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Acid-Base Equilibria in Amphiprotic Solvents and Potentiometric Titration

L.N.Bykova and S.I.Petrov

Modern ideas about acid-base equilibria in amphiprotic solvents (acetonitrile, dimethylformamide, ketones, and others) are
discussed. Data are presented for the homoconjugation constants of phenol and benzoic acid derivatives in these solvents and
the calculation of acid-base titration curves is described. The question of the solvent acidity scales and their relative posi-
tions-on a unique acidity scale are discussed. Factors limiting the solvent acidity scale calculated from its autoprotolysis
constant are considered. Data are presented for the measured relative (practical) acidity scales for non-aqueous solvents
and their mixtures in potentiometric titration. The optimal conditions chosen for acid-base titration are justified.
The bibliography includes 180 references.
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1. INTRODUCTION

During recent years considerable advances have been
achieved in the physical and analytical chemistry of non-
aqueous solutions1"17. This has assisted a quantitative
assessment of the effect of the properties of the solvent on
those of the solute and a further development of the theory
of acid —base potentiometric titration in non-aqueous
solutions.

The study of acid —base interaction in amphiprotic
solvents with weak acid and basic properties showed that
the overall scheme of equilibria in electrolyte solutions
(acids, bases, and salts) includes a large number of
intermediate stages. Therefore a quantitative interpre-
tation of these interactions is very much more complicated
than in an aqueous medium or in solvents with properties
similar to those of water (lower alcohols, glycols). P ro -
gress in this field of science involved measurements by
different methods (spectrophotometric, conductimetric,
and potentiometric) not only of the dissociation constants
of acids and bases in amphiprotic solvents but also of
equilibrium constants characterising individual stages of
the acid —base interaction. The effect of water and other
hydrogen bond donors and acceptors on the conditions
governing acid — base interactions in amphiprotic solvents
has been characterised quantitatively. The equations
derived by Kolthoff make it possible to calculate the pH of
buffer solutions and also potentiometric titration curves
in solvents such as acetonitrile, dimethylformamide
(DMF), and dimethyl sulphoxide.

Since acid —base interaction in any solvent is due
primarily to the acid and basic properties of the solvent
itself, it is necessary to consider the question of solvent
acidity scales . The studies in this field have yielded
many new data for autoprotolysis constants and the unique
null proton activity coefficients which can be used to con-
struct a unique solvent acidity scale. Factors limiting
solvent acidity scales merit special attention, since under
real conditions solvents usually contain admixtures of
water and other solvents which distort their acid — base
propert ies. This necessitates the study of the physico-
chemical properties of mixed solvents.

The present review considers the latest data on acid —'
base interaction in amphiprotic solvents and solvent
acidity scales . The large volume of information in this

field necessitates continual review and crit ical a s se s s -
ment of the published work.

In conclusion the choice of the optimal conditions for
potentiometric acid —base titration is justified. New
studies on the theory and practice of potentiometric acid —
base titration have shown that the potentialities of this
method are far from being exhausted18.

2. ACID - BASE EQUILIBRIA AND CALCULATION OF
TITRATION CURVES

When an acid HA interacts with a base B in a protolytic
solvent SH, a number of reactions take place; the main
processes are as follows8'19"21:

intrinsic ionisation of the solvent:

in terac t ion of the acid with the solvent:

+ A~

interaction of the base with the solvent:

B + SH^lB • • • SH^BH+ -S-nBH+

interac t ion of the acid with the b a s e :

HA + B + A~ .

(1)

(2)

(3)

(4)

Depending on the p rope r t i e s of the solvent , the acid and
the base, a definite relation is established between these
equilibria.

When an acid HA is titrated in a solvent SH with a
standard solution of a base B, reaction (4) predominates19.
However, there is the possibility of a simultaneous side
reaction (3) in which the solvent interacts as an acid with
the titrant. The extent of reaction (4) depends on the
relative acid properties of the acid HA and the solvent SH.
The stronger the acid HA and the weaker the acid SH, the
higher the extent of reaction (4) and the interaction of the
HA acid being determined with the titrant B is quantitative.
The weaker the acid HA and the stronger the acid SH the
less complete is reaction (4).

When a base B is titrated in a solvent SH with a stan-
dard solution of an acid HA, the main reaction (4) is
accompanied by a side reaction (2). The extent of reac-
tion (4) depends on the relative basic properties of the



976

base B being determined and the solvent SH.. The more
basic the properties of the solvent SH and the weaker those
of B the less complete is reaction (4) because the side
reaction (2) occurs to a considerable degree.

Since in aqueous solutions salts are fully dissociated
and strong acid and base solutions may be employed as
titrants, for the calculation of titration curves in water it
is necessary to know the concentration of the acid HA or
the base B being titrated, their dissociation constants K^
or K-Q, and the autoprotolysis constant of water Ks.

 22>23

Calculation of acid —base equilibria in water-like sol-
vents such as ethanol and methanol resembles the calcula-
tion of titration curves in water, since the formation of
ion pairs takes place to only a slight extent and salts
behave as strong electrolytes. Compared with water, the
activity coefficients in these solvents are appreciably
reduced (at the same ionic strength). The Debye — Huckel
law may be employed at ionic strengths less than 0.01.19

In other alcohols, the dielectric constants of which are
less than 24, calculations of titration curves are compli-
cated, since ion pairs are formed. In this case it is also
necessary to consider the dissociation constants of the
titrant electrolyte and of the salt formed. Such calcula-
tions of titration curves have been performed by Kolthoff
and Bruckenstein19 for acetic acid. They studied the
acid —base equilibria in acetic acid and measured the dis-
sociation constants of electrolytes and the autoprotolysis
constant of the solvent22. The titration curves calculated
from these data agree satisfactorily with experiment.
The lack of data for the dissociation constants of electro-
lytes and sometimes also the autoprotolysis constants of
the solvents precludes the use of the Kolthoff equation for
the calculation of titration curves in alcohols with low
dielectric constants.

Table 1. The dissociation (#H^) and ho mo conjugation
(/£„A_) constants of substituted phenols and benzoic acids
in acetonitrile.

No.

1
2

3
4
5
6
7
8
9

10
11
12
13
14
15
16
17
18
t9

Compound

o-NitiophenoI
p-Nitrophenol

m-Nitrophenol
2,4-Dinitrophenol
3,5-Dinitrophenol
2,6-Dinitrophenol
4-Chloro-2,6-dinitiophenol
3-Chloro-4-nitrophen ol
2,4,6-TrinitrophenoI
p-Hydroxybenzoic acid
Benzoic acid
m-Bromobenzoic acid
3,4-Dichiorobenzoic acid
m-Nitiobenzoic acid
p-Nitrobenzoic acid
4-Chloio-3-nitrobenzoic acid
o-Nitrobenzoic acid
3,5-Dinitrobenzoic acid
2,4-Dinitrobenzoic acid

PKHA*> ,30,32-34

22.0; 22.1; 21-2
20.0

20.7; 21.0; 20.9
22.6
16,0

20.5; 20.8; 20.9
16.0; 15.34

15.0
19.95
11.0
20.8
20.7
19.5
19.04
19.29
18.7
18,55
18-24
16.9
16.19

„ 27,23,30,32,33
l g / C H A j

2.0; 2.2
3.66; 3.15; 3.48;

3.67
3.48
3.08
4.64
2.08
1.00
3.62
0.30
3.05
3.60
3.75

4.03
3.85
3.97
3.98
4.0;4.22
4.29

Considerable advances have been achieved recently in
the study and interpretation of the acid — base interaction
in aprotic dipolar solvents (acetonitrile, dimethyl sulph-
oxide, dimethylformamide, and others). In these sol-
vents, the molecules of which are incapable of forming
hydrogen bonds with the acid anions and base molecules,
hydrogen-bonded complexes of the type HAJ and BJJH* are
formed.
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Much credit is due to Kolthoff, Coetzee, and
coworkers24"26 for their investigation of acid —base inter-
actions in acetonitrile. The formation of complexes via
hydrogen bonding between the acid (HA or BH*) and the
conjugate base (A" or B) was called homoconjugation.
Homoconjugation in acetonitrile has been studied compre-
hensively for the dissociation of phenol and benzoic acid
derivatives, amines, and other organic bases21

 J24"30.
The existence in solution of species of the type HA.J was

predicted theoretically31. In the first place homoconjuga-
tion is determined by the relative basicities of the solvent
molecule and the acid anion and the amphoteric properties
of the solvent molecule. The capacity of the acid mole-
cule HA for the formation of the complex HA.J increases
as the proton-donating properties of the acid and the
proton-accepting properties of its anions become more
pronounced. The possibility of forming an intramolecular
hydrogen bond lowers the capacity of the acid for inter-
action with the anion. Thus ortho- substituted phenols and
benzoic acids are less involved in the homoconjugation
process than the meta- and ^ara-substituted derivatives.
Homoconjugation does not occur when acid anions are
additionally stabilised by intramolecular hydrogen bonding
or by resonance (the anions of picric acid, 2, 4-dinitro-
phenol, and 2, 6-dihydroxybenzoic acid) and also as a
result of steric blocking of the ionic group (2, 6-di-t-butyl-
phenol)32'33.

Kolthoff25 showed that, in the calculation of the concen-
tration of hydrogen ions in a solution of a weak acid, it is
necessary to begin with the overall constant -^(HA) which
includes the acid dissociation constant ^JJA an<^ ^ne n o m o "
conjugation constant K-at,-:

HA7IH+ KvtA = '

2HA«_H+-f-HA2 ,

[HA]

K ["AH
^ 2 [HA] [A"]

[H+] [HAT] /2

[HA]

The data in Table 1 show that the homoconjugation con-
stants ^HA~ *or Pnen°l and benzoic acid derivatives are
usually fairly high. The acid strength of phenol and
benzoic acid derivatives in acetonitrile increases on intro-
duction of electron-accepting substituents. It was found
that the relations between p^j^A anc^ *-he a constants for the
substituents in phenols and benzoic acids are linear32*33.
For benzoic acids, the relations between

are also linear33. Fig. 1 shows the variation of
lg^HA" with the a constants of the substituents in benzoic
acids (lines I and n respectively). The different forms of
these relations are due to the fact that the capacity for
homoconjugation is less sensitive to changes in the struc-
ture of the compound.

To characterise quantitatively the proton-donating
capacity of benzoic acid molecules and the proton-accept-
ing capacity of their anions, Kolthoff and Chantooni33 mea-
sured the heteroconjugation constants of acid molecules in
relation to the base Cl~ and of acid anions in relation to
the acid />-bromophenol (HR):

HA + c r £. HACI- ;

HR + A-~ HRA- J

= [ H A C 1

[HRA~]

[HR][A~]
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Fig. 1 shows (lines m and IV) that the proton-donating
capacity of the molecules increases and the proton-accept-
ing capacity of the corresponding anions falls with increase
of the a constants of .the substituents. The overall effect
of these changes due to the or constants is reflected in the
relation between lg^HA" anc* ^ a (line E). Similar rela-

tions have been found for phenol derivatives32.

-U 0 0.8 US a

Figure 1. Variation of P# H A (line I),

0.8 JJ a

- ( l i n e

benzoic acids with the a constants of the substituents:
1) £-methoxy- ; 2) o-iodo- ; 3) o-chloro- ;
4) 2, 6-dichloro- ; 5) 5-chloro-2-nitro- ;
6) 3, 4-dimethyl- ; 7) 3, 5-dichloro- ; numbers 10 — 19
correspond to the ordinal numbers in Table 1.

It has been established that homoconjugation has a
significant influence on the shape of the titration curves of
acids and bases in acetonitrile. Kolthoff25 derived an
equation relating the activity of hydrogen ions in a solution
of a weak acid and its salt, the acid dissociation and homo-
conjugation constants, and the analytical concentrations of
the acid (CA) and the salt (Cs):

s-aH+ f CA =0 . (5)

In the derivation of Eqn. (5), it was assumed that (1) the
salt R4NA formed in the interaction between the acid HA
and the base R4NOH is fully dissociated, (2) the salt
R4NHA2 is also a strong electrolyte, and (3) the concentra-
tion of hydrogen ions in solution is much lower than the
concentration of the salt (CJJ+ « Cs). Eqn. (5) is applica-
ble only to a thoroughly purified solvent free from impuri-
ties capable of behaving as hydrogen bond donors or
acceptors (water, methanol).

Examination of Eqn. (5) shows that, at the instant of
half-neutralisation, aH+ = K^pjf, i.e. the pH of the solu-
tion is determined by the pK for the dissociation of the
acid. The shape of the titration curve in the buffer region
is determined by the product -^HA~^s +

 ^A)
 o r

 ^ H A ' ^ A *

where C° is the initial analytical concentration of the acid
titrated. The higher this value the higher the slope of the
buffer section of the titration curve, the.smaller the pH
jump at the end of the titration, and the less satisfactory
the conditions for the differential titration of a mixture of
acids35.

Calculation of the pH for the buffer section of the titra-
tion curve by Eqn. (5) shows that, when -^HAJCA ^ 1Q2» a n

inflection is observed in the titration curve at the half-
neutralisation point25. Since ^J^A." *or acetonitrile is of
the order of 103 —104 (Table 1), the shape of the titration
curves is hardly distorted for C9 < 10"3. In the absence

of homoconjugation, the pH in the course of titration from
1% to 99% neutralisation increases by 4 units. In the
presence of homoconjugation the pH change is ApH =
-lg[10-4/(tfHA-C£)2]. Thus, whenifHA-<| = 103, ApH is

as much as 10 units.

Figure 2. Dependence of the buffer capacity /3 on the pH
of a mixed solution of HA and (CgHg^NA: A) dissociation
without homoconjugation; B) KJ^J^-C0 = 1; C) ^HA~^o =1

Kolthoff and Chantooni25 studied the buffer capacity of
solutions of acids and their tetraethylammonium salts as
a function of #H A -CA . The authors derived from Eqn. (5)

an expression for a quantitative characteristic of the buf-
fer capacity of the solution (0):

- 2.303 > (6)

which is applicable to the calculation of /3 almost over the
entire section of the neutralisation curve corresponding to
the buffer region. Fig. 2 presents relations between the
buffer capacity /3 and the pH of the solution in mixtures of
HA and (C2H5)4NA for different values of ^HA-^A*

 C a l c u ~
lation of the buffer capacity by Eqn. (6) at the instant of
half-neutralisation when K -Co » 1 leads to the expres-
sion n A z

Pv. = -
2.303

which shows that ^ depends on the ratio Co/K _ and is

smaller the smaller the value of the ratio.
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If homoconjugation takes place to a considerable extent
and i C . _ C 0 > 10, the buffer capacity has two maxima

which are displaced with increase of Ku\-C0 towards more

acid and alkaline regions, in accordance with pHX/ .
Water and alcohols can behave as hydrogen bond donors

and acceptors in aprotic dipolar solvents 32'S3>36"41.
Kolthoff and Chantooni37 made a quantitative study of the
effect of these impurities on the acidity of solutions of
mixtures of weak acids and their salts in acetonitrile.
They showed that, in the presence of a hydrogen bond
donor HR, it is necessary to take into account the following
equilibria involving the formation of complexes:

A- + HR ^ AHR-; KAm- = [ A H R " ' ,
' A H R [A-][HR]

[A (HR) J
A- + 2HR — A (HR)2 ; K

If the substance is amphoteric, then, owing to its acceptor
properties in relation to the hydrogen bond, we have the
equilibria (heteroconjugation)

AHB

HA + 2B ̂  AHB2 An.HA =

[BHA]

[B][HA]

[B2HA]

[B]2[HA]

An equation has been derived for the calculation of fljj*
in a buffer solution taking into account heteroconjugation.
Apart from the assumptions made in the derivation of
Eqn. (5), it was postulated that (1) #HA an(^ ^HA, do not
change when HR and B are introduced into the solution,
(2) HA^ is not involved in heteroconjugation, and (3) the
A " . . . HR and AH B interactions take place without pro-
ton transfer owing to the extremely weak acid and basic
properties of HR and B. The equation relating ag+ to the
analytical concentrations of the acid and the salt, the
equilibrium concentrations of the hydrogen bond donor HR
and acceptor B, the acid dissociation constant, and the
homoconjugation and heteroconjugation constants is

[(C, + CA
V -

- ( C s - Ckf

w h e r e

V = 1 + ATAHR- [HR] + /Ci(HR)r [HR]3 + . . .

W=l+ KBHA [B] + #B,HA [Bp + . . .

The pH values of buffer solutions of methanesulphonic,
picric, 3, 5-dinitrobenzoic, salicylic, and benzoic acids
and their tetraalkylammonium salts in acetonitrile in the
presence of added water, calculated by Eqn. (7), agree
well with measurements up to a water concentration of
0.7 M. Fig. 3 shows the effect of water and other hydro-
gen bond donors and acceptors on the pH of a benzoate
buffer solution in the presence of an excess of the acid or
salt. It demonstrates that, in the presence of excess salt
in the buffer solution, the addition of a hydrogen bond
acceptor (dimethyl sulphoxide) causes almost no change in
the pH of the buffer solution, but the addition of hydrogen
bond donors greatly reduces the pH. In the presence of an
excess of acid in the buffer solution, water, methanol, and
n-butyl alcohol hardly change the pH, while more powerful
hydrogen bond donors and acceptors reduce or increase the
pH respectively.

It follows from Eqn. (7) that, when the concentrations of
the acid and salt are equal, the activity of hydrogen ions
is defined by the relation

Consequently pH1/a is in this case smal ler by lg(V/W) than

the pHVa for a buffer solution in which only a homoconjuga-

tion process takes place.

~8

0 0.8
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16 0 0,8 fj
additive, M

Figure 3. Effect of impurities on the pH of a benzoate
buffer solution: A) CA = 3.6 x 10"3 M, C s = 3.05 x 10~2 M,
pH0 23.40; B) CA = 6.5 X10"2 M, Cg = 2.18 x 10"3 M,
pH0 16.80; 1) (CH3)2SO; 2( n-C4H9OH; 3) CH3OH;
4) H2O; 5) p-BrC6H4OH;

It follows from the foregoing that heteroconjugation can
have a significant influence on the shape of the titration
curve in the buffer region37*42. According to Eqn. (7) the
shape of the curve is determined by the factor25*37

Co ff,,.-

V W

The study of the effect of methanol added to the solution
during the titration is of particular practical interest for
acid —base titration in acetonitrile, since standard solu-
tions of quaternary ammonium hydroxides are usually
prepared in a benzene — methanol mixture. Fig. 4 pre-
sents curves for the potentiometric titration of a 0.02 M
solution of 3, 5-dinitrobenzoic acid in acetonitrile with
tetra-alkyl ammonium hydroxide calculated by Eqns. (5)
and (7). The calculations were performed in the range
from 0.5% to 99% neutralisation. Fig. 4 shows that meth-
anol has a significant effect only after the point of half-
neutralisation. In the presence of £-bromophenol, which
shows a greater tendency towards heteroconjugation, the
titration curve has the shape identical with that for a
weak acid in water. The P^A ̂ or »̂ 5-dinitrobenzoic acid
is reduced by 3 units compared with the value in the pure
solvent.

Homoconjugation and heteroconjugation in acetonitrile
are less characteristic of bases than acids, since aceto-
nitrile has a greater solvating capacity in relation to
cations than in relation to anions. These processes have
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almost no effect at a base concentration of 10~3 M. How-
ever, certain hydrogen-bonded complexes B^H* are fairly
stable, and their formation must be taken into account in
a quantitative interpretation of acid — base equilibria in
acetonitrile12 '24 '26 '29 '43. It has been shown24 that ni t ro-
genous bases form in acetonitrile not only 1:1 hydrogen-
bonded complexes B2H* but also more complicated species:

B + BH+ ^r BHB+; tfBHB+ = [BHB+1 ,
[B][BH+]

It follows from the data that in acetonitrile all

B + BHB+ - i B2HB+; tf B,HB+ =
[BaHB+]

[B] [BHB+]

to W so so ratr
titrated acid, %

Figure 4. Curves for the potentiometric titration of
0.02 M solution of 3,5-dinitrobenzoic acid calculated by
Eqn. (7): A) in the absence of impurities; 23) with
0.1 M R4NOH solution containing 10% of methanol; C) in
the presence of 0.5 M solution of />-bromophenol.

Table 2. The negative exponents of the dissociation con-
stants (pKBH+) of the conjugate acids of bases and the
logarithms of the homoconjugation constants in aceto-
nitrile24'29.

Base

Ammonia
Methylamine
Dimethylamine
Trimethylamine
Ethylamine
Diethylamine
Triethylamine
n-Propylamine
Tri-n-propy]amine
n-Butylamine
Di-n-butylamine
Tri-n-butylamine
t-Butylamine
Isobutylamine
M-isobutylamine
Tri-isobutylamine
Piperidine
Pyirolidine
Pyridine
Aniline
j-Toluidine
Senzylamine
Vfonoethanolamine
vlorpholine
1 ,3-Diphenylguanidine

P«BH+

16.46
18.37
18.73
17.61
18.40
18.75
18.46
18.22
18.10
18.26
18.31
18.09
18.14
17.92
17.88
18.04
18.92
19.58
12.33
10.56
11.25
16.76
17.53
16.61
17.90

lg KBHB+

1.04
1.54
1.49
0.78
1.40
0.3

—
1.28

—
1.42
—
—

1-30
—
—
—.

1-42
1.51
0-6

—
—

1.18
1-38
1.00

'e^BtHBt

0.3
0.3

- 0 . 3
—
0-3
—
—
0.3
—
0.4
—
—
0
—
—.
—
—
0.3
—
—
—
—
0.18
—
—

Homoconjugation increases with the strength of the base
and the number of hydrogen atoms at the nitrogen atom of
the conjugate acid and depends on steric factors (Table 2).

H
protonated amines are weaker acids than in water owing to
the low basicity of acetonitrile24. Although on average
AP^BH+ f o r b a s e s in acetonitrile and water is 7.6 units,
there is a fairly complex quantitative relation between
p%H+ (CH3CN) and pkBH+(H2O). Thus in acetonitrile
steric factors play a more important role than in water29.

Table 2 shows that the formation constants of the com-
plexes BHB* in acetonitrile are approximately 100 times
smaller than those of the complexes HA". The tendency
of aliphatic amines towards homoconjugation increases in
the sequence R3N < I^NH < RNH2. Aromatic amines,
which are weaker bases, are less capable of homoconjuga-
tion than aliphatic amines. For diamines, the formation
of BHB+ decreases with increase of the number of methy-
lene groups owing to the stabilisation of the cation by an
intramolecular hydrogen bond29.

-BM 0

Figure 5. Variation of the glass electrode potential in
buffer solutions: 1) piperidine and piperidinium pier ate at
constant Cg = 5 x 10"4 M; 2) hydrazine and hydrazinium
per chlorate at constant Cs = 5 x 10~4 M.

Examination of the effect of homoconjugation on the
shape of neutralisation curves for bases showed that, as
for acids, the formation of hydrogen-bonded complexes
leads to a decrease of the buffer capacity of the solution
and a decrease of the pH near the end point of the titra-
tion24. The main effect of homoconjugation is shown at
the beginning of the titration and before the equivalence
point where either the base or the salt is present in a
large excess. Fig. 5 illustrates the effect of homocon-
jugation on the change of the glass electrode potential in
buffer solutions where the concentration of the salt was
kept constant and that of the base was varied. In the

[B]
absence of homoconjugation, the E =/(lg ) relation is

[BET]
linear with a slope of 59 mV (at 25°C) in accordance with
the Nernst equation. When BHB+ complexes are formed,
the equilibrium concentrations [B] and [BH*] are not equal
to the analytical concentrations, because

[B] = CB — [BHB+] H [BH+] = C s — [BHB+]

and the relation between E and lg (CB/Cg) deviates from
linearity. In the presence of a large excess of the base
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the relation E = /(lg- ) is again linear but with a

slope of 118 mV (Fig. 5, curve 1). The formation of large
complexes leads to a slope n x 59 mV, where n is the
number of base molecules bound to the protonated base,
i.e. the complex may be represented by BnHB+. Fig. 5
(curve 2) illustrates this type of relation for a buffer solu-
tion consisting of hydrazine and its perchlorate. It shows
that the effect of homoconjugation for bases in acetonitrile
occurs for fairly high ratios CB/CBH+ > 100.

Table 3.
stants

The negative exponents of the dissociation con-
a n d t n e logarithms of the formation constants

-) of the complexes of certain acids in dimethyl

sulphoxide41.

Acid

Picric
2,6-Dihydroxybenzoic
4-Chloro-2,6-dinitrophenol
2,6-Dinitrophenol
Salicylic
3,5-Dinitrobenzoic
2,6-Di-t-butyl-4-nitrophenol
3,5-Dinitrophenol
p-Nitiophenol
o-Nitrpphenol
Benzoic
Acetic
5-5-Diethylbarbituric
Phenol

P*HA

— 1-0
3.1
3.5
4.9
6.8
7.4
7.6

10-6
11.0
11.0
11.1
12.6
13.0
16.4

HAr

———0.48
0-36

~~~
0.48
0.60
0-78
0.78
0.48

1.60

In the absence of homoconjugation or when the concen-
tration of the titrated base is less than 10"3 M, the neu-
tralisation curves for bases in acetonitrile resemble those
in aqueous solution28.

Table 4. The negative exponents of the acid dissociation
constants (p^HA^ anc* *ne l°garithms of the homoconjuga-
tion constants Ug^HA") i n dimethylformamide50.

Acid

Picric
Hydrochloric
2,6-Dihydioxybenzoic
4-Chloio-2,6-dinitrophenol
'3,6-Dinitrophenol
2,4-Dinitrophenol
Salicylic
3,5-Dinitrobenzoic
p-Nitrobenzoic
3,5-Dinitrophenol
p-Nitrophenol
Benzoic
Acetic

P*HA

1,4
3.2
3.56
4.7
5.9
6.3
8.23
8.9

10.6
11.3
12.5
12.25
13.4

2.2
—
—
— •
—
1.7
3.2
2.6
3.2
2.3
2.4
2.6

Homoconjugation and heteroconjugation phenomena also
are observed in other aprotic dipolar solvents such as
dimethyl sulphoxide44'45, dimethylformamide46"50, sulpho-
lane51, and acetone52.

Dimethyl sulphoxide is a more basic solvent than aceto-
nitrile. Therefore dimethyl sulphoxide molecules enter
into a reaction with the anion which competes with the
homoconjugation process:

A - . . . H A + S H = E ± A - . . . H S + H A .

As a result, phenols and benzoic acids show a smaller
tendency towards the formation of HA complexes in
dimethyl sulphoxide (Table 3).

Table 3 shows that the formation constants of the com-
plexes HAJ in dimethyl sulphoxide are smaller approxi-
mately by a factor of 100 than in acetonitrile (Table 1).
In consequence, the potentiometric titration curves in
dimethyl sulphoxide have a more pronounced buffer region
and a correspondingly sharper change of the pH at the end
point of the titration.

Dimethylformamide is somewhat less basic than
dimethyl sulphoxide and therefore homoconjugation of
acids in this solvent takes place to a greater extent than in
dimethyl sulphoxide but to a lesser extent than in aceto-
nitrile46"50. The homoconjugation constants in dimethyl-
formamide are approximately ten times smaller than in
acetonitrile (Table 4).

The buffer regions on the titration curves of acids and
bases in dimethylformamide and dimethyl sulphoxide can
be calculated as in acetonitrile. Similar calculations
cannot be made for cations because one cannot make the
assumptions used in the derivation of Eqn. (5) for the pH
in acetonitrile.

3. SOLVENT ACIDITY SCALES

Acid —base equilibria in any solvent are due primarily
to the acid —base properties of the solvent itself. There"
fore the question of acid — base interaction is closely
related to the question of solvent acidity scales. The
extent of acidity scale is determined by the autoprotolysis
constant of the solvents and their relative positions on the
pH scale are determined by the relative trans-solvation
energies of the protons in the different solvents (see
Izmailov8, Chapter X, and Bates53, Chapters VII and VIE).

Izmailov54*55 proposed unique zero-concentration proton
activity coefficients yo|j* which are determined by the
change in the solvation energy of protons when they are
transferred from an infinitely dilute non-aqueous solution
to an infinitely dilute aqueous solution. The activity
coefficient yojj+ enabled Izmailov54*56 to establish a unique
solvent acidity scale:

pA=pH s—. lgr0H+.

where pHs assumes values ranging from 0 to pKs for the
solvent and lgyon* indicates the shift of the acid limit of
the scale in the non-aqueous solvent relative to the acid
limit of the scale in water.

A rigorous thermodynamic approach to the determina-
tion of the activity coefficients of individual ions is diffi-
cult to achieve, since the accuracy of the theoretical
calculations of solvation energy is less than that of the
differences between the solvation energies in different
solvents; experimental methods do not yield an unambig-
uous answer in those cases where the diffusion potential
is high. Therefore several methods have been proposed
for the determination of lg y0 for ions, each of which
involves certain non-thermodynamic assumptions14'53"64.
The problem of the estimation of the y0 for ions has
engaged the attention of many investigators. They were
called "degenerate activity coefficients" by Grunwald,
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"medium effects" by Bates, "solvent activity coefficients"
by Parker, and "partition coefficients" by Kolthoff.

Izmailov, Aleksandrov, and other investigators of the
Kharkov school of physical chemistry have made a major
contribution to the theory of unique zero-concentration
ionic activity coefficients, in the first place those of hydro-
gen ions, and their experimental determination in prac-
tice54"56'65"68. Studies in recent years showed that inter-
est in unique zero-concentration activity coefficients of
protons has increased in connection with the further
development of methods for the measurements of pH in
non-aqueous solutions and the development of the theory of
acid —base interaction69"76. However, there are few
lgrQH* data for solvents employed in acid —base titrations
and they are contradictory44*56?73)74.

On the basis of the p/fg and lg yOjj+ data then available,
Izmailov56 included only five solvents in his unique acidity
scale (pA). At the present time the unique acidity scale
already includes thirteen solvents77. The solvent auto-
protolysis constants have been determined by various
methods78"89. A critical assessment of the pKs values
available in the literature for amphiprotic solvents has
been made by the authors of the review77. Table 5 lists
the p/Cg and lg YQTY*- values for certain solvents widely
employed in analytical practice.

Table 5. The negative exponents of the autoprotolysis
constants (p#s) of certain solvents at 25 CC and the values
oflgy0Hv.

Solvent

Formic acid
Acetic acid
Ethylene glycol
Water
Methyl alcohol
Ethyl alcohol
Isopiopyl alcohol
t-Butyl alcohol
Acetone
Ethyl methyl ketone
Acetonitrile
Dimethylformamide
Dimethyl sulphoxide

p/Cs
7'-86

6.2
14.5
15.6
14.0
16.7
19.5
22.0
26.8
32.5
31.0
33.3
29.4
33.3

44.56,67
IgT°H +

10.0
—
—
0
3.1
3.9
4-2
—
4.7
.—.
7.9

—1.5

Acidity in non-aqueous solvents is measured and acidity
scales are established also on the basis of the Ho, H_f and
R{B) functions90"98. Izmailov (see Ref. 8, Chapter X)
showed that the Ho and H_ functions cannot reflect the
activity of hydrogen ions in a non-aqueous solution owing
to the different effects of the medium on the activity coef-
ficients of indicator ions and molecules. Other acidity
functions (#R , HO, H+, H2+) proposed subsequently suffer
from the same disadvantages99'100.

Cells with transport are mainly used in potentiometric
titration in non-aqueous solutions1 >2>4. The glass elec-
trode, the advantages of which are well known, is
employed as the indicator electrode and the reference
electrodes are calomel or silver silver chloride half-
cells. The behaviour of the glass electrode in non-
aqueous and mixed solvents has been described in a
number of studies101"116. It has been shown that in many
non-aqueous media the glass electrode retains its response
to hydrogen ions. However, the applicability of the glass
electrode in non-aqueous solutions may be limited in

highly acid and highly basic media. The use of reference
electrodes in non-aqueous solutions has been des-
cribed117"122.

In cells with transport, there is a liquid junction
between two solutions where a diffusion potential arises,
which leads to an indeterminacy in the measurement of
proton activities (see Izmailov8, Chapter X, and Bates53,
Chapters VII and VIII). However, it has been suggested
that the error due to the liquid junction in cells with
transport is constant in a given solvent and depends little
on the nature of the electrolyte and the activity of protons
(see Bates53, Chapter VIH). Experimental studies have
confirmed this hypothesis67'68'123'124.

A direct measurement of the diffusion potential Ei is
impossible and its estimation is extremely difficult. Ei
may be determined only when the proton activity coef-
ficients are known (see Bates53, Chapter VIII). However,
since the lgy0H* are contradictory, the values of £j cannot
always be estimated unambiguously either60"62*67*69,, The
values of £j for measurements with an aqueous calomel
electrode have been quoted in a number of studies for
methyl, ethyl, and isopropyl alcohols, acetonitrile,
dimethylformamide, and dimethyl sulphoxide and it has
been shown that the E? can reach several pH
units57'69'125"127. There are data showing that when the
aqueous potassium chloride solutions in the reference
electrode is replaced by a methanol solution, E\
decreases 30>112. When a liquid junction is formed between
two aprotic dipolar solvents, Ei does not exceed 20 mV.60

The problem of the estimation of the £j and lg yOH+ has
been recently solved successfully with the aid of the
quantity 6 proposed by Bates (see Ref. 53, Chapter VIII
and Ref. 124), which is defined as the difference

» = £ / — lgToH+,

where £j is the diffusion potential in pH units.
Measurements of 6 in aqueous alcoholic media have

shown that in mixed solvents 6 is small up to 80 wt. % of
the alcohol (see Izmailov54, Chapter VIII). It is suggested
that in this composition range there is a mutual cancella-
tion of Ej and lgyQH+. A further increase of the content
of alcohol in the mixture leads to a sharp increase of 6 to
2 — 2.5 pH units. The values of 6 have been measured
for mixtures of water with alcohols, acetone, dioxan,
dimethylformamide, dimethyl sulphoxide, and other sol-
vents67'68'128"130. The variation of 6 with mixture compo-
sitions is explained by changes in the structure and acid —
base properties of the mixed solvent.

Together with the question of the extent of solvent
acidity scales and their relative positions, the question
relating to factors which limit the solvent acidity scale is
very important for acid —base titration. The pH range
corresponding to the theoretical p/f s solvent acidity scale
calculated from the autoprotolysis constant can be by no
means always fully employed in acid —base titration in
the given solvent. The theoretical solvent acidity scale
is limited by the influence of the following factors. In
the first place the alkaline titrants employed are usually
solutions of bases without the solvent lyate ions, since it
is often impossible to obtain the latter. Many solvents
have low dielectric constants and therefore acids and
bases with strengths equal to those of the lyonium and
lyate ions of the solvent cannot exist in them. The con-
centrations of the compounds titrated and of the titrants
are as a rule 0.01 —0.1 M, which also reduces the pH
jump in the titration. Finally the employment of the
entire solvent acidity scale in the titration is hindered
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also by the loss of sensitivity of the indicator and particu-
larly glass electrodes in highly acid or highly basic
regions.

A particularly marked limitation of acidity scales for
solvents with weak acid or basic properties is caused by
the presence in them of admixtures of water, alcohols,
glycols and other solvents with fairly pronounced acid or
basic properties131'132. The available literature data for
the autoprotolysis constants of mixed solvents show that
the addition of the first portions of water to isopropyl
alcohol, acetone or dimethyl sulphoxide leads to a sharp
increase of the autoprotolysis constant and a corresponding
contraction of the solvent acidity scale96'97'114'133"135.

In a mixture of two protolytic solvents SH and MH there
are four main inter-related equilibria which determine
protolysis in the mixed solvent132'136"141:

(I)
(n)

(m)
•+M-. (iv)

To a first approximation, the autoprotolysis constant
for the mixed solvent can be regarded as the product of
the equilibrium concentrations of the lyonium and lyate
ions of the mixed solvent:

Ks = (CSH+ + CMH+) (Cs- + CM-).
2 a

Depending on the acid and basic properties of the com-
ponents of the mixed solvent and its composition, definite
relations are established in each specific case between the
activities of the individual ions in solution. If the acidi-
ties and basicities of the mixture components are similar,
then protolysis in the mixed solvent is determined by all
four equilibria. Only for mixture compositions close to
those of the pure solvents does protolysis correspond
mainly to the autoprotolysis of the pure solvents. Exam-
ples of mixtures of this kind are those of water and ethyl -
ene glycol.

When the acidity and basicity of the solvent MH are
higher than those of the solvent SH, the autoprotolysis of
SH may be neglected in the mixed solvent (acetone — water
mixtures):

Ks — CM H+ C M - .

For mixtures of two solvents one of which has more
pronounced acid properties (SH) and the other more pro-
nounced basic properties (MH), protolysis is determined
mainly by equilibrium (HI) (mixtures of water and amines):

2

If the basicities of the solvents constituting the mixture
are similar and the acidity of the solvent MH is higher
than that of SH (dimethylformamide — water mixtures), the
autoprotolysis constant of the mixed solvent may be rep-
resented by the following expression [equilibria (n) and
(IV)]:

. K' — (CMH+ + CSH+) C-A~ .
2 2

If the acid properties of the mixture components a re
similar and the basic propert ies of the solvent MH are
more pronounced than those of SH (water — methanol mix-
tures) , the expression for the autoprotolysis constant of
the mixed solvent is [equilibria (II) and (in)]:

of the acidity scale for the mixed solvent owing to the
reaction

SH* + MH ;± MH+ + SH.

If the acidity of the solvent MH is higher than that of
SH, the addition of MH to SH leads to a decrease of the
basic limit of the acidity scale for the mixed solvent;
this involves the following reaction:

Fig. 6 presents as an example three cases of the
decrease of the limits of the acidity scales for non-aqueous
solvents with weak acid or basic properties in the presence
of added water.

SH

H,fl

pKs(theor)

SH,+

OH"

S(theor)
pArs(real)

SHZ
+

SH

«/
E

Vreal) §H

SH PAsftheor)

h°

nil"

vs(rcal)

H,0

The addition of a solvent MH with a basicity higher than
that of the solvent SH leads to a decrease of the acid limit

Figure 6. Effect of water on the acidity scales for non-
aqueous solvents: I) acidity and basicity of water higher
than the corresponding properties of the solvent;
n) acidity of water higher and its basicity lower than the
corresponding properties of the solvent; III) basicity of
water higher and its acidity lower than the corresponding
properties of the solvent.

In choosing the conditions for acid — base titration, it
is necessary to know the effect of added solvents on each
limit of the solvent acidity scale. Since, as stated above,
the determination of individual ionic activities involves
considerable difficulties, the determination of the varia-
tion of the acidity scale limits for mixed solvents on the
basis of a rigorous thermodynamic approach is difficult to
achieve. There are literature data for lg 7QH+» which
determine the variation of the acid limit of the acidity
scale for mixtures of water with methyl, ethyl, and iso-
propyl alcohols and with acetone57'67'68'74. These results
demonstrate that the addition of water leads to a decrease
of the acid limit of the acidity scale for alcohols and ace-
tone since these solvents are less basic than water. The
data described above, referring to the acidity scales of
non-aqueous solvents and their relative positions on the
unique acidity scale, show that at present the physicochem-
ical data necessary for the construction of practical (real)
acidity scales for the majority of solvents and their mix-
tures, which might be used in potentiometric acid — base
titration, are not available. It is therefore of interest to
obtain practical solvent acidity scales taking into account
all the factors which determine the titration conditions.
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Real (empirical) solvent acidity scales were first
obtained by van der Heijde and Dahmen14V43. However,
these workers did not give a physicochemical interpreta-
tion of their acidity scales. Probably this is why
van der Heijde and Dahmen's studies were not developed
further in the following decade.

Later a simple and rapid method was proposed for the
measurement of real acidity solvent scales, which were
called relative acidity scales (£s).144 The method of
measurement of the relative acidity scales was used suc-
cessfully to investigate real acid base titration condi-
tions145"148. The relative acidity scale is the range of
values in millivolts {Ea) or in pH units (E's) which may be
used in acid — base titration in the given solvent under
specified conditions (titrant system, presence of other
solvents, etc.). The limits of the£s scale are measured as the
half-neutralisation potentials of HC1O4 and R4NOH solutions
which are widely used as the strongest titrants in non-
aqueous media4. The relation between the negative expo-
nent of the autoprotolysis constant of the solvent and the
extent of the relative acidity scale may be represented by
the equation

The sign of equality refers to the case where Ks is the
autoprotolysis constant of the solvent containing water and
the "greater than" sign refers to the case where Ks is the
autoprotolysis constant of the pure solvent. It follows
from Eqn. (8) that the relative (real or practical) solvent
acidity scale in terms of pH units is part of the pKs acidity
scale and depends on the system of titrants employed.
Fig. 7 presents the relative acidity scales for water and
non-aqueous solvents. Evidently the Es scales for non-
aqueous solvents have different lengths and occupy differ-
ent positions relative to the acidity scale for water.

£,mV

jfmtmiiniitfiiiiflrfi
Figure 7. Relative acidity scales for certain solvents.

It has been shown that one of the main factors deter-
mining the position of the limits of the relative solvent
acidity scale relative to the limits of the scale for water
is the acid and basic properties of the solvent149. Com-
parison of the limits of the relative acidity scales with
parameters characterising the basic and acid properties
of solvents showed that, with decrease of the basic
properties of the solvent, the acid limit E& of the scale
shift towards the region of higher proton activities, and
with decrease of the acid properties of the solvent, there
is a shift of the basic limit EB of the scale towards the
region of lower proton acitivities. Thus, the highest

values of the acid limits of relative acidity scales obtain
in ketones, acetonitrile, nitrobenzene, and nitromethane,
which are least basic; the highest values of the basic
limits of relative acidity scales are in ketones, acetoni-
trile, dimethylformamide, dimethyl sulphoxide, and
pyridine, which are characterised by the smallest acidity.

The lengths of the £g and pKs solvent acidity scales are
compared in Fig. 8.83 The values of EL and pKs were
taken from the literature80*81 >84>85>88>112>144>150"153. With the
exception of the points referring to acetonitrile and
dimethyl sulphoxide, there is a linear relation between E's
and p/fg. The points lying below the straight line drawn
according to the equation

E's = pKs + lg (CHCICU CR I NOH) ( 9 )

(CjjdO and Cj^ NOH a r e t n e HC1O4 and R4NOH concentra-
tions employed in the measurement of the limits of the E's
scale) are readily explained by the incomplete dissociation
of HC1O4 and R4NOH in certain solvents and also by the
presence of water and methanol impurities in the solvents,
since the R4NOH solutions were prepared in a benzene —
methanol mixture and those of HC1O4 were obtained from
70% aqueous solution.

3ZpKs

Figure 8. Comparison of the negative exponents of the
autoprotolysis constants (p^s) and the EQ parameters of
relative acidity scales: 1) water; 2) ethylene glycol;
3) methyl alcohol; 4) ethyl alcohol; 5) n-propyl alcohol;
6) n-butyl alcohol; 7) n-pentyl alcohol; 8) isobutyl
alcohol; 9) isopentyl alcohol; 10) isopropyl alcohol;
11) s-butyl alcohol; 12) t-butyl alcohol; 13) dimethyl-
formamide; 14) ethyl methyl ketone; 15) acetonitrile;
16) dimethyl sulphoxide.

Since the method of measurement of relative solvent
acidity scales and Eqn. (9) yields values of pKs which are
lower than the true values, the points above the straight
lines can only be due to incorrect autoprotolysis constants
for a number of solvents (t-butyl alcohol, ethyl methyl
ketone, dimethylformamide) in the literature. Conse-
quently, comparison of the E's and p/f s solvent acidity
scales yields information about the reliability of the
experimental Ks for solvents, as shown by the authors of
the review83.

The relative positions of the £ s and pKs relative solvent
acidity scales on Izmailov's pA unique acidity scale are com-
pared in Fig. 9. 83 The filled regions correspond to those parts
of the piCg scale which for one reason or another cannot be
used in titration. As already stated, one of such reasons
is the incomplete dissociation of HC1O4 and R4NOH in
certain solvents- The filled regions can also reflect the
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effect of the diffusion potential of the cell used to measure
the limits of the E's scale.

In the measurement of the limits of the E's scale,
R4NOH solutions were prepared in a 1: 5 benzene — metha-
nol mixture and therefore the solvents investigated con-
tained a certain amount of methanol and benzene and also
water. Water and methanol have more pronounced acid
or basic properties than many amphiprotic and aprotic
dipolar solvents (ketones, acetonitrile, dimethyl sulphox-
ide, etc.). Therefore one of the factors restricting the
limits of the acidity scales for solvents with weak acid or
basic properties is of course the presence of water, meth-
anol, and similar solvent impurities.

3.1 l

7.9

Figure 9. Comparison of the E's and pKs acidity scales
in terms of the pA unique acidity scale: 1) water;
2) methyl alcohol; 3) acetonitrile; 4) dimethyl sulphoxide.

The method of measurement of relative acidity scales
proved to be effective not only in the study of the chemical-
analytical properties of individual solvents but also in the
study of the properties of their various mixtures widely
used in titration154"158. The general laws governing the

variation of the limits of the relative acidity scales for
mixed solvents have been established. It has been shown
that the length and position of the acidity scale for a mixed
solvent depend mainly on the lengths and positions of the
scales for the mixture components (Fig. 10). If the limits
of the acidity scales for the individual solvents differ
greatly, the limits of the acidity scale for the mixed sol-
vent vary with composition non-additively. The most
marked change in the limits of the acidity scale is
observed following the addition of the initial portions of a
second solvent with lower values of acidity scale limits.
The variation of the limits of the EQ scales for mixed sol-
vents can be explained by the variation of the acid and
basic properties of the mixture in relation to those of the
individual components, since the acid and basic properties
of the mixed solvent vary non-additively with composition
(see Izmailov8, Chapter VII).

Measurements of relative acidity scales for mixtures of
protolytic and aprotic solvents showed that the addition of
40 — 50% of the aprotic solvent has almost no influence on
the limits of the acidity scale for the protolytic solvent150.
The variation of the limits of the acidity scales for mix-
tures is not related to changes in the dielectric constant
provided that the latter is not too low (e > 10 — 15).156

Comparison of the extents of the Es scales and solvent
polarities on the E^ scale reveals a definite relation
between these quantities151. For protolytic solvents a
decrease of polarity corresponds as a rule to an increase
of the extent of the relative acidity scale. E one of the
solvents has a higher acid limit and the other a higher
basic limit of the Es scale, then, on passing from solvent
to solvent, the change in acid or basic properties may not
correspond to the change in the polarity of the mixtures.
Under these conditions, the curve relating the limit to mix-
ture composition shows a minimum (mixtures of pyridine
with water, methanol, and ethylene glycol and mixtures of
nitromethane with alcohols) (Fig. 10).

Comparison of the extents of relative acidity scales for
mixed solvents in terms of pH units with published nega-
tive exponents of the autoprotolysis constants (pfCg) showed
that the variation of these quantities is the same. Con-
sequently the variation of the extents of E's scales for
mixed solvents reflects correctly the variation of the pKs
for the mixed solvents, as shown for a mixture of water
and dimethyl sulphoxide (Fig. 11).

Comparison of the changes in the acid limits A£A of Es
acidity scales for mixture of water with methyl, ethyl, and
isopropyl alcohols and actone with the 5 values67'88'128'129

showed that the variation of AEA for the mixtures parallels
that of 6 (Fig. 12). This confirms the conclusion that the
position of the acid limit of the Es scale on the unique
acidity scale is determined mainly by the change in the

E, mV

so\.%

t-C^HjOH C5H6

Figure 10. Relative acidity scales for mixed solvents
corresponding to different component ratios.
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basicity of the solvent and the diffusion potential of the cell
used to measure the limits of the Es scale.

The similarity in the variation of the limits of the Es
scales for mixed solvents made it possible to derive
empirical equations for the calculation of the acid and
basic limits of the acidity scales for mixtures as a function
of mixture composition. With the aid of these equations,
the limits and extents of the acidity scales were extrapo-
lated and their values for pure solvents evaluated. This
is particularly important for solvents with weak acid and
basic properties159. On the basis of the Ea scales for
pure solvents, it is possible to determine their p/fg
values77.

pH

SI

28

lit

ZO

IS

11

r vol.%

H,0

Figure 11. Comparison of the p/Cs and E's acidity scales
for a mixture of dimethyl sulphoxide and water.

i,mV

0 10 W SO 00 0 10 UO SO 80
organic solvent, wt.%

Figure 12. Comparison with S of the differences ^
between the acid limits of the acidity scales for water and
its mixtures with different solvents: 1) methyl alcohol;
2) ethyl alcohol; 3) isopropyl alcohol; 4) actone.

It follows from the foregoing that study of the chemical-
analytical properties of mixed solvents by measuring their
relative acidity scales has made it possible (a) to establish
the main factors determining the practical solvent acidity
scale in potentiometric titration, (b) to establish the
general characteristics of the variation of the limits of the
acidity scales for mixed solvents, (c) to elucidate the role
of water and similar added solvents (alcohols, glycols) in
acid — base titration, and (d) to propose a simple method
for the estimation of the autoprotolysis constants of sol-
vents with insignificant acid or basic properties.

4. CHOICE OF OPTIMAL CONDITIONS FOR POTENTI-
OMETRIC ACID-BASE TITRATION

In connection with the extensive development of methods
for acid —base titration, the problem of a soundly based
choice of optimal titration conditions is becoming increas-
ingly urgent. The scientific principles for the employ-
ment of non-aqueous solvents in acid —base titration have
been developed by Izmailov (see Ref. 8, Chapter XI, and
Refs. 160 and 161). Starting with the theory of titration
errors developed by Roller, Izmailov specified the prin-
cipal ways for the improvement of acid —base titration
conditions. The choice of conditions for the titration of
acids, bases, mixtures of acids, or mixtures of bases is
made by comparing the solvent autoprotolysis constants
Ks and the acid (if^) or basic {K-Q) dissociation constants.
On the assumption of complete dissociation of the titrant
and of the salt formed and of the absence of a salt effect,
the titration conditions are characterised by the titration
constant K^ (C^ and Cg are the concentrations of the acid
and base):

f o r a c i d s K T = • for bases Kt — ,, _

for mixtures of bases Ki = ' ( K A , <C KA,),
^A C A

for mixtures of bases KT — ' ' ( /CB,

On passing from water to non-aqueous solvents, an
improvement in the conditions for the titration of weak
acids and bases and also of mixtures of acids and mixtures
of bases is achieved when the titration constant is appre-
ciably reduced.

When he considered methods for the improvement of
titration conditions, Izmailov had at his disposal the
autoprotolysis constant of solvents such as alcohols,
acetic and formic acids, liquid ammonia and hydrazine.
Calculation of the p/frj. values for acids and bases from
these data led to general agreement between theory and
experiment. However, the use of later data for the auto-
protolysis constants of acetonitrile, dimethylformamide,
and dimethyl sulphoxide to estimate pif-p for phenol and its
mononitro-derivatives failed to reflect the improvement
in the conditions governing the titration of weak acids
which is known to occur on passing from water to these
solvents150. The apparent conflict between theory and
experimental acid — base titration can be resolved if the
literature values of the autoprotolysis constants of the
solvents are incorrect. The use of the latest Ks data for
acetonitrile and dimethyl sulphoxide in the calculation of
p/Oj. indicates a much greater improvement in the condi- .
tions for the titration of phenols in these solvents com-
pared with water.
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A critical examination of the published data for the sol-
vent autoprotolysis constants and. the dissociation constants
of the compounds titrated shows that the choice of titration
conditions on the basis of the known values of Ks and
A"diss is impossible for the majority of solvents important
in practice. Firstly, few values of Ks for solvents and
^diss * o r electrolytes are available and their reliability is
in many cases poor77. Secondly, titrations are not usually
performed in pure solvents and there are almost no Ks and
i^diss data for mixed solvents. Thirdly, the choice of
titration conditions on the basis of Ks and-K^gg includes a
number of assumptions which are inapplicable to solvents
with a low ionising capacity. Fourthly, for aprotic
dipolar solvents, where acid —base interaction involves a
large number of intermediate stages, the titration condi-
tions cannot be determined by comparing the autoprotoly-
sis constants of the solvents and the dissociation constants
of the electrolytes.

In his paper, Chariot162 states the principles of acid —
base titration in non-aqueous media and begins with the
same basic postulates as Izmailov. The titration curve is
predicted by comparing the pKs solvent acidity scales with
the pH values for various acid —base pairs corresponding
to the instant of half neutralisation of the acid (pH = p/f).
However, the author points out that, owing to the lack of
data for the relative positions of the non-aqueous solvent
acidity scales, this method is applicable to the assessment
of titration conditions in a single solvent only.

The half-neutralisation potential E1/2 is frequently used
as a chemical-analytical characteristic of the compound
determined in a non-aqueous solution1 >2'4»163~179. Owing
to the complete dissociation of the salt formed and its high
solubility, the pH of an aqueous solution at the half-neu-
tralisation point is equal to P^diSS and therefore the half-
neutralisation potential is a function of the dissociation
constants only. In most cases £1/2 in a non-aqueous solu-
tion, employed as a measure of the relative acidity of
electrolytes, reflects correctly the variation of their
dissociation constants, which is confirmed by the linear
relation between Ey^ and p#A(ns)# m T n e r e f o r e t h e half-
neutralisation potential for the electrolyte in a non-aqueous
solvent is largely determined by the same factors as the
dissociation constant.

If the electrolyte is a stronger acid than the solvent
lyonium ions, the half-neutralisation potential of the elec-
trolyte is reduced to the level of the half-neutralisation
potential of SH^; the half-neutralisation potential of a
base stronger than the solvent lyate ions is reduced to the
level of the half-neutralisation potential of S". If the acid
or base is a weaker electrolyte than the solvent (considered
as an acid or base respectively), its half-neutralisation
potential is outside the limits of the acidity scale for the
solvent and such electrolytes cannot be titrated as acids or
bases in the solvent.

The position of EUz for the electrolyte on the unique sol-
vent acidity scale depends mainly on the strength of the
electrolyte in the given solvent and on the activity of pro-
tons in the form of lyonium ions. The half-neutralisation
potential for the electrolyte in a non-aqueous solvent
depends not only on factors determining the dissociation
constant of the electrolyte but also on those which deter-
mine the shape of the titration curve in the buffer region.
Thus the half-neutralisation potential of the electrolyte has
a number of advantages over the dissociation constant in
the selection of conditions for potentiometric titration.
On the other hand, it is necessary in many cases to know
not only the half-neutralisation potential but also the shape

of the titration curve for the electrolyte in the buffer
region35.

Van der Heijde and Dahmen143 attempted to find a theo-
retical basis for the choice of titration conditions. How-
ever, they compared for this purpose the half-neutralisa-
tion potentials of acids with the acid limits of empirical
solvent acidity scales, which depend on the basicity of the
solvents, while the titration conditions for .acids are
determined by the acid properties of the solvent. This
led them to the incorrect conclusion that there is no
definite relation between the change in the half-neutralisa-
tion potentials of acids on passing from solvent to solvent
and the limits of the acidity scales. As a result, the
solvent — titrant combinations proposed byvvan der Heijde
for acids and bases of different groups lack a rigorous
theoretical basis and the method of selection of titration
conditions involving them is complicated and inefficient.

Further studies in this field showed that the basic limit
E-Q of the relative solvent acidity scale determines the
possibility of the titration in the solvent of weak acids and
the acid limit Ep^ determines the possibility of the titration
of weak bases, since the half-neutralisation potentials of
weak acids are located close to the basic limit and those of
weak bases are close to the acid limit of the Es solvent
scale. The higher the basic and acid limits of the E3

scale compared with the limits of the water scale the
greater the possibility of titrating in the given solvent
weak acids and bases which cannot be titrated in an
aqueous solution144*150*156. The potential jumps in the
titration of electrolytes in the given solvent can be deter-
mined approximately as the differences between the basic
(for acids) or acid (for bases) limits of the solvent scale
on the one hand and the half-neutralisation potential of the
electrolyte on the other.

The length of the relative solvent acidity scale charac-
terises the possibility of differential titration of acids or
bases in the solvent. A shift of the relative solvent
acidity scale to the basic region creates favourable condi-
tions for the differential titration of mixtures of weak and
moderately strong acids. A shift of the acidity scale to
the acid region improves the conditions for the separate
titration of mixtures of strong acids.

In considering the conditions for differential titration of
mixtures of bases, one should bear in mind that the posi-
tion of the acid limit of the scale determines the conditions
for the titration of mixtures of weak bases and that of the
basic limit determines the conditions for the titration of
mixtures of strong bases.

The differentiating effect of solvents is shown to vary-
ing extents for acids and bases of different strengths and
types. The use of relations between half-neutralisation
potentials for acids and bases on the one hand and their
pK values in water and Hammett's a constants on the other
makes it possible to predict the half-neutralisation poten-
tials for electrolytes in non-aqueous solvents on the basis
of p/f A(H2O) and a:165"179

AEVl = A PKA (HaO)+B, (10)

AEih=A' Sa+S', (11)

where A£1/z is the half-neutralisation potential of the elec-
trolyte in relation to a standard.

To assess the possibility of the differential titration of
a mixture of electrolytes on the basis of p£f̂ (H2O) or the o
constants and Eqns. (10) and (11), the values of their half-
neutralisation potentials in non-aqueous solutions are
found and their differences are determined. For a fairly
distinct buffer region on the titration curves for the
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individual compounds, a difference between the E1/z for
two electrolytes of 150 — 200 mV is usually enough to
ensure their separate titration in the mixture163. When
the potential changes more markedly in the buffer region,
the required difference may increase to 300 mV.

On passing from water to non-aqueous solvents, elec-
trolytes belonging to a different reaction series give rise
to individual relations between AE1/ on the one hand and
p/f^(H2O) or a constants on the other150. As a result, in
some cases there is an improvement in non-aqueous
solvents (relative to water) of the conditions for the sepa-
rate titration of mixtures of electrolytes with similar
values of p/C^(H2O) and in others there is a worsening of
the conditions for the separate titration of mixtures of
electrolytes with different values of (

Measurements of the relative acidity scales for mixed
solvents yield conclusions as to the influence of added
solvents on the titration conditions in the given solvent and
the use of mixed solvents to improve the conditions for
the titration of individual compounds and their mixtures.
It was established that the addition of water, methanol,
glycols, and similar solvents impairs the titration condi-
tions for weak acids and bases and also for mixtures of
electrolytes in solvents with weak acid or basic properties,
since it restricts the acidity scales for such solvents158.

As for individual solvents, the choice of titration con-
ditions in mixed solvents is made by comparing the half-
neutralisation potentials of electrolytes with the limits of
the acidity scale for the mixtures. If another solvent is
added to improve the solvent power of the medium and an
attempt is made at the same time to preserve the proper-
ties of the main solvent, the permissible content of the
added solvent is determined from the dependence of A2?̂
and A2?B on mixture composition (Fig. 10). If the second
solvent is added to improve the titration conditions, one
should bear in mind that a significant improvement of such
conditions can be achieved only after adding more than
90 vol. % of the second solvent.

When the use of solvents for acid —base titration is
considered, one must take into account the effect of the
solvent added together with the titrant to the solution
analysed180. This applies particularly to R4NGH solutions,
which are usually prepared in alcohol — benzene mixtures.
The permissible contents of various alcohols in mixtures
used to prepare titrant solutions have been established.
However, the choice of the alcohol and its content in the
mixture are frequently limited also by the solubility of
R4NOH, the stability of solutions, and the method of their
preparation.

The above method of choosing the optimal conditions for
acid —base potentiometric titration based on Es solvent
acidity scales and half-neutralisation potentials EUi of the
compounds being titrated has the following advantages.
Firstly, account is taken of the effect of many factors
determining the titration conditions (the amount and pro-
perties of added solvents, the strength and concentration
of titrants, the formation of salt precipitates during their
titration, etc.) and secondly it is possible to select the
conditions for titration in mixed solvents.

—oOo—

The above discussion of the acid —base equilibria in
amphiprotic solvents showed that Izmailov's scheme for
acid —base interaction (Ref. 8, Chapter VIII), which
includes a number of related processes involving the
formation of products of the addition of solvent molecules

to those of the electrolyte and the formation of solvated
ions and ion pairs, must be supplemented by new equilib-
ria. Kolthoff demonstrated convincingly in the case of
acetonitrile, dimethyl sulphoxide, and dimethylformamide
that for solvents with weak acid properties these additional
equilibria involve homo- and hetero-conjugation processes.
Factors determining the degree of homo- and hetero-con-
jugation have been established and it has been shown that,
for a quantitative interpretation of acid — base interaction
and the calculation of the pH of electrolyte solutions, it
is necessary to take into account the constants character-
ising these equilibria.

The latest determinations of the autoprotolysis constant
of solvents have shown that many amphiprotic solvents
(acetonitrile, dimethylformamide, dimethyl sulphoxide,
and ketones) have extensive acidity scales. Factors which
reduce the limits of solvent acidity scales have been dis-
covered and relations governing the variation of the limits
of the acidity scales for mixed protolytic solvents have
been established. The importance of water (and similar
solvents) for the explanation of protolysis in mixed solvents
has been demonstrated.

Studies on acid — base interaction in amphiprotic sol-
vents have promoted the development of the theory of poten-
tiometric acid —base titration. The use of electrolyte
dissociation constants and homo- and hetero-conjugation
constants permits the calculation of titration curves in the
buffer region. The conversion from theoretical solvent
acidity scales, calculated from the autoprotolysis con-
stants, into real scales is possible on the basis of the 5
values taking into account the overall effect of the zero-
concentration proton activity coefficient and the diffusion
potential in measurements in cells with transport. The
effect of numerous factors which determine the conditions
governing acid —base titration is reflected in the extent of
the relative (real) Es solvent acidity scale and the electro-
lyte half-neutralisation potential E1/. The knowledge of

these chemical-analytical characteristics permits a choice
of the optimal titration conditions.

REFERENCES

1. I. Gyenes, "Titration in Non-aqueous Media"
(Translated into Russian from English) (Russian
translation edited by I. P. Beletskaya), Izd. Mir,
Moscow, 1971.

2. I. Gyenes, "Titrationen in nichtwassrigen Medien",
Academiai Kiado, Budapest, 1970.

3. J. J. Lagowsky, Analyt.Chem., 42, 305R (1970).
4. A. P. Kreshkov, L. N. Bykova, and N. A. Kazaryan,

"Kislotno-Osnovnoe Titrovanie v Nevodnykh
Rastvorakh" (Acid —Base Titration in Non-aqueous
Solutions), Izd. Khimiya, Moscow, 1967.

5. L.N. Bykova, A. P. Kreshkov, N. A. Kazaryan, and
I.B. Pevzner, Uspekhi Khim., 37, 677 (1968)
[Russ. Chem. Rev., No. 4 (1968)].

6. A. P. Kreshkov, "Trudy Nauchno-tekhnicheskoi
Konferentsii MKhTI im. D. I. Mendeleeva" (Pro-
ceedings of the Science and Engineering Conference
of the Mendeleev Moscow Institute of Chemical
Engineering), 1970, Vol.64, p. 14.

7. A. P. Kreshkov, Talanta, 17, 1029 (1970).
8. N. A. Izmailov, "Elektrokhimiya Rastvorov" (Elec-

trochemistry of Solutions), Izd. Khimiya, Moscow,
1966.

9. N. A. Izmailov, "Izbrannye Trudy" (Selected Works),
Izd. Naukova Dumka, Kiev, 1967.



988 R u s s i a n C h e m i c a l R e v i e w s , 4 1 ( 1 1 ) , 1 9 7 2

10. K. P. Mishchenko and G. M. Poltoratskii, "Voprosy 38.
Termodinamiki i Stroeniya Vodnykh i Nevodnykh
Rastvorov Elektrolitov" (Problems of the Thermo- 39.
dynamics and Structure of Aqueous and Non-aqueous
Electrolyte Solutions), Izd. Khimiya, Leningrad, 40.
1968.

11. R. G. Bates, in "Hydrogen-bonded Solvent Systems" 41.
(Edited by A. K. Covington and P. Jones), Taylor
and Francis Ltd., London, 1968. 42.

12. J. F. Coetzee and C. D. Ritchie, 'Solute-solvent 43.
Interaction", New York, Dekker, 1969.

13. G. Chariot and B. Tremillon", Chemical Reactions in 44.
Solvents and Melts" (Translated by J. J.Harvey,
Pergamon Press, 1969. 45.

14. A.J.Parker, Chem.Rev., 69, 1 (1969).
15. R.G.Pearson, Surv. Progr. Chem., New York— 46.

London, 5, 1 (1969). 47.
16. M. I. Usanovich, "Issledovaniya v Oblasti Teorii

Rastvorov i Teorii Kislot i Osnovanii, Izbrannye 48.
Trudy" (Studies in Solution Theory and the Theory
of Acids and Bases. Selected Works), Izd. Nauka, 49.
Kazakh. SSR, Alma-Ata, 1970. 50.

17. V. I. Dulova, N. V. Lichkova, and L. P. Ivleva,
Uspekhi Khim., 37, 1893 (1968)[Russ« Chem. Rev., 51.
No. 10 (1968)].

18. E.C.Toren, Jnr. and R. P. Buck, Analyt. Chem., 52.
42, 284R (1970).

19. I. M. Kolthoff and S. Bruckenstein, in "Treatise on
Analytical Chemistry" (Edited by I. M. Kolthoff and 53.
P. J. Elving", John Wiley and Sons, Inc., New York,
1959, Part I, Chapter 10.

20. J. F. Coetzee, Progr. Phys.Org. Chem., 4, 45 (1976).
21. J. F. Coetzee and G. P. Cunningham, J. Amer. Chem. 54.

Soc, 87, 2534 (1965). 55.
22. H. A. Laitinen, "Chemical Analysis: An Advanced 56.

Text and Reference" (Translated into Russian)
(Russian translation edited by Yu. A. Klyachko), Izd.
Khimiya, Moscow, 1966.

23. G. Chariot, "Les Methodes de la Chimie Analytique.
Analise Quantitative Minerale" (Translated into
Russian) (Russian translation edited by
Yu. Yu. Lur'e), Izd. Khimiya, Moscow, 1969, Vol.1. 57.

24. J. F. Coetzee, G. R. Padmanabhan,
and G. P. Cunningham, Talanta, 11, 93 (1964). 58.

25. I. M. Kolthoff and M. K. Chantooni, Jnr., J. Amer.
Chem.Soc, 87, 4428 (1965). 59.

26. I. M. Kolthoff, M. K. Chantooni, Jnr., and 60.
S.Bhowmik, Analyt. Chem., 39, 1627(1967).

27. I. M. Kolthoff and M.K. Chantooni, Jnr., J. Phys. 6L
Chem., 70, 856 (1966); 73, 4029 (1969). 62.

28. I. M. Kolthoff, M. K. Chantooni, Jnr., and
S.Bhowmik, J. Amer. Chem.Soc, 88, 5430(1966). 63.

29. J. F. Coetzee and G. R. Padmanabhan, J. Amer. 64.
Chem.Soc, 87, 5005 (1965).

30. J. F. Coetzee and G. R. Padmanabhan, J. Phys. Chem., 65.
69, 3193 (1965).

31. J.E.Ricci, "Hydrogen Ion Concentration", 66.
University Press, Princeton, 1952.

32. I. M. Kolthoff and M.K. Chantooni, Jnr., J. Amer. 67.
Chem.Soc, 91, 4621 (1969).

33. M. K. Chantooni, Jnr. and I. M. Kolthoff, J. Amer.
Chem.Soc, 92, 7025 (1970). 68.

34. J. Juillard, Compt. rend., C262, 241 (1966).
35. L.N.Bykova, Zhur. Anal. Khim., 26, 226(1971).
36. M. K. Chantooni, Jnr. and I. M. Kolthoff, J.Amer. 69.

Chem.Soc, 89, 1582 (1967).
37. I. M. Kolthoff and M. K. Chantooni, Jnr., Analyt. 70.

Chem., 39, 1081 (1967).

M. K. Chantooni, Jnr. and I. M. Kolthoff, J. Amer.
Chem.Soc, 90, 3320 (1968).
I. M. Kolthoff and M. K. Chantooni, Jnr., J. Amer.
Chem.Soc, 91, 25 (1969).
I. M. Kolthoff and M. K. Chantooni, Jnr., J. Amer.
Chem.Soc, 91, 6907 (1969).
M. K. Chantooni, Jnr. and I. M. Kolthoff, J. Amer.
Chem.Soc', 92, 2236 (1970).
Izutsu Kinsune, Chemistry (Japan), 24, 658(1969).
I. M. Kolthoff and M. K. Chantooni, Jnr., J. Amer.
Chem.Soc, 91, 2875 (1969).
I. M. Kolthoff and M. K. Chantooni, Jnr., J. Amer.
Chem.Soc, 90, 23 (1968).
M. K. Chantooni, Jnr. and I. M. Kolthoff, J. Amer.
Chem.Soc, 90, 5961 (1968).
J. Juillard, J. Chim.phys., 63, 1190(1966).
J. Juillard and B. Loubinoux, Compt. rend., C264,
1680 (1967).
J. Juillard and A. Mallet, Compt. rend., C264, 2098
(1967).
J. Juillard, J. Chim.phys., 67, 691 (1970).
I. M. Kolthoff, M. K. Chantooni, Jnr., and
H.Smagowsky, Analyt. Chem., 42, 1622 (1970).
D. H. Morman and G. A. Harlow, Analyt. Chem., 39,
1869 (1967).
T. Jasinski and E. Z. Pawlak, Zesz. Nauk. Wyzsza
Szkota Ped. Gdariska, Mat. Fiz. Chim., 8, 115, 141,
155 (1968).
R. G. Bates, "Determination of the pH: Theory and
Practice" (Translated into Russian) (Russian trans-
lation edited by B. P. Nikol'skii and M. M.Shul'ts),
Izd. Khimiya, Leningrad, 1968.
N. A. Izmailov, Zhur. Fiz. Khim., 23, 639(1949).
N. A. Izmailov, Dokl. Akad. Nauk SSSR, 127, 104 (1959).
N. A. Izmailov, Symposium, 'Sovremennye Metody
i Pribory dlya Opredeleniya Sostava, Svoistv i
Sostoyanoya Veshchestva" (Modern Methods and
Apparatus for the Determination of the Composi-
tions, Properties, and States of Materials), Vol.1,
"pH i rH-Metriya" (pH and rH titrations), TsINTI,
Moscow, 1962, p. 16.
E. Grunwald and B. Berkowitz, J. Amer. Chem. Soc,
73, 4939 (1951).
I. M. Kolthoff, J. J. Langane, and W. D. Larson, J.
Amer. Chem.Soc, 60, 2512(1938).
A.J.Parker, Adv. Phys. Org. Chem., 5, 173 (1967).
A. J. Parker and R. Alexander, J. Amer. Chem.Soc,
90, 3313 (1967).
O. Popovych, Analyt. Chem., 38, 558(1966).
J. F. Coetzee and J. J. Campion, J. Amer. Chem.Soc,
89, 2513 (1967).
V.A. Pleskov, Uspekhi Khim., 16, 254(1947).
N. A. Izmailov, Dokl. Akad. Nauk SSSR, 126, 1033
(1959).
N. A. Izmailov, Dokl. Akad. Nauk SSSR, 149, 1103
(1963).
N. A. Izmailov and Yu. A. Kruglyak, Dokl. Akad.
Nauk SSSR, 134, 1390 (1960).
V. V. Aleksandrov and A. A. Burakhovich, Vestnik
Kharkov. Gos. Univ., Ser. Khim., Issue 1, No. 46,
10, 14 (1970).
V. V. Aleksandrov and A. A. Burakhovich, Zhur.
Fiz. Khim., 44, 2047 (1970) [Russ. J. Phys. Chem.,
No. 8 (1970)].
M. Alfenaar and CL .de Ligny, Rec. Trav. chim., 86,
1185 (1967).
K.Schwabe andE.Ferse, Z.Elektrochem., 70, 849
(1966).



R u s s i a n C h e m i c a l R e v i e w s , 4 1 ( 1 1 ) , 1 9 7 2 989

70. K.Schwabe and E.Ferse, Z.Elektrochem., 70, 849 105.
(1966).

71. J. Courtot-Coupez, A. Laouenau, and M. Le Demezet, 106.
Compt. rend., C267, 1475 (1968).

72. J. Courtot-Coupez, M. M. Ch. Madec, and 107.
M.Le Demezet, Compt. rend., C270, 1397 (1970).

73. M.Le Demezet, Bull.Soc.chim. France, 4550 108.
(1970).

74. J.Juillard, Bull. Soc.chim. France, 1894 (1968). 109.
75. R.Gaboriaud, J. Chim.phys., 67, 349 (1970). 110.
76. A. Alfenaar and C. L. de Ligny, Rec. Trav. chim., 86,

929 (1967).
77. L.N.Bykova andS.I. Petrov, Uspekhi Khim., 39, 111.

1631 (1970) [Russ.Chem.Rev., No. 9 (1970)]. 112.
78. L. P. Hammett and A. J. Deyrup, J. Amer. Chem. 113.

Soc, 54, 4239 (1932).
79. S. Bruckenstein and I. M. Kolthoff, J. Amer. Chem. 114.

Soc, 78, 2974 (1956).
80. K. K. Kundi and M. K. Das, J. Chem. and Eng. Data,

9, 82 (1964). 115.
81. G. Briere, B. Crochon, and N. Felici, Compt. rend.,

254, 4458 (1962). 116.
82. B.Gutbezahl and E.Grunwald, J. Amer. Chem. Soc, 117.

75, 565 (1953).
83. L.N.Bykova and S.I. Petrov, Zhur. Anal. Khim., 25, 118.

5 (1970). 119.
84. I. M. Kolthoff and M. K. Chantooni, Jnr., J. Phys.

Chem., 72, 2270 (1968). 120.
85. J.Courtot-Coupez and M.Le Demezet, Bull.Soc

chim. France, 1033 (1969). 121.
86. S. I. Petrov and L. N. Bykova, Reakts. Sposobn. Org.

Soed., Tartu, 7, No. 2 (24), 490 (1970). 122.
87. A. P. Kreshkov, N. Sh. Aldarova, N. T.Smolova, and

A.I.Ryaguzov, Zhur. Fiz.Khim., 44, 1126(1970) 123.
[Russ. J. Phys. Chem., No. 4(1970)]. 124!

88. A. P. Kreshkov, N. Sh. Aldarova, and
B. B. Tanganov, Zhur. Fiz. Khim., 44, 2089(1970) 125.
[Russ. J. Phys. Chem., No. 8 (1970)].

89. A. P.Kreshkov, N.T.Smolova, N.Sh. Aldarova, and 126.
1.1. Kudreiko, Zhur. Fiz. Khim., 45, 573 (1971) 127!
[Russ. J. Phys. Chem., No. 3 (1971)]. 128.

90. L. P.Hammett, Chem.Rev., 13, 61 (1938). 129.
91. R. G. Bates and G. Schwarzenbach, Helv. Chim. Acta,

38, 699 (1955). 130.
92. R.Stewart and J. P. O'Donnell, Canad. J. Chem., 42,

1681 (1964). 131.
93. E.C.Steiner and J. D.Starkey, J. Amer. Chem.Soc, 132.

89, 2751 (1967).
94. H.Strehlow, in "The Chemistry of Non-Aqueous 133.

Solvents" (Edited by J. J. Lagowski), Acad. Press. 134.
Inc., New York, 1966, p. 129.

95. J.Vedel, Ann. Chim., 2, 335(1967). 135.
96. R.Gaboriaud, R.Schaal, and O. Fillaux, J. Chim.

phys., 66, 730 (1969). 136.
97. J.C.Halle, R.Gaboriaud, andR.Schaal, Bull.Soc. 137.

chim. France, 1851 (1969).
98. G. Demange-Guerin, Talanta, 17, 1075(1970). 138.
99. C.H.Rochester, Quart.Rev., 20, 511 (1966).

100. K.E.Howlett, Sci. Progr., 53, 297 (1965). 139.
101. N. A. Izmailov and N.A.Bel'gova, Zhur. Obshch. 140.

Khim., 8, 1873 (1938).
102. N. A. Izmailov and A. M. Aleksandrova, Zhur. 141.

Obshch. Khim., 19, 1403 (1949); 20, 2127 (1950).
103. A. M.Shkodin, N. A. Izmailov, and N. P. Dzyuba, 142.

Zhur. Obshch. Khim., 20, 1999 (1950); 23, 27
(1953). 143.

104. A. L. Bacarelle, E.Grunwald, H. P. Marschall, and
E.L. Purlee, J. Org. Chem., 20, 747 (1955). 144.

A. L.Bacarelle, E.Grunwald, H. P.Marschall, and
E.L. Purlee, J. Org. Chem., 62, 856(1958).
E.Romberg and K. Cruse, Z.Elektrochem., 63, 404
(1959).
J. P. Morel, P.Seguele, and J. C. Pariaud, Compt.
rend., 253, 1326 (1961).
D. Wegmann, J. P.Esearfail, and W.Simon, Helv.
Chim. Acta, 45, 826 (1962).
G.A.Harlow, Analyt. Chem., 34, 48 (1962).
G.Eisenmann (Editor), "Glass Electrodes for
Hydrogen and Other Cations, Principles and
Practice", New York, 1967.
R. G. Bates, see Ref. 94, p. 97.
K.Norberg, Talanta, 13, 745 (1966).
J. A. Martin and J. Duperis, Bull. Soc. chim. France,
138 (1968).
L.S. Gulyaeva, V. V. Aleksandrov, and T. S.Seka-
cheva, Prom. Khim. Reaktivov i Osobo Chistykh
Veshchestv, No. 12 (18), 329 (1968).
B. A. Korolev and B. I. Stepanov, Izv. Vys. Ucheb.
Zaved., Khim. i Khim. Tecknol., 11, 1193 (1968).
J.Juillard, Bull. Soc chim. France, 2040(1970).
D. J. Ives,and G. J. Janz, "Reference Electrodes",
Acad. Press, New York, 1961.
J. Brenet, J. Chim. phys., 66, 1057(1969).
N. E.Khomutov, Trudy Moskov. Khim.-tekhnol. Inst.
im.Mendeleeva, No. 62, 134, 137 (1969).
C. W. Manning and W. C. Purdy, Anal. Chim. Acta, 51,
124 (1970).
I. Fried and H. Barak, J. Electroanal. Chem., 27,
167 (1970).
M. L. Berardelli, G. Pecci, and B. Serosati, J.
Electrochem.Soc, 117,781 (1970).
H.Strehlow, Z. phys. Chem., 24, 240(1960).
R. G. Bates, M. Paalo, and R. A. Robinson, J. Phys.
Chem., 67, 1833 (1963).
I. M. Kolthoff and F. G. Thomas, J. Phys. Chem., 69,
3049 (1965).
G. Douheret, Bull. Soc. chim. France, 2093 (1970).
R.Gaboriaud, Compt. rend., C270, 1925(1970).
G.Douheret, Bull.Soc. chim. France, 1412 (1967).
G. Douheret, Bull. Soc. chim. France, 513, 3122
(1968).
M. R. Reynand and M. G. Cahmpetier, Compt. rend.,
C269, 777 (1969).
J. Desbarres, Bull. Soc. chim. France, 3240(1965).
S. I. Petrov and L. N. Bykova, Zhur. Anal. Khim., 25,
1687 (1970).
J.Koskikallio, Suomen Kem., B30, 111 (1957).
O. Fillaux, R.Gaboriaud, andR.Schaal, Compt.
rend., C263, 989 (1966).
R.Gaboriaud, J. Lelievre, and R.Schaal, Compt.
rend., C266, 746 (1968).
R.Gaboriaud, Ann. Chim. (France), 2, 201 (1967).
S.K. Banerjee, K.K.Kundu, andM.H.Das, J. Chem.
Soc. (A), 166 (1967).
R.Gaboriaud, Compt. rend., C263, 282(1966);
C264, 157, 934 (1967).
R.Gaboriaud, J. Chim.phys., 65, 1155(1968).
R. Gaboriaud and J.-L. Brisset, J. Chim. phys., 67,
1715 (1970).
J.-L. Brisset, R.Gaboriaud, andR.Schaal, J. Chim.
phys., 67, 1726 (1970).
H. B. van der Heijde and E. A. F. M. Dahmen, Anal.
Chim. Acta, 16, 378 (1957).
H. B. van der Heijde, Anal. Chim. Acta, 17, 512
(1957).
A. P. Kreshkov, L. N. Bykova, Z. G. Blagodatskaya,



990 Russ ian C h e m i c a l R e v i e w s , 4 1 ( 1 1 ) , 1 9 7 2

andE.D. Ardashnikova, Zhur. Anal. Khim., 23, 271
(1968).

145. A. P. Kreshkov, N. Sh. Aldarova, N. T.Smolova, and
M. V. Slavgorodskaya, Zhur. Anal. Khim., 24, 1100
(1969).

146. N. Sh. Aldarova and B. B. Tanganov, Zhur. Obshch.
Khim., 39, 1280 (1969).

147. N. A. Baranov, N. A. Vlasov, L. P. Potekhina, and
O. F.Shepot'ko, Zhur. Anal. Khim., 25, 2069(1970).

148. N. A. Vlasov and N. A. Baranov, "Neftepererabotka i
Neftekhimiya, Nauchno-tekhnicheskii Sbornik"
(Petroleum Processing and Petrochemistry. Hand-
book of Science and Engineering), 1970, No. 5, p. 36.

149. L. N. Bykova and S. I. Petrov, Trudy Moskov Khim.-
tekhnol. Inst. im. Mendeleeva, No. 58, 283 (1968).

150. L.N. Bykova, Zhur. Anal. Khim., 24, 1781 (1969).
151. S.I. Petrov and L. N. Bykova, see Ref. 149, p. 287.
152. A. P. Kreshkov, L. P. Senetskaya, and

T. A. Malikova, Zhur. Fiz. Khim., 24, 284(1968)
[Russ. J. Phys.Chem., No.l (1968)].

153. A. Teze and R. Schaal, Compt. rend., 253, 114
(1961).

154. A. P. Kreshkov, L. N. Bykova, and
Z. G. Blagodatskaya, Izv. Vys. Ucheb. Zaved., Khim.
i.Khim.Tekhnol., 11, 1223 (1968).

155. A. P. Kreshkov, L. N. Bykova, and
Z. G. Blagodatskaya, "Trudy I Konferentsii po
Analiticheskoi Khimii Nevodnykh Rastvorov i Ikh
Fiziko-khimicheskim Svoistvam" (Proceedings of
the First Conference on the Analytical Chemistry of
Non-aqueous Solutions and Their Physicochemical
Properties), Izd. MKhTI im. D. I. Mendeleeva,
Moscow, 1968, Par t i , p. 115.

156. A. P. Kreshkov, L. N. Bykova, and V. G. Ardashni-
kova, Zhur. Anal. Khim., 24, 1453 (1969).

157. N. Sh. Aldarova, N. T. Smolova, and G. V. Turovtseva,
see Ref. 119, p. 235.

158. A. P. Kreshkov, N. Sh. Aldarova, and
M. V. Slavgorodskaya, Zhur. Obshch. Khim., 41
(1971).

159. S. I. Petrov and L. N. Bykova, Zhur. Anal. Khim., 24,
1629 (1969).

160. N. A. Izmailov, Zhur. Anal. Khim., 4, 267, 275
(1949).

161. N. A. Izmailov, Zavod. Lab., 26, 29(1960).
162. G. Chariot, Ind. Chim. beige, 31, 1223 (1966).
163. I. A. Gur'ev and L. I. Gus'kova, Trudy po Khim. i

Khim.Tekhnol., No. 2 (20), 94 (1968).

164. H. B. van der Heijde, Anal. Chim. Acta, 16, 329
(1957).

165. L. N. Bykova and Z. G. Blagodatskaya, Trudy Moskov.
Khim.-tekhnol. Inst. im. Mendeleeva, No. 54, 116
(1967).

166. A. P. Kreshkov, L. N. Bykova, and Z. G. Blagodat-
skaya, Zhur. Anal. Khim., 23, 123 (1968).

167. A. P. Kreshkov, L. N. Bykova, and Z. G. Blagodat-
skaya, see Ref. 155, p. 33.

168. L.N.Bykova, A. P.Kreshkov, and I. D. Pevzner, see
Ref. 155, p. 28.

169. N. A. Kazaryan, A. P. Kreshkov, and E. S. Rubtsova,
see Ref. 155, p. 37.

170. L. N. Bykova and S. I. Petrov, see Ref. 86, p. 403.
171. L. N. Bykova, S. I. Petrov, and Z. G. Blagodatskaya,

Zhur. Obshch. Khim., 40, 2299(1970).
172. L.N.Bykova, S.I. Petrov, V.G. Ardashnikova, and

E.S. Rubtsova, see Ref. 171, p. 2305.
173. N. A. Baranov, N. A. Vlasov, and L. P. Potekhina,

"Neftepererabotka i Neftekhimiya, Nauchno-tekhni-
cheskii Sbornik" (Petroleum Processing and
Petrochemistry. Handbook of Science and Engi-
neering), 1970, No. 6, p. 41.

174. G. M. Gal'pern, Ya. A. Gurvich, and N. F. Kryuch-
kova, Zhur. Anal. Khim., 25, 1819 (1970).

175. R. Morales, Anal. Chim. Acta, 48, 309(1969).
176. A. P. Kreshkov, N. Sh. Aldarova, A. I. Tarasov,

V. A. Vasnev, S. V. Vinogradova, M. V. Slavgorod-
skaya, T. I. Mitaishvili, and V. V. Korshak, see
Ref. 86, p. 279.

177. V. V. Korshak, A. P. Kreshkov, S. V. Vinogradova,
N. Sh. Aldarova, V. A. Vasnev, E.L. Baranov,
M.V. Slavgorodskaya, A. I. Tarasov, and
T. I. Mitaishvili, see Ref. 86, p 286.

178. A. P. Kreshkov, I. Ya. Guretskii, N. T.Smolova, and
A. I. Ryaguzov, Zhur. Anal. Khim., 25, 451 (1970).

179. A. P. Kreshkov, N. Sh. Aldarova, N. T.Smolova, and
G. V. Turovtseva, see Ref. 178, p. 1392.

180. L.N.Bykova, V. D. Ardashnikova, and
Z.G. Blagodatskaya, Zhur. Prikl. Khim., 43, 1155
(1970).

Moscow Textile Institute

Moscow Technological
Institute of the Food
Industry


