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Abstract O The kinetics of conversion of the prodrug ancitabine to the anti-
cancer drug cytarabine have been studied in aqueous solutions in the pH range
of 1.5-10.7, temperature range of 19.5-80.0°C, ionic strength range of 104
to 1.5, and in the presence of several general-base catalysts. Under all condi-
tions ancitabine was quantitatively converted to cytarabine. The pH-rate
profiles were linear with slope = 1 in alkaline pH, becoming pH independent
in the region of maximum stability at pH < 4, where buffer catalysis was found
1o be insignificant and ko = (1.12 X 10! h=1)eexp {—10121 deg/ T}. At 30°C,
pH < 4, itis calculated that an aqueous ancitabine solution will maintain 90%
of its initial concentration for 12 d. A novel method for measuring general-base
catalysis in competition with predominating specific-base catalysis and in the
presence of secondary salt effects at constant ionic strength was developed.
Three mechanisms of hydrolytic prodrug conversion are proposed: nucleophilic
hydroxide addition, general base-assisted nucleophilic water attack, and
spontaneous water attack.

Keyphrases O Ancitabine—conversion to cytarabine, kinetics, aqueous so-
lutions O Cytarabine—conversion of ancitabine, aqueous solutions, kinetics
D Kinetics—ancitabine conversion to cytarabine, aqueous solutions

Ancitabine (I}, a prodrug of the antileukemic agent cytar-
abine (II), has been shown to be more effective than II in
several animal tumor systems (1, 2) (Scheme I). The phar-
macological activity of I is attributed to its conversion to I1
rather than any direct effect on nucleic acid synthesis (3, 4).
Although incubation of I with Ehrlich ascites carcinoma cells
demonstrated very little uptake of I, significant intracellular
concentrations of 11 were nonetheless observed (5).

Intravenous doses of I are primarily excreted unchanged in
urine together with JI and its inactive metabolite, 1-3-D-ara-
binosyluracil (1IT) (3, 6, 7). The efficacy of II is limited by its
rapid deamination to III (6). It has been suggested that a depot
form of 11 might be useful in maintaining effective levels (8).
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Unlike II, I is not phosphorylated nor deaminated (6, 9, 10).
A prodrug may extend the biological duration of the drug
through slow prodrug absorption or rate-limiting conversion
to the drug (11). Ancitabine may act as a reservoir through
hydrolytic production of II (8).

In vivo conversion of 1 is thought to be chemical rather than
enzymatic hydrolysis (8, 12, 13). The purpose of this study was
to investigate the kinetics and mechanisms of prodrug hy-
drolysis in aqueous solutions. Since 1, like II, is not orally active
(6), it is important to define its stability for preparation and
storage of parenteral formulations.

EXPERIMENTAL SECTION

Stability in Sodium Hydroxide and Hydrochloric Acid Solutions Using
Thin-Layer Chromatography —Samples of 0.01 M ancitabine (I)! in0.1 M
HCl and 0.05 M NaOH at 50°C were taken over a 4-d period, and 10-uL
aliquots were spotted together with reference samples of 1, 112, I113, and cy-
clouridine® on 20 X 20-cm TLC plates (0.25 mm silica gel GF)3. The plates
were developed to 10 cm in water-saturated 1-butanol-propanol (3:1), air
dried, and examined at 254 nm. A time zero plate was also impregnated with
I2 vapor, and 0- and 1-h plates were sprayed with sulfuric acid and heated.
This procedure was also used periodically in the kinetic studies to identify the
components in the reaction mixtures.

Spectrophotometric Analysis of Ancitabine and Cytarabine in Mixtures—
Absorbance spectra from 220 to 330 nm were obtained for synthetic mixtures
to determine which wavelengths could best be monitored for reaction time-
course changesS. These showed an isosbestic point at 267 nm.

Beer’s law plots in 0.1 M HCI provided molar absorptivities (¢) at 240 and
290 nm of 7.25 X 10% and 4.70 X 102 for 1 and 1.38 % 103 and 1.05 X 10* for
I1. Known concentrations in mixtures were successfully calculated using:

(Eq. 1)
(Eq.2)

105 [I) = 13.914 4240 — 1.828 4290
105 . [11] = 9.604.4390 — 0.623 4240

which were derived from simultaneous equations for total absorbance, 4, at
240 and 290 nm for mixtures of I and 11.
Analysis of Three-Component Mixtures—Reverse-phase HPLC with

! 2,2-Anhydro-(1-8-D-arabinofuranosyl)-cytosine; Sigma Chemical Co., St. Louis,

Mo.

2 Cytarabine; The Upjohn Co., Kalamazoo, Mich. The chemical name is 1-8-D-ara-
binoluranosylcytosing, the IUPAC name is arabinosylcytosine, and the common name
is cytosine arabinoside (ara-C).

Lracil-B-D-arabinofuranoside; Sigma Chemical Co., St. Louis, Mo.

4 3-D-02,2’-cyclouridine; Terra-Marine Bioresearch, La Jolla, Calif.

5 Type TLP 109; New England Nuclear, Boston, Mass.

¢ Modcl 250 spectrophotomeler with model 6051 recorder, model 2451 A automatic
cell positioner, and model 6047 thermosensor; Gilford Instruments, Oberlin, Ohio.

0022-3549/ 84/ 0700-0896$01.00/ 0
© 1984, American Pharmaceutical Association



Table | —Experimental Conditions for Kinetics of Ancitabine Hydrolysis

Temp.,
°C Components? ut pH ne
19.5 NaOH 0.005-1.0 10.34 7
21.1 NaOH 0.0003-0.00075 10.3-10.74 S
21.2 NaODs¢ 0.0003 10.3¢4 3
26.4 NaOH 1.00 10.7¢4 2
314 Na,CO;, NaHCO; 1.0 8.6-9.9 7
40.0 H3B0;, NaH,BO, 1.0 7.8-10.0 8
50.0 NaH,PO,, Na,HPO, 0.5-1.5 6.2-7.6 24
60.0 NaH,PO4, Na;HPO, 1.0 5.2-74 19
H3;BO;, NaH,BO; 0.5-1.0 6.4-9.4 29
NaHCO;. N32C03 1.0 8.1-8.4 5
(CH,0H);CNH,, (CH,0H);CNH;* 1.0 7.8-8.8 S
*H;3;NCH,CO;Na, HaNCH,CO;Na 1.0 8.5-9.1 6
CH;COOH, CH3;COONa 0.01 3.1-39 2
HCI 0.002-0.02 1.6-2.6 2
70.0 NaH,PQOy4, NayHPO, 1.0 6.4-7.5 5
HClI 0.02 1.6 1
80.0 NaH,PO,4, Na;HPO, 1.0 6.4-7.4 6
HCI 0.002-1.00 1.5-2.7 4

a All reactions aqueous unless otherwise specified. ® Adjusted with sodium chloride. ¢ Number of rate constants determined. 4 Calculated values. ¢ Solvent was D;0.

254-nm fixed-wavelength detection” was used to assay I, II, and 111 in mix-
tures. The mobile phase was filtered and deaerated, double-distilled water
containing 12% (v/v) methanol®, 0.01 M acetic acid, 0.01 M sodium acetate,
and 0.005 M sodium heptanesulfonate as an ion-pairing agent, at 1.0 mL/min.
The capacity factors of I, II, and 111 were 4.4, 1.8, and 0.52, respectively. The
peak height versus concentration plots were linear in the 1.0 X 10~510 10~4
M range for all three compounds. Some analyses were carried out using the
HPLC method of Tuncel e? al. (14), with similar results.

Kinetics in Buffers and in Dilute Hydrochloric Acid—Reaction solutions
containing | were prepared at various pH values and temperatures (Table I).
Those in the pH range of 5.2-10 were assayed as a function of time by diluting
aliquots with an appropriate volume of 0.1 M HCI before employing the

spectrophotometric analysis (Egs. 1 and 2) or the HPLC assay (14). In the:

pH range of 5.2-6.2, mass balance was confirmed by HPLC analysis of [I],
[H], and [IT1] with time (14). For reactions in the pH range of 6.2-10, mass
balance was confirmed by monitoring both the isosbestic point and the percent
recovery of [1] and [11] as a function of time.

Reactions in the pH range of 1.5-4'were assayed as a function of time by
cooling aliquots and applying the HPLC assay reported herein. The sum of
the molar concentrations of I, I1, and 111 did not equal the initial concentration
of 1, [lo]. Complete conversion of I-to 11 was confirmed by fitting concentra-
tion-time profiles of Il to a biexponential equation using NONLIN (15),
calculating the areas under these curves (AUC), and showing them to be equal
to the expected values of [lg]/k’, where k* is the rate constant for loss of
1.

Kinetics of hydrolysis of I at 80°C were compared with that of 11 in 0.01
and 0.001 M HCl and in 0.01 M HCl containing 1.0 M NaCl. Samples were
assayed as a function of time using the HPLC assay described herein. The
concentration of IV (Scheme 1) were determined as a function of time by
subtracting the sum of the time-dependent concentrations from the initial
concentrations of starting materiaf. The rate constants kous, k’, and k, were
determined by simultaneously fitting a series of differential equations de-
scribing the concentration-time courses of I, I1, 111, and IV in Scheme 11.
Q—pk’'

— 111

1 II
fk' L _]
IAY "y

Scheme I1

Both kops and k” were independent of pH and ionic strength in acid. The two
pairs of values for k, provided fractional negative slopes for plots of log k,
versus pH or [v/i2/(1 + v/p1)). Although data are limited, they may indicate
that loss of IV may not be a single irreversible process as shown in Scheme
11. The value for k* (0.076 h~') agrees with that previously reported under
similar conditions (16).

Kinetics in Dilute Sodium Hydroxide— Distilled-dcionized water was re-
fluxed, cooled under nitrogen, and used to prepare solutions containing I in
the presence of sodium hydroxide and sodium chloride (Table 1). These were

Robs

7 Mode] 332 Beckman gradient liquid chromatograph with model 153 analytical de-
tector and Altex ultrasphere-octy! S-um column {15 cm X 4.6 mm i.d.}; Beckman in-
struments, lrvine, CaliF

8 Omnisolv methanol (glass distilled); MCB Reagents, Norwood, Ohio.

maintained at constant temperature under a strcam of nitrogen and assayed
as a function of time by acidifying aliquots with HCIl, measuring absorbances,
and applying Eqgs. 1 and 2. The influence of ionic strength was quantitated
by varying the sodium concentration at 19.5°C (Table ).

In Situ Spectrophotometric Analysis of Alkaline Reactions—Studies for
estimating the kinetic isotope effect required the analysis of [ and I1 in reac-
tions carricd out in the spectrophotometer using either aqueous sodium hy-
droxide or sodium deuteroxide in deuterium oxide. Potentiometric titrations
of 0.057 M [ in 0.05 M HCI with sodium hydroxide showed no evidence for
a pK,. Spectrophotometric data were consistent with this observation. Spectra
were superimposable below pH ~8.4. At pH 10.4 and 11.2 absorbance
changed with time. The € value at 230 nm, calculated from the intercepts of
In (4, — A=) versus time, was the same as in acidic solutions.

This pH-independent spectrum for I was compared with that for 11 in
carbonate-free 1 X 10~% M NaOH. The maximum absorbance differences
occurred at 258 and 280 nm. Molar absorptivities (¢} at 258 and 280 nm were
1.01 X 10% and 4.69 X 103 for 1 in double-distilled water and 6.78 X 103 and
7.88 X 103 for 11 in carbonate-free 1 X 10~ M NaOH. Concentrations of |
and 1 were calculated from the following equations, derived from simulta-
ncous equations for the total absorbances at 258 and 280 nm:

10%-[1) = 1.651 4353 — 1.420 4550
104 [I1] = 2.112A4250 — 0.986 4358

(Eq. 3)
(Eq. 4)

The accuracy was assumed to be similar to the acid-quenched assay although
its assessment using known mixtures under basic conditions was not possible
due to the instability of .

Comparison of Ancitabine Kinetics in Sodium Hydroxide to Those in Sodium
Deuteroxide—-A closed system with nitrogen-flushed head space was used
to limit uptake of atmospheric carbon dioxide and hydrogen-deuterium ex-
change. Polytef-capped cuvettes were filled with solutions containing either
1.9 X 104 M NaOD in deuterium oxide or 1.9X 107* M NaOH in carbon-
ate-frec, doublc-distilled water. Stock solutions of I were prepared free of
carbon dioxide and maintained at ambient temperatures. Each reaction in
deuterated solvent was duplicated by a corresponding aqueous reaction. An
aliquot of the stock solution was quickly added to each cuvetie, capped, mixed,
and the time of mixing was marked on the recorder®. The cuvettes were placed
in the thermostated chamber along with a blank. Absorbances of each reaction
mixture were automatically recorded at 258 and 280 nm as a function of time
using a 2-s dwell time for each cuvette, with automatic reference compensation
before and after each reading®. Reactions were allowed to proceed until ab-
sorbances were constant with time. The temperature in the cuvetie chamber
was automatically recorded before and after cach run. The concentrations
of 1 and 11 were calculated using Eqs. 3 and 4.

RESULTS

Hydrolysis Products— Reactions monitored by TLC showed I Lo be stable
over a 4-d period at 50°C in water and in 0.1 M HCI, while converting im-
mediately to 11 in 0.05 M NaOH. At pH = 1.5-6, HPLC analyses detected
subsequent deamination of 11 to 11, in accordance with Scheme 1. As the pH
decreases in this range, the formation of 111 becomes dctectable during the
hydrolysis of | because &’ passes through a maximum value at pH 3, whereas
k ops decreases to a minimum and is constant below pH 4. The AUC values
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Table [I—Selected Experimental Conditions and Rate Constants?

Temp., Buffer kobs,
°C pH Concentrations, M h™!
NaﬂLPO4 NazH P04
60.0 7.37 0.018 0.180 1.09
7.25 0.010 0.100 0.816
7.15 0.005 0.050 0.640
7.27 0.060 0.300 0.966
7.17 0.040 0.200 0.750
7.06 0.025 0.125 0.612
7.01 0.010 0.050 0.408
6.98 0.070 0.210 0.540
6.94 0.050 0.150 0.442
6.86 0.030 0.090 0.363
6.80 0.015 0.045 0.294
6.45 0.250 0.250 0.274
6.40 0.125 0.125 0.168
6.33 0.050 0.50 0.122
6.29 0.025 0.025 0.0935
5.25 0.500 0.050 0.0354
5.22 0.250 0.025 0.0232
5.23 0.100 0.010 0.0182
5.23 0.050 0.005 0.0152
80.0 6.42 0.200 0.200 2.57
7.38 0.020 0.200 13.9
7.08 0.30 0.150 7.86
6.56 0.100 0.150 2.86
6.63 0.050 0.100 3.02
6.42 0.060 0.080 1.92
NaHCO, Na,CO;3
314 9.82 0.060 0.100 4.94
9.94 0.80 0.160 6.2
9.61 0.100 0.100 3.07
9.49 0.130 0.100 2.33
9.18 0.280 0.100 1.20
8.89 0.200 0.040 0.661
8.69 0.450 0.050 0.446
HCl u
80.0 1.63 0.020 0.02 0.0386
2.68 0.002 0.002 0.0382
1.60 0.020 0.100 0.0364
1.52 0.020 1.000 0.0341
70.0 1.60 0.020 0.02 0.0181
60.0 1.58 0.020 0.02 0.00680
2.60 0.002 0.002 0.00664
NaOH kou,
104M~'h7hH
19.5 10.44% 0.000195 0.005 2.12
10.43 0.010 2.02
10.38 0.050 1.68
10.35 0.100 1.51
10.32 0.200 1.16
10.26 0.500 1.04
10.22 1.000 0.568

@ The experimental conditions and results presented here are a representative sample
af 2 much Larger body of kinctic data. All buffer studies were adjusted to u = 1.0 using
NaClL # Caleulated values.

of the concentration time profiles [or 11 showed that | was quantitatively
converted to I1. The appearance of an additional, nonchromophoric inter-
mediate in the chemical deamination of 11 1o [11, demonstrated previously (16),
was confirmed.

Hydrolysis in Acid—In the presence of dilute hydrochloric acid, first-order
rate constants ksan,0, obtained from linear plots based on:

In [I] = In [lo] — ksavyo! (Eq.5)

were found to be temperature dependent but independent of pH and ionic
strength (Fig. 1, Table 11).

Hydrolysis in Alkali—In the presence of dilute sodium hydroxide (or
deuteroxide), the second-order rate copstants, ko, were obtained from the
slopes of lincar plots based on:

‘ ! ],,n {HHOHo] _
[1o] — [OHol (10]|OH]

oul (Eq. 6)
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LOG (k, in h )

1

Figure 1—The pH -rate profile for quantitative conversion of I to 11. Data
points (Ka) represent Kops values corrected for buffer catalysis. Curves are
calculated (Eq. 29) a1 80°C(A), 70°C (B), 60°C (C), 50°C (D), 40°C (E), and
31.4°C(F).u=10.

where [OH] is the concentration of cither hydroxide or deuteroxide as de-
termined from [OH] = [OHo] — (I1].

Kinetics in Buffers—In the presence of excess buffer, first-order rate con-
stants (kons) were obtained from linear plots based on In 1] = In [lo] = koust.
Buffer participation was recognized in plots of log kqus versus pH, which
showed that hydroxide and solvent attack were not sufficicnt to describe the
observed rate constants under all conditions (Fig. 2). General base-catalyzed
water attack was hypothesized leading to the overall expression (i7):

n .
Kobs = (k%HIOHl “’—0“—7') + (aHzo 5 k%181 Y22 4 (ksams0)
Yt i= Yti

(Eq.7)

where k3, is the rate constant for hydroxide attack at zero ionic strength, You
is the activity coefficient for hydroxide, v, is the activity coefficicnt for I, v+
is activity coefficient for the hydroxide-attack transition state, [B;] is the
concentration of the ith general base, yg; is the activity coefficient for the ith
base, 1/ is the activity cocfficient for the transition state for B; attack, k§an,0

o.o%
~ L a
L F A
£
” A
£ aof
x
§ |
™ ®
T e
-
_2.0 1 1 1 1
5.0 6.0 7.0

pH
Figure 2 - Log keps versus pH for quantitative conversion of I to 11 in phos-
phate buffers at 60°C, p = 1.0, where the ratios of [NaH2PQs//{NasH PO,/
are: 0.1 (0),0.2(0),0.33(a). 1.O(A), and 10 (@) (sce Table I1). The re-
gression line, based on the 0.1 ratio buffers (O}, has a slope of one.



Table 11— Biomolecular Rate Constants (1/M¢h) as a Function of Temperature

Temp., 10-1KY,,

°C 1075k Qu Phosphate Borate Carbonate

80.0 43.1 5.67 — -

70.0 18.5 1.35 -— —

60.0 7.59 0.444 13.7 88.3

50.0 447 0.115 — —

40.0 1.66 — 1.12

314 0.779 — — 1.62

Temp., °C Tris Glycine 102k,

26.4 0.531 80 — — 3.84

21.2 0.303 70 - — 1.81

19.0 0.220 60 0.212 14.3 0.672
equals k%, the bimolecular rate constant for catalysis by the ith base at zero —AZ;\/p
ionic strength, and k; is the bimolecular rate constant for solvent attack. log vi = ———=— (Eq 12)

Reaction kinetics were studied in solutions of Tris, borate, carbonate, ac-
etate, glycine, and phosphate buffers. Tris, acetate, and borate buffers con-
tained only one .Bronsted base species. Although carbonate, glycine, and
phosphate buffer contained two general bases, their acids differed by a min-
imum of four orders of magnitude in K, values. According to the Bréonsted
relationship, the efficiency of a general base catalyst increases with the in-
creasing pK, of its conjugate acid (18). Therefore, the contribution of the more
acid base species to kqps was not detectable. The contribution of ksa,0 was
also insignificant except in buffer solutions of pH <5.3. Above this, the ob-
served rate constants in buffers can be described by hydroxide attack plus
catalysis by one general basc component, B, so that Eq. 7 can be rewritten;

kobs = (kQuaony1/v1) + (k3an,olBlveyi/v+) (Eq. 8)

where aon = Yon[OH ™) and kglap,0 = keal®. After taking ionic atmosphere
ceffects into account (sec discussion below), observed first-order rate constants
were adequately described by this equation. The pH-rate profiles, constructed
by subtracting the general base contributions, were linear at pH > 6 with
slopes approaching unity, which is the theoretical value when a reaction is
first-order in hydroxide (Fig. 1).

lonic Atmosphere Effects—In dilute hydroxide and buffered solutions, the
activity coefficients of the reactants and transition states appear in the rate
law for hydrolysis of I. The influence of ionic atmosphere effects on activity
coefficients is greater for reactions between ions than for reactions between
polar molecules or ions and dipoles (19). Under all conditions studied, 1 was
a cation while hydroxide ion and the general bases (except Tris) were an-
jons.

According to absolute reaction-rate theary, the rate constant is proportional
to the concentration equilibrium constant (k') between the activated complex
and the reactants (20). This concentration equilibium constant is affected by
the ionic environment and is related to a thermodynamic equilibrium constant
(Ka*") by the ratio of the transition state activity coefficient to the product of
the activity coefficients for the reactants (20). For a bimolecular reaction such
as the reaction between hydroxide and I:

(Eq.9)

where k; is the second-order rate constant expressed in terms of the ther-
modynamic equilibrium constant K. Carstensen (21) has shown that Eq. 10
adequately describes the logarithm of an activity coefficient based on the ki-
netic salt effects as reported for the degradation of a number of drugs over
a wide range of ionic strengths:

_Azizﬁ

log vi = W

where v, is the activity coefficient of the ith ion, Z; is its charge, u is the ionic
strength, and A is a function of the temperature and dielectric constant of the
solution. According to theory the charge on the transition state is the sum of
the charges on the reactants {20). Substitution of Eq. 10 into the logarithmic
form of Eq. 9 yiedds Eq. 11, which predicts a linear relationship beiween log
kowand vV /(1 + \/%) with a slope of ~24:

24V

log kop = log By —
0g KOH 8 KOH H’\/I

kon = (kduyonyn)ys

(Eq. 10)

(Eq. 11)

This relationship was observed for hydroxide attack on 1. Kinetic analyses
are more complex in buffers, wherein both primary and secondary salt effects
can depend not only on ionic strength but also on specific ionic interactions
(22). Activity coefficients of buffer ions can be influenced by the concentration
of ions of opposite charge, which often are added as neutral salts to maintain
constant ionic strength. This is reflected in the final term of the Guggenheim
cquation:

+3 8:C
ENAAR
where 8;; represents the interaction coefficients between ion i and all other

J ions of opposite charge (20, 22). The activity coefficients in the Hender-
son-Hasselbach equation:

pH = pK, + log [B]/[HB] + log (v8/YHs) (Eq. 13)
can be described by Eq. 12 to give:
[Bl | (Zue?—Ze)AV
H=pK,+1 +
T S AR
(Eq. 14)

where HB designates the buffer conjugate acid, A8 = g, — Bup,, and the
summation involves the concentration (C;) of all the ions of charge opposite
to that of buffer ions.

Equation 14 shows that the pH can change as a function of the concentration
of ions of charge opposite to that of the buffer ions (2;ABC;) at constant u
and buffer concentration ratio ([B]/[HB]). For example, the decreasing pH
at each constant ({(HPO42~]/[H2PO4™]) ratio obscrved in Table 1] is due to
increasing sodium ion concentration. In the extreme case, hydroxide activity
was observed to decrease from 1.79 X 107 t0 0.98 X 1076, which will have
a pronounced effect when hydroxide attack is significant. Therefore, the rate
constants for hydrolysis of I in buffers with high concentrations of added
neutral salts are not adequately described in terms of concentration.

The following method was developed to solve for the contributions of hy-
droxide attack and general-base catalysis to the observed first-order rate
constants in buffers. Equation 8 was employed to calculate kou® and kcq®
using approximations for 4, v4’, and v in the following manner. According
to theory the charge on the transition state is the sum of the charges on the
species involved in its formation, Zy = Z 4 + Zg + + - - Zn (20). Therefore,
the transition state formed from the hydroxide anion and the 1 cation was
assumed neutral, and its activity coefficient was taken as unity, i.e. v = 1.

16.01
Oy
12.0f
A
O
- 8.0
< .
A
c o \\a
c
iy c *B
X D
Zz Or
-
-4.0f
O
-8.0f \O\Q_E
2.80 3.00 3.20 3.40
102 (1/T)

Figure 3-—Arrhenius plots for rate constants at infinite dilution where k° is
kQu (A}, X, for carbonate (B), borate (C), and dibasic phosphate (D), and
ks (E).
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‘Table IV—Energetics of | Hydrolysis
Rate AH?
Constant Ea, A, (kcal/mol-deg)  ASY,
M~!h™! kcal/mol-deg M-th=t¢  Obs.? Calc.® ewuc
ko 17.21 1.74 X 10'7  16.6 — 18.0
)
Phosphate 29.84 145X 1020 292 292 236
Carbonate 28.26 2.96 x 102! 27.2 26.9 28.2
Borate 26.00 1.51 X 109 25.4 26.7 17.7
A, 20.1) 2.02 x 107 19.4 — —-10.6

“ Values were calculated at each temperature studied using Eq. 21; the mean values
are tabulated. 2Valuces were calculated at cach temperature studied using Eq. 22 where
AHYg and AH?.,O were calculated from literature equations (24). The mean values are
tabulated. ¢Values were calculated at each temperature studied using literature equations
(25): the mean values are tabulated.

General base-assisted water attack on | would produce the same net charge
as protonation of the base to form its conjugate acid, Zy' = Zyp. On this basis,
it was assumed that the activity coefficients of these transition states and their
corresponding buffer conjugate acids were sufficiently similar to use the ap-
proximation ¥’ = yns. Substitution into Eq. 8 yields:

kovs = (kduaoumy) + (k3an,0(Blysy1/YHs) (Eq.15)

Substituting (K., [B]ys/Ka[HB]yHs) for aon and dividing the equation by
([B]vs/vus) provides:

kobs {k"onKW} I

{Blvs/vHuB K, ) IHB]

The buffer activity coefficient ratio, ys/ v ng, was calculated from pH mea-
surements, known buffer concentrations, and literature values for X,
using:

+ k§vian0 (Eq. 16)

(vs/vus) = K,[HB]/[B}10~PH

which is a rearrangement of the antilogarithmic form of Eq. 13.

Plots of kqous/([B]ys/v1i8) versus | /[HB] were lincar (r2 2 0.994) with
intercepts of k g%y a1,0 and slopes which allowed the calculation of kon®y)
after substituting for X, and K,. Borate buffers gave the poorest reproduc-
ibility (#2 = 0.985), which was probably due to boratc polymerization (23)
making the true B and HB concentrations unknown.

While Eq. 16 corrects for sccondary ionic atmosphere effects, vj (a mul-
tiplier of both the slope and intercept) is subject to primary salt effects, which
are influenced by both ionic strength and specific ionic interactions. The im-
portance of specific ionic interactions appear minor judging from the large
r2 values for each series of buffers at constant ionic strength but varying ion
concentrations. To determine the effect of ionic strength on vy, a series of 22
reactions were studied in phosphate buffers at 50°C and u = 0.05, 0.20, 0.50,
and 1.00. All reactions were described by a single linear plot (r2 = 0.995) based
on:

(Eq. 17)

0
K obs [kOHKw (Eq 18)

Blvevi/vns | Ka
since ) values were estimated by Eq. 10.

]
] [ip] T Kbamo
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Temperature Dependence—From values of k3,7, and k,v; obtained in
buffers at various temperatures (Eq. 16) and the estimates for vy; (Eq. 10),
By and k&, were calculated at each temperature. Additional kQy values were
calculated from dilute hydroxide reactions using Eq. 11. Where kobs (i.e.,
k«a11,0) values were independent of pH and ionic strength in hydrochloric
acid, k, valucs werc calculated from kops/an,0 (Table 111). The Arrhenius
relationship:

lnk=InA—E,/RT (Eq. 19)

was uscd to determine the temperature dependence of kQy, &2, and k%, where
E, is the activation energy, A is the preexponential constant, R is the molar
gas constant, and T is the absolute temperature (Fig. 3). The activation
energics are given in Table [V.

General Base Catalysis—At 60°C and u = 1.0, a series of buffers were
studied and a Bronsted linear-free energy correlation was demonstrated
using:

log (g) = log G + B(pK, + log p/q) (Eq. 20)

6.0r f

4.0r

LOG (k/q)

0
=)
2

b

—

-4.0 0 4.0 8.0 120
PKq + LOG (p/q)

¥igure 4— Bronsted plot relating the rate constants at 60°C for general-base,
specific-base, and solvent attack at infinite dilution 1o the dissaciation con-
stanis of their conjugate acids (24). Data points represent phosphate (a), Tris
(b}, glycine (c), borate (d), carbonate (e, KDy (f}, and ks (g). Buffer values with
subscript 1 (A) represent X%,,, whereas those with subscript 2 (B) are the
corresponding (k%,,/55.5) values. The slopes are 0.90 (t2 = 0.95) for line A
and 0.97 (r2 = 0.98) for B.
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Scheme 1V

where  is the bimolecular rate constant (k%,, ks, or k3y). Gp is a constant,
3 is the Bronsted coefficient, p is the number of equivalent protons which can
be transferred from the conjugate acid, and g is the number of sites on the
gencral base which can accept a proton (25). The catalytic constants for
general base attack, k%, = k3an,0, were calculated from plots based on Eq.
16 and comprisc correlation line A in Fig. 4. As is often observed (18, 26), k&,
shows negative deviation from the plot and ks does not fall on the line. Line
B is composed of the k&, value and those for k%,/55.5. The agreement between
the factor 55.5 and the molarity of pure water may be significant or fortuitous.
However, this relationship (line B) will be employed to develop a predictive
cquation for kgbs.

Isotope Effect in the Hydroxide Attack of I—Studies conducted simulta-
ncously in sodium hydroxide and sodium deuteroxide solutions yielded ratios
of k3p/ k%, which varied from 0.8 to 1.4. Thus, no significant isotope effect
was observed.

DISCUSSION

Mechanism of Hydroxide Attack: Nucleophilic Addition—Scheme 111 il-
tustrates nucleophilic attack of hydroxide anion at the C-2 position of 1, with
ratc-determining formation of a C—O bond and simultaneous loss of the
positive charge to form the tetrahedral intermediate. Subsequent loss of this
intermediate could take place as depicted or with general-base assisted transfer
of the C-2 hydroxyl proton. Rate-determining formation of the intermediate
is consistent with the absence of a significant deuterium isotope effect. Si-
multancous loss of the positive charge is supported by a negative ionic strength
cffect and a positive entropy of activation (Table 1V), which is common for
reactions in which charge is destroyed in polar media (25).

Mechanism of Buffer Attack: General-Base Assisted Solvent Attack—
According to Scheme IV, protonation of the general base, ionization of a water,
and formation of the tetrahedral intermediate occur during or prior to the
rate-dctermining step. This is consistent with the observed linear free energy
corrclation, which includes both hydroxide and general-base assisted solvent
attack together with a Bronsted coefficient of unity (Fig. 4). The Brénsted
corrclation implies that proton transfer is involved at the rate-determining
step. and the coefficient value of unity implies that proton abstraction is nearly
complete in the transition state (18, 26).

Confirmatory evidence for Scheme 1V can be obtained from the activation
energics for the rate constants (k% and k%,). The enthalpies of activation
can be calculated using (26):

AHY=E, -~ RT (Eq. 21)

The enthalpy of activation for general base-assisted solvent attack (AHg?),
was calculated in two ways. In addition to employing the activation energy
in Eq. 21, AHgt was approximated by:

AHgt = AHon' + AH?{IO - AH?.[B (Eq. 22)
based on Scheme 1V where AHow! is enthalpy for the formation of the C—O
bond calculated from the activation energy of hydroxide attack and Eq. 21,
AHY,0 is the enthalpy for ionization of water, and AH{ is the enthalpy for
ionization of the conjugate acid (therefore, it is equal to the negative enthalpy
of general base-protonation process). There is excellent agreement between
the values of AH g' computed under the assumptions of Scheme 1V and those
values calculated directly from the experimentally observed activation energies
(Table 1V).

NH,
N,
H\O' INF |
" —
H” ﬂ\\’w == |

Mechanism of Solvent Attack—Scheme V depicts a mechanism for sol-
volysis involving intramolecular general base participation by removal of a
proton during nucleophilic attack at C-2. Although there is no direct kinetic
support for this anchimeric mechanism, it is consistent with the fact that
solvent attack becomes prominent below the reported pK, (4.2) of I (16) (sec
Fig. 1). Assuming the ability of the tetrahedral intermediate to accept a proton
at N-3 is approximately the same as that of 11, Eq. 20 with pK, = 4.2 was used
1o calculate k%,. The ratio of ksan,0/k% . which represents the “effective
concentration” of intramolecular catalyst in the vicinity of I, was calculated
to be 3 M. This value suggests that the intramolecuiar rate enhancement can
be accounted for by local concentration effects (27).

Stability Prediction for Ancitabine Conversion—The rate constant for
conversion of | 1o Il was shown to be the sum of the rate constants for water
attack (Eq. 5). hydroxide attack, and general basc-catalyzed water attack (Eq.
8) and therefore can be defined:

kobs = kdnaonyi + k%[B] [%] + ksano (Eq. 23)
1t was observed that using k%,/55.5 values resulted in a common Brénsted
plot which included the k% value. The agreement between 55.5 and the
molecularity of pure water may be coincidental, but the observation was used
to derive a predictive equation for kqus. Since § = 1 (line B, Fig. 4) the an-
tilogarithmic form of Eq. 20 may be written:

kdn = Gp/K's (Eq. 24)
where p = ¢ = 1 and K’; = Kw/an,0 and:
k%./55.5 = Gpp/K, (Eq. 25)
Therefore, k%, can be described in terms of kop? as:
k%, = 55.5kQuK’ap/K, (Eq. 26)

Arrhenius parameters were determined for 3y and & (Fig. 3, Table 1V)
from:

kdn = A -exp (—Ea/RT)

(Eq. 27)
ky=A’-exp (—E.'/RT) (Eq. 28)

Substitution for v, (Eq. 10), Ya/vus (Eq. 17), k%, (Eq. 26), k (Eq. 28), and
aon = K, 10PH into Eq. 23 yields:
=234V _ ﬁ)

keale = () + X)Aaoy - exp |[———F
cale = ( )-aOH exp( ]+\/; RT

E.
+ A’apo- exp (— — (Eq. 29)

RT
where aon is calculated from measured pH and K., at temperature 7. This
describes the first-order rate constant for loss of I, k¢aic in h™!, as a function
of pH, ionic strength, and temperature where X = p - [HB]/1 M reflects the
concentration [HB] and type (p) of the conjugate acid. Figurc 5 demonstrates
the agreement between rate constants calculated by Eq. 29 (k) and those
observed in this study (kobs)-

Substitution for the constants provides the following:

keate (™) = (1 + X)1.74 X 10" 7a0n

. (-1.15\/;_8662 + 102X 10" . exp(—10,121/T)

v Eq. 30
p1+\/ﬁ T (Eq. 30)

NH; ® NH,
ch/ HNZ |
=) — L
o‘) N N

| N

Scheme V
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Figure 5—Correlation between firsi-order rate constants for conversion of
I calculated using Eq. 29 (K qic) and observed (k,ps) in 125 reactions in the
pH range 1.5-10.7, the temperature range 19.5-80°C; the ionic strength range
I X 10=%10 1.5; and in various concentrations of phosphate, borate, glycine,
Tris, carbonate, and acetate buffers, hydrochloric acid, and sodium hydroxide
solution. These rate constants were plotted versus the calculated rate using
a log-log scale to facilitate visualization of the entire range of values. The
slope of the log-log plot is 1.060 (r2 = 0.992).

which requires only the measured pH (for aon), temperature, concentration
{HB]J, and type {p) of conjugate acid 1o solve for kcgic.
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