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Despite the importance of ionic liquids in a variety of fields, little is understood about the
behaviour of protons in these media. The main difficulty arises due to the unknown activity of
protons in non-aqueous solvents. This study presents acid dissociation constants for nine
organic acids in deep eutectic solvents (DESs) using standard pH indicator solutes. The pKin
value for bromophenol blue was found by titrating the DES with triflic acid. The experimental
method was developed to understand acid-base properties of deep eutectic solvents, and
through this study it was found that the organic acids studied were slightly less dissociated in
the DES than in water with pKa values between 0.2 and 0.5 higher. pKin values were also
determined for two ionic liquids [Bmim] [BF4] and [Emim] [acetate]. The anion of the ionic
liquid changes the pH of the solution by acting as a buffer. [Emim] [acetate] was found to be
more basic than water. It is also shown that water significantly affects the pH of ionic liquids.
This is thought to arise because aqueous mixtures with ionic liquids form heterogeneous
solutions and the proton partitions into the aqueous phase. This study also attempted to develop
an electrochemical pH sensor. It was shown that a linear response of cell potential vs. In an+
could be obtained but the slope for the correlation was less than that obtained in aqueous
solutions. Finally it was shown that the liquid junction potential between two reference
electrodes immersed in different DESs was dependent upon the pH difference between the

liquids.
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Introduction
Chemistry in ionic liquids is dominated by electron and proton transfer but the activity of
protons, in a liquid which is essentially a buffer, is poorly understood. The ability to tailor the
acidity or basicity of an ionic liquid has been demonstrated with whole classes of liquids such
as acidic ionic liquids, protonic ionic liquids, basic ionic liquids and zwitter ionic liquids
however, comparatively little is understood about how their acidity compares with aqueous
solutions.>? In an analogous way, deep eutectic solvents, DESs, which are eutectic mixtures of
quaternary ammonium salts and hydrogen bond donors can be tailored by the functionality of
either components and basic and acidic versions have been made and characterised.®>* The
activity of protons in ionic liquids can be affected by the ability of the anion and/or cation to
act as proton donors or acceptors in the same way that any molecular solvent can. While this
may seem like a trivial issue to resolve, it is the lack of standard thermodynamic reference
points that makes most of the usual methods difficult to apply to ionic liquids.
MacFarlane et al.® studied traditional indicator molecules such as bromocresol purple and
Alizarin red S to show that liquids such as [Emim] [acetate] are relatively basic. The authors
proposed that the pKa value of an acid (HX) in an ionic liquid [R4sN*] [S] containing a weak
anion [S7] could be approximated by taking the ratio of the aqueous pKa values of the acid and
salt in water i.e.
PKa RN 3 = pKa * 1) / pKa * (1) (1)
Using this approach they showed that strong acids in water, such as HCI, HOTf, HNOs and
HCIO4, should be totally dissociated in ionic liquids. They also showed that ionic liquids acted
as buffers when acids and bases were added to them but they did not quantify pKa or pH values.
Kanzaki et al.® used an electrochemical cell to measure the pH of the protonic ionic liquid
ethylammonium nitrate (EAN) using the cell

Ag | AgCl| 0.1 M NaCl (g || EAN || sample EAN solution| Hz g | Pt
Where || was a glass membrane. They dissolved different organic acids in EAN and found that
the pKa values were lower than in water. They also demonstrated that a potentiometric titration
could be carried out by adding propylamine to EAN containing acetic acid.
Grasvik et al.” used the Hammett acidity scale to characterise the acidity of the [BHim]
[HSO4]-H2SO4 system. This is a robust method which is able to measure a wide range of
acidities with a single probe, however, it is less widely used than the pH scale. Xing et al. also
measured Hammett acidity functions for sulfonic acid-functionalized ionic liquids and found

that the acidity of the liquids were controlled by the nature of the anion.® Mihichuck et al.



showed that there was a good correlation between the Hammett acidity scale and the pH for
HINTf,] in [Bmim][NTf].°

An alternate method of describing proton activity is using an absolute scale making use of
general thermodynamic considerations. These ideas were described for ionic liquids by
Himmel et al.’® and supported by quantum chemical calculations. They also characterised the
superacidity of the HBr/AlBr3 system using NMR spectroscopy and related this to other acids
using the absolute pH scale.

In this study we present the use of bromophenol blue to determine the pKa values of organic
acids in ionic liquids and deep eutectic solvents. We present the first pKin values in ionic liquids
and DESs and show that the pKa values of organic acids in DESs and ionic liquids are closely
correlated with those in aqueous solutions. It is also shown that a glass electrode does not
behave in a strictly Nernstian manner in ionic liquids. The cell potential can, however be
correlated with acid concentration and calibration can produce a potential which can be used

to produce an analytical signal which gives a measure of relative pH.

Experimental

Synthesis of Deep Eutectic Solvents: 2 EG: 1 ChCl and 2 glycerol: 1 ChCI were prepared by
mixing choline chloride (Sigma-Aldrich 99 %) with the hydrogen bond donor (ethylene glycol
glycerol or urea (all Sigma-Aldrich > 99 %)) in the given molar ratio. The mixture was heated
and stirred at 50 °C until a fully homogeneous liquid was formed. The sources of the other

chemicals are shown in Table 1; all were used without further purification.

Table 1: Sources and purity of chemicals used in this study
Compound Source Purity %
Triflic acid Fisher >99
Oxalic acid Sigma-Aldrich 98
salicylic acid Sigma-Aldrich 99
Succinic acid Fisher >99
Citric acid Sigma-Aldrich >99
Benzoic acid Sigma-Aldrich >08.9
Lactic acid Fisher >99
Propanoic acid Fluka >08
Butanoic acid Fluka >08
[Bmim] [BF4] Aldrich >98%
[Emim] [OACc] Sigma-Aldrich >98%
Bromophenol blue Amresco >08.9
Acetic acid Fluka >99
Silver chloride Sigma-Aldrich >09




The pKa value of the bromophenol blue indicator were determined using a UV-vis
spectrophotometric method. Solutions of bromophenol blue (6.60 x10° mol kg™?) were made
up in each of the ionic liquids and DESs. The solution was split into 3; one was used as made,
one was made up to 0.1 mol kg? triflic acid solution, and the third to 0.1 mol kg with
methylamine. These were able to convert the indicator to the fully protonated and deprotonated
forms respectively. A Shimadzu UV- visible spectrophotometer 1601 was used for the
experiments. The path length for the quartz cell was 10 mm.The spectra were measured in the
range 350 to 750 nm. The absorbance maxima of B.P.B were at approximately 602 nm

(deprotonated) and 428 nm (protonated).

The water content of all liquids was measured using TG and were found to be 2.10 (2 EG: 1
ChCl), 0.72 (2 urea: 1 ChCl), 1.64 (2 Glycerol: 1 ChCI), 1.48 [Emim] [OAc] and 0.043
wt%[Bmim] [BFa].

The pH electrode was a Jenway 3510 module number 924 005. Solutions of HOTT containing
102,103, 10, 10°, 10°, 10" mol kg™ were made up in distilled water. This was repeated using
a 50:50 wt % mixture of 2EG: ChCI and water and finally in pure 2EG: ChCI. For each
measurement the cell voltage was measured after the solution was stirred for 20 minutes and
the electrode was left to equilibrate in an unstirred solution for 3 minutes before the cell voltage

was measured.

The liquid junction potentials were measured by chronopotentiometry using an Autolab Type
Il potentiostat with GPES software. The reference electrodes on either side of the liquid
junction were a silver electrode in contact with 0.01 mol kg* AgCl in one of four DESs; 2 EG:
1 ChCl, 2 glycerol: 1 ChCl, 2 urea: 1 ChCl, 2 oxalic acid: 1 ChClI

Ag| AgCl (a=0.01 mol kg*) (DES1) |- AgCI (a=0.01 mol kg*) (DES2) | Ag

The size of droplets formed when water was mixed in the ionic liquids was determined using
a Malvern instruments, Zetasize Nano dynamic light scattering apparatus. To each ionic liquid
5 wt% water was added and each mixture was stirred for 10 minutes before filtration through

a 0.22 um Nylon filter to remove any solid particles from the liquids under investigation.



Results

In this study, two methods of determining proton activity are tested; indicator solutes and
electrochemical sensors. The first of these methods uses the classical spectroscopic method to
characterise the pH of an acid based upon the relative amounts of protonated and deprotonated
indicator solute. The pH can be determined by measuring the ratio of absorbances for the
protonated and deprotonated forms of the indicator.*2
[In7] )

pKmn = pH + logwm
The issue with this approach is the unknown value of pKin in an ionic medium. The pKj, can
be determined by titrating a solution of the indicator with an acid and measuring the relative
absorbances of the protonated and deprotonated indicator. At the mid-point where the
absorbances are the same, pKin = pH. The initial study to quantify the pKin was carried out in a
mixture of 2 ethylene glycol: 1 choline chloride (2 EG: 1 ChCI). This deep eutectic solvent was
chosen because of previous studies on electrode potentials of simple redox couples. The cell
potential of a standard hydrogen electrode (Pt| H2 [H pes) was measured as a function of acid
molality.*® Triflic acid was chosen as the acid as it was thought as the most likely to fully
dissociate in an ionic medium (pKa -14.7 in aqueous solution).'* It was found that over 6 orders
of magnitude concentration the Ha/H™ redox couple exhibited Nernstian behaviour up to a
molality of 1 mol kg'. It was assumed from this that the acid was effectively totally dissociated
over this concentration range and behaved as an ideal solution.
For this study the aim was to determine the acidity of a variety of simple organic carboxylic
acids in a range of ionic liquids and deep eutectic solvents. In aqueous solutions, most of these
would have pKa values in the range 2.5 to 5.5. To quantify the pKa of these acids, bromophenol
blue (BPB) was chosen as an indicator as it is approximately in the middle of this range (pKin
in water is 4.0).
The spectroscopic method is also slightly complicated because the extinction coefficient of the
protonated and deprotonated forms need to be considered. For each ionic liquid and DES the
extinction coefficient was measured for the protonated and deprotonated forms using 4

different concentrations of bromophenol blue.



Figure 1 shows solutions of bromophenol blue in 2 EG: 1 ChCl containing different
concentrations of triflic acid at 20 °C. The molalities of triflic acid ranged from 10 to 10 mol
kg™l and it can be seen that the indicator is largely protonated at the higher concentration and

partially dissociated at the lower concentration.
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Figure 1: solutions of bromophenol blue in 2 EG: 1 ChCI containing different molalities
of triflic acid ranged from (I to r) 10, 1073, 10*, 10° and 10® mol kg™

Figure 2a shows the absorbance spectra of 9 solutions of different triflic acid molalities and
Figure 2b shows the absorbance of the deprotonated signal at 602 nm as a function of log
concentration. It is not possible to find an absolute pH in any liquid other than water and so a
comparative scale will be made using the assumption that the triflic acid is fully dissociated
and the molality can be converted to a relative pH using the same method and assumption that
would be used in water i.e. pH = -logio an+. Using the assumption of MacFarlane in equation
1 this appears to be a reasonable approximation. 2 Figure 2b shows a plot of absorbance vs
effective pH on a molal scale assuming complete dissociation of the acid. This is effectively a

titration curve for the indicator and the pK,, is the mid-point of the absorbance — concentration
curve. This same approach of using a strong acid and assuming full dissociation has been used
by Kanzaki et al. for the protic ionic liquid ethylammonium nitrate.® The pK,, of the BPB is
3.74 +£0.012 in 2 EG: 1 ChCl which is slightly lower than that in water (4.0)*® which would be

logical as the liquid will be a slightly weaker base than water.
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Figure 2: (a) The absorbance of spectra of different BPB with different concentrations of
triflic acid in 2 EG: 1 ChCI (b) absorbance of the peak at 600 nm as a function of relative
pH.

One interesting aspect of using DESs is that the ionic strength can be changed by varying the

ratio of quaternary ammonium salt to hydrogen bond donor. Table 2 shows the pK,, values for
BPB in different ethylene glycol (EG): choline chloride molar mixtures. It can be seen that the
more chloride that is added the less acidic the liquid becomes. This is logical because the
chloride anions are relatively basic compared to the glycol molecules. In comparison, the DES
2 glycerol: 1ChCl has a pK, value of 3.89 + 0.28 even though it contains the same choride
concentration as 2 EG: 1 ChCl. It can be seen that the HBD does have an effect on the acidity
of the DES. We previously showed that the protons in 2 EG: 1 ChCl are more labile than in 2
glycerol: 1ChCI despite the similarities in their pK, values in water (ethylene glycol (14.22)

and glycerol (14.15)).1

Table 2: pKin for bromophenol blue in some DESs. Error bars are standard deviations of 5

measurements.
Solvent water 2EG:1ChCI | 3EG: 1ChCl | 4 EG: 1ChCI | ethylene glycol
PK,, 3.99 +0.05 3.61£0.02 3.55+0.04 3.39 +0.13 3.23+0.09

Once the pK,, was determined it was possible to calculate pKa for a variety of carboxylic acids

in 2 EG: 1 ChCI. The pKa values for 9 carboxylic acids are shown in Figure 3. It can be seen

that a good linear correlation is obtained between the pKa values in 2 EG: 1 ChCl and that
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obtained in water. The same approach was used for the same acids in water and values were

very similar to those reported in the literature.
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Figure 3: Comparison the average pKa values of 9 carboxylic acids in 2 EG: 1 ChCl and
water. Error bars are standard deviations of 5 data points.

For most of the acids tested the pKa value in 2 EG: 1 ChCl was approximately 0.5 larger than
that in water. Table 3 shows that this is very like the difference between the pKin values for the
two liquids (0.39). A recent study by Kanzaki et al. studied the pKa of 14 acids in the protonic
ionic liquid ethylammonium nitrate (EAN) and found that the pKa values were approximately
1 smaller than in water. These results are consistent with what would be expected given the
relative basicity of the chloride anion compared to water. It should also be noted that the
concentration of base is considerably lower in the DES than in water (chloride concentration

in DES is 3.8 mol kg'* c.f. water concentration which is 55.6 mol kg).

pKa values for carboxylic acids in other ionic liquids
The approach used above to calculate pKin for 2 EG: 1 ChCl was used for some other ionic

liquids and the results are shown in Table 3.

Table 3: pKin for bromophenol blue in some ionic liquids. Error bars are standard

deviations of 5 data points.

[Camim][OTH] [Bmim][BF4] [Emim][OACc] Water
PKin &re) 3.38+0.15 3.84+0.10 3.92 +0.09 4.0
HOTf HBF4 HOAC H20
pKa"r2 c.a.-2.8 -0.44 4.75 14




Table 3 shows that the pKin values for BPB are all lower in the ionic liquids than in water
which is consistent with the data found for 2 EG: 1 ChCI. Of the three anions tested acetate
was the most basic and triflate the least basic. The pKin data correlate with the pKa values for
the corresponding acids of the ionic liquid anions.?

Using the pKin data in Table 3, the pKa values of 4 acids; acetic, succininc, lactic and salicylic
acid were determined for [Emim][OAc]and [Bmim] [BFs]and a related DES, 2 glycerol:
1ChCI. MacFarlane used OAc™ and BF4 salts as examples of weakly basic and basic anions
respectively and estimated the pKa of the ionic liquids.? The BF4 salts are also thought to be
acidic due to hydrolysis of the anion by traces of water’ so it was thought to be a useful system
to quantify and see how the practical pKa compares with the predicted value.? Figure 4 shows
the pKa of 4 acids; acetic, succininc, lactic and salicylic acid in 4 ionic liquids and DESs

compared to the values in water.
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Figure 4 Correlation of pKa values of acetic, succininc, lactic and salicylic acid in 4 ionic
liquids and DESs compared to the values in water. Error bars are standard deviations of 5
data points.

It can be seen that the pKa values of all the acids are largest in [Emim][OAc]and smallest for
[Bmim] [BF4]. MacFarlane et al. predicted that the acids should be less dissociated in [Bmim]
[BF4] should be lower than those observed in aqueous solutions due to its moderately weak

basicity.? The pKa values for the acids in [Bmim] [BF4] are, however, lower than might be



expected due to the presence of water which is known to hydrolyse the anion to HF and BFs
making the solutions more acidic, so this observation should not be surprising. The
corresponding pKa values in both 2 glycerol: 1ChCl and 2 EG: 1 ChClI are similar which would
be expected from the pKi, values in Table 2.

It is difficult to remove the presence of all water from the samples so hydrolysis of [Bmim]
[BF4] is not surprising. To show the effect of water on [Bmim] [BF4] the pKin was measured
with extra water added to the liquid. The initial content in the as supplied material was
approximately 0.043 wt% (TG). To this liquid, 1 and 5 wt% water were added and the pKi, of
BPB in the liquids were determined. Without additional water being added the pKi,was 3.74
0.012. The addition of 1 wt % water caused the pKin to decrease to 3.66 + 0.034 and with 5 wt
% water this fell further to pKin 3. 59 + 0.029 showing that the liquid was becoming
significantly more acidic which confirmed the formation of HF. The role of water in ionic
liquids has been discussed by several groups.'81%20 Recently, it has been suggested that nano-
domains of water exist rather than the water being homogeneously mixed with the ionic liquid?
and DES.?

To demonstrate that this is indeed the case, dynamic light scattering was carried out with ionic
liquids and DESs containing 5 wt% water. Table 4 shows the average droplet size and
distribution for [Bmim] [BF4], [Emim] [OAc], 2 glycerol: 1ChCl and 2 EG: 1 ChCI . Clearly,
far from creating homogeneous solutions the water forms nanodomains. These are largest in 2
EG: 1 ChCl with an average diameter of 311 nm. This is effectively a microemulsion with a
droplet containing approximately 4 x 108 molecules. It is unlikely that this will be a pure water
droplet and there will be an equilibrium between water monomers in the DES and the
constituent parts of the DES in the water phase. In recent work, the self diffusion coefficients
of the constituent species in 2 EG: 1 ChCI - water mixtures were measured.'® At low water
content (<2.5 wt %) the OH protons on Ch* and EG were found to diffuse at the rate controlled
by the bulk viscosity of the liquid. At higher water content the OH diffused at a rate more

characteristic of bulk water showing that a biphasic system existed.

The observation that microemulsions form must mean that ionisation occurs at the interface
between the two phases such that a zeta potential is set up stabilising these large droplets. It is
interesting to note that the droplet size distribution is relatively narrow. The 2 glycerol: 1ChCl
liquid has a slightly smaller droplet with an average diameter of 105 nm. [Bmim] [BF4] and
[Emim] [OAC] are slightly smaller but still show that the domains are significant in size. There
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are two consequences of this observation; firstly, the acid is more likely to partition into the
aqueous phase which could lead to regions of different micro pH, and secondly these nano-
domains may explain several unusual phenomena such as the stability of proteins in aqueous-

ionic liquid mixtures.?242°

Table 4: Average aqueous dispersed phase size for 5 wt % water in 2
ILs and 2 DESs. Error bars are standard deviations of 7 data points.

Bulk phase Dispersed phase size (nm)
2 EG: 1 ChCl 311 +18
2 glycerol: 1ChClI 105 + 12
[Bmim] [BF4] 96 +4.0
[Emim][OACc] 72 +8.0

The light scattering experiment with 5 wt% water in 2 EG: 1 ChCIl was repeated with 0.01 mol
kg™ triflic acid and it was found that the particle size was 239 + 20.8 nm which is similar to
that without acid which suggests that the acid does not significantly affect the zeta potential

and hence the size of the droplet.

pH measurement using an electrochemical sensor

Clearly a common way of measuring pH is to use an electrochemical cell. This approach was
studied by Kanzaki et al.® who created a hydrogen electrode to measure the pH of organic acids
in ethylammonium nitrate. While the H*/H2 couple appears to be Nernstian in these solutions
the issue which needs to be reviewed is the performance of the glass membrane and the
meaning of a liquid junction potential in an ionic liquid.

The glass electrode functions by having a conducting glass membrane which is exposed to
different proton activities on either side of the membrane. Most aqueous pH electrodes (or more
accurately the proton ion selective electrode) are based on the cell:?®

Ag| AgCI | HCI |2 H* (analyte) ||2 Ref2 (3)

Where ||1 is the conducting glass membrane and Ref> is a second reference electrode separated
by a salt bridge |2 from the analyte. This is usually another silver-silver chloride electrode or a
mercury-calomel couple.

The pH meter measures a cell potential which can be approximated as;

E

cell

= constant + g log,a,,. 4)
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So in most cases it is assumed that the change in cell potential with proton activity should be
approximately -59 mV. The issue with the application of glass membranes to this type of study
is the assumptions inherent in the sensing mechanism. It is clearly inappropriate to measure pH
directly using a classical meter but it may be appropriate to test equation 4 by measuring the
cell potential as a function of HOTf molality. Figure 5 shows the change in cell potential for a
glass electrode in an aqueous solution of triflic acid as a function of proton activity assuming
complete dissociation of the acid. The response shows the expected linear correlation with a
slope of -56 + 2.4 mV. The experiment was repeated with the same molalities of triflic acid,
this time in a mixture containing 50 wt% water and 50 wt% 2 EG: 1 ChCI . The response of
cell voltage as a function of nominal pH is still very similar although the slope of the graph has
decreased to -55 + 2.4 mV. Repeating the experiment using pure 2 EG: 1 ChCI results in a
linear correlation but the slope of the line was -52 £ 2.8 mV. It is clear, that this glass membrane
provides a roughly linear response between cell potential and acid molality in all cases although
the slope is not the same in the three liquids. A glass electrode could, however give an analytical
signal which gives a measure of relative pH if calibrated against solutions of a strong acid of
known molality in an ionic liquid or DES.

B Triflic acid in 2EG:1ChCl

® Triflic acid in water
A 50:50 water and 2EG:1ChCI

300
250
200 ;

150
50 2

upe

100

E/mV

504

-50 4

-100

pH

Figure 5: Correlation of cell potential with relative pH for triflic acid in (a) water (b) 2
EG: 1 ChCI and (c) a 50:50 wt mixture of a and b. Error bars are standard deviations of 3

data points.

The discrepancies in the slopes of Figure 5 probably originates from the way in which the glass
electrode functions. The glass used is an amorphous silicon dioxide with alkali metal oxides

and the glass becomes protonated in acidic aqueous solutions
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Si-O- + H30" — Si-OH* + H.0 (5)

The ability of the silica to become protonated depends on its degree of hydration. Dehydration
of pH electrodes can significantly affect their response and reversibility. The response of the
glass electrode in relatively anhydrous DES is worse than in water and even in a 50:50 mixture
which shows that the use of glass membranes can cause difficulties in anhydrous conditions.
Even though the E vs pH response is not strictly Nernstian it does form a linear calibration plot.
Using this plot the glass electrode was used to determine the relative pH of acetic and citric
acid solutions in 2 EG: 1 ChCl and these data were used to calculate the pKa values. A pKa of
3.21+ 0.05 was determined for citric acid compared to 3.63 + 0.12 shown in Figure 3 and a
pKa of 4.79 + 0.14 was determined for acetic acid compared to 4.90 + 0.04. This shows that
both methods give comparable values of pKa although the glass electrode produces slightly
lower values than that using the indicator dye.

In addition to the issues experienced with the glass membrane it is possible that there could be
artefacts associated with the the liquid junction potential (LJP) at salt bridge, ||>. To demonstrate
this, cells were constructed with different DESs in them. These were;

Ag| AgCl (a=0.01 mol kg?) (DES1) || AgCl (a=0.01 mol kgt) (DES2) | Ag (6)

Table 5: Cell potential of cell (6) where DES1is 2 EG: 1 ChCl and DES isan HBD:1
ChCI Error bars are standard deviations of 3 measurements.
n HBD 1 Oxalic acid 2EG 2 Glycerol 2 Urea
Ewp/ mV 159+1.38 0.5+0.09 -9.8+0.41 -13.9+0.21

Table 5 shows the liquid junction potentials, ELjp, for 4 DESs in contact with each other. It can
be seen that the ELsp values increase with increasing acidity. Although all 4 DESs have the
same ionic species (Ch™ and CI") the proton will have a higher mobility than Ch* and this will
set up an LJP as the migration of the proton will be easier than that of Ch*. In the oxalic acid-
based DES proton activity will clearly be the largest and this has the most positive ELsp. The
urea-based DES is relatively basic due to traces of ammonia formed duing synthesis of the
DES.

This is therfore an issue that needs to be addressed when using ionic liquids of different relative
proton activities in contact with eachother e.g. with electrochemical reference electrodes. It
should however be noted that this is potentially another method of quantifying pH albeit less

sensitive than cell (3).
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Conclusions

This study has shown bromophenol blue can be used as a probe for quantfying the pKa values
of organic acids in ionic liquids and deep eutectic solvents. The pKin values were determined
using a titration method using UV-vis spectroscopy. It was found that the pKa values for 9
organic acids were constantly about 0.5 units higher than those found in water. This would be
expected given the differences in concentration and strength of the base in the two liquids. The
process was repeated for other ionic liquids and DESs and it was found that the liquid became
more basic as the concentration of ChCl was increased in the DES. The acidity of ionic liquids
was found to depend on the basicity of the anion. The unusually low pKa value for [Bmim]
[BF4] was rationalised by hydrolysis of the anion to form HF. The pKa values for 4 carboxylic
acids were determined in two ILs and two DESs. The values were lowest in the BF4 based IL
and highest in the acetate-based liquid.

The behaviour of a glass electrode was determined in DESs of different water content and it
was shown that while the potential — pH plot was Nernstian at high water content the slope
decreased as the amount of water decreased. It was proposed that the non-Nernstian response
was possibly due to dehydration of the silica layer close to the solution interface. While the
response was non-Nernstian it was nevertheless linear and gave pH values for an organic acid
in a DES which corresponded to those observed in solution using the bromophenol blue
indicator. It was also shown that the liquid junction potential in an electrochemical cell is pH
dependent due to the preferential transport of protons compared to large organic cations.
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