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a b s t r a c t 

Encrustation occurs in many processing fluids where high levels of dissolved solids are present, especially in 
processes that use heat transfer equipment. The deposition of these scales in the interior surfaces of an autoclave 
can cause major issues in the operation of industrial processes such as hydrometallurgy. The knowledge of the 
minerals’ chemistry, distribution of the chemical forms of these minerals in the autoclave, and their solubility 
product can assist to inhibit these solid deposits. To model such systems, it is necessary to know the reactions 
involved and by extension their equilibrium constants. These electrolytic systems being strongly non-ideal, mod- 
els of activity coefficients are necessary to deduce the concentration of each species. This review presents and 
compares various models for the calculation of activity coefficients and the thermodynamic equilibrium constants 
at temperatures above 25 °C. For model validity and comparison purposes, a case study on the speciation of the 
aqueous binary systems of H 2 SO 4 -Al 2 (SO 4 ) 3 and H 2 SO 4 − MgSO 4 is presented and compared with experimental 
data. From the results obtained and in the framework presented above, the Density equilibrium constant model 
coupled with the Truesdell-Jones activity coefficient model gave the best fit with experimental data at the studied 
temperatures of 235, 250, 270, and 300 °C. 
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High-pressure acid leaching (HPAL) is an excellent hydrometallur-
ical process for recovering nickel and cobalt from laterite ores due to
ts fast kinetics, stability of residues produced, and its selectivity against
ron [1] . The process works at temperatures and pressures in the range
f 230 - 270 °C [2] and 30 - 56 bar [3] respectively. Metals are sepa-
ated based on their difference in solubilities and other electrochemical
roperties such as redox potentials and conductance of the metal [4] .
he leaching mechanism in the autoclave involves the acid dissolution
f the major constituent of the mineral matrix, followed by hydrolysis
nd precipitation of insoluble oxides and sulphates of iron, aluminium,
nd silica. The optimum leaching conditions vary according to the pro-
essed ore mineralogy [2] , the particle size distribution, and the solid
raction [ 5 , 6 ]. A comprehensive study of the chemistry of elements in-
olved in the pressure acid leaching of nickel laterite and parameters
nfluencing the leaching system such as acid/ore ratio, ore grind (par-
icle size), solid fraction, temperature, salts, and air addition has been
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y Whittington & Muir [2] and Chou et al. [7] . 

The formation of complexes and the dissociation of electrolytes occur
imultaneously in electrolytic solutions encountered during hydromet-
llurgical processing. The insoluble or slightly soluble complexes precip-
tate as a result of supersaturation leading to the formation of solids in
uspension and scales at the autoclave wall. Aqueous electrolytic process
odelling is gradually becoming a tool in the development, analysis,
esign, and control of hydrometallurgical processes [8] . In particular,
hemical speciation defines the distribution of these species in different
orms (i.e., solid or aqueous) in the autoclave. 

Speciation calculations are performed for the determination of the
hemical equilibrium composition in a system which provides informa-
ion on the total amount of the species contained in that system. Direct
peciation measurements (experimentally) are complex and require sep-
rate techniques [ 9 , 10 ]. Since most techniques are focused on the detec-
ion of free metal ion concentrations [11] or total metal concentrations
12] , it is generally not possible to determine speciation analysis using
nly analytical chemistry methods. Although the capillary electrophore-
is (CE) method allows the direct measurements of chemical speciation
f some metals [13] . Since the environmental concentrations of most
etals of interest are low and many relevant forms of metals cannot be
easured directly, analytical techniques are often ineffective for the de-
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Glossary of symbols 

∼ Used as a sign for dimensionless pa- 
rameters 

≈ Approximation sign 
≡ Equivalence sign (the same as) 
Cp 

◦

j The partial molal heat capacity of 
the aqueous species j at infinite di- 
lution (J.mol -1 K 

-1 ) 
ΔG 

◦
i , T Change in standard Gibbs free en- 

ergy of a reaction at a given tem- 
perature and pressure ( J mol ) 

ΔH 

◦
i , T Change in standard enthalpy of a 

species at a given temperature and 
pressure ( J mol ) 

ΔS ◦i , T Change in standard entropy of a re- 
action at a given temperature and 
pressure ( J 

mol . K ) 
ΔZ 2 The difference between the square 

of the charges of the reacting 
species ( ∼) 

A γ Debye-Hückel parameter 

( kg 
1 
2 mol e − 

1 
2 ) 

B γ Debye-Hückel parameter 

(kg 
1 
2 mol e − 

1 
2 c m 

−1 ) 
A φ Debye-Hückel osmotic coefficient 

( kg 
1 
2 mo l − 

1 
2 ) 

B , B 0 , B 1 , B 2 and B 3 , B + , B − Parameters for ion interaction in 
Bromley’s equation ( kg mol ) 

C τ, β0 , β1 Pitzer parameters specific to the 
ionic species ( ∼) 

Cp soln The heat capacity of a solution 
(J.K 

-1 g-1 ) 
Cp ∗ H 2 O The molar heat capacity of water 

(J ⋅K 

− 1 mol − 1 ) 
Cp 𝜙 Apparent molal heat capacity 

(J.mol -1 K 

-1 ) 
K 

0 
T The thermodynamic equilibrium 

constant at 25 o C and zero ionic 
strength ( ∼) 

K eq The thermodynamic equilibrium 

constant ( ∼) 
P° Reference pressure (bar) 
S Cp ≡ A c 

√
ρw Theoretical derivation of Debye- 

Hückel from the slope 
a 𝑗 The activity of a species ( ∼) 
b b Truesdell-Jones’ parameter for ac- 

tivity coefficient calculation ( kg mol ) 
c 1 , j − c 4 , j , a 1 , j − a 4 , j Temperature/pressure ionic spe- 

cific independent HKF parameters 
( ∼) 

m 𝑗 The molality of a species ( mol kg ) 
p 1 − p 9 , q 1 − q 5 Constant fitting parameters 
v + v − The stoichiometric coefficient for 

cation and anion respectively ( ∼) 
γ0 25 o C The experimental value reduced ac- 

tivity coefficient at 25 o C ( ∼) 
γ0 T The reduced activity coefficient 

at the desired temperature in the 
Meissner equation ( ∼) 

γi The activity coefficient of a species 
( ∼) 
M  

2 
δ+ δ− Bromley’s parameters 
ε 0 , a , b Parameters for Helgeson dielectric 

constant of water ( ∼) 
ε T The dielectric constant of H 2 O ( ∼) 
μi Reaction chemical potential for a 

given species ( J mol ) 
ω j The born coefficient for HKF pa- 

rameter ( ∼) 
ΔC ◦pj , T , P Change in standard heat capacity of 

a reaction at a given temperature 
and pressure ( J 

mol . K ) 
e Absolute electronic charge 

(4.80298 esu = 1.6021 × 10 − 9 

Coulomb) 
k Boltzmann’s constant (1.38065 ×

10 − 16 erg.K 

− 1 ). 
N Avogadro’s number (6.02252 ×

10 23 mol − 1 ) 
R Ideal gas constant 8.3145 ( J 

K. mol ) 
T Temperature (K or °C) - the unit 

used is specified in the equation 
′
𝛼 Ion size parameter which is also 

known as the “effective diameter of 
hydrated ion (Å) 

I Ionic strength (molal) 
P Pressure (bar) 
X , Y , Z The born function defined by 

Helgeson ( K 

−1 ) 
Z The charge of ion species. Z + for 

cation, Z − for anion ( ∼) 
exp ≡ e i Exponential 
ln Natural logarithm 

log ≡ lo g 10 logarithm in base 10 
α Pitzer constant. Also, the coeffi- 

cient of thermal expansion of H 2 O 

in Eq. (39) ( ∼) 
θ Structural temperature (K) 
π pi = 3 . 14159265 
ρ Density of the medium in g/cm 

3 

(water = 0.9998 g/cm 

3 at 25 o C 

and 1 bar) 
ψ Solvent-dependent parameter by 

Helgeson and Shock (2600 bar) 

ermination of the overall speciation [14] . Thus, the total distribution
f species in a system is generally obtained from both analytical meth-
ds and chemical speciation models [14] . Aqueous speciation calcula-
ions use the chemical compositions of a system composed of liquid and
olid as input and the distribution of species between the liquid and the
olid phase as output [15] . These calculations need to take into account
hysicochemical processes such as complexation, hydrolysis, precipita-
ion, dissolution, volatilization, oxidation, reduction, adsorption, and
esorption [16] . This computation is based on the thermodynamic equi-
ibrium constants of the dissociation/complexation reactions involved in
he system and depends on the concentration of the different species in
he system, the temperature, the pressure, and the activity coefficients
f the chemical species in their molecular or electrolyte form. Three
mportant points of this calculation are the knowledge of the reactions
nvolved, the equilibrium constants of these reactions at the tempera-
ure of the system and the activity coefficients of the species involved
n the reactions previously identified. For hydrometallurgy applications,
dentifying the reactions involved is a challenge given the plurality of el-
ments present in the system (Co, Fe, Ni, Mg, Fe, Al, Mn, Cr, Si, S, e.t.c.).
oreover, since these reactions are carried out at temperatures higher
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han the reference temperatures of the thermodynamic data, models are
ecessary to extrapolate the equilibrium constants to overcome the lack
f experimental data. This review presents and compares different mod-
ls classically used to obtain equilibrium constants and activity coeffi-
ients at higher temperature up to 300 °C. These models are compared
nd case studies presented to show the influence of model choice on
he final result of a speciation calculation. In a first part, the bases of
peciation calculation are presented. Then, the different models of cal-
ulation of equilibrium constants and activity coefficients are detailed
nd compared. Finally, the influence of the models and two case studies
re presented. The models are described in details to allow the repro-
uction of the results presented. In addition, Matlab codes for the case
tudies are provided in the supplement. 

ctivity and activity coefficient of a species 

Ionic compounds dissociate in a chemical system, resulting in the dis-
ribution of ions in the solution. These ions interact with each other and
lso with water molecules [17] . The interaction of these ions is consid-
red, especially at higher ionic concentrations where these interactions
re significant. The activity of a species is its effective concentration
n a system and accounts for the non-ideal effects in aqueous systems,
hich include solvent-solvent, solvent-solute, and solute-solute interac-

ions [18] . These effects are caused by the electrostatic forces between
he ions dissolved in water [19] . 

he activity a j 

For a chemical species j, the activity a j is defined as the product of its
olality, m j in mole per kilogram of solvent and its activity coefficient

j divided by m 

o 
j , the standard state molality, usually 1 mol.kg − 1 for a

olid and species in solution with infinite dilution: 

 𝑗 = 
𝛾𝑗 × 𝑚 𝑗 

𝑚 

𝑜 
𝑗 

(1)

For pure water and pure & crystalline solid species, a j = 1 [1] . 

ctivity coefficient γj 

The activity coefficient γj of a species, j accounts for the devia-
ion from an ideal mixing behaviour where the ions do not interact.
t describes the intermolecular interaction between solutes and solvents
 18 , 20 ]. Limited data on activity coefficients are available in the litera-
ure for ion species, especially at temperature, pressure, and ion concen-
rations of hydrometallurgical applications. Since the direct measure-
ents of activity coefficient for high temperatures and pressure can-
ot be performed easily [21] , a model exists for estimating them. Some
f these empirical methods were resolved by Helgeson and Kirkham
 22 , 23 ] and others [24–26] . The main models are presented below. 

ebye- Hückel equation model 

This theory provides a base point for most engineering models of
lectrolyte solutions. The limiting law which is a simplified version of
he model valid for a very low ionic strength ( I < 10 − 3 molal) [27] is
iven as: 

og 𝛾𝑗 = − 𝑍 

2 
𝑗 
𝐴 𝛾

√
𝐼 (2)

Taking into consideration the ion size parameter 
′
α which is also

nown as the “effective diameter of hydrated ion ”, the extension of the
ebye-Hückel equation for the activity coefficient of a dissociated bi-
ary electrolyte consisting of ions with charges can be written as: 

og 𝛾𝑗 = − 
𝑍 

2 
𝑗 
𝐴 𝛾

√
𝐼 

1 + 
′
𝛼 𝐵 𝛾

√
𝐼 

(3)
3 
Z j is the species charge, 
′
α is the ion size parameter. The values of 

′
a for

ifferent species are reported by Kielland [28] . I is the ionic strength,
hich can be calculated using Eq. (4) . 

 = 
∑

𝑚 𝑗 × 𝑍 

2 
𝑗 

2 
(4)

In Eq. (3) , the Debye-Hückel parameters A γ and B γ respectively can
e computed from Eqs. (5) and (6) [23] , 

 𝛾 ≡ 𝑒 3 ( 2 𝜋𝑁 ) 
1 
2 𝜌

1 
2 

2 . 302585 (1000) 
1 
2 
(
𝜀 𝑇 𝑘𝑇 

) 3 
2 

= 1 . 824829238 × 10 
6 𝜌

1 
2 (

𝜀 𝑇 𝑇 
) 3 
2 

(5)

 𝛾 ≡
√ 

𝑒 2 8 𝜋𝑁𝜌

1000 𝜀 𝑇 𝑘𝑇 
= 50 . 29158649 × 10 

8 𝜌
1 
2 (

𝜀 𝑇 𝑇 
) 1 
2 

(6)

here e is the absolute electronic charge, k the Boltzmann’s constant, ρ
he medium density and ε T the dielectric constant of water at temper-
ture. According to Helgeson, [29] , the dielectric constant ε T of water
ithin the range of 0 - 370 °C can be determined from Eq. (7) . 

 𝑇 , 1 𝑏𝑎𝑟 = 305 . 7 exp 
(
− exp ( −12 . 741 + 0 . 0185 𝑇 ) − 𝑇 

219 

)
(7)

T is the temperature in Kelvin . 

The ion size parameter 
′
α considers that ions are not point charges but

ather have a finite radius. Values of 
′
𝛼 for different ions in the extended

ebye-Hückel equation are given in the literature [28] . The simplified
ebye-Hückel equation is not suitable for solutions with ionic strength
igher than 0.01 mol/kg. Experiments show that the results from the
quation get worse as the ionic strength increases [30] . The extended
ebye-Hückel equation expressed in Eq. (3) is more suitable and appli-
able for solutions with ionic strength I ≤ 0.1 molal [ 27 , 31 ]. 

ruesdell-Jones (WATEQ Debye- Hückel) and Davies equation model 

The Truesdell-Jones and Davies equations are a further extension
f the Debye-Hückel theory to account for species with ionic strength
reater than 0.1 mol/kg. 

The Davies model presented in Eq. (8) is an extension of the Debye-
ückel giving a better fit to higher ionic strength. This equation is valid

or ionic strengths up to 0.5 mol/kg. 

og 𝛾𝑗 = − 𝑍 

2 
𝑗 
𝐴 𝛾

( √
𝐼 

1 + 
√

𝐼 

− 0 . 3 𝐼 

) 

(8)

In the Truesdell-Jones equation, an additional parameter is added
o the Debye-Hückel equation which accounts for the observation that
n high-ionic-strength experimental systems, the activity coefficients in-
rease with increasing ionic strength. This model is applicable for ionic
trength up to 2 mol/kg [32] . The Truesdell-Jones equation is expressed
s: 

og 𝛾𝑗 = − 
𝑍 

2 
𝑗 
𝐴 𝛾

√
𝐼 

1 + 
′
𝛼 𝐵 𝛾

√
𝐼 

+ 𝑏 𝑏 𝐼 (9)

here “b b ” and “
′
𝛼” are experimentally derived parameters. Note that

ven if 
′
𝛼 has the same signification as in the Debye-Hückel equation,

he values differ for each ionic species e.g. for H 

+ ′𝛼 = 0 . 9 nm [28] in

q. (3) and 
′
𝑎 = 0 . 478 nm [33] in Eq. (9) . The values of the parameters 

′
𝑎

nd b b in Eq. (9) for some species is given in the literature [32–34] . 
At ionic strengths between 0.001 and 0.0001 mol/kg, the separate

urves for individual ions of the same valence converge on a single
urve, the ions are very far apart in the solution and their interaction is
ccurately measured by their charge only. At these low ionic strengths,

he term 

′
𝛼 B γ

√
I approaches zero, and the Debye-Hückel limiting equa-

ion is applied [32] . At higher ionic strengths greater than 0.01, differ-
nces in ion sizes become important and cause the γj curves for individ-
al ions to diverge. Hence, the Extended Debye-Hückel’s or Truesdell-
ones model is best suited for lower ionic strength in the range that the
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avies (0 - 0.6 mol/kg) model can compute because of the presence
f the ion size parameter. As salt concentrations rise, ion size becomes
ignificant, and the extended Debye- Hückel equation which includes a
ydrated-ion size is needed to accurately model the activity coefficient
alues [32] . 

romley equation model 

In strongly supersaturated solutions with high ionic strength up to
 molal, the activity coefficient of aqueous electrolytes in the solution
an be determined from Bromley’s correlation as expressed in Eq. (10) .
ue to the exponential quality of the expression, extrapolation of the
ctivity coefficient at higher ionic strength ( I > 6 molal) introduces a
reat error [ 24 , 35 ]. 

og 𝛾𝑗 = 
− ||𝑍 + 𝑍 − || 𝐴 𝛾

√
𝐼 

1 + 
√

𝐼 

+ 
( 0 . 06 + 0 . 6 𝐵 ) ||𝑍 + 𝑍 − ||𝐼 (

1 + 1 . 5 𝐼 |𝑍 + 𝑍 − | )2 
+ 𝐵𝐼 (10)

The values of A γ are consistent with the Debye-Hückel constant. I is
he ionic strength. |Z + Z − | is the absolute value of the number of charges
n the cation and/or anion. For example, CaS O 4 implies the charge of
a 2+ = +2 multiplied by the charge of S O 

2− 
4 = −2 , |+2 × − 2 | = 4 . 

B (kg/mol) is the constant for ion interaction. The values of B for
ifferent salt species are reported by Bromley [24] . In the case where the
alt is not listed, the value of ‘B’ is computed using the values tabulated
y Bromley [24] depending on the type of salt with the equation. 

 = 𝐵 + + 𝐵 − + 𝛿+ 𝛿− (11)

For example, for MgSO 4 ; 

 = B Mg 2+ + B SO 2− 4 
+ 

(
δMg 2+ × δSO 2− 4 

)
Bromley cautioned that the values are meant to be used for the cal-

ulation of the activity coefficients for only strong electrolytes that show
omplete dissociation. The major limitation of the Bromley equation is
he fact that it does not consider the calculation of activity coefficient
t higher temperatures since the tabulated B values are only available
t 25 °C. Though he proposed two equations in which B is temperature
ependent. The necessity for sufficient experimental data which is re-
uired to obtain the values of B 0 , B 1 , B 2 and B 3 is a major drawback to
he equations. 

 = 𝐵 

0 ln 
(
𝑇 − 243 

𝑇 

)
+ 

𝐵 1 
𝑇 
+ 𝐵 2 + 𝐵 3 𝑙𝑛𝑇 (12)

 = 𝐵 

0 

𝑇 − 230 
+ 

𝐵 1 
𝑇 
+ 𝐵 2 + 𝐵 3 𝑙𝑛𝑇 (13)

T (K) is the absolute temperature. Depending on the equation used,
he four B constants are slightly different. Since the data for the param-
ter B are mostly not available, Bromley suggested the use of Meissner’s
ethod to determine the value at a given temperature if one good ac-

ivity coefficient is known at a given ionic strength [24] . 
According to Meissner, at any ionic strength, the reduced activity

an be found with Eq. (14) given the reduced activity coefficient at 25
C is known [26] : 

𝑜𝑔( 𝛾0 
𝑗, 𝑇 

) = ( 1 . 125 − 0 . 005 𝑇 ) log 
(
𝛾0 25 ◦𝐶 

)
− ( 0 . 125 − 0 . 005 𝑇 ) 

( 

− 
0 . 41 

√
𝐼 

1 + 
√

𝐼 

+ 0 . 039 𝐼 0 . 92 
) 

(14) 

I is the ionic strength, T ( °C) is the temperature, γ0 T is the reduced
ctivity coefficient at the desired temperature, while γ0 25 o C is the exper-
mental value reduced activity coefficient at 25 °C at any ionic strength
nd can be obtained from the conversion to the mean molal activity coef-

cient obtained in Eq. (10) with the following expression γ0 25 o C = γ
1 |Z + Z − |

i( 25 o C ) .
The mean molar activity coefficient γj(T) at a given temperature can

hen be computed using Eq. (15) [26] . 

𝑜𝑔( 𝛾𝑗 ( 𝑇 ) ) = ||𝑍 + 𝑍 − ||𝑙𝑜𝑔( 𝛾0 𝑇 ) (15)

v  

4 
itzer equation model 

The Pitzer equation which is a more complex model derived from
he modification of the Debye-Hückel, Guggenheim, Guntelberg, Davies,
romley, and Meissner was modelled to account for solutions with
igher ionic strength ≥ 6 molal [36] . It is the most complex model
mongst the 4 stated models [ 27 , 37 ]. The model is a virial equation
n concentration that yields the osmotic pressure [ 27 , 30 ]. 

𝑛 ( 𝛾𝑗 ) = − 𝐴 𝑝 |𝑧 + 𝑧 − | + 𝐵 𝑝 

( 2 𝑣 + 𝑣 − 
𝑣 𝑇 

) 

𝑚 + 𝐶 𝑝 

⎛ ⎜ ⎜ ⎝ 
2 ( 𝑣 + 𝑣 − ) 

3 
2 

𝑣 𝑇 

⎞ ⎟ ⎟ ⎠ 𝑚 

2 (16)

here 

 𝑝 = 𝐴 𝜑 

( √
𝐼 

1 + 1 . 2 
√

𝐼 

+ 2 
1 . 2 

ln 
(
1 + 1 . 2 

√
𝐼 

)) 

(17)

 𝜑 = 
1 
3 

( 

2 𝜋𝑁𝜌

1000 

) 

1 
2 
( 

𝑒 2 

𝜀 𝑇 𝑘𝑇 

) 

3 
2 

(18)

The Debye-Hückel osmotic coefficient A φ has the dimension of
kg 1/2 mol − 1/2 ). The values of ε T , k , e , N , and ρ are defined in
qs. (5) and (6) . A φ = 0 . 3915 at 25 °C [25] . 
v + v − is the stoichiometric coefficient for the cation and the anion.

z + z − | is the charges on the species of the compounds, e.g., for AlCl 3 ,
 + v − = 1 × 3 , v T = 1 + 3 , |z + z − | = | + 3 × − 1 |. For Na 2 SO 4 , v + v − =
 × 1 , v T = 1 + 2 |z + z − | = | + 1 × − 2 |. 
𝐵 𝑝 = 2 𝛽0 + 

2 𝛽1 
𝛼2 𝐼 

(
1 − 

(
1 + 𝛼

√
𝐼 − 0 . 5 𝛼2 𝐼 

)
exp 

(
− 𝛼

√
𝐼 

))
(19)

𝐶 𝑝 = 
3 
2 
𝐶 

τ (20)

I is the ionic strength, constant α = 2 with the dimension [I] − 
1 
2 ,

 = concentration of the solution in molality (mol/kg), β0 , β1 and C τ are
he Pitzer parameters specific to the ionic species, their values for dif-
erent acids, bases, and salt complexes of 1–1 type, 2–1 type, 3–1 type,
nd 2–2 type can be seen in the report of Pitzer [25] . 

The difficulty in Pitzer equations for predicting activity coefficients
n a system lies in the insufficient data for the large number of interac-
ion parameters that have to be considered. 

quilibrium constant computation 

The equilibrium constant is a state at which the value of a reaction
uotient when none of its properties changes with time, irrespective of
he duration, and would return to that state after being disturbed (chem-
cal equilibrium). Thermodynamically speaking, a system is at equilib-
ium when the change in Gibbs free energy is equal to zero [31] . The
peciation of a chemical system along with other parameters depends
n the value of the equilibrium constant to predict the solubility and
aturation index of a given system. The equilibrium constant helps us to
now the concentrations of the species involved in a reaction and the
xtent of the reaction depicting where the equilibrium lies in a system,
ither favouring the reactant or the product. 

hemical equilibrium constant 

The equilibrium constant of a given chemical reaction is the value of
ts reaction quotient at chemical equilibrium. It is affected by reaction
arameters such as temperature, solvent, and ionic strength. Knowledge
f the equilibrium constant is essential to understanding many chemical
ystems. Unlike a change in pressure or concentration of the reactants,
emperature changes result in changes in the value of the equilibrium
onstant. For an exothermic reaction, an increase in temperature leads
o a decrease in the value of the equilibrium constant, and vice versa
or an endothermic reaction. When the equilibrium constant’s value is
ery high, the concentration of the products will be much higher than
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he concentration of the reactants. This means that the product pre-
ominates. A small value implies that the reactants are predominant at
quilibrium. 

The equilibrium constant can be in the form of stability (binding,
ormation) constants, association constants, and dissociation constants.
he stability constant is a type of equilibrium constant for complex for-
ations in a solution. It measures the strength of the interaction between

he reagents that come together to form complexes and provides the
nformation required to calculate the concentrations of the complexes
n a solution. The dissociation constant, on the other hand, measures
he tendency of a larger object to reversibly break down into smaller
omponents, as seen when a complex breaks down into its molecular
onstituents, or when a salt splits up into its constituent ions. 

Consider a reaction with the following expression in Eq. (21) , 

A 𝐴 + 𝜈B B ⇔ 𝜈C C + 𝜈D D (21) 

here νA , νB , νC and νD are the stoichiometry coefficients of the reac-
ants (A, B) and the products (C, D) respectively. 

The chemical potential of the species for each reaction component
n Eq. (21) is given as: 

A ( T , P ) = μ0 A + RT ln a A 

B ( T , P ) = μ0 B + RT ln a B 

C ( T , P ) = μ0 C + RT ln a C 

D ( T , P ) = μ0 D + RT ln a D 

The reaction rate of μ which is the difference between the products
nd reactants is expressed as: 

r μi ( T , P ) = νD μD + νC μC − νA μA − νB μB 

r μi ( T , P ) = νD 
(
μ0 D + RTln a D 

)
+ νC 

(
μ0 C + RT ln a C 

)
− νA 

(
μ0 A + RT ln a A 

)
− νB 

(
μ0 B + RT ln a B 

)
r μi ( T , P ) = 

(
νD μ0 D + νC μ

0 
C − νA μ

0 
A − νB μ

0 
B 
)
+ RT ln a νD D 

+ RT ln a νC C − RT ln a 
νA 
A − RT ln a 

νB 
B 

The chemical potential reaction rate of Eq. (21) is given as: 

𝑟 𝜇𝑖 ( 𝑇 , 𝑃 ) = Δ𝑟 𝜇
𝑜 
𝑖 
+ 𝑅𝑇 𝑙𝑛 

( 

𝑎 
𝜈𝐷 
𝐷 

.𝑎 
𝜈𝐶 
𝐶 

𝑎 
𝜈𝐴 
𝐴 

.𝑎 
𝜈𝐵 
𝐵 

) 

(22)

And, Eq. (22) is generally expressed as: 

𝑟 𝜇𝑖 ( 𝑇 , 𝑃 ) = Δ𝑟 𝜇
𝑜 
𝑖 
+ 𝑅𝑇 𝑙𝑛 

∏
𝑖 

𝑎 
𝑣 𝑖 
𝑖 

(23)

When a reaction in a given system attains an equilibrium state,

r μi ( T , P ) becomes zero. The mathematical operator symbol ( 
∏
) in

q. (23) is then referred to as the equilibrium constant which is depen-
ent on temperature and/or pressure. Thus, the equilibrium constant for
 reaction i is expressed as: 

 ( 𝑖 ) ( 𝑇 , 𝑃 ) = 
∏
𝑖 

𝑎 
𝑣 𝑖 
𝑖 

(24)

here v i is the stoichiometric coefficient of the reaction species. At ther-
odynamic equilibrium, the chemical potential reaction rate equates to

ero [38] and Eq. (23) and (24) gives: 

𝑟 𝜇
𝑜 
𝑖 
( 𝑇 , 𝑃 ) = − 𝑅𝑇 𝑙𝑛𝐾 𝑖, 𝑇 , 𝑃 (25)

For aqueous standards, the term Δμ◦i = ΔG 

◦
i , where G 

◦
i is the Gibbs

ree energy of the reaction. 

𝑟 𝜇
𝑜 
𝑖 
( 𝑇 ) ≡ Δ𝐺 

◦
𝑖,𝑇 
= Δ𝐻 

◦
𝑖,𝑇 
− 𝑇 Δ𝑆 

◦
𝑖,𝑇 
= − 𝑅𝑇 𝑙𝑛 𝐾 𝑖,𝑇 (26)
5 
The change in standard enthalpy of the reaction ΔH 

◦
i (T) , change in

tandard entropy ΔS ◦i (T) and change in the standard heat capacities
C ◦pi (T) of any species ‘j’ in a reaction ‘i’, can be determined by Hess

aws as shown in Eqs. (27) - (29) . 

𝐻 

◦
𝑖,𝑇 
= 

∑𝑝𝑟𝑜𝑑𝑢𝑐𝑡𝑠 

𝑗 
𝜈𝑖,𝑗 𝐻 

◦
𝑗 
( 𝑇 ) − 

∑𝑟𝑒𝑎𝑐𝑡𝑎𝑛𝑡𝑠 

𝑗 
𝜈𝑖,𝑗 𝐻 

◦
𝑗,𝑇 

(27)

S ◦i , T = 
∑products 

j 
νi , j s 

◦
j , T − 

∑reactants 
j 

νi , j s 
◦
j , T (28) 

𝐶 

◦
𝑝𝑖,𝑇 

= 
∑𝑝𝑟𝑜𝑑𝑢𝑐𝑡𝑠 

𝑗 
𝜈𝑖,𝑗 𝐶 

◦
𝑝𝑗,𝑇 

− 
∑𝑟𝑒𝑎𝑐𝑡𝑎𝑛𝑡𝑠 

𝑗 
𝜈𝑖,𝑗 𝐶 

◦
𝑝𝑗, 𝑇 

(29) 

The standard Gibbs free enthalpy can also be written as a sum of
artial standard Gibbs free enthalpies: 

𝐺 

◦
𝑖,𝑇 
= 

∑
𝑗 
𝜈𝑖,𝑗 Δ𝐺 

◦
𝑗,𝑇 

(30) 

The value for K i , T is temperature-dependent. At higher tempera-
ures, K i , T increases favouring forward reaction for an endothermic re-
ction while it decreases at a lower temperature, favouring backward
eaction for an exothermic reaction. 

xtrapolation of the equilibrium constant to elevated temperature

The thermodynamic equilibrium constant at 298.15 K and P ◦ =
 atm is convenient to obtain with Eq. (26) provided the values for
he standard thermodynamic properties are available. But the determi-
ation of thermodynamic equilibrium constant at higher temperatures
s challenging. The accuracy of the obtained equilibrium constant value
ill strongly depend on the accuracy of the thermodynamic data and

he model used for the extrapolation. The various methods that can be
sed for high-temperature extrapolation of the equilibrium constant are
eviewed below. 

etermination of the equilibrium constant from the Gibbs standard free 

nergy 

For a reaction species in which the standard Gibbs free energy and
he standard entropy are known at the reference state i.e. 298.15 K,
nd the value of the standard heat capacity known at a specified tem-
erature, the standard Gibbs free energy of the reaction at that given
emperature can be obtained from Eq. (31) [39] . 

𝐺 

◦
𝑖,𝑇 

= Δ𝐺 

◦
𝑖, 298 . 15 − Δ𝑠 

◦
𝑖, 298 . 15 ( 𝑇 − 298 . 15 ) 

− 𝑇 ∫
𝑇 

298 . 15 

Δ𝐶 

◦
𝑝𝑖,𝑇 

𝑇 
𝑑 𝑇 + ∫

𝑇 

298 . 15 
Δ𝐶 

◦
𝑝𝑖,𝑇 

𝑑 𝑇 (31) 

here T (K) is the temperature. The value of C ◦pj , T for a species can be
etermined at a given temperature if the experimental data for A 1 , B 1 
nd C 1 values are known using the Maier-Kelley correlation [40] . 

 

◦
𝑝𝑗,𝑇 

= 𝐴 1 + 𝐵 1 𝑇 + 𝐶 1 𝑇 
−2 (32)

However, the heat capacity values for some species that are involved
n the equilibrium reactions are not usually available, and, in a few
ases, their availability is at 25 °C. In such cases, the calculation of
emperature-dependent thermodynamic properties for aqueous ions is
one by extrapolation. 

etermination of the equilibrium constant at higher temperatures by direct 

omputation 

The equilibrium constant of a reaction can be obtained without the
omputation of the standard Gibbs free energy at a given temperature.
his means the values are extrapolated directly at the desired tempera-
ure without the utilization of Eq. (26) as far as the necessary thermo-
ynamic data and associated parameters are available. 
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eglection of the variation of specific heat capacity ΔC ◦pi , T = 0 
The van’t Hoff’s equation [41] expressed in Eq. (33) assumes that the

pecific heat capacity of a reaction is zero. The assumption that takes
C ◦pi , T = 0 is too strong for the dissociation of most complexes and leads

o errors when it is used to determine the value of log K i (T) at higher
emperatures [29] . 

 𝑛 
(
𝐾 𝑖, 𝑇 

)
= 𝑙 𝑛 

(
𝐾 𝑖, 298 . 15 

)
− 
Δ𝐻 

◦
𝑖, 298 . 15 

𝑅 

( 1 
𝑇 
− 1 
298 . 15 

)
(33)

eglection of the variation of heat capacities with temperature ΔC ◦pi , T = Cst 
If heat capacity data are available in the literature at the reference

tate, it is preferable not to neglect the variation of heat capacities, but
nly its variation with temperature. Assuming constant heat capacity
C ◦pi , T = ΔC 

◦
pi , 298 . 15 K , the equilibrium constant can be determined with

he expression in Eq. (34) [42] . 

𝑛 
(
𝐾 𝑖, 𝑇 

)
= 𝑙𝑛 

(
𝐾 𝑖, 298 . 15 

)
− 
Δ𝐻 

◦
𝑖, 298 . 15 

𝑅 

( 1 
𝑇 
− 1 
298 . 15 

)
+ 
Δ𝐶 

◦
𝑝𝑖, 298 . 15 

𝑅 

(
𝑙𝑛 

(
𝑇 

298 . 15 

)
+ 298 . 15 

( 1 
𝑇 
− 1 
298 . 15 

))
(34) 

he utilisation of the density model 

The Density model is based on the heat capacity variation of a reac-
ion which uses reference state values and the solvent properties, espe-
ially the temperature derivative of the thermal expansion coefficient of
ater [43] . This is a simple model that allows the estimation of several

hermodynamic parameters for aqueous reactions at elevated temper-
tures and pressures [38] . The model gives the same accuracy as the
evised Helgeson-Kirkham-Flowers (HKF) model as indicated in the lit-
rature, provided the available low-temperature thermodynamic data
re reliable [ 43 , 44 ]. For reactions involving only aqueous species, the
orrelation in Eq. (35) is used. 

n 
(
𝐾 𝑖, 𝑇 

)
= ln 

(
𝐾 𝑖, 298 . 15 

)
− 
Δ𝐻 

◦
𝑖, 298 . 15 

𝑅 

( 1 
𝑇 
− 1 
298 . 15 

)
+ 

Δ𝐶 

◦
pi , 298 . 15 

298 . 15 𝑅 

(
𝜕𝛼

𝜕𝑇 

)
𝑃 ◦=1 bar 

×
( 

1 
𝑇 

ln 

( 𝜌( 298 . 15 𝐾, 1 bar ) 
𝜌( 𝑇 , 𝑃 ) 

) 

− 
𝛼298 . 15 

𝑇 
( 𝑇 − 298 . 15 ) 

) 

(35) 

here α is the coefficient of thermal expansion of H 2 O whose values are
ocumented by Anderson [43] for pressure and temperature up to 10
bar and 1000 °C respectively. ρ is the density of water at a given tem-
erature. The thermodynamic properties of pure water at specific tem-
eratures can be obtained from thermodynamic models [45] . The val-
es for the density of the medium at a defined temperature and pressure
( T , P ) have been estimated by Anderson et al., [43] at temperatures 25
 1000 °C and pressures up to 10 kbar. To use this equation, the data for
 i , 298 . 15 , ΔH 

◦
i , 298 . 15 , ΔC 

◦
pi , 298 . 15 as well as the density ρ over a temperature

ange close to that in which one wishes to operate is needed. 
The density of water as a function of temperature and pressure can

e computed using the correlation by Batzle & Wang [46] in Eq. (36) for
emperature and pressure up to 573.15 K and 200 MPa respectively. 

( 𝑇 , 𝑃 ) = 1 + 10 −6 ×
(
−80 𝑇 − 3 . 3 𝑇 2 + 0 . 00175 𝑇 3 + 489 𝑃 − 2 ( 𝑇 × 𝑃 ) 

+ 0 . 016 𝑇 2 𝑃 − 1 . 3 × 10 −5 ( 𝑇 3 × 𝑃 ) − 0 . 333 𝑃 2 − 0 . 002 𝑇 × 𝑃 2 
)

(36) 

here ρ( T , P ) is the temperature and pressure-dependent density
g/cm 

3 ), P is the pressure in MPa, and T is the temperature in ( °C). In
nstances where the influence of pressure is not considered, the density
f water can also be determined with an empirical equation as a function
f temperature devised by Tödheide [47] as expressed in Eq. (37) for up
o 1000 °C. 

( 𝑇 ) = 15 . 81747 + 9 . 87802 𝑇 − 0 . 035239 𝑇 2 + 

(
5 . 38051 × 10 −5 

)
𝑇 3 

− 

(
3 . 2612 × 10 −8 

)
𝑇 4 (37) 

here ρ(T) is the temperature-dependent density (kg/m 

3 ) and T in (K).
6 
he specific heat capacities are known as a function of temperature 

In the case where the heat capacities are known at the desired tem-
erature to be extrapolated. The equilibrium constant of a reaction at a
iven temperature can be calculated from Eq. (38) : 

𝑛 
(
𝐾 𝑖, 𝑇 

)
= 𝑙𝑛 

(
𝐾 𝑖, 298 . 15 

)
− 
Δ𝐻 

◦
𝑖, 298 . 15 

𝑅 

( 1 
𝑇 
− 1 
298 . 15 

)
+ 
Δ𝑎 𝑖 
𝑅 

(
𝑙𝑛 

𝑇 

298 . 15 
+ 298 . 15 

𝑇 
− 1 

)
+ 
Δ𝑏 𝑖 
2 𝑅 

( 

𝑇 + 298 . 15 
2 

𝑇 
− 2 × 298 . 15 

) 

+ 
Δ𝑐 𝑖 
𝑅 

( 

− 𝑇 2 − 298 . 15 2 + 2 𝑇 × 298 . 15 
2 × 298 . 15 2 𝑇 2 

) 

+ 
ΔC ◦pi , 298 . 15 

298 . 15 𝑅 

(
𝜕𝛼

𝜕𝑇 

)
𝑃 ◦=1 𝑏𝑎𝑟 

×
( 

1 
𝑇 
𝑙𝑛 

( 

𝜌( 298 . 15 𝐾, 1 𝑏𝑎𝑟 ) 

𝜌( 𝑇 , 𝑃 ) 

) 

− 
𝛼298 . 15 

𝑇 
( 𝑇 − 298 . 15 ) 

) 

(38) 

This equation is used for reactions involving both minerals and aque-
us species [43] , where a i , b i , c i are the coefficient of Maier-Kelley heat
apacities for a component. Δa i = 

∑
j 
a i , j , Δb i = 

∑
j 
b i , j , Δc i = 

∑
j 
c i , j . 

he ratio of heat capacity change at temperature is constant 

With the assumption that ΔC ◦pi , 298 . 15 is proportional to ΔC ◦pi , T , Helge-
on [ 29 , 48 ] suggested that log ( K i , T ) can be computed directly using the
xpression in Eq. (39) . 

𝑜𝑔 
(
𝐾 𝑖, 𝑇 

)
= 
Δ𝑆 ◦

𝑖, 298 . 15 

2 . 303 𝑅𝑇 

(
298 . 15 − 𝜃

𝑤 

(
1 − 𝑒𝑥𝑝 

(
𝑒𝑥𝑝 ( 𝑏 + 𝑎𝑇 ) − 𝑐 + 𝑇 − 298 . 15 

𝜃

)))
− 
Δ𝐻 

◦
𝑖, 298 . 15 

2 . 303 𝑅𝑇 
(39) 

here θ = 219 , 𝑎 = 0 . 01875 , 𝑏 = −12 . 741 , 𝑐 = 0 . 000784 , 𝑤 = 1 . 003229 
This equation assumes that the ratio of the heat capacity change at

he reference temperature to the heat capacity change at T is constant
 ΔC ◦pi , 298 . 15 ∕ ΔC 

◦
pi , T = cst ). The assumption is more accurate for temper-

tures up to 423.15 - 473.15 K. Above this limit, the influence of elec-
rostatic contribution becomes strong as the dielectric constant of water
ecreases with increasing temperature and the equation does not hold
or higher temperatures [29] . 

The equation is applied only where the enthalpy and entropy of dis-
ociation at 298.15 K are both negative. This is also true for certain reac-
ions for which ΔH 

◦
i , T is a large positive number and ΔS ◦i , T is a negative

umber, an example of which is the dissociation of water reaction [29] .
he equation is not applicable when the heat capacity of dissociation
nd/or ΔH 

◦
i , 298 . 15 K and ΔS ◦i , 298 . 15 K are both positive. Furthermore, the

quation is not relevant when ΔH 

◦
i , 298 . 15 is a largely negative number and

he ΔS ◦i , 298 . 15 is a positive number [29] . This equation gives a similar re-
ult to the equilibrium constant value computed from Eq. (41) provided
he constraints of Eq. (39) are obeyed. 

From the several approximation methods developed for the calcu-
ation of log ( K i , T ) where little or no heat capacity data are available,
he assumption ( ΔC ◦pi , 298 . 15 ∕ ΔC 

◦
pi , T = constant ) is conceivably the most

ractical and accurate method than those based on the assumption that
C ◦pi , T = constant [29] . 

etermination from regressed experimental data correlation 

In the case that the values of ΔH 

◦
i , T , Δs 

◦
i , T and ΔC ◦p i , T are not

nown. From regressed experimental data in the literature, as presented
n the “Thermoddem database ” [49] information on some aqueous
pecies and solids can be gotten. The correlation stated in Eq. (40) gives
he value of log (K i , T ) at the desired temperature and the obtained result
s best suited for most aqueous species than the values determined with
an’t Hoff’s and other equations that do not consider the effect of heat
apacity. 

𝑜𝑔 
(
𝐾 𝑖, 𝑇 

)
= 𝐴 + 𝐵𝑇 + 𝐶𝑇 −1 + 𝐷𝑙𝑜𝑔 ( 𝑇 ) + 𝐸𝑇 −2 (40)

T (K) is the desired temperature the value for log ( K i , T ) is to be ob-
ained, while A, B, C, D, and E are parameters determined experimen-
ally. 
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he use of the unexpanded Helgeson model 

If experimental heat capacity data is not known, extrapolation with
he unexpanded Helgeson model can be used to determine the value of
he standard free energy change [ 29 , 39 ] with the correlation in Eq. (41) .

𝐺 

◦
𝑖, 𝑇 

= −Δ𝑆 ◦
𝑖, 298 . 15 

( 

298 . 15 − 𝜃1 
( 

1 − 𝑒𝑥𝑝 
( 

𝑒𝑥𝑝 
(
𝜃2 + 𝜃3 𝑇 

)
+ 𝜃4 + 

𝑇 − 298 . 15 
𝜃5 

) ) ) 

+ Δ𝐻 

◦
𝑖, 298 . 15 (41) 

here θ1 = 218 . 3 K , θ2 = −12 . 741 , θ3 = 0 . 01875 K 

−1 , θ4 = −7 . 84 ×
0 −4 and θ5 = 219 K If the data for ΔS ◦i , 298 . 15 are not present in the

iterature, a correlation for oxygenated molecules of the type XO 

− 𝑍 
n has

een developed [50] . 

𝑆 

◦
𝑖, 298 . 15 = 182 − 195 ( 𝑧 − 0 . 28 𝑛 ) (42)

 is the absolute value of the ion charge and n is the number of oxygen
toms. For acid oxy-anions, the number of OH 

− -group is subtracted from
 [39] . 

When ΔG 

◦
i , T at a given temperature is computed, the correlation in

q. (26) can be used to determine the value of the equilibrium constant
t that temperature. 

he use of the revised Helgeson model (HKF) 

The revised Helgeson-Kirkham-Flowers (HKF) model with multiple
arameters as shown in Eq. (43) is used in the calculation of the stan-
ard Gibbs free energy of any aqueous species at high temperature and
ressure [40] . The equation considers the dielectric constant of water,
he species-dependent equation-of-state parameters, and the solvent-
ependent parameters at a given temperature as well as the pressure-
ndependent parameters for aqueous species. Due to the complexity of
he equation and its demand for many parameters, the practical applica-
ion of this model requires its incorporation into some software such as
UPCRT92, and OLI-Systems® [1] for the calculation of thermodynamic
quilibria at elevated temperatures and pressures. 

G ◦i , T = ΔG 
◦
i , 298 . 15 − ΔS 

◦
i , 298 . 15 ( T − 298 . 15 ) − c 1 

[
T ln 

( T 
298 . 15 

)
− T − 298 . 15 

]
+ a 1 ( P − P ◦) + a 2 ln 

( 

ψ + P 
ψ + P ◦

) 

+ 
[ 
a 3 ( P − P ◦) + a 4 ln 

( 

ψ + P 
ψ + P ◦

) ] ( 1 
T − θ

)
− c 2 

[ (( 1 
T − θ

)
− 

( 1 
298 . 15 − θ

))( θ − T 
θ

)
− T 
θ2 
ln 
( 

298 . 15 ( T − θ) 
T ( 298 . 15 − θ) 

) ] 
+ ω 

( 

1 
ε T 
− 1 

) 

+ ω P ◦ , 298 . 15 
( 

1 
ε P ◦ , 298 . 15 

− 1 
) 

+ ω P ◦ , 298 . 15 Y P ◦ , 298 . 15 ( T − 298 . 15 ) 

(43) 

here T (K) is the desired temperature for extrapolation, P and P ◦ are
he desired pressure and the reference pressure (1 bar). a 1 , a 2 , a 3 , a 4 
re pressure-independent parameters. c 1 , c 2 are independent parame-
ers of the aqueous species’ temperature. Y is the Born function, defined
y 𝑌 = 1 ε T ( 

𝜕 ln ( ε T ) 
𝜕T ) P . In the standard reference state Y P ◦ , 298 . 15 K = −5 . 8 ×

0 −5 K 

−1 , [51] . θ and ψ are parameters dependent on the solvent
 θ = 228 K and ψ = 2600 bar for water). ω is the equation of the state
arameter on which the species depends while ε T is the temperature-
ependent dielectric constant of the medium (e.g., water). 

The values for these parameters are essential when the HKF model
s to be used in calculations and the values of some of these parameters
or some species are documented in the reports of Shock and Helgeson
 40 , 52 ]. 

etermination of heat capacity from apparent molal heat capacity

f aqueous electrolyte 

Heat capacity has a great influence on equilibrium constant com-
utation and cannot be neglected especially in cases where the value
f ΔH 

◦
i , 298 . 15 is small such as dissociation reactions [29] . According to

tatistical thermodynamics, heat capacity depends on the vibrational
7 
requency of the atoms around their equilibrium positions. The higher
he frequency, the lower the probability of heat absorption [53] . It can
e determined by numerous experimental measurements in the labora-
ory of which the determination by differential scanning calorimetric or
ow calorimetric techniques is common with great accuracy. The val-
es can equally be calculated from the results of experiments that give
he enthalpy data as a function of temperature for a given process [54] .
onsidering the importance of heat capacity in the determination of
he equilibrium constant of aqueous species in chemical processes, it is
aramount to obtain the Cp value given that the models that incorporate
he effect of heat capacity yield precise results. 

From the result of calorimetric measurement, the determination of
he partial molal heat capacity of aqueous electrolytes and some related
ndissociated species can be expressed in terms of apparent molal heat
apacities [ 21 , 55 ] as: 

p 𝜙 = 
Cp soln − n 1 Cp ∗ H 2 O 

n 2 
(44)

here, Cp soln is the heat capacity of a solution containing n 1 moles of
ater and n 2 moles of solute. Cp ∗ H 2 O is the molar heat capacity of water

J ⋅K 

− 1 ⋅mol − 1 ). 
For binary system (solute + solvent), the apparent molal heat ca-

acity Cp 𝜙( JK 

−1 mo l −1 ) of the aqueous solution can be computed from
easured specific heat with the expression in Eq. (45) [56–60] . 

 𝑝 𝜙 = 𝑀.𝐶 𝑝 
𝑒𝑥𝑝 

𝑠𝑜𝑙𝑛 
+ 

⎡ ⎢ ⎢ ⎢ ⎣ 
1000 

(
𝐶 𝑝 

𝑒𝑥𝑝 

𝑠𝑜𝑙𝑛 
− 𝐶 𝑝 𝑜 

𝐻 2 𝑂 

)
𝑚 

⎤ ⎥ ⎥ ⎥ ⎦ (45)

Cp exp soln is the experimental value (J.K 

− 1 g − 1 ) for the specific heat
apacity of the solution, M is the molar mass ( g mol ) of the electrolyte

solute), m is the molality ( mol kg ) and Cp o H 2 O is the specific heat capacity of

ure water 4.182 J.K 

− 1 g − 1 at 25 °C. At infinite dilution (molality = 0),
p 𝜙 = Cp 

◦

j . 

heoretical determination of heat capacity 

The theoretical determination of heat capacities has been reported
y different authors [ 25 , 37 , 61 ], and different correlations developed
or its computation by considering the partial and/or apparent molal
uantities. 

itzer ion interaction equation 

The modelling of apparent molal heat capacity Cp 𝜙 for any salt type
n aqueous solutions at a high concentration can be done with the Pitzer
odel [ 25 , 54 , 62 ]. For a more concentrated electrolyte solution, the

omplex Pitzer virial coefficient equation in Eq. (46) is very suitable
or the determination of the Cp 𝜙 values [56] . 

𝑝 𝜙 = 𝐶𝑝 
◦
𝑗 
+ ( 𝑣 + + 𝑣 − ) ||𝑧 + 𝑧 − ||( 

𝐴 𝑗 

2 . 4 

) 

ln 
(
1 + 1 . 2 

√
𝐼 

)
− 2 𝑣 + 𝑣 − 𝑅𝑇 2 

[
𝑚𝐵 

𝑗 
± + 𝑚 

2 (𝑣 + 𝑧 + )𝐶 

𝑗 
± 

]
(46) 

 

j 
± = 

( 

𝜕 2 B ± 
𝜕T 2 

) 

p , I 

+ 2 
T 

( 

𝜕B ± 
𝜕T 

) 

p , I 
≡ β( 0 ) j + 2β( 1 ) j 

⎛ ⎜ ⎜ ⎜ ⎝ 
1 − 

(
1 + α

√
I 
)
exp 

(
−α

√
I 
)

α2 I 

⎞ ⎟ ⎟ ⎟ ⎠ 
+ 2β( 2 ) j 

⎛ ⎜ ⎜ ⎜ ⎝ 
1 − 

(
1 + α2 

√
I 
)
exp 

(
−α2 

√
I 
)

α2 2 I 

⎞ ⎟ ⎟ ⎟ ⎠ 
 

j 
± = 

( 

𝜕 2 C ± 
𝜕T 2 

) 

p 

+ 

2 
T 

( 

𝜕C ± 
𝜕T 

) 

p 

≡ C ( 0 ) j + 4C ( 1 ) j 

(
6 − 

(
6 + 6 𝛼3 

√
I + 3 𝛼2 3 𝐼 + 𝛼3 3 I 

3 
2 

)
exp 

(
− 𝛼3 

√
I 
))

𝛼4 I 2 
3 
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Cp 
◦

j is the partial molal heat capacity of the aqueous species j at
nfinite dilution with respect to temperature and pressure [61] . v + v − 
re the stoichiometric coefficient for the cations and anions in an elec-
rolyte and z + z − are their respective ionic charges. The parameter C j ± 
s independent of ionic strength while B j ± depends on ionic strength
54] . I and m are the ionic strength and molality respectively. α = 2 . 0
g 1/2 mol − 1/2 for other electrolyte salt types (1–1 type e.g. NaCl, 2–1
ype e.g. MgCl 2, etc.) except for 2–2 types such as MgSO 4 , NiSO 4 , CoSO 4, 
nd MnSO 4 with α = 1 . 4 as a result of their electrostatic ion pairing ef-
ect with solvent, α2 = 12 kg 1/2 mol − 1/2 [25] . α3 was modelled to be 1
g 1/2 mol − 1/2 by Archer & Rard [63] . β(0)j , β(1)j , β(2)j , C (0)j , and C (1)j 
re adjustable ion-interaction parameters that depend on temperature
nd pressure [63] . The constant, A j is the Debye-Hückel parameter at
ifferent temperatures [25] . The values of the Pitzer constants β(0)j and
(1)j for some electrolytes are reported by Pitzer [25] . 

evised Helgeson-Kirkham-Flowers equation (HKF) 

The semi-empirical model developed by HKF is another approach
n which the standard thermodynamic properties of aqueous electrolyte
olutions at increasing temperatures can be obtained. HKF developed
quations for the determination of the apparent molal heat capacity,
tandard partial molal heat capacity at infinite dilution, entropy, en-
halpy, and Gibbs free energy of aqueous species at a desirable temper-
ture and pressure [61] . 

𝑝 𝜙 = 𝐶𝑝 
◦
𝑗,𝑇 
+ 𝐼 

𝑚 

𝐴 𝑗 

√
𝐼 

( (
1 + 

√
𝐼 

)−1 
− 𝜘 
3 

) 

− 2 . 303 𝑅𝑇 2 𝑚 

(
𝑣 + 𝑣 − 

)( 

2 
𝑇 

(
𝜕𝐵 

𝜕𝑇 

)
𝑝 
+ 

( 

𝜕 2 𝐵 

𝜕𝑇 2 

) 

𝑝 

) 

(47) 

here, 𝜘 = 3 
I 1 . 5 ( 1 + 

√
I − 1 

1+ 
√
I 
− 2 ln ( 1 + 

√
I ) ) 

𝑝 
◦

𝑗,𝑇 ,𝑃 
= 𝑐 1 ,𝑗 + 

𝑐 2 ,𝑗 𝑇 (
𝑇 − 𝜃𝑗 

) − 

( 

𝜃𝑇 
(
2 𝑎 3 ,𝑗 ( 𝑃 − 𝑃 ◦) + 𝑎 4 ,𝑗 

(
𝑃 2 − 𝑃 ◦2 

))(
𝑇 − 𝜃𝑗 

)3 
) 

+ 𝜔 𝑗 𝑇 𝑋 

(48) 

At standard pressure (1 bar), the partial molal heat capacity of the
pecies at a given temperature in Eq. (48) is reduced to Eq. (49) . 

𝑝 
◦
𝑗,𝑇 

= 𝑐 1 ,𝑗 + 
𝑐 2 ,𝑗 𝑇 (

𝑇 − 𝜃𝑗 
) + 𝜔 𝑗 𝑇 𝑋 (49)

The partial molal heat capacity of an ion or electrolyte as a function
f temperature and pressure was also proposed by Shock et al. [64] as
epresented in Eq. (50) . 

𝑝 
◦

𝑗,𝑇 ,𝑃 
= 𝑐 1 ,𝑗 + 

𝑐 2 ,𝑗 𝑇 (
𝑇 − 𝜃𝑗 

)2 − 
( 

2 𝑇 (
𝑇 − 𝜃𝑗 

)3 
) 

×
( 

𝑎 3 ,𝑗 ( 𝑃 − 𝑃 ◦) + 𝑎 4 ,𝑗 ln 
( 

𝜓 + 𝑃 
𝜓 + 𝑃 ◦

) ) 

+ 𝜔 𝑗 𝑇 𝑋 + 2 𝑇 𝑌 
( 

𝜕𝜔 𝑗 

𝜕𝑇 

) 

𝑝 

− 𝑇 
( 

1 
𝜀 𝑇 , 𝑃 

− 1 
) 

( 

𝜕 2 𝜔 𝑗 

𝜕𝑇 2 

) 

𝑝 

(50) 

At standard pressure, Eq. (50) is reduced to Eq. (51) . 

𝑝 
◦

𝑗,𝑇 
= 𝑐 1 ,𝑗 + 

𝑐 2 ,𝑗 𝑇 (
𝑇 − 𝜃𝑗 

)2 + 𝜔 𝑗 𝑇 𝑋 + 2 𝑇 𝑌 
( 

𝜕𝜔 𝑗 

𝜕𝑇 

) 

𝑝 

− 𝑇 
( 

1 
𝜀 𝑇 , 𝑃 

− 1 
) 

( 

𝜕 2 𝜔 𝑗 

𝜕𝑇 2 

) 

𝑝 

(51)

here P° and P (bar) is the Pressure at the reference state (1 bar) and
esired pressure of calculation. c 1 , j , c 2 , j , c 3 , j , c 4 , j , a 1 , j , a 2 , j , a 3 , j , a 4 , j are tem-
erature/pressure ionic-specific independent HKF parameters obtained
y regression. ω j is the born coefficient, ψ is the solvent-specific param-
ter (2600 bar) and T is the temperature (K). X, Y, and Z are the born
unctions with the S.I unit of (K 

− 1 ). θj (K) is the structural temperature
8 
nique for each species (j) in Eqs. (48) and (49) . In the case of the report
f Shock et al., [64] in Eqs. (50) and (51) , θj is a constant = 219 K . 

 = 

1 
𝜀 𝑇 , 𝑃 

( ( 

𝜕 2 𝑙𝑛𝜀 𝑇 , 𝑃 

𝜕𝑇 2 

) 

𝑃 

− 

( 

𝜕𝑙𝑛𝜀 𝑇 , 𝑃 

𝜕𝑇 

) 2 

𝑃 

) 

(52)

 = 

1 
𝜀 𝑇 , 𝑃 

( 

𝜕𝑙𝑛𝜀 𝑇 , 𝑃 

𝜕𝑇 

) 

𝑃 

≡ 1 
𝜀 𝑇 , 𝑃 

( 

( −1 + 𝑎.𝜃. exp ( 𝑏 + 𝑎.𝑇 ) ) 
𝜃

) 

(53)

 𝑃 , 𝑇 = − 

1 
𝜀 𝑇 , 𝑃 

(54)

ε T , P is the dielectric constant of water. The values of a , b , T , and θ
re as defined in Eq. (7) . 

The value of the born function X can be obtained by the partial
erivation of Eq. (52) . The value −3 . 16 × 10 −7 K 

−1 at 25 °C was reported
y Helgeson & Kirkham [51] . 

A comparison of the results obtained from the Cp models can be
ound in the supplement. The difficulty and inconsistency in obtaining
 satisfactory Cp 

◦

j result has been a major problem in the computation of
pecific heat capacity. However, many researchers measured the specific
eat of aqueous electrolyte solutions and few people have done this with
ufficient precision to obtain reliable results for the apparent molal heat
apacity of the solute [65] . 

An assumption was made that the heat capacities of individual ionic
pecies at infinite dilution are additive [65] . According to the reports
f Criss & Millero [66] , Parker [65] , and Abraham & Marcus [67] , the
p 
◦

j of the electrolytes can be determined additively. Depending on
he electrolyte salt type, Eq. (55) can be used to obtain the values of the
artial molal heat capacity if the values of Cp 

◦

j , 298 . 15K for the components
f the electrolyte’s ionic species at 25 °C and zero molality are known. 

General form (additively) [65] 

𝑝 
◦
( 𝑀 

+ 𝑋 − ) = 𝑣 + 𝐶𝑝 
◦
( 𝑀 

+ ) + 𝑣 − 𝐶𝑝 
◦
( 𝑋 − ) (55)

here M 

+ is the cation and X 

− is the anion of the electrolyte compound.
 + and v − are the stoichiometry coefficient of the respective cation and
nion of the compound. 

Some electrolytes were observed to give inconsistent values from
egression [61] . Using Cp 

◦

MgS O 4 
as a reference, due to the strong elec-

rostatic interaction of Mg 2 + and SO 4 
2 − in water, the linearization ap-

roximation of the Debye-Hückel theory is unsatisfactory [68] . The ef-
ects of ion associations on different apparent molal properties can be
stablished at different ionic strengths. This depends on the differences
n their standard enthalpies, heat capacities, dissociation volume, and
ibbs free energies [61] . The abrupt change in the ion association in-

eraction of MgSO 4 at low molality makes it impossible to obtain an
ccurate value of its apparent heat capacity by extrapolation. From the
tudy of the heat capacity of aqueous magnesium sulphate by Phutela &
itzer [68] and Archer & Rard [63] , Cp 

◦

MgS O 4 
can be obtained with the

ollowing expression [ 63 , 68 ]: 

𝑝 
◦
𝑀𝑔𝑆𝑂 4 

= 𝐶𝑝 
◦
𝑀𝑔𝐶𝑙 2 

+ 𝐶𝑝 
◦
𝑁𝑎 2 𝑆𝑂 4 

− 2 𝐶𝑝 
◦
𝑁𝑎𝐶𝑙 

(56)

𝑝 
◦
𝑀𝑔𝑆𝑂 4 

= 
𝑞 1 
𝑇 
+ 𝑞 2 + 𝑞 3 𝑇 + 𝑞 4 𝑇 2 + 𝑞 5 𝑇 3 (57)

𝑝 
◦
𝑠𝑜𝑙𝑢𝑡𝑒 

= −295 . 3 + 𝑠 1 ( 𝑇 − 298 . 15 ) + 𝑠 2 
(
𝑇 2 − 298 . 15 2 

)
+ 𝑠 3 

(
𝑇 3 − 298 . 15 3 

)
(58) 

here q 1 = −6 . 2543 × 10 6 , q 2 = 6 . 5277 × 10 4 , q 3 = −2 . 6044 × 10 2 ,
 4 = 4 . 6930 × 10 −1 and q 5 = −3 . 2656 × 10 −4 [68] , s 1 = −18 . 52779 ,
 2 = 0 . 0728295 and s 3 = −8 . 79539 × 10 −5 [63] are fitting parameters
nd T is the temperature (K). 

The partial molal heat capacity of MgSO 4 at infinite dilution, which
s temperature-dependent was computed by Phutela & Pitzer [68] with
he expression in Eq. (57) arriving at Cp 

◦

MgS O 4 
= −287 . 54 J . mo l −1 K 

−1 at
5 °C, 20 bar. Likewise, Archer & Rard [63] proposed Eq. (58) for the
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Table 1 

List of species and their thermodynamic data at standard state. 

Species (j) ΔG o j , 298 . 15K ΔH o j , 298 . 15K S o j , 298 . 15K Cp o j , 298 . 15K References 

H 

+ 0 0 0 0 [ 39 , 80 , 81 ] 
SO 4 

2 − -744.00 -909.34 18.50 -254.54 [49] 
-744.63 -909.18 20.08 -234.91 [ 39 , 80 ] 
-744.46 -909.60 18.83 -269.37 [64] 

Aluminium Species 

Al 3 + -483.70 -530.67 -325.10 -135.98 [1] 
-487.64 -538.40 -337.97 -122.65 [49] 
-485.34 -531.37 -321.75 32.62 [39] 
-485.00 -531.00 -325.10 -321.70 [81] 

AlSO 4 
+ -1245.40 -1430.90 -217.00 – [1] 

-1249.74 -1428.87 -195.49 455.43 [49] 
-1247.09 -1430.97 -212.13 – [39] 

Al(SO 4 ) 2 − -2000.70 -2338.90 -156.50 – [1] 
-2002.55 -2336.89 -144.77 – [39] 

Al 2 (SO 4 ) 3 ° – – – – [1] 
-3205.00 -3790.70 -583.25 – [39] 
-3205.00 -3791.00 -583.20 – [81] 

Iron Species 

Fe 2 + -90.53 -90.00 -101.58 -27.16 [49] 
-91.50 -92.26 -105.86 -33.05 [64] 
-78.90 -89.10 -137.70 – [81] 

Fe 3 + -17.24 -49.58 -277.40 -142.67 [1] 
-16.28 -49.00 -278.44 -67.23 [49] 
-17.24 -49.58 -277.40 -77.82 [64] 
-4.60 -48.50 -315.90 31.01 [79] 

FeSO 4 
+ -785.44 -932.86 -91.20 41.75 [1] 

-784.54 -932.34 -91.37 – [49] 
-772.80 -931.78 -129.70 131.00 [81] 

Fe(SO 4 ) 2 − -1537.30 -1829.50 -4.57 – [1] 
-1524.65 -1828.39 -43.07 -703.44 [79] 

FeHSO 4 
2 + -780.89 -895.78 18.44 – [1] 

-774.44 -883.07 40.01 – [49] 
-768.38 -894.29 -18.68 235.83 [79] 

Fe2(SO4)3o – – – – [1] 
-2243.00 -2825.04 -571.53 – [79] 

Fe 2 O 3 -742.20 -824.20 87.40 103.85 [1] 
-744.25 -826.23 87.40 103.88 [49] 
-742.20 -824.20 87.40 103.85 [81] 

Nickel Species 

Ni 2 + -45.37 -59.50 -148.20 -42.77 [49] 
-45.60 -54.00 -128.90 – [81] 

NiSO 4 ° -803.30 -949.30 -18.00 -109.10 [1] 
-803.30 -949.30 -18.00 – [81] 

Cobalt Species 

Co 2 + -55.59 -57.60 -107.40 -26.58 [49] 
-54.39 -58.16 -112.97 -32.64 [64] 
-54.40 -58.20 -113.00 – [81] 

CoSO 4 ° -812.78 -960.31 -22.77 -302.00 [1] 
-799.10 -967.30 -92.00 – [81] 

Manganese Species 

Mn 2 + -230.54 -221.33 -67.78 -11.41 [49] 
-230.54 -221.33 -67.78 -17.15 [64] 
-228.10 -220.75 -73.60 50.00 [81] 

MnSO 4 ° -985.90 -1116.10 20.92 – [1] 
-985.92 -1121.11 20.92 -87.66 [49] 
-985.70 -1115.90 36.40 – [81] 

Magnesium Species 

Mg 2 + -453.98 -465.96 -138.07 -22.34 [1] 
-455.38 -467.00 -137.00 -16.02 [49] 
-454.80 -466.85 -138.10 – [81] 

MgSO 4 ° -1215.90 -1373.40 -53.68 -82.51 [1] 
-1212.21 -1356.00 -7.10 – [81] 

MgSO 4 .H 2 O -1437.10 -1610.40 126.36 133.89 [1] 
-1437.21 -1610.71 126.36 138.91 [49] 
-1428.70 -1602.10 126.40 – [81] 
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u  
tting and calculation of the partial molal heat capacity of solutes at
aturated pressure of the solution and obtained a value of Cp 

◦

MgS O 4 
=

295 . 3 J . mo l −1 K 

−1 at 25 °C, 1 bar. This observation pointed out pres-
ure influence on the partial molal specific heat capacity obtained by
alculation at infinite dilution. The pressure effect is less for finite con-
entrations on the order of 0.1 mol/kg [63] . 
9 
etermination of the apparent molal heat capacity by other theoretical 

alculation 

A semi-empirical equation in the form of a simplified Redlich-
osenfeld-Meyer (RRM) type [56] is found to be useful for the fitting
f most dilute solutions at molality less than 1 molal or ionic strength
p to 1 mol.kg − 1 in the different studies on the specific heat capacity
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Fig. 1. Extrapolation of log ( K i , T ) for AlSO 4 
+ ⇔ Al 3 + + SO 4 

2 − with thermodynamic data from 3 different sources [ 1 , 39 , 49 ] using (a) van’t Hoff, (b) “Cp approximation ”, 
(c) Density and (d) Unexpanded HKF models. 
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easurement of electrolytes [ 55 , 62 , 67 ]. The apparent molal heat ca-
acities of these dilute solutions of strong electrolytes are fitted with
q. (59) [67] and Eq. (60) [55] . 

 𝑝 𝜙 = 𝐶 𝑝 
◦
𝑗 
+ 

(
𝑤 × 𝑆 𝐶𝑝 ×

√
𝑚 

)
+ ( 𝑏 × 𝑚 ) (59)

 𝑝 𝜙 = 𝐶 𝑝 
◦
𝑗 
+ ( 𝑤 

3 
2 ) 𝐴 𝑐 

√
𝜌𝑤 ×

√
𝑚 + ( 𝑏 ×𝑤 × 𝑚 ) (60)

The equation can also be represented as a function of only ionic
trength [62] in the form: 

 𝑝 𝜙 = 𝐶 𝑝 
◦
𝑗 
+ 

(
𝑆 𝐶𝑝 ×

√
𝐼 

)
+ ( 𝑏 × 𝐼 ) (61)

A plot of “Cp 𝜙 − ( w 

3 
2 )A c 

√
ρw ×

√
m ” against “m ” in Eq. (60) gives a

traight-line graph, with a slope of b and an intercept at m = 0 being the
alue of Cp 

◦

m=0 [55] . Woolley & Hepler [69] represented Eq. (60) as: 

𝐶𝑝 𝜙 − ( 1 − 𝛼) Cp 
◦
( 𝑀 

𝑛 + ,𝑋 𝑛 − ) − ( 1 − 𝛼) 
1 . 5 𝐴 𝑐 

√
𝜌𝑤 ×

√
𝑚 

𝛼

= Cp 
◦
( MX ) + 𝑏 

( 

( 1 − 𝛼) 2 𝑚 

𝛼

) 

(62) 

here Cp 
◦

( M 

n+ , X n− ) can be determined from Eq. (56) for MgSO 4(aq) . α is
he fraction of ions associated in M 

𝑛 + 
( aq ) + X 

𝑛 − 
( aq ) ⇌ MX ( aq , undissolved ) . A plot

f the left-hand side quantity versus the term in a bracket on the right-
and quantity of Eq. (62) gives a straight-line graph with an intercept
p 
◦

j and the slope b [69] . 

The partial molal heat capacity Cp 
◦

j represents the value of the appar-
nt molal heat capacity Cp 𝜙 at infinite dilution (molality = 0). The va-

ence factor 𝑤 = Ionic strength molality = 
∑ v i z 2 i 

2 ( v i is the subscript in the chemical
10 
ormula A v + B v − [60] and z i is the charges on the ions), b is an empirical
tting adjustable parameter, and m is the molality. S Cp = 𝑤 × 𝐴 𝑐 

√
ρw 

s derived from the slope of the Debye-Hückel theory & the dielectric
onstant of water [21] , ρw is the density of water ≈ 1 kg/dm 

3 . Differ-
nt authors [ 65 , 70-72 ] have reported different values of A c 

√
ρw . The

hoice of the Debye-Hückel parameter used affects the Cp 
◦

j values ob-
ained [55] . For salts of 1:1 electrolyte charge type, the value of A c 

√
ρw 

as a very small impact on the calculated result of Cp 
◦

j , but with a
ignificant difference for higher electrolyte charge types. A c 

√
ρw val-

es have been reported by different authors at 25 °C to be 25.6 [65] ,

8.95 [72] , 28.99 J . K 

−1 mo l − 
3 
2 kg 

1 
2 [ 70 , 71 ] and 32.75 J . K 

−1 mo l − 
3 
2 kg 

1 
2 

 56 , 73 ] which is in good agreement with more recent data from Fer-
ández et al., [74] with a 3% difference. The effect of pressure on the
xpression A c 

√
ρw is minimal. This is confirmed by the values of A c 

√
ρw 

eported by Archer & Wang [75] at different temperatures and pressures

31.89 at 25 °C, 1 bar, and 31.45 J . K 

−1 mo l − 
3 
2 kg 

1 
2 at 25 °C, 50 bar). The

nit ( J . K 

−1 mo l − 
3 
2 kg 

1 
2 ) does not reflect the litre in the density formula

ecause, from the equation presented by Perron et al., [72] , the full

xpression is A c ( 
( 
√
ρw ×

√
m ) 

c ) , where 𝑚 = 1 mol kg and 𝑐 = 1 mol dm 3 . 

A c 
√
ρw varies linearly with temperature (K). Perron et al., (1975)

ave suggested the use of Eq. (63) for the computation of the value
hich differs from the correlation of Millero [21] in Eq. (64) . But the
ore recent values owing to the dielectric constant of water, revised

y Archer & Wang [75] which is about 19% larger than that of Perron
t al., [72] is assumed to be a “best ” value [55] . 

 𝑐 

√
𝜌𝑤 ( 𝑇 ) = 28 . 95 + 0 . 325 ( 𝑇 − 298 . 15 ) (63)

 𝑐 

√
𝜌𝑤 ( 𝑇 ) = 31 . 8 + 0 . 464 𝑇 (64)
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Fig. 2. Extrapolation of log ( K i , T ) for MgSO 4 .H 2 O ⇔ Mg 2 + + SO 4 
2 − + H 2 O with thermodynamic data from 2 different sources [ 1 , 49 ] using (a) van’t Hoff, (b) “Cp 

approximation ”, (c) Density and (d) Unexpanded HKF models. 
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The “T’ in Eqs. (63) and (64) is the temperature in (K) and ( °C) re-
pectively. The Pitzer ion interaction equation so far is one of the best
ethods for computing the apparent heat capacity of many aqueous so-

utions [ 55 , 60 , 68 ] but the complexity of the equation and the unavail-
bility of some data for various species has made the equation unattrac-
ive. Various researchers [ 63 , 75 , 76 ] have reported varying values for
he parameters needed for the computation of some salt species such as
gSO 4 by fitting. 

From the studies by different authors [ 58 , 68 , 77 , 78 ] and their com-
arisons, it is put forward that more accurate data are needed for the
etermination of the apparent molal heat capacity of many aqueous so-
utions in areas where the experimental data is unavailable. The appar-
nt molal heat capacity of an aqueous species at 25 °C will be sufficient
or the extrapolation of equilibrium constant with the models that utilise
he specific heat capacity. 

ethodology of the equilibrium constant extrapolation at high 

emperatures 

In the aqueous chemical modelling study by Liu & Papangelakis [1] ,
he equilibrium constants of eighteen dissociation reactions were com-
uted with either the Density model, revised Helgeson-Kirkham-Flowers
HKF) model, or a regression method at three distinct temperatures of
30, 250 and 270 °C. 

In this paper, the equilibrium constants of eleven out of these eigh-
een dissociation reactions for the Al-Mg-Fe-Ni-Co-Mn-H 2 SO 4 –H 2 O sys-
em with complete thermodynamic data were extrapolated to higher
emperatures using Eqs. (33) , (34) , (35) , (40) and the unexpanded HKF
11 
odel Eq. (39) or (41) for model comparisons. The remaining seven
issociation reactions obtained by the regression method [1] were not
onsidered in this paper due to the unavailability of their thermody-
amic data at the standard state of reference. The results obtained with
qs. (39) and (41) are the same for species of a reaction with both nega-
ive values of enthalpy and entropy values. Hence, only values obtained
rom Eq. (39) were reported to avoid duplication. The thermodynamic
ata ΔG 

◦
j , 298 . 15 K , ΔS 

◦
j , 298 . 15 K , ΔH 

◦
j , 298 . 15 K and ΔC ◦pj , 298 . 15 K of the species

nvolved in the reactions were taken from four different sources Blakey
 Papangelakis [39] , Thermoddem database [49] , Papangelakis & De-
opoulos [79] , and the report of Liu & Papangelakis [1] which is con-

istent with the thermodynamic documentations by Shock & Helgeson
40] . In cases where the heat capacity of a given species is not listed
n the report of Liu & Papangelakis [1] , data from Shock & Helgeson
40] or the Thermoddem database [49] having the values of ΔG 

◦
j , 298 . 15 K ,

S ◦j , 298 . 15 K , ΔH 

◦
j , 298 . 15 K in close approximation to those reported by Liu

 Papangelakis was used to enable the calculation of the equilibrium
onstant with models that require the specific heat capacity value. Oth-
rwise, complete data from Papangelakis and Demopoulos [79] with the
pecific heat capacity value highlighted is used for the calculation of the
quilibrium constants with the models that incorporate the heat capac-
ty. Table 1 shows the lists of the considered species and their various
hermodynamic data from different sources. To compare the effect of
he thermodynamic data obtained from different sources, these values
ere used to extrapolate the equilibrium constants of the considered

eactions at high temperatures. 
In all cases, the term “Calculated-Liu ” used in this paper is the value

f the equilibrium constant log K i , T obtained by Liu & Papangelakis



O.V. Dickson, T. Deleau, C. Coquelet et al. Chemical Thermodynamics and Thermal Analysis 11 (2023) 100117 

Fig. 3. Extrapolation of log ( K i , T ) for MnSO 4 
0 ⇔ Mn 2 + + SO 4 

2 − with thermodynamic data from 2 different sources [ 1 , 49 ] using (a) van’t Hoff, (b) “Cp approximation ”, 
(c) Density and (d) Unexpanded HKF models. 
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1] at the three extrapolated temperatures (230, 250, and 270 °C) with
ither the Density, revised HKF model, or regression method. Regression
as used by Liu & Papangelakis [1] for species without information on

he thermodynamic data at the reference temperature. The regressed
ata were estimated with the equation ln K T = A 1 + 

A 2 
T + A 3 𝑇 + A 4 T 2 ,

here A 1 , A 2 , A 3, and A 4 are coefficients of the fit determined by re-
ression or extrapolation, and T (K) is the temperature [ 1 , 82 ]. 

The terms “Liu 2005 ”, “Blakey 1996 ”, “Papangelakis 1990 ” and
Thermoddem ” in Figs. 1–10 represent that the equilibrium constant
as extrapolated from the thermodynamic data ( ΔG 

◦
j , 298 . 15 K , ΔS 

◦
j , 298 . 15 K ,

H 

◦
j , 298 . 15 K and ΔC ◦pj , 298 . 15 K ) reported by Liu & Papangelakis [1] , Blakey

 Papangelakis [39] , Papangelakis & Demopoulos [79] , and the Ther-
oddem database [49] respectively. Eqs. (33) , (34) , (35) , (40) , and

39) are represented on the graphs as van’t Hoff model, “Cp approxi-
ation ” model, Density model, “Regressed experimental data ” from the
hermoddem database and the unexpanded HKF model respectively.
he species in the reactions presented in this paper with an index of
ero indicates that it is an aqueous phase, e.g., MgSO 

o 
4 is the same as

gSO 4(aq) . 

esults and discussion 

omparison of the equilibrium constants obtained by using thermodynamic 

ata ( ΔG 

◦
j , 298 . 15 K , ΔS 

◦
j , 298 . 15 K , ΔH 

◦
j , 298 . 15 K and ΔC ◦pj , 298 . 15 K ) of 

eaction species from different sources 

The sources of the thermodynamic data of the participating reaction
pecies and the equilibrium constant models used for the extrapolation
12 
f the equilibrium constant influence the results. The differences ob-
erved in the modelling presented in Figs. 1–10 with data from 4 vary-
ng sources show the necessity for the acquisition of reliable thermody-
amic data for the extrapolation of the equilibrium constant to elevated
emperature. 

Unlike data from the Thermoddem database [49] , the extrapola-
ion of log K i , T with the thermodynamic data from Liu & Papangelakis
1] and Blakey & Papangelakis [39] for the AlSO 4 

+ reaction are the
ame as seen in Fig. 1 (a, c, and d). There are noticeable differences in
he log K i , T results obtained in Fig. 1 b with data from Liu & Papange-
akis [1] and Blakey & Papangelakis [39] over the temperature range
ith the highest deviation of 16% at the highest studied temperature

300 °C). 
For the MgSO 4 ⋅H 2 O dissociation reaction, the results of log K i , T com-

uted with the thermodynamic data from the Thermoddem database
nd Liu & Papangelakis [1] using different equilibrium constant models
n Fig. 2 show a close proximation with each other for the four computed
odels. In the case of MnSO 4 ° dissociation reaction, The comparison of

he equilibrium constant of the species obtained with van’t Hoff, “Cp ap-
roximation ”, Density and unexpanded HKF models in Fig. 3 using data
rom Liu & Papangelakis [1] and the Thermoddem database show a little
ifference at a lower temperature which increased with temperature for
he van’t Hoff, “Cp approximation ” and the Density models contrarily
o the unexpanded HKF model in Fig. 3 d with a lower difference with
ncreasing temperature. 

The thermodynamic data at reference temperature for the FeSO 4 
+ 

eaction as reported by Papangelakis & Demopoulos [79] and Liu &
apangelakis [1] were compared with the data from the Thermoddem
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Fig. 4. Extrapolation of log ( K i , T ) for FeSO 4 
+ ⇔ Fe 2 + + SO 4 

2 − with thermodynamic data from 3 different sources [ 1 , 49 , 79 ] using (a) van’t Hoff, (b) “Cp approximation ”, 
(c) Density and (d) Unexpanded HKF models. 
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f  
atabase. The values reported for SO 4 
2 − , Fe 3 + , and FeSO 4 

+ species by
apangelakis & Demopoulos [79] were used for the computation of “Pa-
angelakis 1990 ″ in Fig. 4 while the values for SO 4 

2 − , Fe 3 + , and FeSO 4 
+ 

rom Thermoddem [49] and Liu & Papangelakis [1] were used for
og K i , T extrapolation for “Thermoddem ” and “Liu 2005 ″ respectively. In
his reaction, the results obtained from the calculation with the thermo-
ynamic data from Thermoddem [49] and Liu & Papangelakis [1] are
imilar but different from the results obtained when the thermodynamic
ata reported by Papangelakis & Demopoulos [79] is used. 

Considering the haematite reaction, there is a distinctive differ-
nce between the extrapolated values with the thermodynamic data
 ΔG 

◦
j , 298 . 15K , ΔS ◦j , 298 . 15 K , ΔH 

◦
j , 298 . 15K ) of the participating species

Fe 2 O 3 , H 

+ , Fe 3 + , and H 2 O) obtained from the Thermoddem database
49] and Liu & Papangelakis [1] for the van’t Hoff, “Cp approximation ”
nd Density equilibrium constant models ( Fig. 5 (a, b & c). While the
nexpanded Helgeson model shows a negligible difference between the
omputed results with data from both sources ( Fig. 5 d). 

Thermodynamic data from four literature sources were compared for
eHSO 4 

2 + dissociation reaction. The equilibrium constant results ob-
ained with data from Blakey & Papangelakis [39] , Liu & Papangelakis
1] , and Thermoddem [49] in Fig. 6 (a & b) are similar with a little devi-
tion at lower temperatures up to 150 °C, while the values obtained with
he thermodynamic data from Papangelakis & Demopoulos [79] source
hows a distinctive difference in comparison with the “Thermoddem ”,
Liu 2005 ” and “Blakey 1996 ” results. 

The values of the thermodynamic data from Blakey & Papangelakis
39] and Liu & Papangelakis [1] used for the extrapolation of the equi-
13 
ibrium constant for Al(SO 4 ) 2 − reaction ( Fig. 7 ) shows a negligible dif-
erence in the results of the equilibrium constant. Fe(SO 4 ) 2 − reaction
n Fig. 8 shows that there is a vast difference in the log K i , T across the
emperature when the thermodynamic data from Liu & Papangelakis
1] is used in comparison with the data from Papangelakis & Demopou-
os [79] . 

In a few cases such as in Figs. 9 and 10 , there is a combination of ther-
odynamic data from two different sources where the complete data
oes not exist in one source. For the NiSO 4 ° dissociation reaction, the
ata ( ΔG 

◦
i , 298 . 15 K , ΔS 

◦
i , 298 . 15 K and ΔC ◦pi , 298 . 15 K ) of Ni 2 + from the Ther-

oddem database source [49] was used to complement the data from
iu & Papangelakis [1] for the equilibrium constants extrapolation in
ig. 9 . On the other hand, the thermodynamic data for NiSO 4 ° from Liu
 Papangelakis’ report [1] was used to complement data from the Ther-
oddem source since the data for aqueous NiSO 4 ° is not reported in

he Thermoddem database. The results obtained with data from both
ources for the 4 equilibrium constant models approximate each other.
n the other hand, for CoSO 4 ° ← → Co 2 + + SO 4 

2 − reaction, the thermody-
amic data for CoSO 4 ° reported by Liu & Papangelakis [1] were used to
omplement the Co 2 + and SO 4 

2 − data for the Thermoddem extrapola-
ion since the data for aqueous CoSO 4 ° is not documented on the Ther-
oddem database. The data for Co 2 + and SO 4 

2 − from Shock & Helgeson
40] which is consistent with the thermodynamic data used by Liu & Pa-
angelakis [1] were used alongside the reported data of CoSO 4 ° for the
alculation of “Liu 2005 ” in Fig. 10 . 

Unlike the NiSO 4 ° reaction, the equilibrium constant extrapolated
rom the combination of data from the 2 sources for the CoSO 4 ° reac-



O.V. Dickson, T. Deleau, C. Coquelet et al. Chemical Thermodynamics and Thermal Analysis 11 (2023) 100117 

Fig. 5. Extrapolation of log ( K i , T ) for Fe 2 O 3 ⇔ 2Fe 3 + + 3H 2 O with thermodynamic data from 3 different sources [ 1 , 49 , 79 ] using (a) van’t Hoff, (b) “Cp approximation ”, 
(c) Density and (d) Unexpanded HKF models. 

Fig. 6. Extrapolation of log ( K i , T ) for FeHSO 4 
2 + ⇔ Fe 3 + + H 

+ + SO 4 
2 − with thermodynamic data from 4 different sources [ 1 , 39 , 49 , 79 ] using (a) van’t Hoff, and (b) 

Unexpanded HKF models. 

t  

t  

c  

p  

n  

T  

m  

m  

m
 

e  

t  
ion deviates from each other in all the considered models. This varia-
ion indicates the need for careful selection of thermodynamic data in
ompleting the missing data from an intended reference source. Com-
utation with data from one source would be preferred over the combi-
ation of inconsistent data from another source to minimize the error.
he differences in the thermodynamic data in a source are linked to the
14 
ethodology and condition used in determining it. Indeed, certain ther-
odynamic data are sometimes regressed without having any physical
eaning. 

The varying equilibrium constant results obtained using differ-
nt equilibrium constant models with the thermodynamic data from
he same source confirm the need for choosing a model with a
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Fig. 7. Extrapolation of log ( K i , T ) for Al(SO 4 ) 2 − ⇔ Al 3 + + 2SO 4 
2 − with thermodynamic data from 2 different sources [ 1 , 39 ] using (a) van’t Hoff, and (b) Unexpanded 

HKF models. 

Fig. 8. Extrapolation of log ( K i , T ) for Fe(SO 4 ) 2 − ⇔ Fe 3 + + 2SO 4 
2 − with thermodynamic data from 2 different sources [ 1 , 79 ] using (a) van’t Hoff, and (b) Unexpanded 

HKF models. 
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ood assumption for the equilibrium constant calculation at higher
emperatures. 

omparison of the calculated equilibrium constant from different models 

Unless otherwise stated, the thermodynamic data from Liu and Pa-
angelakis [1] were used for the calculation of the equilibrium con-
tants of the reactions with Eqs. (33) , (34) , (35) , and (39) . The computed
quilibrium constant values from the regressed experimental data in the
hermoddem database with Eq. (40) do not need thermodynamic data.

Contrary to the van’t Hoff and unexpanded HKF model, the values
f the extrapolated log K i , T by the “Regressed experimental data ”, “Cp
pproximation ” and the Density models in Fig. 11 a show the same ten-
ency with the equilibrium constants obtained by Liu & Papangelakis
1] . The results obtained from Eq. (40) which is based on empirical cor-
elations with experimental data fitting were used as a base for the com-
arison of the studied model. As generally observed in the dissociation
eactions considered, the deviation increases with temperature irrespec-
ive of the model used. The equilibrium constant models that consider
he heat capacity of the reaction gave a result with a closer approxima-
ion to the regressed experimental data with a 10% deviation for both
ensity and “Cp approximation ” models. While the unexpanded HKF
nd van’t Hoff model deviates from the regressed experimental data by
1 and 68% respectively. 
15 
Similar to the AlSO 4 
+ dissociation reaction, the regressed experi-

ental data from Thermoddem, Density model, and “Cp approxima-
ion ” model show a better propensity with the “Calculated-Liu ” result
han other models as seen in Fig. 11 b. A comparison of the models with
he regressed experimental data model in Fig. 11 b shows that the “Cp
pproximation ” model has the closest approximation to the regressed
xperimental data with the smallest deviation of 4% at the maximum
emperature (300 °C). Consequently, the Density model shows a smaller
eviation of 10% compared to the van’t Hoff model with a 44% devia-
ion. At lower temperatures up to 95 °C, van’t Hoff’s model aligned with
he results from other models but deviates greatly as temperature further
levates. Thus, the van’t Hoff model is strictly valid only at low concen-
rations and over a small temperature range. The effect of ΔC ◦pi , 298 . 15 = 0
n log ( K i , T ) depends on the value of ΔH 

◦
i , 298 . 15 to a large extent. Since

H 

◦
i , 298 . 15 is relatively small for most dissociation reactions, the value

f ΔC ◦pi , 298 . 15 cannot be ignored to avoid errors. But in the case where
H 

◦
i , 298 . 15 value is large as seen in polyphase reactions involving solids,

he neglection of ΔC ◦pi , 298 . 15 is not noticeable so the assumption that
C ◦pi , 298 . 15 = 0 gives a close value approximation to log ( K i , T ) [29] . The
nexpanded HKF model is consistent with the models that take into ac-
ount the specific heat capacity for the MgSO 4 .H 2 O reaction. This model
qually shows a close approximation with the regressed experimental
ata up to 180 o C and deviates further with temperature with a maxi-
um value of 39% deviation at 300 °C. 
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Fig. 9. Extrapolation of log ( K i , T ) for NiSO 4 
0 ⇔ Ni 2 + + SO 4 

2- with thermodynamic data from 2 different sources [ 1 , 49 ] using (a) van’t Hoff, (b) “Cp approximation ”, 
(c) Density and (d) Unexpanded HKF models. 
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A comparison of the equilibrium constant models with the regressed
xperimental data in Fig. 11 c shows that the “Cp approximation ” and
ensity models gave the best approximation with respective deviations
f 11 and 15% while the van’t Hoff and unexpanded HKF model show
 higher deviation by 39 and 20% respectively at the maximum studied
emperature 300 °C. In Fig. 11 d, the van’t Hoff’s model for the CoSO 4 °
eaction is consistent with the Density and “Cp approximation ” models
ver the studied temperature range and shows a close approximation
ith data obtained by Liu & Papangelakis [1] . Comparing the equilib-

ium constant models with the results obtained from the experimental
egression model, the least deviation of 2% is observed in the unex-
anded HKF model while the “Cp approximation ”, Density and van’t
off models deviate by 46% from the reported regressed experimental

esult in the Thermoddem database [49] . 
As seen in Fig. 11 e , the van’t Hoff model significantly deviates as

emperature increased from 100 °C. Comparing the results of the mod-
ls obtained with the regressed experimental data from the Thermod-
em database at the most deviated temperature (300 °C), the van’t Hoff
odel gave the highest deviation of 43% while the Density and “Cp ap-
roximation ” and unexpanded HKF models deviate by 14, 10 and 4%
espectively. 

The accuracy of the thermodynamic equilibrium constant is depen-
ent on the model used for the extrapolation. Depending on the model
sed, there is a vast difference between the calculated values obtained
ith the given thermodynamic data as the temperatures increase. In
ig. 11 f (FeSO 

+ reaction), the equilibrium constant calculated from the
4 

16 
ensity, “Cp approximation ”, van’t Hoff and the unexpanded HKF mod-
ls deviate greatly with temperature from the regressed experimental
ata by 39, 41, 22, and 36% respectively at the highest studied tem-
erature (300 °C). Care should be taken that the data of the aqueous
orm of magnesium sulphate (MgSO 4 ° ≡ MgSO 4(aq) ) which is different
rom the thermodynamic data of the crystal form (MgSO 4(s) ) was used
n the modelling for MgSO 4 ° dissociation reaction. The results from the
ve models used for this calculation were compared as seen in Fig. 11 g.
he deviations observed in the considered equilibrium constant models
rom the regressed experimental data decreased with temperature. At
00 °C, the unexpanded HKF model deviates by 3% while the “Cp ap-
roximation ”, Density, and van’t Hoff models deviate by 4, 9, and 40%
espectively. 

For the FeHSO 4 
2 + reaction, the value of the specific heat capac-

ty for the FeHSO 4 
2 + species was not reported by Liu & Papangelakis

1] . Hence, the Density and “Cp approximation ” models were computed
rom the thermodynamic data reported by Papangelakis and Demopou-
os [79] with the heat capacity value for FeHSO 4 

2 + , while the van’t Hoff
nd Helgeson models were obtained using data from Liu & Papangelakis,
1] . The discrepancy between the Density & “Cp approximation ” model
nd the van’t Hoff & unexpanded HKF model at a lower temperature
25 °C) in Fig. 11 h is due to the varying thermodynamic data from both
ources. The “Cp approximation ” and Density model show the least devi-
tion from the regressed experimental data at the maximum deviation of
00 o C by 4 and 10% respectively while the van’t Hoff and unexpanded
KF model have a higher deviation corresponding to 28 and 35%. 
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Fig. 10. Extrapolation of log ( K i , T ) for CoSO 4 
0 ⇔ Co 2 + + SO 4 

2 − with thermodynamic data from 2 different sources [ 1 , 49 ] using (a) van’t Hoff, (b) “Cp approximation ”, 
(c) Density and (d) Unexpanded HKF models. 

 

A  

H  

l  

p  

d  

l  

i  

t
 

g  

o
m  

v  

p  

a  

p  

[  

t  

m  

[  

s  

b  

u  

a  

s  

f  

c  

a  

e
 

a  

3  

t  

t
 

a  

t  

a  

c  

f  

e  

s  

p

C

 

e  

t  

t  

t  

t  

a  
Due to the absence of the specific heat capacity data for
l(SO 4 ) 2 − species in the literature, only van’t Hoff and the unexpanded
elgeson models were used for the Al(SO 4 ) 2 − dissociation reaction equi-

ibrium constant modelling. Likewise, the thermodynamic data and ex-
erimental parameters for Al(SO 4 ) 2 − were not reported in the Thermod-
em database, hence no correlation was made with Eq. (40) . The calcu-
ated values obtained with the van’t Hoff and unexpanded HKF models
n Fig. 11 i show a considerable similarity only at lower temperatures up
o 100 o C but vary significantly as temperature increases. 

Similar to FeHSO 4 
2 + species, the thermodynamic data from Papan-

elakis & Demopoulos [79] which presents the heat capacity value
f Fe(SO 4 ) 2 − was used to model the Density and “Cp approximation ”
odel, while the data from Liu & Papangelakis [1] was used for the

an’t Hoff and unexpanded HKF model. Since the thermodynamic data
resented for the reference entropy and enthalpy for the reaction species
re entirely different in both sources, the data for the specific heat ca-
acity of Fe(SO 4 ) 2 − species reported by Papangelakis & Demopoulos
79] was not used to complement the data from “Liu 2005 ″ . Instead,
he calculation with the Density and “Cp approximation ” models was
ade in its entirety with the data from Papangelakis & Demopoulos

79] . The Density and “Cp approximation ” models present an exact re-
ult for the Fe(SO 4 ) 2 − dissociation reaction in Fig. 11 j. The discrepancies
etween the Density & “Cp approximation ” model and the van’t Hoff &
nexpanded HKF model at a lower temperature (25 °C) in Fig. 11 j is
ssociated with the different thermodynamic data value from different
ources used for the calculation unlike in the cases where only the data
rom one source Liu & Papangelakis [1] was used for all equilibrium
17 
onstant models comparison. The source and methodology adopted in
cquiring the thermodynamic data are very useful and influence the
quilibrium constant of a reaction. 

The results obtained in Fig. 11 k are similar for the van’t Hoff, “Cp
pproximation ” and the Density models with respective deviations of
1, 29, and 30% from the regressed experimental data at the maximum
emperature (300 °C). The unexpanded HKF model is most deviated from
he regressed experimental data by 53% for the ferric oxide reaction. 

In Fig. 11 , the variation of the equilibrium constant results obtained
t higher temperatures from different models specifies the necessity for
he utilization of a valid model to compute the equilibrium constant of
 given reaction at a higher temperature. It can be deduced that the spe-
ific heat capacity is crucial for thermodynamic data to be considered as
ar as higher temperature extrapolation is concerned. The variety of the
quilibrium constant of some aqueous species obtained from different
ources at specific temperatures as well as the values calculated in this
aper using different models is shown in the appendix ( Table A1 ). 

onclusion on the equilibrium constant extrapolation with different models 

Since the available equilibrium constant models used to extrapolate
quilibrium constants to high temperatures rely on different assump-
ions, the assumption based on the heat capacity is the main supposition
hat unifies these models. However, some models include parameters
hat account for high temperature and pressure effects as in the case of
he revised HKF model which gives similar equilibrium constant results
s the Density model at higher temperatures [ 1 , 44 ]. The results obtained
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rom the equilibrium constant models clearly show that there are in-
onsistent equilibrium constant values when different models are used
ue to the varying models’ assumptions and their input correlated pa-
ameters. Comparison of the equilibrium constant results obtained from
ifferent models was based on the results of the equilibrium constant
btained with the experimental fitting model in Eq. (40) . The Density
nd Cp approximation models yield similar and better results than other
ompared models considered at higher temperatures. This deviation is
ig. 11. Extrapolation of log ( K i , T ) for different reactions using the thermodynamic d
eSO 4 

+ and FeHSO 4 
+ were extrapolated with data from Papangelakis & Demopoulos

Calculated-Liu ” obtained with Density model in (a, b, g, h), “Calculated-Liu ” obtain
eat capacity of Fe 2 O 3 + Revised HKF model of Fe 3 + and H 2 O in (k) as reported by L

18 
ue to the model’s consideration of the heat capacity of the aqueous
pecies involved in the reactions. The heat capacity accounts for the
ffect of temperature increase in the reaction. As seen in Fig. 11 , a devi-
tion from the models becomes significant as the temperature increases.
he Density model is particularly termed to be better than other mod-
ls due to its simplicity (unlike the complex revised HKF model) and
he model suggests a correspondence principle for heat capacities value
s well as the properties of the solvent at reference temperature [43] .
ata from Liu & Papangelakis [1] . The Density and Cp approximation models for 
 [79] with reported heat capacity data. 
ed with Revised HKF model in (c, d, e, f), “Calculated-Liu ” obtained with the 
iu & Papangelakis [1] . 



O.V. Dickson, T. Deleau, C. Coquelet et al. Chemical Thermodynamics and Thermal Analysis 11 (2023) 100117 

Fig. 11. Continued 
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he rationality of the Density model accuracy and the comparison with
ther equilibrium constant models is further tested in Section 8 with the
peciation of hydronium alunite and kieserite formation. 

odel validation (Case study) 

olution chemistry of aqueous species 

Solubility data has been widely used to identify the chemistry and
hermodynamics of aqueous solutions [ 83 , 84 ]. Due to the time and cost
ssociated with solubility tests, precise thermodynamic modelling is a
19 
undamental part of the development of hydrometallurgical processes
85] . 

Different software exists to solve equilibrium material balances, but
ost of this software has an old model with varying assumptions which

re not suitable for high-temperature extrapolation of the equilibrium
onstant. A typical example of these models is the van’t Hoff model
hich serves as the default thermodynamic database in the Phreeqc

oftware and has to be modified to incorporate reliable computational
odels. This paper highlighted the discrepancies observed with various

quilibrium constant models and in this section, the most suitable of
hese models for equilibrium constant calculation at high temperatures
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Fig. 12. Comparison of the experimental and calculated solubility of Al 2 (SO 4 ) 3 
with Pitzer, Truesdell-Jones, Davies, and Bromley + Meissner activity coefficient 
models at 250 °C . log (K H 2 O ) , log (K 1 ) - log (K 4 ) used are as reported by Baghalha 
[ 84 , 94 ]. 
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s proven. This will guide users to decide on the best model to use for
queous speciation modelling [86] . 

MATLAB software was used for the speciation calculations. The equi-
ibrium constant and activity coefficient models were used to calculate
he thermodynamic reaction constants with temperature. 

The solubilities of aqueous species of Al 2 (SO 4 ) 3 [84] and MgSO 4 
87] in H 2 SO 4 (for a binary system) at 250 o C and 235, 270 & 300 °C
espectively for aluminium and magnesium species were computed. To
how the influence of the equilibrium constant and the activity coeffi-
ient models on the overall speciation, the equilibrium constants of Al-
g-SO 4 species were determined by various engineering extrapolation
ethods with the models presented in Section 4.2. The data from three

quilibrium constant models (Density, van’t Hoff, and unexpanded HKF)
ere interchanged independently with the activity coefficient values ob-

ained with Davies, Truesdell-Jones, and Bromley + Meissner models in
he computation for comparison. 

The Bromley activity coefficient model was combined with the
eissner activity coefficient model as stated in Eqs. (10) and (14) in

ther to account for the activity coefficients of the species at tempera-
ures above 25 °C. 

For the Truesdell-Jones activity coefficient model, the values of the

arameter 
′
𝛼 reported by Casas et al., [82] were used for some species not

eported by Kielland [28] . The value of the ion size parameter 
′
𝛼 is set

o be 3 for neutral species such as Al 2 (SO 4 ) 3 ° and MgSO 4 °, 4 for mono-
alent ions such as AlSO 4 

+ , and 4.5 Å for divalent ions. For HSO 4 
− , the

alue of 
′
𝛼 was obtained from the wateq4f.dat database on the Phreeqc

oftware. The value of b b for these species were kept constant with tem-
erature which corresponds to 0.034 and 0.015 kg/mol at 250, and 300
 C respectively [82] . 

eneral approach and steps used for the speciation calculation of 

 2 SO 4 -H 2 O-Al 2 (SO 4 ) 3 -MgSO 4 with the MATLAB software 

I. The equilibrium constants of the participating reactions were de-
fined. The values of the equilibrium constants were calculated from
the different equilibrium constant models specified in Eqs. (33) , (35) ,
(39) , and (40) for Al 2 (SO 4 ) 3 and MgSO 4 speciation. 

II. The activity coefficients of the species were calculated from the
different activity coefficient models specified in Eqs. (8) , (9) , and
(10) + (14). The activity coefficient values obtained by Baghalha
[94] from the Pitzer activity coefficient model were used directly
for our computation for the Pitzer model comparison. 

II. The “fsolve code on MATLAB software ” was used to resolve the equa-
tions to determine the molar concentration of the unknowns Al 3 + ,
AlSO 4 

+ , Al 2 (SO 4 ) 3 °, Mg 2 + , MgSO 4 °, HSO 4 
− , H 

+ and SO 4 
2- at each

H 2 SO 4 molal concentration for the aluminium and magnesium spe-
ciation considering the electroneutrality, ionic strength, and mass
balance of the reaction species. 

ases for aluminium species H 2 SO 4 -Al 2 (SO 4 ) 3 speciation at 250 °C 

H 2 O ⇌H 

+ + OH 

− (Rxn H 2 O) 
HSO 4 

- ⇌H 

+ + SO 4 
2 − (Rxn 1) 

Aluminium species 

3AlSO 4 
+ + 7H 2 O ⇌ H 3 OAl 3 (SO 4 ) 2 (OH) 6(s) + 4H 

+ + HSO 4 
- (Rxn 2) 

2AlSO 4 
+ + HSO 4 

- ⇌ Al 2 (SO 4 ) 3 0 (aq) + H 

+ (Rxn 3) 
Al 3 + + SO 4 

2 − ⇌ AlSO 4 
+ (Rxn 4) 

Equilibrium constant expressions: 

From 

(
Rxn H 2 O 

)
; K H 2 O = 

m H + × γH + × m OH − × γOH − 
a w 

From ( Rxn 1 ) ; K 1 = 
m H + × γH + × m SO 2− 4 

× γSO 2− 4 
m HSO − 4 

× γHSO − 4 

rom ( Rxn 2 ) ; K 2 = 
m 

4 
H + × 𝛾4 H + × m HSO − 4 

× 𝛾HSO − 4 
× a 𝐻− Alunite 

m 

3 
AlSO + 

× 𝛾3 
AlSO + 

× a 7 water 

4 4 

20 
From ( Rxn 3 ) ; K 3 = 
m 
Al 2 ( SO 4 ) 0 3 

× γ
Al 2 ( SO 4 ) 0 3 

× m H + × γH + 

m 2 
AlSO + 4 

× γ2 
AlSO + 4 

× m HSO − 4 
× γHSO − 4 

From ( Rxn 4 ) ; K 4 = 
m AlSO + 4 

× γAlSO + 4 
m Al 3+ × γAl 3+ × m SO 2− 4 

× γSO 2− 4 

Other governing equations are: 

a. Electroneutrality: 

mH 

+ + 
(
3 × mA l 3+ 

)
+ mAlSO 

+ 
4 + 

(
0 × mA l 2 (SO 4 

)0 
3 ) 

= mHSO 

− 
4 + 

(
2 × mSO 

2− 
4 

)
+ mO H 

− 

b. Ionic strength: 

𝐼 = 0 . 5 ×
[ 
mH 

+ + 
(
4 × mSO 

2− 
4 

)
+ mHSO 

− 
4 + mAlSO 

+ 
4 + 

(
9 × 𝐴 l 3+ 

)
+ mO H 

− + 
(
mA l 2 

(
SO 4 

)o 
3 

)0 ] 
c. Mass balance: 

Total sulphate = m AlSO + 4 
+ 3m Al 2 ( SO 4 ) 0 3 

+ m HSO − 4 
+ m SO 2− 4 

Total Aluminium = 
m Al 3+ + m AlSO + 4 

+ 2m Al 2 ( SO 4 ) 0 3 
2 

The objective of this case study is to uniformly change and compare
ll the equilibrium constant values for the five reactions for each model
espectively. But, due to the unavailability of reliable thermodynamic
ata ( ΔH 

◦
i , T , S 

◦
i , T and C ◦

p i , T 
) for the hydronium alunite and neutral alu-

inium species reactions, it was not possible to obtain the values of
og K 2 and log K 3 with the highlighted equilibrium constant models in
his paper. The experimental solubility results used for the comparison
f the calculated solubility data for hydronium alunite and kieserite for-
ation are presented in Table 2 . 

Likewise, the equilibrium constant for water from Dickson et al.,
95] was maintained, because the log K H 2 O was not reported in the re-
ressed experimental model from the Thermoddem database. The values
f log K H 2 O , log K 1 - log K 4 used in Fig. 12 are as reported by Baghalha
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Table 2 

Experimental solubility data for common species in hydrometallurgical process at temperatures between 100 ≤ 𝑇 ( ◦𝐶 ) ≤ 300 in 
binary and ternary systems of sulphuric acid. 

Species System T (°C) H 2 SO 4 (molal) References 

Al 2 (SO 4 ) 3 Al 2 (SO 4 ) 3 -H 2 SO 4 250 0 - 1.5 [84] 
Al 2 (SO 4 ) 3 and MgSO 4 Al 2 (SO 4 ) 3 -MgSO 4 -H 2 SO 4 250 0 - 1, 1.5 [ 82 , 84 ] 
MgSO 4 (monohydrate) MgSO 4 -H 2 SO 4 -H 2 O 200, 235, 270, 300 0 - 2 [87] 
Hematite solubility 
Fe 2 (SO 4 ) 3 

Fe 2 O 3 -H 2 SO 4 -H 2 O 230, 250, 270 0 - 0.8 [88] 
Fe 2 O 3 -H 2 SO 4 -H 2 O 150, 170, 185, 200 0.1 - 1 [89] 
Fe 2 (SO 4 ) 3 -H 2 SO 4 -H 2 O 130, 150, 170, 230, 250, 270 0.1 - 0.7 [90] 

Fe 2 O 3 & MgSO 4 .H 2 O MgSO 4 -Fe 2 (SO 4 ) 3 -H 2 SO 4 -H 2 O 250 0.3 - 0.7 
FeSO 4 FeSO 4 -H 2 SO 4 -H 2 O 100 0 - 50 ∗ [91] 

160, 180, 200, 220 0 - 0.52 [92] 
NiSO 4 (Monohydrate) NiSO 4 -H 2 SO 4 -H 2 O 200, 235, 270, 300 0 - 1.8 [93] 

The acid concentration units are in molal except otherwise stated. 
∗ was reported in% wt. 

Fig. 13. Comparison of calculated solubility from equilibrium constant models (unexpanded HKF, Density, van’t Hoff, Thermoddem) and activity coefficient models 
(Pitzer, Truesdell-Jones, Davies, Bromley + Meissner) with experimental and Baghalha [94] calculated solubility of Al 2 (SO 4 ) 3 at 250 °C. log (K H 2 O ) , log (K 1 ) and 
log (K 4 ) used are as reported by Baghalha [94] , while log (K 2 ) and log (K 3 ) were calculated from the respective equilibrium constant models; (a) from Eq. (39) , (b) 
from Eq. (35) , (c) from Eq. (33) and (d) from Eq. (40) . 
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 Papangelakis [ 84 , 94 ]. In Fig. 13 the equilibrium constants log K 2 and
og K 3 could not be obtained with equilibrium constant models studied
ecause there was no information about the thermodynamic data for
he species [ Al 2 ( SO 4 ) o 3 ] in (Rxn 2) and [ H 3 OA l 3 ( SO 4 ) 2 ( OH ) 6 ] in (Rxn 3).
og K 1 and log K 4 values were obtained directly in each case from the
alculation of the respective equilibrium constant models (unexpanded
KF, Density, van’t Hoff, Thermoddem) used. The summary of the equi-

ibrium constant values for the 5 reactions used for Al 2 (SO 4 ) 3 - H 2 SO 4 -
 2 O speciation is presented in Table 3 . The obtained solubility results

rom each case of the speciation calculation were compared with the
21 
xperimental and the calculated solubility obtained by Baghalha & Pa-
angelak [ 84 , 94 ]. The Pitzer activity coefficients ( γ) values for the re-
ction species used in Fig. 12 were obtained by Baghalha [94] and his
eported equilibrium constant values [ log K 2 , log K 3 , log K 4 fitted with the
xperimental data, log K 1 (Dickson et al., [95] ), and log K H 2 O (Marshal
nd Franck [96] )]. 

As seen in Fig. 12 , The solubility of Al 2 (SO 4 ) 3 computed with the
alues provided by Baghalha [94] from the Pitzer model is similar to
he values obtained by Baghalha [94] and fits best with the experimen-
al data with better accuracy of 1.57% at the highest deviation point
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Table 3 

Equilibrium constant values of the reactions involved in the speciation of Al 2 (SO 4 ) 3 - H 2 SO 4 -H 2 O system. 

Models Temperature (250 °C) 

log (K 1 ) 
HSO 4 

− 
log ( K 2 ) 
H 3 OAl 3 (SO 4 ) 2 (OH) 6(s) 

log ( K 3 ) Al 2 (SO 4 ) 3 °(aq) log (K 4 ) 
AlSO 4 

+ 
(aq) 

log (K H 2 O ) 

van’t Hoff -1.995 V 1.415 B 2.523 B 3.727 V -11.191 M 

Unexpanded HKF -5.845 H 1.415 B 2.523 B 5.730 H -11.191 M 

Density -5.827 E 1.415 B 2.523 B 8.526 E -11.191 M 

Thermoddem -5.447 T 1.415 B 2.523 B 9.564 T -11.191 M 

Baghalla 1999 -5.355 D 1.415 B 2.523 B 12.000 B -11.191 M 

All the equilibrium constant values from van’t Hoff, Unexpanded HKF, and Density models were obtained with the thermody- 
namic data from Liu and Papangelakis [1] source which is consistent with Shock & Helgeson [40] . The Thermoddem data were 
extrapolated at the respective temperatures with Eq. (40) using the regressed experimental data from the Thermoddem database 
[49] . V: values calculated with the van’t Hoff model Eq. (33) , H: values obtained with the Unexpanded HKF model Eq. (39) , 
E: values obtained with the Density model Eq. (35) , T: values obtained with the Thermoddem model Eq. (40) . B: data from 

Baghalha [94] fitted with the experimental data, D: data from Dickson et al., [95] used by Baghalha & Papangelakis [ 84 , 94 ], M: 
data from Marshall & Franck [96] used by Baghalha & Papangelakis [ 84 , 94 ]. 
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f 0.686 molal H 2 SO 4 compare to Baghalha [94] data with a differ-
nce of 3.04% to the experimental data. The Pitzer activity coefficient
odel aside from its complexity is established as the standard correla-

ion for computing the electrolyte and osmotic coefficients of electrolyte
olutions [97] owing to its validity at higher concentrations and ionic
trengths and the consideration of the ion interaction (electrostatic and
irial) [ 27 , 37 , 84 ]. The values obtained with the Bromley activity coef-
cient model while varying the equilibrium constant models show that
he Thermoddem and Density models correspond with the van’t Hoff
odel. 

The solubility computed with the Truesdell-Jones activity coefficient
odel also shows a good agreement with the experimental data with
 maximum deviation of 5.82%. The Davies activity coefficient model
hows a good approximation up to 0.4 molal H 2 SO 4 concentration and
 higher deviation from the experimental data with the values of 6.38%
t the highest H 2 SO 4 concentration. The increase in deviation above 0.4
olal H 2 SO 4 for the Davies model could be attributed to the fact that the

quation is purely empirical and does not take into account the ion size
arameter of the species which becomes significant as the concentration
f the ionic species increases [32] . The combination of Bromley and
eissner which accounts for the ion interaction at higher temperatures

resents the poorest fit with a maximum deviation of 12.23% to the
xperimental data. 

Fig. 13 shows the solubility results when two of the equilibrium con-
tants values ( log K 1 and log K 4 ) are changed with the values obtained
rom the unexpanded HKF, Density, van’t Hoff, and Thermoddem corre-
pondingly. The Thermoddem and Density equilibrium constant models
ith the Truesdell-Jones activity coefficient model give the best fit to

he experimental data. The results obtained from the computation of the
olubility with the equilibrium constants from the unexpanded HKF and
an’t Hoff models with the various activity coefficients models show the
reatest deviation from the experimental data with 44.76% for the un-
xpanded HKF model + Truesdell activity coefficient model, 56.29% for
an’t Hoff model + Truesdell-Jones activity coefficient model, 30.54%
nd 22.75% for unexpanded HKF model + Pitzer activity coefficient
odel and van’t Hoff model + Pitzer activity coefficient model respec-

ively. 

onclusion 

In this case study, the Density, van’t Hoff, unexpanded Helgeson
odels, and the regressed experimental data from the Thermoddem
atabase [49] were used for the calculation of the equilibrium constants
f the 5 reactions used in the thermodynamic speciation of the binary
ystem of H 2 SO 4 -Al 2 (SO 4 ) 3 . Likewise, the activity coefficients of each
articipating species in the reactions were calculated from Truesdell-
ones, Davies, and the combination of Bromley + Meissner activity coef-
cient models. The results obtained with the combination of both mod-
22 
ls at 250 o C were compared with the experimental data of Baghalha &
apangelakis [ 84 , 94 ] and their computed models from the Pitzer activ-
ty coefficient model and fitting of the equilibrium constants. The Den-
ity and Thermoddem equilibrium constant models with the Truesdell-
ones activity coefficient model gave the best fit to the experimental
ata up to ionic strength of 4 molal. Instead of fitting the equilibrium
onstant from experimental data, the values of the activity coefficients
btained by Baghalha [94] using Pitzer activity coefficient models were
ombined with the equilibrium constant values calculated with the 4
quilibrium constant models used in this paper. The values obtained
ith the Density model and the regressed data values from Thermod-
em Eq. (40) gave a result better than the fitted equilibrium constant
odels of Baghalha [94] ( Table 4 ). 

ases for magnesium species (H 2 SO 4 -MgSO 4 ) speciation at 235, 270, and 

00 °C 

H 2 O ⇌H 

+ + OH 

− (Rxn H 2 O) 
HSO 4 

- ⇌H 

+ + SO 4 
2 − (Rxn 1) 

Magnesium species 

MgSO 4(aq) 
o + H 2 O ⇌ MgSO 4 .H 2 O (Rxn 5) 

Mg 2 + + SO 4 
2- ⇌MgSO 4 °(aq) (Rxn 6) 

Equilibrium constant expressions: 

rom 

(
Rxn H 2 O 

)
; K H 2 O = 

m H + × 𝛾H + × m OH − × 𝛾OH − 

a w 

From ( Rxn 1 ) ; K 1 = 
m H + × γH + × m SO 2− 4 

× γSO 2− 4 
m HSO − 4 

× γHSO − 4 

From ( Rxn 5 ) ; K 5 = 
a MgS O 4 . H 2 O ( s ) 

m MgSO o 4 
× γMgSO o 4 

From ( Rxn 6 ) ; K 6 = 
m MgSO o 4 

× γMgSO o 4 
m Mg 2+ × γMg 2+ × 𝑚 

𝑆𝑂 2− 4 
× γSO 2− 4 

Other governing equations are: 

a. Electroneutrality 

mH 

+ + 
(
2 × mM g 2+ 

)
= mHSO 

− 
4 + 

(
2 × mSO 

2− 
4 

)
+ mO H 

− 

b. Ionic strength 

𝐼 = 0 . 5 ×
[
mH 

+ + 
(
4 × mSO 

2− 
4 

)
+ mHSO 

− 
4 + mO H 

− + 
(
4 ×𝑀g 2+ 

)
+ 
(
0 × mMgSO 

o 
4 
)]

c. Mass balance (Magnesium species) 

Total sulphate = m MgSO o 4 
+ m HSO − 4 

+ m SO 2− 4 

Total Magnesium = m Mg 2+ + m MgSO o 4 
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Table 4 

Equilibrium constant values of the species involved in the speciation of MgSO 4 -H 2 SO 4 -H 2 O system. 

Equilibrium 

constants Models 
Temperatures (°C) 

235 250 270 300 

log (K 1 ) HSO 4 
− 

Reaction 
Density -5.526 E -5.827 E -6.240 E -6.886 E 

U-HKF -5.440 U -5.845 U -6.476 U -7.723 U 

van’t Hoff -1.995 V -1.995 V -1.996 V -1.996 V 

Baghalla 1999 -5.110 D -5.355 D -5.694 D -5.784 D 

log ( K 5 ) MgSO 4 .H 2 O 

Reaction 
Density 1.514 E 1.667 E 1.967 E 2.407 E 

U-HKF 2.585 U 3.064 U 3.785 U 5.149 U 

van’t Hoff -2.680 V -2.678 V -2.676 V -2.672 V 

Baghalla 1999 1.664 B 1.882 B 2.173 B –
log ( K 6 ) MgSO 4 °
Reaction 

Density 4.255 E 4.388 E 4.575E 4.874 E 

U-HKF 4.308 U 4.514 U 4.844 U 5.522 U 

van’t Hoff 3.218 V 3.222 V 3.230 V 3.241 V 

Baghalla 1999 4.454 B 4.664 B 4.944 B –
log (K H 2 O ) H 2 O 

Reaction 

Density -10.945 E -10.902 E -10.866 E -10.858 E 

U-HKF -11.313 U -11.395 U -11.588 U -12.129 U 

van’t Hoff -9.962 V -9.798 V -9.593 V -9.312 V 

Baghalla 1999 -11.200 M -11.191 M -11.240 M -11.406 M 

All the equilibrium constant values from van’t Hoff, Unexpanded HKF, and Density models were obtained with the thermodynamic 
data from Liu and Papangelakis [1] source which is consistent with Shock & Helgeson [40] . V: values calculated with the van’t Hoff
model Eq. (33) , U: values obtained with the Unexpanded HKF model Eq. (39) , E: values obtained with the Density model Eq. (35) , 
B: data from Baghalha [94] , D: data from Dickson et al., 1990 used by Baghalha & Papangelakis [ 84 , 94 ], M: data from Marshall & 

Franck [96] used by Baghalha & Papangelakis [ 84 , 94 ]. 
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In Fig. 14 (a & d), the values of log K H 2 O , log K 1 , log K 2 , log K 5 and
og K 6 used are as reported by Baghalha & Papangelakis [ 84 , 94 ]. The
alues of the log K T of the 5 reactions used in the speciation of MgSO 4 in
ig. 14 (b, f & g) were calculated from the Density equilibrium constant
odel while the log K T values used for Fig. 14 (c, e & h) were obtained

rom the unexpanded HKF model. 
For Magnesium speciation, the results obtained when the van’t Hoff

quilibrium constants values were used gave results that are out of range
rrespective of the temperature, with a large magnitude deviation in
omparison with the experimental data, hence were not included in the
gures. 

The obtained results were compared with the experimental data of
arshall & Slusher [87] at 235, 270, and 300 o C and the calculated val-

es of Baghalha [94] at 235 °C. No comparison was made by Baghalha
94] at 270 and 300 °C. 

“Baghalha (1999) K eq ” in Fig. 14 signifies that all the log K T values
or the 5 reaction equations used for MgSO 4 speciation are the same as
he values reported by Baghalha and Papangelakis [ 84 , 94 ]. 

The solubility result obtained when the equilibrium constants value
rom Baghalha [94] was used gave a poor fit to the experimental data
or the three activity coefficient models used. Truesdell-Jones activ-
ty coefficient model gave the least deviation from the experimental
ata in Fig. 14 (a & d) with a deviation of 29.97 and 36.97% at 235
nd 270 o C respectively at the highest H 2 SO 4 concentration. Similar
o Fig. 14 (c, f & h), where the equilibrium constant values for the
eactions were obtained from the unexpanded HKF model, there is a
reat deviation of the computed solubility values from the experimen-
al data. The least deviated in this case (from Truesdell-Jones) activ-
ty coefficient model gives a maximum deviation of 56.87, 79.28, and
1.73% at 235, 270, and 300 o C respectively at the highest H 2 SO 4 
oncentration. 

Comparable to the aluminium speciation, the Truesdell-Jones activ-
ty coefficient model with the Density equilibrium constant model in
ig. 14 (b, e & g) shows the best fit with the experimental data. The max-
mum deviation when Truesdell-Jones and Density model is combined
re 2.99, 3.41, and 5.21% at 235, 270, and 300 o C in the respective
gures at the highest H 2 SO 4 concentration. The Bromley and Davies in
ig. 14 b at 235 o C yielded the same values while Baghalha [98] and
ensity-Truesdell models yielded the same values at 270 o C across the
 SO concentration. 
2 4 

23 
The plots of the speciation molal distribution of the species involved
n the Al 2 (SO 4 ) 3 − MgSO 4 -H 2 SO 4 -H 2 O reactions systems, pH, activity co-
fficients, and ionic strengths, using the results from the Density equi-
ibrium constant models and the Truesdell-Jones activity coefficient
odel are documented in the paper supplement for comparison with

he species distribution of the speciation calculations by Baghalha & Pa-
angelakis [ 84 , 94 ]. 

onclusion 

In the case study of the binary system involving the speciation of
 2 SO 4 - MgSO 4 , the Density, and the unexpanded Helgeson models
ere used to calculate the equilibrium constant values of the 5 partic-

pating reactions. The values obtained with the van’t Hoff model were
ompletely out of range, hence it was not included in the report. The
egressed experimental data from the Thermoddem database was not
sed because of the unavailability of some magnesium species needed
or the calculation with Eq. (40) . Correspondingly, the activity coeffi-
ients of each species in the reactions were calculated from Truesdell-
ones, Davies, and the combination of Bromley + Meissner activity co-
fficient models. The results obtained with the combination of both
odels at 235, 270, and 300 o C were compared with the experimen-

al data of Marshal & Slusher [87] . Similar to the Al 2 (SO 4 ) 3 specia-
ion, the Density equilibrium constant models with the Truesdell-Jones
ctivity coefficient model gave the best fit to the experimental data
f MgSO 4 . 

eneral conclusion 

This study shows that inconsistencies exist amongst the models used
o calculate the speciation of aqueous electrolyte solutions at high tem-
eratures up to 300 °C. This is mainly due to the models’ assumptions
nd the thermodynamic data used to calculate the reaction equilibrium
onstants. Furthermore, it is important to note that there are relative
ifferences between the thermodynamic data obtained from different
ources in the literature for the extrapolation of the equilibrium con-
tants. Depending on the reaction considered, this difference may or
ay not be significant over the entire temperature range. This study

hows that the best results are obtained by considering the specific heat
apacity of the compounds. The values obtained with the “Cp approxi-
ation ” model (which assumes that ΔC ◦pi , T is constant) are very close
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Fig. 14. Comparison of the experimental and calculated solubility of MgSO 4 at 235 o C (a, b & c), 270 o C (d, e & f), and 300 o C (g & h) with different activity 
coefficient models (Truesdell-Jones, Davies and Bromley + Meissner) and equilibrium constant models (Density and unexpanded HKF). (a, d) log (K H 2 O ) , log (K 1 ) , 
log (K 5 ) and log (K 6 ) used are as reported by Baghalha [94] , (b, f, g) log (K H 2 O ) , log (K 1 ) , log (K 5 ) and log (K 6 ) used were calculated from the Density model, (c, e, h) 
log (K H 2 O ) , log (K 1 ) , log (K 5 ) and log (K 6 ) used were calculated from the Unexpanded HKF model. 
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o those from the Density model. The minimal differences could be at-
ributed to the fact that the Density model also considers the density
nd thermal expansivity of the medium (e.g. water) in addition to the
eat capacity (i.e. the expansion of the medium). 

From studies [ 1 , 43 , 44 ], the revised HKF model has also been shown
o provide the same accuracy as the Density model as long as the avail-
ble low-temperature thermodynamic data are reliable. In contrast to
he revised HKF model, the unexpanded HKF model does not give a
ery good estimate compared to the results obtained from the Density
nd “Cp approximation ” models. The values deviate significantly with
ncreasing temperature for most of the reaction species. This could be
 reason for the improvement of the model by Helgeson [ 22 , 23 , 51 ]. It
an be deduced that the specific heat capacity is an important thermo-
ynamic fact to be taken into account concerning the extrapolation of
he equilibrium constant with temperature. 

From the speciation results of Aluminium and Magnesium species at
heir respective temperatures of 250 and 230, 270 & 300 °C, the Density
nd Thermoddem equilibrium constant models with the Truesdell-Jones
ctivity coefficient model are best fitted to the experimental data and
imilar to results obtained with the Pitzer activity coefficient models
y Baghalha and Papangelakis [ 84 , 94 ]. The estimation of log K i , T with
egressed experimental data from the "Thermoddem" database for most
f the considered reactions shows good consistency with the Density
odel. 

Finally, from the results obtained in this work, the unexpanded HKF
nd the van’t Hoff equilibrium constant model would be the least recom-
ended models to extrapolate the equilibrium constant at higher tem-
24 
eratures. Indeed, the assumption for van’t Hoff that takes ΔC ◦pi , 298 . 15 =
 is invalid for the dissociation of most complexes and leads to errors
hen used to determine the value of the equilibrium constant ( log (K i , T ))
t higher temperatures [25] . 

The obtained solubility results indicate that activity coefficients play
n important role in the speciation of aqueous solutions, and the activity
oefficient models that take into account the effects of ionic interactions
re more appropriate to use [99] . The Truesdell-Jones activity coeffi-
ient gave results in close approximation with the Pitzer model even up
o ionic strength of 4 mol/kg for this speciation with the Density and
Thermoddem ” equilibrium constant models. From the literature [26] ,
he Bromley activity coefficient model gives values similar to the Pitzer
odel at higher ionic strength, but the acquisition of the B parameter

or this model is difficult since only the values at 25 o C are readily avail-
ble. The combination of the Bromley and Meissner models to account
or higher temperature speciation produced values that are higher than
he experimental data with a deviation of 11.9 - 12.2% for aluminium
pecies while the model gave a very poor value for magnesium species
or all the equilibrium constant models considered with a relative per-
entage difference within the range of 64.4 - 99.3%. 
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Table A1 

Comparison of the results of the equilibrium constant of some aqueous species in L
document. 

Species (j) Dissociation reactions (i) Equilibrium constants log K i , T 

200 °C 230 °C 250 °C 

AlSO 4 
+ AlSO 4 

+ = Al 3 + + SO 4 
2 − – -7.62 -8.93 

-9.4 – -12.0 
-6.77 -7.80 -8.53 
-4.63 -5.11 -5.50 
-7.71 -8.79 -9.56 
-3.63 -3.69 -3.73 

Al(SO 4 ) 2 − Al(SO 4 ) 2 − = Al 3 + + 2SO 4 
2 − – -12.49 -14.45 

-13.4 – -17.4 
-7.10 -7.79 -8.35 
-5.63 -5.70 -5.75 

MgSO 4 ° MgSO 4 ° = Mg 2 + + SO 4 
2 − – -4.23 -4.43 

-4.0 – -4.6 
-3.96 -4.48 -4.39 
-3.92 -4.25 -4.51 
-3.20 -3.21 -3.22 

MgSO 4 .H 2 O MgSO 4 .H 2 O = Mg 2 + + SO 4 
2- + H 2 O – -5.76 -6.29 

-5.2 – -6.6 

-4.84 -5.57 -6.06 
-5.52 -6.68 -7.58 
-4.95 -5.80 -6.40 
-3.51 -3.90 -4.10 

MgHSO 4 
2 + MgHSO 4 

2 + = Mg 2 + + H + + SO 4 
2 − – -6.94 -7.22 

-5.3 – -6.6 
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ppendix 
iu & Papangelakis, [1] with other literature and the values calculated in this 

Extrapolation 

method 

Reference 

270 °C 300 °C 

-10.50 – Eq. (35) [1] 
– -14.6 Regression [ 84 , 98 ] 
-9.30 -10.53 Eq. (35) Calculated in this document 
-5.98 -6.93 Eq. (39) Calculated in this document 
-10.39 -11.75 Eq. (40) Calculated in this document 
-3.76 -3.81 Eq. (33) Calculated in this document 
-16.78 – Eq. (35) [1] 
– -22.0 Regression [98] 
-9.03 -10.42 Eq. (39) Calculated in this document 
-5.79 -5.84 Eq. (33) Calculated in this document 
-4.64 – Eq. (35) [1] 
– -5.5 Regression [84] 
-4.58 -4.87 Eq. (35) Calculated in this document 
-4.85 -5.52 Eq. (39) Calculated in this document 
-3.23 -3.24 Eq. (33) Calculated in this document 
-6.82 – Eq. (35) [1] 
– -8.1 Linear 

extrapolation 
[82] 

-6.54 -7.28 Eq. (35) Calculated in this document 
-8.63 -10.67 Eq. (39) Calculated in this document 
-7.03 -8.05 Eq. (40) Calculated in this document 
-4.29 -4.44 Eq. (33) Calculated in this document 
-7.48 – Regression [1] 
– -7.9 Regression [82] 

https://doi.org/10.13039/501100003032
https://doi.org/10.1016/j.ctta.2023.100117
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