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Abstract: The acid-base properties of 1-amino-5-benzoyl-4-phenyl-1H-pyrimidine-2-one
(L) and 1-amino-5-benzoyl-4-phenyl-1H-pyrimidine-2-thione (L?) were investi-
gated potentiometrically at an ionic strength of 0.10 M (LiCl) in 19.8, 33.6 and 55.9
% (v/v) methanol-water mixtures at 25.0 £ 0.1 °C. The apparent dissociation con-
stants (pyK,) were calculated for the di-protonated form (L'H,"? and L2H,*?) of py-
rimidine bases, using a software package TITFIT, which were then extrapolated to
pure water to derive the dissociation constants in aqueous solution (pK,). The aque-
ous pK, constants were found to be: L!, pK,; =3.76 and pK, = 6.95; L2, pK,; =3.57
and pK,, = 6.90. At pH <2.00, the dominant species in solution were the protonated
form of the amino group substituted at the 1-position, while at a pH around 5.00,
they were the protonated form of the pyrimidine ring nitrogen at the 3-position. An
effect of intramolecular hydrogen bonding on the p K, values was observed with L!
but not L2, The effects of molecular structure and solvent medium on the p.K, values
are also discussed.

Keywords: dissociation constant, pK;, potentiometry, pyrimidine derivatives, protonated
amines, nitrogen-protonated pyrimidine bases, intramolecular hydrogen bonding.

INTRODUCTION

Dissociation constants (pK, values) due to the protonation or deprotonation of
a reactant during chemical treatment are useful physico-chemical measurements
describing the extent of dissociation of functional groups with respect to pH. These
parameters are important for choosing appropriate acidic or basic reagents in drug
discovery and development, as knowledge of the dissociation state of a particular
functional group is critical for understanding the pharmacokinetic and pharma-
codynamic properties of new drug substances.!

Since pyrimidine bases are minor constituents of nucleic acids, the chemistry
of these compounds has been the subject of extensive research because of their ap-
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plications in molecular biology and medicine.? These compounds display many
activities, including antibacterial, antifungal, antiviral, insecticidal and miticidal
effects,3-# and colony inhibition.>

Traditionally, pH-metric titration was employed to determine the pK, ,of dis-
sociating groups in aqueous solution. However, the success of this approach is
sometimes hampered by poor aqueous solubility (<10~#4 M). If the compound is
sufficiently soluble in a water-miscible organic solvent, it is possible to determine
the apparent acidity constant, pK,, pH-metrically, in a mixed solvent medium. The
aqueous pK, values can then be determined by extrapolation of the p,K, values to
zero organic solvent content.6

In this study, recently synthesized 1-amino-5-benzoyl-4-phenyl-1H-pyrimi-
dine-2-one (L!) and 1-amino-5-benzoyl-4-phenyl-1H-pyrimidine-2-thione (L2)
were investigated using the potentiometric titration method in order to i) elucidate
their chemical behavior, ii) determine the aqueous dissociation constants and the
species present at different pH values, iii) determine the effect of molecular struc-
ture and solvent medium on the pK, values. The chemical structures of the studied
compounds are given in Scheme 1. The measurements were made in metha-
nol-water media of three different compositions. The apparent pK, values ob-
tained in these mixtures were extrapolated to zero organic solvent content to deter-
mine the aqueous pK, values.
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Scheme 1.
EXPERIMENTAL

Materials and solutions

All chemicals were obtained from Fluka, as reagent grade materials. Methanol was used after
distilling. Triple-distilled water was prepared in an all-glass apparatus by first redistilling sin-
gle-distilled water from alkaline permanganate solution, the middle fractions being collected. Then,
the double-distilled water was redistilled over an acidic sodium chromate solution, the middle frac-
tions again being collected.” The so-obtained triple-distilled water was used for the preparation of
the aqueous solutions.

The compounds, 1-amino-5-benzoyl-4-phenyl-1H-pyrimidine-2-one (L!) and 1-amino-5-ben-
zoyl-4-phenyl-1H-pyrimidine-2-thione (L2), the syntheses of which were described elsewhere,*
were obtained from Erciyes University. Their purity was tested by thin-layer chromatography using
mixtures of methanol—chloroform (1:9, v/v) and methanol-benzene (1:9, v/v) as solvents and also
verified by IR data.

Stock solutions of the compounds (for compound L!, ¢: 4.11x10™* M, for compound L2, ¢: 3.286 x
103 M) were prepared in methanol. The working solutions were prepared from these stock solutions
daily by appropriate dilutions with triple distilled water to give 16.3, 33.3 and 50 % (w/w) methanol con-
tents. These compositions were used in this study to prepare the standard buffer solutions for the calibra-
tion of the electrode, as described elsewhere.® Initially, the methanol-water mixtures were prepared by
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w/w dilutions as 16.3, 33.3 and 50 %, which were then expressed as 19.8, 38.6 and 55.9 % (v/v), respec-
tively. All future preparations were made by v/v dilutions to avoid the long w/w preparation using a bal-
ance. The stock solutions of the compounds were kept in the dark to avoid decomposition.

Sodium hydroxide solution (0.1 M) was prepared for each solvent system from pellets with
carbon dioxide-free triple distilled water and stored in a glass bottle to avoid atmospheric exposure.
The solution was standardized by using the linear least-squares fit of a Gran plot for the end-point
determination against potassium hydrogenphthalate solution.® The electrode assembly consisted of
an aqueous saturated calomel electrode as the reference electrode and a Metrohm 6.0202.100 glass
electrode filled with a solution of 3M KClI as the indicator electrode.

Hydrochloric acid solution was prepared from a stock solution of known concentration in wa-
ter and was standardized against standard sodium hydroxide solution using the alkalimetric titration
method. All solutions were stored at room temperature.

Apparatus

Titrations were carried out at 25.0 £ 0.1 °C by circulating thermostated water through a dou-
ble-walled glass vessel of 50-ml capacity. A constant stream of purified nitrogen gas was passed
through the test solutions to ensure an environment free of oxygen and carbon dioxide, and to assist
in stirring the solutions. The nitrogen gas was purified as described for argon in a previous study. !

The cell containing the electrode, a nitrogen inlet, a thermometer and a capillary tip from a mi-
cro-pipette was closed with a Teflon stopper. All pH measurements were made using a Metrohm pH
meter (model 744) with an accuracy of + 0.01 units. The meter was fitted with a Metrohm combined
pH electrode (model 6.0202.100) filled with a solution of 3M KCI. The electrode was stored in water
and was soaked for 10 min in the methanol-water mixture to be studied before the potentiometric
measurements. An Eppendorf micro-pipette was used for the addition of the titrant (e.g., NaOH) so-
lution. A Sartorius A120 S analytical balance (sensitivity of £ 0.0001 g) was used for measuring the
masses of the compounds (L!, L?) and the chemicals.

pH determinations in different water—methanol media

To avoid inaccuracies from the calibration of the meter, the glass electrode used to measure the
pH* values was calibrated using appropriate standard buffer solutions of acetate (pH* = 4.94 and 5.24)
and succinate (pH* =5.07) of known activity, which were prepared in the appropriate water—methanol
composition of 16.3, 33.3 and 50.0 % (w/w) methanol. The reference values of the pH* of these buffer
solutions and their preparations in different methanol-water mixtures has been reported previously.®
The electrode was recalibrated when the solvent system was changed. The glass electrode is known to
be responsive!! under these experimental conditions. pH measurements in methanol-water mixtures
can be performed similarly to those in water taking into account the pH values assigned to standard
buffer solutions in methanol-water mixtures.!2:!3 The pH meter readings (pH*) were converted into
hydrogen ion concentration by using the activity coefficients (y) obtained for each mixed solvent me-
dium as explained below and used in the calculations. The desired pH of a solution was adjusted by
dotting with a relatively concentrated HCI or NaOH solution on a thin glass rod.

Potentiometric measurements

The pH-potentiometric titrations were performed in a methanol-water mixture that contained
either 19.8, 38.6 or 55.9 % (v/v) methanol. The common anion in all solutions was chloride (LiCl,
HCI). For the working medium, the ionic strength (/) was kept constant at 0.10 M by using LiCl as
the supporting electrolyte. Titrations in each methanol-water mixture were repeated twice and the
values were reported as an average of two replicates.

Procedure

The working solutions, i.e., blank and test solutions for each solvent medium (1: 19.8, 2: 38.6
and 3: 55.9 % v/v methanol), were prepared by adding a known volume of stock compound solution
to the vessel containing a known quantity of HCI (to obtain a pH of approximately 2.0) and the re-
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quired quantity of LiCl. The contents were diluted to a total volume of 20.0 ml with triple distilled
water. After degassing for 10 min, potentiometric titration was performed with a standardized
NaOH solution prepared in the solvent medium being studied, whereby the pH-titration curve was
obtained. The first reading was taken without addition of the base solution. After each titration, the
volume of the test solution was remeasured to calculate the degree of dilution. The pH was measured
for each addition of NaOH solution in 0.03 ml increments.

The procedure for the preparation of the tests solutions of the compounds is summarized as fol-
lows with compound L! for the each solvent medium:

Blank Solutions: HCI (1 ml, 0.094M), LiCl (solid 0.085 g), methanol (3.96 ml for solvent 1;
7.72 ml for solvent 2; and 11.18 ml for solvent 3) and diluted to 20 ml with triple distilled water.

Test Solutions: For solvent 1; HCI (1 ml, 0.094M), LiCl (solid 0.085 g), 3.96 ml of 4.119x10*
M compound solution (prepared in methanol) and diluted to 20 ml with triple distilled water.

For solvent 2; HCI (1 ml, 0.094M), LiCl (solid 0.085 g), 3.96 ml of 4.119x10"* M compound solu-
tion + 3.76 ml methanol (in order to keep 38.8 % (v/v)) and diluted to 20 ml with triple distilled water.

For solvent 3; HCI (1 ml, 0.094M), LiCl (solid 0.085 g), 3.96 ml of 4.119x10"* M compound solu-
tion + 7.22 ml methanol (in order to keep 55.9 % (v/v)) and diluted to 20 ml with triple distilled water.

Calculation of the activity coefficients and operational autoprotolysis constants, pK, values

An aqueous-organic solvent SH, such as water—methanol, can undergo autoprotolysis accord-

ing to the general process!4:

2SH @ SH,™ + S~ (1)
The general equilibrium constant expression for (1) is called the autoprotolysis constant, Ky,
and is defined by:

_ 2 2
KapfaSH; an_/aSH (2)

where agp,* and ag- are the ionic acitivites of the lyonium and lyate ions, and agy for the
undissociated solvent SH is unity.

For each investigated system methanol-water, the activity coefficient (y) for H* and the value
of the operational autoprotolysis constant (pK,,,) were determined from titrations of the blank solu-
tions mentioned above under the same experimental conditions as for the titrations of the test solu-
tions with the standardized sodium hydroxide solution prepared in the same solvent system. The val-
ues for [H*] were obtained from the pH meter readings. However, [OH] values were determined
from the amount of base added to the solution. Blank solution titrations were repeated at least three
times and the equivalence volumes were determined using second derivative method. The ionic
strength (/) of the medium was kept constant at 0.10 M by using LiCl as the supporting electrolyte.
The results are given in Table I.

Calculation of apparent dissociation constants (psK,) from potentiometric data

The concentrations of the compounds varied from 8.156x1073 to 7.543x 1073 M for L! and from
6.507x107 to 5.915x10"* M for L during the potentiometric titrations. Under such conditions, the
ionic strength deviation did not exceed 0.01 M over the entire pH range studied. The number of ex-
perimental points was 70—80 (ml-pH) in the pH range 2.0-12.0, for each titration curve. The values
of the apparent dissociation constants, p,K, were calculated as concentration constants using the ac-
tivity coefficients for H*. The operational autoprotolysis constants, PK,ps, given in Table I, were ob-
tained by fitting the potentiometric data obtained from the titration of the di-protonated form of the
compounds using a software package, TITFIT.!3 The obtained p,K, values were extrapolated to pure
water to derive the dissociation constants in aqueous solution (pKj,).

The TITFIT program uses the Newton—Gauss—Marquardt technique supplemented by the use
of analytical derivatives (0ml,/0log p;). For amodel which consists of a set of species M, L;H,, the
basis equation related to the equilibrium constants, f3,,;,, (charges are omitted for simplicity) is:
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Brain = M LH] / IMI"[L] @y 3)
where m, [ and / are the number of the metal (in this study, its value is 0), the compound being inves-
tigated and proton, respectively, and ay is the measured proton activity.

TITFIT calculates the values of the cumulative protonation or dissociation constants that mini-

mizes the sum of the error squares QS between the experimental and the calculated milliliter values,
according to the equation given below:

QS = Z(mlexp —mlcalc)z “)

point s

RESULTS AND DISCUSSION

The measurements were made at low concentrations of the compounds (L! =
8.156x1075 M; L2 = 6.507x10-5 M) and at the slowest speed of titrant addition.
The low compound concentrations were chosen to avoid complications arising
from the formation of polynuclear species. Under these experimental conditions,
stable pH values were obtained.

Activity coefficients and operational autoprotolysis constants, pK s values

Differences were observed in the values of the activity coefficients which de-
creased as the dielectric constant of the solvent composition decreased. This is be-
cause the activity coefficient of the proton decreased with increasing percentage of
methanol in the medium. This agrees well with the fact that the values of the activ-
ity coefficient vary with solvent composition and, in general, decrease as the di-
electric constant of the solvent decreases.

On the other hand, the operational autoprotolysis constant values, pKjs, in-
creased slightly with increasing percentage of methanol in the solvent mixture,
from pure water up to 55.9 % (v/v) of methanol (Table I). This can be interpreted
by the fact that the basicity of the water molecules increased linearly thereby re-
sulting in a proportional increase in the operational autoprotolysis constants (pKyyp,)
with increasing amount of methanol.

When the value of the operational pK,, were plotted against the mole fraction
of methanol, y, a linear relationship was obtained from pure water to methanol-wa-
ter (55.9 +44.1, v/v). The equation of the regression line for the operational pK, =
0.00133y +13.81179, R2=0.9991, defines the operational autoprotolysis constant,
pK,,, scale in methanol-water for any solvent composition up to 55.9 % methanol.

Some general considerations and definitions

The compounds have some similarities and some differences in their struc-
tures. Each has one amino group, —-NH,, substituted at position 1, and one pyrimi-
dine ring nitrogen, >N—, at position 3, which are able to be protonated depending
on the pH of the medium. It is well known that amino groups can be protonated by
acid or water molecules in acidic solutions. In a previous study, it was found that
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both compounds partially exist in their di-protonated form, i.e., in their cationic
form, in acidic solutions.!0 However, they exist in their molecular form (Scheme
1) in basic solutions, hence the compounds under investigation are basic in charac-
ter. Thus, compounds L! and L2 were considered to exist in the L!H,*2 and
L2H, "2 forms, respectively, in acidic solution.

For a constant ionic strength, the dissociation equilibria of the di-protonated
compounds, L'H,"2 and L2H, 2, can be characterized by the related apparent dis-
sociation constant, psK,:

L!H,”2 2 LIH" + H" 5
psKa1 = [LIH*][H*]/ [L1H,*2]

LIH* & L+ H* (6)
psKa2 = [Ll][H+] / [L1H+]

Determination of the aparent dissociation constants (psK,) of the di-protonated
compounds

Identical dissociation constants were obtained for both compounds. Both
compounds were found to undergo protonation at low pH values and the fully
protonated form of each compound can liberate two protons; i.e., for L pK,; =
3.76 and pyK,» = 6.95, within the pH range 2.0-12.0. The similarity between the
structures of the compounds (Scheme 1) indicated that the p,K,; and pyK,, values
obtained for both compounds were consistent with the acidity of the protonated
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Fig. 1. A typical species distribution diagram as a function of pH for the compound L.
W: original compound, ¥: protonated form of the amino group substituted at position 1, +:
protonated pyrimidine nitrogen at position 3. Methanol 19.8 % (v/v). [L!] = 8.156x107> M,

[NaOH] = 0.093 M.
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forms of the amino group, -NHj3™ substituted at position 1, and the protonated py-
rimidine ring nitrogen, >NTH- at position 3, for which the apparent dissociation
constants were easily recognised by comparison of the pK, values. The apparent
dissociation constants calculated for both compounds for each solvent system at
25.0£0.1 °C and at /=0.10 M LiCl are given in Table I.

The relative importance of the various species in each pH range is shown in
Fig. 1 as a concentration distribution diagram for the compound L! system. The
best fit of the potentiometric data for the studied solvent systems was obtained
when the species reported in Fig. 1 were used. For both compound systems, the
concentration distribution of species showed an identical dependence on pH.

The plot given by symbol (M) in Fig. 1 shows the change in the concentration
of the original form of compound L! (Scheme 1) with pH. However, the symbols
(¥) and (+) show the pH dependence of the concentrations of the species proto-
nated at the amino group (i.e., ammonium group, —-NH3 ") substituted at position 1
and the species protonated at the pyrimidine ring nitrogen at position 3, respec-
tively, which undergo dissociation as the pH increases from pH 2.0 to 12.0.

On examination of the concentration distributions of the species as a function of
pH (Fig. 1), it can be seen that the original form of the compound practically did not
exist in the medium at pH values below 6.00. On the other hand, the ammonium group,
represented by the symbol (), is the only predominant species at pH values of 2.00
and below. Its concentration decreased at pH values above 2.00, and it disappeared
completely at a pH between 5.00 and 6.00, exhibiting an apparent dissociation con-
stant, psK, 1, at pH 3.76. However, the concentration of the protonated form of the py-
rimidine ring nitrogen, represented by the symbol (+), started to increase when the pH
of the medium was increased from the pH value of 2.00, reaching a maximum concen-
tration at a pH between 5.00 and 6.00. Increasing the pH above 6.00 led to a concentra-
tion decrease, the species practically disappearing at pH values around 8.00, exhibiting
the second apparent dissociation constant, pK,», at pH 6.95.

The obtained p4K, values (Table I) are similar to these of Albert et al.,® who
reported a pK, value of 5.71 for the protonation of the amino group of 4-amino-
pyrimidine in water and Bacarella et al.!® who found a pK, value of 4.51 for the
anilinium ion in 20 % (v/v) methanol.

The psK,, values (Table I) are also similar to the values reported by Rived et
al.l7 for some nitrogen-protonated heterocyclic bases, i.e., 5.44, 5.16, 6.99 and
7.26 for the protonation of the N atom of pyridine, quinoline, papaverine and
narcotine, respectively, in methanol. Similarly, Bruni et al.18 and Tissier e al.1° re-
ported pK, values of 5.43 and 6.05 for the pyridine nitrogen and the 4-methyl-
pyridine nitrogen, respectively.

Based on the obtained pK,; and psK,» values (Table I), it is possible to sug-
gest that the following equilibrium reactions 7 and 8 occur for psK, | and pK,», re-
spectively.
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~NH3" + OH- & -NH, + H,0 (7
>N*H-+ OH- & >N-+ H,0 (8)

Effect of molecular structure on pgK,

The values of piK;; and pK,, for L and L2 are very similar (L!, p,K,; = 3.76
and pK,n = 6.95; L2, piK,1 = 3.57 and pKy» = 6.90). A comparison of the obtained
psK, values (Table I) shows that the amino group substituted at position 1 undergoes
protonation or dissociation first with respect to the nitrogen atom at position 3. This re-
sult is in agreement with the theoretical result.20 This demonstrates that the amino
group, —NH,, of both compounds are considerably weaker bases than the pyrimidine
ring nitrogen at position 3. A comparison of the pyK,; values for both compounds
shows that the amino group of L! is a slightly stronger base the amino group of L2.

Effect of solvent medium on the apparent dissociation constants, psK,

A linear relationship was found between the obtained dissociation constants,
psK,, and the percentage of methanol. The linear equations and the related correla-
tion coefficients for both compounds are given in Table I. Inspection of the pK,
values in Table I shows that both pK,; and psK,, values of both compounds are
dependent on the amount of methanol.

The pyK,; values were found to decrease slightly with increasing percentage
of methanol in the medium. This observation agrees well with the report of Baca-
rellal® who observed a similar decrease in the dissociation constant of the anili-
nium ion with increasing percentage of methanol in the medium. The observed de-
crease can be interpreted by the fact that the basicity of the water molecules in-
creases linearly and, accordingly, the operational autoprotolysis constants in the
solvent mixture, pK,p, increase with increasing amount of methanol.

The decrease observed in the p,K,; values of the compounds with increasing
percentage of the organic solvent in the medium can also be attributed to the large
stabilization of protons by their interaction with water molecules only.2! Conse-
quently, the activity coefficient of the proton decreased with increasing percentage
of methanol in the medium. This would result in an increase in the apparent disso-
ciation constant (low p¢K, 1) of these compounds. This demonstrates that the amino
groups of both compounds are weaker bases in the methanol-water mixture of 55.9
% (v/v) than the mixture of 19.8 % (v/v).

On the other hand, as the methanol fraction in the mixture was increased, the
psKa» values of both compounds were found to increase slightly. This behavior
suggests that the solvating ability of the mixture decreased as the percentage of
methanol increased. Since ey, =78.30 (25 °C) and &pjeop = 32.63 (25 °C), the en-
ergy required for the separation of charges increases and thus the extent of the ap-
parent dissociation constant was lowered.!! For higher methanol contents, the
protonated base is mostly solvated by the less basic methanol and the pyK,, values
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increase with the methanol contents up to values slightly higher than the pK,»
value obtained in solvents with a lower methanol-water ratio.

Intramolecular hydrogen bonding

Inspection of the pK, values given in Table I obtained in different metha-
nol-water systems for both compounds shows that the values of psK,, are higher
than those for pyK,;. This could be explained by the formation of internal hydro-
gen-bonds, as were reported in a previous study to be formed in compound L!, be-
tween the -NH;3" group at position 1 and the oxygen of the >C=0 group at position
2, but not in compound L2.10 When the amino group at position 1 is in the -NH3*
form, it withdraws electrons from the oxygen of the >C=0O group at position 2
through hydrogen bonding. In this case, the O atom compensates the electron defi-
ciency either by withdrawing electrons from the C atom at position 2 or from the N
atom at position 3, which makes the protonation of the N atom at position 3 more dif-
ficult (i.e., a higher psK,) compared with the substituted -NH; at position 1. This will
result in an increase in the stability of the protonated nitrogen at position 3 of L!, and
its dissociation becomes more difficult (i.e., a higher p.K,, value).

In the case of L2, hydrogen bonding does not occur between the sulphur atom
of the thiocarbonyl group at position 2 and the hydrogens of the substituted amino
group at position 1. Thus, such interactions will be weak and the N atom at position
3 will be more easily protonated than that in L! (i.e., a lower pK,, value).

The low values for p,K,; when compared with those for psK,> can also be ex-
plained by the fact that the amino group attached to the N atom at position 1 is fed
mesomerically by the electrons of this N atom, which consequently favors the proto-
nation of the amino groups in comparison to the N atom at position 3 (lower pgKy1).

Determination of the aqueous dissociation constants, pK,

The values of apparent dissociation constants, psK,; and pyK,, obtained in
methanol-water mixtures were plotted against the alcohol content (expressed as
volume %) of the solution.22 The plots yielded straight lines, as can be seen in Figs.
2 and 3 which also include the corresponding equations for the relationship be-

4 -
3.9 4
3.8 4

374 TT——a—u LI

= 3.6 1
2 35 1 ——— . 12
= 3.4 1
g-g 1 L1: psKal=-0.0020x%methanol +3.79  Fig 2 Variation of the p,K, values of

3.1 4 L2: psKal=-0.0019x%methanol + 3.61 1-.arfuno-S-benzcl)yl-4-pheny.l- 1H-pyri-

- 3 midine-2-one (L") and 1-amino-5-ben-

' ’ ' ' ' zoyl-4-phenyl-1H-pyrimidine-2-thione

1020 30 40 50 60 (L?) against the percentage of metha-
methanol, % (v/v) nol in the medium: (A), L!; (@), L2.
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tween the pK, values and the percentage of methanol. For each compound, the ob-
tained straight lines were extrapolated to zero methanol content to obtain the aque-
ous pK, values. The pyK, values given in Table I were used for the extrapolation of
the aqueous pK,. The calculated pK, values, together with the corresponding cor-
relation coefficient, R, are given in Table I.

7.5 1
7.3 1
Q7.1 4
%
=694 Fig. 3. Variation of the pK,, values
6.7 4 L1: pska2=0.0055x%methanol+6.84 of 1-amino-3-benzoyl-4-phenyl-1H-py-
rimidine-2-one (L') and 1-ami-
65 L2: psKa2= 0.0055x%methanol+6.79 no-5-benzoyl-4-phenyl-1H-pyrimi-
= ’ v ' ' ' dine-2-thione (L?) aganinst the per-
10 20 30 40 50 60 centage ofmethanol in the medium:
1. 2
methanol, % (v/v) (4), L7; (@), L7
CONCLUSION

No p¢K, value was obtained for the sulphur atom of the thiocarbonyl group substi-
tuted at position 2 of L2. One reason for this could be the presence of water in the me-
dium that inhibited the occurrence of possible thione-thiol tautomerization. Thus, re-
peating the experiments in completely non-aqueous medium is expected to be useful.
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N3BOJ

INOTEHIINOMETPUNICKO NCITUTUBAKBE KV CEJIMHCKO-BA3SHE
PABHOTEXE IBA HOBA IEPUBATA ITMPUMUNIVHA Y PASIINYUTUM
CMEIIAMA METAHOIJI-BOJA

HASAN KILIC! 1 BIROL ER?

I Marmara University, Sciences and Letters Faculty, Department of Physical Chemistry 34722 Ziverbey, Istanbul u
Bahgelievler High School, Istanbul, Turkey 34590

Kucenuucko-6a3Ha cBojcTBa 1-amuHo-5-Genzomn-4-henmn-1H-mapuvuans-2-ona (L)
1-aMuHO-5-6eH30MT-4-hernn-1 H-mpuMmuH-2-trora (L2) mcnmTuBaHa Cy MOTEHIOMET-
pujcku mpu jouckoj jaunuam 0,10 M (LiCl) y 19,8, 33,6 u 55,9 % (v/v) cMemiama MeTaHoJa U
Bojie Ha Temnepatypu 25,0 + 0,1 °C. Kopuurthewem copreepckor nakera TITFIT uspauynare
Cy ImpuBHJIHE KOHCTaHTe puconujamuje (pK,) 3a AU-IPOTOHOBAHH OOIMK MUPUMHITHCKIX
6asa (L'H,™ u L?H,"2), xoje cy excTpanonucane fa 61 ce fo6uIe KOHCTAHTE JUCONUjalije y
BOfieHOM pacTBopy (pK,). Habeno je ma cy pK, Bpemnoctu: LY, pK,; = 3,76 u pK,, = 6,95; LZ,
pK, = 3,57 n pK,, = 6,90. IIpu pH < 2,00 y pacTBOpY JOMUHUPA IPOTOHOBAH OOIMK aMUHO
rpyrne CyncTuTyucane y monoxajy 1, mox je mpu pH oko 5,00 joMuHaHTaH OOJIUK MUPUMHU-
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JIMHCKOT MPCTEHA ca MPOTOHOBAHNM a30TOM y TTostokajy 3. Kox L! je npumehen yrumaj mebhy-
MOJIEKyICKe BOJIOHHYHE Be3e Ha pyK, BPETHOCTH, ITO Huje cydaj ca L2. [luckyToBanu cy u
yTHUIIaji MOJIEKYJICKE CTPYKTYpe U pacTBapaya Ha pK, BPEJHOCTH.

(ITpumibeno 14. janyapa, pesupupano 11. maja 2005)
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