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Chapter 1

Introduction

Lots of processes in chemical engineering require the precise knowledge of thermo-
dynamical properties of liquids. Typically, it may be crucial to anticipate the phase
diagram and the heat capacity of a solvent. When the latter is a mixture of several
molecules, it is also important to determine the activity coefficients of the various
components. This point, together with economical constraints, prompts industrials
to invest in research in chemical engineering. In that case, it may be useful to re-
sort to an organism that aims at building links between the academic research and
firms. This is for example the role of the AIF in Germany. More precisely, this
organism finances the development of the modelling of thermodynamical properties
of mixtures of electrolyte solutions.

The AiF is the German Federation of Industrial Research Associations ”Otto
von Guericke” (Arbeitsgemeinschaft industrieller Forschungsvereinigungen ”Otto
von Guericke” e.V.). The central concern of this registered non-profit association is
the promotion of applied Research and Development (R&D) for the benefit of small
and medium-sized enterprises (SME). Organized by industry, the AiF supports the
efficient usage and advancement of R&D-programmes in order to increase the com-
petitive strength of SMES. To this end, the AiF has created a unique infrastructure,
comprising an industry-based innovations network covering over 100 industrial re-
search associations, with approximately 50,000 SMES, and about 700 associated
research institutions. Within this structure, the AiF’s two offices in Cologne and
Berlin provide practice-driven innovation consultancy promoting R&D on a national
and, increasingly, an international scale. Since its foundation in 1954 the AiF has
been a competent partner to the federal government - currently the Federal Min-
istries of Economics and Labour (BMWA) and of Education and Research (BMBF)
- functioning as a bridge between industry and academy within the framework of
various R&D-programmes. The AiF acts as an agency for the promotion of R&D

for small and medium-sized enterprises in two ways: on the one hand, it lays the



foundations for industrial collective research for the benefit of entire industrial sec-
tors; and on the other hand, the AiF acts as a programme managing executive for
governmental R&D-support-measures for the benefit of individual companies and
Universities of Applied Sciences (Fachhochschulen). Overall, the AiF has an annual
budget of nearly 250 million Euros of public funds.

The investigation of thermodynamical properties of liquids is actually a difficult
task which has attracted much interest in the academic research for a long time.
The most simple modelling assumes that solution behaves like an ideal gas where
all interactions are neglected. This model is not able to account for the experimen-
tal behaviour of mixtures containing molecules of very different nature. Moreover,
in the case of electrolyte solutions, both the long-ranged electrostatic interactions
between ions and the short-ranged interactions with solvent molecules have a huge
influence on the properties of the whole fluid. The Debye-Hiickel model [1] that
treats ions as point charges allows one to describe the main features of structural
and dynamical properties of very dilute electrolyte solutions. This model, whose
main advantage is its simplicity, fails to describe ionic solutions at moderate and
high concentration that may be used for practical applications. The Mean Spherical
Approximation (MSA) [2] is used as a closure equation of the integral equations of
statistical mechanics. It permits to better account for the experimental behaviour
of such solutions. This model considers the solution in the framework of the con-
tinuous solvent model and regards ions as charged hard spheres. Moreover, it has
the huge advantage to be anallytically solvable. Very recently, Papaiconomou et al.
[3] have introduced MSA calculations in the Chen model [4]. The latter describes
long-ranged electrostatic interactions by the Pitzer-Debye-Hiickel equation and the
short-ranged interactions in the framework of the (Nonrandom Two-Liquid) model.
The aim of the PhD thesis of Papaiconomou, that was financed by AIF as is the
present work, was to replace the Pitzer-Debye-Hiickel equation [5] by the MSA and
to better adapt the NRTL model to the case of electrolyte solutions. He obtained
interesting results. However the model did not account for the solvation of ions.

In this context, the aim of the present thesis is to better model these short-ranged
effects and also to implement the calculation of some specific thermodynamical quan-
tities like the heat capacities and the heats of dilution. Latter calculations required
to take into account the effect of the variation of temperature.

This manuscript is organized as follows. The first chapters (I to III) recall some
general thermodynamical notions that are required to develop our model. More-
over, the various models for mixtures commonly used in chemical engineering are
presented. Chapter IV is devoted to the model that we have developped to take into

account solvation effects and possible association between ions of opposite charges



in solutions. Next, in chapter V we study temperature effects on properties such as
heat molal enthalpies and heat capacities. Then, the sixth chapter is devoted to the

presentation of the stepwise solvation-equilibrium model.
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Chapter 2

Thermodynamic properties of

ionic solutions

2.1 Basic thermodynamics

2.1.1 Intensive and extensive variables:

Extensive variables depend on the size of the system, i.e. of the quantity of matter.
Intensive variables do not depend on the size of the system. An intensive variable
is a zero degree homogeneous function of the quantity of matter. An extensive
variable is an homogeneous function of degree 1 of quantity of matter. By definition,

f(zq, ..., zx) is a homogeneous function of degree k of variables x, ..., zy if:
f(Axlw“a)‘xk) :)\kf(xlw“a‘rk) (21>

Euler theorem reads:

kf(@r, @ m) = > (g—i) (2.2)

For a system of N components, where N, is the number of particles i, one gets, for

X=>)"N (%) o (2.3)

7

X an extensive variable:

with < 0X

N the partial molar quantity.

>T7P,Nj7£i

2.1.2 The chemical potential

The function y; is an intensive quantity which depends on temperature T, pressure

P and mole fraction x; of the system.



The chemical potential reads:
wi = e + kT Ina; (2.4)

where a; is called the activity by Lewis designated by the symbol a. The activity of
a substance gives an indication of how active a substance is relative to its standard
state because it provides a measure of the difference between the substance’s chem-
ical potential at the state of interest and that at its standard state. It depends on
the composition. The standard state is indicated by a superscript ®. The activity
coefficient f; is defined from:

a; = fixi (2-5>
So that
pi = pp + kT fiz; (2.6)

On the molality scale (the molality m; is the number of moles of species i per
kilogram of solvent). The activity reads:

where ~; is equal to one and a; = m; for an ideal solution. ~; is dimensionless.

2.1.3 The Gibbs-Duhem relation

The Gibbs free enthalpy G is extensive:
G(T, P,\N;) = A\G(T, P, N;) (2.8)

(G is a homogeneous function of degree one of the N;’s, so that
oG
=T (5 =T .
Then, we have

Hence
VdP — SdT =) " Nidp,; (2.11)

This equation is the so-called Gibbs-Duhem (GD) relation which expresses the
extensivity of G. A model for pu; is self consistent if this necessary condition is
satisfied. We will use this relation to check the validity of our models during this

work. The GD relation is always satisfied if G has the form:
G =G(T,P,N;) = NyuwGN(T, P, x1, ..., Ty) (2.12)

8



where Gn(T, P, 1, ..., x,) is the mean Gibbs energy per particule, with
z; = Ni/Niot (2.13)

and
Ntot:N1+N2+-'-+Nn (214)

We have by definition of the chemical potential:

oG OGN
i = aNZ = GN + Ntot (a—M) (215)
This yields
8GN 8GN 0x2 8GN 8xj
= 2.1
OGN Nyt — N; 0G N N;
= — 2.1
Ox; Nis " — Oz ( Nt20t) (2.17)
J#i
Hence 56 50
3% Y 3xj
JFi
OGN OGN
i = 1—z;)—— — — 2.1
= G (1= ) Zw o, (2.19)
B OGN OGN
=GN + P, ij o, (2.20)
The GD relation
> Nidp; = VdP — SdT (2.21)
is automatically satisfied if G = ). N;u;, which can be verified:
OGN OGN
B OGN OGN
=Y NG +ZN-8G—N—ZNiZijaGN (2.24)
z N ; ! 03&1 : Ntot 33:2 ’
OGN OGN
zi: Gy + Z B ZN o (2.25)
=Y NGy = NiuGy (2.26)



2.1.4 Relation between activity coefficients on different

scales

In this work, we have used the mole fraction scale to express the composition because
this scale was adopted to the thermodynamical models such as NRTL. The relation

between activity coefficients on the molal and the mole fraction scales are:
wi = p(z) + RT Ina;(z) (2.27)

wi = p$(m) + RT Ina;(m) (2.28)

where ;2 (x) and p$(m) are, respectively, the standard chemical potential of species
1, where 7 is the solvent or the solute, on mole fraction and molal scales. Similarly,
a;(x) and a;(m) are the activities, respectively on the mole fraction scale and on the

molal scale:
a;(z) = (zfs)" (2.29)
a;(m) = (mvyx)” (2.30)

where m is the molality, fi and ~. are, respectively, the mean rational activity

coefficient and the mean molal activity coefficient. Then one gets:
® ®
pi (@) — pi” (m) Ts
1 =L d In— +1 2.31
O VR g, T (2:31)
With z, is the mole fraction of the salt, v is the total number of moles of ions

given by one mole of electrolyte. With the standard state conditions z; and m tend

towards zero, v+ and fi towards one. Thus:

& ®
i () — g’ (m) 1
i AL N 2.32
VRT S 1/M, + vm (232)
® (24
() — g (m)
lim 2 i g 2.33
250 URT (2.33)
Hence f
+
I 2.34
Ry, (2.34)

where M, is the molar mass of water.
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Chapter 3

Common models used in chemical
engineering for the
thermodynamics of electrolytes in

solvent mixtures

The aim of the following chapter is not to make an exhaustive review of thermody-
namics but to summarise the main concepts and models used in chemical engineering
thermodynamics for electrolyte solutions. We follow the book written by Prausnitz,
Lichtenthaler and de Azevedo [1].

3.1 Models and theories of solutions

Most solutions are not ideal because of the interactions between the particles.
Raoult’s law P; = Px; where P; is the partial pressure, and z; the mole fraction
of i, is applicable when the components of the mixture become undistinguishable
and it fails to represent the behavior of real solutions at high concentration. That
is due to differences in molecular size, shape, and intermolecular forces of the com-
ponents. However, Raoult’s law may be regarded as a reference law in the study of

real solutions.

3.1.1 Random mixture or not random mixture

A very important assumption is the following: when the molecules of two compo-
nents are mixed, the arrangement of molecules is completely random, i.e. there is
no preference in the choice of its neighbours. This assumption was made by Van

Laar, Scatchard and Hildebrand [2]. In these conditions, when we have a mixture
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of two liquids, there is no volume change (v = 0) and entropy of mixing (s¥ = 0)
corresponds to an ideal solution.

But generally the mixture is not completely random contrary to an ideal solution.
In order to make a model which takes into account the fact that the solution is non-
random, Guggenheim [3] constructed a lattice theory for molecules of equal size
that form mixtures which are not necessarily random. No specific interaction like H
bound and solvation is taken into account. There are three assumptions: consider
that every N4 molecules of type A and every Ng molecules of type B has z nearest
neighbours, (z is the coordination number). Suppose each molecule has z nearest
neighbors.

For pure A

1
UAZ §NAZIUAA (31)

with Uy, is the potential energy of A, N, the number of molecules of type A, wau

the mean interaction potentiel between A molecules. Similarly for B

1
UB == §NBZU}BB (32)
with Up is the potential energy of B, N the number of molecules of type B, wgg
the mean interaction potentiel between B molecules. And if we have a mixture of

N4 molecules of type A and Ng molecules of type B

U= Ngawaas + Nppwpp + Napwap (3.3)

with
Z2Ng4 = Nagp+2Nyqy (34)
zNp = Nag + 2Npgp (35)

where U is the total potentiel energy of the lattice. Thus

N4s— N Ny — N
U=was (wa) o (ZB#) - Napwan (3.6)
1 1 1 1
U= §ZNAUJAA + QZNB'LUBB + Nap | wap — JWaa — SWBB (3.7)
Hence
AUmixt = NABw (38)

where w = wap— %wAA— %wBB is the interchange energy. Eq. 3.7 gives the potential
energy of a binary mixture and also that of a pure liquid: N4p and either N4 or
Npg are set equal zero. If w = 0 one speaks of the random mixtures and if w # 0

the mixtures are not random.

12



3.1.2 The Two-Liquid Theory

Several workers have derived thermodyanmic models to describe the excess proper-
ties of mixtures. Wilson and Abrams(1975) [4, 5] have developed, respectively, Wil-
son’s equation and UNIQUAC. Both are based on the Two-Liquid Theory. Renon
(1969) [6], used the derivation of the three parameters Wilson’s equation. Maurer [7]
adopted the local compositions related to overall compositions through Boltzmann
factors. The notion of local composition results from The Two-Liquid Theory. We
briefly expose in this paragraph the Two-Liquid Theory.

We consider a binary mixture of molecules of components 1 and 2, where
molecules 1 and 2 have arbitrary size and shape. Each molecule is closely sur-
rounded by other molecules of 1 and 2. We have two types of cells: one contains
molecule 1 at its center and the other contains molecule 2 at its center. Suppose
M® is an extensive property M of a fluid consisting only of cells of 1; in the same
way, M® for a fluid of cells of 2. The Two-Liquid Theory assumes that the extensive

property M,,;»: of the mixture reads:
Mopige = 21 MY 2, M@ (3.9)

If we take the molar excess energy u” as the extensive property, one has [4]:

UE = xlqlé’glAqu + x2q2912Au12 (310)
with A
2] u21
Oy = — exp (= A) (3.11)
‘91 + 62 exp ( u21)
0 Au12
L A) (3.12)
‘92 + 61 exp ( u12)
and with
b = — (3.13)
141 + T2q2
Oy = — 22 (3.14)
T1q1 + T2q2
where )
Au21 == §Z (Ugl - U11) NAv (315)
1
Au12 = 52 (U12 — U22) NAv (316)

with 6 is the surface fraction, U;; is the potentiel energy of two nearest neighbors i
and j, q is the external surface area, Ny, is the Avogadro number, and x the mole
fraction. Eq.(3.10) is the fundamental relation based on two-fluid theory using the

notion of local composition.
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Wilson’s equation

The Wilson’s equation gives not only an expression for the activity coefficients as a
function of composition but also the variation of the activity coefficient with tem-
perature. It provides a good representation of excess Gibbs energies g for miscible
mixtures, such as solutions of polar and associating components (alcohols) in non-
polar solvents. Orye showed [8] that Wilson’s equation is adapted to describe very
well the activity coefficients of 100 binary mixtures. For a solution of m components,

Wilson’s equation is:

7= (o)
= x; In 7\ (3.17)
RT 22: zj: Vi

where \ \
Uj ij T i
Vs Moo — N
A= _ 2 79I 1
= oy (-2 (3.19)

with )\;; is the energy of interaction between the molecules i and j. The activity

coefficient for a component k is given by:

Tl
Invy, =—1In il | +1— = 3.20
R e

Therefore for a binary system, if we use indices 1 and 2, respectively, for the solvent
and for the solute:

gE

ﬁ = —I In (ZL’l + A12$2) — X9 In (Ig + Agll'l) (321)

and the activity coefficients derived from this equation are:

Aqo Aoy
| =—1 A — 3.22
imn t (1’1 + 12!E2) + 2 (xl + A12£L‘2 Agll'l + o ( )
Aqo Aoy
| =—1 + A + — 3.23
s n (2, 21) + 1 ($1 + Apxs Agzy + 29 ( )

In Eq. 3.21 the excess Gibbs energy is defined by reference to an ideal solution in
the sense of Raoult’s law. This excess Gibbs energy obeys the boundary condition

that ¢¥ equals zero as either z; or x5 is zero. Wilson’s equation has two adjustable

parameters
V2 A2 — A1g
A== - 3.24
2= 5, P ( RT ) (3:24)
(%1 Aot — Ao
Aoy = — e 2
2=, P ( RT ) (3.25)
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where v; is the molar liquid volume of pure component 7 and the );; is interaction
energy between molecules i and j.

However, Wilson’s equation has two disadvantages: first, Eqs (3.22-3.23) are not
useful because they exhibit maxima or minima. Second, Wilson’s equation is not
able to predict limited miscibility. The liquid systems must be completely miscible

or partially miscible with one liquid phase present.

The UNIQUAC equation

Abrams(1975) and Maurer(1978) attempted to derive a two parameters equation
for g¥ that retains the advantage of the Wilson’s equation without restriction to
completely miscible mixture. Abrams derived an equation that extends the qua-
sichemical theory of Guggenheim for nonrandom mixtures to solutions containing
molecules of different sizes. UNIQUAC (the Universal Quasi-Chemical theory) for
g consists of two parts: on the one hand, a combinatorial part which describes the
entropic contribution, and on the other hand a residual part which accounts for the
intermolecular forces that are responsable for the enthalpy of mixing. The combi-
natorial part depends on the composition, the size and the shape of the molecules.

The residual part depends on intermolecular forces.

E E B
9 _ (9" (9 (3.26)
RT RT combinatorial RT residual

For a solution of m components, the UNIQUAC equation for the molar excess Gibbs

energy is the sum of two terms. The combinatorial part is
E *
g } : o7z Z 0;
the residual part is:
E
g ’ ’

where @7, 0 and 6" are, respectively, the segment fraction and the areas fractions:

P = % (3.29)
0; = % (3.30)
0; = % (3.31)
Tij, Tji are adjustable parameters:
Tij = €Xp <—%) (3.32)



Tji = exp <—%) (3.33)

where a;; and a;; are the binary energy parameters. r, ¢, and ¢’ are pure-component
molecular structure constants which depend on the molecular size and on the exter-
nal surface areas. ¢; and ¢, are the surface interactions and the geometric external
surface. Except for water and lower alcohols, ¢ = ¢’. The resulting activity coeffi-
cient of species ¢ requires only pure-component and binary parameters. The activity

coefficient of species i reads:

o* 07'”
In Z-—ln—+ qzl : T g;In 0 | +4—q
mn EOSCIR DU RV

(3.34)
where
lj=5(rj—q)—(r;—1) (3.35)
Eq.(3.34) requires only pure-component and binary parameters. UNIQUAC is
widely used in the chemical industry in order to predict the thermodynamic be-
haviour of chemical mixtures. It is applicable to a wide variety of non-electrolyte
mixtures. Polar or non-polar solvents, such as alcohols, ketones, hydrocarbons, or
nitriles can be accurately described with the UNIQUAC model, including partially
miscible mixtures, which can’t be described by the Wilson model for instance. For
example the VLE curve of the n-hexane and nitroethane system at 45°C' [9] is shown
in Figure 3.1. The pressure of the vapor phase is plotted as a function of the mole
fraction of acetonitrile in the liquid phase. We observe a strong positive deviation
from ideality in the sense of Raoul’t law. Despite this deviation the experimental
points are very well described within the UNIQUAC model.

NRTL equation

Renon and Prausnitz[6] used the concept of local composition in the derivation of
NRTL (Nonrandom Two-Liquid) equation. This equation is applicable to partially

miscible as well as completely miscible systems.

Z 25 TGty (3.36)
RT Zk GriTr
where
= (3.37)
Gji = exp (—aj;Tji) (3.38)
Qj = Qyj (3.39)
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Figure 3.1: Strong positive deviations from ideality. Vapor-liquid equilibria for n-
hexane (1)/nitroethane (2) system at 45°C. Taken from ref. [1].

The activity coefficient for any component i is given by:

Z 75 G it ( > xlTl'Gl')
Iy = 2 TG 2Ty 3.40
k > GriT Z Dok Gkaxk ’ >k Grjiti ( )

Eqgs.(3.36) and (3.40) only contain parameters which can be obtained from binary
data. The significance of g;; is similar to that of \;; in Wilson’s equation: g;; is an
energy parameter which is characteristic of the ¢ — j interaction. The NRTL model
likewise the Wilson model describes multi-component systems only with the help of

binary parameters.

3.1.3 Chen model: Electrolyte-NRTL model( Pitzer-Debye-
Hiickel NRTL model )

In 1982 Chen [10] proposed a model with local composition which described the ex-
cess Gibbs energy of single-solvent, single completely dissociated electrolyte systems
over the entire range of temperature and concentration.

Chen made two assumptions about electrolyte systems which are critical to the
local composition model development: first the local composition of cations around
cations is zero. In other words the repulsive forces between ions of like charge

are relatively large. Second the local electroneutrality assumption states that the
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distribution of cations and anions around a central molecule is such that the local
ionic charge is zero. It is these realistic assumptions, in conjunction with the local
composition concept, that enable the new model to represent all kind of electrolyte
systems. The excess Gibbs energy is the sum of two contributions: the long-range
electrostatic forces between ions, and the short-range forces between all the species.
For the long-range contribution Chen took the Pitzer-Debye-Hiickel equation [11],
and for the short-range contribution the NRTL (Nonrandom Two-Liquid) model
[6]. Thus at infinite dilute solution for the electrolyte systems the model is reduced
to the Debye-Hiickel model. At higher concentrations the model reduces to the
NRTL model. The short-range interaction contribution model is developed from
a symmetric convention based on reference states of pure solvents.The long-range
contribution is based on a asymmetric convention whose frame of reference is the

infinite dilution. We have:
i gE,LR gE,SR gE,Born

RT - RI " Rr T RT (3.41)

where the superscript LR, SR and Born are, respectively, long-range, short-range

and the Born’s term.

Long-range interaction contribution

The Pitzer Debye-Hiickel equation normalized to mole fractions of unity and zero

for electrolytes is used to represent the long-range interaction contribution.

1\ I
Bt = — (—) 4A¢§ In (1+ pI/?) (3.42)

where M, is the molar mass of salt, p = bM,;l/ 2, M, the molar mass of solvent, b
being related to the closest approach distance between ions. [, is the ionic strength
on mole fraction basis: .

L=3 Z 2t (3.43)

where z; is the charge of ion i, and Ag is the Debye-Hiickel parameter

1 Be? 3/2
Ay = =/27N 1ol ( ) (3.44)

3 4megem,

where d,, is the solvent density, Ny, is the Avogadro’s number, e is the elementary
charge, €, is the permittivity of a vacuum and e€,, is the relative permittivity of

water. By differentiating with respect to N; we obtain for the activity coefficient of

species 17:
1000 272 7212 _op3?
In fiAR = — ( ) Ag[—==1n(1 + pI}/?) 4+ = 3.45)
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Short-range interaction contribution

As we have seen previously NRTL is based on the Two-Liquid Theory. The deriva-
tion that follows may be generalized to handle all types of electrolyte systems, in this
work the derivation will be based on a system of single completely dissociated liquid
electrolyte, cation, anion, and single solvent. In this type of mixture, it is assumed
that there are three types of cells as shown in Figure 3.2. One type consists of a
central solvent molecule with solvent molecules, anions, and cations in the immedi-
ate neighborhood. The local electroneutrality assumption is applied to cells of this
type. The other two are based on the like-ion repulsion assumption and have either
an anion or cation as the central species, and an immediate neighborhood consisting

of solvent molecules and oppositely-charged ions, but no ions of like charge.

Solvent at center Cation at center Anion at center

Figure 3.2: Three types of cells according to like-ion repulsion assumption and local

electroneutrality assumption

The central particle may be either 1 or 2. 1 or 2 could be cation, anion or solvent
respectively. The interaction parameter 7;; is the interaction energy between two

particles ¢ and j.
7y = B(95i — ) (3.46)

with g;;=g;; For our exemple where the particle central is 1 or 2 we have:
T2 = (912 — g22) (3.47)

o1 = 3(g21 — 911) (3.48)
The probability Pj; [12] is used here in place of Gj; [6, 10]. P;; describes the proba-

bility of finding a particle of species j in the immediate vicinity of a central particle

of species i. Pj; follows the Boltzmann distribution as

Pji = exXp (—OéTji) (349)
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and
P]zkz = €xXp (_aTji,ki) (350)

P;j; i is the relative probability of finding a particle of species j near ¢ compared to
that of finding k£ near 7. « is the so-called non-randomness parameter.
The last (closure) equation relates the local mole fractions of species j and k
around central species i, X;; and X}, to the probabilities as
Xji _ 2B

= 3.51
Xy xp P (8:51)

where j and 7 are ions or solvent. This relation was first proposed by Chen and
Evans [10]. Later, it was modified with the introduction of the valence z; [13]. We

have

Y Xji=1 (3.52)

The assumption "no ions around an ion of like charge” must be present, thus

Xi=X;;=0 (3.53)
P =P; =0 (3.54)
From 3.51 and 3.52 one gets

X, =="2"_ (3.55)

’ Zj ;i Pji

with z; the mole fraction of species j in solution.

The Excess Gibbs energy per molecule of species i, GNFTL is:

G =3 Xy (3.56)

J

finally we have from 3.55
G‘NRTL _ xjpjigji
> TPy

The reference state G}/ is the pure solvent for the solvent and it is the central ion

(3.57)

only surrounded by counter-ions for the ions, as defined by Chen and Evans [10].

GJeFNRTL _ 3 refNRTL _ (3.59)
and
Giref,NRTL _ Z 2, G PN RTL (3.60)
k
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The NRTL deviation of excess Gibbs energy of the system

AGNETE =N "5 AG, T (3.61)
k

and the total deviation of the excess Gibbs energy of the system is
AGNETL — N, AGNETL (3.62)

where N;,; = N.+ N, + N,, is the total number of particles in solution. In the case
of a mixture of one salt and several solvents that will be considered below, one gets,

using Eqgs. 3.55-6.14 the following equation [12]

ﬂAGNRTL — Z[chmCTmc,ac —+ anmaTma,ca + Tm Z X]mT]m] (363>

i
Born term

The Born term in Eq. 3.41 is used to account for the Gibbs energy of transfer of
ionic species from the infinite dilution state in a mixed-solvent to the infinite dilution

state in aqueous phase.

In fPorm = 5_62 (i _ i) Z IZ_ZZQ (3.64)

8meg \ €, €m ;

/
where ¢

m?

€n are the relative permittivity of the solvent mixture and the relative
permittivity of water, respectively, r; is the Born ionic radius. For purely aqueous

systems In 5o = 0.

3.1.4 MSA-NRTL model

Papaiconomou et al. [12] developed a model which describes the electrolyte solutions
with MSA (Mean Spherical Approximation) and NRTL models. It differs from the
Chen et al. model (3.1.3) in the following aspects:

e They replaced the Pitzer DH term by the MSA expression for the long-range
interaction. MSA is a well-based theoretical model which provided expres-
sions for the free energy and the activity coefficients in the Mac Millan-Mayer
framework where the solvent is regarded as a continuum. The MSA model is
similar to the Debye-Hiickel theory. However it differs from the latter in the
fact that it better takes into account the sizes of the ions (excluded volume
effect).
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e First the interaction parameters 7;; for the cations are the same as those for the
anions in Chen’s work [10]. In Papaiconomou’s work 7;; are different for cations
and anions, thus 7., is different from 7,,,. There were three independent

parameters Tem,, Tam and Tpeq.. We have the relation:

Tmaca = Tmesac + Tam — Tem (3.65)
Second, Ty qc Was varied with composition of solution [18].

Tme,ac = 7—15’30),(10 + Tr(r?c),acxm (3.66)
The 7;; are adjustable parameters.

e The Born term is not taken into account because it is not relevant.

To sum up, what does MSA-NRTL describe ? Figure 3.3 provides an overall

picture which makes it possible to visualize the two kinds of interactions: the long-

MSA .

Long-range interaction

range and the short-range interactions.

Vxl/er

. NRTL Short-range interaction

Figure 3.3: Long-range and short-range interactions in the MSA-NRTL model

Moreover, Papaiconomou et al. described the osmotic and activity coefficients
of electrolyte solutions at 25°C. Nevertheless, in their work they studied the mean
activity coefficient of salt in the solvent mixtures, but they did not take into account
the effect of the temperature and the solvation.

Finally, the liquid vapor equilibria (L-V) were not described.

These are some remarks that show that the MSA-NRTL model can be improved
and extended. In the next chapter, we will see how to improve MSA-NRTL model.
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List of symbols

a; activity of species 1

ajj binary energy parameters in UNIQUAC

A anion

Ag Debye-Hiickel coefficient for the osmotic function

b The closest approach distance between ions
cation

d; density of solvent i

e charge of proton

fi activity coefficient of 4 on stoichiometric mole fraction scale

9ij Energy parameter in NRTL

G Gibbs energy of solution

G partial molal excess Gibbs energy

g specific Gibbs energy

G; Gibbs energy per particle of ¢

1 ionic strength

kp Boltzmann constant

lij pair i-j interaction parameter

m molality

M,; molar mass of solvent %

n mole number

Nao Avogadro number

N; number of particles of ¢

P Pression

P, Py ji  defined by egs 6.61 and 6.62

q External surface area

i Constant parameters of Pitzer

T distance of molecules

Smodel set of particle numbers within the model (eq 6.19)

SLR set of particle numbers at LR level (eq 6.20)

T temperature

u Molar excess energy

U Potential energy

v molar volume

v volume of solution

W% water

Wij mean interaction potential

w Interchange energy

Xij local mole fraction of species i and j

T; stoichiometric mole fraction

Yi “true” mole fraction scale

z Coordination number
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Greek letters

« NRTL random parameter

16} =1/kgT

0 Surface fraction

Vi mean salt activity coefficient on molal scale
€ relative permittivity of solvent ¢

€0 permittivity of a vacuum

K Debye screening parameter

A Binary parameter in Wilson model

A Energy of parameter in Wilson equation
i chemical potential of species i

v = Vo +Vxp

Vi stoichiometric number of species 7 in salt
o segment fraction

Di molar density of species ¢

Tij, Tji binary parameters in NRTL

0; diameter of species 7
Subscripts

1 total water

2 total solvent

W free water

Z free solvent

born Born’s term
S salt

sol Solution

T Total
Superscripts
® reference state
(0) value at T=298.15 K
el electrostatic contribution
E Excess

hyd contribution from hydration
1d ideal contribution
MSA contribution within mean spherical approximation

SR contribution of short range forces
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Chapter 4

Inclusion of ionic hydration and
association in the MSA-NRTL
model for a description of the
thermodynamic properties of
aqueous ionic solutions.
Application to solutions of

associating acids.

The purpose of this chapter is to further improve the MSA-NRTL model of Pa-
paiconomou et al. [1], by introducing explicitly the solvation of ions.

Firt, we shortly discuss the importance of solvation through the behavior of
osmotic coefficient as a function of the temperature.

The evolution of the effective potential when the temperature increases allow us

to understand the evolution of LiCl and NaCl osmotic coefficients in Figure 4.1 [2].

4.1 Introduction

4.1.1 General considerations

The variation of ¢ as a function of temperature depends on the electrolyte. For HCI,
LiCl, ¢ decreases whereas for NaCl , KCI, RbCl and CgCl, for small temperature,
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¢ increases but it decreases at higher temperature. The difference between these
curves may be understand in terms of hydrated ionic diameter which represents the
solvation of the ion.

Indeed, for these concentrated solutions, the bigger the size of the ion, the greater
¢. Thus for some electrolytes, the size always decreases as a function of T whereas
for for other electrolytes it increases for the small temperature.

The difference in the temperature dependence corresponds to different solvation
shells. In fact, the concept of the diameter simply expresses the short-range part of
the effective ion-ion potential averaged over the configuration of the solvent. The

latter can be calculated from MD (molecular dynamic) simulations (Figure 4.2).

YT

shor
veff
T
$]
o]
1

Figure 4.2: Short-range part of the effective potential between ion-ion pairs in aque-
ous NaCl electrolyte. Coutinuous line, 0.5 M; separate symbols, 1 M. In substracting
Ewald potential. Dielectric constant of 79 and 78 for 0.5 M and 1 M solution, re-
spectively. [3]

The accessible configurations are roughly situated below kgT. If T increases,
some ions will increase their diameter by exploring configuration at higher distances
(penetration of on hydration shell) A — B. On the other hand, further ions will
explore smaller distances ( A — C). Thus, hydration is strongest for small ions. For
instance, LiT is expected to be more hydrated than Na*®, KT...

After we remark the relevant concept of solvation, we present the Stokes and

Robinson model with constant solvation number.
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4.1.2 Stokes and Robinson model for solvation

First of all we consider that any solute in aqueous solution is solvated i.e. cations
or anions are surrounded by water molecules. In order to describre the solvation
we use the mole fraction and molality scale because if we take the molarity scale
we do not take into account the effect of solvent. We calculate the total Gibbs free
energy in two ways : first the solute is not solvated, and second considering the
solute solvated by h moles of solvent, h is constant. Thus, we have on one hand, h
moles of water combined with v moles of cations and on the other hand, Ay moles
of water combinated with the v, moles of anions. The subscript 1 is for water, C

and A for cations and anions respectively.
G:N1u1+NA,uA+Ncuc (4.1)

and
G = NW,LLW + NA/LA/ + NC,U/C’ (42)

in which Ny = N; — h, Ny, No, and N4, are the particle number of free water,
total water, of hydrated cations, of total cations, of anions, respectively, pu; is the
chemical potential of species i. Only the terms of solute are different because in
one case it’s ion and another case it’s ion with water’s molecules. We introduce the

chemical potential in terms of the appropriate mole fraction and activity coefficient

p = pu$ + RTInay (4.3)
N,
®
= pug + RTIn + RT'In 4.4
Ho = He N, + N4+ N¢ Je (44)
N
R 1
r = pev + RTIn + RT'In fer 4.5
fler=He Nw + N4+ Ne fe (45)

where pcr is the chemical potential of species for the hydrated solute, fo, fa, for
and f4 are, respectively, the activity coefficient of cations, of anions, of hydrated

cations and of hydrated anions on the mole fraction scale. Hence
huy + Nope — Noper + Napra — Nappar = 0 (4.6)

We have :

hi® + NoAps + NyAp& + hRT Ina; + NoRTIn X + NARTIn X + NeRT In fe
+N4RTIn f4 — NoRT In fp, — Ny\RTIn f, = 0

_ Nw+Nc+Na
where X = NN
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Apg = pg — pes
and
Apfy = pl — us

For N; going to infinity (infinite dilution), a1, goes to unity. So, one gets:

hyf + Ne (g — pen) + Na (u5 — p5) =0 (4.7)
Hence
/ / NW+NC+NA
Nelnfr+Naslnf,=Neolnfo+Nalnfa+hlnay + (No+ Ny)In
cln fg aln fy cln fo aln fa 1+ (Ne 4) Nl—i—Nc—i—(NA)
4.8

Let us set Nog = vgN and Ny = v4N with v = vo + vy where N is the total

particle number.

veNIn fo+vaNIn fy = veNIn fo+vaNIn f44+hlnay+(Ne+Ny) In ]]\;Vfi]]\g:]]\g‘
(4.9)
Hence
veNIn fp +vaNInfy =vin fi = (ve +va) fa (4.10)
Similarly
veNIn fo +vaNInfs=vinfi = (vo +va) fo (4.11)

where f. and f, are, respectively, the mean activity coefficient of hydrated cations

and of not hydrated cations on the mole fraction scale. with

=1 (4.12)
Hence
NW + NC + NA
Nl + NC + NA

Stokes and Robinson assumed that the value of h in the actual solution is the

/ h
Inf, =Infy+ N Ina; +In (4.13)

same as at infinite dilution.
We used this model while adapting it in order to improve the model of N. Pa-

paiconomou et al.
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4.2 Inclusion of ionic hydration and association
in the MSA-NRTL model for a description
of the thermodynamic properties of aqueous
ionic solutions. Application to solutions of

associating acids.
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Ionic hydration and association are included in the MSA-NRTL model for a descrip-
tion of the thermodynamic properties of aqueous ionic solutions. Hydration effects
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numbers that are independent of salt concentration. Association is accounted for
through a mass action law. New compact conversion formulae are given expressing
the individual ionic, and mean salt, activity coefficients at the Lewis-Randall level.
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trolytes. In the case of solutions of associating acids, its ability to describe also the

speciation of the acid is examined.
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4.2.1 Introduction

The representation of the thermodynamic properties of ionic solutions has been the
subject of numerous studies in the past decades. For many practical applications,
e.g. in physical chemistry, chemical engineering or atmospheric chemistry, it is useful
to have analytical working equations at hand, capable of being easily translated into
a software program running on a microcomputer [4].

A great number of such models has been devised that may roughly be classified
in two categories. Firstly, following the original idea of van’t Hoff [5] and the more
general MacMillan-Mayer (MM) theory [6] in which the solute is regarded as a gas
of particles, models have been developed based on a statistical mechanical treat-
ment of the system. This is the case of the mean spherical approximation (MSA)
(7, 8,9, 10] in which ions are modeled as charged hard spheres. Secondly, more phe-
nomenological models have been proposed that generally led to an expression for
the Gibbs energy of solution, split into decoupled electrostatic (generally a Debye-
Hiickel term) and non-electrostatic interactions. Examples of this type of model
are the well-known Pitzer model [11] in which the non-electrostatic contribution has
the form of a virial expansion, and models based on a local composition description
of the system as in the elec-NRTL [12, 13, 14, 15], with the nonrandom two liquid
(NRTL) contribution [12, 13, 1] to account for the effect of non-electrostatic forces.

In a previous article, we presented the MSA-NRTL model [1] in which the MSA
was used for the electrostatic contribution to the Gibbs energy, in place of the
Pitzer-Debye-Hiickel term as used by Chen et al. [12, 13]. As is well known, elec-
trostatic forces govern the thermodynamic behaviour of an ionic solution at low salt
concentration. As salt concentration is increased, the effect of other forces becomes
comparatively more important because of the progressive screening of ion-ion in-
teractions. In the NRTL model, these other forces are assumed to be short-range
(SR) forces, occurring only between closest neighbors. In our model [1], the NRTL
expressions introduce parameters that are characteristic of the mean interaction en-
ergies between pairs of different species. So, 3 such parameters are required for an
aqueous ionic binary solution [1].

An effect that is missing in the first version of the MSA-NRTL model [1] is the
inclusion of hydration. The importance of this phenomenon in the representation of
departures from ideality has been known and described for a long time [16]. Recent
studies bring additional support to this principle. Zavitsas has shown [17] that a
pseudo-ideal behaviour can be obtained for some thermodynamic properties if a
certain number of water molecules is assumed to be bound to a solute (electrolyte
or nonelectrolyte). Besides, ab initio numerical simulations developed during the

past decade confirm the old picture of a well-defined hydration shell around small
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and/or plurivalent cations [18, 19, 20, 21, 22, 23|. By contrast, simple anions such
as Cl7, Br~ and I~ seem to have less defined hydration shells [24] and this type of
ion is believed to be weakly hydrated [25].

A second effect that was not included in our former work [1] was ion association.
The issue of association of acids has recently prompted renewed interest in the field
of atmospheric chemistry because of their presence in many aerosols. So, the case
of sulfuric acid has been addressed using a Pitzer-type model [26] for a description
of speciation of sulfuric acid as a function of temperature. The case of nitric acid,
which is believed to exhibit significant association in water [27, 28, 29], is also likely
to be of interest for such representations. Besides, it may be put forward that the
influence of the hydration of the two ions in acid solutions on the pairing process
has not received enough attention. Furthermore, to our knowledge, the issue of
developing solution models capable of representing the thermodynamic properties
together with the speciation in an associating acid solution has not been addressed
sufficiently in the literature.

In the present work, hydration is incorporated into the MSA-NRTL model by
following a route similar to the one proposed by Robinson and Stokes [16], which
consists of assuming that an ion bears a constant number of attached water molecules
(independent of salt concentration). The elec-NRTL was modified recently by using
this method [30]. The model of Robinson and Stokes has also been used in combi-
nation with UNIQUAC [31]. In the present paper, the new MSA-NRTL model is
applied to represent the basic thermodynamic properties of various aqueous strong
1-1 and 2-1 electrolytes (the case of salts containing plurivalent ions was not ap-
proached in our earlier work [1]). A description of the thermodynamic properties of
sulfuric acid and nitric acid solutions is developed by including association between
hydrated H* cation and hydrated anion (SO~ or NO3'). For these solutions, the ca-
pability of the model to represent the thermodynamic properties and the speciation
of the acid is examined.

The next section presents the theoretical aspects of this work. The third section
is devoted to the presentation of the results and to their discussion.

Most calculations were performed using the symbolic calculation device Maple®.

4.2.2 Theoretical

Let us consider an aqueous solution containing an electrolyte, C, A, ,, C being the
cation and A the anion with stoichiometric numbers vc and v4, respectively. We
denote by z¢ the valence of the cation and by z4 that of the anion. Furthermore,
we denote by he and hy the hydration numbers of C and A, respectively. These

numbers are supposed not to vary with salt concentration.
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Hereafter we will use the subscripts W, C” and A’ to designate the the free water
(not bound to an ion), the hydrated cation and the hydrated anion, respectively (Fig-
ure 4.3). Quantities referring to the total water (bound plus free) will be designated
by the subscript 1.

h=hydratation number  H,O (W bulk) S
g 35: « ey

g v
H First hydratation sphere

Hydrated anion A’

First hydratation sphere
Hydrated cation C’

Figure 4.3: Hydration representation

We suppose that the hydrated cation and anion may associate to form the pair

P=CA, of valence z¢ + 24 and hydration number hp, according to the reaction
C(HQO)hC + A(HQO)hA = P(HQO)hP + (hc+hA—hp) H,O

the charges on the species being omitted for convenience. The association equilib-

rium constant for this reaction is

fo = o (4.14)
acra
Basic thermodynamic relations.
The relevant set of particle numbers to be used in any model is
Sm = {Nw, Nor, Nar, Np} (4.15)
Correspondingly, one may define the “true” mole fraction of a species ¢ as
i i (4.16)

:Nw+NC/+NA/+Np

Let us denote its activity coefficient at this level by g;.
Any such activity coefficient, calculated using a given model, will have to be

converted from the model level (with the set of variables S,,) to the Lewis-Randall
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(LR) level, that is the level of the experimentalist, for which the relevant set of
variables is

SLRE {Nl,Nc,NA} (417)
to which correspond the stoichiometric mole fractions

_ N;
_N1+N0+NA

i (4.18)
We will denote by f; an activity coefficient on this mole fraction scale at the LR
level.

According to the above assumptions, one has

Ne = Nev + Np (4.19)
Na= Na + Np (4.20)
Ny = Nw + hcNer + haNgy + hpNp (421)

The derivation of the activity coefficients of the species 1, C and A at the LR
level from the activity coefficients of W, C” and A’ at the model level may be deduced
as follows.

For small variations of the particle numbers, the variation of the Gibbs energy

of solution may be written as
dG = /LdeW + ,Uc/ch/ + ,UA/dNA/ + ,UPdNP (4.22)

for the set of variables S,,, at constant pressure and temperature. At the LR level,
it is given by
dG = ,ulle + NCdNC + ,MAdNA (423)

By replacing the LR variables by their expressions, eqs 4.19-4.21, in eq 4.23, one

arrives at
dG = /leNw+(uc+h0/L1)dNC/—|—(,uA—i-hA,ul)dNA/—F(uc—}—,uA—}—hp,ul)de (424)

Upon identification of this relation with eq 4.22 and considering that this equality

holds for any small variation of S,,, one obtains

Her = e + hC/,Ll (425)
Har = A + hA,LLl (426)
fw = (4.27)

pp = pic + pha+ hppy

36



Henceforth, the use of eq 4.27 in eqs 4.25 and 4.26 leads to

px = pxr — hxpw (4.28)

for X= C or A, so giving the relation for the mean chemical potential of C or A at
the LR level as a function of that for the hydrated ions and the free water, quantities
that may be calculated in the framework of a suitable model.

Besides, one may write

Bux = Bus + In(zx fx) (4.29)
Bux: = Bus +n(yxgx) (4.30)
for X= C or A, and
Buw = Buyy + Inaw (4.31)
with p$ the standard chemical potential of species i and
p=(kgT)™

kp being the Boltzmann constant and 7" the temperature.
Eqgs 4.29-4.31 may be inserted into eq 4.28. The quantity x5 being independent

of composition, one finds that

wx =y — hxpy (4.32)

by taking the limit of infinite dilution of salt. Then, by using eqs 4.29-4.32 in eq
4.28, we get

Yx:
fx = —<9x (4.33)

for X= C or A, which is the desired relation connecting the mean activity coefficient
of X (X being in the form of X’ and P), fx, to the activity coefficient of the hydrated
species X', gx-.

Eq 4.33 provides a compact expression for converting the activity coefficient of
an ion to the LR level. It is simpler than the usual two-step conversion method
accounting for hydration and association (as explained for instance on pages 37 and
238 of ref. [16]).

The mean activity coefficient of salt in the LR system is
nfy =2 fo+ 2ty (4.34)
v v

where v = vo + vg4.
Finally, the mean activity coefficient of salt on the molality scale, v, is obtained

using the classic conversion formula [1, 16]

Y = T1 fx (4.35)
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By combining eqs 4.33-4.35 and after rearrangement of terms, we find the new result

h 1
Invy =Ingy — - Inaw +Iny, + ;(Vc Inéc +valné,) (4.36)

in which ¢4 is the mean activity coefficient of the free ions C" and A’, h is the total

hydration number of free ions per molecule of salt
h= I/chc + I/AhA (437)

y1 is given formally by eq 4.16 applied to total water, and £x is the fraction of free
(non-associated) ion X. By introducing the fraction of associated anion (fraction
of A forming the pair P), denoted by z, and the notation a = mM;, with m the

molality of salt and M; the molar mass of solvent, it may be shown easily that

vy ={1+a[v—vax —h+valhc +ha—hp)z]} " (4.38)
— va
fi=1—u (4.40)

For a strong electrolyte (x = 0), eq 4.36 reduces to

h
Inyy =Ingy — —Inaw + Iny, (4.41)
v

which is the result obtained by Robinson and Stokes (equation 9.17 of ref. [16])
since in that case (with z = 0 in eq 4.38)

1

yl:l—l—(u—h)a

As for the solvent activity, eq 4.27 entails that
aw = a (4.42)

because the two corresponding standard chemical potentials are equal.

By virtue of this equation, the osmotic coefficient can be calculated according to

21
=— 1 4.43
) - nay (4.43)

with
1 =1/(1+ va)

and

aw = YywIw (4.44)
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The activity coefficients gx may be calculated using the relation
1Ilng———(NC:NA:O> (445)

with infinite dilution of salt as the reference state.
In this work, it is assumed that the Gibbs energy, G, may be split into decoupled

long-range electrostatic (“el”) and short-range contributions as
G =G+ G (4.46)
Because of eq 4.45, it stems from this relation that
9x = 9% 9% (4.47)

We now give the explicit forms taken for these contributions.

Electrostatic contribution to Gibbs energy.

Following our previous work [1], we take the restricted primitive MSA expression [7]
for the electrostatic part of G, and extend it to the case of associating electrolytes.
One then has

3

r

BG = -\

with V' being the volume of solution, ¢ the mean ionic diameter in water, A the
Bjerrum distance (ca. 0.7 nm for water at 25°C) and I' the MSA screening param-

eter,

r— Qi (m - 1) (4.49)

o
with x the Debye screening parameter

K= \/ AnMper 2 + par2h + pp2p)
Using eqs 4.45 and 4.48 for Y= C’; A’ or W (with zy = 0), one finds

r 9 +F3 ov
Z —_—
1+To™Y 370Ny

Ingé = -\ (4.50)

with the differentiation of eq 4.48 being performed at constant I' [1]. In the second
term of the r.h.s. of this equation, application of the chain rule for partial derivatives

for the sets of variables .S,, and S r leads to

o T [z = IS -2 N =
ONc» Nw,N41,Np ONc Ny,Np ONc» Nw,N/,Np ON, Ne,Ng ONc Nw,N 4/,Np

39



and a similar result for the differentiation w.r.t. N/, and

Ear N [ N ]
ONw NegroNar,Np ONy N¢,Na ONw NegryNar,Np

By using these last two equations together with eqs 4.19-4.21, one gets in more

compact form (without mentioning the variables kept constant in the differentiation)

oV oV ov
_ h 451
ONy  ONx TN, (4:51)

for X= C or A, and

v ov
— = 4.52
ONw 0Ny ( )
Following ref. [1], we make the simplification that
oV oV
S S— 4.53
ONe  ONyu ( )

which avoids the knowledge of solution densities and constitutes a good approxima-

tion [1]. Thus,
ov
— = M /Nd
on, ~ M/ Ny
with NV the Avogadro number and d; the density of water.

With this simplification, we obtain from eqs 4.50-4.53
5 3 ov

lng%, = —)\mZX + hxga—]\ﬁ (454)
I ov

gy = —o 4.55

n gy 3T (9]\71 ( )

SR contribution to Gibbs energy.

For the SR part of G, we use the NRTL model for the system composed of the
species: the hydrated cation C’, the hydrated anion A’ and the free water W.

The NRTL model is a local composition model that was proposed by Renon and
Prausnitz [32]. It has relationship [33] with Guggenheim’s quasi-chemical lattice
theory [34]. The main features of its application to ionic solutions have been reported
in earlier work [12, 13, 1]. Below we recall the basic ingredients of the model. We also
discuss how it may be applied to solutions of plurivalent and associating electrolytes.

In the NRTL model, the excess SR Gibbs energy per particle ¢ is given by
G;NRTL = Z xjpjiwji/ Z.ijji (456)
J J

where
pji = exp(—afw;;) (4.57)
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is proportional to the “probability” of finding a particle of type j in the close vicinity
of particle 4, with w;; the i-j interaction energy (w;; = wj;) and a the non-random
parameter related to the mean coordination number, Z, appearing in the lattice

model of Guggenheim for nonrandom mixtures [34] as [32, 33]

2
_ 2 4,
a=— (4.58)

In eq 4.56, the quantity pj; is responsible for non-randomness in the distribution
of species around a given particle (randomness corresponding to w = 0 or § = 0,
pji = 1). Here we take a = 0.3, meaning that each species (hydrated ion or solvent

molecule) has ca. 6 closest neighbors according to eq 4.58.

If we set
T = Blwy — wy) (4.59)
then eq 4.56 may be rewritten as
G;NRTL = Z[L’jpﬂwﬁ/ Z.CEJP]Z (460)
J J
with
Pj; = exp(—ar;;) (4.61)

The advantage of the transformation of Eq 4.56 into Eq. 4.60 is to reduce the number
of parameters, and becomes more obvious in Eq 4.68-4.74 (one fewer parameter). Eq
4.60 may be written more simply as a function of the 7 parameters by introducing

suitable NRTL reference energies [12, 13]. By writing [1]
AGNRTL — GNRTL _ ANRTLyref (4.62)

it may be easily shown that the use of these quantities in eq 4.45 leads to the same
expressions for the activity coefficients as when using the true excess energies (eq
4.60).

If 7 is not charged, then P;; = 1 because 7;; = 0. Thus, taking GNRTLref _

i Wii

yields
> T PjiTi
>z TPy + @

If 7 is charged, we adopt the simplification [12] P; = 0 because of electrostatic
NRTL,'r’ef _

AGNRTL —

(4.63)

mutual exclusion of like charged ions. In that case, one may take G Wi
where k is a counterion for i (z,z; < 0), which gives
AGNRTE _ igs Wi DyikTyin (4.64)
' 22 T Pjiki
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with
Tjiki = B(Wji — Wiy) (4.65)
Pji ki = exp(—aTjigi) = Pji/ Pri (4.66)

One notices that Pj;;; = 0 if j and ¢ have the same charge sign (z;z; > 0) and
Finally, activity coefficients arising from the SR interaction may be obtained by

differentiation of the SR Gibbs energy (according to eq 4.45), given by
G = Ny AGNITE + No AGEFTE 4 Ny AGNFTE + Np AGRFTE (4.67)

It is worth noting that, in the present work, we treat monovalent and plurivalent
electrolytes on an equal footing in the NRTL model framework. So, we do not
introduce the valences of the ions in the NRTL expressions as done elsewhere [12, 13],
for which we do not see any clear justification. On the other hand, the stoichiometric
numbers v; have a direct and obvious effect on the relative populations of C’; A’
and P and this effect is included in the above NRTL expressions (for instance,

xorJxa = Vo /vy for a strong electrolyte).

Negatively charged pair. In the case that the pair P is negatively charged (as
in the case of sulfuric acid), the application of eq 4.60 yields

GINRTL _ ro Powwerw + xa Pawwaw + 2p Ppwwpw + Twwww (4.68)
W o .
o Porw + a4 Paw + xpPpw + ow
GNRTL zaPycwac + xpPporwper + xw Pyowwer (4.69)
xa Py + xpPper + xw Pwer
xor Porawer ar + ow Py arww ar
GNRTL — (4.70)

rorPorar + xw Py ar

the expression for GEFTL being obtained by replacing A’ by P in eq 4.70. One

notices that, besides the mutual exclusion of cations C (Per = 0) and anions

(Parar = 0), no PP or A’P term appears in these expressions (Ppp = Pap = 0)
because of electrostatic repulsion between these species.

As indicated by eq 4.62, the reference energies wyw, wpc, Werar, Werp may be

subtracted from GYFTE GNRTL GINETL and GERTE | respectively. Thus, after some

simple algebra, one gets

AGNRTL . ‘IC’PC’WTC’W + xA’PA’WTA’W -+ IPPPWTPW (4 71)
W - .
xC’PC/W + -TA/PA/W + .TPPPW + Tw
AGHFTE = taPyc portac por + 2w Pwe poTwer por (4.72)
xA’PA’C’,PC’ +xp+ xWPWC/,PC/
xWPWA’,C’A’TWA’,C’A’
AGNRTL — (4.73)

o+ aw Pwarcra
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_ P / /
AGgRTL _ ITwLwpc'PTWP,C'P (4'74)
zor + xwPwpop
The NRTL Gibbs energies (eqs 4.71-4.74) are expressed as a function of 5 inde-

pendent interaction parameters: Torw, Tarw, Tpw, Twer,arcr and Tywer per, that is 1

fewer parameter than the 6 independent w;; parameters. The other parameters are

given by the following relations

Twx,c'x = Twer,xer + Txw — Torw (4.75)

for X= A’ or P, and

TAc! PC! = TWC!,PC! — TWC!,A/C (4.76)

Uncharged pair. In the case that the pair is not charged, as for nitric acid, eqs
4.73 and 4.74 must be modified to allow for the presence of P in the vicinity of A’
and P. Egs 4.71 and 4.72 remain unchanged.

With the reference Gibbs energies wery and wpp for A and P, respectively, one

gets
AGNETL _ TPPracaTraow + twPwacrawa o (4.77)
! - .
4 zor +xpPparcrar + xwPwa crar
AGQNRTL _ xor PorpTorp + o PypTarp + vwPwpTwp
GNRTL _ (4.78)

rorPorp + 24 Pap +2p + 2w Pyp

These relations involve 7 independent parameters: 7crw, Taw, Tpw, Tcrp, Ta'P,
Twp and Tywer acr. The other parameters contained in eqs 4.71, 4.72, 4.77 and 4.78
are related to this set through the following relations. The parameter Ty ascrar is

given by eq 4.75 and one has the relations

Twcr,pct = Twp — Tc'p + To'w — TPw (4.79)

and
TPA,C'A" = Tarp — Twp + Tpw — To'w + Twer, Arcr (4.80)
TAcl,pC’ = —TPA,C'A" + TArp — TP (4.81)

Strong electrolytes. The case of strong electrolytes may be approached by
using eqs 4.71-4.73 and setting zp = 0, involving 3 independent NRTL interaction

parameters: Torw, Taw, TWC!, A/C! -
Solution of association equilibrium.
Eq 4.14 may be rewritten as follows

a(ve —vaz)(l — x) gorgar
1+ aly — vaz — h+vaz(he + ha — hp)| gpalctha=he

r— K =0 (4.82)
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in which ay is given by eq 4.44 and the activity coefficients g; may be computed
according to eqs 4.45 and 4.47.

Eq 4.82 was solved numerically for x by using a Newton-Raphson algorithm.
The activity coefficients of the species C’, A’, P and W were computed as a function
of x, by utilizing eq 4.47. This procedure gives the composition of solution for given

values of K and of the model parameters.

4.2.3 Dependence of thermodynamic quantities vs. hydra-

tion numbers.

An important question that arises within the present framework is the following.
For a given binary aqueous solution, can a fit of the thermodynamic properties give
information on the individual ionic hydration numbers, he and hy ?

Close examination of eqs 4.41 and 4.43 shows that, for a strong electrolyte, v
and ¢ are functions of h only (h is defined through eq 4.37). This may be seen by
developing eq 4.41 as

s = % (velngg +valngd —hlngg) +1Ing2" — gln(ng‘vng) —In[1 + (v — h)q]
(4.83)

In the first term of the r.h.s. of this relation, the hydration numbers he and hy

contained in Ing& and Ing9 (see eq 4.54) turn out to be cancelled by the term

hing¢,. Note that the same result holds if the approximation expressed by eq 4.53

is relaxed. The other terms of this relation are functions of h, because hc and hy

only appear in

Nw = N1 — hNgq

according to eqs 4.21 and 4.37, with Ny the number of salt molecules introduced
in solution. For the same reason, ¢ is a function of h.

Therefore, for a strong electrolyte, the present model may allow the determina-
tion of the sole h, not h¢ or h individually.

The situation for an associating electrolyte requires more scrutiny, showing that
the result depends on the stoichiometry of the salt.

In the case of symmetric electrolytes, that is for salts such that vo = vy = v,
the conclusion is identical to that for a strong electrolyte, which may be understood
as follows. Besides the fact that the hydration numbers again cancel in the term
velngd +valngd — hingg,, all terms turn out to be functions of he + ha, as for
instance in y; (eq 4.38). Since in that case he + ha = h/v;, it stems that Invyy is a
function of h, and so does ¢.

On the other hand, in the case of asymmetric associating electrolytes (v # va),

the expressions of Inv4 and ¢ cannot be handled so as to become functions of h
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alone. Obviously, this result is due to the fact that the cation/anion molar ratio,
equal to (Vo — vaz)/(va — vaz), varies with the association rate x.

These conclusions should be independent of the model used for electrostatic and
SR interactions, provided the latter are expressed in terms of the variables contained
in S, (definition 4.15).

4.2.4 Results and discussion

In the first place, it was verified numerically that the osmotic coefficient ¢ and the
mean salt activity coefficient ~y., given respectively by eqs 4.43 and 4.35, accurately
satisfy the Gibbs-Duhem relation. This was done for strong electrolytes and for
associating acids. This precaution gives strong support to the validity of the whole
procedure of calculating the thermodynamic quantities at the LR level.

Parameter values were adjusted by simultaneously fitting experimental osmotic
and activity coefficients data for strong electrolytes [35] at 25°C, using a least-
square minimization algorithm of the Marquardt type. The numerical values for
these thermodynamic quantities were obtained from the NIST databank [36], in
which primary data for uni-univalent salts are taken from the compilation of Hamer
and Wu [37]. In the fits, the minimum salt concentration was 0.1 mol kg~! and the
maximum salt concentration was limited to 6 mol kg=! for 1-1 salts and acids, and
to 4 mol kg! for 2-1 salts, except for those salts whose saturation point is below
these values, as is the case for KCI (5 mol kg™!), KBr (5.5 mol kg™!), KI (4.5 mol
kg™!) and Cal, (1.915 mol kg™!).

For a given fit, the average absolute relative deviation (AARD) was computed

and taken as an indicator of the quality of fit.

Strong electrolytes.

The advantage of introducing hydration numbers in the MSA-NRTL model is shown
in Table 1 in which results are given for fits with fixed hydration number value, in
the case of LiCl and MgCl, aqueous solutions. It is seen that outside intervals of
3-5 for LiCl and 8-10 for MgCl, the quality of fits is not satisfactory (Figure 4.4).

It is worth of note that these figures coincide with the order of magnitude that
may be expected for h if one adds a small chloride hydration number (of the order
of unity) to the likely hydration number values for these cations, namely hp;+ ~ 4
(19, 25] and hprpe+ = 6 [22, 25].
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AARD % @ = f(h)

e‘ .
®15 LiCl

Figure 4.4: Value effect of hydration number as a function of the osmotic coefficient

Table 1. Results of fits for various values of the total hydration number,
h (eq 4.37), in the case of LiCl (range= 0.1-6 mol kg~ ')and MgCl,

(range= 0.1-4 mol kg ') aqueous solutions.

Salt  h  Tow  Taw Twoaco o  AARDG (%) AARD..°
LiCl 0 16.4 -3.70 -4.07 0.135 2.7 4.4
1 22.6 -3.19 -3.99 0.259 1.6 2.8
2 53.4 -2.68 -4.11 0.389 0.67 1.1
3 1.36 -2.21 -8.45 0.475 0.19 0.21
4 -1.57 -0.853 0.678 0.484 0.21 0.24
5 237 -1.74 3.39 0.468 0.19 0.22
6 -1.50 -1.50 2.82 0.568 0.69 1.1
7 4.04 4.04 0.272 0.638 0.94 1.5
MgCl, 4 53.0 -2.86 -4.19 0.421 2.6 4.1
5 -0.113 -2.35 -3.04 0.468 1.6 2.3
6 194 -2.40 0.261 0.529 0.71 0.99
7 -292 -0.665 -0.529  0.529 0.68 0.95
g8 -260 -1.17 0.993 0.537 0.57 0.78
9 258 -1.38 1.91 0.545 0.45 0.60
10 -2.72 -1.54 2.70 0.559 0.40 0.64
11 -2.51 -1.32 2.50 0.613 0.85 2.2
12 -2.16 -1.02 2.16 0.663 1.6 3.6
13 2.58 3.08 -0.464  0.749 2.7 5.8

“ the mean ionic size of the ion in nm; ?Average Absolute Relative Deviation (AARD)
for ¢; “AARD for ..

46



Table 2. Results for parameter values: 1-1 electrolytes (range= 0.1-6
mol kg™') and 2-1 electrolytes (range= 0.1-4 mol kg™').
Salt Tow  Taw  Twor,Ac o h AARD¢b (%) AARD,H:C

HCl  -1.90 -1.40 1.82 0.473 4.15 0.10 0.14
HBr -1.90 -1.60 2.15 0.512  5.07 0.12 0.19
HI -1.90 -1.82 2.39 0.699 4.98 0.19 0.25
LiCl  -1.60 -1.40 2.22 0.489 4.94 0.23 0.28
LiBr -1.60 -1.60 2.04 0.443 4.75 0.20 0.28
Lil -1.60 -1.82 3.05 0.755 6.49 0.43 0.48
NaCl -0.80 -1.40 297 0.440 5.61 0.15 0.20
NaBr -0.80 -1.60 2.62 0.446 4.39 0.16 0.20
Nal  -0.80 -1.82 2.58 0.487 4.13 0.07 0.08
KCl 1.00 -1.40 2.45 0.407  3.27 0.05 0.05
KBr 1.00  -1.60 2.02 0.420 2.11 0.07 0.06
KI 1.00 -1.82 1.01 0.484 0.842 0.09 0.08
MgCl, -2.71 -1.40 2.22 0.550  9.50 0.41 0.55
MgBry, -2.71 -1.60 1.27 0.554 7.83 0.21 0.29
Mgl, -2.71 -1.82 0.908 0.565 7.76 0.31 0.57
CaCl, -2.32 -1.40 2.37 0.522  9.25 0.17 0.21
CaBry, -2.32 -1.60 243 0.585 9.53 0.13 0.16
Cal, -2.32 -1.82 2.14 0.609 8.87 0.17 0.16
Li;S04 -1.60 -2.25 4.67 0.434 9.56 0.30 0.19

“In nm; *Average Absolute Relative Deviation (AARD) for ¢; “AARD for ..

Next, the hydration number h was also regressed. The results for some 1-1 and
2-1 salts in water are shown in Table 2. Common values were determined for the 7
parameters. So, the value obtained for 7;,.y, is common for all salts containing the
lithium cation and similarly 7;-/y is the same for all chlorides. On the other hand,
the total hydration number i and the parameters Ty ¢ a47c» and o, are characteristic
of each salt.

The set of values of Table 2 was determined by first fitting the data for the
alkaline earth halides MgX, and CaXsy, X being an halide, with initial values for the
7’s and for h that were set to 0 and 8, respectively. The plots of experimental and
calculated osmotic coefficient are shown in the Figure 4.5 and 4.6. The fits of the

osmotic coefficient for 1-1 and 2-2 electrolytes are satisfactory.
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Figure 4.5: Osmotic coefficient as a function of molality for MgCl, aqueous solution.

Symbols: experimental data. Solid line: result of fit.
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Figure 4.6: Osmotic coefficient as a function of molality for 1-1 salt aqueous solution.

Symbols: experimental data. Solid line: result of fit.

48



It was noticed that the resulting values for 7oy and 74y were weakly dependent
on the nature of A and C, respectively. Moreover, the results of fits were found to
be relatively insensitive to the initial parameter values. Therefore it was felt that
these values for the 7’s could constitute an “optimum” set, and the 74y values
for the halides were used to fit the data for the alkali halides and the simple acids
HCI, HBr and HI. Thus, common 7¢ny values for the alkali cations and HT were
determined. Let us mention that the latter are indicative values in the case of the
alkali cations because the fits for the 3 halides did not point to consistent common
values for 7oy for a given alkali cation. On the other hand, the value 741/, = —1.9
may be regarded as an “optimum” one because fitting the 3 acids approximately
gave this common value.

The following comments may be made concerning the results of Table 2.

It is observed that the values found for A exhibit a clear gap between 1-1 and
2-1 salts, with values of 4.9 + 0.7 for the former (without taking into account
potassium salts for which h is lower) and of 8.8 £ 0.8 for the latter. Again, and
somewhat surprisingly, these average values are reasonable orders of magnitude for
h, as may be inferred for these salts from experimental and simulation studies.
Indeed, one recovers these figures if one relies on typical he values of 4 and 6 for
monovalent [18, 19, 20, 25] and divalent [22, 23, 25| cations, respectively, and if
one takes hy4 ~ 1 for halide anions. The latter is plausible in view of experimental
38, 39, 40] and simulation [24] studies suggesting that the halides Cl~, Br~ and I~
be weakly hydrated as compared to small and/or plurivalent cations.

Despite the reservation made in the case of alkali cations and although the 7
parameters do not have a clear physical meaning, it is observed that the value of the
quantity —7cy increases with the polarizing power of the cation C (in particular
for small and doubly charged ions). It increases in the order K< Na < Li < H < Ca
< Mg . Let us recall that, according to eq 4.59, a negative value of 7oy indicates
that the C’-W interaction (C’ representing the hydrated cation), weny, is stronger
than the WW interaction, wyy. The values of the parameter 74/ are of the same
order of magnitude for the halide anions, Cl~, Br~ and ™. It is observed that they
are more negative for the more polarizable anions, the quantity —74:y being in the
order I>Br>Cl. The parameter Ty ¢ acv has an average value of the order of 2,
with values between ca. 0.9 and 3 for the halide salts. Besides, the value of the
mean ionic diameter, o, has a reasonable magnitude and, as expected, it increases
when going from the smaller halide (Cl7) to the bigger one (I7) for a given cation,

except for LiBr.
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Let us mention that, as compared to our previously reported results [1], the
present values for 7oy and Twer arcr are significantly smaller in absolute value.
Thus, instead of 7+ = —8.5 in our former work [1], we now get 74 = —1.9.
This result is consistent with the expectation, mentioned in the Introduction sec-
tion, that the characteristic cation-water interaction should be weaker in a model
separately accounting for hydration. In our previous MSA-NRTL model, 7oy was
supposed to account for the (bare) cation-water interaction in which the water be-
longed to the first and second hydration shells. In the present model, the cation-first
hydration shell water interaction is accounted for by attaching water molecules to
the cation and 7oy is supposed to describe the expected weaker C’-second hydration
shell water interaction.

The LiySO4 solution was considered for a determination of the 7g,2-/y, param-
eter, for which the fit gave a value of ca. -2.25, to be used in the next section in the

case of sulfuric acid.

Aqueous sulfuric acid solutions.

The experimental values given by the NIST databank originate from the work of
Rard et al. [41]. The osmotic and activity coefficients for aqueous sulfuric acid
solutions were fitted in the range 0.1-6 mol kg~!.

The 7 values determined in the previous section for the HT and SO ions,
T+ = —1.90 and 750,2-1y, = —2.25, were utilized for this calculation. The re-
maining adjustable NRTL parameters are 7py, Twer arcr and Twer per. The other
parameters are K, o, h¢, hq and hp. This is a great number of adjustable parame-
ters. However, the thermodynamic quantities are very sensitive to the values of K
and of the hydration numbers, and to the size o at low salt concentration, which
favors the determination of a unique set of “optimum” parameter values in the fit.
Fitting the proportion of association together with the thermodynamic quantities
further enhances this feature.

Let us notice that, in all the fits, the resulting value for hp was zero, indicating
an unhydrated bisulfate anion, which is not irrealistic for this big monovalent anion.

The association constant K is related to its equivalent K,,, defined on the mo-
lality scale, according to the relation [16], K = K,,/M;. Values of between ca. 83
and 97 kg mol™! have been reported [42, 43, 44] for K,,.

First, the value adopted by Pitzer et al. [44], K,, = 95.2 kg mol™!, was adopted
and the parameters Tpw, Twer acr, Twerper, 0, he, ha (and hp) were adjusted.
This led to the parameter set no. 1 presented in Table 3, with a good fit of both
thermodynamic quantities and plausible values for the hydration numbers he and
ha. The value hg = 4.07 is of the same order as for HCI and the value hy = 7.1 is
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Table 3. Results for parameter values in the case of sulfuric acid, with
Ty = —1.9 and 7g¢,2-y, = —2.25 (values taken from Table 2). In all

cases, hp = 0.

Set no.* Kmb TPw  Twcer, At Twe!,PC! o° hc hA AARDd)d AARD,HE ¢

1 95.2 -3.44 D.77 5.73 0.517 4.07 7.10 0.16 0.09
2 96.8 -3.53 5.78 2.95 0.559 3.95 7.98 0.13 0.08
3 85.5 -3.71 0.13 9.59 0.291 255 5.26 0.36 0.28

@ See text for meaning; ® In units of kg mol™!; ¢ In nm; ¢ Average Absolute Relative
Deviation (AARD) in % for ¢; © (AARD) in % for ~,.

at the lower end of the range determined experimentally (7-12) for the number of
water molecules in the first hydration shell of SO7~ [25].

In a second step, it was chosen to also adjust K,,, together with the other
parameters. This gave the results of set no. 2. The parameter values and the
quality of fit are not greatly modified as compared to the set no. 1.

Lastly, it was attempted to fit at the same time ¢, v+ and the proportion of
associated sulfate (the bisulfate ion HSO, ), z. In the least-square minimization
procedure, a smaller weight of 0.2 was given to the effect of the deviation of x
because the experimental values of x are quite scattered. The latter were taken from
the Raman data of Chen and Irish [45], Knopf et al. [26] and Lund Myrhe et al.
[46]. The fit led to the parameter values of set no. 3 in Table 3. The corresponding
plots of the experimental and calculated osmotic and activity coefficients are shown
in Figures 4.7 and 4.8, respectively. The plot of the proportion of bisulfate HSO
x, vs. molality is shown in Figure 4.9. It exhibits a sinuous profile, similar to the
experimental profile obtained by Young [47], plotted in ref. [45].

These satisfying results are obtained with parameter values that are appreciably
different from those of sets no. 1 and 2. In particular, K,, is significantly smaller,
although in the admitted range of 83-97 [42, 43, 44], and the mean ionic size and
the hydration numbers he and hy are greatly decreased. The parameters o and hg
are much smaller than for the acids HCl, HBr and HI. The hydration number h 4
is smaller than the reported lower bound of 7 [25]. We note that considering only
the higher x values of Chen and Irish (empty circles in (Figure 4.9) in the fit only

slightly modifies these values. Therefore, the model experiences some difficulties in
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Figure 4.7: Osmotic coefficient as a function of molality for aqueous sulfuric acid

solution. Symbols: experimental data. Solid line: result of fit.
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Figure 4.8: Activity coefficient as a function of molality for aqueous sulfuric acid

solution. Symbols: experimental data. Solid line: result of fit.
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this double representation, which may originate from inadequacies in the model or

from experimental issues, as suggested by the large scatter of the data.
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Figure 4.9: Degree of association of sulfate ion (forming HSO; ) as a function of
molality. Symbols: experimental data of Chen and Irish [45] (57), Knopf et al. [26]
(empty square), Lund Myrhe [46] (A) and Young [47] (o). Solid line: result of fit.

Aqueous nitric acid solutions.

As shown above the adjustable NRTL parameters in this case are 7oy, Tarw, Trw,
Torp, Tarp, Twp and Ty arcr. In order to reduce the number of parameters, it was
assumed that the HNOj3 pair has the same NRTL interaction parameters as water,

which simplification amounts to
Tpw = Twp =0 Terp = Te'w Tap = TAw

and leaves 3 NRTL adjustable parameters: 7oy, Taw and Ty er arcr. This assump-
tion may be justified by the fact that HoO and HNOj are neutral species, and have
comparable dipole moments (1.85 D and 2.22 D in vacuum respectively). However
it is clear that this simplification is appreciably arbitrary. Nevertheless any other
assumption would be as arbitrary.

The 7 value of Table 2 for the H"’-W interaction was used, that is 75+, = —1.90.
In contrast with the case of sulfuric acid, the parameter 74y was fitted for HNOj
solution because it could not be assigned a clear value when considering the LiNOj3

solution (non associating electrolyte). Therefore, one is left with 5 parameters,
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Table 4. Results for parameter values in the case of nitric acid, with

Tg+w = —1.9 and hp = 0.
Set no.*  K," Taw Twoac — 0° h  AARD,? (%) AARD..° (%)
1 0 -1.68 2.92 0.527 2.93 0.08 0.08
2 0.0378 -1.41 3.17 0.586 5.85 0.25 0.31

“See text for meaning; °In units of kg mol™'; “In nm; “Average Absolute Relative
Deviation (AARD) for ¢; “AARD for .

namely 74w, Tweracr, 0, h and K. The hydration number for the HNOj3 pair was
assigned the value hp = 0 because it is a neutral species.

As for sulfuric acid, the association constant K is related to K,,, as K = K,,,/M.
An empirical value of 0.045 kg mol~! for K,,, proposed by Hood et al. [48], may be
corrected [49] to give K, ~ 0.1 kg mol™*.

First, the thermodynamic data ¢ and 4 were fitted together by least-square
adjustment of the 5 model parameters. This gives the set no. 1 in Table 4. This
procedure yields a good fit with an adjusted value of zero for K (no association).

Next, the thermodynamic data ¢ and 4 were fitted together with the association
fraction z, with a weight of 0.2 being given to the latter in the fit. Experimental
data for z were taken from the work of Krawetz [27]. These results, obtained in 1955
using Raman spectroscopy, have been confirmed in recent studies [28, 29]. This new
fit led to the results of set no. 2 in Table 4. For this set, the osmotic and activity
coefficients are plotted in Figure 4.10 and the association fraction x is shown in
Figure 4.11.

As compared to the set no. 1, the fact of also fitting x increases the total
hydration number value to 5.85, only a little larger than in the case of halide acids,
which is reasonable since the nitrate ion is also believed to be weakly hydrated
[50, 51]. The K,, value of 0.0378 kg mol™', is coincidentally [49] close to the old
value of Hood et al. [48] of 0.045 kg mol™'. The AARDs of fit are clearly larger
than for the set no. 1 but are quite acceptable.

The main conclusion of this part is that both types of quantities can be accurately
described by the model.
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Figure 4.10: Osmotic and activity coefficient as a function of molality for aqueous

nitric acid solution. Symbols: experimental data. Solid lines: result of fit.
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Figure 4.11: Degree of association of nitrate ion (forming HNOj3) as a function of

molality. Symbols: experimental data of Krawetz [27]. Solid line: result of fit.
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4.2.5 Conclusion

The model of Robinson and Stokes, in which constant hydration numbers are at-
tributed to ions in solution, has been combined with the MSA-NRTL model and
applied to aqueous solutions of alkali and alkaline earth halides and to acids. The
formulae of Robinson and Stokes, converting the individual and mean salt activ-
ity coefficients to the LR level, have been compacted and extended to the case of
associating electrolytes.

Good representations of the osmotic and activity coefficients for strong elec-
trolytes are obtained. A consistent set of values is proposed for the individual NRTL
parameters 7oy and 74 The adjusted total hydration numbers have reasonable
orders of magnitude.

In the case of associating acids, the model can be adjusted to represent the
thermodynamic properties and the speciation of the acid. However, it seems to
perform better for nitric acid than for sulfuric acid.

These representations will be used in subsequent work for thermodynamic de-

scriptions of mixed aqueous solvent electrolytes.
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List of symbols

a; activity of species ¢
A anion
C cation
C’ cation hydrated
d; density of solvent 7
e charge of proton
i activity coefficient of ¢ on stoichiometric mole fraction scale
Ji activity coefficient of ¢ on “true” mole fraction scale
G Gibbs energy of solution
€ partial molal excess Gibbs energy

G specific Gibbs energy

G Gibbs energy per particle of ¢

h; hydration number of cation by solvent i

kg Boltzmann constant

m molality

M; molar mass of solvent ¢

n mole number

Ny Avogadro number

N; number of particles of ¢

Py, Pig jk defined by eqgs 6.61 and 6.62

Stnodel set of particle numbers within the model (eq 6.19)
SLR set of particle numbers at LR level (eq 6.20)
T temperature

V volume of solution

W water

T; stoichiometric mole fraction

Yi “true” mole fraction scale

z Electronic charge

Zi valence of ion ¢

A coordination number
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Greek letters
a  NRTL random parameter

B8  =1/kgT

v+ mean salt activity coefficient on molal scale
I'  MSA screening parameter

g; relative permittivity of solvent ¢

€9 permittivity of a vacuum

k  Debye screening parameter

A Bjerrum length

1;  chemical potential of species @

v = Vo + Vg

v;  stoichiometric number of species 7 in salt
¢  osmotic coefficient

p;  number density of species ¢

o; diameter of species 1

Subscripts
1 total water

2 total solvent
W  free water
7

free solvent

Superscripts
® reference state
(0) value at T=298.15 K
el electrostatic contribution

hyd contribution from hydration
id ideal contribution
MSA contribution within mean spherical approximation

SR contribution of short range forces
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Chapter 5

Enthalpy effects in electrolyte

solutions described using the
MSA-NRTL model (including ion

solvation)

5.1 Introduction

The modeling of the thermodynamic properties of ionic solutions is the subject
of continuing fundamental investigations [4]. Generally, this type of study concerns
aqueous solutions at ambient temperature. While they may be useful in atmospheric
chemistry and geochemistry after suitable extension to a wide range of temperatures,
these models are of limited interest for industrial applications in which aqueous
solvent mixtures are often involved. Such systems still require the use of more or
less empirical models to tackle many issues in chemical engineering thermodynamics
5, 6, 7].

There is indeed a significant demand from the industry for software programs
running on microcomputers, capable of predicting the thermodynamic behavior of
“complex” solutions. These solutions may contain several salts and several solvents,
at temperatures different from 25°C. The modeling of these systems is not an easy
task, in particular because the structure of this type of solution is still poorly known,
especially as a function of temperature. In this context, the development of more or
less empirical or phenomenological models, based on a reasonable picture of solution,
seems a good means of providing efficient tools for the chemical industry. The
present paper is a part of our continuing effort in that direction.

An important process occurring in ionic solutions is solvation. Here, by solvation,
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we mean the event in which a number of solvent molecules remain in the close vicinity
of an ion for a time significantly larger than the corresponding time in bulk solvent.
In most models, this process is modeled by assuming that a definite number of
solvent molecules are “firmly” bound to an ion. It may be noticed that, while a
large body of experimental data has been gathered about the hydration of common
ions at 25°C [8], ionic solvation in solvent mixtures (and the notion of “preferential
solvation”) is much more uncertain [9, 10, 11, 12, 13, 14].

Recently, we presented a model [15] combining the Mean Spherical Approxima-
tion (MSA) and the Non-Random Two-Liquid (NRTL) expressions for the electro-
static and short-range (SR) contributions to the Gibbs energy, respectively. The
model was applied to strong and associated aqueous ionic solutions at 25°C. As
compared to our previous work [16], the hydration of the ions was accounted for by
introducing a constant hydration number, as in the classic model of Robinson and
Stokes [17], already used by Chen et al. [18]. In a recent study [19], we used the
stepwise solvation-equilibrium model of Stokes and Robinson [17] to account for the
variation of solvation with salt concentration.

The purpose of the present work is to extend our previous model [15], with sol-
vation number independent of salt concentration, to the case of strong electrolytes
in water and in solvent mixtures at temperatures higher than 25°C. The thermody-
namic properties represented include: the osmotic coefficient, the dilution enthalpy,
the solute partial entropy at infinite dilution and the solution heat capacity in the
case of purely aqueous solutions; the activity coefficients of solute and solvents in
the case of aqueous solvent mixtures, all of these properties being studied in the
temperature range 25°C-100°C. The partial salt heat capacity at infinite dilution is
discussed in terms of influence of the ion on the water structure.

The next section presents the theoretical aspects of this work. The third section
is devoted to the presentation of the results and to their discussion. Finally the
conclusion will present the perspectives of our future work.

Most calculations were performed using the symbolic calculation device Maple®.

5.2 Basic relations

Pitzer has extended his equations to treat enthalpies and heat capacities.

The basic equations for enthalpy and heat capacity are derived in general form
for an electrolyte with ionic charges zo and z4 for the positive and negative ions.
The total excess Gibbs energy is [1]:

G =nuvmRT (1 — ¢+ Iny) (5.1)
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where n,, is the number of kilograms of solvent, m is the molality, v is the number
of the ions of each type v = vo + va, R is the gas constant, T designates the
temperature in K, ¢ is the osmotic coefficient, and ~4 is the activity coefficient.
One gets:

G = n G + npGS” (5.2)

where n; and ny are the number of moles of solvent and solute, respectively, and
G is the partial molal excess Gibbs energy of the solvent, GS* is the partial molal

excess Gibbs energy of the solute.

Hence
Ge = <VZ—T) RT (1 - ¢) (5.3)
G = (WRT In ) (5.4)

In the Chap 3 we have seen the Pitzer’s equations for the aqueous electrolytes which

lead to the following equations for ¢ and Iny. of a pure electrolyte:

[1/2
d) — 1 = —|ZczA|Aq>m
U0V 2 (vov 3/2
A (080 + Bfeaye) 2
and
11/2 9 s
ln"yi = —’ZCZA‘Aq) (W + g ln (1 + b[ / ))
2) o3 27 3m2 (2 3/2
L 2iera 258)44_ Boa 1 (1xar2_%" exp~ ) |+ m (vcva)
v a?] 2 2 v

where [ is the ionic strength
=13 (5.5)
= — m;z; .
245
and Ag is the Debye-Hiickel coefficient for the osmotic function given as
A — 1 (27 Ny puw 1/2 e2 32 A, (5.6)
* 73\ 1000 DT )~ 3 '

where N,, is Avogadro’s number, p,, is the density of the solvent, and D the static

dielectric constant of pure water, k is Boltzmann’s constant, and e is the absolute
electronic charge. The first terms in equations of ¢ and Iny=+ arises from the long
range electrostatic interactions. The coefficients 682‘ and 6(0121 account for various

types of short-range interactions betweeen C and A, and for indirect forces arising
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from the solvent. C&, is for the triple ion interactions and is important only at
high concentrations. The parameter b was given the value 1.2 for all electrolytes
and « is 2 for all 1-1 and most other solutes. b and a are taken as temperature
independent. 6821, 81)47 and CZ&, are adjusted for a given salt at fixed temperature
by a fit of osmotic and activity coefficient data. The standard state are the pure
solvent for the solvent and the infinite dilution for the solute.

The relative enthalpy L of an electrolyte solution is defined:
L=H-—H® (5.7)

where H is the total enthalpy of solution and H® that at infinite dilution. L is

related to G by:
9 (%)
L=-T" = :
( (5 ) 59
p,m
Eq. 5.1 and 5.8 yield for L:

B 0o Oln~yy

The apparent relative molal enthalpy, ® is defined as:

F®
O, = L-ml~ _ L (5.10)
Mo %)

Hence

A. ! !
O, = v|2cza (—H) In (1 4 1.21'2) = 20 RT” <mBCA + mQCCA) (5.11)

3.6
where g
By = =4 5.12
ea= (522, (5.12)
o (250
Beca = (Cf)l + O[TC}A [1— (1+al'?) exp (—al'?)] (5.13)
= L ey (252 (5.14)
oA g e or ), p '
The quantity Ag is the Debye-Hiickel coefficient for enthalpy:
oD o)
Ay = —9AsRT?[T7 ' + | — — 5.15
w= AR () ] (5.15)

olnV
or

The total relative heat capacity J is defined as:

where «a,, = ( ) p is the coefficient of thermal expansion of water.

J = Op — Og) = Op — (71101031 -+ ngégl) (516)
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where C’%S is the partial molal heat capacity of the solute at infinite dilution and

Cp, is the molal heat capacity of pure water.

oL
J=— 5.17
5T (5.17)
The apparent molal heat capacity ®¢,, is defined as:
Cp —n1C}
e, = LM (5.18)
U
From Eq. 5.10 and 5.17 we find that:
- 0P,
_® = | &
Qe — Cp, (3T )Rm (5.19)

The temperature derivative of Eq. 5.11 yields:

—, A ”» ¥l
e, = CF +|2cza| (—H) In (14 1.2I"?%) = 2vcvaRT? (mBg 4 + m*Cpy) (5.20)

3.6
where 25 5 /5B
o CA < CA
Beoy = (—aTQ ) + = ( o7 )p,m (5.21)
and e 00
1 1/2 CA z CA
Cop = 5 (Veva) [( 572 P7m+ 7\ a7 Rm] (5.22)
with o
A; = cA 5.23
= (%), (523)

The parameters Ag, Ay, and A; depend only on the thermodynamic and electro-
static properties of water.
Application to NaCl aqueous solution:

The temperature dependence of 3, 1) and C® are the following general forms:

1 1 T
ﬁ(o) =q1tq <? - m) +q31n <—) +q4 (T - T(O)> + s (T2 - (T(O))2> (5'24)

T
BY =5+ g9 (T = TV) + quo (T* — (T©)?) (5.25)
1 1 T
C* = qu1 + quo (T - m) + qi31n (m) + quu (T — T(O)) (5.26)

where T, is the temperature at 298.15 K, the values of ¢, gg, and ¢;; for NaCl at
25° C are given by Pitzer and Mayorga [2].

The heat capacity data at each experimental temperature were fitted to Eq. 5.20
and one gets Cj by:
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Cp. = Cp (1) + qur + 2q1sT + 3q19T" (5.27)
where é%sol (T') is the heat capacity of the solid reported by Kelley [3]

CE. (T) =10.98 4 0.0039T (5.28)

with 7" > 298.15K.

Pitzer has 19 parameters for the description of NaCl electrolyte solution.

5.3 Theoretical

We consider a solvent mixture, composed of two solvents denoted by symbols 1

and 2, containing a strong electrolyte C,_A,,, C being the cation and A the anion

vas
with stoichiometric numbers vo and v4, respectively. We denote by he; and ha;
the solvation numbers of C and A in solvent i, respectively. These numbers are
supposed not to vary with salt concentration. The symbols z¢ and z4 stand for the
valences of C and A, respectively.

Hereafter we will use the subscripts W, Z, C” and A’ to designate the free solvents
1 and 2 (not bound to an ion), the solvated cation and the solvated anion, respec-
tively. In this work, the symbols 1 and W will refer to water, but the treatment
below is general as long as the electrolyte is completely dissociated in the solvent
mixture. For commodity, the subscripts 1 and 2 will be used to designate quantities

for the total solvents (bound plus free).

5.3.1 Basic thermodynamic relations.

In this section, the framework presented in previous work [15] for binary aqueous
electrolyte solutions is extended (straightforwardly) to the case of ternary (one salt
+ two solvents) mixtures.

The relevant set of particle numbers to be used in any model is
Sm = {Nw,Nz,NC/,NA/} (529)

with the corresponding so-called “true” mole fraction of a species ¢ defined by
_ Ni
o Nw+Nz+NC/+NA/

Any activity coefficient, g; calculated using a model in terms of the set of variables

(5.30)

Yi

Sm, must be converted to the experimental, Lewis-Randall (LR), level at which the

relevant set of variables is

SLRE {Nl,NQ,Nc,NA} (531)
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In this reference system, the stoichiometric mole fractions are defined as

N;
T Ny 4+ No+ No + Ny

X

(5.32)

We will denote by f; the activity coefficient on this mole fraction scale at the LR
level.

According to the above assumptions, one has
Ny = Nw + hciNer + hatNa (533)

No = Ny + heaNer + haoN g (534)

where hx, is the solvation number of species X (=C or A) by solvent n (=1 or 2).
The relation between the activity coefficients f; and g; is derived as follows.
For small variations of the number of particles, the variation of the Gibbs energy

of solution may be written as
dG = /LdeW + ,UZdNZ + ,Uc/ch/ + ,uA/dNA/ (535)

when using the set of variables S,,, at constant pressure and temperature. In terms
of the set Spr at the LR level, it is given by

dG = ,ulle + ,UQdNQ + ,UCdNC + ,UAdNA (536)

The LR variables may be replaced by their expressions (Eqs. 5.33,5.34) in Eq. 5.36.
Then, identification of the obtained relation with Eq. 5.35, and since this equality

holds for any small variation of S,,, one gets

pxr = px + hxipn + hxapo (5.37)
fw = fi (5.38)
[z = fi (5.39)

Then, inserting Eqgs. 5.38 and 5.39 in Eq. 5.40 leads to

px = pixr — hxipw — hxopz (5.40)

which expresses the relation for the mean chemical potential of C and A at the LR
level as a function of that for the hydrated ions and the free water, quantities that
may be calculated in the framework of a suitable model.

Besides, one may write

Bux = Bus + In(zx fx) (5.41)
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Bpux: = Bus +In(yxgx:) (5.42)
for X= C or A, and

Buw = By + Inaw (5.43)
Buz = Buy +nay (5.44)
with 4§ the standard chemical potential of species i and
B = (kpT)™*

kp being Boltzmann constant and 7' the temperature.
Eqs 5.41, 5.44 may be inserted into Eq. 5.40. The quantity u$ being independent

of composition, one finds by taking the limit of infinite dilution of salt

Bus — 1% — hxipy — hxepz) = —In ((a])"** (a3)"~2) (5.45)

where the superscript o denotes a quantity in the salt-free mixture. It results from

Eqgs. 5.41-5.45 that
Yxr &c{ hx1 &g hxo
fx =gx <—) (—) (5.46)

Tx aw az

which gives the desired relation between the LR activity coefficient of X (=C or A),
fx, and the activity coefficient of the solvated species X', gx-.

The mean activity coefficient of salt at the LR level is
Infy= 2% fo+ Xmfy (5.47)
v v

where v = vo + v4.
Finally, the mean activity coefficient of salt on the molal scale, 7., is obtained

using the conversion formula [17, 16]

Y+ = (ZL’l + 132) f:t (548)

By combining Eqs. 5.46-6.42 and rearranging terms, we obtain

h a3 h as
Inyy =Ingy + AL 4 Z2m-2 4 In(y1 + y2) (5.49)
14 aw 14 (054
where

hi = vehei +vaha;

is the total solvation number of salt by solvent 7, m is the molality of salt, M; is
the molar mass of solvent 7, and y; and ¥y, are given formally by Eq. 5.30 applied
to total amounts of solvents 1 and 2. If the proportion of solvent 7 is given as mass

fraction in the salt-free solvent mixture, denoted by w;, one has

wy o wy
M1+M2

(V—hl—hg)m+;\ﬂ4_ll+]zf/[_22

Y1+ Y2 =
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As for the solvent activities, Eqs. 5.38 and 5.39 entail that
a; = aw (5.50)

as = ay (5.51)
with a; =z, f; (1 =1,2), ay = yygy (Y=W,Z).
An activity coefficient gx may be calculated using the relation

oG oG

with infinite dilution of salt as the reference state.
In this work, it is assumed that the Gibbs energy, (G, may be split into long-range

electrostatic (el) and short-range (SR) contributions as
G =G+ G (5.53)
Because of Eq. 5.52, it stems from this relation that

9x = 9% 9%" (5.54)

The explicit forms taken for these contributions are now given explicitly.

5.3.2 Electrostatic and SR contributions to Gibbs energy.

It is proposed to express the electrostatic contribution, G¢, by simply regarding
the solvent mixture as a continuum of relative permittivity €, whose value is known
from experiment.

As in our previous work [16, 15], we take the restricted primitive MSA expression
20]

r I
G = -\ ENer + 25Na) + —V 5.55
& T, (oo 2aNa) + o (5.55)
where V' is the volume of solution, ¢ is the mean ionic size, A is the Bjerrum distance
1 Be?
= i 5.56
dmeg € ( )

where g is the permittivity of a vacuum, € is the relative permittivity of the solvent

mixture, I' is the MSA screening parameter,

r— % (VI+2n0 - 1) (5.57)

with x the Debye screening parameter

K= \/47T)\(pcz% + paz?)
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in which p; stands for the number density of species 1.
Using Eqgs. 5.52 and 5.55 for Y= C’, A’, W or Z (with zy = 0 and zz = 0), one

finds
T , I3 oV

170" " 3xoNy

with the differentiation of Eq. 5.55 being performed at constant I' [16].
In Eq. 5.58, the term 0V/ONy (Y being a species of S,,) can be expressed at the

LR level (Spg system) by using the chain rule for partial derivatives, which leads to

[15]

Ingd = -\ (5.58)

[av] _{(‘W} {8]\70}
ONer Nw,Nz,N 4 ONc Ni,Nao,Na ONer Nw,Nz,N 4

s OO =2 O 2 I = 539
ON; No,No,Na ONer Nw,Nz,N 4 ON, Ni,No,Na ONer Nw,Nz,N 4 '

and a similar relation for A’. Moreover,

{av‘ [av] '8]\71]
aNW-NZ,Nc/,NA/ _aNl-NQ,Nc,NA -aNW Nz,Noi,N 4
{av‘ [av] ‘aNQ]
aNZ-NW,NC/,NA _aNQ-Nl,NC,NA -aNZ Nw,Ngr,Na

By using these last two equations together with Eqs. 5.33, 5.34, one gets in more

compact form (without mentioning the variables kept constant in the differentiation)

ov ov ov ov
=——+h h 5.60
ONv 0N« + XlaNl + X28N2 ( )
for X= C or A, and
ov ov
—_— = 5.61
ONw  ON; (561)
ov ov
= — 5.62
ONz;  ON, (562)
Following references [16, 15], we make the simplification that
ov ov
SN a— 5.63
8]\70 ONy4 ( )

which avoids the knowledge of solution densities and constitutes a good approxima-
tion [16]. This approximation amounts to neglecting the effect of salt on the volume

of solution, which is therefore given by
V = (2]M + 25M>) /dpn Now (5.64)

where N, is Avogadro number and d,, is the density of the salt-free solvent mixture.
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With this simplification, we obtain from Eqs. 5.58-5.63

3 oV oV
Ing¢d = - A\——22 + hy;——— + hyg——— .
HIx 1 +FJZX + Xar ON; + X23r ON, (5.65)
oV
Ingth = — —— 5.66
9w T 3N, (5.66)
oV
g = ——— 5.67
ngz 3 aNQ ( )

For the SR part of GG, we take the NRTL expression for the system composed
of the species: the solvated cation C’, the solvated anion A’, the free water W, and

the free solvent Z. For one salt in a solvent mixture it is given by [16]

ﬂAGSR — Z <yC’XmC’TmC’,A’C’ + yA’XmA’TmA’,C’A’ + Ym Z ijij>
m=W,Z j=w,zZ,C" A’
(5.68)

in which
Xji = yjexp(—am;i)/ > yp exp(—amy;)
k
In these formulas, « is the NRTL nonrandom parameter (hereafter we take the

common value o = 0.3) and 7j; = S(wj; — w;;), with w;; the ¢ — j interaction energy.

Finally, we note that Eq. 5.49 may be rearranged by using Eqgs. 5.65-5.67 to
yield

hl as hg as
—i—lngiRjL;lnm + 7IHTQSR + In(y1 + y2)
(5.69)

where af = z2 f75® for i = lor2 (salt-free solvent mixture), because the hydration

2ve+24va T
v 14+ To

Inyy =-X

numbers h; and hy contained in the expressions of In g& and In g% (see Eq. 5.65)
turn out to be cancelled by the term h; In g, and hyIn g¥ (Eqs. 5.66 and 5.67).

5.3.3 Liquid-vapor equilibrium

The experimental values for the activity coefficients of solvents were computed as
follows.

The vapor-liquid equilibrium may be cast into the equation [21]
szPSOZG = xffipisat(pfpure eXp[UiL(P - ‘Pisat)/RT] (57())

where 2§ and zF are, respectively, the mole fractions of component i in vapor and

liquid phase, P is total pressure, Pf is saturation pressure of pure solvent i, p¢ is
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the fugacity coefficient of component ¢ in the vapor phase, cpfpu,,e is that for pure
solvent i (at the same temperature T'), f; is the experimental activity coefficient of
i in the liquid phase. The last (exponential) term is the Poynting correction, with
vl the molar volume of solvent i and R is the gas constant.

The fugacity coefficient ¢ was estimated using the virial equation, truncated

at the second virial coefficient, which gives

0% = exp| (2 > afBi; - B) P/RT) (5.71)

J

where B is the second virial coeflicient for the mixture
B = (29)2By; + 22925 By + (25)% By, (5.72)

with B;; the second virial coefficient characterizing interactions between i and j
molecules. B; may be obtained from experiment. For B;s we used the classic
approximation [21]

Biy = (By1 + B3)/2

5.3.4 Description of the effect of temperature

The temperature was introduced into the various model parameters as follows.
As concerns the solvation numbers, it was assumed that the total solvation num-
ber h;(T) by solvent i in the solvent mixture was proportional to the fraction of

solvent 7 on a salt-free basis, and that it varied linearly with 7', that is
hi = 220 + bV (T — TO)] (5.73)

with h§°) the solvation number by pure solvent i at the reference temperature 7
(here we took TO = 298.15 K) and hgl) a parameter accounting for temperature
dependency.

For the MSA mean ionic size in solvent 7, we took

oi(T) = o + o) (T — TO) (5.74)

i

For the 7;;(T") interaction parameters, it was found that the following dependen-
cies
75:(T) =7 + 7D (1T —1/T®) (5.75)

and a similar relation for 7j; »; were sufficient for a description of the thermodynamic

properties in the temperature range investigated here (25°C-100°C).

76



Besides, experimental values for the physical quantities, namely the relative per-
mittivity and the density of a solvent i, were fitted according to the following func-
tions.

eT) = 4 e (T = TO) 4 P (T — (T))? (5.76)

&(T) = d° + d" (T = TO) + d? (T — (7)) (5.77)

The values of o, € and d for the solvent mixture at a temperature 7" were esti-

mated by using the simple mixing relation
II = x‘iHl -+ .CL';HQ (578)

for Il = o, €, d.

5.3.5 Dilution enthalpy and heat capacity.

This section is restricted to the case of purely aqueous solutions.

We have verified that NaCl at 100°C does not present any association.

Figure 5.1 [22] shows a surface in 3 dimensions which represents the negative
logarithm of the equilibrium constant for the dissociation of NaCl into Nat and
C1™ solution as a function of the temperature between 400°C and 800°C and of the
logarithm of the density of water.(-0.52 to -0.12 i.e. 0.01 to 0.1 molal)

oo-1 m1-2

. |o2-3 O34

-log(K)
b

L |m45 @56

0,
S
densité S

Figure 5.1: The negative logarithm of the equilibrium constant for the dissociation
of NaCl at 0.1 to 0.01 molal as a function of the temperature and the logarithm of
the density log d (gem™?)
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We used the data to obtain by extrapolation the equilibrium constant for the
dissociation at 100°C: We plot on Figure 5.2 -log K as a function of the temperature

for each density value. Fitting each curve we obtain a straight line.

-log(K)

L
L
T o g O 1
300 400 500 600 700 800 900
T/°C

Figure 5.2: The curves of negative logarithm of the equilibrium constant for the
dissociation of NaCl at 0.01 to 0.1 molal as a function of the temperature for one

density d (gem™?)

For each density value d we obtain, a relation -log K=a+bT, a, b and r (regression
coefficients). Coefficients are reported in Table 1. Then, we evaluate K as a function
of d at T=100°C. We obtain a straight line in Figure 5.3.

We find for the equilibrium constant a value of 26.91 by taking a density of 0.96

for water at 100°C in replacing this value in the following equation

—log K =5.51 —7.22%0.96 (5.79)
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d (g.cm—3) a b (K1) r
0.3 3.2676 | 0.0031133 | 0.98888
0.35 2.6973 | 0.0027267 | 0.98262
0.4 2.3456 0.0023 0.9878
0.45 2.1022 0.00185 0.9973
0.5 1.7473 | 0.0016933 | 0.99688
0.55 1.4142 0.00158 | 0.99987
0.6 1.0516 | 0.0015733 | 0.9985
0.65 0.65533 | 0.0016633 | 0.9976
0.7 0.21536 | 0.00185 | 0.99882
0.75 0.22107 | 0.0020357 | 0.99521

Table 5.1: Fitting parameters for -logK= a+bT as a function of T and d.

-log K'in a function of the density

3 I T
—— ) =5,5111-7,2220x R=0,99923

25

-log(K)
&

0,5 7 """""""" """"""""" o """"""""" l

0,8 0,7 0,6 0,5 0,4 0,3

density (g/cm3)

Figure 5.3: The curves of negative logarithm of the equilibrium constant for the

dissociation of NaCl at 0.01 to 0.1 molal as a function of the density d (gem ™)
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thus

K = 10" =26.91 (5.80)
The dissociation constant writes
[Na™][Cl™]

K=—66/4/—_""- 5.81
[NaCl] (5.81)

and with « the dissociated fraction of NaCl we have

oa’m

K= 5.82
T (5.82)

where m is the molality of salt.
Let us now discuss the validity of this constant value:

Taking a molality of 0.1 molal we obtain resolving Eq. 5.81, a dissociated frac-

tion:
Lo K \/(QI;(LK +4m)) (5.83)
L T26.914 \/(26.(9).12(26.91 +4%0.1)) (5.84)

We find a dissociated fraction of 0.996. We can thus consider that NaCl is nearly
totally dissociated in a solution of 0.1 molal. As K is high it means there is not
association at 6 molal.

As knowing this, we can express the excess Gibbs energy of solution per kilogram
of water, denoted by G¢, which is given by [1, 23]

G =vmRT(1 — ¢+ Invz) (5.85)

which is equivalent to ). N;uF. In this equation, m is the molality of salt, v is
given by Eq. 5.69 and ¢ is the osmotic coefficient

T
=1 —lxl Ina; (5.86)

in which a; = a (Eq. 5.50)

The relative enthalpy per kilogram of water, L, is expressed as [23]

0G| T
L=-T? 5.87
oT (5:87)
Then the apparent relative molal enthalpy [23] reads
O, =L/m (5.88)
The apparent molal heat capacity, defined as
1 [¢]
q)cp = (Cp — Mlcpl) /m (589)
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where C;, is the heat capacity of solution (for 1 kg of water) and Cj is the heat

capacity of pure water, is also given by [23]
P, =C% + — (5.90)

in which C’I?; is the partial molal heat capacity of salt at infinite dilution.

We now give below a few relations showing the connections between the above
Eqgs. 5.87-5.90.
The total relative heat capacity, J, is defined as [24]

J=C,—C%=C,— (mC; +n,CY) (5.91)

where C} is the molal heat capacity of pure water, and n; and ny are the mole

numbers of water and solute, respectively. For 1 kg of water, one has
ny=1/M; ng=m

In Eq. 5.91, C7 is the (hypothetical) heat capacity of a solution of the same
composition, in which the components would have the same properties (same partial
heat capacities) as at infinite dilution.

If we divide the total relative heat capacity by the mole number of solute one

gets
J Cp ny =
—=_2__C° _C? 5.92
ns ns ns p1 Ds ( )
The total heat capacity reads:
Cp=Cg+Cy (5.93)

where Cf is the excess molal heat capacity

J  mCy +nCE +CF cF

nq ° —

It may be shown using Eqgs. 5.89, 5.90 and 5.87 that

J C’f 09,
T h T (5.95)
Thus, -

od;,  C, mCy +nCp
L 1 s 5.96
oT N N ( )

_ Cp(m) — Cp(OO) (597)

N
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By definition €, = 220

at constant pressure.

— Tor
Hence OH(m) OH (00)
0P _ o~ ot (5.98)
oT g
OH(m) OH (c0) . , )
where =5 and — are, respectively, the molal heat capacity at molality m

calculated from the enthalpy, and that at infinite dilution from the enthalpy at

infinite dilution.

Hence,
H —H HF
o, = Hm) = H(co) _ (5.99)
N N
where H” is the enthalpy.
One gets
HE
0®, 9 ( " )
= 5.100
oT oT ( )
_ Gy nCy +nCy (5.101)
N ng '
0P, ~
with o oo
—n
b, = L —n (5.103)
nS
where ®¢, is the apparent molal heat capacity.
Unlike €}, and C} , C_'}?; is not an experimentally measurable quantity.
- 0P,
C® =0, — —~ 5.104
Ds 4 aT ( )
C_'}?; is the heat capacity of solute at infinite dilution.
It should be noted that ®¢,, C}, and %‘% depend on the concentration.
OP C, —nC° —n,C®
L2 " m 2 (5.105)

oT Tg

But C_'}?; does not depend on the concentration because it is defined at the reference

state.

5.3.6 Relation between partial heat capacity, entropy and

chemical potential at infinite dilution

The partial heat capacity of an ion i (= C or A), C,;, is related to its partial entropy,
S¥ . through B
_ 08%
C® =T —- 5.106
o =T (5.106)
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This relation can be easily demonstrated from the relations H = G + T'S and
S = —0G /0T, and the definition

0H
“=ar
The partial entropy SZ is
o H3®
Sy = N, (5.107)
where i=A,C.
Besides,
S =— (%) (5.108)
T P,N;
Hence, using Eqgs. 5.107,5.108
_ 82G®
SP = — ( ) (5.109)
ON;0T PN

The solvation entropy of solute at infinite dilution is defined as

S2 = veSE +vaS%, (5.110)

Using Eq. 5.107, one has that

08 0(‘%@) 9*G®

¢ ON; ON; OTON;
from which it stems that
go— _om (5.111)
Yo ar ‘

In the framework of our model, the chemical potential of ¢ at infinite dilution,
©, may be decomposed as
i = i (5.112)

®,el

because it is clear that the excess electrostatic part, p,“, vanishes at infinite dilution

of salt.
It results from Eqgs. 5.111 and 5.112 that the partial entropy at infinite dilution
is
SP =SP4 S5 (5.113)
The chemical potential of solute at infinite dilution reads
pe = vopd + vaps (5.114)
The partial molal heat capacity of solute at infinite dilution, defined by

R — R L
Cp,s — VCCp,C+VACp,A
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is related to the entropy of solute at infinite dilution by [25]
0%

o1?

which can be shown by using Egs. 5.106, 5.111 and 5.114.

CPy=-T (5.115)

5.4 Results and Discussion

5.4.1 Case of aqueous solutions

We have represented the following thermodynamic properties: the osmotic coeffi-
cient, ¢, the molal heat enthalpy, ®;, and the apparent molal heat capacity, ®¢,,
for some “simple” binary aqueous electrolytes (water + one salt) as a function of
the temperature.

These quantities could be fitted simultaneously in the case of LiCl and KCl
solutions.

Our MSA-NRTL model with hydration was used to compute the various thermo-
dynamic quantities under consideration. The osmotic coefficient, ¢, was calculated
using Eqgs. 5.50 and 6.43. The molal heat enthalpy, ®;, was computed from Egs.
5.85, 5.87 and 5.88. The apparent molal heat capacity, ®¢,, was deduced from Eq.
5.90. These tedious algebraic calculations were performed using the Maple software.

First, as usual, we performed the test consisting of verifying numerically that the
osmotic coefficient, ¢, and the mean salt activity coefficient, v, accurately satisfy
the Gibbs-Duhem relation. Then, the parameter values of our model were adjusted
by simultaneously fitting experimental values for ¢, &1 and @, .

Experimental data were taken from the following sources.

For LiCl solutions, data for ¢ are given at 25°C by Hamer and Wu [26]. For
temperatures between 25°C and 100°C, Gibbard [27] gives values up to 6 M for ¢
and for ®;. Values for ®¢, were taken from Riiterjans et al. [28].

For NaCl solutions, Gibbard and Scatchard [29] reported values for ¢ and &,
between 25°C and 100°C up to 6 molal.

For KCI solutions, Snipes and Ensor [30] reported values for ¢ and ®; between
25°C and 100°C. Tanner and Lamb [31] measured molal heat capacities up to 4 mol
kg1

For LiBr solutions, data for ¢ are given by Hamer and Wu [26] at 25°C. Values
for @, are available from Harned and Owen [24] at 25°C.

For NaBr solutions, Hamer and Wu [26] reported values of ¢ at 25°C and for &,

from Harned and Owen’s values [24].
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Table 2. Results of fits for various salts as a function of the temperature

(range= 0.1-6
mol kg~!) (except KCI for which range= 0.1-4 mol kg~') aqueous solutions.
T A s P s S B L
LiCl 2.07  -1.36 -1.47 52.8 -36.5 9.98  0.49 -0.005 4.8 -0.0100
NaCl -90.8 -2.63 91.72 -25646 -612 27764 0.469 0 2.39  -0.01
KCl 3.46 1.69 -1.43 1026 -904  9.56 0.403 0.003 4.85 -0.022
NaBr 3.23 -2.5  -1.25 1166 -2376 258  0.446 3.92107% 4.39  0.016
LiBr 444  -3.18 -2.06 102 -470  -876  0.443 7.92107% 4.75 0.08

@in K, ® in nm, ¢ in K~1.

Table 3. Results of fits of osmotic coefficient, dilution enthalpies and

heat capacities.

Ref. Salt T (/K) AARD,” AARDs,° AARDs, A
27, 28] LiCl 298-373  0.176 11.15 3.52
[29] NaCl 298-373  0.07 9.68
30, 31] KCl  298-358  0.06 7.88 6.19
26, 24] NaBr 298 0.247 5.82
26, 24, 32] LiBr 298 1.15 23.3

bAverage Absolute Relative Deviation (AARD) in % for ¢; ¢(AARD) in % for ®p;
4(AARD) in % for ®c,.

Results for some aqueous 1-1 electrolyte solutions between 25°C and 100°C are
collected in Tables 2 and 3. Plots of ¢ are shown in Figures 5.4-5.7 in the case of
LiCl, NaCl, KCI and NaBr, respectively. Plots of ®; are shown in Figures 5.8-5.11
for the same electrolytes. The ®¢, is represented for LiCl and KCl in Figures 5.13
and 5.14.

The LiCl and KCI systems were represented with the use of a total of 10 ad-
justable model parameters for the simultaneous representation of ¢, ®; and ®c,.
Namely, these parameters were p() and p®V) with p = 70w, Taw, Twe.ac, 01 and hy.
For comparison, Silvester and Pitzer [23] introduced 19 parameters to describe the
same properties for NaCl solutions in the (wider) range 0-300°C. We are not aware
of similar results for LiCl or KCI solutions. As seen in Figures 5.4,5.8,5.13 for LiCl,
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Figure 5.4: Osmotic coefficient as a function of molality for aqueous LiCl solution.
Symbols are experimental data [26, 27]: (e) 273 K, (o) 298 K, (V) 323 K, (V) 348
K, (W) 373 K
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Figure 5.5: Osmotic coefficient as a function of molality for aqueous NaCl solution.
Symbols are experimental data [29]: (e) 298 K, (o) 323 K, (V) 348 K, (V) 373 K
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and 5.6,5.10,5.14 for KCI, and in Table 3 giving the average absolute relative devia-
tion (AARD) of fits, the representations of the 3 properties for these two solutions

are quite satifactory.

0.98 4
0.96 -
¢ 0.94 4

092 4\

0.90 1

0.88

Figure 5.6: Osmotic coefficient as a function of molality for aqueous KCI solution.
Symbols are experimental data [30]: (e) 298 K, (o) 313 K, (V) 323 K, (V) 333 K,
(W) 343 K, (O) 353 K

We notice in Figure 5.4 that ¢ decreases with temperature for all molalities.
It is opposite for KCI, as seen in Figures 5.6. For NaCl in Figure 5.5 ¢ does not
exhibit a monotonous behavior as a function of T contrary of LiCl. The quality
of fit is satisfactory. However the magnitude of the parameters in Table 1 is large.
The behavior of NaCl is intermediate between that of LiCl and KCI with an initial
increase followed by a decrease, for moderate molalities. It is similar to LiCl at 6
mol kg~!. We notice that this peculiarity makes NaCl solutions difficult to model as
compared to other solutions. In Figure 5.7 the quality of fit of NaBr is satisfactory.
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Figure 5.7: Osmotic coefficient as a function of molality for aqueous NaBr solution.
Symbols are experimental data [26]: (e) 298 K
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Figure 5.8: Molal heat enthalpy as a function of molality for aqueous LiCl solution.
Symbols are experimental data [27]: (e) 273 K, (o) 298 K, (V) 323 K, (V) 348 K,
(W) 373 K

The values of the deviations in the fit of molal heat enthalpies, shown in Table 3,

are rather satisfactory, except in the case of LiBr.

The molal heat enthalpies, @, of LiCl, NaCl, KCI and NaBr solutions increase with
temperature (Figures 5.8-5.11). Figure 5.12 summarizes the results for the molal

heat enthalpies at different temperatures for several salts.
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Figure 5.9: Molal heat enthalpy as a function of molality for aqueous NaCl solution.
Symbols are experimental data [29]: (e) 298 K, (o) 323 K, (V) 348 K, (V) 373 K
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Figure 5.10: Molal heat enthalpy as a function of molality for aqueous KCI solution.
Symbols are experimental data [30]: (e) 313 K, (o) 333 K, (¥) 353 K

91



500

-500 4

-1000 -

6/ Jmol
L -1500 -1

-2000 A

-2500 A

-3000 -

m / mol kg *

Figure 5.11: Molal heat enthalpy as a function of molality for aqueous NaBr solution.
Symbols are experimental data [24]: (e) 298 K
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Figure 5.12: Recapitulation of molal heat enthalpies as a function of molality for
aqueous solutions at different temperatures. Symbols are experimental data: For
LiCl: (O) 298 K, (#) 373 K, for KCI: (V) 313 K, (M) 353 K, for NaCl: (e) 298 K,
(o) 373 K, for NaBr: (V) 298 K

92



As regards the heat capacities, it is important to notice that the standard partial

molal heat capacity of a salt, C®_, was taken as an adjustable parameter in the fit

p?s’
of ¢, (Eq. 5.90) because this quantity is not measurable experimentally.

-20

25 A
-30 1
-35 A
B
dcp / J mol

40 -

45

-50 A

Figure 5.13: Molal heat capacity as a function of molality for aqueous LiCl solution.
Symbols are experimental data [28]: () 303 K, (o) 323 K, (V) 343 K, (V) 373 K

Our fitted values of C‘ES are given in Table 4. They may be compared with the
results reported in references [28, 33]. It is seen in Figure 5.15 that our set of values

is in reasonable agreement with these previously published values.
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Figure 5.14: Molal heat capacity as a function of molality for aqueous KCI solution.
Symbols are experimental data [31]: (e) 298 K, (o) 318 K, (V¥) 338 K, (V) 358 K
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Figure 5.15: Partial heat capacity at infinite dilution C. e LiCL and A KCI (our
work), o LiCl and v KCI [28], A LiCl and KCI ¢ [33].
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Table 4. Experimental values of C’g?s calculated from Eq. 5.104 for LiCL
T (/K) Cvgiezp Cvgifit
303.15 -68.16 -58.17
323.15 -56.26 -52.46
343.15 -51.47 -54.94
373.15  -58.1 -76.78

One also notices that this quantity for LiT is larger than for K*. This fact,
already observed by other authors [34, 35, 36] was interpreted by a stronger ionic
hydration in the case of Li™ as compared to K*. Zwicky [35, 36] suggests two effects:
(i) a physical effect of the ion on the solvent which is manifested as an internal
pressure varying from point to point in the solution, and (7i) a chemical effect of
the ion on the solvent which plays a part in determining the thermal properties of
solutions, and for dilute solutions, increases linearly with the concentration. Webb
[37] writes that the electrostriction effect is due to the pressures resulting from the
attraction of the solvent dipoles by the ion. Authors [28, 34, 38, 25, 39] suggest
that it might be interpreted in terms of structure breaking and structure making
effect. Lynden-Bell [40] uses the solvation entropy which we have seen in a previous
section, to describe the notion of structure breaking and structure making. This
author proposes two alternative interpretations for these phenomena. In Figure
5.16 the solvation entropy becomes more negative as the solvent molecules become
aligned in the electric field of the ion, this is the structure making effect. The
increase in solvation entropy with charge is the result of the structure breaking
by the ion. The double maximum occurs when the structure-making balances the

structure-breaking.

Another point of view is to consider the uncharged solute, and we can remark
a minimum for the solvation entropy. The low solvation entropy can be attributed
to hydrophobic ordering. This effect has been known as the iceberg effect [41]. We
can explain this effect with the micelle example and the monomers. Generally the
internal energy U; for the micelle is higher that of the monomer. If we consider
the solvation entropy we have the same trend, Ss.,, is higher than Sgu,,. Only the
free energy F) of the system of the micelle and F; of the monomer has the opposite
trend. Indeed F =U — TS
hence:
Fy < Fy (5.116)
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Figure 5.16: Variation of the solvation entropies of spheres of the size of sodium and
chloride ions with ion charge at room temperature Solid line Na™? and dotted line
Cl™1. Taken from [40].

The hydrophobic effect is attributed to the organization of the water molecules
around ion. Water forms a cage around ion. If this manner is well-ordered we have
the lower solvation entropy. The energy is very small and the solvation entropy is
determined by the probability of finding a cavity in the liquid that is large enough to
insert the sphere of solute. Thus the solvation entropy is negative and becomes more
negative as the solute size increases. It has been shown [42] that the distribution
of cavities in the neat liquid is sharpened by the network structure lowering the
solvation entropy for larger solutes. The residence times of water molecules in the
primary hydration shells of discharged sodium Na°, chloride Cl°, and iodide I° in
SPC/E (water model) water are approximately 9, 18, and 24 picoseconds respectively
at 298 K. The lifetimes of these cages are relatively long and they increase with
the size of the non polar solute. The cage begins to break down when the solute is
charged and the solvation entropy rises to a maximum. We have a structure-breaking
effect. Further increases in the charge lower the entropy as the solvent molecules
are ordered by the electric field of the solute. The residence times of water in the
primary shells of the Na™, C1~, I~ ions in Simple Point Charge - Extended (SPC/E)
water are approximatively 20, 13, and 9 picoseconds at 298 K. They decrease with
the size of the solute which the opposite trend of the uncharged solute.

However, these notions have recently been shown to be relatively ambiguous [43].

Frank and Evans [39] classified the ions on the basis of their partial solvation

entropies because the entropy is an extensive property with a sound physical mean-
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ing. Unfortunately, the present MSA-NRTL model with ion hydration cannot be
used to compute values for the partial solvation entropy of ions at infinite dilution,
because this model takes the hydrated ion as a reference (the species involved in the
NRTL relation is the ion plus its hydration shell) and thus does not describe the
interaction of the bare ion with water, which is what would be needed here.

Besides, Eq. 5.104 can be used to determine values for the C®_, by using ex-

,8)
perimental values for @7, and ®¢, as a function of T'. This was dorfe by first fitting
the values for ®.(7") vs. T. This fit allowed us to calculate the derivative of &,
w.r.t. T, and introduce this value into Eq. 5.104. The calculation was made for two
salt concentrations in the case of LiCl (for which sufficient data are available as a
function of temperature, which is not the case of other salts), at 0.5 and 1 mol kg~
In principle, the resulting values for C‘ES should not depend on the concentration
used to compute it, and it should be a function of T" alone for given salt.

The are given in Table 4. Figure 5.15 shows that displays negative values of
C‘Z‘?; over the entire temperature range of 10-80°C. This result is in accordance with
Riiterjans et al. [28].

We also compared the “experimental” values of C_’E; with our fitted values. Figure

1

5.17 shows that the “experimental” values at 0.5 and 1 mol kg™" are quite close to

each other, and differ appreciably from the fitted values at 300 and 373 K.

In Figure 5.13, we observe that, in the case of LiCl, ®¢, varies in a non-
monotonous way as a function of T for any concentration. Initially, it increases
up to 343 K, and then it decreases. The model renders this behavior rather sat-
isfactorily in view of the difficulty of describing this second-order thermodynamic
quantity (second derivative of G w.r.t. T'). Figure 5.18 sums up the results for the

molal heat capacities at different temperatures for several salts.
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Figure 5.17: Molal heat capacity at infinite dilution C’g’; . o LiCL 0.5m experimental
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Figure 5.18: Recapitulation of molal heat capacities as a function of molality for
aqueous solution at different temperatures. For LiCl: (o) 303 K, (o) 373 K, for KCI:
(V) 298 K, (W) 358 K, for LiBr: (v) 298 K.

Lastly, one notices that ®¢, (LiCl) > ®¢, (KCl) for given temperature. The same
trend is found for C,.

In Table 2 we also remark that the three TIES)Q ACH Téov)v , Tf(lov)v have a little small
values for the five salts of the order of a few kT, except for NaBr and LiBr which
have TIEI(/])Q 4o ~ 4. We also notice that Tﬁﬁ}v are close for the LiCl, KCI systems. The
values are satisfactory.

On the contrary, TI%)C ACH Télv)v and Tf(llv)v for NaCl are rather high and exhibit
a pathological behavior. NaCl presents a peculiar behavior which is difficult to
represent. The high values obtained reflect this difficulty.

If one looks at the mean ionic size we can see that it decreases by 69% for LiCl
when it passes from 25°C to 100°C. It remains constant for NaCl. In the case of
KCl, the mean ionic size increases by 56% for the same temperature variation. We
observe the same trend for NaBr which passes from 0.446 nm at 298 K to 0.74 nm
at 373 K, an increase of 60%. With regard to LiBr this size decreases a lot.

The third parameter which presents a good behavior as a function of the tem-
perature is the hydration number. It decreases for the first three salts LiCl, NaCl
and KCI1, of 15%, 31% and 34% respectively.

For NaBr we observe an increase of the hydration number of 28% and finally for

LiBr an important gap.
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5.4.2 Mixed aqueous solvent electrolytes

We have studied the mixed aqueous solvent electrolytes (two solvents + one al-
kali salt) to calculate the activity coefficients of water and organic solvent at the
temperature between 52°C and 72°C.

We verified numerically that the activity coefficients f; for water, fy for solvent
and f for the salt accurately satisfy the Gibbs-Duhem relation.

The NRTL binary interaction parameters 7;; obtained for the binary subsystems
[16, 44] were used for the ternary systems. Two sets of binary parameters were
determined earlier: those for the water/salt aqueous solution and those for the
binary water (solvent 1)/solvent 2 mixture. The first set was calculated in the
previous chapter [15].

As we have seen in the theoretical section, the activity coefficients of water and
solvent, fi and fs, can be computed from the vapor-liquid equilibrium data.

Data for the density of the water/methanol and water/ethanol mixtures were
taken from refs. [45] and [46], respectively. Those for the virial coefficients were
found in ref. [47] for methanol, from ref. [48] for ethanol, and from ref. [49, 50, 51]
for water. The values of the dielectric constant of ethanol were taken from ref. [52]
and from ref. [53] for methanol. Finally, the saturation pressures were obtained
from refs. [54, 55] for water, ref. [56] for ethanol and from ref. [57] for methanol.
The values of molar volumes were calculated from density values [58, 59].

The results for the description of mixed aqueous solvent electrolytes at differ-
ent temperatures, are collected in Table 5. Plots of the different thermodynamic

properties are given in Figure 5.19-5.23.
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Mean activity coefficient of salt
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m/(mole kg '1)

Figure 5.19: Results of fits for NaCl water-ethanol mixture at 25°. (o) 0 % ethanol,
(o) 20 % ethanol, (V) 40 % ethanol, (V) 60 % ethanol

These properties were represented using a total of 5 new adjustable parameters.
Namely, these parameters were p = 7cz,Taz, Tzc.ac, 02 and hy. The AARD value
of 3.3% for the activity coefficient of water and ethanol in the salt-water-ethanol
system obtained is much smaller than the value for water and methanol in the LiCl-
water-methanol mixture. On the other hand, the AARD for NaBr-water-ethanol
and KCL-water-methanol are with teh top of 10%. It is seen when one adds a little
salt that the experimental activity coefficient of water changes much, this effect
cannot be predicted by the model. This model does not account for this effect: the
dramatic drop of experimental activity coefficient of water upon salt addition for
small quantity of salt.
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Figure 5.20: Results of fits for NaBr water-ethanol mixture at 25°. (O) refers 0 %

ethanol, (l) 10 % ethanol, (V) 20 % ethanol, (o) 40 % ethanol, (e) 60 % ethanol,
(V) 80 % ethanol
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Figure 5.21: Results of fits for NaBr water-methanol mixture at 25°. (o) refers 10

% methanol, (o) 20 % methanol, (¥) 40 % methanol, (V) 60 % methanol, (l) 80 %
methanol
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Mean activity coefficient of salt
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Figure 5.22: Results of fits for KCl water-methanol mixture at 25°. (o) 10 %

methanol, (o) 20 % methanol, (¥) 30 % methanol, (V) 40 % methanol, (M) 50
% methanol, ((J) 60 % methanol
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Mean activity coefficient of salt

T/(°C)

Figure 5.23: Results of fits for HCl water-dioxane mixture at 25°. (o) 0 % dioxane,
(o) 20 % dioxane, (V) 45 % dioxane
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Table 5. Effective values of parameters for temperatures between

352-372 K.

Ref. Mixture T (/K) TLicl T T AARDS, AARD?C2

[60] LiCl w-EtOH  352-366 0.005-0.034 0.282-0.936 0.03-0.713 44 2.2
61, 62] KClw-EtOH 343-360 0.029-0.144 0.463-0.862 0.083-0.487 6.8 3.6

[63] LiBr w-EtOH 352-356 0.029-0.144 0.463-0.862 0.083-0.487 2.1 1.1

[64] NaBr w-EtOH 355-360 0.061-0.154 0.336-0.781 0.065-0.603 10.8 4

[60] LiCl w-MeOH 342-372 0.005-0.065 0.281-0.499 0.032-0.714 3.4 9.5

[65] KCl w-MeOH  351-365 0.005-0.065 0.281-0.499 0.032-0.714 5.1 10.6

@ Average Absolute Relative Deviation (AARD) in % for fi,® (AARD) in % for f,

The results indicate that the LiCl-water ethanol system is more accurately de-
scribed than the LiCl-water methanol system. It must be underlined that, in prac-
tice, the proportion of organic solvent in the mixed aqueous solvent solutions was
limited to values allowing a satisfactory fit of the data. So, in the case of LiCl in
water-ethanol mixtures the proportion of alcohol was limited to 70 weight-%. On
the other hand, the treatment was applied to the maximum salt concentration to
which data are available (maximum concentration of ca. 5 mol kg™! for 1-1 salts

in the water-ethanol mixture and ca. 2.5 mol kg~!

in the water-methanol mixture).
We remark in Table 6 that the values of the interaction parameters 7 are so little
high but they remain of the order of a few kgT, in agreement with those of previous

work [19] presented in the next chapter.
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Table 6. Results of fits for salt water-alcohol mixture at the

temperature between 352 and 372 K: interaction parameters

Mixture T (/K) Tzcac Toz Taz
LiCl w-EtOH 352-366 4.13 495 5.24
KCl w-EtOH 343-360 1.77 888 &8.82
LiBr w-EtOH 343-360 0.85 13.9 15.56
NaBr w-EtOH 355-360 0.102 3.7 4.57
LiCl w-MeOH 342-372 6.37 6.67 5.33
KCl w-MeOH 342-372 3.31 4.67 4.66

The 7z¢.4¢, Tcz, Taz have a fine behavior. We find a high value of 13.9 for ¢4
and 15.56 for 74, for the LiBr-water ethanol system. For the other systems the

interaction parameters 7 have reasonable values.

All are positive. In particular 7oz and 747>0, indicating a 'repulsion’ between
the ions and the solvent 2, as compared to the interaction between molecules of

solvent 2.
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Table 7. Results of fits for salt water-alcohol mixture as a function of

the temperature : mean ionic size, hydration number

Mixture T (/K) o02*  hy
LiCl-w-EtOH  352-366 0.526 0
KCl-w-EtOH  343-360 0.427 3.22
LiBr-w-EtOH 0.722 0

NaBr-w-EtOH 355-360 0.684 0
LiCl-w-MeOH  342-372 0.774 0
KCl-w-MeOH 0.421 0

¢ In nm.

In Table 7, the mean ionic size remains constant for the temperature interval.

We remark that the solvation number hs, is smaller than the hydration number

h;.

For electrolytes in solvent mixtures at 25°C, the model involves only binary

system parameters. We took the binary parameters of Table 2. To describe the

system we have 5 new parameters: the 3 interaction parameters 7, the mean ionic

size and the hydration number, all as a function of temperature. The results of fits

are satisfactory. Furthermore the interaction parameters 7 again are of the order of

a few kgT’s.
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Table 8. Results of fits for salt water-alcohol mixture at 25°C

Ref. Mixture ng AC Téoé ng hﬁo) héo) O{O)a O’éo) AARDVI’

[66] NaCl w-EtOH 60 235  11.97 11.98 2.39 5.2 0.469 0.208 1.4
[67] NaBr w-EtOH 80  0.16  -1.71 2.85 4.39 0.446 0.497 3.7
[67] NaBr w-MeOH 80 1.29  -3.23 048 4.39 0.446 0471 3.4
[68] KCl w-MeOH 60 3.09 2.26 3.28 4.85 0.403 0.241 2.59
(69, 70] HCIl w-C4HgO2 45 -1.02 -0.331 -2.15 4.32 0.439 0.0 0.96

o o o O

¢ In nm, * AARD in %, ¢ max w-% of solvent 2.

In Table 8, the interaction parameters have a satisfactory behavior.

If we compare the mean ionic size a§0)20.208 nm in the NaCl-water ethanol and
KCl water-methanol respect to NaCl and KCl in pure water we find smaller values.

We notice on the contrary a different behavior for NaBr-water-ethanol and
methanol.

For HCI the size in the mixture is of the order of HCI in water like [19], U§0)20.473
nm.

We have the solvation number héo) = (0 for NaBr water-ethanol, NaBr and KCI
water-methanol and HCI water-dioxane except for NaCl water-ethanol. It was men-

tionned above that NaCl is a system which presents a difficult behavior.
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5.5 Conclusion

The above results show that the MSA-NRTL model is improved when taking into
account the process of solvation. It has been possible to fit the model so as to
describe the heats of dilution and the heat capacities of aqueous solutions. The
interpretation of the variations of these quantities in terms of entropy provides the
physical meaning of the models allowing the calculation of the partial molal heat

capacity at infinite dilution C%_, namely the structure breaking/structure making

,59
effect in the liquid. This can lfe compared to experimental results such as those of
Omta et al. [71] who showed by means of femtosecond pump-probe spectroscopy
that the structure of water around the ions is not really modified beyond the first
solvation shell. The presence of the ions would have no influence on the hydrogen-
bond network in liquid water. The ion plus its hydration sphere should be regarded
as a rigid spherical solute on a picosecond time scale. Pursuing future improvements,

hydration will be treated as a function of concentration of solute.
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List of symbols

Py, P jk

activity of species ¢

anion

Debye-Hiickel coefficient for enthalpy
Debye-Hiickel coefficient for the osmotic function
Universal parameter equal to 1.2 kg'/?mol~1/?
cation

cation hydrated

The third virial coefficient

heat capacity

The static dielectric constant

density of solvent ¢

charge of proton

activity coefficient of ¢ on stoichiometric mole fraction scale
activity coefficient of ¢ on “true” mole fraction scale
Gibbs energy of solution

partial molal excess Gibbs energy

specific Gibbs energy

Gibbs energy per particle of ¢

Total enthalpy of the solution

hydration number of cation by solvent ¢

ionic strength

Total relative heat capacity

Boltzmann constant

Relative enthalpy

molality

molar mass of solvent ¢

number of kilograms of solvent

mole number

Avogadro number

number of particles of ¢

defined by eqs 6.61 and 6.62
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Constant parameters of Pitzer

entropy

Smodel  Set of particle numbers within the model (eq 6.19)
Sir  set of particle numbers at LR level (eq 6.20)
temperature

volume of solution

water

stoichiometric mole fraction

“true” mole fraction scale

Electronic charge

valence of ion ¢

coordination number

Greek letters

a NRTL random parameter, Universal parameter equal to 2.0/2mol =1/
5 = 1/kgT

ﬁg&, 5(0121 The second virial coefficients

Vi mean salt activity coefficient on molal scale

r MSA screening parameter

g; relative permittivity of solvent ¢

€0 permittivity of a vacuum

K Debye screening parameter

A Bjerrum length

i chemical potential of species i
v = Vo + Vg
Vi stoichiometric number of species 7 in salt
10} osmotic coefficient
®c, molal heat capacity
033 molal heat enthalpy
Di number density of species ¢
0 diameter of species 7
Subscripts

1 total water
2 total solvent
W free water

7 free solvent

sol Solution
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Superscripts

®

(0)

el

ex
hyd
id
MSA
SR

reference state

value at T=298.15 K

electrostatic contribution

Excess

contribution from hydration

ideal contribution

contribution within mean spherical approximation

contribution of short range forces
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Chapter 6

Stepwise solvation-equilibrium

model associated to the
MSA-NRTL model

The previous model of assigning to the ions a fixed hydration number independent
of concentration is clearly an over simplification (though a convenient one). This
inevitably results in failure of the equations at high concentrations. For example,
if the lithium ion is assumed to exist as tetrahydrate, all the water in the solutions
is bound at a molality of 55.51/4, i.e., 13.9 m, and the water activity should then
be zero. In fact, lithium chloride is soluble beyond 20 m, and the water activity in
the 20 m solution is still 0.11. Clearly, one need a model in which the hydration
phenomenon is treated as an equilibrium of various stages of hydration. The essential
validity of this idea is strongly supported by impportant mass-spectrometric studies
of the enthalpy and free-energy changes for stepwise hydration processes in the gas
phase, reported in recent years by Kebarke [1] and associates.

We now present aa model accounting for the decrease of hydration number with

salt concentration, based on the work of Stokes and Robinson.
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6.1 Modelling of the thermodynamic properties
of ionic solutions using a stepwise solvation-

equilibrium model
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Abstract The stepwise solvation-equilibrium model of Stokes and Robinson is
used for a description of departures from ideality in ionic solutions. It is shown how
to construct a thermodynamically consistent model including solvation effects. Sim-
ple expressions are derived for the mean ion solvation number. The model is applied
to strong electrolyte solutions (pure water+salt and mixed aqueous solvent+salt) by
taking the mean spherical approximation (MSA) for the long-range contribution to
the Gibbs energy and a local composition model, the nonrandom two-liquid (NRTL)

model, for the short-range contribution.

6.1.1 Introduction

The modelling of the thermodynamic properties of ionic solutions can have various
applications in solution chemistry, in geochemistry and for the design and control of
industrial processes. In the latter domain, it may be useful for liquid-liquid extrac-

tion, distillation, hydrometallurgy, seawater desalination, absorption refrigeration,
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crystallisation and synthesis of drugs and chemicals, with not only water as the
solvent but also organic solvents and aqueous solvent mixtures.

Various models have been proposed in the literature, among which one may dis-
tinguish two types: (i) models based on a statistical mechanical treatment of the
system, pictured as a collection of objects of definite shape and size, interacting
through elementary known pair potentials, and (7i) semi-empirical or phenomeno-
logical models, comprising a contribution from electrostatic interactions (generally
a Debye-Hiickel term) that is generally decoupled from other interactions.

Models of type (i) are constructed at the McMillan-Mayer (MM) level of solutions
[2] where the solvent is regarded as a continuum (primitive level), as in the primitive
mean spherical approximation (MSA) [3, 4, 5, 6, 7, 8], or at the Born-Oppenheimer
level where all species are considered on an equal footing, as in the nonprimitive ion-
dipole mixture MSA [9]. Examples of models of type (i) include the Pitzer model
[10] and representations using a local composition term such as the nonrandom two
liquid (NRTL) model [11, 12, 13]. In principle, models of type (i) are appealing
because they are expressed in terms of basic microscopic interactions. However, the
equations are analytically tractable only for simplified systems, such as a collection
of charged hard spheres in a dielectric continuum. They rapidly become highly
complicated as more realistic systems and interactions are considered, requiring
the use of numerical techniques in order to solve them. Descriptions at the MM
level, which can give satisfactory descriptions of osmotic and activity coefficients
[4, 5,6, 7, 8], do not seem to be well suited to the description of enthalpies and heat
capacities because they do not account explicitly for the properties of the solvent.
Therefore, this route seems difficult for practical applications in which analytical
working equations are desired. Such expressions can be obtained more easily within
models of type (i7). In this case however, each parameter may account for several
elementary phenomena. An unpleasant consequence of this fact is that the variations
of these lumped parameters cannot be correlated with the characteristics of the
salt. Nevertheless, since it is nearly hopeless to include all effects separately in the
equations, one has to distinguish which interactions are predominant and introduce
them in the formulation of the model. Other (minor) interactions may be hoped to
have only a small perturbative effect on the values of the main parameters.

For a strong electrolyte in water, ion-ion electrostatic interactions are one such
major effect. Their influence on departures from ideality can be expressed using
a suitable model such as the MSA. This effect is dominant at low salt concentra-
tion. As salt concentration becomes higher, ion-ion interactions become progres-
sively screened while the contribution of other forces becomes relatively increasingly

important. These other forces are short-ranged (SR) as opposed to long-ranged

123



ion-ion electrostatic forces. SR forces between particles have various origins and
their effect is much more difficult to estimate than that of electrostatic forces. This
difficulty can be circumvented at the MM level where only the solvent-averaged
potentials between ions need be considered [2], without having to account for ion-
solvent and solvent-solvent interactions. Clearly, one needs to account for SR forces
if one wishes to construct a model including the solvent explicitly.

At this stage, it is necessary to distinguish between strong and weak attractive
SR forces. Strong SR attractions lead to association in solution, namely solvation,
chemical association and ion-pairing. Weak SR attractions may alternatively be
termed van der Waals forces.

The importance of association has long been recognised [14] and it has been
the subject of many studies in the literature. Association has been introduced
using chemical models (e.g. that of Dolezalek [14]), or physical models based on
the thermodynamic perturbation theory (e.g. the sticky point interaction model of
Wertheim [15] or the therefrom derived SAFT formalism [16]). The effect of weak SR
interactions has been described by a van der Waals perturbation term [17, 18, 19,
a virial expansion term in the Pitzer model [10] or a contribution corresponding to
interactions with nearest neighbours, as in Guggenheim lattice model [20] or local
composition models like NRTL [21] or UNIQUAC [14].

Although hydration is known to be a crucial process in aqueous ionic solutions,
the thermodynamic models taking it explicitly into account are rather scarce. The
simplest way of accounting for this effect is to suppose a constant salt hydration
number, independent of salt concentration. This simplification was introduced by
Robinson and Stokes [22], and subsequently utilised in the literature, e.g. in com-
bination with NRTL by Chen et al. [23]. However, if a more realistic picture is
desired, it must be noticed that it is not possible to impose an arbitrary, empirical,
dependence for the hydration number vs. salt concentration. On the other hand,
such a variation may be obtained by using the stepwise hydration-equilibrium model
of Stokes and Robinson [24] in which a cation can possess various discrete degrees
of hydration, related by stepwise hydration/dehydration equilibria.

In the present paper, hydration effects are introduced by utilising the basic as-
sumptions of the latter model [24], which was used subsequently by Schoénert [25]
for nonelectrolytes and by Zerres and Prausnitz [26] for mixed-solvent electrolytes.

We make here the approximation that simple anions are not solvated, meaning
that no solvent molecules are firmly attached to this type of anion on a sufficiently
long time scale (this notion is distinguished from the notion of coordination, the
former having a more dynamical meaning than the latter [27]). The reason for this

simplification is twofold. Firstly, various experimental [28] and theoretical [29] stud-
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ies point to weak hydration for simple anions, such as halides (except F~). A water
molecule is known to interact with a halide anion in much the same way as it in-
teracts with another water molecule, i.e. through hydrogen bonding. Consequently,
the mean residence time of a water molecule in the vicinity of such an anion is be-
lieved to be comparable with the its residence time in the vicinity of a bulk water
molecule (a few ps) [27]. Secondly, calculations were made in this work in which
the anion was also supposed to be hydrated. Because the stepwise hydration model
certainly is not adapted to this type of ion, a constant hydration number [22], h 4,
was ascribed to a given anion. It was found that the best results with this procedure
were obtained for hy = 0.

This simplification is besides very common. It was used in the original work of
Stokes and Robinson [24], as well as in many models at the MM level [7, 8, 26].

In contrast, some water molecules are tightly bound to small and/or plurivalent
cations. This view is confirmed by recent ab initio molecular dynamics simulations,
for Lit [30], Nat [31], KT [32], Mg*" [33] and Ca®" [34]. It is known that cation
hydration may be conveniently modelled as a process in which water can bind to a
finite number of sites [25, 26, 35]. We use this model below in section 6.1.2.

In the present work, it is shown how the various hydration equilibria can be
handled in a thermodynamically consistent way, for a given Gibbs energy that is
assumed to be split into short-range and long-range (electrostatic) contributions.
The further assumption of independent hydration sites on cation allows one to ac-
count for all stepwise hydration equilibria in a compact way. Finally, the method is
applied by taking particular forms for the electrostatic and SR contributions to the
Gibbs energy of solution, namely the MSA and NRTL expressions, respectively.

The theoretical aspects of this work are developed in the next section of this
paper. The third section is devoted to the presentation of the results and to their
discussion.

Most of the calculations of this work were done using the symbolic calculation

device Maple®.

6.1.2 Theoretical
Model for stepwise hydration.

We first consider an aqueous solution containing one strong electrolyte, C, A, ,,
with C the cation of stoichiometric number v and valence zo, and A the anion of
stoichiometric number v4 and valence z4.

Hereafter we use the subscripts 1 and W to distinguish the total water and the

free water (not bound to a cation), respectively. We adopt the basic view of Stokes
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and Robinson [24], who proposed that hydration may be modelled as a succession

of the following equilibria
Ci—1)+ W = C(3)

with C(i) the hydrate containing ¢ water molecules. The number of hydration water
molecules per cation is assumed to be bound by an integer n, representing the
number of “sites” on a cation: i < n.

These equilibria imply the following relation between the chemical potentials of

the species
He(i-1) T pw = Ho) (6.1)
defining the equilibrium constants

K, = fo) ay’ (6.2)

ac(i-1)

with ac(;) being the activity of C(i) and ay that of free water.
Then, considering the various hydrates C(7) as independent species with chemical

potentials (), the total Gibbs energy of solution may be written as

G = Nwuw + Z NC(z‘)MC(i) + Napig (6.3)
=0

where Ny is the number of particles of species k. Now, one gets from eq 6.1
pegy = Mooy + 1w (6.4)
Inserting this equation into eq 6.3 leads to
G = Nipw + Nepey + Najea (6.5)

because the total number of water molecules is
Ny = Ny + ) _iNeg (6.6)
=0
each cation C(7) possessing ¢ bound water molecules and the total number of cations
1s

Ng = ZNC(Z‘) (6.7)
i=0

Besides, the Gibbs energy written at the Lewis-Randall (LR) level (the level of the
experimentalist)
G:N1u1+NCuC+NAuA (68)
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It follows from eqs 6.5 and 6.8 that

[ = fiw (6.9)

and
He = [he(o) (6.10)

Eq 6.10 indicates that the deviation from ideality for the cation C is related to that
for the unhydrated cation, C(0). Eq 6.9 entails that

a; = aw (6.11)

because the standard chemical potentials of 1 and W are identical.
Relations similar to eqs 6.9 and 6.10 for associating solutions have been known
for a long time [36]. They were previously used by Schénert [25] for nonelectrolytes.
We now present a new method to treat hydration equilibria and departures from
ideality in closed form as follows.

For each hydrated cation C(i) one has

acey = Yo 9o i) (6.12)

with y; the so-called ‘true’ mole fraction of species k defined as

_ Ni
_Nw+N0+NA

Yk (6.13)

because the total number of independent species in solution is Ny + No + Ny, as

opposed to the stoichiometric mole fraction, xy, defined for the experimentalist (at

the LR level) as
Ny

~ N, + No+ Ny

In eq 6.12, go() is the activity coefficient of C(i) on the ‘true’ mole fraction scale.

(6.14)

Ty

Therefore by using eqs 6.12-6.14 in eq 6.2 one gets

K, = Mﬂaﬁ} (6.15)

Tc(i-1) 9o(i-1)
We now make the common assumption that the Gibbs energy of the system may
be split into two parts [14] as
G =G+ GF (6.16)

in which G is the long-range electrostatic contribution for ion-ion interactions and
G% is the short-range contribution. This (convenient) assumption may be expected
to be less satisfactory mainly at intermediate salt concentrations, because at low

concentration the behaviour of the system is governed by electrostatic interactions
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and, at high concentration, it is dominated by SR interactions (when electrostatic

forces are screened). Eq 6.16 implies that any activity coefficient g;, defined by

may be decomposed as
9= g5 97" (6.18)
At constant pressure and temperature, the relevant set of variables for the present

model is
Smodel = {NW>NC(O)a NC(1)> sy NC(n)>NA} (619)

leading to the definition of ‘true’ mole fractions (eq 6.13) while the relevant set for

the experimentalist (at the LR level) is
Str = {N1, Noy Na} (6.20)

to which stoichiometric mole fractions (eq 6.14) are associated. We will denote by
f an activity coefficient on this LR mole fraction scale.

We now turn to the calculation of the electrostatic and SR activity coefficients
appearing in eq 6.18, which are required for solving the hydration equilibria (eq
6.15) and assessing the deviations from ideality (eqs 6.9 and 6.10).

In this paper, we make the simplification that the different forms of the hydrated
cation, the C(7)’s, are energetically equivalent (identical SR and electrostatic interac-
tions for all hydrates). This hypothesis permits the development of a first reference
model with a minimum number of parameters. In future work, it will be possible
to relax this hypothesis by introducing suitable phenomenological dependencies for

the parameters.

Simplification of hydration equilibrium constants.

The electrostatic contribution to the Gibbs energy of solution, G¢, provided by any
reasonable model (at least at the primitive level where the solvent is regarded as a
continuum, which entails that G is not a function of Ny explicitly) is expected to

have an expression of the form
G = G({Ne),0 < j < n},Na, V) (6.21)

as it is the case for the the Debye-Hiickel [37], or for the MSA expression (the latter is
given in section 6.1.2). In this equation, V' is the volume of solution, which is known
from experiment at the LR level, as a function of Syg, that is V' = V(Ny, No, Na).

Therefore, if we assume that all cation hydrates are eneregetically equivalent,

one obtains from eq 6.21
G = G (N1, N, Ny) (6.22)
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The electrostatic contribution to the activity coefficients of C(j) is defined as

In g¢ { 086G

o= 7} (6.23)
J aNC(J) NW7{NC(k),k7éj},NA

a partial derivative performed in particular at constant Ny .

The form of G¢ given in eq 6.22 leads one to use the chain rule to pass from the
set of variables Spoqe1 to SLr. Using eqs 6.6 and 6.7, one gets

aGel aGel aGel
o] - o), o 024
Ne) Nw {Nc(k)k#i},Na Ne N1,Na N Nc,Na
Furthermore, by using the chain rule and eq 6.6, one finds
a Gel aGel
In il = { s ] _ { ] (6.25)
INw {No@) }Na IN Ng,Na

Therefore, by combining eqs 6.23-6.25 and taking eq 6.24 for j = 0, we obtain

In g8y = Ing&q) + Jj In gy

(6.26)
from which it results that l
9c(i .
“CU) o (6.27)
-1

Besides, the SR contribution to the Gibbs energy is naturally constructed in

terms of the variables contained in Sp,0qe1. Assuming that the various cation hydrates
have identical SR interaction parameters it stems that G must have the form

G = G*™(Nw, N¢, Na)

It is noticed that this contribution is a function of Ny instead of N; for G¢ in eq
6.22.

By applying eq 6.23, in which differentiation is made at constant Ny, one thus
arrives at the relation

SR _ SR
9c) = Ye-1)

(6.28)
Therefore, the combination of eqs 6.18, 6.27 and 6.28 leads to
OO gt (6.29)
ge@-1
which, by insertion into eq 6.15 and using the relation aw = ywgw, gives
Lo -1
Ki = — (yw g3") (6.30)
To-1)
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Hydration sites on cation.

We assume that the cation possesses n independent similar sites for solvent binding.
This model is well known in inorganic chemistry [35, 38]. It has been used previously
by Schénert [25] and Zerres and Prausnitz [26] for cation hydration.

It can be shown using statistical considerations at infinite dilution that the equi-

librium constants K; of eq 6.2 satisfy the following relation [35]

C,

K, = o= k1 (6.31)
with |
Ci = n!

"l — )
being the number of arrangements of ¢ water molecules on the n independent sites.
In particular, for i = 1, eq 6.31 gives

K1 = nk:l

meaning that k; represents the equilibrium constant for the attachment of a water
molecule to an individual site.
Thus, it stems from eqs 6.30 and 6.31 that

zow) = o) C (kuyw gif)’ (6.32)
By using this equation into eq 6.7 (written for z¢), we get from the binomial formula

zo =20 (1+ kiyw gif)" (6.33)

Moreover, for each solution composition, the average hydration number of cation

is given by
=) jreg)/Tc (6.34)
j=1

By using eqs 6.32 and 6.33 into eq 6.34, we obtain after simplification the remarkably

simple result
kyw gng
1+ kiyw gipft

This equation extends a relation given by Schonert [39] for semi-ideal nonelectrolyte

hy = (6.35)

solutions.

At infinite dilution of salt (y = 1 and g5 = 1 in eq 6.35) the value of h; is

@ _ ., Mk
m =n (6.36)

showing that 2\%) < n, and A® ~ nif k; > 1.
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The amount of free water is determined by calculating the mole fraction xy,
which satisfies the relation
Tw + hixe = 11 (637)

as deduced from eqs 6.6 and 6.34, in which hy is given by eq 6.35. In eq 6.37, x¢
and x; are known for a given composition of solution. Moreover, h; is a function
of xw, rc and x4 because of eqs 6.13, 6.14 and 6.35. This equation may be solved
numerically for xy,, by using a simple iterative procedure of the form zy (5 4+ 1) =

x1 — h1(j)zc and iterating on j, or by using a Newton-Raphson algorithm.

Calculation of the thermodynamic quantities.

The mean activity coefficient of salt in the LR system is
mf=2Lmpp+2mys, (6.38)
v v

where v = vo 4+ v4. In this equation, the activity coefficient of cation, fo, is

calculated using eq 6.10, from which we have

Bue +Wn(fexe) = Bug ey + W(ge)ye)

in which p% designates the standard chemical potential of X.
This conversion from the set of variables Spoqa to the set Spg can be handled
according to the classic procedure [22] by calculating the quantity N(gz(%) — ,uga ) at

infinite dilution, which by virtue of eq 6.33 leads to

3 (u?(m - u%) =n In(1+ k)

and hence - "
Yo + k1
_ JC A S 6.39
fc o (1 Py gﬁ,R) gc (o) (6.39)
For the anion, one has
fa= g, (6.40)
T A

In these relations, the activity coefficients gc (o) and g4 are obtained using eq 6.18,
the SR parts being computed with infinite dilution as the reference state, according

to

sn _ OBAGS®  OBAGST
i T TN, N,

Finally, the mean activity coefficient of salt on the molality scale, v, is obtained

Ing (Ne — 0,N4 — 0) (6.41)

using the classic conversion formula [22]

Ve =1 fx (6.42)
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By virtue of eq 6.11, the osmotic coefficient is calculated according to

o=-

T
1—1’1

In ay (6.43)

with
x1 = 1/(1+vmbl)
m being the molality of salt and M; the molar mass of solvent, and
aw = Ywgw (6.44)

in which gy is obtained from eqs 6.17 and 6.18.

In eq 6.43, by virtue of eq 6.44, we may decompose In ay as

Inay =Inz; +In (Z;—Vf) +1Ingf, + In gyt
and therefore we may write
b= ¢t 4 phvd o el | SR (6.45)
with the contributions .
¥ = — _1x1 In HX

and H = z; for the ideal contribution, H™¢ =y /z;, H® = g, and HF = gt

In eq 6.45, ¢"¥? may be regarded as the first contribution to ¢ resulting from
hydration (¢™¢ = 0 in the absence of hydration).

In the present model, all solvation equilibria are accounted for consistently, with
all intermediate activity coefficients calculated from the Gibbs energy of the system.
This guarantees that the mean salt activity coefficient 74 and the osmotic coefficient
¢ automatically satisfy the Gibbs-Duhem relation.

Case of solutions of acids.

In the case of strong acids (such as HCI) in water, it may be preferable to consider
that the state of minimum hydration for the proton is the hydronium ion, HzO™,

not HT.

In that case, one may utilise eq 6.30 for the reaction
H* + W = H307

with the equilibrium constant Ky, and eq 6.33 with n the number of sites on the
H30% ion. Then, the use of the same conversion procedure as in the preceding

subsection and taking the limit Ky — oo leads to

yHJr ]. + kl " SR —1
= 6.46
Ju+ P (1 kry gSR) (yW 9w ) gH30+ ( )
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The average hydration number (eq 6.35) is modified as

kiyw gng

hy =14 n—IWIW __
1+klyW9x§VR

(6.47)

Contributions to Gibbs energy of solution.

For the practical calculation of activity coefficients used in the Results section, the
particular forms taken for the contributions to the Gibbs energy of solution were as

follows.

Expression for G¢

For the electrostatic contribution, we adopted the restricted primitive MSA expres-

sion [3], as in our previous work [13], which reads
G = AMSAY (6.48)

with V' the volume of solution and AM54 the Helmholtz energy per unit volume,

expressed as
3

T
2 2
— 6.49
1+ To, (pozd + pazi) + . (6.49)

in which o4 is the mean ionic diameter in water, taken to be the same for the various

BAYSA = —)

hydrates and the anion,
pr = Ni/V

is the number density of species k, A is the Bjerrum distance,
)\ = Be?/4mege (6.50)

with 6 = 1/kgT, e the charge of the proton, €y the permittivity of a vacuum and &
the relative permittivity of solution. The value of X is ca. 7 x 107!° m for water at
25°C.

In eq 6.49, T is the MSA screening parameter, which satisfies the relation [40]

aAMSA
- =0 6.51
a0 (6.51)
so giving )
[=o— (V1+2koy — 1) (6.52)
01

with x the Debye screening parameter

K= \/47T)\(PCZ% + paz?y)
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Thus it results from eqs 6.48 and 6.49 that

F3
(Nezg + Nazi) + gv (6.53)

G = -\
ﬁ 1—|—F01

which has the form of eq 6.21.
Using eq 6.51 in the chain rule for partial derivatives, which allows to differentiate
G at constant I', and eq 6.7, differentiation of G w.r.t. Ne(o) leads to

3
r , T { )% (6.54)

1 el N -
N gc(o) 1+Toy “c 3 @NC(O)

:| NWv{NC(k)vkio}

By applying eq 6.24 to V instead of G¢, and taking it for j = 0, one finds that eq

6.54 may be rewritten as

r 3 rov
Ingég = —A Zt — | = 6.55
N gec(o) 1+ FO’1ZC + 3 |iaNC:|N17NA ( )
Moreover, differentiating eq 6.53 w.r.t. N4 yields
r rrov
Ingy = -\ At — | 6.56
19a 1+FO’12A+37T {8NA]NLNC ( )
Lastly, by applying eq 6.25 to G of eq 6.53 at constant I', one has that
s [rov
Ingf = — {—} (6.57)
3m 8]\71 No,Na

These expressions can easily be extended to the case of a solvent mixture by
taking the relative permittivity of the mixture in eq 6.50. Then, the MSA activity

coefficients of the solvents are given by expressions similar to eq 6.57.

Expression for G5

For the SR contribution, we took the NRTL expression for the system composed of
the species: the free water W, the “dressed” cations C(i) and the anion A.

The NRTL model, proposed by Renon and Prausnitz [21], is a local composition
model that is related [41] to Guggenheim’s quasi-chemical lattice theory [20]. Its
use in the case of electrolyte solutions has been described elsewhere [11, 12, 13], so
that we will only give the main results here.

In this framework and assuming that all cations are characterised by the same
NRTL parameters, the Gibbs energies per particle for one salt in water are respec-
tively given by [11, 12, 13]

SR _ NcPeow NaPaw
W= Tow + TA

w  (6.58)
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CSR Nw Pwc, ac

= 6.59
NwPwc,ac + Na TWE,AC (6.59)

GSR _ NwPwaca
NwPwaca+ Nc

in which no CC or AA term is present because of electrostatic exclusion effects (ions

TWA,CA (6.60)

of the same charge sign cannot be close to each other).
In the above formulae, the P’s, responsible for nonrandom local distributions,

are defined by
Pir, = pir/ ki (6.61)
and

Py jk = pic/DPjk (6.62)

where p; is proportional to the “probability” of finding a particle of type i in the

close vicinity of a particle of type k,

pir = exp(—afBwiy) (6.63)

where w;y, is the ¢ — k interaction energy and § = 1/kgT (kp being the Boltzmann
constant and T" the temperature). The lattice model of Guggenheim for the descrip-
tion of nonrandom mixtures [20] suggests that the parameter o be related to the

mean coordination number, 7, as [21, 41]

a=— (6.64)

Here we take o = 0.3, corresponding to ca. 6 closest neighbours for each species.

Moreover, one has in eqs 6.58-6.60
Tik = B(wir, — W) (6.65)
Tik gk = B(wir, — wj) (6.66)
Using eq 6.63, eqs 6.61 and 6.62 may therefore be rewritten as
Py, = exp(—aTi) (6.67)

Py jk = exp(—aTik k) (6.68)

The SR Gibbs energies (eqs 6.58-6.60) are thus expressed as a function of the
three interaction parameters: 7ow, Taw and Twe ac. Because of eqs 6.65 and 6.66
and the relation w;, = wy;, the parameter Ty 4 ¢4 is related to the other parameters
by

TWA,CA = TWC,AC T TAW — Tew (6.69)
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The total SR Gibbs energy is given by
G® = Ny Gl + NoGEE + NyGoR (6.70)

These NRTL relations can be easily generalised to the case of multisolvent elec-
trolyte mixtures [11, 12, 13|, as needed in the next section for binary solvent mix-

tures.

Salt in a two-solvent mixture.

This model can be applied to the case of salts in solvent mixtures [26]. The gener-

alisation of eq 6.32 for a mixture of solvents 1 and 2 is
To(ig) = To(0,0) [C; (/ﬁyW QEVR)Z} [Ciﬂ- (kzyZ ggR)j] (6.71)

with Z designating free solvent 2, ¢ and j being the numbers of molecules of W and
Z, respectively, on the cation and ks being the analogue of ki for solvent 2. This
relation can be shown by successively taking off j molecules of 2 (n—i sites available
for molecules of type Z) and then i molecules of 1, from C(i, j), and using eq 6.32.
In eq 6.71, it is supposed that n is the maximum number of binding sites accessible
to both solvents 1 and 2.

Because 4
o= T
i=0 j=0
one finds
ze = Tce0) (1+ kyw gy + kayz g57)" (6.72)

The two mean solvation numbers h; and hy of C by the two solvents W and Z,

respectively, are

n n—i
h1 = Z 1 Z xC(z‘,j)/-TC

i=1 ;=0

n n—j
hg = Z] Z Ic(m')/xc
j=1 =0

for which we get from eq 6.71 the following simple relations after simplification

h=n klygggvsz — (6.73)
L+ kiywaw™ + kayzgy
k SR
hy = 29297 (6.74)

n
1+ kiyw g + kayz 93"
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with the analogues of eq 6.37 for the conservation of molecules of solvents 1 and 2,
Tw + hxe = 11 (6.75)

Ty + hoxo = x9 (676)
Eq 6.39 becomes

fe

(6.77)

_ve (L ke )N
xc 1+ kywgi® + yzg3"° ©)

for the reference state being infinite dilution of salt in the solvent mixture, which is
the usual convention in the literature. In eq 6.77, x,(f)) and g,‘jR’(o)) (k =1,2) refer to
quantities in the salt-free solvent mixture, containing the same amounts of solvents
as in the ionic solution (salt-free basis).

It may be shown that the expression for the mean activity coefficient of salt (eq
6.38) is

Y+ = (1’1 + 1'2) fi (678)

which replaces eq 6.42 in the case of solvent mixtures.

In eqs 6.39 and 6.40, the activity coefficients g¢ () and g4 were computed by using
eqs 6.55 and 6.56 for the electrostatic part (with a mean ionic diameter o in the
mixture instead of o7 in water and with ¢ in eq 6.50 being the relative permittivity
of the solvent mixture), and the analogue of eq 6.70 for ions in solvent mixtures as
given elsewhere [13].

6.1.3 Results and discussion
Binary aqueous ionic solutions.

First, it was verified numerically that, as stated above at the end of Section 6.1.2,
the osmotic and mean activity coefficients, ¢ and y4 given by eqs 6.43 and 6.42,
respectively, accurately satisfy the Gibbs-Duhem relation. The free water mole
fraction, xy,, was computed numerically by solving eq 6.37, using a simple iterative
and rapidly converging algorithm with the initial value yy = ;.

In this work, parameter values were adjusted by simultaneously fitting the ex-
perimental osmotic and activity coefficients for strong electrolytes [42] at 25°C. The
numerical values for these thermodynamic quantities were obtained from the NIST
databank [43], in which primary data for uni-univalent salts are taken from the com-
pilation of Hamer and Wu [44]. In the fits, the maximum concentration of solution
was limited to 6 mol kg=! for 1-1 salts and to 4 mol kg~! for 2-1 salts, because of
the simplifying assumptions made in the model that all cation hydrates are energet-

ically equivalent (same sizes and same SR parameters for all cations C(k)). The fits
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of 74+ and ¢ were performed by using a least-square minimisation algorithm of the
Marquardt type.

In the calculation of the osmotic and activity coefficients, it was noted that the
terms containing derivatives of volume V', in eqs 6.55 and 6.56, were much smaller
than the other MSA term. Therefore, as previously [13], it was assumed that the

volume of solution does not vary when salt is added, that is

oV oV
ONc  ONy ( )
and, therefore
o _
a]Vl B NAvdl

where Ny, is Avogadro’s number and d; the density of pure water. This simplifica-
tion was found to have a very small effect on the parameter values as compared to
fits in which the variation of V' with added salt is accounted for. It offers the clear
advantage of not requiring solution density data.

The values for the number of sites on a given cation, n, were chosen on the basis
of recent works using classic [45, 46] and ab initio [30, 31, 32, 33, 34] numerical
simulations together with a six-parameter adjustment of n, ki, 7cw, Taw, Twe,ac
and o;. The latter was found to result in average values that were in reasonable
agreement with the former. Namely, a value of 4 was taken for monovalent cations
Lit, Nat and K*, and of 8 for divalent cations Mg?*", Ca?t and Sr?". In the
case of H', the maximum number of bound water molecules was taken to be of 4
[47, 48], the minimum number being either 0 or 1 (depending on whether n = 4 or
3, respectively) as explained in section 6.1.2. In the case of the uranyle ion, the fit
yielded a value of n = 10.

Next, an ‘optimum’ value for k; was determined for Li* by fitting the thermody-
namic quantities, v+ and ¢, for LiCl, LiBr and Lil at the same time. This resulted in
the value kq(Li*) ~ 14.3. Let us notice that the uncertainty upon the determination
of the optimum value of k; is not small, on the order of £20%, because of the high
flexibility of the NRTL formulae that can accommodate values in a relatively wide
range. Then, a common value for the parameter 7;,+y, was obtained by averaging
the values for the 3 salts and 3-parameter adjustments of 74w, Twe,ac and oy were
made separately for each salt. The so obtained values for 74y, with A= Cl~, Br~
and [, were taken as optimum values and they were used for other salts comprising
these anions. For other cations, the remaining parameters were determined by fit-
ting the experimental data for the three corresponding halides. The best value for
Teiogw Was computed by considering lithium and sodium perchlorates. This value

was then used for uranyle perchlorate together with n = 10.
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The procedure of determining common parameter values for the alkali halides
decreases the effective number of adjusted parameters to a mean value of 3 per salt.

The results for the parameters are presented in Table 1. The values for 7oy and
k, are identical for all salts containing the cation C and, similarly, 74y is the same
for all salts containing the anion A. On the other hand, the parameters 7y ac and
o, are characteristic of the salt.

The results of Table 1 exhibit a few noteworthy features and trends as follows.
For alkali cations, the value of k; decreases in the series Lit >Na™ >K™, as expected.
In contrast, k; is nearly identical for the three alkali earth cations studied here. All
7 values are of the order of unity, corresponding to interaction energies of the order
of a few kgT"’s, as for interactions between solvent molecules (see for instance values
given in Table 3). This satisfying result contrasts with a previous work [13] in which
hydration was not included. Besides, it is seen in Table 1 that generally, for a given
cation C, the average diameter o, satisfies the relation o, (CCl)< ¢,(CBr)< o,(CI),
as expected since the anion sizes are in this order. However, this is not the case for
acids and lithium salts for which the diameters for the chloride and the bromide are
inverted.

Other comments about the 7’s are that (i) the more negative values of Tow
(=wew — wyw) are for LiT and Mg?*", suggesting a stronger interaction for small
and/or divalent (hydrated) cations with the surrounding water in the second hydra-
tion shell, and (%i) the Tap’s are such that 7,-y < 7w < Toi-w < 0. However,
the 7 parameters involved in the NRTL model do not have a sufficiently precise
microscopic physical meaning allowing direct interpretation of their dependencies
upon cation and anion identities.

Typical plots of the osmotic coefficient are shown in Figures 6.1 and 6.2, for 1-1
and 2-1 salts, respectively. In Figure 6.2, results for CaBry are not shown because

they are very close to those for MgCls,.

Figure 6.3 presents the plots of the quantity hq/n for the electrolytes LiCl and
NaCl (n = 4), and MgCl, and CaCly (n = 8). The value of hy/n in the case of KCl
varies from 0.645 at infinite dilution to 0.597 at 5 mol kg~ (plot not shown). One
observes that hq(Li*) > h;(Na®) > hy(KT), in agreement with common notions
about ion hydration. Besides, h; decreases faster for 2-1 salts than for 1-1 salts,
with variations of the order of 2 % for the latter and 7% for the former in the

concentration range 0-4 mol kg™
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Table 1

Results for parameters with n = 4 for 1-1 electrolytes and n = 8 for 2-1 electrolytes.

Salt m range®  k; Tow  Taw  Tweoac 01°  AARD (%) o,
LiCl 0.001-6 14.3 -0.820 -1.29 0.337 0.489 0.23 0.003
LiBr 0.1-6 14.3 -0.820 -1.64 0.159 0443 0.19 0.003
Lil 0.1-3 14.3 -0.820 -1.80 0.316 0.668 0.43 0.007
LiNO; 0.001-6 14.3 -0.820 -2.22 3.30 0.527 0.35 0.006
LiClOy4 0.001-4.5 14.3 -0.820 -2.05 1.53 0.615 0.05 0.001
NaCl 0.001-6.14 8.00 0.75 -1.29 1.56 0.437 0.08 0.001
NaBr 0.005-6  8.00 0.75 -1.64 1.73 0.460 0.10 0.002
Nal 0.1-6 8.00 0.75 -1.80 1.49 0.519 0.22 0.003
NaClOy4 0.2-6 8.00 0.75 -2.05 3.58 0.496 0.26 0.003
KCl 0.001-5 1.82 147 -1.29 1.71 0.392 0.09 0.001
KBr 0.001-5.5 1.82 147 -1.64 2.24 0.418 0.05 0.0006
KI 0.002-4.5 1.82 147 -1.80 2.40 0.477 0.18 0.002
HCI 0.001-6 114 -1.20 -1.29 0.321 0.520 0.18 0.003
HBr 0.001-6 114 -1.20 -1.64 -0.589 0472 0.18 0.004
HI 0.02-6 114 -1.20 -1.80 -0.243 0.656 0.24 0.005
MgCl, 0.1-4 10.0 -2.10 -1.29 -0.231 0.505 0.50 0.006
MgBr, 0.1-4 10.0 -2.10 -1.64 -0.355 0.562 0.17 0.003
Mgl, 0.1-4 10.0 -2.10 -1.80 -3.79 0.610 0.28 0.008
CaCl, 0.1-4 889 -1.20 -1.29 0.175 0.526 0.20 0.005
CaBry 0.1-4 8.89 -1.20 -1.64 -0.272 0.561 0.44 0.008
Cal, 0.1-4 8.89 -1.20 -1.80 -3.21 0.626 0.37 0.005
SrCl, 0.1-4 13.3 -1.00 -1.29 1.13 0.520 0.38 0.006
SrBry 0.1-4 13.3 -1.00 -1.64 1.14 0.560 0.45 0.006
Srly 0.1-4 13.3 -1.00 -1.80 -0.159 0.626 0.22 0.003
UO4(Cl0y), 0.1-4 10.3 -2.80 -2.05 0.285 0.651 0.24 0.005

“In mol kg™, %in nm, “Average Absolute Relative Deviation for ¢, ¢Standard devi-
ation for fit of ¢.
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Table 2
Results for parameters in the case of acids, with 3 sites (n = 3) on the H3O" ion
(section 6.1.2).

Salt mrange® ki Tow Taw  Twcac 01°  AARD, (%) oy

HCl 0.001-6 6.00 -1.1 -1.289 -0.0346 0.522 0.19 0.004
HBr 0.001-6 6.00 -1.1 -1.64 -1.50 0.477 0.16 0.003
HI 0.02-6  6.00 -1.10 -1.80 -0.993 0.662 0.24 0.004

mol kg~!, %in nm, “Average Absolute Relative Deviation for ¢, Standard deviation
of fit of ¢.

Table 3

Values of parameters for mixed aqueous solvent mixtures.

Solvent mixture (W-Z) 7wz Taw
Water-Methanol 0.711 -0.139
Water-Ethanol 1.47  0.0542
Water-Dioxane 0.818 1.16

m Kmolkg ")

Figure 6.1: Osmotic coefficient as a function of molality. Symbols: experimental
data for LiCl (o), LiBr (e), NaCl (O) and NaBr (black square). Solid lines: results

of least-square fit.
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Figure 6.2: Osmotic coefficient as a function of molality. Symbols: experimental
data for aqueous solutions of MgCly (A), MgBry (black triangle) and CaCly ().

Solid lines: results of least-square fit.

Figure 6.3: Quantity h;/n as a function of molality, for LiCl, NaCl, MgCl, and

CaCly aqueous solutions.
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Lastly, the contributions to the osmotic coefficient, defined by eq 6.45, are studied
by plotting the quantity
RX = ¢~ /p™ (6.80)
for X = hyd, el or SR (R = 1) and where ¢ is the ideal osmotic coefficient. In
Figure 6.4 are plotted these functions for LiCl, and in Figure 6.5 for KCI. In the case
of LiCl, the hydration and SR contributions are nearly equal and amount to more
than half the ideal contribution at 6 mol kg™!; the MSA contribution is negative
(-RMS54 is plotted in the figure) and rapidly reaches a plateau value of ca. 0.1. In
contrast, in the case of KCI, the SR contribution is very small (with a value of ca.
-0.005 at 5 mol kg=!) and —RM54 is larger than in the case of LiCl because the
average diameter is smaller (see Table 1); R"™? increases almost linearly to a value
of ca. 0.25 at 5 mol kg~!. In the case of MgCly (plot not shown), the maximum
values of R™? and RS® (at 4 mol kg™!) are ca. 0.8 and 1.2, and the plateau value
of —R is 0.2.

Thus, an important conclusion that can be drawn from these results is that the
influence of hydration on the osmotic coefficient is important at moderate and high
concentration, even though the variation of h is rather slow (less than 7 % in the

range 0-4 mol kg™!, as mentioned above).

Mixed aqueous solvent electrolytes.

Mean activity coefficients of salts in binary water-organic solvent mixtures at 25°C
were fitted by using eqs 6.38, 6.40, 6.77 and 6.78. Experimental data were taken
from the literature [49, 50, 51, 52, 53, 54], for alkali halides in water-alcohol mixtures
and HCI in the water-dioxane mixture, with maximum salt concentrations between
2 and 4.9 mol kg1

In all cases, the present description (for strong electrolytes) could not be applied
to the case of high proportions of organic solvent because of important ion pairing
in such media. Therefore, in practice, the proportion of organic solvent in the mixed
aqueous solvent solutions was limited to values allowing a satisfactory fit of the data
or to values known to ensure complete dissociation of salt, as in the case of NaCl
in water-ethanol mixtures containing less than 70 weight-% of ethanol [51, 55]. On
the other hand, the treatment was applied to the maximum salt concentrations to

which data are available.
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Figure 6.4: Functions —R® (solid line), R™¢ (dashed line) and R°F (dotted line) in

the case of LiCl aqueous solution.
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Figure 6.5: Functions —R (solid line), R"4 (dashed line) and R*% (dotted line) in

the case of KCI aqueous solution.

144



Figure 6.3 presents the plots of the quantity hy/n for the electrolytes LiCl and
NaCl (n = 4), and MgCl, and CaCl, (n = 8). The value of hy/n in the case of KCl
varies from 0.645 at infinite dilution to 0.597 at 5 mol kg™ (plot not shown). One
observes that hy(Li*) > hy(Na®) > hy(KT), in agreement with common notions
about ion hydration. Besides, h; decreases faster for 2-1 salts than for 1-1 salts,
with variations of the order of 2 % for the latter and 7% for the former in the
concentration range 0-4 mol kg~!.

Lastly, the contributions to the osmotic coefficient, defined by eq 6.45, are studied
by plotting the quantity

RX = ¢~ /™ (6.81)
for X = hyd, el or SR (R = 1) and where ¢ is the ideal osmotic coefficient. In
Figure 6.4 are plotted these functions for LiCl, and in Figure 6.5 for KCI. In the case
of LiCl, the hydration and SR contributions are nearly equal and amount to more
than half the ideal contribution at 6 mol kg~!; the MSA contribution is negative
(-RMS54 is plotted in the figure) and rapidly reaches a plateau value of ca. 0.1. In
contrast, in the case of KCI, the SR contribution is very small (with a value of ca.
-0.005 at 5 mol kg=!) and —RM54 is larger than in the case of LiCl because the
average diameter is smaller (see Table 1); R"? increases almost linearly to a value
of ca. 0.25 at 5 mol kg~!. In the case of MgCly (plot not shown), the maximum
values of R™? and RS® (at 4 mol kg™!) are ca. 0.8 and 1.2, and the plateau value
of —R° is 0.2.

Thus, an important conclusion that can be drawn from these results is that the
influence of hydration on the osmotic coefficient is important at moderate and high
concentration, even though the variation of hy is rather slow (less than 7 % in the

range 0-4 mol kg~!, as mentioned above).

Mixed aqueous solvent electrolytes.

Mean activity coefficients of salts in binary water-organic solvent mixtures at 25°C
were fitted by using eqs 6.38, 6.40, 6.77 and 6.78. Experimental data were taken
from the literature [49, 50, 51, 52, 53, 54], for alkali halides in water-alcohol mixtures
and HCI in the water-dioxane mixture, with maximum salt concentrations between
2 and 4.9 mol kg~

In all cases, the present description (for strong electrolytes) could not be applied
to the case of high proportions of organic solvent because of important ion pairing
in such media. Therefore, in practice, the proportion of organic solvent in the mixed
aqueous solvent solutions was limited to values allowing a satisfactory fit of the data
or to values known to ensure complete dissociation of salt, as in the case of NaCl

in water-ethanol mixtures containing less than 70 weight-% of ethanol [51, 55]. On
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the other hand, the treatment was applied to the maximum salt concentrations to
which data are available.

Values for the parameters 7y 7 and 77y in the case of water-methanol and water-
ethanol mixtures can be found in the literature [56]. However, they were recalculated
here by fitting vapour pressure experimental data [57, 58]. The corresponding results
and the values for the water-dioxane mixture [56] are given in Table 3.

For computing the electrostatic contributions to the activity coefficients, it was

assumed that the mean ionic diameter is given by the following relation
o= xgo))al + xéo))ag (6.82)

with x,(:)) being the mole fraction of solvent k£ on a salt-free basis and oy an average
ion size for solvent 2. Moreover, for use in eq 6.50, the relative permittivities of the
solvent mixtures were found to be well reproduced by the relation

70 ’0
e =a2\"V 4 2{"%%,

where x,(gw’o) is the weight mole fraction of solvent k on a salt-free basis and ¢y, is the

relative permittivity of solvent k. Experimental values for the €;’s of the various
solvents were found in the literature [59, 60]. The approximation expressed by eq
6.79 was used and the derivatives of V' with respect to N; and N, were calculated
by assuming that the density of solution is the average of the two solvent densities.

The number of additional unknown parameters is of five, namely ko, 70z, Taz,
Tzo.ac and oy (the parameters for aqueous solutions being taken from the preceding
section). The data for water-methanol electrolytes were described by assuming that
ko = ki1, thus following NMR experimental observations for the K* cation [61] and
recent simulation results for the Na® cation [62], where no preferential solvation
was found for these ions. In contrast, data for other solvent mixtures were fitted
by taking ks = 0, in accordance with the principle of preferential hydration in these
solvent mixtures [63, 64, 65, 66]. However, we note that the precise physical cause
for the seemingly different behaviour between methanol and ethanol in the solvation
of cations is not clearly established.

With these assumptions about the values of ks, and assuming that the parameters
Tow and Ty e ac for water-methanol solutions are identical to those determined for
purely aqueous solutions (although methanol is now also attached to the cation since
ko = k1), the four remaining parameters 7cz, Taz, Tzc.ac and oy were regressed for
each system. The results of parameter fits are collected in Table 4 and three typical
plots of the mean salt activity coefficient vs. salt concentration are shown in Figures
6.6, 6.7 and 6.8.

In the case of NaBr in water-methanol and water-ethanol mixtures, recommended

experimental data [44] for the binary aqueous solutions (indicated by empty squares
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Table 4

Results for parameters for salts in mixed aqueous solvent: water + solvent Z.

A Salt  Minas® ng”,;fffwb ko Tcz  Taz Tzoac  02°  AARD.? (%) 0.,.°
MeOH NaBr 3.05 0.4 8.00 5.05 -1.55 0.851 0.105 0.76 0.006
MeOH  KCI 3.9 0.6 1.82 347 -1.20 0.531 0.174 1.9 0.02
EtOH Na(Cl 2 0.7 0 -0.213 -1.96 -2.10 0.0592 1.1 0.009
EtOH NaBr 4.9 0.4 0 -0.213 -1.98 -1.55 0.0290 1.2 0.01

C,HgO,  HCI 3 0.45 0 -2.83 -292 -3.65 0.103 0.76 0.007
“Maximum molality in mol kg™!, maximum weight fraction of solvent 2 on a salt-

free basis, in nm, ?Average Absolute Relative Deviation for v, ®Standard deviation
of fit of 4.

in Figures 6.6 and 8) suggest appreciable experimental errors of the order of 2-3 %

for the measurements in the water-alcohol mixtures.
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Figure 6.6: Mean activity coefficient of NaBr in water-methanol mixtures for various

methanol weight fractions, ;ng’o) (on a salt-free basis). Symbols are experimental
data. The symbol (o) refers to data from ref. [44] for NaBr in pure water. Other
data are from ref. [49]: NaBr in pure water (O), xgw’o)zo.l (black square), xgw’o):OQ

(black triangle), xéw’o):o.ll (o). Lines are the results of fits.
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0.0 0.5 1.0 1.5 2.0

Figure 6.7: Mean activity coefficient of NaCl in water-ethanol mixtures for various
ethanol weight fractions, xgw’o) (on a salt-free basis). Symbols are experimental data.
The symbol (o) refers to data from ref. [44] for NaCl in pure water. Other data are
from ref. [51]: 2{"?=0.2 (black square), z5"=0.4 (black triangle), z{”=0.6 (o),

xéw’o):0.7 (black diamond). Lines are the results of fits.

As shown by the AARD’s of fits in Table 4 and Figures 6.6-6.8, the representa-
tion of the mean salt activity coefficient . is satisfactory. The small values found
for the closest approach distance oo mean that o, expressed by eq 6.82, needs to
decrease appreciably with the organic solvent mole fraction in order to reproduce
the behaviour of v4 at low salt concentration where the electrostatic contribution
dominates. The minimum values of o obtained in the fits are between 2.6 x 10719 m
and 3.7 x 1071 m for the salts in the water-alcohol mixtures, and it is 4.7 x 10710
m for HCI in the water-dioxane mixture. The values of the parameters 7¢z and 74
for the alkali halides in the alcohols show opposite trends as compared to water:
for NaBr and KCI in the water-methanol mixture, 7¢z > Tow and Taz > Taw,
while 7c7 < Tow and T4z < Taw for NaCl and NaBr in the water-ethanol mixture.
The latter systems were described with a common value of -0.213 for the parameter
Tna+z (Z=ethanol). The HCl-water-dioxane system was treated by taking 4 sites

on the H" ion (n = 4) and the parameter values of Table 1 for HCI in water.
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Figure 6.8: Mean activity coefficient of NaBr in water-ethanol mixtures for various
ethanol weight fractions, xéw’o) (on a salt-free basis). Symbols are experimental data.
The symbol (o) refers to data from ref. [44] for NaBr in pure water. Other data are
from ref. [49]: NaBr in pure water (0), z5"%=0.1 (black square), 25"”=0.2 (black

triangle), xgw’o):O.él (o). Lines are the results of fits.

6.1.4 Conclusion

The formalism developed in this work provides a compact and thermodynamically
consistent framework to account for stepwise hydration effects on the departures
from ideality in ionic solutions. It may be used with other expressions for the
contributions to the Gibbs energy, G¢ and G°F.

In future work, the present model will be extended to the case of highly concen-

trated ionic solutions and associating electrolytes.

Acknowledgement. Stéphane Krebs acknowledges financial support from the
german Arbeitsgemeinschaft industrieller Forschungvereiningungen “Otto von Gu-
ericke” e.V. (AiF).
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List of symbols

a; activity of species 1

A anion

A, Helmholtz energy per volume unit

C cation

C’ cation hydrated

C(k) cation hydrated with k& water molecules

C(k,p) cation solvated with k water molecules and p solvent molecules
d; density of solvent i

e charge of proton

fi activity coefficient of 7 on stoichiometric mole fraction scale
gi activity coefficient of ¢ on “true” mole fraction scale
G Gibbs energy of solution

G, Gibbs energy per particle of ¢

h; hydration number of cation by solvent i

kB Boltzmann constant

k; equilibrium constant for attachment of a molecule of 4
K; equilibrium constant

L Relative enthalpy

m molality

M; molar mass of solvent i

n number of sites on cation

N4y Avogadro number

N; number of particles of ¢

P, Py ji  defined by egs 6.61 and 6.62

Smodel set of particle numbers within the model (eq 6.19)
SLR set of particle numbers at LR level (eq 6.20)

T temperature

v volume of solution

Wij 1 — j interaction energy

w water

T; stoichiometric mole fraction

Yi “true” mole fraction scale

% valence of ion 7

A coordination number
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Greek letters
a  NRTL random parameter

B8  =1/kgT

v+ mean salt activity coefficient on molal scale
I'  MSA screening parameter

g; relative permittivity of solvent ¢

€9 permittivity of a vacuum

k  Debye screening parameter

A Bjerrum length

1;  chemical potential of species @

v = Vo + Vg

v;  stoichiometric number of species 7 in salt
¢  osmotic coefficient

p;  number density of species ¢

o; diameter of species 1

Subscripts
1 total water

2 total solvent
W  free water
7

free solvent

Superscripts
(®) reference state
el electrostatic contribution

hyd contribution from hydration
1d ideal contribution
MSA contribution within mean spherical approximation

SR contribution of short range forces
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Chapter 7
Conclusion

This PhD thesis was conducted in the context of a collaboration between two labora-
tories belonging to the universities of Regensburg (Germany) and Paris VI (France).
It was supported by a grant from the AiF (Germany). The orientations of the work
and the results were discussed periodically with the DECHEMA (Germany). The
final aim of this research is the development of a software program for the assessment
of departures from ideality observed in mixed solvent electrolytes.

The present work constitutes a stage on that way, with the inclusion of solvation
effects in chemical engineering thermodynamic models. Here, this method has been
used in conjunction with the MSA-NRTL model of Papaiconomou et al. (2002). If
necessary, it will be possible to introduce it into other models for the short range
part of the Gibbs energy.

In this thesis, solvation has been described in two ways as follows.

e By using the classic simple model of Robinson and Stokes, in which a constant
solvation number (i.e., constant w.r.t. salt concentration) is attributed to each
ion.

It has been shown that the introduction of a hydration number on the ions
improves the capability of the MSA-NRTL model to fit experimental osmotic
and activity coeflicients of aqueous ionic solutions (Table 1 of Chapter 4). A
consistent set of NRTL parameter values has been proposed for simple 1-1 and

1-2 salts in water. The case of associating electrolytes (e.g., associating acids
HNO3 and H2SO4) has been approached.

e By using the more complex, and more realistic, stepwise solvation-equilibrium
model of Stokes and Robinson, which assumes that ions have various discrete
degrees of solvation that are connected through elementary chemical reactions

involving one solvent molecule at each step. It has been shown here how to
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combine this effect with those of other interactions in a thermodynamically

consistent way.

A consistent set of NRTL parameter values has also been proposed for this

model.

Both methods have been applied to the representation of activity coefficients in
two-solvent mixtures at 25°C. However only in the first case has the model been used
for a description of “real world” electrolyte solutions, that is to say to solutions in
a wide range of temperatures, between 25 and 100°C.

It is well known that it is much more difficult to describe thermodynamic quan-
tities of the “first kind” (enthalpy and entropy), that are first derivatives of the
Gibbs energy w.r.t. temperature, and quantities of the “second kind” (heat capac-
ities), that are second derivatives of the Gibbs energy w.r.t. temperature, than to
represent activity coefficients.

The capability of the MSA-NRTL model including constant hydration numbers
to represent dilution enthalpies and heat capacities has been investigated in the case
of binary aqueous solutions. Values for the hydration, MSA and NRTL temperature-
dependent parameters have been optimised. Generally, satisfactory representations
of the quantities could be obtained. It must be underlined that, when the cor-
responding data were available, the quantities of the various kinds were refined
simultaneously. This was the case for LiCl and KCl in water between 25 and 100°C.

The model has also been used in the case of ternary mixed aqueous solvent
electrolytes. It was possible to describe the activity coefficients of the solvents in
a narrower temperature range (typically 70-100°C) and, separately, the mean salt
activity coefficient in the mixture at 25°C. It was not possible to fit the two types
of quantities simultaneously in these two different temperature ranges. The origin
of this result has not been elucidated.

The prospects for this work are as follows.

e The effect of temperature and ion association could be introduced in the
stepwise solvation-equilibrium model. This could be done by introducing a
temperature-dependent equilibrium constant. Ion association could be mod-
elled at the same level than the hydration reaction. For electrolytes that are
known to be strong in aqueous solution, cation-anion pairing is expected to
be relevant in the case of solvent mixtures containing a high proportion of
nonaqueous solvent(s).
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As stated in the second paragraph below eq 6.20, it would be possible to
relax the hypothesis of hydrated cations, the C(i)s, being energetically equiv-
alent. This would introduce additional parameters (which in principle is not
desirable) but this would lead to a more realistic picture of cation hydrates

interactions with other species in solution.

e For the model with constant solvation numbers, it would also be interesting to
study the case of solvent mixtures containing a high proportion of nonaqueous
solvent. This would then allow representations in the whole range of solvent

compositions.

e Here, only aqueous solutions of sulfuric acid have been treated. It will be
important to also consider solutions of this acid in mixed solvents, which is a

system of great importance for the industry.

e Finally, it might be desirable to try to replace the NRTL model by another
more satisfactory model to account for short-range interactions. Actually, the
NRTL model of Renon and Prausnitz is a very popular tool in the field of
chemical engineering thermodynamics. However, some of its theoretical weak-
nesses have been reported in the literature 30 years ago (e.g., V. Flemr, Coll.
Czech. Chem. Comm. 41 (1976) 3347-9). Moreover, there is a continuous
effort for finding better models, as shown by the work of Aranovich and Dono-
hue (e.g., J. Chem. Phys. 105 (1996) 7059-63, for binary systems on a lattice)
and that of a Chinese group (J. Hu and Z. Duan, J. Chem. Phys. 123 (2005)
244505). The application of such alternative tracks have not been explored in

the literature.

This discussion shows that this topic, which lies at the frontier between funda-
mental and applied thermodynamics, will require appreciable further work for the

development of a “complete model”.
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