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Abstract: This report presents the systematic study on the solubilities of 1-alkyl-3-methyl-
imidazolium hexafluorophosphate [e, or bmim][PF6], 1-alkyl-3-methylimidazolium
methylsulfate [almim][CH3SO4], 1-hexyloxymethyl-3-methylimidazolium ionic liquids
(ILs) [C6H13OCH2mim][BF4], or [C6H13OCH2mim][(CF3SO2)2N] in aliphatic hydrocar-
bons (heptane, octane), cyclohydrocarbons (cyclopentane, cyclohexane) and aromatic hydro-
carbons (benzene, toluene, ethylbenzene, o-xylene, m-xylene, p-xylene), and in alcohols
(methanol, ethanol, propan-1-ol, propan-2-ol, butan-1-ol, butan-2-ol, tert-butyl alcohol, and
3-methylbutan-1-ol) as well as of 1-alkyl-3-methyl-imidazolium chloride [C4, C10, or
C12mim][Cl] in alcohols. The solubilities have been measured by a dynamic method from
290 K to the melting point of IL or to the boiling point of the solvent. The solubility of
[emim][PF6] and [bmim][PF6] in aromatic hydrocarbons decreases with an increase of the
molecular weight of the solvent. The difference on the solubility in o-, m-, and p-xylene is
not significant. The solubility of [emim][PF6] in alcohols decreases with an increase of the
molecular weight of the solvent and is higher in secondary alcohols than in primary alcohols.
In every case, with the exception of methanol, the mutual liquid–liquid equilibrium was ob-
served. The shape of the equilibrium curve is similar for [emim][PF6] in every alcohol. The
observations of upper critical solution temperatures were limited by the boiling temperature
of the solvent. For example, for [emim][PF6], solubilities in methanol and ethanol are higher
than that in aromatic hydrocarbons. The miscibility gap for C3 alcohols is higher than that in
benzene, but comparable with the solubility in toluene; solubility in 3-methyl-butan-1-ol is
very similar to ethylbenzene and o-, m-, and p-xylene. 

The data were correlated by means of the UNIQUAC and modified nonrandom two-
liquid (NRTL) equations utilizing parameters derived from the solid–liquid equilibrium
(SLE). The root-mean-square deviations of the solubility temperatures for all calculated data
depend on the particular system and the equation used. 

The solubilities of [C4, C10, or C12mim][Cl] and alkyl-(2-hydroxyethyl)-dimethyl-am-
monium ILs in octan-1-ol and water have been measured and used to calculate the octan-1-
ol/water partition coefficients as a function of temperature and alkyl substituent.
Experimental partition coefficients (log P) are negative for imidazoles, 1,3-dialkyl-
imidazolium chlorides, and investigated ammonium salts. Good knowledge of ILs permits
the elimination of volatile organic compounds and makes chemistry cleaner and greener. 
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INTRODUCTION

Ionic liquids (ILs) are a new generation of solvents for catalysis and synthesis that have been demon-
strated as potential successful replacements for conventional media in chemical processes [1–13]. They
are generally salts based on a substituted imidazolium, or pyridinium cation and an inorganic anion such
as halide, [AlCl4]–, [BF4]–, or [PF6]– and are very often liquids at room temperature. Room-tempera-
ture ILs are being investigated as more clean replacements for volatile organic solvents (VOCs). The
important properties include high heat capacity, high density, extremely low volatility, nonflammabil-
ity, high thermal stability, wide temperature range for liquid, many variations in compositions, and a
large number of possible variations in cation and anion conformation, allowing fine-tuning of the IL
properties for specific applications [14–28]. A major reason for the interest in ILs is their negligible
vapor pressure, which decreases the risk of technological exposure and the loss of solvent to the at-
mosphere. With their promising physical and chemical properties, ILs are versatile electrolytes for di-
verse technologies, e.g., in batteries, photoelectrical cells, and other electrochemical devices [29–34].
Of course, the presence of water in the gas phase or in the IL has a considerable impact on the electro-
chemical and physicochemical properties of IL. Properties for an “ideal” IL were thought to include low
cost, water stability (as well as stability to solvents, products, etc.), low toxicity, low environmental im-
pact, noncorrosive, and recyclable. Industry representatives suggested a viscosity of less than 100 cen-
tipoises and thermal stability to 973 K (although a lower limit of ca. 473 K would be fine for general
use) as additional ideal requirements. Physical and thermodynamic properties and constants, transport
properties, miscibilities, and purity assessment were highlighted as immediate needs. The solid–liquid
and liquid–liquid measurements of IL systems based on N,N'-dialkyl-substituted imidazolium cations
or ammonium cations are attracting increasing attention for applications in liquid–liquid extraction
[35–43]. There are first publications about the suitability of ILs as entrainers for the extractive distilla-
tion and as extraction solvents for the liquid–liquid extraction. ILs were found to be capable of break-
ing a multitude of azeotropic systems. The nonvolatility of ILs in combination with their remarkable
separation efficiency and selectivity enable new processes for the separation of azeotropic mixtures
which, in comparison to conventional separation processes, might offer a potential for cost savings.
Until now, it cannot be predicted which IL is the best one for certain applications. With increasing com-
prehension on how the structure of an IL affects its physical properties, one will be able to use the ad-
vantages of ILs in comparison to VOCs. Owing to their unique structures and properties, they may be
compared with dendrimers or hyperbranched polymers. For example, it is possible to extract out of a
THF–water mixture using [emim][BF4]. This IL easily breaks the azeotropic ethanol–water phase be-
havior by interacting selectively with water. (The conventional entrainer is 1,2-ethanediol). The differ-
ent interactions IL–water and IL–THF result not only in an increasing relative volatility of THF, but also
in a phase split of the liquid mixture [44]. It was shown also that ILs may give much higher selectivi-
ties for the separation of aliphatics from aromatics (cyclohexane/benzene) than NMP or (NMP + water)
mixture [45]. The large miscibility gap exists in the mixtures of 1-ethyl-3-methylimidazolium bis(tri-
fluoromethylsulfonyl)imide, [emim][(CF3SO2)2N], or 1-ethyl-3-methylimidazolium ethyl-sulfate,
[emim][C2H5SO4] with aliphatic (cyclohexane) and aromatic (benzene) hydrocarbons [45]. The excess
molar enthalpy for the benzene + [emim][(CF3SO2)2N] was highly negative (about –750 J�mol–1) and
for the cyclohexane + [emim][(CF3SO2)2N] was positive (about 450 J�mol–1) [45]. This means that ILs
are excellent entrainers for the separation of aliphatic from aromatic hydrocarbons by extractive distil-
lation or extraction.

ILs were also used as an alternative solvent to study liquid–liquid extraction of heavy metal ions.
Dithizone was employed as a metal chelator to form neutral metal-dithizone complexes with heavy
metal ions to extract metal ions from aqueous solutions to IL ([bmim][PF6]). This extraction is possi-
ble due to the high distribution ratios of the metal complexes between [bmim][PF6] and aqueous phase
[46]. This was a pH-dependent process. 
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This paper follows the discussion on room-temperature ILs, and is a continuation of our system-
atic study of the ILs solubility measurements [47–51]. In our previous work, the solubility of 1-ethyl-
3-methylimidazolium hexafluorophosphate, [emim][PF6], in aromatic hydrocarbons (benzene, toluene,
ethylbenzene, and o-, m-, and p-xylene) and of 1-butyl-3-methylimidazolium hexafluorophosphate,
[bmim][PF6], in the same aromatic hydrocarbons, and in n-alkanes (pentane, hexane, heptane, octane)
and in cyclohydrocarbons (cyclopentane, cyclohexane) has been measured [39]. Also, the solubilities
of [emim][PF6] in alcohols (methanol, ethanol, propan-1-ol, propan-2-ol, butan-1-ol, butan-2-ol, tert-
butyl alcohol, and 3-methylbutan-1-ol) was measured [40]. Our liquid–liquid equilibrium (LLE) meas-
urements of [emim][PF6] or [bmim][PF6] have shown mutual solubilities with aliphatic, cyclic, and aro-
matic hydrocarbons, being a function of the chain length of the alkyl substituent at the imidazole ring
[39,40]. The solubility of [emim][PF6] in alcohols decreases with an increase of the molecular weight
of the solvent and is higher in secondary alcohols than in primary alcohols. In every case, with the ex-
ception of methanol, the mutual LLE was observed. The shape of the equilibrium curve was similar for
[emim][PF6] in every alcohol. The observation of upper critical solution temperature (UCST) was lim-
ited by the boiling temperature of the solvent. The solubility of [emim][PF6] and [bmim][PF6] in aro-
matic hydrocarbons and in alcohols decreases with an increase of the molecular weight of the solvent.
The difference in the solubility in o-, m- and p-xylene was not significant. The solubility of [emim][PF6]
in alcohols, with the exception of methanol, show the mutual LLE. Solubility is better in secondary al-
cohols than in primary alcohols. For example, for [emim][PF6], solubilities in methanol and ethanol are
higher than that in aromatic hydrocarbons. The miscibility gap in C3 alcohols is bigger than that in ben-
zene, but comparable with the solubility in toluene; solubility in 3-methyl-butan-1-ol is very low and
similar to ethylbenzene and o-, m-, and p-xylene [39,40]. 

At the same time, the solid–liquid equilibria of 1-butyl-, decyl-, or dodecyl-3-methylimidazolium
chloride [C4, C10, C12 mim][Cl] in alcohols has been measured by the dynamic method [47–50]. The
experimental solid–liquid equilibrium (SLE) phase diagrams investigated for [C4 or C10 or C12
mim][Cl] have shown that the solubility of IL in alcohols decreases with an increase of the carbon chain
of an alcohol from C2 to C8, with the exception of the solubility of [bmim][Cl] in butan-1-ol. The
[bmim][Cl] exhibits the best solubility in butan-1-ol, which can be explained by the best packing effect
in the solution for the same number of carbon atoms in the solvent and butyl substituent at the imida-
zolium ring. Solubility of [bmim][Cl] in longer-chain alcohols is similar to that in octan-1-ol. The liq-
uidus curves of the primary, secondary, and tertiary alcohols exhibit similar shapes. The solubility in-
creases in the order butan-1-ol > butan-2-ol > tert-butyl alcohol [50]. Positive and negative deviations
from the ideality were found, thus, the solubility was higher or partly higher than the ideal one in
ethanol, butan-1-ol, butan-2-ol, and tert-butyl alcohol and was lower than the ideal solubility in other
alcohols. The complete phase diagrams [C4, C10, or C12 mim][Cl] were found to show eutectic behav-
ior for {[C4, C10, or C12 mim][Cl] + tert-butyl alcohol, or decan-1-ol, or dodecan-1-ol} [47,48–50]. The
solubilities of [C12mim][Cl] in hydrocarbons (benzene, octane, decane, dodecane), ethers {dipropyl
ether, methyl 1,1-dimethylethyl ether (MTBE), methyl 1,1-dimethylpropyl ether (MTAE), tetrahydro-
furan, (THF)} have been also measured [51]. The huge influence of the anion {[Cl]–, [PF6]–,
[CH3SO4]–} on the solubility of 1-butyl-3-methylimidazolium salts in dipropyl ether was observed
[51].

The results of solid–liquid equilibria in all of our papers [39,40,47–51] were correlated by means
of the different GE models, mainly by the Wilson equation [52], two modified nonrandom two-liquid
(NRTL) equations [53], and the UNIQUAC ASM equation [54].

The melting point, the glass transition temperature, enthalpy of fusion, and enthalpies of differ-
ent solid–solid phase transitions were determined by the differential scanning calorimetry (DSC) for
every IL under study. 

For a better understanding of the IL behavior and with a view to the application in chemical en-
gineering or the development of thermodynamic models, reliable experimental data are required. Basic

© 2005 IUPAC, Pure and Applied Chemistry 77, 543–557

Solubilities and thermophysical properties of ionic liquids 545



ILs can act as both a hydrogen bond acceptor (anion) and donor (cation) and would be expected to in-
teract with solvents with both accepting and donating sites. On the other hand, polar solvents as alco-
hols are very well known to form hydrogen-bonded net with both high enthalpies and constants of as-
sociation. Hence, they would be expected to stabilize with hydrogen bond donor sites. That was the new
idea of this work—increasing hydrogen-bonding opportunities with the anion by replacement of [Cl]–

and [PF6]– anions by [CH3SO4]– with four atoms of oxygen, or with the cation by adding the alkoxy
group to the alkane chain at the imidazole ring, [C6H13OCH2mim]+.

This work is a continuation of our previous study [47–51], which focused on understanding which
features control the liquid–liquid phase equilibrium of imidazolium-based ILs with different organic
solvents. The characteristics investigated here include the effect of alkyl chain length of the cation
(methyl vs. butyl), the effect of the oxygen substitution on one chain of the cation
([C6H13OCH2mim]+), and the effect of anion ([BF4]– vs. [(CF3SO2)2N]–) or ([PF6]– vs. [CH3SO4]–).

EXPERIMENTAL PROCEDURES AND RESULTS

Materials

The 1,3-dialkylimidazolium hexafluorophosphate [almim][PF6], chloride [almim][Cl], or methylsulfate
[almim][CH3SO4] samples were obtained from Solvent Innovation GmbH, Köln, Germany. The sam-
ple’s purity was ≥98 mass %, and they were used without any purification. The substances were packed
under the nitrogen. The other ILs were synthesized. 1-Hexyloxymethyl-3-methylimidazolium tetra-
fluoroborate, [C6H13OCH2mim][BF4], or bis(trifluoromethylsulfonyl)imide [C6H13OCH2mim]
[(CF3SO2)2N] {[(CF3SO2)2N] = [Tf2N]} were obtained from 1-hexyloxymethyl-3-methylimidazolium
chloride [55,56]. The prepared ILs were characterized by their 1H NMR and 13C NMR spectra.
1H NMR spectra were recorded on a Varian Model XL 300 spectrometer at 300 MHz with tetra-
methylsilane as the standard. 13C NMR spectra were recorded on the same instrument at 75 MHz to
confirm any major impurities. All ILs were cleaned with activated carbon to remove any colored com-
pounds and dried under vacuum at 348.15 K for 48 h to remove organic solvents and water. Analysis
for the water contamination using the Karl–Fischer technique for solvents and ILs showed that the im-
purity in each of the substances was <0.02 mol %. Ionic liquids discussed in this work are presented in
Table 1.

All solvents were delivered from Sigma Aldrich Chemie GmbH, Stenheim, Germany. Before di-
rect use they were fractionally distilled over different drying reagents to the mass fraction purity ≥99.8
mass %. The solvents were stored over freshly activated molecular sieves of type 4 Å (Union Carbide). 
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Table 1 List of imidazolium-based ILs investigated.

1-butyl-3-methylimidazolium chloride [bmim][Cl]

1-ethyl-3-methylimidazolium [emim][PF6]
hexafluoroborate

1-butyl-3-methylimidazolium [bmim][PF6]
hexafluoroborate

1,3-dimethylimidazolium [mmim][CH3SO4]
methylsulfate

1-butyl-3-methylimidazolium [bmim][CH3SO4]
methylsulfate

1-hexyloxymethyl-3-methylimidazolium [C6H13OCH2mim][BF4]
tetrafluoroborate 

1-hexyloxymethyl-3-methylimidazolium [C6H13OCH2mim]
bis(trifluoromethylsulfonyl)imide, [(CF3SO2)2N]=[Tf2N]
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Solid–liquid and liquid–liquid equilibria apparatus measurements 

SLE and LLE temperatures were determined using a dynamic method described in detail previously
[47–51]. Appropriate mixtures of solute and solvent placed under the nitrogen in dry box into a Pyrex
glass cell were heated very slowly (less than 2 K�h–1 near the equilibrium temperature) with continu-
ous stirring inside a cell which was placed in a glass thermostat filled with silicone, oil, or water. The
temperature of the liquid bath was varied slowly until the last crystals disappeared. This temperature
was taken as the temperature of the (solid–liquid) equilibrium in the saturated solution. The crystal dis-
appearance temperatures were detected visually. In LLE measurements, a sample of known composi-
tion was placed in a view-cell and heated until it was one phase. The equilibrium temperature was two
phases (foggy mixture) disappearance in the liquid phase, observed visually during increasing temper-
ature. The observation of the “cloud point” with decreasing temperature was very difficult. The effect
of precooling and kinetics of the phenomenon of binary-phase creation were the reasons that the tem-
perature of “cloud point” was not repeatable during the experiment. The temperature was measured
with an electronic thermometer P 550 (DOSTMANN Electronic GmbH) with the probe totally im-
mersed in the thermostatting liquid. The accuracy of the temperature measurements was judged to be
±0.01 K. Mixtures were prepared by mass, and the uncertainty in the composition was estimated to be
±0.0005 and ±0.5 K in the mole fraction and temperature, respectively. It was found that the solution-
crystallization procedure was quite slow and difficult, thus the solubility measurements were very time-
consuming. The LLE measurements were limited at the upper temperature by the boiling point of the
solvent. 

RESULTS AND DISCUSSION

For this discussion, the LLE for new binary IL–organic solvent systems were determined. The solubil-
ities of [mmim][CH3SO4] or [bmim][CH3SO4] in alcohols, ethers, aromatic hydrocarbons, and heptane
were measured and compared with previously measured [emim][PF6] or [bmim][PF6] data [39–41] or
others salts, published by different authors. The results are shown in Figs. 1–9. 

The ability of a polar anion to create the hydrogen bond with the alcohol significantly increases
the solubilities of IL in solvent. The interaction of methylsulfate [CH3SO4]– anion with alcohols is so
strong that full miscibility was observed for [bmim][CH3SO4] in alcohols from methanol to undecan-
1-ol and [mmim][CH3SO4] in alcohols from methanol to pentan-1-ol at room temperature. Only the bi-
nary systems of [mmim][CH3SO4] with alcohols from hexan-1-ol to undecan-1-ol exhibit UCST. One
can assume that especially unsymmetrical cation [bmim]+ causes the enthalpic effects of miscibility (in
which the strength of interactions play its main role) to be more responsible than entropic effects for
higher A–B interaction than A–A and B–B interaction.

The influence of the cation’s alkyl chain length was observed previously for [BF4]– and [Tf2N]–

anions [57,58] and [PF6]– [39–41,59]. The decrease in the UCST of the system was observed with the
increasing of the alkyl chain length on the cation. For [mmim][CH3SO4] or [bmim] [CH3SO4] in alco-
hols from hexan-1-ol to undecan-1-ol, the same effect was observed. By lengthening the alkyl chain on
the cation from methyl to butyl, complete miscibility was observed. Figure 1 presents the solubility of
[mmim][CH3SO4] in hexan-1-ol and octan-1-ol. The UCST increases as the length of the alkyl chain
of the alcohol increases and was shifted to the higher IL solute mole fraction. For mixtures of
[bmim][PF6], the miscibility gap was observed [41] with general trend of increasing UCST with an in-
creasing alkyl chain length of an alcohol. This trend is consistent with other systems that have been in-
vestigated, including our previous study for [emim][PF6] [40] and the study of [emim][Tf2N] with pri-
mary alcohols [57]; for [bmim][BF4] and [bmim][Tf2N] with primary and secondary alcohols [58]; and
the study of alkylimidazolium ILs with [BF4]– and [PF6]– anions [60]. These differences were shown
for two examples in Fig. 1.
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The comparison of the different IL solubilities is shown in Figs. 1 and 2. The LLE of
[bmim][BF4] and [bmim][Tf2N] with hexan-1-ol [58] is shown in Fig. 1. For these two Ils, the UCST
is 30 K ([bmim][Tf2N]) or even 60 K higher ([bmim][BF4]) than for [mmim][CH3SO4]. The stronger
interaction with solvent was noted with [Tf2N] anion [58]. There is no doubt, however, that four oxy-
gen atoms in [CH3SO4]– anion are responsible for stronger hydrogen bond formation with an alcohol.

Figure 2 presents some results of the solubility of different ILs in butan-1-ol. Solid [bmim][Cl]
exhibits the best solubility in butan-1-ol between alcohols C2–C12 (packing effects) [50], whilst the
other solid IL, [emim][PF6], with very closed melting temperature exhibits the miscibility gap in butan-
1-ol [40]. Melting temperatures are 341.94 K and 332.80 K for [bmim][Cl] and [emim][PF6], respec-
tively, thus, the liquidus curve of [emim][PF6] shows slightly better solubility just below the melting
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Fig. 1 T-x diagram for different ILs (1) in hexan-1-ol: �, [bmim][Tf2N] [58]; �, [bmim][BF4] [58]; �,
[mmim][CH3SO4]; or in octan-1-ol �, [mmim][CH3SO4].

Fig. 2 Solid–liquid and liquid–liquid equilibrium diagrams for different ILs (1) in butan-1-ol: �, [bmim][Tf2N]
[58]; or �, [bmim][BF4] [58]]; or �, [bmim][PF6] [41]; X, [emim][PF6] [40]; +, [emim][Tf2N] [57]; �, [bmim][Cl]
[50]; solid line, calculated by the NRTL1 equation; dotted line, boiling temperature of butan-1-ol.



temperature, but for the other area, the liquidus curve is very flat and two liquid phases were observed
for IL mole fraction from 0.002 to 0.74 (see Fig. 2). Only in methanol, the [emim][PF6] was completely
soluble [40]. The effect of the anion can be discussed by comparing the solubility data for a specific al-
cohol with different ILs having the same cation. Figure 2 presents the increasing solubility (decreasing
UCST point) in the order: [emim][PF6] < [emim][Tf2N] and [bmim][PF6] < [bmim][BF4] <
[bmim][Tf2N]. 

This trend will keep order also for the weaker interactions of IL with the solvent. By changing the
solvent from an alcohol to ether, the limitation of ability to interact with IL through hydrogen bonding
is observed. In ether, the interaction is most likely due to n-π interaction between the oxygen atom of
ether and of imidazolium ring. The possible interaction may be also between the hydrogen at the C2 po-
sition of the imidazole ring, which is known to be the most acidic hydrogen on the ring, and the oxy-
gen atom of the ether. The liquid–liquid equilibria for binary mixtures of [bmim][CH3SO4] in three
ethers: dipropyl ether, dibutyl ether, and MTBE is shown in Fig. 3. Replacing the alcohol by the ether
significantly decreases the solubility at any particular temperature. For [bmim][CH3SO4], changes are
from complete miscibility in alcohols to close full immiscibility in dibutyl ether. Between these three
ethers, the lower UCST of the system was observed for MTBE. This clearly indicates the influence of
inductive effects of methyl substituents on the oxygen atom and possible bigger interaction with IL. The
influence of different anion on the solubility of [bmim][X], where X = [Cl]–, [PF6]–, or [CH3SO4]– in
dipropyl ether has shown that the two liquid–liquid phase areas decrease in the order: [bmim][PF6] >
[bmim][CH3SO4] > [bmim][Cl] [51].

Experimental phase diagrams of SLE and LLE for (IL + aromatic hydrocarbon) mixtures dis-
cussed in this work are characterized mainly by the following: (1) in all cases, huge miscibility gaps
were observed; (2) the mutual solubility of [emim][PF6] in benzene increases with an increase of the
alkyl chain on the imidazole ring ([emim]+ vs. [bmim]+) (see Fig. 4); the same trend is observed for IL
with polar cation [C6H13OCH2mim][BF4] in benzene—the area of immiscibility shifts toward the sol-
vent-rich region; (3) the effect of the anion for [C6H13OCH2mim]+ ([Tf2N] vs. [BF4]) or cation
([bmim]+ vs. [emim]+) is dramatic (see Fig. 4). Greater mutual solubilities were observed for
[C6H13OCH2mim][Tf2N] than for [C6H13OCH2mim][BF4] (see Fig. 4); (4) the influence of the
cation’s alkyl chain length for two ILs in ethylbenzene is presented in Fig. 5; the trend is similar to the
effect observed in alcohols; by lengthening the alkyl chain on the cation from ethyl to butyl
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Fig. 3 T-x diagram for [bmim][CH3SO4] (1) with �, MTBE, or �, dipropyl ether [51], or �, dibutyl ether; dotted
line, boiling temperature of a solvent.



([emim]PF6] vs. [bmim][PF6]) or from methyl to butyl ([mmim][CH3SO4] vs. [bmim][CH3SO4]) the
mutual solubility increases; (5) this trend was also observed for the same ILs in m-xylene (see Figs. 6
and 7); the effect of the alkoxy group of cation on the solubility of IL in m-xylene is the same as in ben-
zene, but the area of immiscibility is two times bigger in m-xylene than in benzene for two different an-
ions (see Figs. 4 and 7); (6) in cyclohexane, this trend is the same (greater mutual solubilities with
[C6H13OCH2mim]+ cation than [emim]+ or [bmim]+ and [Tf2N]– anion than the [BF4]–) anion (see
Fig. 8); the solubility in cyclohexane is much lower than that in aromatic hydrocarbons (benzene, m-xy-
lene) which means that the interaction of IL with solvent is lower; (7) the solubility in n-heptane is sim-
ilar to that in cyclohexane; the mutual solubility is bigger for [bmim][CH3SO4] than for [bmim][PF6];
[C6H13OCH2mim][BF4] is more soluble than [bmim][CH3SO4] (see Fig. 9); (8) the best solubility is
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Fig. 4 Solid–liquid and liquid–liquid equilibrium diagrams for different ILs (1) in benzene: �,
[C6H13OCH2mim][Tf2N], or �, [C6H13OCH2mim][BF4]; or �, [bmim][PF6] [39]; or �, [emim][PF6] [39], solid
line, calculated by the NRTL equation; dotted line, boiling temperature of benzene.

Fig. 5 Solid–liquid and liquid–liquid equilibrium diagrams for different ILs (1) in ethylbenzene: �,
[bmim][CH3SO4], or �, [bmim][PF6] [39]; or �, [emim][PF6] [39]; or �, [mmim][CH3SO4]; solid line, calculated
by the NRTL equation; dotted line, boiling temperature of ethylbenzene.



shown by the [C6H13OCH2mim][Tf2N] in every solvent. The immiscibility gap for alcohols is usually
lower than that in benzene; the solubilities in ethers are comparable with solubilities in cyclohexane and
in heptane. 

Previously, the octan-1-ol/water partition coefficients as a function of temperature and alkyl sub-
stituent have been obtained from the solubilities of [almim][Cl], where al = C4, C8, C10, and C12 in
octan-1-ol and water [48]. The solubility of [almim][Cl], where al = C10, C12 in octan-1-ol is compa-
rable to that of [C4mim][Cl] in octan-1-ol. Liquid at room temperature [C8mim][Cl] is not miscible with
octan-1-ol and water, thus, the LLE was measured in this system. The differences of solubilities in water
for al = C4 and C12 are not very significant [48]. Additionally, the immiscibility region was observed
for the higher concentration of [C10mim][Cl] in water. The intermolecular solute–solvent interaction of
[C4mim][Cl] with water is higher than for other 1-alkyl-3-methylimidazolium chlorides. The values of
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Fig. 6 Solid–liquid and liquid–liquid equilibrium diagrams for different ILs (1) in m-xylene: �, [bmim][CH3SO4],
or �, [bmim][PF6] [39]; or �, [emim][PF6] [39]; or �, [mmim][CH3SO4]; solid line, calculated by the NRTL
equation; dotted line, boiling temperature of m-xylene.

Fig. 7 Solid–liquid and liquid–liquid equilibrium diagrams for different ILs (1) in m-xylene: �,
[C6H13OCH2mim][Tf2N], or �, [C6H13OCH2mim][BF4]; or �, [bmim][PF6] [39]; or �, [emim][PF6] [39], solid
line, calculated by the NRTL equation; dotted line, boiling temperature of m-xylene.



partition coefficient (P) for 1,3-dialkiloimidazolium chloride salts were from 0.48 to 0.73 (at 298.15 K)
while for alkyl-(2-hydroxyethyl)-dimethyl-ammonium bromide salts were from 0.16 to 0.64 (at
298.15 K) [61]. Experimental partition coefficients (log P) are negative in three temperatures, which is
the evidence of the possibility of using these ILs as green solvents. 

Correlation of experimental data

For the LLE, the data obtained for the solvent-rich phases does not authorize to do any calculations in
the area of LLE. In many mixtures it was impossible to detect the equilibrium curve at the IL small mole
fraction area by the visual method. The observation of the liquid–liquid demixing was inhibited by the
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Fig. 8 Solid–liquid and liquid–liquid equilibrium diagrams for different ILs (1) in cyclohexane: �,
[C6H13OCH2mim][Tf2N], or �, [C6H13OCH2mim][BF4]; or �, [bmim][PF6] [39]; or �, [emim][PF6], solid line,
calculated by the NRTL equation; dotted line, boiling temperature of cyclohexane.

Fig. 9 Solid–liquid and liquid–liquid equilibrium diagrams for different ILs (1) in n-heptane: �, [bmim][CH3SO4],
or �, [C6H13OCH2mim][BF4], or �, [bmim][PF6] [39]; or �, [emim][PF6]; dotted line, boiling temperature of
n-heptane.



permanently foggy solution. The spectroscopic or other techniques are necessary in the mixtures under
study. 

The SLE in a mixture of a solid 1 in a liquid may be expressed in a very general manner by eq. 1
[62] 

(1)

where x1, γ1, ∆fusH1, ∆fusCp,1, Tfus,1, and T stand for mole fraction, activity coefficient, enthalpy of fu-
sion (17.86 kJ�mol–1 for [emim][PF6] [39]; 14.057 kJ�mol–1 for [bmim][Cl] [50]), difference in solute
heat capacity between the solid and liquid at the melting temperature (this value is unknown), melting
temperature of the solute (1) (for [emim][PF6] Tfus,1 = 332.80 K [39]; for [bmim][Cl] Tfus,1 = 341.94 K
[50]), and measured equilibrium temperature, respectively. The melting point of [emim][PF6] was re-
ported to be 331–333 K [63] or 335.15 K [22]. The procedure of correlation was described in our pre-
vious papers [39,40,48–51]. In this study, the NTRTL 1 [53] model was used to fit the solute activity
coefficients, γ1 to the so-called correlation equations that describe the Gibbs excess free energy of mix-
ing, (GE), in mixtures with alcohols. The modified form of the NRTL equation proposed by Renon was
presented by Nagata and coworkers [53] by substituting local surface fraction for local mole fraction
and further by including Guggenheim’s combinatorial entropy for athermal mixtures whose molecules
differ in size and shape. The resultant equations involve three adjustable parameters and are extended
to multicomponent systems without adding ternary parameters. The root-mean-square deviation of tem-
perature (σT defined by eq. 2) was used as a measure of the goodness of the solubility correlation

(2)

where n is the number of experimental points (including the melting point) and 2 is the number of ad-
justable parameters. The molar volume, Vm, of pure component at 298.15 K (for the hypothetical sub-
cooled substance at 298.15 K are: for [emim][PF6], Vm = 242.6 cm3�mol–1 [39]; for [bmim][Cl]
Vm = 186.70 cm3�mol–1 [50]. Table 2 lists the results of fitting the solubility curves by the NRTL1 or
NRTL equations together with the values of the parameter α12, a constant of proportionality similar to
the non-randomness constant of the NRTL equations. 

For the systems presented in this table, the description of SLE for alcohols given by the NRTL1
equation was much worse than that for hydrocarbons by NRTL. The average deviation for alcohols is
σT = 2.8 K, [40] whilst for hydrocarbons it is σT = 0.41 K [39]. The correlation of the LLE using the
same parameters from the same models is quite difficult in this work because of the luck of the exper-
imental points in the solvent-rich region. Parameters shown in Table 2 may be helpful for describing the
activity coefficients for any concentration, temperature, and for the description of ternary mixtures.
They are also useful for the complete thermodynamic description of the solution.
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Table 2 Correlation of the SLE data of the {[bmim][Cl] or
[emim][PF6](1) + solvent (2)} binary mixtures by the NRTL
and NRTL 1 equations: values of parameters and measures of
deviations [39,40].

System Parameters Deviations

IL + solvent ∆g12/∆g21 σT
a

J mol–1 K

[bmim][Cl] + butan-1-olb –50364/–8656 2.58
[emim][PF6] + butan-1-olc 2538/–3040 0.67
[emim][PF6] + benzened 2468/184.1 0.76
[emim][PF6] + ethylbenzened –1105/5168 0.09
[emim][PF6] + m-xylened 4734/66421 0.57
[emim][PF6] + cyclohexaned 18982/–7278 0.23

aAccording to eq. 2 in the text. 
bα = 0.3. 
cα = 0.95. 
dα = 0.8.

CONCLUDING REMARKS

ILs can be considered, in the majority of cases, as polar phases with their solvent properties being
mainly determined by the ability of the salt to act as a hydrogen-bond donor and/or acceptor and the de-
gree of localization of the charges on the anions. In most cases, imidazolium-based ILs are highly or-
dered hydrogen-bonded substances and can have strong effects on chemical reactions and processes.
Thus, the ability of IL to form hydrogen bonds or other possible interactions with potential solvents is
an important feature of its behavior. Additionally, ILs are such good hydrogen-bond donors/acceptors
because they are charged, which was mentioned above. Alcohols used in this work are also good hy-
drogen-bond donors/acceptors, but not as good as ILs. Greater interaction was observed for
[C6H13OCH2mim][Tf2N] with benzene, m-xylene, and cyclohexane than for [C6H13OCH2mim][BF4]
with these solvents. We believe this was due to stronger interaction of the [Tf2N] anion than the [BF4]
anion with the solvent. Therefore, the choice of anion can have a huge effect on the phase behavior of
imidazolium ILs not only with alcohols [58], but also with hydrocarbons. The specific interaction with
solvent (between the nitrogens of the imidazole ring and oxygen of the alkoxymethyl group of cation
[C6H13OCH2mim] and benzene ring) diminish the area of immiscibility below 0.2 IL mole fraction (in
benzene and m-xylene), which was shown in Fig. 4.

In polar solvents like alcohols, one can expect stronger interaction with the solvent and possible
ruin of the hydrogen-bonded net equally of the solute and the solvent. Clearly, hydrogen bonding or n-
π, or other interaction of cation or anion of IL with solvent, plays an important role in controlling liq-
uid–liquid and solid–liquid phase behavior of imidazolium-based ILs. However, the existence of the liq-
uid–liquid phase equilibria in these mixtures is the evidence that the interaction between the IL and the
solvent is not significant. 

The ([emim][PF6] + methanol) binary mixture exhibited simple eutectic system [40]. The liq-
uid–liquid phase diagrams for the mixtures under study exhibited USCT. In many mixtures, the obser-
vations of USCT were limited by the boiling temperature of the solvent. Sometimes it was impossible
to detect by the visual method the mutual solubility of ILs with the solvent in the solvent-rich phase.
Such an observation in the solvent-rich region was not possible, for example, for the [emim][PF6] in
butan-2-ol, tert-butanol, and 3-methylbutan-1-ol alcohols [40] and for most of the mixtures with [m or
bmim][CH3SO4] salts. The spectroscopic or other techniques are necessary in the mentioned mixtures. 
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As compared to conventional organic solvents, ILs are much more complex solvents capable of
undergoing many types of interactions. Characterizing them with a single “polarity” term fails to de-
scribe the type and magnitude of individual interactions that make each IL unique.
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