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The potentiometric behavior of the chlorine electrode has been investigated at 40 OC in aluminum chloride-N- 1-butylpyridinium 
chloride and in aluminum chloride-1-methyl-3-ethylimidazolium chloride ionic liquids. In basic (excess organic chloride) melts 
the Nernstian behavior of a tungsten electrode in solutions containing C12(g) indicates two electrode reaction stoichiometries: C13- + 2e- = 3C1-, when chloride ion is in excess over chlorine, and 3C12 + 2e- = XI3-, when there is an excess of chlorine. Formal 
potentials of the C12/C13-, C13-/Cl-, and C12/CI- couples have been determined in both ionic solvents, and the stability constant 
of the CI,- ion has been obtained (&, = 64 and 30 dm3 mol-' in butylpyridinium and imidazolium chloroaluminates, respectively). 
The difference between Eo'C12ICI- values in these two solvents reflects the difference between ionic association constants for the 
two organic chlorides. In acidic (ex- AlCI,) melt compositions, slow equilibria and reactions of chlorine with the organic cations 
impede potentiometric measurements with the chlorine electrode. The reversible chlorine electrode potential could be measured 
only in acidic AICl,-BuPyCI melts, and the tetrachloroaluminate ion dissociation constant log K%"WI = -17.0 * 0.5 has been 
obtained. In the acidic 1.1:l AIC13-ImCl system the half-life of chlorine is ca. 1 min; thus, the chlorine electrode cannot be used 
in this system. The tetrachloroaluminate ion dissociation constant in the latter system (log PmCl = -17.1 * 0.5) was calculated 
from the difference of the aluminum electrode potentials in acidic AICI,-BuPyCI and AIC13-ImC1 ionic liquids. 

Introduction 
Mixtures of aluminum chloride and chlorides of large organic 

cations form ambient-temperature ionic which exhibit 
interesting acid-base proper tie^.^,' The major equilibrium de- 
scribing acid-base properties of these liquids is the  dissociation 
of tetrachloroaluminate ion:49598-12 

(1) 
For a determination of the equilibrium constant of reaction 1, 
chloride ion activities on both sides of an equivalence point at the 
neutral (1:l AlC1,:RCl mole ratio, where R+ is an alkali metal 
or an organic cation) melt composition need to be measured. As 
we have recently found,') the aluminum electrode cannot be used 
for potentiometric measurements in basic (AlC1,:RCl < 1) com- 
positions of either NCl,-BuPyCl (BuPyC1 = N- 1 -butylpyridinium 
chloride) or AlC1,-ImCl (ImCl = 1 -methyl-3-ethylimidazolium 
chloride) ionic liquids. On the other hand, voltammetric mea- 
surements indicated the possibility of the determination of chloride 
ion activities in these systems in potentiometric experiments with 
a chlorine electrode. The chlorine electrode has been used pre- 
viously for potentiometric studies in high-temperature alkali-metal 
chloroaluminates.8q1"16 

In this study, potentiometric investigations of the chlorine 
electrode behavior in ambient-temperature ionic liquids- 
AlCl,-BuPyCl and AlCl,-ImCl-are described and the equilib- 
rium constant for reaction 1 in these two systems is determined. 
Experimental Section 

Methods used for synthesis of N-1-butylpyridinium chloride and of 
I-methyl-3-ethylimidazolium chloride, for purification of AICI, (Fluka) 
and preparation of melts were similar to those described previo~sly. '~~ 
Chlorine gas (Matheson) in lecture bottles was used as received. 

All experiments were carried out under a purified argon atmosphere 
in a Vacuum Atmospheres drybox with an HE 493 Dri-Train. Constant 
temperature (40 * 1 "C) was maintained witha Selectrol (Therm0 
Electric) proportional temperature controller. 

Tungsten (TE) and glassy-carbon (GCE) electrodes, sealed in glass 
(A = 0.0784 and 0.196 cm2, respectively), were used as indicator elec- 
trodes. The reference electrode was a Ag+/Ag electrode (0.01 mol dm" 
Ag' in 1.5:l AIC13-RCI melts), whose potential is more stable and re- 
producible than the aluminum reference electrode usually used in chlo- 
roaluminate melts." Rotating-disk experiments were performed with 
an EGLG PARC 174A polarographic analyzer and H P  7046A X-Y 
recorder. In potentiometric experiments a Keithley 168 digital voltmeter 
was used. Absorption spectra were obtained with a Perkin-Elmer Model 

2AlC14- = A12C1,- + C1- 
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Table I. Dependence of Diffusion Coefficient and Stokes-Einstein 
Product of Chlorine on the Melt Compositions 

AlC13-BuPy C1 
0.75 0.32 0.52 1.3 4.5 2.73 
0.85 0.50 0.53 1.5 5.5 3.07 
0.9 0.52 0.47 1.8 4.7 2.4 
0.95 0.61 0.50 1.99 5.5 2.55 
1.1 3.6 2.35 

A1Cl3-1mC1 
0.72 0.55 0.48 0.95 1.2 0.52 
0.85 0.82 0.52 

a In this and subsequent tables NA = number of moles of AlC13 and 
NB = number of moles of RC1. 

Coleman 750 spectrophotometer using 0.1 -cm matched quartz cells 
(Wilmad). 

Concentrations of solvent ions as well as solutes are expressed in mol 
dm-'. Solvent ion concentrations were calculated from the stoichiometry 
at the melt preparation by mixing accurately weighed quantities of AICl, 
and an organic salt. Since chlorine reacts with organic cations of these 
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Figure 1. RDE voltammograms (rotation rate 900 rpm) at tungsten 
(plots 1 and 2) and glassy-carbon (plots 1’ and 2’) electrodes for chlorine 
solutions in AlCl,-BuhCl melts: (plots 1 and 1’) 1.3:l AlC13:BuPyCl, 
5 mM C1,; (plots 2 and 2’) 0.9:l AlCl,:Bu~Cl, 20 mM C1,. 

low-temperature chloroaluminate melts (vide infra), a sealed cell could 
not be used. Indtead, the chlorine gas was bubbled through the melt in 
an open cell and the actual concentration of dissolved chlorine was de- 
termined by RDE voltammetry immediately after the potential mea- 
surements. A diffusion coefficient for chlorine was calculated from RDE 
experiments performed immediately after the chlorine concentration was 
determined from the difference in the weight of the melt sample mea- 
sured before and after chlorine had been bubbled through the melt. 
Results 

Voltammetric Studies of Chlorine Solutions. Rotating-disk 
voltammograms recorded in chlorine sorutions in acidic and basic 
AlCl,-BuPyCl mixtures a t  tungsten and glassy-carbon electrodes 
are shown in Figure 1. The cathodic chlorine reduction waves 
exhibit well-defined plateaus, and the cathodic limting currents 
are linearly dependent on the square root of the electrode rotation 
rate, showing that these currents are convective diffusion con- 
trolled. Since the chlorine concentration was known from the 
weighings (see Experimental Section), the diffusion coefficient 
of chlorine in various melt compositions could be calculated from 
the Levich equation. The values obtained are shown in Table I. 
Despite the low accuracy of these measurements, resulting from 
a lack of precision in determining chlorine concentration, the 
Stokes-Einstein products shown in Table I indicate a reasonable 
constancy of the chlorine solvolytic radii for basic compositions 
of AlCl,-ImCl and AlC1,-BuPyCl and also throughout acidic 
compositions of A1Cl3-BuPyCl mixtures. The Dg/ T values for 
acidic chlorine solutions were, however, distinctly larger than for 
basic solutions, indicating the formation of different chlorine 
species in acidic and basic melts (vide infra). The mean values 
of the Stokes-Einstein products thus obtained were used to de- 
termine the actual concentration of dissolved chlorine during the 
course of experiments by use of RDE voltammetry results. It was 
found that chlorine concentration in the melts decreased in time; 
apparently the chlorine solutions in the organic chloroaluminate 
melts were unstable. The chlorination of imidazolium cation in 
AlCl,-ImCl melts has been previously ~bserved,’~ and indeed the 
reaction of chlorine with 1.1 : 1 AlCl,-ImCl melt was fast. The 
decrease of the height of the cathodic wave (Figure 2), reflecting 
the diminution of the chlorine concentration, followed first-order 
kinetics with a pseudo-first-order rate constant of ca. 5 X 
s-’ and a chlorine half-life in this solution of about 1 min. This 
reaction of chlorine with imidazolium cation hindered potentio- 
metric measurements for chlorine solutions in acidic AlC1,-ImCl 
mixtures. Fortunately, however, chlorine solutions in acidic 
AlC1,-BuPyCl melts were more stable. The decrease in the 

(18) Wilkes, J. S. ,  Frank J. Seiler Research Laboratory, US. Air Force 
Academy, personal communication. Reynolds, G. F.; Wilkes, J. S.; 
Levisky, J. A.; Fannin, A. A. Report No. FJSRL-TR-83-0006; US. Air 
Force Academy: Colorado Springs, CO, Dec 1983. 
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Figure 2. Time dependence of the RDE limiting current of chlorine 
reduction in a 1.1:l AIC13-ImCI melt ( E  = -0.5 V, tungsten electrode, 
rotation rate 900 rpm). 

chlorine concentration in the latter solutions did not follow 
first-order kinetics; the chlorine concentration dropped to half the 
initial value within ca. 45 min. Chlorine reacted much less rapidly 
with basic chloroaluminate melts. Its concentration decreased 
by less than 30% per hour, and chlorine volatilization probably 
accounted for most of this decrease. 

In contrast to the diffusion-controlled cathodic waves, large 
anodic currents were observed for RDE voltammograms recorded 
for chlorine solutions in acidic as well as basic melts (Figure 1). 
Cyclic vdtrimmetric experiments showed that these anodic currents 
arise from chlorine evolution reactions and reflect the positive 
potential limits in both AlCl3-BuNl and AlC13-ImCl systems:13 
a well-defined plateau for the chlorine evolution wave from C1- 
oxidation can be obtained only in nearly :neutral” chloroaluminate 
melts that contain millimolar amounts of Cl-.19,20 

The shapes of the RDE voltammograms obtained at tungsten 
and glassy-carbon electrodes indicate that the electrode reaction 
rates are much faster a t  the T E  at  all melt compositions. A lack 
of an inflection point a t  zero current on the voltammogram re- 
corded with a T E  in the basic chlorine-containing solution (Figure 
1, plot 2) shows that chlorine evolution and reduction processes 
proceed with low overpotentials. At the GCE these reactions are 
irreversible (Figure 1, plot 2’). In acidic melt compositions the 
potential difference between the anodic and the cathodic portions 
of the RDE voltammogram was also distinctly larger a t  the GCE 
(Figure 1, plot 1’) than at the T E  (Figure 1, plot l), thus showing 
that the electrode reactions are slower at  the former electrode. 

Potentiometry. The differences of electrode reaction rates in 
the Cl2/C1- system at  different melt compositions and/or different 
indicator electrodes, observed in voltammetric studies, were also 
evident in potentiometric experiments. The potential of the TE 
in chlorine solutions in basic melts was stable, reproducible within 
f l  mV, and independent of the electrode rotation rate. The 
potential of the GCE in the same solution was also quite stable, 
with a reproducibility of f2 mV, and its dependence on the 
electrode rotation rate was also ca. f2 mV. On the other hand, 
in acidic melts containing chlorine the potential of a rotating T E  
was stable after ca. 5-min equilibration, its reproducibility was 
ca. f10 mV, and the potential value was dependent, to some 
extent, on the electrode rotation rate. The difference between the 
potentials measured in a given solution when the TE was stationary 
and when this electrode was rotated at  3600 rpm was about 20 
mV. The potential of the GCE in the same solution was even more 
dependent on the electrode rotation rate; the potential of the 
rotating GCE was about 50 mV more positive than the potential 
of the stationary electrode. These effects of slow electrode reaction 
rates in acidic chlorine solutions limited the accuracy of equi- 
librium potential measurements in acidic AlCl3-BuPyC1 mixtures. 

(19) Lipsztajn, M.; Osteryoung, R. A. J .  Electrochem. Soc. 1983,130, 1968. 
(20) Lipszajn, M.; Osteryoung, R. A. Inorg. Chem. 1984, 23, 1735. 
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Figure 3. Dependence of the potential of a chlorine electrode in basic 
(0.9: 1 A1C13:BuPyC1) melt on chlorine concentration. The ordinate has 
units of mmol d d .  

However, the potential measured with a rotating T E  at  chlorine 
concentration greater than 20 mM followed the Nernst equation; 
a plot of E vs. log Cc12 had the slope 0.032 V (the theoretical value 
at  40 O C  is 0.031 V) (Figure 3). This result and also the fact 
that potentials measured with a T E  in acidic chlorine solutions 
were 20-30 mV more positive than the values measured in the 
same solutions with a GCE show that the equilibrium potential 
of the CI2/Cl- couple was not significantly affected by the possible 
reaction of chlorine with tungsten, since any contribution of the 
latter reaction would shift the potential to less positive values. The 
accuracy of equilbrium potential measurements for the chlorine 
electrode in basic melts was much better than in acidic melt 
compositions. In solutions with excess chloride over chlorine the 
dependence of the equilibrium potential on chlorine concentration 
followed the Nernst equation, with a 0.03 1-0.034-V slope, over 
the concentration range 7-100 mM (Figure 4). At high chloride 
concentrations, changes of the equilibrium potential with con- 
centration of dissolved chlorine and/or chloride ion followed eq 
2. The formal potential of the C13-/Cl- couple, calculated from 

RT 3 R T  
2 F  2F E = Eo'cl,/cl- + - In [C1<] - - In [Cl-] (2) 

the latter equation, was constant a t  the most basic compositions 
of AlC1,-BuPyC1 and AlC13-ImCl melts (Table 11), and the mean 
values were 0.195 and 0.214 V, respectively. This indicates the 
stoichiometry of the redox reaction determining the potential of 
the indicator electrode is 

(3) 
The formation of Cl< ion in chlorine solutions in the basic melts 
was also indicated by the difference in the Stokes-Einstein 
products of chlorine in acidic and basic melt compositions (Table 
I). This was additionally confirmed by UV spectra recorded for 
chlorine solutions in acidic and basic AIC13-BuPyCl melts (Figure 
5 ) .  The molar absorptivity of chlorine with increasing chloride 
ion activity has been observed for molten alkali-metal chloridesz1 

C13- + 2e- = 3C1- 

(21) Andersen, R. E.; Ostvold, T.; 0ye, H. A. "Proceedings of the Interna- 
tional Symposium on Molten Salts"; Pemsler, J. P., Braunstein, J., 
Nobe, K., Morris, D. R., Richards, N. E., Eds.; The Electrochemical 
Society: Princeton, NJ, 1976; p 1 1  1. 
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Figure 4. Dependence of the potential of a chlorine electrode in acidic 
(1.8:l AlC1,:BuPyCl) melt on chlorine concentration. The ordinate has 
units of mmol dm-3. 

Table II. Potentiometric Results for Chlorine Solutions in Basic 
Melts 

CCI,O 103c~,~, 
NA/NB mol dm-' mol dm-) E,, V Eo'Clp-,~~-, V 

AICI~-BUP~CI 
0.75 1 .1  109 0.161 0.195 

71 0.154 0.194 
22 0.138 0.194 

0.85 0.645 1 1 1  0.184 0.196 
52 0.172 0.194 
7 0.145 0.194 

0.9 0.42 82 0.200 0.198 
41 0.190 0.198 
38 0.189 0.198 
21 0.180 0.197 
16 0.176 0.196 
7 0.163 0.195 

0.95 0.21 52 0.226 0.202 
12 0.202 0.198 

AlC1,-ImCl 
0.72 1.404 140 0.169 0.209 

48 0.153 0.208 
14 0.136 0.208 

0.85 0.60 107 0.202 0.21 1 
94 0.199 0.210 
38 0.186 0.209 
31 0.183 0.209 

0.95 0.232 81 0.258 0.233 
43 0.246 0.229 
20 0.230 0.224 

a Concentration of C1- calculated from measured or interpolated 
density data of ref 33 and 34. 

and for A1Cl3-CsCl meltsZZ and was assigned to C13- formation. 
At lower chloride concentrations Eo 'c,,-,~,- was not, however, 
constant, especially in A1Cl3-ImCl mixtures, wher e the formal 
potential shifted to more positive values (Table 11). This indicates 
that C13- stability in basic low-temperature chloroaluminates is 

(22) Carpio, R. A.; King, L. A.;.patvik, A. P.; mtvold, T.; 0ye, H. A. Lighr 
Met. (Wurredufe, Pa.) 1981, 325. 
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Figure 5. Absorption spectra of chlorine solutions in acidic and basic 
AlC\,-BuPyCl melts: (I) 9 mM C12, 0.9:1 AlC1,:BuPyClf (2) 50 mM 
C12, 1.3:1 A1CI’:BuPyCI. 

Table 111. Potentiometric Results for Nearly “Neutral” Melts 

6 
4.9 
3.8 
2.9 
2.1 

4.4 
3.6 
2.5 
2.5 
1.7 

AICI3-BuPyCl 
49 0.373 
53 0.388 
74 0.402 
46 0.399 
92 0.437 

AlC13-ImC1 
94 0.397 
66 0.391 

120 0.432 
45 0.390 
60 0.415 

0.357 
0.364 
0.357 
0.366 
0.367 

0.346 
0.349 
0.356 
0.354 
0.357 

not high, and at  low chloride concentration another electrode 
reaction affects the potential of the indicator electrode. Such 
behavior, with the equilibrium potential showing nonlinear de- 
pendence on log &,, was observed for solutions with no marked 
excess of chlorine or chloride ion. However, in solutions with more 
than a 10-fold excess of chlorine over chloride ion, in nearly 
“neutral” melts, the potential of the indicator electrode followed 
the Nernst equation written for reaction 4. The values of the 

(4) 3c1, + 2e- = 2Cl3- 

formal potential of the C12/C13- couple calculated from eq 5 are 

shown in Table 111. The accuracy of these measurements was 
less than at  higher chloride concentrations. Because of difficulties 
in the ”neutral” melt p r e p a r a t i ~ n , ’ ~ . ~ * * ~ ? ~  concentrations of both 
chlorine and chloride ion were calculated from RDE voltammetry 
results, C,, from the height of the cathodic wave and CQ- from 
the anodic limiting current (Figure 6). The mean values of the 

(23) Karpinski, 2. J.; Osteryoung, R. A. J .  Elecrroanal. Chem. Znferfacial 
Electrochem. 1984, 178, 28 1. 

(24) Karpinski, 2. J.; Osteryoung, R. A. Itwrg. Chem. 1984, 23, 4561. 
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Figure 6. RDE voltammograms for chlorine solutions in nearly “neutral” 
AICl,-BuPyCl melt, Ccl, = (1) 35, (2) 25, and (3) 0 mM (tungsten 
electrode, rotation rate 900 rpm). Excess BuPyCl over AIC1, is 13 mM 
for all curves. 

Table IV. Potentiometric Results for Acidic A1C13-BuPyC1 Melts 

CAI~CI~-/CAICL,-~ 1 O’Cci,, CAI~CI , - /~AICI~-~  
NA/NB mol-’ dm3 mol dm-3 mo1-I dm-) Eo’C12IAlcli 

1.3 0.164 50 1.218 1.307 
41 1.214 1.305 
33 1.210 1.304 
28 1.208 1.305 

1.5 0.572 53 1.241 1.296 
38 1.237 1.296 
30 1.233 1.295 
20 1.220 1.288 

1.8 6.24 52 1.315 1.306 
39 1.312 1.306 
31 1.310 1.308 
24 1.306 1.307 
18 1.300 1.305 

1.99 3260 68 1.420 1.238 
58 1.410 1.23 1 
42 1.407 1.232 
30 1.399 1.228 

Cl,/Cl; formal potential are 0.362 and 0.352 V for AlCl,-BuPyCI 
and A1Cl3-ImC1 systems, respectively. 

The equilibrium potential of the C12/C1- couple in acidic am- 
bient-temperature chloroaluminates could be measured only in 
AlC13-BuPyCl mixtures (vide supra). The results are shown in 
Table IV, and the dependence of the equilibrium potential on the 
melt acidity and chlorine concentration indicated the stoichiometry 
of the electrode reaction 

C1, + 2A1,Clf C 2e- = 4A1C14- (6) 

Thus the formal potential of the ClZ/AlCl4- couple was calculated 
from eq 7 and is also shown in Table IV. The values obtained 

are approximately constant except for the most acidic melt com- 
position. This deviation does not necessarily indicate a change 
in the electrode reaction stoichiometry. It may have been caused 
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by an inaccuracy in the melt composition; melts with AlC1,:RCl 
mole ratios close to 2 are poorly buffered, and a small inaccuracy 
in the melt composition causes a large change in equilibrium 
chloride concentration. The other reason for the deviation could 
be a significant decrease of the exchange current for the chlorine 
evolution and reduction processes caused by a low concentration 
of AlC14- ion, the reactant in the anodic process. From the values 
of Eo 'CI~/AICI,- obtained in 1.3: 1, 1.5: 1, and 1.8: 1 AIC1,-BuPyCl 
mixtures, the mean value of 1.302 V was calculated. 

Despite the experimental difficulties limiting the accuracy of 
the measurements, potentiometric experiments with chlorine 
electrodes permit the determination of the electrode reaction 
stoichiometries and the measurements of the formal potentials 
for Cl</Cl-, Clz/C1<, and Cl,/AIC14- couples in low-temperature 
chloroaluminate ionic liquids. 

Estimation of Equilibrium Constants. From the formal po- 
tentials measured in these potentiometric experiments, several 
equilibria constants could be calculated. The formal potential 
of the CI2/CI- system was obtained from the Eo'C12,CI,- and 
EO'C~,-ICI- values: 

EorC12/C13- + 2E0 'c13-/cl- 
(8) - 

3 E0'Cl2/CI- - 
The Eo ~12/cl-  values obtained for AlCl3-BuPyC1 and AlC1,-ImCl 
systems are 0.251 and 0.260 V vs. the Ag+/Ag reference electrode, 
respectively. In order to compare these values, the ferrocene/ 
ferrocenium ion system was used as the reference redox couple. 
The formal potential of the ferrocene/ferrocenium couple is almost 
independent of the solution acidity throughout the basic, neutral, 
and slightly acidic melt compositions in AlC13-BuPyCl mixtures. l7 
Therefore, we have assumed that it is about the same in the 
butylpyridinium and imidazolium tetrachloroaluminates. Thus, 
intersolvent comparisons can be made with potentials referred to 
the ferrocene electrode. The Cl2/C1- formal potentials in the 
AlC1,-BuPyCl and AlC1,-ImCl systems are 0.593 and 0.620 V 
vs. the potential of the ferrocene/ferrocenium ion couple in the 
respective "neutral" melts. This small difference between the 
formal potentials of the Cl2/C1- couple in AlCl,-BuPyCl and 
AlC1,-ImCl ionic liquids, reflecting mainly the difference in 
organic cation-chloride ion interactions, may indicate a higher 
degree of ionic association of imidazolium chloride than of bu- 
tylpyridinium chloride. 

From the difference between the formal potentials of the 
Cl,-/Cl- and Cl2/C1- couples, the stability constant of C13- in the 
two chloroaluminate melts was calculated (eq 9). The values 

of the Cl; ion stability constant in A1C13-BuPyC1 and AlC1,-ImCl 
mixtures are 64 and 30 mol-' dm3, respectively. The smaller 
stability constant of C13- ion in the AIC1,-ImCl system is another 
indication of a possible higher degree of association of Im+-Cl- 
than of BuPy+-Cl-. 

The equilibrium constant of the tetrachloroaluminate ion 
dissociation (eq 1) determines the shift of the Cl2/A1Cl4- formal 
potential with respect to the formal potential of the Cl2/C1- couple: 

Thus, with the accuracy of the formal potential measurements 
estimated as about 10.025 V, the value of log f lumc l  = -17.0 
1 0.5 is obtained from eq 10 for the equilibrium constant of 
tetrachloroaluminate ion dissociation in the A1Cl3-BuPyCI ionic 
liquid at  40 OC. In the AICl,-ImCl system the formal potential 
of the ClZ/AlCI4- couple could not be obtained (vide supra) and 
eq 10 could not be used for the estimation of the tetrachloro- 
aluminate ion dissociation constant in this system. Therefore, a 
chloride ion activity in acidic AlC1,-ImCI and A1Cl3-BuPyCl 
mixtures was measured with an aluminum electrode. The 
equilibrium potential of the latter electrode cannot be measured 
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in basic ambient-temperature chloroaluminate melts.', In acidic 
composition of these melts the potential of the aluminum electrode 
was, however, stable, well reproducible, and stirring independent, 
and as shown in several works on the potentiometry of the alu- 
minum electrode in these ~ y s t e m s , 4 ~ ~ J ~ J *  its dependence on the 
melt activity follows the Nernst equation: 

RT 
E = Eo ',AJA~(III)/M + 3~ In [A1Cl4-] - 4RT In [Cl-] (1 1) 3 F  

The equilibrium potentials of an aluminum electrode in 1.5:l 
AlC1,-ImCl and 1.5: 1 A1Cl3-BuPyCl melts were measured with 
respect to the potential of the ferrocene/ferrocenium ion couple 
in the neutral imidazolium and butylpyridinium tetrachloro- 
aluminates and were -0.395 and -0.407 V in AlC1,-ImCl and 
in A1Cl3-BuPyC1 melts, respectively. From this potential dif- 
ference the ratio of the tetrachloroaluminate ion dissociation 
constant in the two ionic solvents could be calculated. If we 
substitute [Cl-] = K[AlC14-]2/[A12C17-] into eq 1 and remember 
that in 1 5 1  AlCl,-RCl mixtures [AlC14-] = [A12C17-], the fol- 
lowing relationship is obtained: 

[AlC14-] BuPfll 4RT In KBupC1 + -  - F In [A1C14-]ImC1 3 F  KimCi 

j Since [AlCl4-IBuPyC' = 1.749 mol dm-, and [AICl4-]Imc1 = 1.981 
mol dm-', log log (IP@@/Pa) = 0.175 so that log pa = -17.1 
f 0.5. Thus, as indicated previously by voltammetric  result^,'^ 
the equilibrium constant of tetrachloroaluminate ion dissociation 
is of the same order of magnitude in A1Cl3-BuPyCl and in 
A1Cl3-ImCl ionic liquids. 

Discussion 

The stoichiometries of the electrode equilibria in chlorine so- 
lutions in organic chloroaluminate ionic liquids as indicated by 
adherence to different forms of the Nernst equation indicate the 
formation of different chlorine species at different solution acidities. 
In acidic and neutral solutions molecular chlorine (Cl,) is dissolved, 
and at  high chloride concentrations trichloride ion (Cl<) forms. 
Chloride ion in basic melt compositions forms ionic aggregates 
with the organic cations. In acidic solutions the equilibrium 
concentration of chloride ion is very low (vide infra) and the 
chlorine reduction product is tetrachloroaluminate ion. 

The equilibrium constants were calculated from the formal 
potentials measured in potentiometric experiments. The problems 
involved in the analysis of potentiometric measurements in 
chloroaluminate melts have been discussed by several au- 
thors.8~gJ0314*2e26 It has usually been assumed that emfs measured 
in these systems can be described by a simple Nernst equation 
written in terms of concentrations, thus neglecting liquid-junction 
potentials and activity coefficients. The results of a number of 
potentiometric studies in these systems seem to confm the validity 
of such simplification; the models based on these assumptions fit 
the experimental data within limits of experimental uncertainty. 
In addition, two recent results confirm the relative unimportance 
of liquid-junction potentials for emf s measured in organic chlo- 
roaluminate ionic liquids. The internal transference number of 
Im+ in acidic A1Cl3-ImCl mixtures has been shown to be l.27 
Although no transference number measurements have been made 
in the BuPyC1-AlCl, system, by analogy, we assume this for the 
BuPyC1-AIC1, melts. Also, the formal potential of the ferroc- 
ene/ferrocenium ion couple, measured for a cell configuration 
similar to that in the present work, has been found to be constant 
throughout most of the accessible range of A1Cl3-BuPyC1 system 

(25) 0ye, H. A.; King, L. A. Inorg. Nucl. Chem. Lett. 1980, 16, 541. 
(26) Blander, M.; Saboungi, M.-L. 'Proceedings of the Third International 

Symposium on Molten Salts"; Mamantov, G., Blander, M., Smith, G. 
P., as.; The Electrochemical Society: Princeton, NJ, 1981; p 212. 

(27) Hussey, C. L.; 0ye, H. A. J. Electrochem. SOC. 1984, 131, 1622. 
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difference of the formal potentials of the C12/C1- couple in 
A1Cl3-BuPyCl and AlC1,-ImCl systems reflects a higher degree 
of the ionic association for imidazolium chloride than for bu- 
tylpyridinium chloride, as could be expected from the difference 
in the sizes of these cations. 

The values of the equilibrium constants for reaction 1 in 
AlC1,-BuPyCl and AlCl,-ImCl ionic liquids obtained in this work 
are shown in Table V together with the values previously reported 
for these and similar systems. The results of potentiometric 
experiments with the chlorine electrode give more accurate values 
than the preliminary estimates of the tetrachloroaluminate ion 
dissociation constant based on the formal potentials of the Cl2/C1- 
couple inferred from CV re~u1ts . l~ These values allow a quan- 
tification of basic properties of A1Cl3-BuPyCl and A1Cl3-ImCl 
ionic liquids in terms of "chlorobasicity", with pC1 as a numerical 
measure of basicity.8 They indicate the very wide range of basicity 
accessible in these melts; by a change in the AlC1,:RCl mole ratio 
from 0.75:l to 1.99:1, pC1 can be varied from ca. 0. to 20. 

The tetrachloroaluminate ion dissociation constants measured 
with the chlorine electrode are considerably different from those 
calculated from results of potentiometric studies with aluminum 
electrodes. As we have shown previo~sly, '~  the latter electrode 
cannot be used in basic organic chloroaluminates where aluminum 
electrode equilibria are very slow and a mixed potential is mea- 
sured. This factor was also addressed in our initial publication 
on this matter, where it was specifically indicated that the value 
of log K was <-12.4." Unfortunately, the use of the chlorine 
electrode in ambient-temperature chloroaluminates is hindered 
by the slow electrode equilibria in acidic melt compositions and 
by acid-catalyzed reaction of chlorine with the organic cations. 
The latter reaction appears to be much slower in basic organic 
chloroaluminates and requires further investigation, since it may 
not preclude potentiometric experiments with chlorine solutions 
in a sealed-off system. The Nernstian behavior of the chlorine 
electrode in basic chloroaluminates could allow studies of acid-base 
equilibria involving chloride ion, even in systems with nonelec- 
troactive solutes. 
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Table V. Equilibrium Constants for AIClp- Ion Dissociation in 
AICl2-RC1' Melts 

syst log Kb temp, "C ref 
AICI3-BuPyCI -17.0 40 this work 

-16.9 40 13 
<-12.4 30 1 1  

-12.9 40 12 

-16.6 40 13 
-18.7 30 5 

AIC13-ImC1 -17.1 40 this work 

AIC13-(BuDMAP)CI -10.1 40 4 

OR = organic cation. bK = [A12C13-][Cl-]/[AlC14-]2. 

 composition^.^^ Therefore, in the present work liquid-junction 
potentials and activity coefficient terms were neglected. 

The value of the C13- stability constant in AlC1,-BuPyCl and 
AlC1,-ImCl ionic liquids indicates the formation of trichloride 
ion at  higher chloride concentrations. The existence of Cl,- was 
also postulated in these melts on the basis of diffusion coefficients 
obtained from rotating-disk measurements.20 This agrees with 
the results obtained for chlorine solutions in basic alkali-metal 
chloroaluminates.22 The C13- ion formation was not observed in 
the AlC1,-NaCl melt; however, in a similar system containing 
larger cations (AICl,-CsCl), UV spectra indicated the formation 
of C13- ions. The relative stability of the C1< ion in AlCl3-BuPyC1 
and AlCl3-ImC1 ionic liquids, much greater than that in aqueous 
solutions,28 indicates the characteristic features of the acid-base 
interactions in these organic chloroaluminates. Strong interactions 
of solutes with the Lewis base, chloride ion (and also with the 
Lewis acid, heptachloroaluminate ion), are promoted by relatively 
weak interactions between solutes and large organic cations and 
tetrachloroaluminate anions. 

The ionic association of butylpyridinium and imidazolium 
cations with chloride ion in basic chloroaluminates has been in- 
dicated by NMR:9*30 FTIR?' and UV absorption" spectroscopies 
and also by the analysis of conductivity  measurement^.^^ The 

(28) Zimmerman, G.; Strong, F. C. J .  Am. Chem. SOC. 1957, 79, 2063. 
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(32) Lipztajn, M.; Osteryoung, R. A. J.  Electrochem. Soc. 1984,132,1126. 
(33) Fannin, A. A.; Floreani, D. A.; King, L. A.; Landers, J.  S.; Stexh, D. 
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