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Solvents and solutions are ubiquitous in chemistry.  For instance, in synthesis the solvent allows reagents to mix intimately so that reactions between these may occur. Consequently, understanding how solutes behave in solutions has been one of the major themes of chemistry throughout its history. Ionic liquids (liquid salts) are an exciting recent addition to the range of available solvents. Here we show that these solvents interact with dissolved salts to give solutions that are completely different from those of salts in either traditional organic solvents or water. Observations of these ideal salt solutions will require new models of solvation and have the potential to lead to new chemical processes.
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Introduction
Modern theories of solvation have been formulated to understand observations of the behaviours of solutes in molecular solvents.1 For molecular solutes at high dilution we generally see polarity dependent solvation (molecule-molecule interactions) of the individual molecules. For dissolved salts a number of solute species ranging from fully dissociated solvated free ions (molecule-ion interactions) to contact ion pairs (molecule-ion-ion-molecule) are observed.2 The introduction of ionic liquids as useful solvents for the chemical industry,3 is requiring that these observations and theories are expanded to encompass these new materials. To date, investigations of how ionic liquids interact with dissolved species have concentrated upon molecular solutes (molecule-ion interactions).4 Recently, our attention has been drawn to the study of dissolved salts in ionic liquids, which is showing some remarkable results arising from the exclusively ion-ion interactions that are unique to these molecule-free solutions.
	Ionic liquids are liquids composed entirely of ions when pure. Commonplace salts melt at high temperatures, such as NaCl at 801 °C.5 However, it is possible to prepare ionic liquids at room temperature by combining a large, asymmetric organic cation with a bulky, charge diffuse anion (see Figure 1). These low-melting ionic liquids have been the subject of much interest in recent years.6
	Intuitively, one would expect a liquid composed entirely of ions to be highly polar.  Indeed, studies of reaction rates7 and spectra of some solute species4,8 have indicated that ionic liquids behave similarly to polar molecular liquids. However, other spectroscopic results9,10  and the dielectric spectroscopy measurements by Weingärtner et al.11 have shown that some of the same ionic liquids have static dielectric constants as low as 10-15, similar to non-polar molecular liquids. The discrepancy 
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Figure 1 Common ions used in ionic liquids.
between these low measurements of bulk solvent polarity and the typical effects of ionic liquids on reactions (generally indicating high polarity) has formed a barrier to the proper understanding of the interactions that dominate ionic liquid solutions.
	Previously we have proposed that the reactivity resulting from mixing two different and reactive salts (charged electrophiles and nucleophiles) together is highly dependent on the type of solvent, with molecular and ionic liquids exhibiting fundamentally different reaction pathways.  In ionic liquids, the salts behaved as 
Table 1 Z-values(in kcal/mol) and Kamlet-Taft parameters for various molecular solvents and ionic liquids. A correlation using only our data (measured at the same salt concentration) yields an equation of: Z = 58.4 + 8.92π* + 7.17α + 11.8β.
		Liquid
	Z
	α
	β
	π*

	Water
	94.6a
	1.16b
	0.50b
	1.13b

	Methanol
	83.6a
	1.05b
	0.61b
	0.73b

	Ethanol
	79.6a
	0.86a
	0.75a
	0.54a

	Acetic Acid
	79.2a
	1.12a
	0.45a
	0.64a

	1-butanol
	78.6
	0.84
	0.84
	0.47

	[C4C1im][BF4]
	76.5
	0.62
	0.37
	1.05

	[C4C1im][OTf]
	76.0
	0.62
	0.49
	1.00

	[C4C1im][SbF6]
	75.8
	0.62
	0.15
	1.04

	[C4C1im][NTf2]
	74.3
	0.61
	0.23
	0.99

	[C4C1pyrr][NTf2]
	73.3
	0.42
	0.29
	0.96

	[C4C1C1im][NTf2]
	72.7
	0.38
	0.26
	1.02

	Propylene carbonate
	72.4
	0.00
	0.40
	0.83

	Acetonitrile
	71.3a
	0.35b
	0.37b
	0.80b

	DMSO
	70.2a
	0.00a
	0.76a
	1.00

	1,2-dichloroethane
	65.2
	0.00
	0.10
	0.81

	





a Reference 18; b Reference 19.
discrete reactive species, whereas in molecular solvents neutral clusters of ions are formed as the reactive species.12 This was the first report of any reaction phenomenon unique to ionic liquids, and we proposed that this was due to the complete lack of ion-pairing of these solute salts in ionic liquids. This hypothesis has subsequently been supported by theoretical modelling,13 but we have been searching for further experimental evidence to support it and to also resolve the conflicting reports of ionic liquid polarity.  This lack of ion-pairing indicates a very polar solvent in which the solvent ion-solute ion interactions are sufficient to break the strong attractive Coulombic interactions of any solute ion pairs.
	Kosower’s Z-scale was one of the first successful empirical polarity scales and is based upon the position of the absorption maximum of the longest wavelength charge-transfer band of 1-ethyl-4-(methoxycarbonyl)pyridinium iodide, [Py]I.14 In solution, this salt is only spectroscopically active when its ions are in direct contact, so allowing charge transfer to occur.  Therefore, the intensity of this band is expected to be a good indicator of the number of [Py]I contact ion pairs in solution and can be used as a probe for the amount of ion-pairing in low and high polarity liquids. Bagchi,15 and Hemmes and co-workers16 both reported 
evidence for the presence of solvent-separated ion pairs (an ion pair with a single molecule of solvent between the ions, SSIP) in the molecular solutions of N-alkylpyridinium iodide. Binder et al. also showed the presence of solvent separated ion-pairs in solutions of 1-alkyl-(4-cyanopyridinium) iodide.17 Since a solvent separated ion pair cannot lead to charge transfer, both of the following equilibria must be considered for the closely related Kosower’s salt, as in Scheme 1.



Scheme 1
Since Kosower’s salt in solution can exist as a contact ion pair, a solvent separated ion pair, or separate discrete solvated ions (Scheme 1), the concentration of spectroscopically active contact ion pairs (CIP) can be related to the total amount of Kosower’s salt added (C0, see supplementary information for derivation):

	(1)
Where K1 and K2 are the equilibrium constants for each successive step in Scheme 1.
	Experimentally, the absorbance (A) of a spectroscopically active species is proportional to the concentration of that species in solution via the Beer-Lambert law (equation 2), where ε is the molar extinction coefficient, and l is the path length of the spectrophotometric cell.  For most molecular solutes, ε is constant across a very wide concentration range, as the absorbance of an isolated molecule is not dependent upon its concentration.

		(2)
	In using Kosower’s salt, only the contact ion pairs will give rise to absorbance and hence the total concentration of the salt added (C0) can differ from the concentration of the contact ion pairs CCIP, and it is only the concentration of contact ion pairs that is directly proportional to the absorbance of the charge transfer band. For an individual measurement, however, one can calculate an extinction coefficient, εapp, (not a molar absorptivity of CIP, because the concentration of these is unknown) from the ratio of the absorbance to the total concentration of salt. In low polarity molecular solvents, such as chloroform, the observed extinction coefficient εapp can reach values as high as 1400 L mol-1 cm-1. In high polarity solvents, such as methanol, this value drops to 30 L mol-1 cm-1.14 This indicates a higher concentration of contact ion pairs in the low polarity solvent and a lower concentration of ion pairs in the high polarity (or more dissociating) solvent, for any given amount of added Kosower’s salt. This is usually well modelled using the liquid’s dielectric constant.14 Here, we report the ion association/dissociation behaviour of 1-ethyl-4-(methoxycarbonyl)pyridinium iodide in a number of ionic and molecular liquids and with the aid of mathematical and computational modelling provide insight into the polarity of and extent of ion-pairing in ionic liquids.
Results
The first point of note is that we do observe a spectrum for Kosower’s salt in all of the ionic liquids that we tested. This is in complete contradiction to our expectation from our previous kinetics results. The positions of the absorption maxima of these spectra yield the Z-values. In molecular liquids, the Z-values depend somewhat upon the salt concentration - the lower Z, the greater its sensitivity to concentration.14 For instance, a substantial change was observed in 1,2-dichloroethane in which the Z-values changed from 63.3 kcal/mol at 0.2 mM to 65.1 kcal/mol at 20 mM. No, or small, effects were found in more 
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Figure 2 Apparent molar extinction coefficient, εapp, as a function of total concentration of 1-ethyl-4-(methoxycarbonyl)pyridinium iodide in various solvents. For clarity the results for only three of the ionic liquids are shown. For molecular solvents measurements were made up to the saturation concentration of Kosower’s salt.
polar liquids (e.g. in 1-butanol and acetonitrile), but overall Z and thus polarity only increase with concentration in molecular solvents.  In contrast, the Z-values of the ionic liquids show a small, but perceptible decrease when more Kosower’s salt is added. Consequently, comparisons of Z-values for different solvents must be made at a fixed concentration.
Our common ionic liquids have Z-values in the range of 72.7-76.5 (Table 1), which is generally lower than those of polar protic liquids (e.g. 1-butanol) and higher than polar non-hydrogen-bonding liquids (e.g. acetonitrile). Regression was made for Z data, which was found to correlate well with Kamlet-Taft solvatochromic parameters α (hydrogen bond donation ability), β (hydrogen bond accepting ability) and π* (dipolarity/polarisability). Common ionic liquids have lower α than polar protic liquids but higher α than polar non-hydrogen-bonding liquids, hence their Z-values are in this range. Similar conclusions have been drawn from other studies of the polarities of ionic liquids, using molecular probes.20
Absorptivity
While the ionic liquids give unremarkable Z-values, the absorptivities of their solutions of Kosower’s salt behave very differently to those of solutions of [Py]I in molecular solvents (see Figure 2). For a sufficiently low polarity molecular liquid, a horizontal line with high εapp would be obtained if all of the ions were paired at all concentrations and, therefore, are spectroscopically active (C0 = CCIP). However, in both polar and non-polar molecular solvents, Kosower has shown that a curve is normally obtained.14 The straight lines obtained for this selection of ionic liquids are, therefore, highly unusual. The slopes (585, 682, 705, 759, 823, 849) increase in order of increasing ionic liquid molar volume; indicating the different ratios of solute to solvent ions in these solutions. According to Weingärtner,11 the dielectric constants of the ionic liquids used in this study lie in the range of 10-15, which is in between the values of 1,2-dichloroethane and 1-butanol. Our experimental results clearly indicate that the usual correlation found between the dielectric  
constants and degree of ion contact for molecular solvents,2 does 
not hold for ionic liquids.
	The observation of a weak absorption band for solutions of Kosower’s salt in ionic liquids clearly shows that some, but not 
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Figure 3 Schematic of Kosower’s salt solvated as (left) an ion contact or (right) non-contact.
all, of its pyridinium cations are in direct contact with iodide anions, but no model involving any equilibria between ion pairs and free ions can give rise to a linear dependence of εapp on total concentration. Consequently, some other model is required to explain these observations.
Liquid pseudo-lattice model
The experimentally observed linear relationship between εapp and total Kosower’s salt concentration implies that the probability of a direct contact between ions of Kosower’s salt is dependent only on the concentration of these ions.  This behavior is indicative of statistically random ion contacts, rather than solvated ion pairs, i.e., there is no attractive nor repulsive interaction leading to solute ion pairing. This led us to utilize a random ionic structure based on a lattice site model with zero site exchange energy (Figure 3). Using this model, at any concentration the statistical probability for the pyridinium and iodide ions to be located on adjacent lattice sites can be calculated.  Given that r is the ratio of the total possible anion sites in the cybotactic shell of each pyridinium cation to the number of sites that give rise to an absorption, where mI = number of iodide ions in the mixture and mT = total number of anions in the mixture (calculated from the pure ionic liquid molar volume), then the probability of having at least one iodide anion in the solvent shell, P[Py]I, is (see supplementary information for derivation):

		(3)
	For solutions containing low concentrations of Kosower’s salt, mI << mT and this relationship will be approximately linear in mI/mT, and proportional to r.
	The absorbance will now be proportional to P[Py]I in accordance with the Beer-Lambert Law.  Curves for the concentration-dependence of the molar absorptivity for various numbers, n, of ions in the cybotactic shell of the pyridinium ion have been calculated and are shown in Figure 4 for the ionic liquid [C4C1im][NTf2].  For r greater than 1 this equation is a power law, however it is clear from the linear relation at the experimentally realistic concentrations shown in Figure 4, we remain in the linear regime. Thus, this lattice site model is consistent with our experimental results.
	The slopes of these lines are expected to be proportional to the molar volume of the ionic liquid employed, with larger ionic liquids yielding larger slopes. This is also consistent with our experimental findings. The value of this slope can therefore be used to estimate the number of anions in the cybotactic shell of the pyridinium cation.  After correcting for the molar volume of 
the ionic liquid employed, the slopes quoted above all collapse to 
a single line giving a value of r ≈ 2. Given that it has been shown that there are two sites around the pyridinium cation in which the iodide can give charge transfer (one above and one below the 
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Figure 4 Theoretical apparent molar extinction coefficient, εapp, as a function of total concentration of charge-transfer salt, C0, based on equation 1. n is the number of ions in the cybotactic shell of a solute.
plane of the ring,)14 n ≈ 4. This value is lower than the value found by Hardacre using neutron diffraction data, for the for the 1,3-dimethylimidazolium cation in ionic liquid 1,3-dimethylimidazolium chloride, which indicated a first solvation shell of 6 anions.21 This probably arises because of the differences in the relative sizes of the cations and anions in the different systems, as Hardacre subsequently found that less rigid ordering exists when the larger [NTf2] anion replaced chloride.22
	The fact that the charge-transfer behaviour in ionic liquids followed this pseudo-lattice model indicates that the interactions of the different ionic species (cations and anions deriving from either the ionic liquid or the Kosower’s salt) with their immediate surroundings have very similar energies. Thus, there is a near-zero energy penalty to site exchange between ions and the solute-solute, solute-solvent and solvent-solvent interactions are indistinguishable. This is quite unlike the situations found in solutions of salts in molecular solvents, whether of high or low polarity, and is much more akin to the situation found in mixtures of similarly structured molecular liquids (e.g. the nearly ideal mixtures of toluene and benzene). In ionic liquid solvents, solute ions are neither held together in classical solvated contact ion pairs nor kept apart as solvated free ions.  Thus, it appears to us that a unique solvation paradigm can exist for salts dissolved in an ionic solvent – the solute behaves as two distinct species, a cation and an anion, completely divorced from each other (highly screened) and capable of independently interacting with the solvent ions or other solute ions. Thus, these ionic liquids appear to form ideal mixtures of ions with the dissolved Kosower’s salt.
	These apparently ideal salt mixtures contrast with common observations that salts such as NaCl are insoluble in many ILs.6 In the case of NaCl, the very similar sizes of Na+ and Cl-, which are much smaller than the IL ions, enable them to occupy lattice sites of approximately the same size, thus forming very favourable lattice energies and creating a favourable situation for solid formation. This does not indicate preferential ion pairing in the ionic liquid solution, merely that the crystallized solid is thermodynamically appealing.
	Seddon23 previously reported the phenomenon of immiscible ionic liquids, which indicates substantially non-ideal mixing behavior. However, each of these cases involves systems containing ions mixed (or de-mixed) together which have 


Scheme 2
appreciably different sizes. These immiscible ILs form biphasic systems wherein the predominant cation and anion in each phase are matched by size – for example, when [C2C1im][C1SO3] was mixed with [C14(C6)3P][NTf2], the smaller [C2C1im]+ and [C1SO3]- ions dominated the upper phase while the larger [C14(C6)3P]+ and [NTf2]- ions dominated the lower phase. Once again, there was no indication in this experiment of preferential association within each phase, though there was preferential association between phases. These examples illustrate systems where ion association between multiple phases is dominated by entropic pressures (size matching) with no illustration of enthalpic association (ion pairing) within the IL phase(s). Mixtures of [CnC1im]Cl with [C14(C6)3P]Cl were reported as immiscible for all n < 6, despite the common anion shared between these salts. The authors also report that for all n > 1 the H of mixing was negligible (between -2 and +2 kJ/mol) while the TS of mixing was dominant (between -4.5 and -12 kJ/mol),23 further indicating that mismatched cation size (entropy) is responsible for this phenomenon. 
Energy of the metathesis reaction
In an ideal mixture there must be no energy change upon site exchange. In the case of these IL solutions, this implies that any ion metathesis taking place between within the solution will not result in a change to the overall energy of the solution. Since Kosower’s salt is present as a dilute component in these IL solutions, we assume that at most one of the anions present in the solvation shell of any cation is an iodide (all others are the anion of the ionic liquid). We also ignore interactions common to both sides (the remaining anion-cation interactions, in which only the IL anion is present), assuming that any changes on metathesis would be symmetrical. This enables us estimate the differences in the energies of the left and right hand sides of Figure 3 by reducing the reaction to a single metathesis (for [Py]I/[C4C1im][OTf]) (Scheme 2).
	The spatial arrangement of the anions around each cation allows a multitude of stable configurations. To allow a reasonable analysis within the precision of the simple description of the solvation processes as a metathesis, for [C4C1im]+ the most stable cation conformer has been selected.24 Furthermore, the two most stable ion pairs with both anions were calculated. For [Py]+ the two most stable conformers of each ion pair were calculated, ignoring the orientation of the methyl ester group.  Thus, for each pair of ions there is a low energy pair {IP}low and a high energy pair, {IP}high.  The energy for the metathesis reaction is therefore ambiguous.

		(4)
	As a fixed point of reference, the most stable ion pairs were chosen for the calculation of Gr. Further possible energies at different levels of theory and choosing other conformers can be found in the supplementary information. However, at the highest level of theory there is no significant preference for either reactants or products of the metathesis reaction with a Gibbs free energy of -0.69 kJ/mol, which is well within the error introduced by the simple model system.
	These calculations indicate that the ion exchange energies for the [Py]I/[C4C1im][OTf] system are near zero (i.e. nearly ideal). This would mean that:

		(5)
	Therefore, Kex ≈ 1, which would yield a linear concentration dependence for the molar extinction coefficient, consistent with our experimental observations.
Conclusion
In stark contrast to its behaviour in molecular solvents, our experimental results show that the ionic charge-transfer salt 1-ethyl-4-(methoxycarbonyl)pyridinium iodide, Kosower’s salt, does not form ion pairs in the room temperature ionic liquids studied, but rather ideal solutions. These ionic liquids are, therefore, “super-dissociating” solvents for this solute, because they completely divorce the solute cations and anions from each other. However, this does not mean that the pyridinium ions and iodide ions are never in contact, just that this contact is random. In molecular solvents, ionic species can exist as contact ion pairs, solvent-separated ion pairs or solvated free ions, but in each case the solute cation and anion require each other’s proximity in order to preserve charge neutrality. Ionic liquids, conversely, solvate individual solute ions completely as the ionic liquid itself is capable of preserving charge neutrality. In this way, a salt dissolved in an ionic liquid is so dissociated as to be made into completely separate, unrelated, highly screened species. Our results are based upon observations of 1-ethyl-4-(methoxycarbonyl)pyridinium iodide in 6 different ionic liquids. These are mixtures of salts composed of similar ions, particularly in terms of relative sizes. It is possible that mixtures of more dissimilar salts would deviate from the ideal behaviour that we see here. This would be precisely analogous to the behaviour of molecular mixtures, in which structurally very similar molecules form ideal mixtures while structurally dissimilar molecules deviate from ideality.
	Finally, when probing the nature of ionic liquid-solute interactions using Kosower’s salt, two apparently contradictory results arise. The position of the absorption maximum (Z-scale) indicates that the ionic liquids are solvents of only moderate polarity, whereas the absorptivities of the same solutions show that they are highly polar. Since these two values come from a single measurement, this difference cannot be attributed to some change in conditions or other experimental artefact. This provides an explanation of the discrepancies seen between other methods of studying ionic liquid polarity, particularly those based upon reaction kinetics7,8 and Weingärtner’s dielectric spectroscopy measurements.11 Any model that involves the movement of molecules or ions necessarily implies the importance of timescales. The Z-scale measurement results from the measurement of a rapid electronic transition and is affected by a local environment that does not have the opportunity to reorganise itself on this timescale.9 This ‘freezes out’ ionic movement and the ‘snapshot’ of the ionic liquid that is obtained ostensibly appears nonpolar, as with the dielectric spectroscopy measurements. On the other hand, the absorptivity measurements are equilibrium concentration measurements wherein the longer timescale allows ion motion to dominate solvation, as with the kinetic measurements. This yields a much higher polarity. Hence, the answer to the question of how polar are ionic liquids very likely depends upon when you ask.
Methods
Computational
All calculations were performed using the Gaussian 03 software package,25 and the Becke three-parameter exchange26 with the Lee, Yang and Parr correlation.27 An augmented polarisable double- basis set and corresponding small core ECP were used for iodide,28 and a 6-311+G(d,p) basis set for all other elements.29 Zero point energy and basis set superposition error30 were calculated on this level of theory as well as MP2/6-31++G(d,p)//B3LYP/6-31++G(d,p) single point energies using Møller-Plesset perturbation theory.31
Materials and Reagents
1-methylimidazole, 1-methylpyrrolidine and ,ethyl isonicotinate were purchased from Sigma-Aldrich and distilled from potassium hydroxide; 1-Chlorobutane was purchased from Acros Organics and distilled from phosphorus pentoxide. Lithium bis(trifluoromethylsulfonyl)imide and lithium trifluoromethanesulfonate were purchased from Solvent Innovation GmbH and used as received.  All molecular solvents were purified by distillation from standard drying agents.  All syntheses were performed under anaerobic conditions using standard Schlenk techniques.  The preparations and spectral data of the ionic liquids have been described elsewhere32
Synthesis of 1-ethyl-(4-methoxycarbonyl)pyridinium iodide
Methyl isonicotinate (75 cm3, 635 mmol) and iodoethane (220 cm3, 2.75 mol) were heated at 40˚C for 24 h. The resulting bright orange solid was washed several times with cold acetone and EtOAc. The solid was then recrystallized from acetone to give bright orange crystals. Mp. 111.6-111.8 °C (lit. 111-112 °C)14; δH (400 MHz, DMSO-d6)/ppm 9.35 and 8.52 (4H, AB quartet, 3JAB = 6.4 Hz, Py-H), 4.75 (2H, quartet, 3JH-H = 7.3 Hz, CH2CH3), 3.99 (3H, s, CO2CH3), 1.58 (3H, t, 3JH-H = 7.2 Hz, CH2CH3); δC (400 MHz, DMSO-d6)/ppm 163.1 (s, CO2CH3), 146.55 (s, CHNCH2CH3), 144.02 (s, CCO2CH3), 127.64 (s, CHCCO2CH3), 57.40 (s, NCH2CH3), 54.37 (s, CO2CH3), 16.73 (s, CH2CH3); (ESI+) MS (m/z) 166.1, [C9H12NO2]+, 100%; (ESI-) MS (m/z) 126.9, I-, 100%; 419.8, {[C9H12NO2]I2-}, 20%;    Elemental analysis, found (calcd): %C = 36.86 (36.88), %H = 4.09 (4.13), %N = 4.69 (4.78).
Spectroscopic Measurements
Electronic spectra were obtained with a Perkin Elmer 650 UV-Vis spectrometer. Quartz cuvettes of 0.10, 0.50 and 1.00 cm pathlength were used. Z values vary with temperature,14 hence a thermostatic water circulator was used to control the sample-holder temperature to 25.0 °C.
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