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Introduction

The ability to act as acids or as bases has always been regard-
ed as a fundamental property of chemical species. Indeed,

acids and bases play key roles in a large part of organic
chemistry, in biological processes, in medicine and in the field

of materials science.[1–4] As acids and bases are practically ubiq-

uitous, it is of great practical importance to know their exact
strength. It is well known that acidity and basicity are influ-

enced not only by the structural features of the molecules, but
also by the nature of the solvent in which the dissociation

takes place.[5] Consequently, rates and positions achieved by
equilibria of all processes in which acids and/or bases are in-
volved as reactants or as catalysts, change from one solvent to

another. Indeed, the different solvation ability of solvents can
drastically alter the relative and absolute strengths of acids
and/or bases, due to the changes in the solvation energies of
the species involved in the equilibrium.[6] A large number of

experimental data has been accumulated over decades on
acid–base equilibria in a variety of non-aqueous solvents, from

aprotic polar (e.g. , DMSO, THF, acetonitrile) to “very non-polar”

media (heptane), in which self-consistent acidity and basicity
scales have been created.[7]

Recently, much attention has been given to ionic liquids
(ILs), which have emerged as alternative media to molecular

organic solvents due to their high solvation ability.[8] ILs are

low-temperature molten salts composed entirely of ions, which
possess many favourable physicochemical properties such as

negligible vapour pressure, high thermal stability and low
flammability,[9] so that they are often described as “green sol-

vents”.[10] Their physicochemical properties depend mainly
upon the nature of the constituent ions so, owing to a virtually
infinite number of possible combinations of cations and

anions, task-specific ILs could be designed simply by tuning
these properties through an appropriate choice of the cation–
anion pair.[11]

ILs have been applied in various fields, such as electrochem-

istry,[12] gas capture,[13] soft materials,[14] synthesis and catalytic
reactions.[15] Indeed, a number of organic reactions have been

performed in ILs, including reactions that require the presence
of a base as reagent or catalyst, and both qualitative and
quantitative effects of the ILs have been investigated.[16–18] In

many cases, the results were greatly surprising, thus suggest-
ing that, in general, an important task is to carry out “struc-

ture–property relationship” analyses that might be useful to
predict the peculiar behaviour of ILs if used as solvents.

Cheng et al. have measured the pKa values of a series of

carbon acids,[19] benzoic acids[20] and sulfonamides[21] in three
bis(trifluoromethylsulfonyl)imide (triflimide, Tf2N)-based ILs and

in 1-butyl-3-methylimidazolium trifluoromethanesulfonate
([BMIM][OTf]), by using the overlapping indicator method and

avoiding the previously suggested ion-pairing effect in ILs.[22, 23]

Indeed the carbanions of the C@H acids used as substrate[19] or

Equilibrium constants for the proton transfer reaction between
pyridines and trifluoroacetic acid were measured in room-tem-

perature ionic liquids (ILs) of different cation–anion composi-
tions. The experimental equilibrium constants for ion-pair for-
mation were corrected according to the Fuoss equation. The
calculated equilibrium constants for the formation of free ions
were taken as a quantitative measure of the base strength in
IL solutions and compared with the relative constants in water.

The effect of IL composition is discussed for a series of fixed IL
anions and fixed IL cations. Finally, the sensitivity of the proton

transfer reaction to the electronic effects of the substituent

groups on the pyridine ring was quantified by applying the

Hammett equation. A more marked levelling effect on the
base strength was observed in ILs than in water. The Hammett
reaction constants 1 were then correlated with solvent param-
eters according to a multi-parametric analysis, which showed
that both specific hydrogen-bond donor/acceptor and non-
specific interactions play an important role, with a and permit-

tivity being the main parameters affecting the ability of the IL
to differentiate the strength of the base.
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indicators[20, 21] are sterically hindered and largely charge-delo-
calised, properties that reduce the occurrence of ion-pair for-

mation. The authors of these studies correlated the pKa varia-
tion of the same acid to the acid-strengthening ability of the

different ILs, which, in turn, depends on the ionic composition
of the IL. More recently, the equilibrium basicities of some

amines have been determined in two ILs in terms of acidic dis-
sociations of the corresponding ammonium triflimide salts,[24]

following the same general procedure based on the use of de-

protonated carbon acids as indicators for the measurements.
They found that amines in ILs are stronger bases than in
DMSO and water but weaker bases than in acetonitrile. Nota-
bly, this type of dissociation involved a positively charged sub-
strate instead of neutral ones, and, consequently, it involved a
different solvated initial state.

We have investigated the effect of ILs on the thermodynam-

ics[25] and the kinetics[26] of the base-catalysed tautomerisation
of 2-nitrocyclohexanone. This reaction, which has been largely

studied in water[27] and in conventional solvents,[28] has been
shown to be a suitable probe for investigating the effects of

ILs at the molecular level.[29]

Data collected in ILs seem to indicate that the thermody-

namics of the above reaction is influenced mainly by the

nature of the IL ions, with the anion playing a major role, as
well as by the alkyl chain segregation in the heterogeneous or-

ganisation of ILs.[25] Moreover, the reaction is faster in ILs than
in conventional organic solvents, with rate constants higher

than those expected on the basis of the pKa values.[26] This
result could suggest a higher basicity of the catalyst in ILs than

in conventional organic solvents but we were aware that the

pKa values collected in aqueous solution do not adequately de-
scribe the acid–base strength of species in ILs,[22, 30] due to the

peculiar IL–solute interactions.
We have measured the equilibrium constants for the ion-

pair formation between substituted pyridines and trifluoroace-
tic acid (TFA) in 1-butyl-3-methylimidazolium hexafluorophos-

phate ([BMIM][PF6]), by means of a direct titration of the neu-

tral base with the acid.[22] We followed the suggestion that in
ILs an acid–base reaction leads to the formation of ion pairs
rather than free ions,[23] especially if ions are not hindered and
not largely charge-delocalised. Indeed, the relevant mathemati-

cal treatment of experimental data, which takes into account
the formation of ion pairs, has provided a good fit.[22] The re-

sults obtained have shown that the basicity order of pyridines
in [BMIM][PF6] and water is the same, whereas the effects of
structural changes of solutes are less significant in the IL than

in water.[22] Moreover, a linear Brønsted-type correlation has
been obtained if the second-order rate constant values for the

base-catalysed enolisation of 2-nitrocyclohexanone in [BMIM]
[PF6] have been plotted as a function of the calculated Kip

values.

To gain new insights into the above investigation, other ILs
have been considered in the present study. The investigated

ILs differ in anion and cation properties, such as coordination
and hydrogen-bond accepting/donating ability, to shed new

light on how the different ions composing an IL can influence
the basicity strength of pyridines and the response of the reac-

tion to the introduction of substituent groups on the heterocy-
clic ring. Indeed, the comprehension of how the ionic constitu-

ents of the IL can interact with acids and/or bases, and affect
the outcome of the reaction, is of fundamental importance for

tailoring the best-performing IL for a specific application.

Results and Discussion

For a proton transfer process between molecules with suffi-
ciently strong proton-donating and proton-accepting power,

the following scheme is generally accepted [Eq. (1)]:

AHþ B)@*AH ? ? ? B)@*A@ ? ? ? HBþ)@*A@ þ BHþ ð1Þ

In the first stage, hydrogen-bond formation takes place,

then the transfer of a proton from the donor to the acceptor
leads to the formation of an ion pair, which can dissociate to

form ions, depending on the relative permittivity of the sol-

vent. If a proton transfer from an acid HA to a base B occurs in
water and, in general, in high-polarity solvents, the equilibrium

constant of the reaction, Keq, refers to free-ion formation, as
this type of solvent can strongly solvate both anions and cat-

ions. In media of low polarity, the dissociation into free ions is
less extensive, or it is even negligible, whereas ion–ion associa-

tions, such as contact or solvent-separated ion pairs, occur. In

ILs, the occurrence of ion pairing has been suggested
(Scheme 1) so that the measured equilibrium constant, Kip,

refers to ion-pair rather than free-ion formation.[22, 23]

The relative strength of a series of pyridines was ascertained
in terms of the extent of their reaction with TFA as the refer-

ence acid, in the ILs in this study (Figure 1). A series of ILs com-
posed of the same Tf2N anion coupled with cations of different
hydrogen-bonding donor abilities and a series of ILs composed

of the same BMIM cation coupled with anions of different co-
ordinating abilities were selected to understand how changing

the nature of the cation and anion of the IL can affect the out-
come of the proton transfer reaction.

The proton transfer reaction has been investigated by

means of spectrophotometric titration, which turns out to be a
good approach to determine Kip values. The increase of the

pyridinium cation absorbance upon addition of increasing
amounts of TFA was monitored until a constant value was

reached. The absorbance values measured at lmax of the pyridi-
nium cation were plotted as a function of TFA concentration

Scheme 1. Ion-pair formation in ILs.
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and then correlated with the concentrations of the involved

species according to Equation (2):

Abs ¼ eB½BAþ eIP½BHþ ? ? ? TFA@A ð2Þ

where eB and eIP are the molar absorptivity of the free base
and the ion pair, respectively. [B] and [BH+ ···TFA@] are related

to each other by Kip [Eq. (3)]:

K ip ¼ ½BHþ ? ? ? TFA@A=½BA½TFAA ð3Þ

The assumption that, at an early stage of the proton transfer,

ion pairs are formed and then dissociate into free ions depend-

ing on the different solvation properties of the solvents, is sup-
ported by the fact that the mathematical treatment, which

considers the formation of ion pairs, fits well with the mea-
sured experimental data (Figure 2), in which the titration curve

obtained for 3-methoxypyridine in 1-butyl-2,3-dimethylimida-
zolium bis(trifluoromethylsulfonyl)imide ([BM2IM][Tf2N], IL 3 in

Figure 1) is reported as an example. On the contrary, no good

correlation is obtained if the experimental data are mathemati-
cally treated according to the formation of free ions.

The calculated Kip values are collected in Table 1. Notably,

the basicity order in ILs and in water appears to be almost the
same. However, a direct comparison between the basicities of

pyridines in ILs and in water is invalid as the relative equilibri-
um constants, Kip and Ka, refer to different equilibria, that is,

the formation of ion pairs and the formation of free ions, re-

spectively. To allow a rigorous comparison, the experimental
Kip values have been corrected for the ion-pair dissociation

into free ions. Indeed, a proton transfer reaction between a ge-

neric acid HA and a generic base B can be represented as in
Scheme 2 with a pre-equilibrium ion-pair formation followed

by the dissociation of the ion-pair complex in free ions. The
1:1 ion pair dissociation constant, Kd = [BH+][A@]/[BH+ ···A@] ,

can be estimated theoretically by using the Fuoss equation
[Eq. (4)] for the equilibrium between ion pairs and free ions for
classical electrolytes:[7b, 31]

K d ¼ 3000eb=ð4 pNa3Þ ð4Þ

where b =@e2/(aekT), N = 6.02 V 1023 mol@1, a is the inter-ion

distance (iiD), e = 4.80 V 1010 esu, e is the permittivity of the sol-
vent, k = 1.38 V 10@6 erg deg@1 and T is the temperature in

Kelvin.

Figure 1. Structures of the investigated ILs.

Figure 2. Absorbance at l = 286 nm of a solution of 3-methoxypyridine after
the addition of increasing amounts of TFA in [BM2IM][Tf2N], fitted into Equa-
tion (2) (solid line).

Table 1. Experimental Kip values for the proton transfer reaction between pyridines and TFA in ILs at 25.0:0.1 8C. The uncertainties arise from the fitting
of the experimental data. Each titration was performed at least twice.

Kip (V 105)
[HMIM][Tf2N] [BMIM][Tf2N] [BMPyrr][Tf2N] [BM2IM][Tf2N] [BMIM][BF4] [BMIM][PF6][a]

3-Methoxypyridine 0.692:0.031 1.16:0.14 0.325:0.038 0.660:0.033 0.106:0.008 0.818:0.030
Pyridine 3.49:0.49 0.542:0.049 0.523:0.032 0.282:0.023 0.564:0.059 1.01:0.15
3-Methylpyridine 3.65:0.41 4.09:0.59 1.89:0.07 2.41:0.15 0.620:0.052 1.26:0.09
4-Methylpyridine – – – 6.87:0.77 1.03:0.12 1.84:0.60
4-Methoxypyridine 9.58:1.23 15.8:1.76 6.86:0.44 15.0:1.9 3.82:0.28 2.74:0.40

[a] Data from Ref. [22] .

Scheme 2. Proton transfer between a generic acid HA and a generic base B.
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In particular, the iiDs of the 1:1 ion pairs formed between
the pyridines protonated at the nitrogen atom and the conju-

gate base of TFA were estimated from the relevant molecular
structures modelled through fast quantum mechanical calcula-

tions, taking into suitable account the permittivity of the ILs in
which they were generated (for details see the Experimental

Section). The calculated iiDs are reported in the Supporting In-
formation.

The equilibrium constant for the free ion formation in ILs,

Keq
IL, was derived from the experimental Kip values and the cal-

culated Kd values; data treatment is reported in the Supporting
Information.

Effect of the IL cation

To investigate how the cation affects the proton transfer equi-

librium, the values of Keq
IL (Table 2) obtained for the reaction in

the ILs [BMIM][Tf2N], ([HMIM][Tf2N]), [BM2IM][Tf2N] and [BMPyrr]
[Tf2N] (ILs 1, 2, 3 and 6, respectively, in Figure 1, where

HMIM = 1-hexyl-3-methylimidazolium and BMPyrr = 1-butyl-1-
methylpyrrolidinium) were considered as a function of the
cation type. Indeed, as the investigated ILs share the same
Tf2N anion, any observed difference is primarily due to the
change in cation.

For a fixed anion, the change of the cation primarily affects
the IL acidity. It has been demonstrated that hydrogen bond-
ing plays an important role in ILs.[32] In imidazolium-based ILs,
hydrogen-bond formation with the solvated solute is mainly

due to the most acidic hydrogen in the 2-position of the imi-
dazolium ring,[33] especially in the presence of a weak hydro-

gen-bond acceptor anion such as Tf2N@ . However other pro-

tons on the imidazolium ring can be involved in hydrogen
bonding as well as protons on a non-aromatic ring such as a

pyrrolidinium cation even if, in this latter case, the hydrogen
bonds are weaker.[34]

Notably, for all the investigated pyridines, the calculated Keq
IL

increase on increasing the hydrogen-bond donating ability of

the IL cation, quantitatively expressed by the solvent parame-

ter a, follows the order [BM2IM][Tf2N] (a = 0.381) < [BMPyrr]
[Tf2N] (a= 0.430) < [BMIM][Tf2N] (a= 0.617) < [HMIM][Tf2N]

(a= 0.650).
Indeed, a competition occurs for hydrogen bonding be-

tween the anions and cations, which can influence the proton
transfer equilibrium position. The carboxylate anion is a better

hydrogen-bond acceptor than the Tf2N anion,[35] and gives rise

to stronger interactions with the
proton of the IL cation (Figure 3),

causing the equilibrium position to
move forwards as much as the hy-
drogen-bond donating ability of
the cation increases.

Effect of the IL anion

Anions mainly affect the hydrogen-
bond accepting ability of the IL,
that is, IL basicity, quantitatively expressed by the value of the

solvent parameter b. It is reasonable that the higher the ability
of the anion to act as hydrogen-bond acceptor and to com-

pete with the TFA anion interfering in the hydrogen-bond net-
work of Figure 3, the lower would be the value of Keq

IL, de-
creasing along the series Keq

PF6>Keq
Tf2N>Keq

BF4.
Surprisingly, the lowest Keq values were obtained in [BMIM]

[PF6] , although the PF6
@ anion is less able to act as a hydro-

gen-bond acceptor than either Tf2N@ or BF4
@ . This result sug-

gests that even if there is evidence of a specific cation hydro-

gen-bonding effect, it cannot be the only factor responsible
for the observed changes, and therefore other contributions

have to be considered. An anomalous behaviour of the PF6

anion has been observed also by Harper et al.[36] in their study

on an SN2 reaction, performed in a series of ILs containing dif-

ferent anions, for which the authors could not directly corre-
late the activation parameters with the nature of the anion.

They related the “special case” of the PF6
@ anion to its size and

shape, responsible for the greater cross-linking of [BMIM][PF6]

in comparison with the other considered salts. They concluded
that the effect of changing the IL anion is less easily rational-

ised than the effect of changing the cation.

Effect of IL on the sensitivity of the proton transfer reaction
to pyridine substituents

The Hammett equation[37] has been applied to the data in

Table 2 with the aim to correlate the observed changes in the
Keq

IL with the changes in substituent on the pyridine ring. The

Hammett equation relates the relative magnitude of the equi-
librium constants to a constant 1 and an empirical electronic

substituent parameter s, as follows [Eq. (5)]:

Table 2. Calculated Keq
IL and Keq

W values for the proton transfer between pyridines and TFA in ILs and in water.

Solvent 3-Methoxypyridine Pyridine 3-Methylpyridine 4-Methylpyridine 4-Methoxypyridine

[HMIM][Tf2N] 5.34(:0.24) V 103 2.69(:0.38) V 104 2.09(:0.23) V 104 – 7.62(:0.98) V 104

[BMIM][Tf2N] 5.16(:0.62) V 103 2.39(:0.22) V 103 1.91(:0.28) V 104 – 7.80(:0.87) V 104

[BMPyrr][Tf2N] 1.23(:0.14) V 103 1.96(:0.12) V 103 7.58(:0.28) V 103 – 2.93(:0.19) V 104

[BM2IM][Tf2N] 6.69(:0.33) V 102 2.26(:0.18) V 102 2.27(:0.14) V 103 7.29(:0.82) V 103 1.71(:0.22) V 104

[BMIM][BF4] 1.23(:0.09) V 103 6.73(:0.71) V 103 7.18(:0.60) V 103 1.18(:0.14) V 104 4.34(:0.32) V 104

[BMIM][PF6][a] 9.43(:0.35) 8.52(:1.27) 1.66(:0.12) V 101 3.41(:1.11) V 101 6.49(:0.95) V 101

H2O 2.3 V 103 4.5 V 103 1.45 V 104 3.165 V 104 1.26 V 105

[a] Data from Ref. [25] .

Figure 3. Hydrogen-bonding
interaction between TFA@

and an imidazolium cation.
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logðK eq
X=K eq

HÞ ¼ 1s ð5Þ

where Keq
X and Keq

H are the equilibrium constants for the

proton transfer from TFA to an X-substituted pyridine and to
the unsubstituted pyridine, respectively. The reaction constant

1 is a measure of how sensitive the reaction is to the substitu-
tion. The greater the magnitude of 1, the more sensitive the

reaction is to the substituent effects.

The Hammett plots for the reactions in the series of ILs shar-
ing either the same anion or the same cation are reported in

Figures 4 and 5, respectively. For the sake of comparison, the
Hammett plot obtained for the reaction in water is reported in
Figure 5. The 1 values obtained as the slopes of the plots have

been collected in Table 3, together with a and b solvent pa-
rameters, the Kirkwood’s function f(e) = (e@1)/(2 e+ 1) and the

Hildebrand d values. The linearity of the Hammett plots dem-
onstrates that the use of the Fuoss equation is a valid ap-

proach despite the limitations of the Fuoss-type treatment as
it is derived for spherical ions and it takes into account only
the permittivity of the solvent, neglecting all specific solute–

solvent interactions.
It is clear that, for ILs with the same anion, the sensitivity to

the substituent effect on the pyridine basicity decreases linear-
ly as the ability of the IL cation to act as hydrogen-bond donor

increases (the greater the value of a, the less negative the

value of 1, see Figure S2 in the Supporting Information).
Indeed, the ability of the IL cation to interact through hydro-

gen bonding with the TFA anion levels the strength of the
base involved in the pre-equilibrium of the ion-pair formation

and reduces the electronic effect of the substituent on that
equilibrium.

The attempt to include in the same correlation the 1 values

obtained for the IL series with fixed cation and different anions
failed, suggesting that other contributions must be involved in
the observed solvent effect. However, a somewhat linear trend
was found for the above three ILs in a plot of 1 versus b (R2 =

0.893, slope =@8.70, intercept = 0.60), which shows that the
sensitivity to the substituent effect decreases as a response to

the decrease of the hydrogen-bond accepting ability of the

solvent (the lower the value of b, the less negative the value
of 1). In order to find, if possible, a more general correlation

among the several different contributions of solute–solvent in-
teractions to the observed trend of the 1 sensitivity, classical

multi-parameter regression analyses were performed, based on
equations of the following type [Eq. (6)]:

j1j ¼ SC i > Di ð6Þ

where Di represents the generic i-selected descriptor of solva-
tion interactions, and Ci corresponds to its regression coeffi-
cient. The parameters a, b, f(e) and d (Table 3) were tested as
proper Di descriptors. The choice was motivated by the need

to monitor the ability of the solvent to act as a hydrogen-
bond donating and/or hydrogen-bond accepting medium, to
perform electrostatic shielding of atomic charges and to take

into account the energy required to host the solute molecules
inside a proper cavity generated within the solvent. The quality

of each performed regression was checked by carrying out the
relevant F-test and t-test statistical evaluations (the former was

useful to assess in percentage the probability of casualness of
the obtained regression, the latter was needed to establish the
statistical significance of each Di parameter). The regression re-

sulting by the insertion of all the four descriptors in Equa-
tion (6), although characterised by absence of casualness

(probability less than 0.12 %) and a good correlation coefficient
(R2 = 0.981), indicated that the d descriptor is not statistically

Figure 4. Hammett plots for the proton transfer between TFA and substitut-
ed pyridines in [HMIM][Tf2N] (^), [BMIM][Tf2N] (~), [BMPyrr][Tf2N] (&) and
[BM2IM][Tf2N] (*). Error bars represent standard deviations.

Figure 5. Hammett plots for the proton transfer between TFA and substitut-
ed pyridines in [BMIM][Tf2N] (~), [BMIM][PF6] (&), [BMIM][BF4] (^) and
water (*). Error bars represent standard deviations.

Table 3. Physical properties of ILs and 1 values for the proton transfer
between pyridines and TFA in ILs and in water.

Solvent a b f(e) d[a] 1

[HMIM][Tf2N] 0.650[b] 0.259[b] 0.475 11.5 @2.94:0.66
[BMIM][Tf2N] 0.617[c] 0.243[c] 0.471 11.1 @3.01:0.16
[BMPyrr][Tf2N] 0.430[b] 0.250[b] 0.470 10.8 @3.50:0.55
[BM2IM][Tf2N] 0.381[c] 0.239[c] 0.455 11.9 @3.66:0.19
[BMIM][BF4] 0.627[c] 0.376[c] 0.478 12.8 @3.81:0.37
[BMIM][PF6][a] 0.634[c] 0.207[c] 0.429 12.7 @2.17:0.23
H2O 1.17[d] 0.18[d] 0.490 23.4 @4.35:0.26

[a] Determined according to the procedure described in Ref. [29] . [b] De-
termined according to the procedure described in Ref. [33a] . [c] Data
from Ref. [33a] . [d] Data from Ref. [38] .
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significant. On the contrary, the correlation obtained taking
into account only the descriptors a, b and f(e) [Eq. (7)] , resulted

again in good quality (R2 = 0.978), was devoid of randomness
(probability less than 0.0032 %) and all the descriptors were

statistically significant :

j1j ¼ @3:62 aþ 6:89 bþ 7:32 f ðeÞ ð7Þ

From Equation (7), it is clear that the sensitivity to the sub-

stituent effect increases as: 1) the IL acidity decreases (negative
value of the a regression coefficient) ; 2) the IL basicity increas-

es (positive value of the b regression coefficient) ; 3) the solvent

permittivity increases. The latter property is the factor playing
the major (though not dominant) role (46 % relative contribu-

tion to 1, calculated on a percentage basis from the absolute
values of the regression coefficient of Equation (7). In particu-

lar, it acts in favour of an increase of the sensitivity as a re-
sponse to an increase of solvent polarity. The residual percent-

age contributions arising from the hydrogen-bond donating

and hydrogen-bond accepting capacity of the solvent can be
quantified as 31 % and 23 %, respectively. The higher sensitivity

to the substituent effect of the acid–base equilibrium observed
for water (1 =@4.35) with respect to the investigated ILs is

probably a consequence of the high influence of solvent per-
mittivity (see Table 3).

Conclusion

The basic properties of pyridine and some substituted pyri-

dines were investigated in ILs with different cation–anion com-
binations by protonation with TFA. The formation of ion pairs

is suggested and the relative values of Kip show a trend that
almost follows the basicity order of pyridines in water. The ex-

perimental Kip values were corrected for the ion-pair dissocia-

tion into free ions by the use of the Fuoss equation. Notably,
for a fixed IL anion, the calculated Keq

IL increases as the hydro-

gen-bond donating ability of the IL cation increases. A differ-
ent and more complex behaviour was observed in ILs with
same cations but varied anions as no simple correlation with
solvent parameters could be found. The application of the

Hammett equation allowed quantification of the susceptibility
of the reaction to the electronic characteristics of the substitu-

ents. These calculations revealed that pyridines are better dif-
ferentiated in water than in ILs, which definitely act to mask
the differences in the intrinsic strengths of the bases. In the

series of the investigated ILs, the sensitivity to the substituent
effects depends on the anion and cation composition of the IL.

A multi-parametric analysis demonstrated that the observed
effects depend on the IL hydrogen-bond donor acidity and hy-

drogen-bond acceptor basicity, acting in opposite ways. How-

ever, the IL permittivity seems to have a major positive influ-
ence on the differentiating ability of the solvent. The evi-

denced effect of ILs and, particularly, of the IL composition on
the relative strength of bases has to be taken into account

when tailoring ILs as solvents for reactions involving bases
both as reagents and catalysts.

Experimental Section

Materials

Dichloromethane and trifluoroacetic acid were commercial AnalaR
grade (Sigma-Aldrich) and were used without further purification.
Commercial pyridine, 3-methylpyridine, 4-methylpiridine, 3-me-
thoxypyridine, and 4-methoxypyridine (Sigma-Aldrich) were dis-
tilled in the presence of NaOH before each experiment. The com-
mercially obtained (Iolitec) ILs shown in Figure 1 were dried for 2 h
at 80.0:0.1 8C under vacuum before each experiment. The purity
of the imidazolium salts was checked by ESI-MS and UV/vis spec-
trophotometry (purified [BMIM]+ salts containing [Cl]@ or [Br]@

<0.1 ppm have no absorption band in the 250–300 nm region).
The water content in the ILs was determined by the technique de-
scribed by Karl Fischer using an apparatus composed of a standard
titrator and a coulometer. A water content within 120–150:
20 ppm was found for ILs 1–3 and 6, whereas water contents of
250:23 and 351:26 ppm were found for IL 4 and IL 5, respec-
tively.

UV/Vis titrations

The UV/Vis spectra were recorded with a UV/Vis spectrophotome-
ter (Varian Cary 100 Bio) with a spectral resolution set to 0.333 nm.
The spectrophotometer was equipped with a thermostatted cell
holder. A small aliquot of a stock solution of the base in CH2Cl2

was transferred into a quartz cuvette with a light path of 1 mm,
containing 200 mL of the appropriate IL. The concentrations of pyri-
dine and substituted pyridines were kept constant at 2 V 10@4 and
1 V 10@4 mol dm@3, respectively, in all experiments. Aliquots of a
0.1 mol dm@3 stock solution of TFA in CH2Cl2 were then added to
the cuvette to obtain final TFA concentrations in the range 0–3.5 V
10@4 mol dm@3. A spectrum was acquired after equilibrium had
been established after each addition of TFA. The end-point was de-
termined by plotting the absorbance values versus the titrant con-
centration. All spectra were recorded at 25.0:0.1 8C.

Estimation of inter-ion distances

All quantum mechanical optimisations were performed with the
software package Spartan 10 (version 1.1.0). The iiDs used in Equa-
tion (4) have been estimated from the structures of the 1:1 ion
pairs formed between the pyridines protonated at the nitrogen
atom and the conjugate base of TFA, which were modelled by per-
forming self-consistent field optimisations at the HF/3-21G level of
theory. In particular, as a function of the position and type of sub-
stitution on the pyridinium cycle, the number of optimised ion-pair
structures was: 1) one for the pristine pyridine and 4-methylpyri-
dine bases; 2) two for 3-methylpyridine and 4-methoxypyridine
bases; 3) four for the 3-methoxypyridine base. According to the
SM8 solvation model implemented in Spartan, the self-consistent
field optimisation of the 10 ion-pair structures was carried out by
simulating their dissolution in four solvents of widely differing per-
mittivity, the values of which range from 8.9 to 37.5, that is, in
CH2Cl2 (e= 8.9) ; acetone (e= 20.7); nitromethane (e= 35.9); aceto-
nitrile (e= 37.5). Thus, for each selected solvent and pyridinium
compound, the final iiD was computed as the value averaged from
those estimated by the centres of mass of the ion couple constitut-
ing the analysed structure of the optimised supramolecular iso-
mers, according to their relevant Boltzmann populations. Figure S3
shows a graph in which, for each of the five pyridinium species,
the found iiD values are plotted as a function of the permittivity of
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the solvents in which they were modelled. Eventually, the final
searched iiDs data, attributable to each pyridinium compound
within each of the considered six ILs, were assessed by suitable in-
terpolation on the plots collected in Figure S3, starting from the
known e values of the investigated ILs.

Multi-parameter linear analyses

All multi-parameter linear regression analyses, as well as the relat-
ed F-test and t-test statistical evaluations, were performed by
using the dedicated functions implemented in the Microsoft Office
Excel 2013 program. The probability related to the Student t-distri-
bution in the t-test was set to 0.05.
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