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ABSTRACT: This work assesses the thermodynamic modeling of
the MgO-CaO-CO2-SO2-H2O-O2 system using the electrolyte
NRTL activity coefficient model, primarily focusing on the
solubility of potential salts in the system. The assessment includes
the SO2-H2O and SO2-Mg(OH)2 vapor−liquid equilibria as well as
the precipitation of Mg(OH)2, Ca(OH)2, MgSO3, CaSO3, MgSO4,
CaSO4, and their hydrate forms. The analysis covers a temperature
range of 0 to 100 °C and focuses on calculations at atmospheric
pressure. The performed calculations assess the necessity of
defining equilibrium constants Keq as a function of temperature to
describe the chemical equilibria accurately. The SO2 solubility in
water is studied for a pressure range of 0.545 to 1.788 bar. The SO2-
Mg(OH)2 absorption equilibrium is studied for a SO2 partial
pressure range of 0.00963 to 1.101325 bar and a MgO
concentration of up to 14.5 kg/m3 H2O. The results are evaluated using experimentally determined data from the literature. The
study shows that the model recognizes all reported precipitation forms in the correct temperature range in chemically stable systems.
The solubility of Mg(OH)2 is calculated with a deviation from literature data of <6% for a temperature range of 70 to 90 °C and a
maximum deviation of −40% for temperatures close to 0 °C. The calculated Ca(OH)2 solubility at the complete studied
temperature range deviates less than 11% from the literature data. The model also recognizes the pH dependency of the solubility of
both hydroxides. The calculated solubility of MgSO3 hexahydrate deviates less than 1% from literature data, and the calculated
solubility of MgSO3 trihydrate shows a maximum deviation from literature data of 20% at temperatures up to 90 °C. The solubility
of CaSO3 hemihydrate is predicted with a deviation of <1% at a temperature range of 70 to 100 °C and a deviation of <30% for
temperatures higher than 20 °C. The model predicts the solubility of MgSO4 monohydrate with a maximum deviation from
literature data of 20% and overestimates the solubility of MgSO4 heptahydrate by up to 118% compared to literature data. The
solubility of CaSO4 monohydrate is calculated with a deviation from literature data of <2%, and the solubility of CaSO4 dihydrate
with a deviation of <7%. The model’s accuracy in predicting the SO2 solubility in water variates strongly depending on which
literature data points it is compared to. The smallest deviation from literature data is 1% compared to data measured at 60 °C and a
pressure of 1.377 bar. The highest deviation is 60% compared to data measured at 90 °C and atmospheric pressure. The study shows
that the experimental data in literature describing the SO2 absorption in an Mg(OH)2 solution are scarce. This leads to a limited
ability to evaluate thermodynamic models based on experimental data. The model describes the SO2 absorption in Mg(OH)2 with a
deviation between 8 and 52% compared to available literature data.

1. INTRODUCTION
The MgO-CaO-CO2-SO2-H2O-O2 system is an important
electrolyte system for flue gas treatment processes, where SO2
is removed from the gas by absorption. It has particular
importance in the pulp and paper industry, as the absorption of
SO2 using Mg(OH)2 slurry allows the recovery of magnesium
bisulfite, which then can be used as cooking liquor for pulp
production again. The absorption of SO2 using magnesium
hydroxide slurry has recently gained increased attention due to
the possibility of removing pollutants SO2 and NOx simulta-
neously.1 Complex industrial absorption processes often have
up to 10 absorption steps. To run the process in an optimized

way, mechanistic models are of great importance. A mechanistic
model allows a deeper understanding of the complex electrolyte
system and the detection of critical zones in the process chain. A
mechanistic model combined with process control data of a
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plant can provide a digital twin of the plant, which can be used to
find optimized process parameters or to control the process.
The MgO-CaO-CO2-SO2-H2O-O2 system is prone to

precipitation in the system. While in some processes,
precipitation is wanted to separate the solids from the liquid,
in the chemical recovery of the pulp industry, precipitation is
highly undesired. Uncontrolled precipitation causes the block-
age of pipes and consequential chemical loss.2 Whether the
precipitation is desired or avoided, a rigorous thermodynamic
model can serve as a valuable tool to identify precipitation in the
system. The occurrence of precipitation depends on the
complex present electrolyte system. Therefore, a mechanistic
model needs to cover all relevant reactions of that system.
The electrolyte NRTL model is a commonly used method to

model electrolyte systems. Si et al. applied the electrolyte NRTL
method to an SO2 absorption system based on calcium.

3 Schöggl
et al. described the MgO-H2O-SO2 system using the electrolyte
NRTL method.4 Their study indicates that the method is
applicable to model that system. However, the study also
suggests improving the model by adapting the calculation results
to literature data through an external function that overwrites
the calculation results with input data. Zidar et al. modeled the
MgO-H2O-SO2 equilibrium using the Rudzinski+Pitzer-Ion
activity coefficient model.5 They used the Pitzer’s ion interaction
model to calculate the activity coefficients in the mixture and the
Rudzinski method to determine the pH value. While there are
earlier studies available building up to the results of Zidar et al.,6

there are no newer studies found in literature that target the
topic of thermodynamicmodeling of the absorption system. The
lack of available studies motivated the authors to conduct a
comprehensive assessment of the applicability of the semi-
empirical electrolyte NRTL method to model the absorption
equilibrium as well as precipitations in the system. This study
evaluates the applicability of the electrolyte NRTL method to
model the SO2 absorption using up-to-date available thermody-
namic property data and the solubility of all potential salts in the
system. The calculated results are compared to available
experimental data from the literature.

2. METHODS
The system was rigorously modeled using the simulation
environment and data banks of Aspen Plus V10. The electrolyte
system is described using the true component approach. The
true component approach, unlike the apparent component
approach, means that all true components of the electrolyte
system, including ions, salts, andmolecular species, are reported.
The results were evaluated using literature data reviewed in a
previous study.7 The following summarizes the applied
methodology.
2.1. Thermodynamic Framework. The electrolyte NRTL

activity coefficient model was applied as proposed by Chen and
Evans and extended byMock et al.8,9 The vapor phase properties
were calculated using the Redlich−Kwong equation of state.10
The system was calculated in phase equilibrium. The equality

of the fugacity of every component in the different present
phases is the basis of the performed key thermodynamic
property calculations:

=f fi i
v l

(1)

2.1.1. Vapor Phase Properties�Redlich−Kwong Equation
of State. The fugacity of the vapor phase is expressed as follows:

=f ypi i i
v v

(2)

The fugacity coefficients are represented by
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The vapor phase properties are calculated by the cubic
equation of state Redlich−Kwong:10
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The critical temperature and the critical pressure of the pure
components were retrieved from the standard implemented data
banks in Aspen Plus V10.

2.1.2. Liquid Phase Properties�Electrolyte NRTL Activity
Coefficient Model. The fugacity of the liquid phase is expressed
as follows:

= *f f xi i i i
l , l

(10)
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The activity coefficient represents the deviation of the mixture
from ideality. The reference state defines which state is referred
to as ideal. In other words, the reference state dictates the
conditions at which the activity coefficient is assigned to the
value of 1.11 The properties of the reference state are denoted by
*. For supercritical components (CO2, O2, and SO2) and ions,
the model was calculated using an unsymmetric reference state,
which means that the reference state is at infinite dilution at
system temperature and pressure:

* =i
i

i (13)

The basis for the unsymmetric activity coefficient is the actual
mixed solvent present. For all other components, the reference
state is that of a pure compound. The liquid phase reference
fugacity is then defined as that of the pure liquid component i at
system temperature and pressure.
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The behavior of dissolved gases, such as CO2, O2, and SO2, is
represented using Henry’s law. The expression of the fugacity of
the liquid phase becomes the following:

= *f H xi i i i
l

(14)

The temperature-dependent Henry’s constants were retrieved
from the standard implemented data banks in Aspen Plus V10.
Table 1 gives the applied ln(H) exemplary for 70 °C.

The activity coefficients were calculated using the electrolyte
NRTL activity coefficient model.8,9 The model is based on the
assumptions that, due to strong repulsive forces between ions of
like charge, the immediate neighbors of any ions are ions of
opposite charge and that the distribution of ions results in local
electroneutrality.
The model describes the excess Gibbs energy based on the

following relation:
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The model describes the activity coefficient with a Pitzer−
Debye−Hückel (PDH) and a Born (Born) expression for long-

range electrostatic interactions and an NRTL-local composition
contribution (lc) for the short-range interactions:

= + +ln ln ln lni i i i
PDH Born lc

(16)
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Table 1. AppliedHenry’s Constants Expressed as ln(Hij) at 70
°C

component i component j ln(Hij)T=70°C
SO2 H2O 4.91122046
O2 H2O −18.0625181
CO2 H2O 8.26167044

Table 2. Considered Electrolyte System

reaction type

2 H2O ↔ OH− + H3O+ partial dissociation equilibrium
2 H2O + SO2 ↔ H3O+ + HSO3− partial dissociation equilibrium
H2O + HSO3− ↔ H3O+ + SO3−− partial dissociation equilibrium
H2SO4 + H2O ↔ H3O+ + HSO4− partial dissociation equilibrium
H2O + HSO4− ↔ H3O+ + SO4−− partial dissociation equilibrium
MgOH+ ↔ OH− + Mg++ partial dissociation equilibrium
CaOH+ ↔ OH− + Ca++ partial dissociation equilibrium
2 H2O + CO2 ↔ H3O+ + HCO3− partial dissociation equilibrium
H2O + HCO3− ↔ H3O+ + CO3−− partial dissociation equilibrium
Mg(OH)2 → OH− + MgOH+ complete dissociation
Ca(OH)2 → OH− + CaOH+ complete dissociation
MgSO4 → Mg++ + SO4−− complete dissociation
MgSO3 → Mg++ + SO3−− complete dissociation
CaSO4 → Ca++ + SO4−− complete dissociation
CaSO3 → Ca++ + SO3−− complete dissociation
MgCO3 → Mg++ + CO3−− complete dissociation
CaCO3 → Ca++ + CO3−− complete dissociation
Mg(OH)2 (s) ↔ OH− + MgOH+ salt precipitation equilibrium
Ca(OH)2 (s) ↔ OH− + CaOH+ salt precipitation equilibrium
MgSO3 * 6 H2O (solid) ↔ Mg++ + SO3−− + 6 H2O (aqueous) salt precipitation equilibrium
MgSO3 * 3 H2O (solid) ↔ Mg++ + SO3−− + 3 H2O (aqueous) salt precipitation equilibrium
CaSO3 * 1/2 H2O (solid) ↔ Ca++ + SO3−− + 1/2 H2O (aqueous) salt precipitation equilibrium
MgSO4 * H2O (solid) ↔ Mg++ + SO4−− + 1 H2O (aqueous) salt precipitation equilibrium
MgSO4 * 7 H2O (solid) ↔ Mg++ + SO4−− + 7 H2O (aqueous) salt precipitation equilibrium
CaSO4 * 2 H2O (solid) ↔ Ca++ + SO4−− + 2 H2O (aqueous) salt precipitation equilibrium
CaSO4 (solid) ↔ Ca++ + SO4−− (aqueous) salt precipitation equilibrium
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= +c d (T 273.15K)ij ij ij (24)

The adjustable parameters�born radius, the dielectric
constant coefficients, and the binary interaction parameters�
were retrieved from the standard implemented data banks in
Aspen Plus V10.

2.1.3. Chemical System. The model includes partial
dissociation equilibrium reactions, complete dissociations
reactions, and salt precipitation equilibrium reactions. Table 2
summarizes all considered reactions.
The chemical equilibrium is calculated using built-in or user-

supplied parameters to describe the equilibrium constants Keq as
a function of temperature. If no equilibrium constants are given,
the equilibrium is calculated from the reference state Gibbs free
energies of the participating components following:

=
*

K
G

RT
ln( ) m

(25)

The applied parameters to describe the temperature-depend-
ent equilibrium constants are retrieved from the Aspen Plus V10
data bank. Table 3 gives the applied ln(K) exemplary for 70 °C.
2.2. Performed Analyses for Assessment. To assess the

accuracy of the thermodynamic calculations, the calculated
properties were compared with experimental data retrieved from
the literature. The deviation of the calculated value from
literature data is given as

= ×x x
x

deviation (%)
( )

100calculated literature

literature (26)

The following summarizes the performed calculations and the
referenced literature data.

2.2.1. Solubility of SO2. The solubility of SO2 in water was
calculated following two different approaches. First, it was
calculated solely using Henry’s Law without any electrolyte
reactions. Then, it was calculated considering electrolyte
reactions (see 2.1) to evaluate the influence of including the
electrolyte equilibrium on the calculated SO2 solubility. The
solubility was calculated for a temperature range from 20 to 90
°C and a pressure range from 0.545 to 1.788 bar. The
calculations were compared to experimental data from Rumpf
and Maurer and Young et al.12,13

2.2.2. SO2 Absorption in Mg(OH)2 Solution. The SO2
absorbed inMg(OH)2-H2O solution was calculated considering
all electrolyte reactions given in 2.1. The calculation was
performed to be comparable to available experimental literature
data. In the experimental data, the temperatures range from 24
to 29.85 °C and the SO2 partial pressures from 0.0095 to 0.888
atm. TheMgO concentration in water ranges from 0 to 14.5 kg/
m3. The quantitative effect of the presence of Mg(OH)2 on the
solubility of SO2 is expressed as enhancement factor. The
enhancement factor describes the increase in solubility of SO2

when Mg(OH)2 is present in the solution compared to the
solubility in pure water. The calculations were compared to
experimental data from Mondal and Young et al.13,14

2.2.3. Solubility of Mg(OH)2 and Ca(OH)2. Two dissociation
reactions describe the solubility of the hydroxides: the
dissociation of Mg(OH)2 or Ca(OH)2 and the formation of
the ion pair MgOH+ or CaOH+. This makes the solubility of the
hydroxides strongly pH-dependent. This dependency is better
described by calculating the equilibrium from the reference state
Gibbs free energies of the participating components rather than
from equilibrium constants. Therefore, the equilibrium was
described by the reference state Gibbs free energy calculations.
The solubility of Mg(OH)2 and Ca(OH)2 was calculated for a
temperature range from 0 to 100 °C and a pH range from 7 to
13. The pH was adjusted by adding HCl to the system, as HCl
does not affect the equilibrium equations of the chemical system.
To evaluate the influence of modeling the formation of the
MgOH+ or CaOH+ ion pair on the calculated solubility, the
calculation was performed with and without considering its
formation. The calculations were compared to experimental data
from Dupre ́ and Bialas, Remy and Kuhlmann, Busch, Whipple
and Mayer, Hostetler, Einaga, Lambert and Clever, Dongdong
et al., Scholz and Kahlert, Bassett and Taylor, Yeatts and
Marshall, Bates et al., and Cameron and Robinson.15−27

2.2.4. Solubility of MgSO3 and CaSO3 Hydrates. The
solubility of MgSO3 and CaSO2 hydrates was calculated for a
temperature range from 0 to 100 °C. The chemical equilibrium
was first calculated by the reference state Gibbs free energy
calculations and then by applying equilibrium constants (see
Table 3). Literature studies report a solubility dependency of
MgSO3 and CaSO3 hydrates on the presence of sulfate.
Therefore, the influence of MgSO4 or CaSO4 on the solubility
was calculated. The calculations were compared to experimental
data from Lowell et al., Hagisawa, Markant et al., Söhnel and
Rieger, Nyv́lt, Lutz, van der Linden, Bobrovnik and Kotelnikova,
and Bichowsky.28−36

2.2.5. Solubility of MgSO4 and CaSO4 Hydrates. The
solubility of MgSO4 and CaSO4 hydrates was calculated for a
temperature range from 0 to 100 °C. The chemical equilibrium
was first calculated by the reference state Gibbs free energy
calculations and then by applying equilibrium (see Table 3).
The calculations were compared to experimental data from
Zhang et al., Robson, Apelblat and Manzurola, Ting and
McCabe, Wu et al., Patridge and White, Power and Fabuss,
Wang et al., Hulett and Allen, Yuan et al., and Li and
Demopoulos.37−47

3. RESULTS AND DISCUSSION
The following summarizes and discusses the results of the
performed calculations including the SO2 solubility in water, the
SO2 absorption in Mg(OH)2, the solubility of MG(OH)2 and

Table 3. Applied Equilibrium Constants Expressed as ln(Keq) at 70 °C
reaction ln(K)T=70°C

2 H2O ↔ OH− + H3O+ −37.510985
2 H2O + SO2 ↔ H3O+ + HSO3− −9.31441704
H2O + HSO3− ↔ H3O+ + SO3−− −21.4048358
MgSO3 * 6 H2O (solid) ↔ Mg++ + SO3−− + 6 H2O (aqueous) −15.6969191
MgSO3 * 3 H2O (solid) ↔ Mg++ + SO3−− + 3 H2O (aqueous) −16.7808349
MgSO4 * H2O (solid) ↔ Mg++ + SO4−− + 1 H2O (aqueous) −12.3224139
MgSO4 * 7 H2O (solid) ↔ Mg++ + SO4−− + 7 H2O (aqueous) −13.1206858
CaSO4 * 2 H2O (solid) ↔ Ca++ + SO4−− + 2 H2O (aqueous) −18.4221215
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Figure 1. (a) SO2 solubility in water over temperature at different pressures.
12,13 (b) Deviation of calculated values from literature data (see eq 26).

Figure 2. (a) SO2 absorbed in Mg(OH)2-H2O solution (T = 29.85 °C, SO2 partial pressure = 0.963 kPa).14 (b) Deviation of calculated values from
literature data (see eq 26).
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Ca(OH)2, the solubility of MgSO3 and CaSO3 hydrates, and the
solubility of MgSO4 and CaSO4 hydrates.
3.1. SO2 Solubility. 3.1.1. SO2 Solubility in Water. Figure 1

shows the calculated SO2 solubility in water compared with
experimental data from the literature.
When calculating the solubility in water, the model shows, in

general, a good agreement with the literature data. It is expected
that electrolyte reactions increase the solubility of SO2. This
increase can also be observed when comparing the calculated
results with and without considering electrolyte reactions. The
calculated increase in solubility is around 6% at 20 °C and
around 18% at 90 °C. Even if the calculation with the electrolyte

reactions is the more detailed approach, the performed
calculations cannot justify the necessity to implement the
electrolyte reactions to calculate the SO2 solubility in water.
Compared to the newer data from Rumpf and Maurer, the
calculation without electrolyte reactions performs better than
the calculation with electrolyte reactions at temperatures >50
°C. Compared with the IUPAC correlation of literature data,
however, the calculation with electrolyte reactions performs
better at temperatures >40 °C. Considering electrolyte reactions
does therefore not necessarily improve the accuracy of the
calculation when compared to experimental data from the
literature.

Figure 3. (a) SO2 absorbed in Mg(OH)2-H2O solution (T = 24 °C, MgO concentration: 14.5 kg/m3 MgO in water).13 (b) Deviation of calculated
values from literature data (see eq 26).

Figure 4. (a) Solubility of Mg(OH)2 in water over temperature.
15−22 (b) Deviation of calculated values from the correlation of literature data by

Lambert and Clever (see eq 26).
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3.1.2. SO2 Absorption in Mg(OH)2 Solution. Due to the
chemical absorption, the presence of Mg(OH)2 increases the
solubility of SO2 significantly. Figures 2 and 3 show the
calculated absorbed SO2 compared to experimental values from
the literature.
The simulation results show the same trend as the

experimental values found in the literature, but the absolute
values show some deviation. However, the deviation is not
consistent. For lowMgO concentration, as studied byMondal,14

the model underestimates the absorbed SO2 by around 49 to
51% (Figure 2). Mondal derives an enhancement factor of 5 at a
MgO concentration of 1 kg/m3. The calculation leads only to an
enhancement factor of 2.5. The calculated effect of the
Mg(OH)2 on the SO2 absorption is, therefore, only half
compared to the measured effect by Mondal.
For high MgO concentrations, as studied by Young et al. and

reported in the IUPAC solubility data series, the model
overestimates the absorbed SO2

13 (Figure 3). At a low SO2
partial pressure of 0.091 atm, the model calculates a between 20
and 26% higher absorption. At a high partial pressure of 0.888
atm, it calculates an 8% higher absorption than reported in the
literature. The overestimation of the absorbed SO2 by the model
compared to the measured values could indicate that the
experiment’s equilibrium has not been reached. In the model
calculation, it was assumed that all the MgO present in water
hydrates toMg(OH)2 and takes part in the absorption reactions.
However, reaching a total hydration rate in a real system is
difficult. The overestimation by the model could also indicate
that there was not a 100% hydration rate reached in the
experimental setup. However, the present data do not deliver
enough evidence for such theories. Furthermore, the contrary
deviation for low MgO concentrations14 does not support this
theory either. The available experimental data are too scarce to
derive a trustful evaluation of the model in this regard.
Therefore, the model was not adapted to fit one of the
experimental data sets.
3.2. Solubility of Magnesium Hydroxide (Mg(OH)2).

Figure 4 shows the calculated solubility of Mg(OH)2 in water
compared with data from the literature.
The calculated solubility shows very good agreement with the

literature data. The trend of the calculated solubility is parallel to
that of Dongdong et al. using the Calphad method22 but reveals
lower solubility values. While at a temperature around 20 to 30
°C the model predicts a lower solubility than most experimental
data, the model fits the experimental data very well in the
temperature range from 70 to 90 °Cwith a deviation close to 0%.
Furthermore, the calculation shows that including the formation
of the MgOH+ ion pair in the calculation has little effect on the
solubility of Mg(OH)2. The model would therefore allow a
simplification of the chemical system by disregarding the
formation of MgOH+. It needs to be considered that the model
describes the solubility of thermodynamic stable (inactive)
Mg(OH)2. In real systems, Mg(OH)2 can also be present as
active Mg(OH)2. Literature data indicate that active Mg(OH)2
has a higher solubility and that the solubility decreases with
aging and the transformation to inactive Mg(OH)2. This might
be relevant for the temperature range of 20 to 30 °C. However,
literature data are not definite about this decrease.21

Figure 5 shows the modeled pH dependency of the solubility
of Mg(OH)2 and the pH dependency given by the equation of
Scholz and Kahlert.23

The calculation shows the same trend as the trend given by
Scholz and Kahlert,23 which is the solubility drop at a specific pH

value. While Mg(OH)2 is very soluble at a low pH value, the
solubility drops rapidly between a pH of 8 and 9. According to
the model, this solubility drop happens at a pH of 8.36.
According to Scholz and Kahlert’s calculation, it occurs at a pH
of 8.1. The pH dependency given by Scholz and Kahlert is
derived from an equation to calculate the solubility as a function
of pH value, solubility product taken from literature, and the acid
constant of water and is not derived directly from experimental
data.23 Using Scholz and Kahlert’s equation with a 5% lower
solubility product, the model’s calculation and the calculation
following Scholz and Kahlert match very well. This shows that
the underlying solubility product input can be one cause for the
deviation from Scholz and Kahlert’s dependency.
3.3. Solubility of CalciumHydroxide (Ca(OH)2). Figure 6

shows the calculated solubility of Ca(OH)2 in water compared
with data from the literature.
The calculated solubility shows the same trend as the

experimental data from the literature. Unlike for Mg(OH)2,
including the formation of the CaOH+ ion pair in the calculation
shows an improving effect on the calculated solubility of
Ca(OH)2. Without considering the formation of CaOH+, the
model underestimates the solubility by 19 to 33% compared to
the correlation of Lambert and Clever.21 Considering the
formation of CaOH+, the model underestimates the solubility
only by around 4.5 to 11%.
Like Mg(OH)2, the solubility of Ca(OH)2 is strongly pH-

dependent. Figure 7 shows the modeled pH dependency of the
solubility of Ca(OH)2 and the pH dependency given by the
equation of Scholz and Kahlert.23

As for Mg(OH)2, the solubility is very high for low pH values
and drops rapidly when reaching a certain pH level. The
modeled solubility drop happens at a pH value of around 11.6;
using Scholz and Kahlert’s equation reveals a solubility drop at a
pH value of 11.1.23 As for Mg(OH)2, one reason for this
deviation between the two calculated pH dependencies can be
the underlying solubility product taken from the literature.
Lowering the underlying solubility product in Scholz and
Kahlert’s equation by 17% reveals a very good match to the
model calculation.
3.4. Solubility of Magnesium Sulfite (MgSO3). Figure 8

shows the calculated solubility of MgSO3 hydrates in water
compared with data from the literature.

Figure 5. Solubility of Mg(OH)2 depending on the pH value.
23
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The model predicts the hexahydrate as the stable form at
lower temperatures and the trihydrate as the stable form at
higher temperatures. This fits with the experimental data
reported in the literature. When calculating the solubility of
MgSO3 hydrates based on the reference state Gibbs free
energies, the model overestimates the hexahydrate’s solubility
and underestimates the trihydrate’s solubility compared to the
experimental data. Furthermore, the model predicts the change
from hexahydrate to trihydrate as the stable hydrate form at
around 12 °C. Following experimental data, this change happens
at about 40 °C. This deviation between the model and

experimental values is closed when calculating with the
temperature-dependent equilibrium constants. The calculated
solubility fits very well with the experimental data from the
literature. When using the model to calculate a real system, it
must be considered that it predicts the formation and solubility
of the stable hydrate form at the given temperature. Therefore, at
temperatures higher than 40 °C, the model reports solely the
formation of MgSO3 trihydrate, as this is the stable form at those
temperatures. However, the conversion from hexahydrate to
trihydrate can be very slow in real systems. This can lead to the
co-presence of meta-stable hexahydrate at temperatures above
40 °C even though trihydrate is the stable form at this
temperature.29,31,48 The equilibrium model cannot cover the
dynamic behavior of the transition from hexahydrate to
trihydrate. As trihydrate has a higher solubility than hexahydrate
at temperatures over 40 °C, this can lead to an overestimation of
precipitates in the system when modeling the system.
Figure 9 shows the calculated solubility of MgSO3 trihydrate

depending on the MgSO4 content in the system compared to
experimental data from the literature.
The model predicts the dependency of the solubility on the

MgSO4 content in the solution satisfactorily. Up to a MgSO4
content of 10 g/100 g, the calculated solubility lies within the
deviation of the available literature data. At higher MgSO4
content, the model underestimates the solubility of the
trihydrate. However, the deviation compared to the data of
Lutz does not exceed 30%.
Figure 10 shows the calculated solubility of MgSO3

hexahydrate depending on the MgSO4 content in the system
compared to experimental data from the literature.

Figure 6. (a) Solubility of Ca(OH)2 in water over temperature.
21,24−27 (b) Deviation of calculated values from the correlation of literature data by

Lambert and Clever (see eq 26).

Figure 7. Solubility of Ca(OH)2 depending on the pH value.
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The calculated solubility shows a similar trend as the solubility
reported in literature and lies within the deviation between the
different reported experimental data. As for the trihydrate, the
model tends to underestimate the solubility at high MgSO4
contents.
3.5. Solubility of Calcium Sulfite (CaSO3). Figure 11

shows the calculated solubility of CaSO3 hydrates in water
compared with data from the literature.

In literature, different hydrate forms of CaSO3 are reported in

the temperature range from 30 to 100 °C. However, CaSO3
hemihydrate is recognized as the dominant one.33 The

calculated solubility of CaSO3 hemihydrate based on the

reference state Gibbs free energies shows very good agreement

with the correlation of literature data done by Lutz at

temperatures >50 °C with a deviation of <8%.

Figure 8. (a) Solubility of MgSO3 hydrates in water over temperature.
28−32 (b) Deviation of calculated values from the correlation of literature data by

Nyv́lt (see eq 26).

Figure 9. Solubility of MgSO3 trihydrate over MgSO4 content at different temperatures.
31,33
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Figure 12 shows the calculated solubility of CaSO3 hemi-
hydrate in water and a CaSO4-saturated solution compared to
experimental data from the literature.
The solubility of CaSO3 hemihydrate is lower in the presence

of CaSO4. The model describes this decrease in solubility. For
temperatures≥80 °C, themodel fits very well with themeasured

values of van der Linden. For lower temperatures, the model
underestimates the solubility of CaSO3 hemihydrate compared
to the data from van der Linden and Lutz. This correlates with
the findings from Figure 11, where the model also under-
estimates the solubility at lower temperatures. Bichowsky
measures a lower solubility than van der Linden and Lutz.

Figure 10. Solubility of MgSO3 hexahydrate over MgSO4 content at different temperatures.
31−33

Figure 11. (a) Solubility of CaSO3 hydrates in water over temperature.
33−35 (b)Deviation of calculated values from the correlation of literature data by

Lutz (see eq 26).
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Compared to the data of Bichowsky, the model describes the
solubility in CaSO4-saturated solution at 25 °C very well.
3.6. Solubility of Magnesium Sulfate (MgSO4). Figure

13 shows the calculated solubility of MgSO4 hydrates in water
over temperature compared with data from the literature.
The model recognizes only heptahydrate as the present

hydrate form when calculating the solubility based on the
reference state Gibbs free energies. Furthermore, the model
predicts a significant increase in solubility with increasing

temperatures. However, experimental data from literature show
that up to 48 °C heptahydrate is the stable hydrate form,
between 48 and 68 °C hexahydrate is the stable form, and
monohydrate is the stable one at temperatures higher than 68
°C.38,39 When applying the equilibrium constants, the model
predicts heptahydrate and monohydrate as stable forms. The
model does not recognize hexahydrate as a stable form between
48 and 68 °C. While the calculated solubility of the
monohydrate fits the literature data very well, the calculated

Figure 12. Solubility of CaSO3 hydrates over CaSO4 content at different temperatures.
33,34,36

Figure 13. (a) Solubility of MgSO4 hydrates in water over temperature.
37−40 (b) Deviation of calculated values from the correlation of literature data

by Apelblat and Manzurola (see eq 26).
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solubility of heptahydrate increases more strongly with temper-
ature than reported in literature. This effect and the fact that
hexahydrate is not recognized lead to a significant over-
estimation of the solubility of up to 118% at a temperature of
70 °C. The experimental solubility data for hexahydrate are
scarce, which makes a consistent adaption of the model difficult.
3.7. Solubility of Calcium Sulfate (CaSO4). Figure 14

shows the calculated solubility of CaSO4 hydrates in water over
temperature compared with data from the literature.
Experimental data from the literature report the dihydrate as a

stable form at temperatures up to around 50 °C. At higher
temperatures, the stable form is the anhydrate. The model
describes this change in the stable hydrate form very well. When
calculating the solubility based on the reference state Gibbs free
energies, the model describes the solubility of the anhydrate very
well and overestimates the solubility of the dihydrate. The
calculated solubility of the dihydrate is improved by applying
equilibrium constants for its precipitation reaction.

4. CONCLUSIONS
The electrolyte NRTL activity coefficient model was applied to
model the vapor, liquid, and solid phases of theMgO-CaO-CO2-
SO2-H2O-O2 system.
Tomodel the SO2 solubility in water, the study suggests that a

simplification of the model to a simple vapor−liquid equilibrium
calculation using Henry’s law is possible without sacrificing
model accuracy. When calculating the SO2 absorption into
Mg(OH)2 slurry, considering the electrolyte reaction equili-
brium is crucial. The model calculates the absorption trend
correctly but shows quantitative deviations from available
experimental data from the literature. However, experimental
data sets for the SO2 absorption in Mg(OH)2 in literature are
scarce and the evaluation of the model using available data is
inconclusive on whether deviations are caused by measurement

uncertainties or model parameters. More experimental data are
necessary for a trustful evaluation of the model and a potential
adaptation of model parameters.
The model predicts potential stable precipitates in the system

at a temperature range from 0 to 100 °C correctly. The study
shows that the chemical equilibrium of the precipitation of
Mg(OH)2, Ca(OH)2, CaSO3 hemihydrate, and CaSO4
anhydrate can be calculated satisfactorily from the reference
state Gibbs free energies of the participating components. The
chemical equilibrium of the precipitation of MgSO3 hexahydrate
and trihydrate, MgSO4 monohydrate and heptahydrate, and
CaSO4 dihydrate requires built-in or user-supplied parameters
to describe the equilibrium constants Keq as a function of
temperature to achieve high accuracy of the model. The model
overestimates the solubility of MgSO4 heptahydrate. Due to its
high solubility, MgSO4 is not a critical precipitate in the system.
This leads the authors to the conclusion that the model is
applicable to simulate precipitation in the system even though
the solubility of MgSO4 heptahydrate is overestimated.
The study shows that the model describes the chemical

system in equilibrium satisfactorily and is a valuable tool for
predicting precipitates in the system. However, it must be
considered that the model cannot cover the dynamic behavior of
hydrate transition and metastability of possible precipitates in
fast-changing and unstable systems.
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■ NOMENCLATURE
Aφ Debye−Hückel parameter
Fp Poynting factor
G Gibbs energy
H Henry’s constant
Ix ionic strength (mole fraction scale)
K equilibrium constant
M molecular weight
NA Avogadro’s number
Qe electron charge
R gas constant
T temperature
V volume
Z compressibility factor
aij, bij, cij, dij, eij, f ij unsymmetric binary parameters
a, ai attraction coefficient, attraction coefficient

of pure component i
b, bi limiting volume coefficient, limiting volume

coefficient of pure component i
d mass density
f fugacity
k Boltzmann constant
n mole number
p pressure
pi vapor pressure of pure component i
ri born radius of the ionic species i
x mole fraction in the liquid phase
y mole fraction in the vapor phase
zi charge number of ion i
Greek symbols
φ fugacity coefficient
ε dielectric constant
αij non randomness factor
ρ “closest approach” parameter (following Pitzer set to 14.9)
τij energy parameter

γ activity coefficient

Subscripts
i component i
m molar
c critical
s solvent
w water
Superscripts
v vapor phase
l liquid phase
∞ infinite dilution
* reference state
E excess
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