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ABSTRACT: Solubilities of potassium chloride (KCl) and sodium chloride (NaCl) in aqueous systems containing the ionic liquid
1-butyl-3-methylimidazolium chloride ([Bmim]Cl) were determined by cloud-point measurements using the laser beam scattering
method in a temperature range of (298.15 to 343.15) K at atmospheric pressure. The solubility data were correlated and calculated
with the Pitzer model modified by Harvie and Weare. The interaction parameters of the mixed-electrolyte solution were obtained
using experimental results. It was found that the addition of [Bmim]Cl leads to salting-out, triggering a marked decrease of salt
solubility in the aqueous solutions. The results also show that [Bmim]Cl has different salting-out ratios on KCl and NaCl in the
mass-fraction range of w[Bmim]Cl = (0.025 to 0.20). It is also shown that the modified Pitzer model gives a satisfactory prediction for
the solubilities of KCl and NaCl in aqueous systems containing ionic liquid [Bmim]Cl.

’ INTRODUCTION

Ionic liquids (ILs) are organic salts which are typically a liquid
at ambient temperature resulting from the combination of
organic cations and various anions.1 In recent years, ionic liquids
have been widely applied in various fields, such as chemical
syntheses, biocatalytic transformations, designing electrochemi-
cal devices, and analytical and separation processes.2-5 They
have received increasing attention from both industrial and
academic communities.6,7

The thermodynamic properties of pure ILs and their mixtures
are important for both theoretical studies and industrial applica-
tions. The experimental observations available indicate that the
addition of inorganic salts to IL aqueous solutions affects the
phase behavior.8-10 Dupont et al.11 witnessed the appearance of
two coexisting phases in the water þ 1-butyl-3-methylimidazo-
lium tetrafluoroborate ([Bmim][BF4]) system by adding potas-
sium chloride (KCl) at room temperature. By using a water-
soluble ionic liquid and inorganic salt, Gutowski et al.12 demon-
strated that it is possible to form aqueous biphasic systems
(ABS), i.e., the coexistence of two immiscible aqueous phases,
via 1-butyl-3-methylimidazolium chloride ([Bmim]Cl) and
a concentrated potassium phosphate K3PO4(aq) solution.
Trindade et al.13 investigated the effects of the addition of
three inorganic salts (NaCl, Na2SO4, and Na3PO4) on the
liquid-liquid phase diagram of aqueous solutions containing
[Bmim][BF4]. They found that all three inorganic salts can
trigger the salting-out effect leading to a significant increase in
the liquid-liquid demixing temperatures of the systems. Najda-
novic-Visak et al.14 observed a large salting-out effect by the
addition of potassium phosphate to aqueous solutions of water-
miscible ionic liquids. From 1HNMR spectroscopy observations
and molecular simulations, Freire et al.15 gave a possible explana-
tion for the salting-out and salting-in regimes for systems
containing ILs and inorganic salt ions.

Most reports above were focused on the water þ ionic liquid
mixture forming an aqueous biphasic system due to the addition

of inorganic salts. The solubility of inorganic salts in the aqueous
systems is also influenced by adding ILs. In this work, the
addition of ILs to water þ inorganic salt systems was investi-
gated. The solubility of MCl (M =K, Na) in aqueous solutions of
[Bmim]Cl was measured by the cloud-point method using the
laser beam scattering method from (298.15 to 343.15) K at
atmospheric pressure. The basis of this method is to determine
the concentration-dependent refractive index of an aqueous
mixture. The scattering intensity of the laser beam passing
through the glass cell is measured. The intensity drops continu-
ously as long as the MCl concentration continues to increase.
Once saturation of the solution is achieved, the refractive index of
the aqueous solution remains constant. After exceeding the
saturation MCl concentration, a number of small droplets form,
and the solution becomes cloudy, scattering the light beam. By
measuring the intensity of scattered light with time, it can be
assessed whether the system is at equilibrium. Under an IL mass
fraction of 0.25, the solutions were homogeneous at all experi-
mental temperatures. In this work, no aqueous biphasic phe-
nomenon was observed despite the addition of inorganic salts.
The modified form of the Pitzer equation suggested by Harvie
and Weare16,17 was chosen to evaluate the average activity
coefficients and the osmotic coefficients of chlorine-based salts
and to calculate the solubilities ofMCl (M =K, Na) in [Bmim]Cl
þ H2O.

’EXPERIMENTAL SECTION

Chemical Materials. KCl and NaCl (AR reagents from
Shanghai Lingfeng chemical reagent factory) with a mass fraction
purity greater than 0.998 were dried in a vacuum oven at 373.5 K
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for 6 h before use. 1-Butyl-3-methyl imidazolium chloride
([Bmim]Cl) with a purity of 0.99 was purchased from Li Hua
Chemicals (Henan, China) and was kept at 353.15 K under
vacuum for over 8 h before use to remove moisture. 1H NMR
spectra and Raman spectrum results of the product were con-
sistent with the literature.18 Doubly distilled deionized water with
a specific conductivity of approximately 1.3 μS 3 cm

-1 was used
for the preparation of solutions.
Apparatus and Procedures. The cloud-point concentration

and phase separation of (water þ [Bmim]Cl þ salt) ternary
systems were studied by the laser beam scattering method in the
temperature range from (298.15 to 343.15) K at atmospheric
pressure. The experimental samples were kept inside a glass cell
at a constant temperature that was controlled by flow through the
water jacket. This flow came from a thermostatic bath adjusted by
a thermostat to maintain the required temperature in an accuracy
of ( 0.1 K measured by a mercury thermometer in the jacket.
The laser beam with wavelength 670.8 nm was generated from a
laser diode source. The solutions were prepared by mass using a
Sartorius analytical balance (model A200S) with an uncertainty
of 0.1 mg.
Approximately 80 g of [Bmim]Cl solution was placed in the

glass cell, andMCl was slowly added into the cell with stirring. By
monitoring the scattering intensity of the laser beam, the satura-
tion status was judged by the appearance of the cloud point
observed at least 4 h. Finally, the solubility of MCl in the mixed
solvent was calculated. Each experimental run was repeated three
times, and the uncertainty was estimated to be( 0.0035 g/(100 g
solvent). Our measured solubilities of MCl by the laser beam
scattering method are in agreement with the analytical gravi-
metric method.23,24 The maximum difference between the two
methods is only at 0.005 mol 3 kg

-1 solvent.

’THERMODYNAMIC MODEL

Description of the Model. One of the reliable electrolyte
solution theories to describe the solubilities of salts in a mixed
electrolyte solution is the Pitzer model, which gives a set of
expressions for the osmotic coefficients of water and mean
activity coefficients of electrolytes.19 Harvie and Weare modified
the Pitzer model to successfully predict mineral solubilities in
complex brine systems.16,17

The expression for the solubility product,Ksp, of an anhydrous
inorganic salt in mixed electrolyte solutions is

ln Ksp ¼ vM lnðmMγMÞ þ vX lnðmXγXÞ ð1Þ
where mM and mX represent the saturated molalities; γM and γX
represent the ionic activity coefficients; and vM and vX represent
the stoichiometric number, for the cation and anion, respectively.
According to Harvie andWeare,16,17 the osmotic coefficient of

water in amixed electrolyte solution containing two saltsMX and
NX of the 1-1 type with a common anion X (in this work, M =
Naþ or Kþ, X = Cl-, and N = [Bmim]þ) is given by

φ- 1 ¼ Fþ m
m0

½ð1- yÞBφMX þ yBφNX þ yð1- yÞðθMN þ IθMNÞ�

þ m
m0

� �2

½ð1- yÞCMX þ yCNX þ yð1- yÞψMNX� ð2Þ

,where m0 = 1 mol 3 kg
-1; the symbol m is the molality of the

common ion; y is the mole fraction of NX in MCl þ [Bmim]Cl
aqueous solution; and I is the ionic strength (for 1:1 electrolytes,

I = m). The binary mixing parameter, θMN, takes into account
interactions between unlike ions of the same sign. Additionally,
the ternary mixing parameter, ψMNX, takes into account inter-
actions between two unlike ions of the same sign and a third ion
with the opposite sign. The long-range electrostatic term F is
defined as

F ¼ f 0 þ ∑
M

i¼N
mimXB

0
iX þmMmNθMN ð3Þ

here

f 0 ¼ - AΦ½I1=2=ð1þ bI1=2Þ þ 2 lnð1þ bI1=2Þ=b� ð4Þ
where b is a constant with a value of 1.2 kg1/2f3mol-1/2, and AΦ

is the Debye-H€uckel constant for the osmotic coefficient. The
dependence of AΦ on temperature T (K) is expressed by20

AΦ ¼ 0:13422ð 4:1725332- 0:1481291T0:5

þ 1:5188505 3 10
-5T2 - 1:8016317 3 10

-8T3

þ 9:3816144 3 10
-10T3:5

� ð5Þ
The ionic activity coefficient is given by the following

expressions.
For the cation:

ln γM ¼ Z2
MF þmXð2BMX þ ZCMXÞ þmNð2θMN þmXψMNXÞ

þ ∑
M

i¼N
jZijmimXCiX ð6Þ

For the anion:

ln γX ¼ Z2
XFþ ∑

M

i¼N
mið2BiX þ ZCiX þmXCiXÞ

þmMmNψMNX ð7Þ
where

CMX ¼ CΦ
MX=ð2jZMZXj1=2Þ ð8Þ

and

Z ¼ jZMjmM þ jZXjmX þ jZNjmN ð9Þ
In these equations, Zi and mi represent the charge number and
molality of each ion, respectively.
The second virial coefficients BΦ, B, and B0 are

Bφ ¼ β0 þ β0 expð-R
ffiffi
I

p Þ ð10Þ

B ¼ β0 þ 2β0 ½1- ð1þ R
ffiffi
I

p
Þexpð-R

ffiffi
I

p
Þ�=R2I ð11Þ

B0 ¼ β0 - 2β0 ½1- ð1þ R
ffiffi
I

p þ R2I=2Þexpð-R
ffiffi
I

p Þ�=R2I2

ð12Þ
The parameter R has been fitted to osmotic coefficients from
(273 to 498) K and has a value of 1.4 kg1/2 3mol-1/2.21 The
parameters β0, β1, and CΦ are the ion interaction parameters
which are functions of temperature and pressure.
Parameter Estimation. The Ksp value of MCl (M = K, Na)

can be obtained from the solubilities of salts in pure water as a
function of temperature.22-25 Since it is a thermodynamic
constant, the value of Ksp of MCl (M = K, Na) in an aqueous
solution of [Bmim]Cl is the same as in pure water at the same
temperature. Thus, it is possible to calculate saturated molality of
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MCl (M = K, Na) in the system containing water þ [Bmim]Cl
with the activity coefficients calculated by the modified Pitzer
model containing parameters θMN,ψMNX, β

0, β1, andCΦ.16,17 In
the Pitzer model, these parameters, determined from a single
electrolyte solution, can be further extended to a multicompo-
nent electrolyte solution. For MCl (M = K, Na), these para-
meters β0, β1, and CΦ are all functions of temperature at the
given pressure, and the dependence on temperature (K) can be
calculated as follows25

f ðTÞ ¼ d1 þ d2ð1=T - 1=TRÞ þ d3 lnðT=TRÞ þ d4ðT - TRÞ
þ d5ðT2 - TR

2Þ þ d6 lnðT - 260Þ ð13Þ
where TR = 298.15 K. The function f(T) denotes β0(T), β1(T),
and CΦ(T) respectively, and the di terms are coefficients,26,27

which can be used to estimate β0, β1, and CΦ at different
temperatures.
Shekaari et al.28 have obtained β0, β1, and CΦ for [Bmim]Cl

from osmotic coefficients of water in the [Bmim]Cl þ water
system at (298.15 to 328.15) K, and these are listed in Table 1.
Unfortunately, Shekaari et al. did not present experimental values
at 313.15 K, 333.15 K, and 343.15 K. To obtain β0, β1, and CΦ at
the required temperature, the two sets of parameters at (313.15
and 333.15) K for [Bmim]Cl were re-estimated first using
osmotic coefficients provided byGonz�alez et al.29 and the revised
Pitzer model adopted here. Then, the coefficients di in eq 13 were
regressed to the β0, β1, and CΦ values obtained from (298.15 to
328.15) K. At 343.15 K, the parameters β0, β1, and CΦ were
calculated in terms of eq 13, and these results are also listed in
Table 1. Only two parameters, θMN and ψMNX, are unknown in

our adopted model, which have been fit to our experimental
results.

Table 1. Dimensionless Parameters of the Extended Pitzer
Model for [Bmim]Cl þ H2O Aqueous Solutions at Different
Temperatures T = (298.15 to 343.15) K

T/K β0 β1 CΦ

298.15a 0.04733 -1.20989 -0.01159

308.15a 0.00362 -0.87037 0.00145

313.15b 0.00693 -0.78424 0.00144

318.15a 0.00307 -0.71597 0.00143

328.15a -0.01446 -0.53625 0.00796

333.15b -0.04120 -0.37852 0.01877

343.15c -0.18863 0.180263 0.06689
a Indicates the values in this row come from Shekaari et al.’s work.
b Indicates the values were re-estimated by the modified Pitzer model.
c Indicates the values were calculated using eq 13.

Table 2. Comparison of Our Experimental Values (Exptl) and
the Literature Values (Lit.) for the Solubilities m/(mol 3 kg

-1) of
KCl andNaCl in PureH2OFromT= (298.15 to 343.15) K at p=
0.1 MPaa

T/K 298.15 308.15 313.15 318.15 328.15 333.15 343.15

mKCl/(mol 3 kg
-1)

Exptl 4.795 5.162 5.383 5.564 5.940 6.148 6.510

Lit. 4.80 5.39 6.15 6.51

mNaCl/(mol 3 kg
-1)

Exptl 6.16 6.194 6.229 6.248 6.304 6.348 6.425

Lit. 6.16 6.23 6.35 6.43
aNote: All the available literature values come from refs 22 to 24.

Table 3. Experimental Values m/(mol 3 kg
-1) of KCl and

NaCl inMixed [Bmim]Cl (1)þH2O (2) Aqueous Solutions at
the Range of Temperatures T = (298.15 to 343.15) K and
Mass Fraction w1= (0.05 to 0.25) at p = 0.1 MPa

T/K w1 = 0.05 w1 = 0.10 w1 = 0.15 w1 = 0.20 w1 = 0.25

mKCl/(mol 3 kg
-1)

298.15 4.195 3.590 3.103 2.719 2.323

308.15 4.532 3.872 3.430 2.935 2.521

313.15 4.659 3.994 3.564 3.037 2.642

318.15 4.812 4.164 3.658 3.130 2.711

328.15 5.034 4.396 3.886 3.349 2.879

333.15 5.129 4.518 4.007 3.473 2.974

343.15 5.431 4.718 4.302 3.792 3.322

mNaCl/(mol 3 kg
-1)

298.15 5.355 5.039 4.406 3.597 2.795

308.15 5.378 5.062 4.411 3.655 2.862

313.15 5.408 5.086 4.452 3.657 2.883

318.15 5.433 5.103 4.466 3.653 2.901

328.15 5.442 5.120 4.463 3.673 2.920

333.15 5.499 5.140 4.518 3.733 2.940

343.15 5.510 5.171 4.530 3.714 2.971

Figure 1. Comparison of experimental and calculated results of solu-
bilities of KCl (a) and NaCl (b) in [Bmim]Cl (1)þH2O (2) from w1 =
(0 to 0.25) as a function of temperature T. Solid lines are the calculated
profile by the extended Pitzermodel, and signs are the experimental data.
Symbols: �, w1 = 0; ], w1 = 0.05; 3, w1 = 0.10; 4, w1 = 0.15; O, w1 =
0.20; 0, w1 = 0.25.
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’RESULTS AND DISCUSSION

Experimental Results. The experimental values of solubility
m (mol 3 kg

-1) of KCl and NaCl in the [Bmim]ClþH2O system
at different temperatures T = (298.15 to 343.15) K are listed in
Table 2 and Table 3, where the corresponding solubilities of salt
in pure water (wIL = 0) are also presented. The measured values
in this work are close to those previously reported,22-24 indicat-
ing their reliability. As evidenced in Figure 1, the solubility of KCl
in [Bmim]Cl þ H2O increases steadily with temperature.
Comparatively, the solubility of NaCl in [Bmim]Cl þ H2O
increases significantly less with temperature. Figure 1 also shows
that the solubility of MCl (M = K, Na) in [Bmim]Cl þ H2O
decreases when the mass fraction of [Bmim]Cl is increased.
These experimental results show that the presence of ILs can
lower the solubility of MCl (M = K, Na) in an aqueous solution
due to their salting-out effect.30 For example, the solubility
reduces by about 51 % for KCl and 55 % for NaCl for w[Bmim]Cl =
0.25 relative to pure water.
The salting-out ratio R can be estimated as follows

R ¼ m0 -m
m0

ð14Þ

wherem0 is the solubility of inorganic salts in pure water. Figure 2
gives a comparison of salting-out ratio of [Bmim]Cl on KCl and
NaCl at 298.15 K. From w[Bmim]Cl = (2.5 to 20) 3 10

-2, the
salting-out ratio between KCl and NaCl deviates. This same
phenomenon was also observed at the other experimental
temperatures examined. From these observations, we can hy-
pothesize that the crystallization area of KCl and NaCl in ternary
system of KCl þ NaCl þ H2O might be manipulated by the

addition of an appropriate ionic liquid, allowing the separation of
KCl and NaCl.
Potassium sulfate (K2SO4) is used to produce multicompo-

nent fertilizers, free of chlorine, and it is always applied widely in
the agriculture. Currently, the main approach to produce potas-
sium sulfate in the chemical industry is utilizing the double
decomposition reaction of KCl and phosphogypsum. Experi-
ments show that once the decomposition reaction occurs under
the circumstances of ammonia, methanol, isopropanol, and so on
the product efficiency in the process would have a greater
improvement.31-33 The ammonia and alcohol aqueous solutions
influence the crystallization zone of K2SO4 in the phase diagram
of the Kþ, Ca2þ/Cl-, SO4

2-þH2O system. An effective way of
potassium sulfate production via double decomposition of
gypsum and potassium chloride is increasing the concentration
of ammonia and alcohols to increase the utilization coefficient of
KCl. The process is potentially environmentally hazard due to
their high volatility. ILs could be a suitable replacement for
ammonia because of the following unique features. First, the use
of ILs may be environmentally beneficial due to their negligible
volatility. Second, to a limit, IL without its crystallization in a
wider temperature is easy to use during the crystallization process
of final products. Finally, the solution characteristic is easy to
adjust by changing the cation or anion of ILs.
Calculated Results. Considering the solubility product Ksp is

an equilibrium constant (regardless of whether the solution is a
single or mixed electrolyte), the Ksp obtained in pure water could
be applied directly to calculate the salt solubilities in the mixed
electrolyte solutions. The Ksp is a function of the solubility and
mean activity coefficient

ln Ksp ¼ vM lnðmMÞ þ vX lnðmXÞ þ v ln γ( ð15Þ

Figure 2. Comparison of salting-out ratio R of [Bmim]Cl on KCl and
NaCl as a function of mass fraction of [Bmim]Cl w1 in [Bmim]Cl(1)þ
H2O (2) at T = 298.15 K. Symbols: 9, KCl; b, NaCl.

Figure 3. ln Ksp of KCl and NaCl in pure water as a function of the
reciprocal of temperature 103/T (1/K). Symbols: ], KCl; 4,NaCl.

Table 4. Correlated Ion Interaction ParametersΦ andΨ of the Extended Pitzer Model at Different Temperatures T = (298.15 to
343.15) K

parameter 298.15 K 308.15 K 313.15 K 318.15 K 328.15 K 333.15 K 343.15 K

KCl þ H2O þ [Bmim]Cl

ΦK,[Bmin] 0.93200 0.88874 0.88063 0.87203 0.86885 0.86688 0.82018

ΨK,[Bmin],Cl 1.4752 1.41682 1.39678 1.39272 1.38994 1.3605 1.23263

NaCl þ H2O þ [Bmim]Cl

ΦNa,[Bmin] 0.95347 1.03508 1.05328 1.06314 1.06378 1.06823 1.03555

ΨNa,[Bmin],Cl -0.08585 -0.104638 -0.11105 -0.11183 -0.10845 -0.01077 -0.10368
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For single electrolytes of MX stoichiometry, the mean activity
coefficients can be calculated by the Pitzer model15

ln γ( ¼ jZMZXjf 0 þmð2νMνX=νÞBMX þm2 2ðνMνXÞ3=2
ν

" #
CMX

ð16Þ
and

v ¼ vM þ vX ð17Þ

For KCl and NaCl, the calculated Ksp value in pure water
according to the model parameters and experimental solubilities
shows a linear relation between ln Ksp and reciprocal tempera-
ture, as shown in Figure 3. At 298.15 K, the calculated ln Ksp for
KCl and NaCl are 2.08 and 3.65, respectively, close to the value
2.06 and 3.63 reported by Christomir.25

With the solubility products Ksp of KCl and NaCl, θMN and
ΨMNX in the modified Pitzer model were fitted using the given
parameters in Table 1 as well as the experimental solubilities. All
the model parameters regressed are listed in Table 4. The
solubilities of KCl and NaCl in [Bmim]Cl þ H2O can then be
calculated by the modified Pitzer model. A comparison between
the experimental and the calculated results is shown in Figure 1,
in which points represent the experimental results and solid lines
denote calculated ones, respectively. The fractional deviation
of the experimental solubilities from values obtained with
the extended Pitzer model is shown in Figure 4. From the
tables and figures, the calculated and experimental results are
in good agreement, and the maximal absolute mean relative
deviation is less than 0.012. These results indicate that the
parameters obtained in this work are reliable and can be used
to predict the solid-liquid equilibria at temperatures between
(298.15 and 343.15) K and mass fractions of [Bmim]Cl up
to 0.25.
Figure 5 plots the average activity coefficients, γ( , for KCl and

NaCl versus mass fraction of [Bmim]Cl in solution at (298.15,
313.15, and 333.15) K. Both γ((KCl) and γ((NaCl) increase with
the addition of [Bmim]Cl, and γ( turns to be greater than 1 at
the higher mass fraction of [Bmim]Cl. Average activity coeffi-
cients γ( greater than unity are also witnessed in other multi-
component systems.34 Due to the constancy of Ksp at a given
temperature, the increase of γ(means the decrease of solubilities
of KCl and NaCl. The origin of the salt-out effect can be partly
explained by the “common ion” effect. Taking 1-1 type
[Bmim]Cl þ NaCl mixed electrolyte solution as an example
and supposing electrolytes are fully dissociable into the free ionic
states for both [Bmim]Cl and NaCl, if γ( = 1, because of Ksp ≈
mNaþ 3mCl- =mNaCl 3 (mNaClþm[Bmin]Cl),mNaCl should decrease
also along with the addition of [Bmim]Cl. This means that the
presence of ILs promotes the precipitation of salts and inevitably
leads to a lower solubility of NaCl. If γ( > 1, the decrease of the
solubility of inorganic salt with the addition of ILs will be even
more prominent.

Figure 4. Fractional deviations Δm = m(exptl) - m(calcd) of the
experimental solubilitiesm(exptl) of KCl (a) and NaCl (b) in [Bmim]Cl
(1)þH2O (2) fromw1 = (0 to 0.25) from valuesm(calcd) obtained with
the extended Pitzer model as function of temperature. Symbols: 0, w1 =
0.25; O, w1 = 0.20; 4, w1 = 0.15; 3, w1 = 0.10;], w1 = 0.05;þ, w1 = 0.

Figure 5. Average activity coefficient ln γ( of KCl (a) and NaCl (b) in the aqueous solutions [Bmim]Cl þ H2O with respect to mass fraction of
[Bmim]Cl, w[Bmim]Cl, in water at 298.15 K, 313.15 K, and 333.15 K. Symbols: (, T = 298.15 K; 2, T = 313.15 K; 9, T = 333.15 K.
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’CONCLUSIONS

In this work, we presented the solubility data of KCl and NaCl
in the aqueous system containing ionic liquid [Bmim]Cl in the
temperature range of (298.15 to 343.15) K. Experimentally, the
solubilities of KCl in [Bmim]Cl þ H2O increase more with
temperature than the solubility of NaCl in [Bmim]Cl þ H2O.
The addition of [Bmim]Cl leads to salting-out effects, markedly
decreasing the salt solubility in the aqueous solution. Between
w[Bmim]Cl = (0.025 to 0.20), the salting-out ratio of KCl andNaCl
deviates, which indicates the possibility of their separation. The
Pitzer model modified by Harvie and Weare was applied to
correlate the experimental data. It was found that the calculated
and experimental results are in good agreement, and the maximal
absolute mean relative deviation is less than 0.012. These results
indicate that the parameters obtained in this work are reliable and
can be used to predict the solid-liquid equilibria over the
temperature and IL fraction range of the experimental measure-
ment. Further investigations of the influence of ILs in aqueous
systems containing multiple inorganic salts are ongoing.
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