of this and
Powell and Latimer type of equations have been discussed by Scott and Hughus
[57SCO/HUG and Laidler p7LAI]. The following two empirical equations have
been proposed for the estimation of the partial molar entropy of ions in agqueous
solution

2

. 3 2
§%%0. To) = SRINM; +4268—4.853x 10 ° (64)
u,l1
and
. 3 .
Si%0.To) = SRINM; +1527 ~ 1.347x 10 15 (65)
eff,i

wherer is Pauling’s univalent radiu$pPAU, Table 13-3] converted from units of
A to metre, and ¢ is an effective ion radius. The “ordinary” and absolute entropy
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scales differ by thessignedvalues of the entropy of #H, which are—23.0 and
0.0 JK~1.mol~1, respectively. Hence these two entropies for ani iohchargez,
are related by the equation

S 3%, To) = S, To) — 2307 (66)

The equations above are able to describe the absolute ion entropies within 10
to 15 JK~L.mol~1. From the discussion given iB7SCO/HUG and [G7LAI] it
is clear that the theoretical foundations of both the Powell and Latimer and the
Laidler type of equations are rather weak. However they provide some guidelines
for entropy estimations.

For agueous complex ions of uranium, LangmuiBILAN, Figure 1] gave a
simple correlation betwee, (i, To) and the ionic charge; . The parameters for
this correlation were obtained by fitting data to a 4th degree polynomml(sée
also BOLAN/HER, Fig. 1] for Th(IV) complexes).

For halide and hydroxide complexes, Helgeson gave two equations that relate
the entropy of a complex with either crystallographic radii on§1{EL/KIR,
Eq. (283)] for neutral complexes, or effective electrostatic ra@BJHO/HEL,
Eq. (58)] for ionic species), or in combination with the stoichiometry of the
complex, see Ref8bJAC/HEL, Egs. (22) and (25)], and als8§RUA, Eg. (6)].

The following methods are available to estimate standard reaction entropies:

e For hydrolysis reactions, Baes and Mesmer gave correlations for the re-
action entropy for the first mononuclear hydrolysis prod84HAE/MES
their Eq. (11)], for the polynuclear products (their Eg. (20)), and for step-
wise mononuclear hydrolysis (their Eq. (23)).

e Entropies of dissociation for a group of aqueous metal complexes (halide,
etc) may be estimated with equations similar to that given by Helgeson for
charged and neutral metal chloride complexes, see B8HEL, Eq. (27)]
and Ref. BIHEL/KIR, Eq. (283)] for neutral complexes.

e Electrostatic models of complex formation were compared by Langmuir
[79LAN]. The simplest modelf9LAN, Eq. (4)] was used for making crude
estimations of the entropy of formation of sulphate and fluoride complexes,
cf. [79LAN, Figures 12 and 14].

e The Ryzhenko-Bryzgalin model as described in Sec2idn3(cf. Eq. @7)).

*Note added in press: Sverjensky, Shock and Helge8d8VYE/SHQ have recently proposed
correlations forAS;, for complex formation reactions involving monovalent ligands as well as

SO;” and CG.
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e Sverjensky 87SVH has proposed correlations between &, for metal
complexation reactions with halide ions and the valueSpffor the metal
cation and the ligand.

4.3 Examples

Criss and Cobble’s publication$4CRI/COB2 64CRI/COB appeared before
the heat capacity for €& and TH* had been determined experimentally, and
therefore these ions are suitable to do test calculations with EBsafd ©63).
For C&t, the standard partial molar entropy given by NBS,13 JK~1-mol!
[B2WAG/EVA], is used here:

Reference Cpm (Co?*, aq, 298.15 K)/
(JK~L.mol™t)

[78SPI/SIN (experimental) —25+(2 to 3)

Eq. 62) 121

Eq. 63 38

For TH, the NBS tables§2WAG/EVA] give an entropy 0f-4226 JK~1.molL.
For this example Eq.6Q) is not applicable since there are insufficient data for
M#*+ jons to determine values @f andb. The estimation with Eq.62) gives
an ionic heat capacity for T of —30 JK~1.mol~, as compared with the
experimental value of-(1 + 11) JK~1.mol~! [76MOR/MCQ.

These results give some indication on the accuracy expected from these kinds
of estimations.

A more practical example is to predict high-temperature equilibrium constants
for a reaction such as

UM + H0() = UOH3" +H™ . (67)

The entropy and heat capacity for water at 298.15 K are taken from CODATA
[89COX/WAG], and the corresponding values fofUfrom the NEA-TDB re-
view [92GRE/FUQG, while the values for Fi are zero by the hydrogen ion con-
vention. Therefore, only the standard partial molar entropy and heat capacity at
298.15 K for UOH will be estimated here.

Langmuir's equationf8LAN, p.554] gives an estimate ef218 JK~1.mol~1
for the standard partial molar ionic entropy of uranium species with an elec-
trical charge of+3. In contrast, Shock and Helgeson’s equation which ignores
magnetic contributions to the entrol3gSHO/HEL, Eq. (58)], using a ionic ra-
dius of Q97 x 1071%m for UOH* (equal to that of ¥t), gives an estimate of
—207 JK~1.mol~L.
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In order to use Eq. (10) in Ref.8LBAE/MEY, the U-O distance of
2.42 x 10719 m given in BIBAE/MES Table 2] may be used. The logarithm of
the equilibrium constant is also needed, and the recommended value in the NEA—-
TDB uranium report will be used, lggK7(67,29815K) = —(0.54 &+ 0.06)
[92GRE/FUG. This results in an entropy of reaction af128 JK—1.mol~2.
Finally, adding the entropy values for,8() and U™, the value of
—219 JK~1.mol~! is obtained for the estimate &,(UOH3*, ag 29815 K).

Thus, the estimated values for the standard partial molar entropy offtOH
are:

Reference/Method S,(UOH3*, aq To) /(JK~Ltmol™?)
[78LAN, p.554] —218
[81BAE/MES their Eq. (10)] ~219
[88SHO/HEL their Eq. (58)] —207

To estimate the standard partial molar heat capacity for 8/Owith Criss
and Cobble’s equation, our E62), the standard partial molar ionic entropy is
needed. The value 6f219 JK~1-mol~! will be used as a “selected estimation”.
The derived heat capacity is therB0 JK~1-mol~1. The change in heat capacity
of Reaction 67) is therefore estimated at57 JK~1.mol~1. This small calculated
heat capacity of reaction agrees with our discussion on isoelectric reaatfons (
Section2.2.3 p.16).

A comparison between experimental values for the equilibrium constant of
Reaction 67) [78NIK] and the calculated high-temperature values with 26) (
(i.e., constantA,Cg , ) is given in Figurel8.

The solubility reaction

Am(OH)3(cr) +3H" = Am3" 4+ 3H,0() (68)

is used as an example for an equilibrium involving a solid phase. As before, the
properties of water are taken from CODATBYCOX/WAG. For the entropy

of Am(OH)3(cr) the method of Latimer52LAT] will be used with the follow-

ing entropy contributions: ART: 71 JK~1.mol~! (estimated from%2LAT, Ap-
pendix Ill, Figure 7]); OH with +3 cation: 176 JK~1.mol~! [7INAU/RYZ,
Tablel-3]. The magnetic contribution &, is zero in this case. Thereforg,
(Am(OH)s, cr, To) = 71+ 3 x 17.6 = 124 JK~L.mol.

For the estimation of the heat capacity of Am(Q¢d)), the method described
in Chapter 3 of Ref.93KUB/ALC] will be used. The contribution to the heat
capacity for Antt is estimated as 29K~1.-mol~1 (from the trend between Th
and U of Table I1X in Ref. 93KUB/ALC]), and that of OH in a solid compound
is given as 3®6 JK~1-mol~! [93KUB/ALC, Table X]. The estimated value is
thereforeCy ,,(Am(OH)g, cr, To) = 122 JK~*.mol .
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Figure 18: Equilibrium constants from Nikolaeva8NIK] for Reaction 67),
Ut + HoO() = UOH3t + H*, compared with the calculated values using
the “constanta,Cg " equation, Eq. 20), with log;o K°(To) = —0.54 and the
estimated values (see text) ofiCp ,, = —57 JK~1-mol™! and A;S;,(To) =
+128 JK~1.mol~1.

3.0 |
2.5 [78NIK] O _

0 Eq. (20) —

log;oK® 15
1.0

0.5

0.0

—05

298.15 373.15 473.15 973.15
T/K
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The standard partial molar entropy of Am was estimated as
—(201+13) JK~1.mol~1 by Fuger and OettingBFUG/OET. Using this value,
the standard partial molar heat capacity estimated by Criss and Cobble’s equation,
our Eq. 62), is thenCy ,,(Am®*, aq Tp) = —39 JK~-mol~*. Shock and Hel-
geson’s equation, our E¢63) [BBSHO/HEL, with the correlation parameters for
the heavy rare earths would result@j ,(Am3", ag To) = —162 JK~1.mol~*
instead. However, this value has no experimental or theoretical basis and the
values ofC;;vm(R3+, ag Tp) for rare earth ions derived by Shock and Helgeson
[88SHO/HEL seem to be much too negativef(the comments orCy ,
estimation methods for aqueous speciep.66, Section4.1.2.3; consequently
the heat capacity obtained with the method of Criss and Cobble will be used here.
Therefore, for Reactior6@) the following values are estimated:

—115 JK1.mol1
65 JK1.mol 1.

AS, (To) = 3x69.95+ (—201) — 124
ACSn (T)) = 3x 7535+ (—39) — 122

5 Concluding remarks

Second-law extrapolation procedures must be used with caution in the absence
of experimental heat capacities. When fitting high-temperature equilibrium con-
stants, more than one equation should be tested (for example both the “constant
ArCy " equation, Eq. 20), and the Revised Helgeson-Kirkham-Flowers model,
Eq. 33)), and the resulting reaction properties obtained at 298.15 K with different
methods €.g, entropy and heat capacity) should be compared, as should their un-
certainties and the difference between the calculated and experimental equilibrium
constants at all temperatures.

When extrapolating equilibrium constants to higher temperatures from lower
temperature data, several methods should also be tested and the results compared
with each otherdf. Figures8 to 10). Comparison of the results from these al-
ternative methods will give a good estimate of the magnitude of the extrapolation
error. This uncertainty, which differs for different methods of extrapolation, gives
increased uncertainty to the thermodynamic reaction properties at higher temper-
atures compared to 298.15 K.

A similar attitude should be adopted with estimated thermodynamic properties
which are used to make temperature extrapolations. If possible, several estimation
methods should be compared. It is unfortunate that there are only a few estima-
tion methods ofC] . ; for aqueous species, all of which have a limited field of
application. This necessitates the use of less reliable methods like the DQUANT
equation, Eq.32), and the isocoulombic approadti.(Sectiord.1.2.3. The meas-
urement of aqueous solution heat capacities should be given a high priority.
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