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E lectrolyte solutions can be found in many natural and 
industrial processes. Some examples are the absorp­
tion of acid gases, such as carbon dioxide, for removal 

from effluent gas streams, avoiding atmospheric pollution;Pl 
the fractional crystallization processes in which several salts 
are separated as pure phases from a multicomponent mix­
ture; for the production of fertilizers such as ammonium phos­
phate, ammonium nitrate, or potassium sulfate; [2l for extrac­
tive distillation using salt as the extractive agent;[3l and for 
precipitation of globular proteins from an aqueous solution 
by the addition of salts_[4l 

It is not surprising that during the last few decades, much 
attention has been devoted to experimental and theoretical 
studies in this area. At the undergraduate level, however, most 
of the thermodynamics courses still do not consider these 
types of mixtures, and as a result the students are not given 
enough insight into the differences when compared to non­
electrolyte thermodynamics. Nevertheless, several authors 
have recognized this gap, and recent editions of the books by 
Prausnitz, et al., [5l and Tester and ModeW6l include chapters to­
tally devoted to the thermodynamics of electrolyte solutions. 

Electrolytes are usually classified according to their de­
gree of dissociation in solution: those undergoing a total dis­
sociation into cations and anions are called strong electro­
lytes, while the ones that participate in different chemical 
reactions, such as ion association, are called weak electro­
lytes. This classification has no definite boundaries because 
the degree of dissociation depends on, among other things, 
the type of solvent and solute concentration. For instance, 
zinc iodide is a strong electrolyte in water only if the concen­
tration is lower than about 0.3 molalYl 

In this paper, the thermodynamic description of a strong 
electrolyte solution is illustrated by calculations on the freez­
ing point depression of strong electrolytes in water, empha­
sizing the differences between electrolyte and nonelectrolyte 
thermodynamics. In this way, students can gain some knowl-
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edge on the physical chemistry of electrolyte solutions. 

THE IDEALITY IN ELECTROLYTE SOLUTIONS 

Freezing point depression is a colligative property that de­
pends on the number of solute particles but not on its nature. 
If we consider a solution of a solvent 1 in which a solute A is 
dissolved, the freezing point depression is defined as the dif­
ference between the melting temperature of the pure solvent, 
Tm, and the freezing temperature of the mixture, Tf' (AT= Tm 
- Tr). This last temperature is lower than the melting point of 
the pure solvent. It is interesting to observe how the freezing 
point changes with the amount of solute added to the solvent. 
The simplest equation for the freezing point depression, which 
is familiar to the students in a chemical thermodynamics 
course, can be written as[sJ 

(1) 

where Aflr is the enthalpy of fusion at Tm, R is the ideal gas 
constant, and xA is the solute mole fraction. 

The different performance obtained, using Eq. (1), in the 
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calculation of AT for nonelectrolyte and electrolyte solutions 
can be easily compared. The relative percent deviations ob­
tained for the representation of freezing point depression for 
aqueous solutions ofD-fmctose, ethylene glycol, NaCl, and 
AgN0

3
, can be seen in Figure 1. Despite the fact that the 

maximum mole fraction is around 0.01, for the NaCl and 
AgN0

3 
aqueous solutions the deviations are much more pro­

nounced than for the nonelectrolyte systems, with errors 
higher than 4% even at very low concentrations ( '=5 x 10·4

). 

It should be mentioned that for those calculations, Afl/T m) = 
6010.0 J/mol and T = 273.15 K were used_[9l 

m 

One main assumption in the derivationofEq. (1) is that the 
solute is very dilute and forms an ideal solution. When, for 
instance, NaCl is dissolved in water, the solution essentially 
contains sodium and chloride ions. At this point it is impor­
tant to call the students' attention to the different nature of 
forces depending on the kind of 
solutes: the ions interact with each 
other through coloumbic poten­
tial, which varies as 1/r. For neu­
tral solute molecules (nonelectro-
lytes) such as D-fmctose, the in­
teractions vary something like 1/ 
r6. So the interaction between ions 
in solution is effective over a 
much greater distance than the in­
teraction between neutral solute 
particles and, unlike what happens 
in nonelectrolyte solutions, even 
in very dilute solutions the long-
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cients of the anion and the cation. 

THE DEBYE-HUCKEL THEORY AS THE 
PATH FOR NON-IDEALITY 
IN ELECTROLYTE SOLUTIONS 

So far, the students have learned that, for electrolyte solu­
tions, assuming ideality may introduce significant errors in 
the calculation of the properties of the solution, even at high 
dilution. Thus, in order to obtain trustworthy values of AT, 
corrections to the ideal behavior should be introduced using 
the activity coefficient. From the thermodynamic condition 
for equilibrium and after some reasonable assumptions, it is 
possible to obtain[sJ 

fn 'Y1X1 = Afir(Tm) (-1 _ _!_) (3) 
R Tm Tr 

• • • • 
•• • 

c Ethylene Glycol 
D Fructose 

• NaCl 
.4 AgN0

3 

where -y
1 

is the solvent activity 
coefficient and x

1 
is its mole frac­

tion. Now, AT can be calculated 
by solving Eq. (3) for T, 

Taking into account only the 
electrostatic forces, assuming ions 
to be charged points in a continu­
ous medium of uniform relative 
permittivity, and using well-estab­
lished concepts from classical 
electrostatics, Peter Debye and 
Erich Hiickel[11J derived the fol­
lowing expression for the mean 
ionic molal activity coefficient of 

range nature of the electrostatic 
0.002 0.004 0.006 0.008 0.010 an electrolyte (-y ± *) 

forces between the ions is respon-
Mole fraction 

sible for strong deviation from 
ideal behavior. Thus, while Eq. (1) 
is widely used for nonelectrolyte 
solutions, it cannot give reliable 
results for electrolyte solutions 

Figure 1. Comparison of the relative percentage 
deviations in the calculation of the ideal freezing 

point depression for aqueous nonelectrolyte 
and electrolyte solutionsJ" 101 

* Alz+z-1.Jr 
fn ')'+ = " - l+Ba-vI 

(4) 

InEq. (4),AandB are parameters 
related to the density and dielec­
tric constant of the solventp.1 2.1 3J since they are ideal at concentra-

tions too low to produce a measurable AT. 

Figure 1 is a fine way of showing students the different 
perspective that should be taken regarding the concept of ide­
ality at high dilution in electrolyte and nonelectrolyte solu­
tions. Another important difference that arises in the thermo­
dynamics of electrolytes is the concentration scale used. In 
electrolyte, it is common to use the molality scale instead of 
the mole fraction scale. Moreover, in order to properly ac­
count for the number of solute particles in solution, due to 
the dissociation of the electrolyte, the mole fraction of solute 
A used in Eq. ( 1) should be calculated as 

XA = 
vnA + n 1 

(2) 

where nA and n
1 

are the solute and solvent mole numbers, 
respectively, and v is the sum of the stoichiometric coeffi-
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and a is the so-called distance of closest approach between 
ions (usually taken as 4 A), z+ and z_ are the charges of the 
cation and the anion, respectively, and I is the ionic strength 
defined by 

Nions 

I= 0.5 L., mizf (5) 
i=l 

being mi the molality of the ion i and Nions the number of 
types of ions in the solution. 

The ionic strength is a very common measure of concen­
tration in electrolyte solutions. In fact, it takes into account 
not only the concentration of the ion but also the magnitude 
of its charge. A big difference comes from the fact that using 
this model, the freezing point depression is now not only de­
pendent upon the solute concentration, but also on its charges. 
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So the characterization of the electrolytes, in terms of its ions valences, 
is fundamental to establish differences that occur when applying the 
proposed methodology for the study of the freezing point depression 
of different types of electrolytes. Depending on the charge of the cat­
ion and the anion, the electrolytes can be classified as 1:1, 2:1, 1:2, 
2:2, etc. For example, a 2: 1 type has a cation of double charge and an 
anion of unit charge. 

From Eq. ( 4 ), taking into consideration the Gibbs-Duhem equation, 
the activity of the solvent can be calculated as 

£n y1x1 = -M1 vm(l-Alz+z-l✓I a(Ba✓I)) (6) 

where M
1 

is the molar mass of the solvent (kg/mol), and s(y) is the 
function 

a(y) = ~(1 + y-Un(l + y)- -
1-) 

y 1 +y 
(7) 

The full understanding of the thermodynamic concepts that makes 
possible the derivation ofEq. (6) from Eq. (4) is far beyond the scope 
of this paper, but it is important to refer to some of the most relevant 
points such as the definition of the activity coefficients in different 
concentration scales, the standard states and the normalization of the 
activity coefficients, and the need for defining mean ionic properties, 
which are calculated based on the properties of the ions. [5-7l These con­
cepts introduce significant changes to the nonelectrolyte thermody­
namics and should be carefully discussed with the students. 

Inserting the result for .en 1
1
x

1 
given by Eq. (6) into Eq. (3), it is 

possible to obtain better estimates for AT in electrolyte solutions. Fix­
ing A= 1.130 kgl 5/mol05 and B = 3.246xl09 kff 5/(m mol05), obtained 
by using values of the solvent density and dielectric constant for water 
at 273.15 K,[9l one can calculate, for comparison with the previous 
results shown, new values of AT for aqueous NaCl solutions. 

The errors obtained assuming ideal behavior and using the Debye­
Hiickel equation are compared in Figure 2. Using this new methodol­
ogy, the errors in calculated values of AT are only higher than 4% for 
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Figure 2. Comparison of the relative percentage de­
viations in the calculation of the freezing point de­
pression: ideal behavior and the Debye-Hiickel 
equation. NaCl/water system/9101 

xA around 0.05. In fact, the Debye-Hiickel theory gives 
an exact expression for the activity coefficients of the 
electrolyte and of the solvent for very dilute solutions, 
and as can be seen, the errors for AT at very low solute 
mole fraction are near zero. 

In Figures 3 and 4, the freezing point depressions are 
shown for different types of electrolytes at low molal­
ity in water assuming ideality and using the Debye­
Hiickel equation. In all cases the assumption of ideal­
ity agrees only with the experimental values at very 
low concentrations, and the molality range of applica­
bility of this equation decreases as the valences of the 
ions increase. This is evident in Figure 3 since the ideal 
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curve in terms ofmolality is the same for 1:1 and 2:2 
electrolytes, while the experimental data are different. 
The improvement observed upon using a simple model 
such as the Debye-Hiickel model is even more evident 
for 1 :2, 2: 1, or 2:2 electrolytes than for 1: 1 electrolytes. 
Nevertheless, the Debye-Hiickel model allows more 
accurate calculation of the freezing point depression 
to higher concentrations for all types of electrolytes. 

This brief discussion alerts the students to the 
changes that must be made for the description of elec­
trolyte systems. Also, there can be significant differ­
ences when comparing the behavior of aqueous solu­
tions of electrolytes of different valences, which is ex­
plored in the next section by extending the calcula­
tions to concentrated solutions. 
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Figure 5. Analysis of the Guggenheim equation in 
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EXTENDING THE FREEZING POINT CALCULATION 
FOR CONCENTRATED SOLUTIONS 

The main assumption of the Debye-Hiickel theory is that deviations 
from ideality are only due to electrostatic forces between the ions, which 
is physically reasonable at high dilution but unreal when the ionic con­
centration increases so the ions more closely approach each other and 
short-range forces become dominant. Guggenheim suggested the use 
of a power series in electrolyte concentration to better describe the 
physical chemistry of electrolyte solutions, leading to the virial expan­
sion models. To do so, Guggenheim added a new specific electrolyte 
empirical interaction parameter (bJ, proposing the following equation 
for the mean ionic molal activity coefficient:P3l 

* Alz+z _I.Jr 
£n y + = - ✓I + b+I - 1 + I -

(8) 

From Eq. (8), the activity of the solvent is given by 

£n y1x1 = -M1 vm[l-Alz+z-l✓I a( .Jr)+ b~I] (9) 

It is interesting for the students to evaluate how this change makes 
possible a much better quantitative description of the freezing point 
depression at high concentrations. Thus, using an experimental value 
of the freezing temperature at a concentration around 1 molal, it is 
possible to obtain a value for the empirical parameter b±. For in­
stance, the experimental value for an aqueous NaCl solution of0.90 
molal is Tr= 270.11 K; from this, b± = 0.1013 kg/mol is calculated. 
Now, combining Eqs. (3) and (9) makes it possible to study the 
usefulness of the equation proposed by Guggenheim for calcula­
tion of the freezing point depression. 

Figure 5 presents a comparison between the Debye-Hiickel and 
Guggenheim equations for the estimation of AT in aqueous solutions 
of electrolytes of type 1: 1 at concentrations up to 5 molal. It can be 
easily observed that the use of the Guggenheim equation, with a new 
empirical parameter regressed from a unique experimental freezing point 
measurement, introduces a significant improvement in the representa-
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tion of AT for all systems shown. Compared with the previ­
ous results shown for the NaCl/water system, the application 
of this equation results only in a percentage deviation higher 
than 4% for solute mole fraction around 0.15 ('=5 molal), 
which is a 3-times-higher concentration than the results 
achieved using the Debye-Hiickel equation. The use of the 
Guggenheim equation for the systems of water/Li Cl and wa­
ter/N aNO3 shows an even 

ing aqueous electrolyte systems rather than nonelectrolyte 
systems have been pointed out in this paper. Specifically, we 
have shown that even at very high dilutions, one must use the 
Debye-Hiickel type limiting law to properly represent the 
freezing point depression. In this way, the students can com­
pare the experimental data with values assuming the ideal 
behavior and using the Debye-Hiickel equation. Finally, the 

students are also challenged to 
understand the need for more greater improvement over the 

Debye-Hiickel equation. TABLE 1 

In Figures 6 and 7, the same 
kind of comparison is pre­
sented for, respectively, 1 :2 and 
2: 1, and 2:2 electrolytes in wa­
ter. The results obtained pro­
vide a very reasonable correla­
tion of the experimental data 
and only for the system of wa­
ter/K2CO3 are there big dis­
crepancies relative to the ex-

Comparison of Different Approaches for Calculation of 
the Freezing Point Depression in Aqueous Electrolyte 

Systems. 

elaborate expressions in the 
representation of that property 
at high concentrations. To do 
this, we suggest obtaining an 
empirical parameter of the 
Guggenheim equation using 
an experimental data of the 
freezing point depression at a 
concentration around 1 molal. 

Salt 
Type 

1: 1 

2:1 

1:2 

2:2 

Data 
Sets 

14 

5 

6 

4 

Maximum 
Molality 

5.1 

4.2 

4.8 

1.7 

perimental results for solute mole fractions higher than 0.15 
( '=3 .4 molal), which is, nonetheless, a very good result. 
Moreover, the Guggenheim equation makes it possible to 
calculate a freezing point depression up to 40°C (CaCl2 
system, Figure 6). 

Table 1 summarizes the deviations obtained in the repre­
sentation of the freezing points of different aqueous electro­
lyte solutions. It gives a more comprehensive comparison 
between all methodologies considered here and the type of 
electrolyte. First, one sees that the deviations from ideality 
increase as the valences of the ions increase. The Debye­
Hiickel equation introduces improvements for all types of 
systems, which are especially evident for the 2:2 electrolytes. 
In that case, the maximum molality is much lower than in the 
other cases, and that is certainly a contributing factor in the 
big improvements obtained. Finally, it is important to stress 
that based solely on one experimental data point for each salt, 
a simple model like the Guggenheim equation makes it pos­
sible to calculate the freezing point for all systems with aver­
age error of about 2.10%. 

Since colligative properties depend on the number of par­
ticles in solution, the freezing point data can be analyzed in 
terms of the physical chemistry of the electrolyte solutions. 
That is, it might give indications of the degree of dissocia­
tion, solvation, and ion-pairing. The students can also be asked 
to consider other hypotheses that could be made or improved 
for electrolyte solutions in the development of the models 
studies here, and further to consider more complex models 
such as the Pitzer model in the representation of thermody­
namic properties of electrolyte solutions. 

CONCLUSIONS 
The differences that must be taken into account when study-

JO 

----Error(%) ____ _ 

Ideal 

10.00 

22.51 

34.55 

81.85 

Debye-Hiickel Guggenheim 

6.89 1.19 

18.56 2.77 

13.59 2.71 

11.86 4.02 
This simple analysis of elec-

trolyte solutions is certainly a 
nice starting point to motivate students to get some knowl­
edge of electrolyte thermodynamics. It can be introduced in 
a thermodynamic or a physical-chemistry course, which could 
be even more attractive if it can be combined with a labora­
tory experiment for measurement of the freezing point de­
pression of an aqueous electrolyte solution. 
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