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lonic Liquids

I onic liquids (ILs) are organic salts with melting points near room

Angewandte

temperature (or by convention below 100°C). Recently, their unique

materials and solvent properties and the growing interest in a
sustainable, “green” chemistry has led to an amazing increase in

interest in such salts. A huge number of potential cation and anion

families and their many substitution patterns allows the desired
properties for specific applications to be selected. Because it is
impossible to experimentally investigate even a small fraction of the
potential cation—anion combinations, a molecular-based under-

standing of their properties is crucial. However, the unusual

complexity of their intermolecular interactions renders molecular-
based interpretations difficult, and gives rise to many controversies,
speculations, and even myths about the properties that ILs allegedly

possess. Herein the current knowledge about the molecular founda-

tions of IL behavior is discussed.

1. Introduction

Simple inorganic salts, such as NaCl, melt at very high
temperatures, which render their routine use as solvents for
chemical processing impossible. Salts with organic cations
open a window for the liquid state at more moderate
temperatures. Adopting such ideas, the past decade has seen
the advent of a new class of solvents, referred to as “ionic
liquids” (ILs).! This term describes organic salts that are
liquid at or near room temperature, taking 100°C as an
arbitrary upper limit.

The first report of a room-temperature molten salt,
ethylammonium nitrate, goes back to 1914,”! but subse-
quently, it was not recognized that chemistry in such solvents
could become of widespread interest. Organic chloroalumi-
nates, first mentioned in 1951°! and studied in detail from the
1970s onwards,® are now considered to form the first
generation of ILs. However, owing to rapid hydrolysis, such
salts require an inert-gas atmosphere. In the 1990s it became
increasingly clear that many ion combinations form air- and
water-stable TLs.”! Since then ILs have become increasingly
popular in academia and industry. Because of their low
volality they are being explored as “green” substitutes for
volatile organic solvents. Their unique properties favor
applications in diverse fields, such as synthesis, catalysis,
biocatalysis, separation technology, electrochemistry, analyt-
ical chemistry, and nanotechnology.!'! The unique variability
of the ions often allows the properties of interest to be
imparted, so that ILs are denoted as “designer solvents”. For
example, ILs may be strongly hydrophobic or hydrophilic,
and may not even mix with one another.”! A molecular-based
understanding of their properties should largely facilitate a
rational design.

A molecular-based understanding is a great challenge
because the charge and the molecular and electronic structure
of the ions give rise to a complex interplay of molecular
interactions. Moreover, theoretical analyses often have to be
based on incomplete or uncertain experimental data. Many
physicochemical properties are now well characterized and
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available from public data bases, such as “ILThermo”
managed by the U.S. National Institute of Standards and
Technology. However, some experimental methods, which are
readily applied to molecular liquids, are not easily conducted
with ILs or are even infeasible. Moreover, some well-
established rules and correlations for assessing the properties
of molecular liquids are not easily transferred to ILs.
Altogether, this situation has given rise to controversies,
speculations, and even myths about the properties of ILs.

The aim of this Review is to describe the molecular
foundations of IL behavior. To keep the length manageable,
the Review is highly selective and focuses on major develop-
ments, open problems, and current controversies. In Section 2
there is a discussion of the intermolecular forces and the
resulting structure of ILs. Section 3 gives a summary of the
current knowledge concerning molecular motions in ILs. In
Sections 4 and 5, respectively, the bulk physical properties
and solvent behavior of ILs are considered.

2. The Structure of lonic Liquids

2.1. The lonic Constituents
2.1.1. Representative lons

Scheme 1 defines some important ions and introduces
their abbreviations. Apart from the widely employed 1-alkyl-
3-methylimidazolium ions (I), the most preferred salts are
those with pyrrolidium (II), pyridinium (III), tetraalkylam-
monium (IV), or tetraalkylphosphonium ions (V). There is
now also an increasing interest in cations with functionalized,
for example, polar, fluorinated, or chiral side chains which are
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Scheme 1. Important ions: I: 1-alkyl-3-methylimidazolium ([C,mim]",
C, stands for n-alkyl residues C,H,,); Il: 1,1-dialkylpyrrolidinium
(ICCopyr]™); N1 1-alkylpyridinium ([C,py]™); IV: tetraalkylammonium
(INjl™"); V: tetraalkylphosphonium ([Py]*); VI: bis(trifluoromethane-
sulfonyl)amide ([Tf,N]7); VII: trifluoromethanesulfonate ([TfO]7); VIII:
dicyanimide ([(CN),N]7); IX: tosylate ([OTos]"); X: alkylsulfates
(IC,0504] ).

often optimized for given applications. Such ILs are usually
denoted as “task-specific ionic liquids”. The physical proper-
ties of this new generation of ILs are, however, more-or-less
unexplored.

Among the anions, halides give rise to unfavorable
properties and are strongly hygroscopic. Much work has
focused on salts based on [BF,]™ or [PF]™ ions, but in the
presence of moisture these anions hydrolyze, forming HF
among other things.”’ More complex perfluorated anions,*®¢!
such as bis(trifluoromethanesulfonyl)amide ([Tf,N]~) (VI) or
trifluoromethanesulfonate ([TfO]”) (VII), or halogen-free
ions, such as dicyanimide (VIII), tosylate (IX), or n-alkylsul-
fates (X), are now preferred.!'”) In particular, [T£,N]~ (VI)
forms liquid salts of low viscosity with high thermal and
electrochemical stability.” If [Tf,N] is replaced by its non-
fluorinated homologue, bis(methanesulfonyl)amide, there is a
notable rise in viscosity and a decrease in thermal and
electrochemical stability,® highlighting the advantages of
perfluorated anions.
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2.1.2. Peculiarities of Imidazolium Salts

Among the various IL families 1-alkyl-3-methylimidazo-
lium salts exhibit unique properties which are founded in the
electronic structure of the aromatic cations (Scheme 2). This
electronic structure is best described as comprising a delo-
calized 3-center-4-electron configuration across the N1-C2-
N3 moiety, a double bond between C4 and
C5 at the opposite side of the ring, and a
weak delocalization in the central region.”

cs=c*

1 3
R1/N\\€/Z/N\

The hydrogen atoms C2-H, C4-H, and C5- Me
H carry almost the same charge, but i
carbon C2 is positively charged owing to 1

the electron deficit in the C=N bond,
whereas C4 and C5 are practically neutral.
The resulting acidity of the hydrogen
atoms is the key to understanding of the
properties of these salts.”)

Scheme 2. Deno-
tation and elec-
tronic structure of
1-alkyl-3-methyl-
imidazolium ions.

2.1.3. Conformational Equilibria

In cations, torsional motions of the alkyl groups can give
rise to conformational equilibria. For example, trans-trans-
and trans-gauche-conformations of the n-butyl chain in
[Cymim]" result in different crystalline polymorphs.' Tt is
likely that the coexistence of these conformers significantly
affects the liquid structure and has far-reaching consequences
on the bulk properties of ILs. Hamaguchi and Ozawa"® have
argued that this structure-conformational heterogeneity may
even result in nanostructured fluids.

An example for conformational equilibria of anions is
[T£,N]~, which forms trans- and cis conformers (Scheme 3). In
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Scheme 3. Conformational equilibrium of the [T,N]™ ion (VI) with the
two CF; groups trans (XI) and cis (XIl) to one another.

liquid [C;mim][T£,N] the trans form (XI) prevails,'!! whereas
in the crystal structure the cis conformer (XII) is found.!" The
different steric and electronic environments of the two
conformers are thought have major consequences for the
bulk properties of these salts, and may rationalize their low
melting points and low viscosities.

2.2. lonic Interactions

The molecular interactions between ions result from their
geometry and charge distribution. In simple salts the inter-
actions are controlled by long-range Coulomb forces between

the net charges of the ions. With molecular ions their bulky
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size and asymmetric charge distribution softens the Coulomb
forces and generates highly directional interactions of shorter
range. The interaction potential [Eq. (1)] depends on the
distance r of the ions and a set of angles Q for their mutual
orientation. It comprises terms for electrostatic (U,), induc-
tive (Uyq), and van der Waals (dispersive/repulsive) inter-
actions (U,qw)-

U(r,Q) = Ues(rag) + Uind(rsQ) + UVdW(rvg) (1)

Equation (1) is often supplemented by terms for specific
interactions, for example, interactions between the m-systems
of aromatic rings or hydrogen bonds. For example, hydrogen
bonds may be relevant for the structure of neat ILs as well as
for the interactions of ILs with molecular solutes. However,
such a breakdown into specific and non-specific terms is often
arbitrary. For example, many hydrogen bonds are mainly
electrostatic.

The electrostatic contribution can be further broken down
into terms for interactions between charges, dipole moments,
and higher electrostatic moments [Eq. (2)].

Ues(rvg) :Uion—ion(r) + Uion—dipole(rag)_'_

U dipotedipote (:€2) + Ulionquadarupore (1,€2) - .- &
In molecular liquids, the dipole—dipole contribution forms
the leading term, which, for example, controls the magnitude
of the static dielectric constant (relative dielectric permittiv-
ity) and therefore the solvation capability. The resulting static
dielectric constants for ionic liquids correspond to those of
moderately polar molecular solvents!™! (see also Section 5.1).
The net charge of the particles greatly complicates the
understanding of the electrostatic interactions. The charged
neighbors around a given particle screen its electrostatic
interactions with particles that are located further away. For
simple salts, such as NaCl, the screening of the Coulomb
forces between the net charges of the ions forms the basis of
the understanding of their liquid-phase properties.'Y How-
ever, screening influences all the electrostatic interactions
given in Equation (2). Molecular dynamics (MD) simulations
show that because of this screening, the dipole-ion and
dipole—dipole interactions of a dissolved particle with its
neighbors scarcely exceed two solvation shells."™ Owing to
this localization of the electrostatic interactions it seems
necessary to rethink some basic concepts of solvation, these
concepts are often based on continuum approximations for
the solvent. A first attempt for describing screened inter-
actions in ILs was made by Kobrak.>"

2.3. Salts in the Gaseous Phase
2.3.1. lon Clusters

Among the differences between ILs and molecular
solvents is the practically negligible vapor pressure of ILs,
which, in principle, prevents the experimental characteriza-
tion of the gaseous phase. However, electrospray ionization
mass spectrometry (ESI-MS) has allowed ion clusters to be
isolated and their stability to be studied.'® Such studies have
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identified an array of charged and uncharged ion clusters of
different sizes.

It is now known that at elevated temperatures the vapor
pressure of some ILs is increased sufficiently so that
distillation is possible in their thermally stable range, below
500 K, which opens new perspectives for experiments in the
gaseous phase. Very recently, Armstrong etal.'¥ have
succeeded in evaporating ionic liquids in high vacuum and
analyzing the vapor by mass spectrometric methods. Their
results imply that this vapor only comprises neutral ion pairs
and that the larger charged and uncharged aggregates found
by electrospray mass spectrometry are not present.

2.3.2. The Structure of lon Pairs

The molecular and electronic structure of an ion pair can
be determined by quantum-chemical calculations.”™! The
strong electrostatic interactions result in binding energies up
to 400 kJmol !, which are an order of magnitude larger than
those of pairs of uncharged molecules.

Quantum-chemical computations for the [C,mim]|Cl
pair® indicate several stable positions of the Cl~ ion
(Figure 1). Conformers with the CI™ ion in front of the C2—H

C
Ry — =50 - CH
N D
\ )

Figure 1. Stable positions of Cl™ ions relative to the imidazolium
cation in the ion pair®'*¥ Dashed circles represent in-plane positions,
the solid circle a position on top of (or by symmetry, below) carbon
Cc2.

bond and on top of C2 of the imidazolium ring are energeti-
cally preferred. In-plane positions near C4-H and C5-H are
markedly less stable. The C—H-Cl bridges are essentially
ionic.”

The role of the hydrogen bonds between imidazolium ions
and larger anions is the subject of controversial debate. In the
most stable ion-pair structure of [C,mim][PF,] (Figure 2)!"!
the [PF,]™ ion is placed over the imidazolium ring, with three
fluorine atoms forming a triangle with short contacts to C2-H
and to the hydrogen atoms of the alkyl groups. Similar out-of-

ol
Fal I oF
e
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Figure 2. Most stable cation—anion configuration in [C;mim][PF].
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plane positions are observed for other large anions, such as
[BF,]” and [Tf,N]". Based on criteria such as bond lengths,
bond angles, binding energies, or shifts in vibrational fre-
quencies, the role of C—H:F bonds was assessed to be
negligible,™™ of minor relevance," or essential.'*”!

2.4. The Structure of the Liquid Phase
2.4.1. Scattering Experiments

In contrast to the long-range structural order in crystals,
the phrase “liquid structure” usually refers to local structural
features. However, owing to broad distance distributions in
ILs, the common X-ray- and neutron-scattering techniques
for determining the liquid structure are of limited use. To
date, relevant structure determination experiments were only
conducted by neutron scattering for three 1,3-dimethylimi-
dazolium salts,'"?*21 where selective deuteration of the
cation was used to vary the weight of some contributions,
and where the symmetry of the cation and the absence of
flexible side chains facilitates interpretation.

The most outstanding result of the scattering experiments
is the observation of long-range, charge-ordered structures.
Figure 3 schematically compares the distribution function

r/,&

Figure 3. Schematic comparison of the cation—anion pair distribution
of the ion centers (solid line) with the like-ion (cation—cation or anion—
anion) distributions (dashed line).

g;i(r) for the cation—anion pair with the like-ion (cation—cation
or anion—anion) distribution. Oscillations of up to 20 A (or
beyond) indicate several distinct solvation shells, which
extend over a much longer range than in molecular liquids.
The cation—anion distribution is out of phase with the like-ion
distributions, indicating a strongly charge-ordered structure
with alternating layers of cations and anions.

Local ion configurations are more difficult to extract from
the scattering patterns, and only provide rough information
on ion configurations. Figure 4 shows the cation—-anion
configurations in liquid [C;mim]Cl derived from the scatter-
ing data. The position of highest probability for the Cl~ ion
is in a band around C2-H. There is a lower probability of
finding the Cl™ ion in a cylinder around the imidazolium ring.
This structure is notably different from the preferred posi-
tions of the Cl™ ion in the isolated cation—anion pairs shown in
Figure 1. In homologous salts comprising the larger [PFq] "

www.angewandte.org
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Figure 4. Schematic representation® of the positions of the CI™ ions in
liquid [C;mim]Cl deduced from scattering data.”® The band around
C2-H shows positions of high probability. The cylinder around the
imidazolium ring shows positions of low probability. The methyl
groups exclude some positions within this cylinder.

and [T£,N]~ ions,'! the anions are located above the center of
the imidazolium ring.

It is tempting to derive the liquid structure from the
crystal structure. Combined X-ray and neutron-scattering
experiments of crystalline, glassy, and liquid samples of
[C,mim][PF,] indeed show that the global structural features
of the liquid and solid phases are similar.”?! This situation
does, however, not imply that the local ion configurations are
identical. Moreover, different conformers in the liquid and
solid phases may result in structures which are not related to
one another.!'!

Many interpretations of the bulk properties of imidazo-
lium salts postulate interactions involving the aromatic -
systems of adjacent cations, such as methyl---; interactions,
s~ stacking, or C2-H--m interactions in staggered config-
urations. Although the available scattering experiments for
liquid ILs cannot give information about such interactions,
but some crystal structures suggest their relevance. For
example, in [C;mim][Tf,N] the cations are aligned in layers,
enabling -7 interactions at comparatively short distances.!'?!
Yet, the closest cation—cation contacts are van der Waals
contacts between methyl groups.['!"1!

2.4.2. Computer Simulations

In view of the experimental limitations, computational
methods are crucial for modeling the liquid structure. Starting
with work by Hanke et al.”® there has been an ever-increasing
number of simulations of the structure, dynamics, and bulk
properties of ILs using classical MD methods, which were
recently summarized by Hunt.**l Many of the studies will be
mentioned in later Sections.

The significance of the simulations crucially depends on
the quality of the molecular force field used. There are still
problems in developing predictive and transferable force
fields, this is in part due to the lack experimental data
available, such as enthalpies of vaporization, for an accurate
parameterization.

Decisive information about the liquid structure should
come from ab initio (Car-Parinello-type) quantum-chemical
simulations, in which the electronic structure is continually
revised during the calculation. To date, such simulations were
only conducted for [C;mim]CI®* and are limited to a small
number of ions and to short simulation times.

In total, simulations have provided results for the
structure and bulk properties of many ILs, but most of these
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are imidazolium salts. All simulations confirm a pronounced
long-range charge order of ILs. Some simulations perform
surprisingly well in predicting the structure and bulk proper-
ties of ILs, but as discussed in later Sections, there are many
unresolved issues, for example, in simulating the phase
behavior, viscosity, or electrical conductance.

2.4.3. Hydrogen Bonds in Imidazolium Salts

Controversial experimental and simulation results about
local structures mainly concern the existence and strengths of
hydrogen bonds between cations and anions. While some
authors postulate extended three-dimensional networks of
hydrogen bonds,® others point out that there are no clear-cut
indications for such bonds.”” In part, the controversial
interpretations are founded in different criteria used for
assessing hydrogen-bonded states, which range from require-
ments for bond lengths, bond angles, or frequency shifts in
spectra to empirical correlations and unsubstantiated argu-
ments.

It is widely agreed that hydrogen-bond formation is
favored by the acidic nature of the hydrogen atoms of
imidazolium salts and depend largely on the nature of the
anion. The complexity of this problem is evident from the
structure of [C;mim]Cl shown in Figure 4. It is tempting to
attribute the position of the Cl™ ion to a C—H:--Cl bond, but
the expected linear C—H-Cl configuration is neither con-
firmed by experiment nor by simulations. Moreover, the C—
H--Cl configurations in the liquid state (Figure 4) are differ-
ent from those in isolated pairs (Figure 1). A proper under-
standing of the phenomenon will probably require extensive
quantum-mechanical computations.

The problem of hydrogen bonding between cations and
anions is also crucial for understanding the solvation of
dissolved particles and the transition states in chemical
reactions, because the interaction of a solvating ion with the
solute has to compete with the interaction with the counter-
ions. In particular, it seems possible to control the solvation
capability of ions by varying the counterions.” In Section 5.4
this behavior will be exemplified by considering the nucleo-
philicity of halide ions.

2.4.4. lon Pairs in the Liquid Phase

Another subtle problem concerns the existence of ion
pairs (and larger ion clusters) in the liquid state. The existence
of ion pairs is apparently supported by the electrical
conductance, which does not conform to expectations for
fully dissociated systems.””’ An “ionicity” scale based on
conductance data indeed correlates with features derived
from computations for isolated pairs.*” However, the reduc-
tion of the conductance does not necessarily imply the
existence long-lived ion pairs (see Section 4.6).01]

Some clarification comes from a comparison of results
from spectroscopic methods on different time scales. C—H
vibrations in FT-IR spectra of [C,mim][Tf,N] can be assigned
to ion pairs,P! but IR spectra map processes on the subpico-
second time scale. Dielectric spectroscopy”®* and NMR
spectroscopy®! capture processes on the picosecond-to-nano-

Angew. Chem. Int. Ed. 2008, 47, 654—670

© 2008 Wiley-VCH Verlag GmbH & Co. KGaA, Weinheim

Angewandte

second and microsecond-to-millisecond time scale, respec-
tively. On these time scales no signals of ion pairs are
detectable, which sets an upper bound for their life time at a
few picoseconds.”

Interestingly, in dilute solutions of ILs in CHCl; some ion
pairs are sufficiently long-lived to provide distinct ion-pair
signals in dielectric™® and NMR spectroscopy.®¥ However, in
dilute solutions a given ion is surrounded by a monotonously
decreasing charge density of counterions, the so-called “ion
atmosphere”. These conditions differ drastically from the
oscillating charge density in neat ILs. Thus, the well-estab-
lished concept of ion pairs in electrolyte solutions is not
transferable to neat ionic liquids.

2.5. Phenomena on Mesoscopic Length Scales

Recently, a mesoscopic organization of ILs has become
the subject of debate, which indicates that the morphology of
ILs is far more complex than originally expected on the basis
of the properties of simple inorganic salts. Nanostructures
similar to those observed for concentrated solutions of
surfactants were first proposed by Compton et al.,’ and
were discussed more broadly by Dupont.?! Hamaguchi and
Ozawal'™ have argued that ILs may not be liquids in the
conventional sense, but may rather be considered as meso-
phases.

The most direct evidence for mesoscopic structures comes
from the formation of liquid-crystalline phases of salts with
long alkyl chains, for example, imidazolium salts with alkyl
chains C,> C,,.’? Small-angle X-ray scattering shows that
such structural domains survive in the isotropic liquid above
the clearing point.’®! Crystal structures of salts with shorter
alkyl chains also indicate the presence of structural
domains.””!

Recent work has shown that mesoscopic structures also
exist in ILs with shorter alkyl chains, such as imidazolium salts
with alkyl chains C,> C,. Several MD simulations, notably
that of Canongia Lopes and Padua,™! indicate the presence of
hydrophilic domains that are formed by the head groups of
the cations and anions and of nonpolar domains that are
formed by the alkyl groups. With increasing size of the alkyl
chains these domains grow and begin to link together.’® More
recently, X-ray scattering experiments on 1-alkyl-3-methyl-
imidazolium salts (4 < C, < 10) by Triolo et al.’! have given
direct experimental evidence for such mesoscopic structures.
The scattering patterns show a diffraction peak arising from
structural inhomogeneities on the nanometer scale. The size
of the inhomogeneities is proportional to the length of the
alkyl chains.

In molecular liquids the formation of mesophases is often
driven by the shape anisotropy of the molecules and the
strong orientation dependence of electrostatic and van der
Waals interactions. Dupont®! proposed that mesoscopic
structures in ILs may be driven by a three-dimensional
hydrogen-bonded network. The scattering experiments of
Triolo et al.*! imply that the head groups of the cations and
anions of ILs form a charged matrix, in which the non-polar
domains of alkyl chains are embedded.
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The consequences that these mesoscopic structures have
for the properties of ILs are just beginning to be explored, but
many peculiarities of IL behavior may have a natural
explanation in terms of heterogeneous structures. For exam-
ple, some of the peculiarities in the molecular motions of ILs
discussed in Section 3.2 are typical for dynamic processes in a
heterogeneous environment. Many other phenomena deserve
reconsideration. In particular, the current understanding of
solvation and its impact on chemical reactions is founded in a
more-or-less homogeneous solvent structure. Many models
for solvation describe the solvent as a continuum with the
properties of the macroscopic phase. For dipolar solvents such
continuum descriptions are remarkably successful, but none
of these models can be easily transferred to ILs.

Other possible consequences concern diffusion-controlled
chemical reactions in ILs. There are many indications, for
example from studies of gas solubilities, ™! that the liquid
structure of ILs has large cavities. Channels in mesoscopic
domains should favor fast diffusion of small particles, with the
solvent acting like a polymer matrix. There are indeed
examples for such fast diffusion-controlled chemical reac-
tions.*!) On the other hand, larger molecules and transition
complexes have to break a pronounced solvent structure,
which is enthalpically highly unfavorable, but may be
compensated by strong entropic effects. Harper and
Kobrak™® have quoted examples in which the outcome and
the rate of reactions have been ascribed to peculiar enthalpic
and entropic effects associated with the formation of tran-
sition states.

3. Molecular Motions in lonic Liquids
3.1. Experimental Methods for Studying Molecular Motions

Just as important as the knowledge of the structure, is the
characterization of the molecular motions of the ions. In low-
viscosity ILs the elementary steps of the molecular motions
range from femtoseconds to nanoseconds. Table 1 lists some
important experimental techniques for probing dynamic
processes. Dielectric spectroscopy in the microwavel* ¥4

Table 1: Spectroscopic methods for studying molecular motions in ILs.

Method Dynamical process Ref.
microwave dielectric spectros-  fluctuation of electric [32,33,42]
copy dipole moments

dielectric spectroscopy in the  fluctuation of electric [43]

terahertz regime
optical Kerr effect (OKE) spec-
troscopy

dipole moments
fluctuation of the polariz-  [44]
ability anisotropy

nuclear magnetic relaxation reorientational dynamics  [45,46]
of ions

quasi-elastic neutron scattering motions of hydrogen [47]
atoms

electron spin resonance mobility of spin labels [48]

time-resolved fluorescence solvation dynamics [49]

spectroscopy

ultrafast time-resolved fluores- fast solvation dynamics [50]

cence spectroscopy
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and far-infrared™®! regime, optical Kerr effect (OKE) spec-
troscopy,™ nuclear magnetic relaxation (NMR),*%! and
quasi-elastic neutron scattering (QENS)*! can be used to
study molecular motions in neat ionic liquids. Other methods
require dissolved probe molecules. An example is electron
spin resonance (ESR) which uses spin labels, such as the
nitroxide radical TEMPO (XIII) and its derivates
(Scheme 4).141

o]

XIII

Scheme 4. 2,2,6,6-tetramethylpiperidine-1-oxyl (TEMPO).

In addition, there is particular interest in photophysical
methods, such as time-resolved fluorescence spectroscopy,
often referred to as “solvation spectroscopy”.*> This
method maps the solvent reorganization around a solvato-
chromic probe after a sudden change of the probe’s dipole
moment through excitation of the probe by a photon. This
reorganization is central to the understanding of some
solvent-controlled chemical reactions. Scheme 5 compiles
some typical solvatochromic probes. A comprehensive dis-
cussion of such studies has recently been given by Samanta."

Whereas the methods mentioned so far use stable
molecules as probes, it is also possible to generate transient
intermediates by electrochemical methods, pulse radiolysis, or
UV-excitation, which can be used to probe the dynamic
properties of their environment.’ In such studies the effects
of solvation dynamics are, however, often masked by
chemical processes.

Although the methods listed in Table 1 reflect rotational
motions of the ions or have rotational and translational
components, experimental information on the mechanisms of
purely translational motions is scarce. There is extensive data
for self-diffusion coefficients” (see section 4.5) measured by
nuclear magnetic resonance spectroscopic methods. The
observation time of microseconds to milliseconds of such
experiments is, however, too long to provide information on
the elementary steps of translational diffusion. Rather, the
long-time diffusive behavior given by the Einstein relation
[Eq. (3)] is detected where (r*) is the mean-square displace-
ment of the ions after time ¢.

<I’2> :6Dionl (3)
3.2. Molecular Motions in the Liquid Phase
3.2.1. Diffusive Dynamics

The spectrum of molecular motions in low-viscosity ILs
extends from “ultrafast” processes on the time scale of
femtoseconds to diffusive motions on the nanosecond scale.

In supercooled systems the time scale for the diffusive regime
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Scheme 5. Solvatochromic probes: XIV: betaine-30; XV: coumarine-
153; XVI: prodane; XVII: 4-AP (4-aminophtalimide); XVIII: DCS (4-
dimethylamino-4'-cyanostilbene).

may be displaced by many orders of magnitude and be up to
seconds or even longer.*”

In simple molecular liquids, diffusive rate processes, such
as molecular reorientation, show simple kinetics character-
ized by exponential relaxation functions of the form given in
Equation (4) where 7, is denoted as “Debye relaxation time”.
In contrast, ILs generally show a strongly non-exponential
dynamics, as indicated by all the experimental methods listed
in Table 1, provided that these methods allow for an adequate
time resolution.

(1) = exp(—t/p) )

There is some disagreement on the physical origin of this
behavior. In spite of the comparatively low viscosities of the
ILs under test, the spectra are reminiscent of the dynamics of
glassy materials.F>#"%*! The latter show a broad distribution
of diffusive processes, usually described by the Kohlrausch—
Williams-Watts (KWW) stretched exponential function
[Eq. (5)]°* with stretching exponents B <1 where Tyww is
the so-called KWW relaxation time. In glassy systems this
non-exponential dynamic is attributed to dynamic processes
occurring in spatially heterogeneous states.”® The existence
of spatial heterogeneities in ILs suggested by small -values is
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consistent with the mesoscopic structures discussed in Sec-
tion 2.5.

D(1) = exp{(~t/Tcww)"} )

In many cases the measured relaxation times provide
information about the reorientational motions of ions. Within
simple hydrodynamic models, the reorientation times
should be proportional to /T, where 7 is the viscosity of the
surrounding medium. This dependency has indeed been
observed over a wide temperature range.!! In contrast to
the situation encountered in molecular liquids, there is some
evidencel>*! that reorientation times are largely overesti-
mated by hydrodynamic estimates.

3.2.2. Ultrafast Processes

Owing to their key role in the short-time motions in
chemical reaction dynamics, large efforts have been made to
experimentally characterize ultrafast motions at the subpico-
second time scale. In neat ionic liquids such processes are
preferably studied by optical Kerr effect (OKE) spectroscopy,
which provides femtosecond time resolution.*! In addition
the past decade has seen the development of terahertz (THz)
spectroscopic methods which extend dielectric spectroscopy
to higher frequencies. For ILs terahertz spectroscopy is just
beginning to be explored.®” OKE and THz spectroscopy
provide evidence for intermolecular vibrations and librational
motions of ions in the cage formed by their neighbors.
Qualitative information on the existence of such processes
can also be deduced from high-frequency extrapolations of
microwave dielectric spectra.’” In dipolar aprotic liquids,
pronounced high-frequency processes that contribute to the
dielectric spectra are scarce.

3.2.3. Solvation Dynamics

As noted above, solvation spectroscopy provides infor-
mation on the reorganization of the solvent around a
solvatochromic probe (Scheme 5) after excitation of the
probe’s dipole moment with a photon. In electron- and
proton-transfer reactions, this reorganization controls the rate
of the chemical reactions, but in principle, solvent reorgan-
ization concerns all reactions involving polar transition
states.™

Like the other spectroscopic methods, solvation spectra
indicate a broadly distributed diffusive dynamic.*’) Recently,
experiments could be extended to include ultrafast solvation
dynamics.®™” The magnitude of these ultrafast processes is
very sensitive to the nature of the cations and anions.
Simulations® ascribe the ultrafast processes to jitter motions
of the ions in the solvation sphere of the solvatochromic
probes.

In total, the spectroscopic data show an unusually broad
spectrum of dynamic processes in ILs, which has no analogues
in molecular liquids of comparable viscosity. A possible
rationale for the broad distribution of dynamics is the
heterogeneity of the ILs, which is in accord with the
mesoscopic structures of ILs discussed in Section 2.5.
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4. Macroscopic Properties of lonic Liquids
4.1. Melting Behavior

In applications, the utility of an IL largely depends on its
melting temperature. The accurate determination of the
melting temperature is often difficult because many ILs
tend to undergo supercooling and glass formation. Unfortu-
nately, there are no clear-cut features that would enable
discrimination between glass formers and salts showing
defined melting points. A study of the liquid, amorphous,
and polymorphous crystalline states of [C,mim][PF;] shows
that intrinsic properties, such as conformational equilibria,
solid polymorphism, or high viscosities, as well as experimen-
tal factors, such as a cooling rates, may be relevant for
supercooling behavior.??

An increase in size, anisotropy, and internal flexibility of
the ions should lower the melting temperature, 7,,, whereas
increasing dispersive interactions between alkyl chains,
should increase T7,,. This expectation is, for example, in
agreement with results for homologous imidazolium salts with
the [BF,] ion.*® Cations with short alkyl chains (C, < 3) form
crystalline phases with comparatively high melting temper-
atures. Salts with alkyl chains of intermediate lengths (4 <
C,<12) exhibit a broad liquid range with low melting
temperatures, and a pronounced tendency to supercool.
Ions with long alkyl chains (C,>12) result in complex
phase diagrams, involving liquid-crystalline phases. The
effects of anions are more difficult to rationalize, and seem
to depend on the electronic structure of the anion and its
ability to for hydrogen bonds.

Reliable melting point predictions form a key for the
rational design of ILs. From the many attempts to understand
the melting behavior, two approaches are selected: First,
“quantitative structure—property relationship” (QSPR) meth-
ods were used to correlate 7,, with “molecular descriptors”
derived from quantum-mechanical computations.”® QSPR
methods are used in many fields of chemistry for data
correlation and prediction. However, for calibration, such
correlations need melting-point data for the IL family under
test. Second, melting temperatures were also derived from
thermodynamic cycles. Krossing et al.®” have used the Born-
Haber-Fajans cycle for calculating the molar Gibbs energy of
fusion Ag,G,,, and its enthalpic and entropic contributions,
ApsHy, and Ag S, given by Equation (6). At the melting
temperature A, G,, is zero.

ApsGrm = ApsHin =T Ay Sy (6)

This rigorous cycle sketched in Scheme 6 relates Ay, G, to
the lattice Gibbs energy for the sublimation of the ions
(A.«Gn) and the Gibbs energy of solvation (A, G,,) for the
transfer of ions from the gas phase into the liquid medium.
The lattice terms were estimated by a combination of
quantum-chemical calculations and thermodynamic approx-
imations. The solvation terms were calculated by the COSMO
solvation model,’® which assumes a dielectric medium
around a gas-phase structure of the ion, and minimizes the
energy of the ions within this medium. The Born-Haber-
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Scheme 6. Born—Fajans—Haber cycle for calculating the molar Gibbs
energy of fusion, A,G,,, from the lattice Gibbs energy, A,4G,,, and the
Gibbs energy of solvation, A,,G. The indexes (s), (I), and (g) refer to
the solid, liquid, and gaseous states, respectively.

Fajans cycle model provides basic insights into the processes
controlling the melting transition.

4.2. Vapor Pressure and Boiling Temperature

From the applications point of view, the vapor pressures of
ILs are negligible, which facilitates their handling as solvents
and forms one the foundations of the “green” nature of ILs. In
fact, at room temperature the vapor pressures of ILs are too
low to be detected. Eventually, at high temperatures the
vapor pressure should become detectable, but in the high-
temperature regime the thermal stability of ILs is of concern.

Thermogravimetric analyses of the mass loss upon heating
locate the onset of thermal decomposition of many ILs at
700 K. However, for most applications the results of fast
thermogravimetric scans under a protective atmosphere are
of little relevance. At more realistic conditions and over
longer times, ILs will not tolerate such high temperatures.
How an IL behaves, varies with the specific cation-anion
combination. Thus, [C;mim][Tf,N] is thermally stable for 10 h
at 473 K, whereas substitution of [C,mim]* by [C;;mim]* and
of [TE,N]™ by [PF] ™ led to degradation.!

Salts of the [C,mim][Tf,N] series should be of sufficient
thermal stability to enable studies up to about 600 K. Within a
short time three studies have appeared which demonstrate
and exploit a measurable vapor pressure of these salts. First,
Earle et al.'”! have shown that some ILs can be evaporated
and recondensed below 500 K. Shortly thereafter, Zaitsau
etal® reported the first experimental results for vapor
pressures obtained by a Knudsen-type effusion method. The
vapor pressures measured by Zaitsau et al.l*) at about 450
530 K are of the order of 10~® to 1077 bar. Finally, Armstrong
etall™ have succeeded in evaporating ILs under high
vacuum, and in analyzing the vapor phase by mass spectrom-
etry. Their experiments show that the thermal transfer of ILs
into the gaseous phase occurs only via neutral ion pairs. Free
ions and larger charged or uncharged ion clusters are not
relevant in the gas phase.

Extrapolation of the vapor pressure curves to atmospheric
pressure yields hypothetical boiling temperatures of 850—
930 K (Table 2).! In the past there have been many attempts
to assess the boiling temperatures of ILs. In particular, an
analysis of the temperature dependence of the surface
tension!! based on the Eo6tvos rule should be mentioned.
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Table 2: Molar enthalpy of vaporization, A,,,H>® and extrapolated
normal boiling temperatures, T, of ILs at 298 K.

Aoy [k mol™] Ty [K]
IL ref. [60] ref. [64] ref. [18] ref. [60]
[C,mim][TF,N] 1353 136 134 907
[Comim][TEN] 136.2 155 134 933
[Cemim][TE,N] 139.8 173 139 885
[Cemim][TE,N] 150.0 192 149 857

For molecular liquids this rule yields excellent estimates of
the critical temperature and normal boiling temperature. For
ILs the estimated boiling temperatures are, however, almost
300 K lower than the values deduced from the vapor-pressure
curves. The failure may be caused by a pronounced orienta-
tional order of the ions at the liquid—vapor interface./>®! The
discrepancies illustrate the large difficulties in transcribing
rules developed for molecular liquids to ILs.

4.3. Enthalpy of Vaporization and Cohesive Energy Density

The analysis of the vapor-pressure curves®! provides
molar enthalpies and entropies of vaporization, which can be
extrapolated to 298 K. Owing to the strong ionic interactions,
the enthalpies of vaporization (A,,H.") summarized in
Table 2, are by almost an order of magnitude higher than
the typical values for molecular liquids. On the other hand,
these values are substantially lower than the values of up to
300 kJmol ™" occasionally quoted in the literature./*"

Meanwhile, further experimental data on enthalpies of
vaporization have been reported. Table 2 summarizes the
available results. Results obtained by a microcalorimetric
method by Santos et al.® are markedly larger than those
deduced form the vapor-pressure curves. In contrast, results
obtained by mass spectrometry by Armstrong et al.'® agree
excellently with the results of vapor-pressure measurements.

The enthalpy of vaporization (A,,,H,,) is an important
ingredient in the thermodynamic modeling of equations of
state for neat ILs and mixtures, and forms an important
measure for molecular interactions in the liquid state.
Equation (7) relates A,,,H,, to the cohesive energy density
A,,, UV, of the liquid phase, where A,,,U,, denotes the molar
energy of vaporization, V,, the molar volume of the liquid
phase and R the gas constant. The cohesive energy density is

often expressed in terms of Hildebrand’s solubility parameter
0.1

AvapUm 2 Ava\pl—lmflerr
v, ¢ Vi ™

1R

For molecular liquids ¢ correlates with many thermody-
namic, kinetic, and spectroscopic properties. Such correla-
tions were transcribed to ILs, deducing A,,,H,, from rate
constants of solvent-controlled chemical reactions® and
viscosity data.”” Both methods provide values of A,,,H,, of
the order of 200 kJ mol ', which are markedly higher than the
actual values. Accurate values for the enthalpy of vapor-
ization are crucial for the calibration and validation of
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molecular force fields.” However, the remaining discrep-
ancies in Table 2 still prevent the use of enthalpies of
vaporization for parameterization.

4.4. Transport Coefficients
4.4.1. Viscosity

The viscosity, 7, of an IL is one of the most important
materials properties because high viscosities form barriers for
many applications and slow down the rate of diffusion-
controlled chemical reactions. Many ILs form highly viscous
oils. The lowest viscosity observed to date at 298 K (7 =21 cP
for [C,mim][(CN),N]) is still more than twenty times that of
water. In the synthesis of novel ILs, the search for low-
viscosity systems plays an essential role.

Figure 5 shows the temperature dependence of the
viscosity of two typical salts in a logarithmic plot of # versus

[Cymim][PF;]

[C,mim][BF,]

10 T T T T 1
28 3.0 32 34 3.6

10377kt —

Figure 5. Temperature dependence of the viscosity of [C,;mim][PF,] and
[Comim][BF,].*

the inverse temperature 1/7. Simple liquids follow the
Arrhenius law, according to which this plot yields a straight
line. The curvatures in Figure 5 are usually described by the
Vogel-Fulcher-Tammann (VFT) equation [Eq.(8)] which
comprises three adjustable constants A, B, and 7. The
equation also applies to other transport properties, such as
self-diffusion coefficients, D, of the ions, the electrical
conductivity, o, and some microscopic relaxation times, 7.
The plus sign applies to 77 and 7, the minus sign to D and o. The
temperature 7, at which the transport coefficients extrapolate
to infinity is denoted as the ideal glass-transition temperature.
For molecular liquids and ILs 7 is 30-60 K below the
calorimetric glass transition temperature 7,.**7"7! In some
models 7, is given physical significance, for example as the
temperature of structural arrest.

X =Aexp(£B/(T-T,)) X =n,D, 0,7 (8)

Deviations from Arrhenius-type behavior provide clas-
sification into “fragile glass formers”, for which #(T) strongly
deviates from Arrhenius behavior and “strong glass formers”,
where Arrhenius behavior is obeyed. ILs show fragile or
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intermediate behavior.””! In models for the glass transition
the observed deviations from Arrhenius behavior are con-
sistent with the non-exponential dynamics of ILs, but do not
explain why this strongly non-exponential dynamic persists to
low viscosities. An analysis of the pressure dependence of the
viscosity”"! reveals notable differences to the typical behavior
of molecular liquids.

Simulations of the viscosity are difficult and are just
beginning to be explored.”*™ It is therefore interesting to
look for simple models for transport processes which may
serve for data prediction. Evidence for voids in the liquid
structure suggests using free-volume or hole models. In this
spirit, Abbott”! has applied an old hole model by Fiirth.
However, for simple molten salts this model was rejected.” Tt
is therefore not clear what the remarkable success of Abbott’s
model is telling about the molecular mechanisms of transport.

In diffusion-controlled chemical reactions the rate con-
stant should be inversely proportional to the viscosity of the
solvent. Because of the high solvent viscosity many chemical
reactions are slower in ILs than in molecular solvents, such as
water, alcohols, or acetonitrile. In practice, diffusion-con-
trolled processes are usually identified by measuring the
temperature dependence of the rate constant because the
activation energy of a diffusion-controlled chemical reaction
is expected to be equal to the activation energy of the
viscosity.["!

For diffusion-controlled reactions involving small parti-
cles, the experimentally observed rate constants are often
distinctly higher than those predicted by simple theories.
Clearly, in these cases solute diffusion occurs in channels and
voids of the IL structure, and the local friction is insufficiently
described by the bulk viscosity. Examples are reactions
involving small radicals generated by electrochemical reac-
tions,” or by pulse radiolysis.l""! One striking feature is that
only the diffusion of small uncharged particles occurs in voids,
the diffusion of charged particles of the same size requires a
reorganization of the surrounding solvent structure.“*

4.4.2. lon Diffusion

In low-viscosity ILs at 298 K, the self-diffusion coeffi-
cients of the cations and anions are of the order of D
~10"" m*s™!, compared to D ~107°-10""m?s™" for simple
molecular liquids.”! The difference essentially reflects the
higher viscosity of ILs.

The diffusion—viscosity relationship is often described by
the Stokes-Einstein (SE) equation [Eq. (9) where k; is the
Boltzmann constant] for the diffusion of a sphere of radius r in
a hydrodynamic continuum of viscosity 7.

D =k T/Emnr )

The coupling factor 4 <& <6 accounts for the different
hydrodynamic boundary conditions at the interface between
the diffusing sphere and the viscous medium.

Qualitatively, Equation (9) has been tested for a variety of
salts with some success.”” However, more recent data for the
temperature dependence of the self-diffusion coefficients
show physically significant deviations."” Instead of obeying
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Equation (9), the data indicate a fractional Stokes—Einstein
behavior of the form given by Equation (10) with exponents
m<1, for example m~0.7.7" In glassy dynamics such
deviations are well-known, and their extent seems to be
closely coupled to the non-exponential relaxation dynamics
described by Kohlrausch exponents 3 < 1 in Equation (5)."”

D o (T/m)" (10)

For molecular liquids, the self-diffusion coefficient is a
standard quantity and is often used to validate the quality of
the force fields. The usual procedure is to calculate the self-
diffusion coefficient from the mean-square displacement of
the ions (r(¢)?) at long times ¢, where (r(f)*) has a linear
dependence on time, so that Equation (3) becomes valid.
However, in many simulations, the computed self-diffusion
coefficients are strongly underestimated in comparison to
experimental data.”"! This deviation may in part be due to a
deficiency in the force fields. However, noting the high
viscosity of many ILs, the deficit may also reflect simulation
runs that are too short and which do not reach the true
asymptotic behavior of (r(¢)?).

4.4.3. Electrical Conductance

Near room temperature, low-viscosity ILs show electrical
conductivities, o, up to 1072 Scm™!, which markedly increase
at high temperatures, and compare well with conductivities of
some electrolyte solutions used in electrochemistry. In con-
junction with an unusually high electrochemical stability of
ILs, this conductivity enables innovative electrochemical
processes.[147°!

The Nernst-Einstein (NE) equation [Eq. (11)] relates the
molar conductance /1 =0o/C to the self-diffusion coefficients
of the ions where C is the molar concentration of the salt and
F the Faraday constant.

2

ANe = 55 (Dcalion + Danion) (11)

This expression would hold rigorously, if the ions were
moving independently from one another. A reduction of the
conductance relative to the prediction by Equation (11), that
is, A < Axg, can be rationalized by a coupled motion of cations
and anions in electrically neutral configurations, in which the
ions contribute to diffusion, but not to the electrical
conductance. Values of A/Ayg <1 were indeed observed a
long time ago for molten alkali halides™ and in 1990 similar
results were reported for some tetraalkylammonium tetraal-
kylborides.® Meanwhile this reduction in electrical conduc-
tance is well established for many ILs.””! Often, about half of
the ions apparently do not contribute to the electrical
conductance.

In view of the current debate about the existence of ion
pairs in the liquid phase, a proper understanding of the
deviations from Equation (11) is mandatory. Because the
reduction in conductance reflects collective motions of ions in
aggregates, MD simulations are difficult. Although such
simulations were reported for NaCl as early as 1975, they
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are just beginning to be explored for ILs.” The results
available to date show that the reduction in conductance does
not require the existence of long-lived ion pairs. Rather, it
results from short-lived neutral configurations of ions. This
situation confirms the observations regarding the life time of
ion pairs discussed in Section 2.4.

5. Solvent Properties of lonic Liquids
5.1. Static Dielectric Constant

When selecting the solvent for a given application, the
polarity often forms the most important criterion because it
describes the global solvation capability of the solvent. The
solvation capability reflects a complex interplay of molecular
interactions. Because different experimental methods high-
light different facets of these interactions, many method-
dependent polarity scales exist, ranging from one-parameter
representations to multiparameter approaches based on
“linear free energy relationships”.

For molecular liquids the relative dielectric permittivity,
&g, usually denoted as the static dielectric constant, is a key
quantity for describing the solvent polarity. Many approaches
for describing solvation describe the solvent as a dielectric
continuum with the dielectric constant of the bulk liquid &
Because of the electrical conductance of ILs, conventional
methods for measuring &g fail. The dielectric constant of ILs
was therefore widely believed to be immeasurable. However,
it is long known that dielectric constants of electrolyte
solutions can be determined by measuring the frequency-
dependent dielectric permittivity and subsequent extrapola-
tion to zero frequency. For low-viscosity systems this fre-
quency dependence falls into the frequency range of about
100 MHz to 20 GHz,*>*! which is covered by microwave
spectroscopy. In the case of ILs, this method was first applied
to ethylammonium nitrate.®”

Table 3 summarizes some dielectric constants of imidazo-
lium salts."*®! The data classify ILs as moderately polar

Table 3: Dielectric constants of some imidazolium salts at 298.15 K.['*!

Cation [BF~  [PF~  [TFN]”  [TfO]”  [EtOSO;]
[Cmim]* 129 123 15.1 27.9
[C;mim]* 1.6

[Comim]* 117 11.4 1.6 13.2

[Csmim]* 1.4

solvents, in particular, if the dipolar cations are paired with
anions of vanishing or low dipole moment, such as [BF,]”
[PF¢], or [Tf,N] . For a given anion the values are remarkably
insensitive to the nature of the cation. In general, & is lower
than values derived from other measures of assessing the
polarity.™ Anions with high dipole moments, for example
alkylsulfates, may cause a marked increase of &s.
Simulations of dielectric behavior are exceedingly diffi-
cult because dielectric phenomena reflect a collective prop-
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erty of the total assembly of particles rather than a single-
particle property. The only simulation available to date shows
that the dielectric polarization results mainly from the
orientational polarization of dipolar ions.’”! Thus, the mech-
anism responsible for the dielectric behavior does not seem to
be notably different from that encountered in molecular
liquids. The comparatively low values of ¢ just reflect the
trivial effect that the large molecular volumes of the ions give
rise to low dipole densities. Even at low dipole density, high
dielectric constants may, however, be achieved if the dipoles
are aligned parallel to each other. The simulations show that
the charge-ordering in ILs does not result in such “super-
polar” structures.

5.2. Spectroscopic Methods for Determining the Solvent Polarity

Table 4 summarizes some representative examples of
studies of the solvent polarity of ILs. These comprise
spectroscopic methods, liquid-liquid and liquid—-gas distribu-
tion equilibria, and methods which map the polarity by means
of solvent effects upon chemical reactions.

Table 4: Some methods for characterizing the solvent polarity of ILs.

Method Ref.
dielectric constant [13]
UV/Vis and fluorescence spectra of solvatochromic dyes [82-86]
IR and Raman spectra of dissolved molecules [87]
electron spin resonance of spin labels [48]
combined analysis of spectra of several solvatochromic dyes  [28,89]
liquid—liquid distribution coefficients [90]
inverse gas chromatography [97]
solvent effects upon chemical reactions [28,96]

Most studies of the solvent polarity of ILs have relied on
spectroscopic techniques. The most prominent polarity scale
is based on the solvatochromic shift of the low-frequency
band in the Vis absorption spectrum of Reichardt’s zwitter-
ionic dye betaine-30 (XIV; Scheme 5).®"! This shift can be
expressed in terms of a normalized polarity parameter, EY,
which is set at one for water and zero for tetramethylsilane.
EY values for ILs have been compiled by Reichardt.”l A
recent theoretical study of the origin of these shifts was
presented by Cavivato et al.®!

Selected E7 values in Table 5 along with results obtained
with other dyes® attribute ILs with a polarity similar to that
of methanol, acetonitrile, or DMSO, which is markedly higher
than that assessed from dielectric constants. Quantum-
chemical computations®™ and simulations!™ show that the
negatively charged phenolate oxygen of the zwitterion XIV
forms hydrogen bonds to cations, whereas the delocalization
of the positive charge over the aromatic rings reduces
interactions with anions. The fluorescence bands of polycylcic
aromatic hydrocarbons, such as the m-m* emission of
pyrene,®™ mimic the dielectric behavior more directly
because the IL-dye interaction is essentially electrostatic.
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Table 5: Normalized solvatochromic shift EY®2%1 and polarity parameters m* for ILs compared to

H. Weingartner

5.3. Distribution Equilibria

values for representative molecular liquids. Values in italics are fixed by convention.

lonic liquids Molecular liquids Another approach attempts to
& EY T & E} w*  assess the polarity by liquid-
s s 1[90] o [o1] i

[C,mim]BF] 129  0.710 water 784 1 100 liquid™ or liquid-gas™ partition-

[C,mim][TEN] 123 0.676 DMSO 46.7 0.444 1 ing. In particular, gas chromatogra-

[C,mim][BF,] 1.7 0.673 1.047 ethanol 243 0.654 0.54 phy with ILs as the stationary phase

[Cymim][PF] 11.4 0.667 1.032 dichloromethane 9.1 0.309 (inverse GC) has enabled their

[Csmim][T,N] 11.6 0.642 0.984 cyclohexane 2.0 0.006 0.73  jpteractions with molecular solvents
[C4mim][TfO] 132 0667  1.006 T™S 192 0 0

to be studied.”"! A model by Abra-

A detailed analysis of the spectral shift is available for
coumarine-153 (XVI), in which both absorption and emission
can be observed in fluorescence experiments.® The Stokes
shift determined in these experiments provides information
about the Gibbs energy of solvation, Ay,,G, and the solvent
reorganization energy, A, resulting from the electronic exci-
tation (S,7S,) of the dye. In dipolar solvents these energetics
are well described by dielectric continuum approaches, which,
among other things, predict a proportionality of A, G to the
so-called reaction field factor f= (es—1)/(es+2), thus provid-
ing an relationship to the dielectric constant &g of the solvent.
An analysis of about 20 ILs by Jin et al.®™ shows that this
well-established correlation for dipolar solvents cannot be
transcribed to ILs.

In addition to solvatochromic shifts, a multitude of other
spectroscopic parameters can be used to probe the polarity of
ILs. Typical examples are IR and Raman modes of dissolved
molecules®™ or the ESR signal of spin labels, such as the
nitroxide radical TEMPO (XIII) and its derivatives
(Scheme 4),! in which the N hyperfine coupling constant
can serve as a polarity probe.

The popular classification of molecular liquids into
dipolar aprotic and polar protic solvents suggests breaking
down the polarity into components. A well-known approach
by Kamlet, Abboud, and Taft®™ uses a combination of
different dyes to break the solvatochromic shift down into
contributions of different interactions. Crowhurst et al.”®
have applied this method to ILs. Oehlke etal.®! have
optimized the dyes to specifically map the various contribu-
tions.

In the present context, the dipolarity parameter st* listed
in Table 5 is of special interest because this parameter maps
electrostatic interactions that are also captured by the
dielectric constant. m* is normalized to zero for cyclohexane
and to one for DMSO. The values obtained for ILs are
distinctly higher than those for dipolar solvents, which
contradicts the behavior of the dielectric constant. Because
mt* reflects the ability to induce a dipole moment in the probe
molecule, t* should, among other things, reflect interactions
of the probe molecules with the net charges of the ions. This
contribution, which is not encountered in molecular liquids,
may rationalize the consistently high =t* values for ILs.
However, this additional mechanism also implies that con-
cepts for rationalizing the polarity of molecular liquids are not
easily transferable to ILs.

www.angewandte.org

© 2008 Wiley-VCH Verlag GmbH & Co. KGaA, Weinheim

ham!” was used to asses different

contributions to the polarity of
ILs.”! Compared to the dielectric constant, the resulting
dipolarity parameters®! are unexpectedly high.

The solute-IL interaction observed by GC can be
quantitatively expressed in terms of the limiting activity
coefficient, y;°, of the solute i at infinite dilution (index “c0”)
in the IL.* y:* is of key interest in separation processes, such
as liquid extraction or extractive distillation, because the
selectivity S7°=1y;"/y;" is a measure for the capability of a
solvent for separating two solutes i and j. An outstanding
feature of ILs is the high selectivity for separating aromatic
and aliphatic compounds, exemplified in Table 6 for n-
hexane-benzene separation.”” This selectivity opens alter-
natives to conventional methods. The remarkable difference
in selectivity is founded in interactions of the ionic charge
with the quadrupole moment of aromatic species [cf. Eq. (2)],
which is not present for aliphatic solutes.”

Table 6: Comparison of the selectivities S;°=y"/y;° for n-hexane-
benzene separation of ILs with the selectivities of conventionally used
molecular solvents.*!

Molecular solvents S5 lonic liquids S5
sulfolane 30.5 [C,;mim][C,0S0;] 41.4
dimethylsulfoxide 22.7 [C,mim][Tf,N] 24.4
1-methylpyrrolidine-2-on 12.5 [Cemim][BF,] 23.1
[C.mim][TEN] 16.7

5.4. The Role of Solvent Polarity in Chemical Reactions

The polarity of the solvent can affect chemical reactions in
solution, opening the possibility to steer such reactions by
careful choice of the solvent. Correspondingly, the influence
of solvent effects on chemical reactions has also been used to
probe the polarity of ILs.'t%*%! For example, Angellini
et al.” have used the keto—enol tautomerism of 2-nitro-
cyclohexanone (Scheme 7) in conjunction with the solvato-
chromic shift of the enol form (XX) as a measure for the
solvent polarity. The effective dielectric constants estimated
from these experiments imply a more polar local environment
than estimated from the bulk dielectric constant.

Studies of the nucleophilicity of the anions of ILs may be
exemplified by considering the Sy2 reaction of methyl-4-
nitrobenzenesulfonate (XXI) with halide ions to form 4-
nitrobenzenesulfonate (XXI1) and halomethane
(Scheme 8).””! In ILs the nucleophilicity of the I~ ion in
Scheme (8) was found to depend little on the nature of the
cation, while that of the CI” ion showed a strong cation
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Scheme 7. Keto—enol tautomerism of 2-nitrocyclohexanone.

O _ O
[ X |
O,N S—O —> O,N —0
[\, —HC—X I
0 CH,
XXI XXII

Scheme 8. S\2 reaction of methyl-4-nitrobenzenesulfonate (XXI) with
halide ions to form the 4-nitrobenzenesulfonate anion (XXII) and
halomethane.

dependence. Clearly, the formation of the activated complex
requires the separation of the anion from the surrounding
cations, which is hampered by strong cation—anion interac-
tions. In imidazolium chlorides, these interactions are dis-
tinctly stronger than in imidazolium iodides. In tetraalkylam-
monium salts, where hydrogen bonds are unlikely, the
nucleophilicity of anions is strongly enhanced.’” The possi-
bility to steer the nucleophilicity, or more generally, the
solvent polarity, by variation of the counterion, reflects a
unique feature of ILs. Theoretical models for nucleophilic
substitutions do not account for such effects.

5.5. Gas Solubility in lonic Liquids

Interactions between ILs and simple molecular substances
are reflected by, among others, the solubility of gases. Since
Brennecke and co-workers reported very high solubilities of
CO, in ILs,* there have been many studies of gas solubilities
in ILs. Heintz” has summarized many relevant investiga-
tions, and there is still much activity.”

Figure 6 shows the solubility isotherm of CO, in [Cgmim]-
[BF,] at 330K as a function of pressure;®! x, is the mole
fraction of CO, in the liquid phase. High pressures impose a
very high solubility. The solubility isotherm behaves quite
atypically. In molecular solvents the solubility initially
remains low at low pressures, and then increases rapidly,
implying an opposite curvature to that displayed in Figure 6.

t 06
X,
0.44
0.2
0.0 T T T
0 200 400 600
P/bar —

Figure 6. Solubility of CO, in [Csmim][BF,] at 330 K as a function of
pressure .
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Chemists and engineers have an arsenal of empirical or
semi-empirical approaches for correlating and predicting gas
solubilities. Notably, the curve in Figure 6 resembles an
adsorption isotherm, suggesting a simple description in terms
of gas adsorption at some kind of “inner surface” of the IL.*
Such a simple model also agrees with the observation that
dissolved CO, does not substantially change the volume of the
liquid phase. The picture resulting from simulations!”!
suggests that CO, can be intercalated in cavities of the IL
structure without markedly affecting it. Thereby, CO, pref-
erably optimizes its interactions with anions, with the
electrical quadrupole moment of CO, playing a crucial role.
In fact, anion variation affects the solubility of CO, much
more strongly than cation variation.'"!

The solubilities of other gases can also be understood in
terms of ion-solute interactions. Simple gases undergo weak
dispersive interactions with the ions, and hence, the solubility
reflects the molecular polarizability of the solute, giving the
series H, < O, < CH, < C,H,. Higher solubilities are achieved
for gases such as ethene or CO, which have an electric
quadrupole moment. Not surprisingly, polar gases, such as
SO, and water vapor,!'”” show very high solubilities.

5.6. Mixing Behavior with Molecular Solvents

There are numerous reports about the miscibility of ILs
with organic solvents, but accurate studies of liquid-liquid
coexistence curves are scarce. In general, the widths of the
miscibility gaps narrow at high temperatures and the liquid—
liquid two-phase regimes terminate at an upper critical
solution temperature. An inverse behavior, that is, immisci-
bility at high temperatures, was recently observed for chloro-
form."®! All the miscibility gaps are highly asymmetrical. The
IL can dissolve an appreciable amount of the molecular
solvent, whereas the solubility of the IL in the molecular
solvent is low.

If the molecular components of the mixtures are arranged
with increasing polarity, the mutual solubility of molecular
solvents with ILs is lost at either end of the scale. ILs are
immiscible with nonpolar hydrocarbons, but hydrophobic ILs
are also immiscible with polar solvents of high cohesive
energy density, such as water. For solutions of tetraalkylam-
monium salts this behavior was already observed some time
ago'[104]

The phase behavior can be understood by a semi-
empirical theory, which combines the exact Debye-Hiickel
electrolyte theory for highly dilute solutions with semi-
empirical terms for specific ion-solvent interactions.'*”
Model calculations by Schroer and co-workers based on
these ideas!"” show that in mixtures of ILs with molecular
solvents of low polarity, liquid-liquid phase separation is
driven by Coulombic forces, because free ions and ion clusters
do not mix with nonpolar solvents. On the other hand,
solvents of high cohesive energy density, such as water or
polyalcohols, result in “solvophobic” immiscibility, which is
driven by forces similar to those encountered in phase
separations of aqueous solutions of hydrophobic sol-
Vents.[104’106]
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Many studies apply empirical or semi-empirical
approaches developed for molecular systems, such as the
COSMO model, to describe these phase equilibria. Without
suitable modification, such approaches ignore the rigorous
physical limiting conditions given by the Debye-Hiickel
theory for dilute salt solutions, so that the results, particularly
for dilute solutions, are physically meaningless.

Finally, mixtures of hydrophobic ILs with water deserve
some comments. ILs with strongly hydrophobic cations or
anions are immiscible with water. However, complete immis-
cibility never exist, and salts can absorb marked amounts of
water, often as unwanted impurities. Although for aqueous
solutions of imidazolium salts little data exists for plotting
coexistence curves, studies of tetraalkylammonium salts
reveal closed immiscibility loops with both an upper and a
lower consolute point.'*1%! Tt is still open, whether other
hydrophobic families of salts also show closed-loop behavior.

Whereas in homologous series of cations, the miscibility is
rather simply correlated with their hydrophobicity, the effects
of anions are less transparent. Systematic studies of tetraal-
kylammonium salts!'® have shown that miscibility obeys the
so-called Hofmeister series F~>Cl™>Br > [NO;]">1" >
[C10,]". Originally, this series was deduced from salt effects
on the thermal stability of proteins, but it also describes salts
effects in simpler systems. There is no doubt that the anion
effects on the miscibility of ILs with water will follow similar
rules. Pronounced anion-water interactions are shown by
spectroscopic studies, simulations, and quantum-chemical
computations for anion-water clusters.*’*1%¢171 A5 Jong as
water is the minor component of the mixture, the water
molecules are not able to form hydrogen-bonded networks,
instead they are bound in anion---HOH:---anion complexes.

6. Conclusions

ILs display Coulombic interactions between the net
charges of the ions as well as interactions between complex
chemical groups. Modern experimental and theoretical meth-
ods provide an increasing insight into the interplay of these
different contributions.

The results of scattering experiments in conjunction with
simulations have revealed important information on the
liquid structure of ILs. The most spectacular observation
concerns the existence of a nanostructure. How this micro-
heterogeneous structure affects the macroscopic properties,
solvation, and chemical reactions in ILs remains to be
explored.

Just as important as the knowledge of the liquid structure
is the characterization of molecular motions. Practically all
experimental methods indicate broadly distributed dynamics
of the ions, which is untypical for molecular solvents of similar
viscosity. It is suggestive to attribute these unusual features to
a microheterogeneous environment of the moving particles.
A proper understanding of these motions should make it
possible to understand and to steer solvent-controlled chem-
ical reactions in ILs.

Recently, sophisticated experimental techniques have
enabled the determination of properties of ILs, such as the
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vapor pressure, enthalpy of vaporization, or dielectric con-
stant, which for a long time were believed to be immeasur-
able. In the past, the lack of information on these properties
has led to many estimates and speculations; many of these
speculations have now been shown to be largely in error.
Clearly, some well-established rules and correlations for the
behavior of molecular liquids cannot be transferred to ILs in a
straightforward way. The peculiar features of molecular
interactions between charged particles also requires a careful
rethinking of the basic concepts of solvation.

Finally, it should be noted that the present knowledge
about the molecular properties of ILs mainly concerns
imidazolium salts. Owing to the peculiarities of the electronic
properties of imidazolium cations, it may be questioned,
whether the molecular picture developed for them to date
reflects generic features of ILs. The available results for other
salt families, in part, outline a highly variable behavior. It is
just this high variability, which will open fascinating possibil-
ities to alter the solvent and materials properties of ILs of
over wide ranges.
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