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ABSTRACT

First and second dissociation constants (K, and K,) of some dicarboxylic acids (succinic,
malic, tartaric, malonic, maleic and phthalic) in 10% (v/v) acetone has been determined at
different temperatures (30-60°C) using the chemical cell, glass electrode/HCl, H,L,
Na,CO,/AgCl,, Ag. The thermodynamic parameters AG®, AH® and AS°® for the first and
the second dissociation reactions of these acids have been calculated and discussed. An extra
thermodynamic analysis has been examined, in the light of the isoequilibrium relationship,
where the isoequilibrium temperature values for both dissociation reactions indicate that
these reactions are entropy-controlled reactions.

INTRODUCTION

Although the pKs of several monobasic acids in mixed solvents have been
reported [1-6], there seems to be little similar information about dibasic
acids. Recently, Monk and Amira [7,8] used the glass electrode—~AgCl cell in
the determination of K, and K, of some dibasic acids in aqueous and 10%
(v/v) ethanol solutions at 40° C. They attempted to reduce the dependence
of the pK values at zero ionic strength (for pKs < 2.5) upon the ion-size
parameters value (o) of the Debye—Hiickel activity coefficient expression.
Their method provides a simple and precise way of pK determination. The
present work deals with the determination of K, and K, in 10% (v/v)
acetone for six different dicarboxylic acids (succinate, malic, tartaric,
malonic, maleic and phthalic) in a wide temperature range (30-60 ° C). This
study will help to elucidate the thermodynamics of acid dissociation in the
acetone-water medium for the given dicarboxylic acids. Moreover, the
structure effect of these acids on the S? and S, values can now be
understood.
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EXPERIMENTAL

Stock solutions of HCI (~ 0.2 mol kg~') were analyzed by AgCl weigh-
ings, and stock solutions of dicarboxylic acids (H,L) and Na,CO, (dried at
300°C for 3 h) were made up, by weight, from B.D.H. Analar samples. The
H,L: Na,CO; molar ratios were 3:1 for the K; and ~1.2:1 for the K,
determinations, respectively. For phthalic acid, potassium hydrogen phtha-
late and HCI solutions were used for the K; and a potassium hydrogen
phthalate: Na,CO; molar ratio of ~2:1 for the K, determinations, respec-
tively. About 200 g of 10% (v/v) acetone (to + 0.01 g) was weighed into the
cell, together with sufficient diluted stock HCI containing 10% (v/v) acetone
(~0.03 mol kg™ ') to make ~ 0.0015-0.0025 mol kg~! HCI (addition by
weight pipette to + 0.01 mg). With the electrodes in position, the cell was
equilibrated at the desired temperature (+0.01°C). This could take up to 3
h. The HCI was then given a short stir (~ 5 s) by a fitted microstirrer and
left to settle until the e.m.f. was constant (~ 0.5 h). Up to six additions of
stock buffer were then added by weight pipette. Each addition was stirred
and the em.f. of the cell then monitored to constancy. The time needed
could vary from ~ 1 h for the first addition for a K, series, i.e. the point of
greatest e.m.f. change, down to ~ 15 min for later additions and for all of a
particular K, series. Under the above conditions the solutions were free of
evolved CO,.

Measurements to + 0.1 mV were made with a digital pH meter (Beckman
4500 type). The AgCl electrode was made by plating a thin Pt wire spiral
with Ag in 0.5% KAg(CN), for~1 h with a 9 V battery followed by
electrolysis for AgCl in 0.05 M HCl at 9 V for 20 s. The ultra water
thermostat, working to + 0.01° C, was used.

RESULTS AND DISCUSSION

The expressions used for calculating K; and K, were

K, =([H*|[HL"] fy fu)/[H,L] (1)
K,=[H*][L*"] fo/[HL"] (2)
—log f,=AZ[I'*/(1 + BI'/*) - QI (3)
(B=1.3and Q =0.3)

E(cell) = E®(cell) — k" log([H*][C17] fys fc1) (4)

where I represents ionic strength and f represents the activity coefficients.
The value of the Debye—Hiickel constant, A4, varied with either temperature
or dielectric constant, while k’ (= 2.3026 RT/F) values varied with temper-
ature. Firstly, E° (cell) was calculated from eqns. (3) and (4) via E(cell) of



3

the initial HCl solution. Approximate values of [H*] on the addition of
buffer solution were calculated from eqns. (3) and (4) with 7 = m,, followed
by use of

[H,L] =m, +my—2my— [H*] + [L*7] (5)
[HL™| =m, - [HzL] - [Lz—] (6)
with [L27]=0 in the first cycle. The subsequent value of I was used to
recalculate [H™], followed by calculation of [L*"] via eqn. (2) with theoreti-
cal published values of K, [8]. When successive values of [H] agreed to
within € 1.0 X 107® mol kg~!, K, was obtained from eqns. (1) and (3).

For K,, [H*] was calculated as described above and, then.

[HL"] =m, +2m,—2m,— [H"] — 2[H,L] (7)
[L27] =m, = [H,L] - [HL7] (8)
found with [H,L] =0 in the first cycle followed by use of egn. (1). K, was
calculated from eqns. (2) and (3) when successive values of [HL. 7] agreed to
within < 5.0 X 1077 mol kg~ '. The computations were performed by means
of BASIC computer programs.

Some examples of the present work are shown in Table 1, which contains
the e.m.f. values with the corresponding computed K, or K, values for
different dicarboxylic acids used at different temperatures. For each run, the
extrapolated K, and K, values were obtained from the linear least mean
squares plots of K, (or K,) versus I. The computed pK, and pK, values for
different acids at different temperatures are shown in Table 2 (some pub-
lished values are included in this table for critical comparisons).

Thermodynamics of acid dissociation

It is well known that the ionization of acids in a pure aqueous medium is
a process for which AC, is quite large [9]. At the same time, water is a
solvent whose microstructure is believed to change considerably with tem-
perature. For this reason, it is difficult to explain structural effects using the
standard enthalpy and eniropy changes for acid dissociation in a pure
aqueous medium [10]. In the present work, the thermodynamics of acid
dissociation in a 10% acetone medium were discussed, since greater ion
association occurs in this solvent, thereby giving more favourable conditions
for high-lighting any dependency of AH® and AS° values on the acid
structure. The thermodynamic properties, AGY, AH and AS}, of the first
and the second dissociation reactions, AGS, AHY and AS?. in 10% acetone
were determined. The enthalpy of dissociation (AH®) was computed from
the slope of the best fitting Van’t Hoff plots (some examples are shown in
Fig. 1), while AG° and AS® were calculated according to the following
equations:
AG® = —Rg’ In K

o AH°—AG°
AS° = — 7
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Fig. 1. Van’t Hoff plots for the first and second dissociation reactions of dicarboxylic acids.

The computed values of AGY, AH? and AS; for the first acid dissociation
constant are given in Table 3, while AG), AH; and AS; values for the
second dissociation reaction are displayed in Table 4. A critical comparison
of AH; and AS; values can be made with those reported in a pure aqueous
medium. For example, AH{ and AS; values of malonic acid in a pure
aqueous medium were reported as — 4.81 kJ mol™! and — 125.10 J mol !
K™, respectively [11,12], while the corresponding values in 10% (v/v)
acetone at 30° C (present work) are — 17.99 kJ mol™! and — 171.2 J mol !
K ', respectively. The relatively higher negative AH? and AS? values in
10% acetone can be attributed to the increase of the extent of the ion-solva-
tion in 10% acetone than in water with a subsequent negative increase of
AH; and ASy values. In addition, electrostatic, hydrogen-bonding and
solvent basicity govern these thermodynamics variations.

The negative value of AS; (Table 1) was found to increase in the order:
maleic < malonic < tartaric < malic < phthalic < succinic. This trend is
primarily because of the electrostatic action on the carboxylic groups
transmitted through-CH,-groups (malonic and succinic) and its hydroxy
substituents (malic and tartaric), and is also due to the conjugation effects of
maleic and phthalic acids. Moreover, the electrostatic action transmitted
through solvent molecules (field effect) also govern these types of interac-
tions. Evan and Hamann [13] suggested that there is significant interaction
of the positive charge on NH; with surrounding water molecules. This



TABLE 3

Thermodynamic parameters AGY, AH and AS) for the first dissociation constant K, in
10% acetone (AGY in kJ mol™?, AHY in kJ mol~! and ASY in J mol~! K~1)

Acid Parameter Temperature (° C)
30 35 40 45 50 55 60
Succinic AG? 24909 25178 25.784 26476 26304 27.019 27.374
—-AH} 0.766 0.766 0.766 0.766 0.766 0.766 0.766
- ASIO 84690 84.190 84.780 85.600 83.800 84.700 84.500
Malic AGY 20.637 21.007 21.372 21.585 21.819 22446 22.660
—AHlo 1.149 1.149 1.149 1.149 1.149 1.149 1.149
-AS? 71.900 71900 71.900 71.500 71.100 71.900 71.500
Tartaric AG? 18.287 18760 18.818 19.119 19.642 19.977 19.962
- AHlo 2.297 2.297 2.297 2.297 2.297 2.297 2.297
- ASIO 67.000 68.300 67.400 67300 67.900 67900 66.810
Malonic AG? 17.155 17.503 17.811 18.351 18.435 18.576 19.076
—-AH} 2680  2.680 2.680 2.680 2.680 2.680 2.680
—AS) 65400 65.500 65400 66.100 65300 64.800 65.300
Maleic AG? 11.276 11.533 11.738 11.859 11.822 12338 12.571
—AHlo 1.531 1.531 1.531 1.531 1.531 1.531 1.531
—AS 10 42200 42400 42400 42100 41.300 42300 42.300
Phthalic AGY 17.857 18229 18.698 19.088 19.289 19.330 19.720
- AHIO 5.743 5.743 4.40 5.743 5.743 5.743 5.743
-AS? 77.800 77.800 73.77 78.000 77.500 76.400 76.400

interaction imposes a certain ordering and thus loss of entropy on the
solvent. They also suggested that the order imposed on the solvent about the
cation could restrict internal rotation in an alkyl substituent. This restriction
of internal rotation lowers the entropy of the acid cation relative to that of
the neutral base and therefore causes the entropy of ionization to become
less negative as the length of an alkyl substituent increases. In the present
investigation it is the charged anion that imposes order on the surrounding
solvent molecule, which in turn interferes with internal rotation in the alkyl
chain, partial molal entropies of the anions become smaller (relative to the
neutral acid) and, thus, AS; should become correspondingly more negative
as the length of the alkyl chain increases, in accordance with the observed
AS} values of malonic and succinic acids. The higher negative AS? value of
succinic acid (compared to malic and tartaric acids) can be largely attributed
to the hydrogen bonding effect which mainly exists in malic and tartaric
acids. This effect causes a lowering in the basicity of both malate and
tartrate mono anions with subsequent decrease of the entropy of solvation
and correspondingly less negative AS{ values compared to succinic acid.
The relatively higher negative AS? value of malic acid than tartaric acid was



TABLE 4

Thermodynamic parameters AGY, AH? and AS? for the second dissociation constant K, in
10% acetone (AGY in kJ mol~}, AH? kJ mol™! and AS{ Jmol™! K1)

Acid Parameter Temperature (° C)
30 35 40 45 50 55 60
Succinic  AGY 33.974 34823 35388 35.655 36.623 37.554 38.082
- AHS 8.040 8.040 8.040 8.040 8.040 8.040 8.040
~AS? 138.600 139.100 138.700 137.300 138.200 139.900 138.400
Malic AGY 30.579  31.272  31.869 32427 32.819 35368 34.294
~AHY 4020 4020 4020 4020 4020 4020 4.020
~ASY 114100 114.500 114.600 114.600 114.000 112.000 115.000
Tartaric AG? 26.301 26.718 27.739 27.682 28.043 28.426 28.917
~AHY 18.684 18.684 18.684 18.684 18.684 18.684  18.684
~AS? 148.400 147.300 148.200 146.000 145.000 144.000 143.000
Malonic AGY 34.664 35419 36.018 37409 38.071 38.943 39.485
~AH? 17995 17995 17995 17995 17995 17.995 17.995
~AS) 171.200 170.900 170.000 171.700 171.100 171.200 170.200
Maleic AGY 37.682 38.846 39.632 39.912 41.300 42.642 42923
~-AHY 17230 17.230 17.230 17230 17.230 17.230 17.230
~AS? 181.100 182.000 181.600 179.600 181.100 182.400 180.600
Phthalic  AGJ 33480 34.003 34.897 35710 36.283 37.799 38.554
—AH? 15.698 15.698 15698 15698 15.698 15.698 15.698

~AS? 162.200 161.300 161.600 161.600 160.900 163.000 162.800

due to the relatively higher hydrogen bonding effect present in the latter
acid. The higher conjugation effect acting in the phthalate mono anion
compared to the maleate mono anion causes more basicity in the former
(higher pK,). Accordingly, the extent of ion solvation should be higher in
phthalate mono anions than that of maleate mono anions and, consequently,
the negative AS? value of phthalate is the higher, in accordance with the
results obtained.

For the second dissociation reaction, an extra thermodynamic analysis
has been examined in the light of the AH?-AS? relationship. The plot
of — AH; versus — AS? for the six dicarboxylic acids studied gives a good
straight line (except for tartaric acid), as shown in Fig. 2. This indicates that
this series of dicarboxylic acids in fitted by an isoequilibrium line with a
slope equal to 230 K. This slope which represents the isoequilibrium
temperature (8) is much smaller than the experimental temperature, which
gives a good indication that this dissociation reaction is entropy controlled
[14].
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Fig. 2. Isoequilibrium plots for the first and second dissociation reactions.
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