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ABSTRACT

A study of the interaction of aspirin with urea in 

water was initiated in an effort to obtain evidence of 

complex formation between these compounds and to observe 

possible changes in aspirin stability resulting from com- 

plexation. A solubility method was used to detect com- 

pl exation and consisted of observing changes in the solu

bility of aspirin in the presence of varying urea concen

trations at pH 2.0 and at pH 3.5. The rate of degradation 

of aspirin in the presence of various urea concentrations 

was observed at five pH values. All data was obtained at 

30.0°C. The results indicated that urea markedly affected 

the solubility of aspirin. The solubilization was attrib

uted to complex formation and apparent equilibrium constants 

for one to one and two to one species were obtained from 

the solubility curves. An analysis of the degradation 

data indicated that the aspirin-urea interaction caused 

faster aspirin hydrolysis at pH values lower than 2.6 

and inhibited aspirin hydrolysis at pH values from 2.6 

to Z.5. This effect could be attributed to changes in 

the aspirin species, i.e., different charges at different 

hydrogen ion concentrations, as well as changes in the 

nature of the aspirin-urea complex. The rate of degra

dation of aspirin in the complex at pH 2.0 was calculated 

and was reasonably constant over a wide concentration of 

urea.
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I. INTRODUCTION

In recent years the application of complexation 

to pharmaceutical systems has been the subject of several 

extensive investigations. Lach and Pauli have reviewed 

most of the pertinent literature (1). More recently, 

the formation of molecular complexes with urea has been 

singled out for study by various authors. Bolton has 

reviewed the literature on the subject of urea as a com

plexing agent for various pharmaceuticals, including oxy

tetracycline, benzocaine, sulfonamides, wool fat alcohols, 

quinoxaline, detergents and barbituric acid derivatives 

(2).

Since complex formation may affect the solubility 

and stability characteristics of certain drugs, its 

importance in pharmaceutics is obvious (1, Z, 4). Some 

investigators, for example, have pointed out the possi

bility of using complex formation as an approach to the 

stabilization of drugs undergoing hydrolytic degradation 

(3, 5, 6).

The above considerations, as well as reports of 

complexation between urea and various monohydroxybenzoic 

acids (2, ?), led to the speculation that aspirin, a 

drug which is known to undergo hydrolytic degradation 

(8, 9, 10), might react with urea and that the inter

action products might be useful as a means of inhibiting
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or slowing the hydrolysis of aspirin.

In this investigation, solubility and degradation 

studies were used to obtain information concerning the 

interaction of aspirin and urea. The kinetic studies 

of the degradation of aspirin in the presence of urea 

were performed in order to draw some general conclusions 

on the stability of an aspirin-urea complex.



II. EXPERIMENTAL

Reagents

Acetylsalicylic Acid U.S.P., recrystallized from

95 per cent ethanol, m.p. 133~135°C; Urea N.F., re

crystallized from absolute ethyl alcohol, m.p. 132-133°0; 

Salicylic Acid U.S.P., recrystallized from 95 per cent 

ethanol, m.p. 158-159°C; formic acid C.P.; hydrochloric 

acid C.P.; sodium hydroxide 10 N, Fisher reagent; Alcohol 

U.S.P.

Equipment

1 2Beckman spectrophotometer ; Beckman pH meter ;
x 

constant temperature water bath , set at 3O.O±O.2°C, 

fitted with a mechanical shaker consisting of a rotating 

wheel which can be submerged vertically into the bath 

thus allowing vials fixed on its perimeter to rotate 

within the bath.

Procedure

1. Complexing studies:

The procedure used for the study of the interaction 

of aspirin and urea was essentially the same as that 

used by Higuchi and Zuck (11). Accurately weighed quan

tities of aspirin, well in excess of the solubility 

limits of aspirin at 30.0°C, were placed in 15 ml vials.

1 Beckman DU Spectrophotometer with automatic power supply, 
Beckman Instruments Inc., 2500 Harbor Blvd., Fullerton, Calif.

o
Beckman Zeromatic pH meter, Beckman Instruments Inc. 
^Labline Instruments Inc., Chicago, Ill. Cat. No. 3052.
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Measured amounts of urea solutions of varying concentra

tions at a selected pH were introduced into the vials. 

The vials were placed into a water bath at ZQ.0°0 and the 

solutions were allowed to equilibrate for five hours. 

After this period of time, a clear aliquot portion of 

solution was removed from each vial, diluted to the proper 

concentration, and the aspirin concentration was deter

mined spectrophotometrically (see page 7, this work).

Complexing studies were made at pH 2.00 and pH 3.50. 

The amounts of aspirin used per 10 ml of solution were 

0.5 Gm at pH 2.00 and 1.0 Gm at pH Z.50. The buffers 

used were:

1. pH 2.00-hydrochloric acid in water.

2. pH 3.50-formic acid and sodium formate.

One to ten Molar urea solutions at pH 2.00 and at 

pH Z.50 were prepared by dissolving the correct amount 

of urea into the appropriate buffer and adjusting the 

final pH of each solution with hydrochloric acid and 

formic acid respectively. A period of five hours was 

established as optimum for the solutions to equilibrate 

by experimentation. Excess quantities of aspirin were 

shaken together with urea solutions of varying concen

trations at pH 2.00 and a clear aliquot portion of the 

different solutions removed at intervals of one hour and 

analyzed for aspirin concentration. The results indicated 
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no appreciable change in aspirin concentration after five 

hours. The shortest period of time needed to achieve 

equilibrium was selected in order to keep the decomposi

tion of aspirin to a minimum. A longer period of time 

would have resulted in the formation of salicylic acid 

in appreciable amounts, which would cause difficulties 

in the determination of aspirin concentrations (i.e., 

salicylic acid shows some absorbance at the wavelength 

where aspirin absorbance is at maximum) and possible 

complications due to a urea-salicylic acid interaction (2).

In order to collect samples free of undissolved 

solid particles, the pipettes were connected, by means 

of a small section of neoprene tubing, to a small section 

of glass tubing into which fine glass wool had been 

packed.

The pH of all solutions was checked after the com

pletion of each complexing study and no appreciable changes 

were observed.

2. Kinetic studies:

Kinetic studies of aspirin degradation in urea solu

tions of concentrations 2, 4 and 8 M were made at pH 

values of 2.00, 2.50, 2.75, 3.00 and 3.50. All data 

was obtained at 30.0-0.2°0. The buffers were as follows:

1. pH 2.00 hydrochloric acid in water

2. all other pH's formic acid and sodium formate.
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The urea solutions were prepared as described under the 

procedure for complexing studies.

Accurately weighed 75 mg portions of aspirin were 

introduced into 50 ml volumetric flasks, dissolved with 

the aid of two ml of 95 per cent ethanol, and brought 

to volume with the appropriate buffer and urea solutions. 

The concentration of 75 mg of aspirin per 50 ml is well 

below the solubility limits of aspirin at 50.0°C and 

resulted in clear solutions. The flasks were then in

troduced into a water bath at Z0.0° 0 and were allowed 

to come to equilibrium temperature before the zero time 

reading was taken. Aliquots were withdrawn from the 

flasks at accurately measured intervals of time, diluted 

to the proper concentration and the absorbance immediately 

read on the spectrophotometer.

The pH of all solutions was checked after the com

pletion of each kinetic study and no appreciable changes 

were observed.

5. Analytical methods:

Since the hydrolysis of aspirin yields salicylic 

acid in a mole to mole ratio, the rate of degradation 

could be followed accurately by measuring the amount of 

salicylic acid formed. The optimum wavelength of absorp

tion for salicylic acid was determined on the Beckman 

spectrophotometer by varying the wavelength and observing 
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the absorption values. The peak absorption value for 

salicylic acid was found to be 302 mju, which agreed with 

previously reported observations (9). At this wavelength 

the absorption of aspirin was found to be essentially 

zero. A Beer’s Law relationship (12) at this wavelength 

was determined for salicylic acid at all pH values in

volved. The optical blanks for the spectrophotometric 

determinations consisted of the appropriate buffers. 

Similarly, the maximum wavelength of absorption for aspirin 

was found to be 275 mp and Beer’s Law relationships at 

this wavelength were determined for aspirin at pH 2.00 

and at pH 3.30.

Salicylic acid and aspirin followed a Beer's Law 

relationship at all pH values involved. Figure 1 shows 

the Beer's Law plots for aspirin and Figure 2 shows a 

representative Beer's Law plot for salicylic acid. Molar 

absorptivity values, calculated from the plots, appear in 

Table I. The molar absorptivity values obtained compared 

favorably with the results reported by Edwards (9). All 

subsequent calculations to determine aspirin and sali

cylic acid concentrations were made using the calculated 

molar absorptivity values.

All experiments were performed at least twice. The 

difference between values obtained in duplicate experi

ments did not exceed five per cent indicating that the 

experimental results were reproducible.
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Figure 2. Beer's Law Plot for Salicylic Acid at Z02 m,u and pH 2.00.
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TABLE I

MOLAR ABSORBANCE OF SALICYLIC ACID AND ASPIRIN

pH
Molar Absorptivity 

x105

Aspirin 2.00 1.095

Aspirin 3.50 0.705

Salicylic Acid 2.00 3.520

Salicylic Acid 2.50 3.500

Salicylic Acid 2.75 3.460

Salicylic Acid 3.00 3.380

Salicylic Acid 3.50 3.260



III. RESULTS

Complexing Curves

Figure 3 represents the interaction of aspirin with 

urea at pH 2.00 and at pH 3.50. The experimental tech

nique was checked "by calculating the concentration of 

un-ionized aspirin, S , at zero urea concentration at 

pH 2.00 and at pH 3.50, using the equation (13):

It can be seen from Figure 3 that urea decidedly 

affected the solubility of aspirin at both pH values.

Regradation Curves

Figures 4 through 8 represent the degradation of 

aspirin in the various buffers alone and in the presence 

of urea at pH values of 2.00, 2.50, 2.75, 3.00 and 3.50. 

The concentrations of undegraded aspirin at the various 

times were determined by subtracting the calculated 

concentrations of salicylic acid formed from the original 

concentration of aspirin. In all cases the observed 

rate of disappearance of aspirin followed a first order 

rate over at least the first half of the reaction. Rate 

constants for the observed reactions were obtained from 

the solpes of the straight lines observed according to
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pH 3.50.
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the relationship:

k=-2.ZOZxslope

are shown in Table II.

Analysis of Complexing Curves

If the solubilization of aspirin is attributed to 

complex formation, the shape of the curves represented 

in Figure 3 should give an indication of the order of 

line, but it is obvious in the case represented by Figure 

3, that the interaction between the species is more com

librium constants for the complex formations at the 

different pH values according to a method previously 

outlined by Bolton (14) :

curves where,

(aspirin)+(urea)^± (aspirin-urea)

(aspirin-urea)+(urea)

the formation of a one to one complex, or a complex 

(aspirin-urea^)

containing one mole of urea, would lead to a straight 

plicated. It was possible, however, to calculate equi

-1
The calculated rate constants, reported in hours 

reaction between aspirin and urea. The assumption of 

Considering and Kg as constants describing the 

then,

K (aspirin-urea)
1 (aspirin)(urea)

and K (aspirin-urea2-)------
(aspirin-urea)(urea)
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TABLE II

RATE CONSTANTS FOR DEGRADATION REACTIONS AT VARYING

UREA CONCENTRATIONS AND pH

k=hours

Urea Con
centration pH 2.00 pH 2.30 pH 2.73 pH 3.00 pH 3.30

0 M 3.2 4.8 6.4 8.8 14.5

2 M 3.6 4.8 3.6 7.9 13.3

4 M 3.7 3.2 3.6 7.0 11.9

6 M 4.1 6.0 3.8 6.6 10.0
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and, an overall equilibrium constant can be expressed as

K (total complexed aspirin) 

(aspirin)(urea)

(aspirin-urea)+(aspirin-urea2) 

(aspirin)(urea)

(aspirin-urea) (aspirin-urea?) 
--------------- 4------------- —
(aspirin)(urea) (aspirin) (urea)

_K + K2(aspirin-urea) 
(aspirin)

and since

■ Ki<—>
then, 

KQ=K1+K1K2(urea) (2)

Since the urea added is in great excess, compared to the 

aspirin concentration, total urea is essentially equal 

to the concentration of urea. By substituting the appro 

priate data from experimental results in equation (1), 

Kq values can be readily calculated and a plot of Kq 

versus the concentration of urea should, according to 

equation (2), result in a straight line with the inter

cept on the ordinate equal to the value. The K2 
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value can in turn he calculated from the slope of the 

line. The resulting plots, at pH 2.0 and at pH 3.5, are 

shown in Figures 9 and 10. These plots were constructed 

according to the method of least squares (15). The 

and Kg values obtained from the plots in Figures 9 and 

10, for the complex formations, are listed in Table III.

Further considerations allowed calculation of

and Kg values for the interaction of ionized aspirin and 

urea at pH 3.5. Since, at pH 2.0, aspirin is essentially 

un-ionized, the equilibrium constants for complex forma

tion calculated at that pH represent the interaction of 

urea and un-ionized aspirin. On the other hand, at pH 

3.5, the equilibrium constants for the reaction probably 

represent a combination of the interactions of un-ionized 

aspirin with urea and ionized aspirin with urea. It should 

be possible, therefore, to calculate equilibrium constants 

for the interaction of ionized aspirin with urea at pH 

3.5 if it is assumed that the same equilibrium constants 

for un-ionized aspirin operated at pH 2.0 and at pH 3.5. 

Thus at pH 3.5,

(total_co2£lex)= K 1,+K K (urea) 
(aspirin)(urea) 

(total complex) is equal to (complex due to 

ionized and un-ionized species)



Figure 9. Plot Illustrating the Calculation of Equilibrium Constants, 
and K^, at pH 2.00.

ro 
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Figure 10. Plot Illustrating the Calculation of Equilibrium Constants, 
K.j and K?, at pH 3.50.
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TABLE III

CALCULATED APPARENT EQUILIBRIUM CONSTANTS FOR THE

INTERACTION OF ASPIRIN AND UREA

pH Interaction
Equilibrium 
Constant Value

2.00 A0+U^A°U K1 .186

2.00 a°u+u^a°u2 K2 .188

3.50 At+U ^AtU K1 . 1 30

3.50 AtU+U^AtU2 K2 .168

3.50 a+u^au K1 .072

3.50 au+u^au2 K2 .114

Key: A°=un-ionized aspirin

U =urea

A -ionized aspirin

A^=total aspirin, un-ionized and ionized
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=K^(urea)(aspirin^K^K^urea)(aspirin)(urea)

=K^ (aspirin) (urea) [l+K2(urea)J ( Z)

Similarly, at pH 2.0, 

(total complex)=(complex due to un-ionized species) 

=K^ (aspirin) (urea) [l+K2(urea)] (4)

Assuming that the un-ionized species Interaction operates 

independently of the ionized species interaction, the total 

complex due to ionized aspirin can be obtained by sub

tracting the value obtained in equation (4) from the 

value obtained in equation (Z).

Since K -C0DrPlex ^ue ionized aspirin), 
(aspirin)(urea)

a new set of Kq*s representing the interaction of ionized 

aspirin with urea can be calculated. The values obtained 

can be plotted versus the urea added, as previously out

lined, to arrive at the two equilibrium constants for 

the reaction.

Table IV shows the pertinent values thus obtained 

for ionized aspirin at pH Z. 50 at the various urea concen

trations. Figure 11 shows the plot of Kq versus the con

centration of urea. The values of the equilibrium constants, 

and K2, derived from this plot, are listed in Table III.

From inspection of Figure Z, it is evident that, 

although consistent, the data obtained at pH Z.50 showed
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TABLE IV 

CALCULATED COMPLEX CONCENTRATIONS DUE TO IONIZED ASPIRIN

AT pH 3-50 AT VARIOUS UREA CONCENTRATIONS AND 

CORRESPONDING VALUES OF OVERALL CONSTANTS

Urea 
Concentration 

(molar)
Total Complex 

(Mx10-2)
K 

0

1 .207 .081

2 .455 .088

3 .739 .096

4 1.074 .104

5 1.457 .113

6 1.843 .120

7 2.340 .130

8 2.850 .139

9 3.380 .146

10 3.910 .152



Figure 11. Plot Illustrating the Calculation of Equilibrium Constants, 
K1 and K^, for the Interaction of Ionized Aspirin-Urea.
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greater deviations than the data obtained at pH 2.00. 

This was attributed to difficulties in determining the 

aspirin concentration in the complexing solutions after 

the equilibrium period of five hours had elapsed. At 

the higher pH a small amount of aspirin hydrolysed result

ing in a more complicated system due to the formation of 

a substantial amount of salicylic acid. Because of this 

consideration, complexing studies at pH values higher 

than 3.50, where aspirin is highly ionized, were not 

pursued.

Analysis of Degradation Curves

At pH 2.00, where aspirin is essentially un-ionized, 

the overall rate constant for the degradation of aspirin 

can be described as follows (3):

k=kfFf+k0F0 (5)

where, k -the apparent rate constant for the degradation 

of aspirin in presence of urea 

kf=the rate constant for the degradation of 

aspirin alone 

kc=the rate constant for the degradation of 

aspirin complexes

Ff=the fraction of aspirin remaining free in 

solution

Fc=the fraction of aspirin complexed in solution.
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Ff and Fq can be determined as follows:

Representing aspirin as A and urea as U, 

(AU) (AU9)
K1= - _ £

(A)(U) ' “2 (AU)(U)

(AU)=K1(A)(U) , (au2)=k2(au)(u)=k1k2(a)(u)2
(total complex)=(AU)+(AU2)=K1(A)(U^K^K^A)(U)2

A 1
K - ---------------  = ------- ------- (6)

A+total complex 1+K.] (U) |_1+K2(U)J
total complex K.KO(A)(U)2+K.(A)(U)

K = ---------------  - --------- (7)
c A+total complex A+K^U) (U) ^+K1 (A) (U)

- K1(U) l1+K2(UJ

1+K/U) [1+K2(U)] 

substituting equations (6) and (7) into (5) gives:

1 K^U) [1+K2(U)]
k-kf 1+K1 (U)[1+K2(U)j + kc 1+K1 (U) |^1+K2(U)]

With a knowledge of the values of k and k^ obtained 

from the experimental data (see Table III), it is poss

ible to determine a rate constant for the degradation of 

complexed aspirin. The value of k was calculated from 

equation (8) for aspirin-urea solutions at pH 2.00 and 

the results at several urea concentrations are shown in 

Table V. It can be seen from the Table that the values 

of k remained constant over the range of urea concentra

tions used.
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TABLE V

CALCULATED RATE CONSTANT FOR THE DEGRADATION OF ASPIRIN

COMPLEX AT pH 2.0 AT SEVERAL UREA CONCENTRATIONS

Urea Concentration 
(Molar)

kc
(hours 1x10

2 4.5

4 4.2

8 4.4
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At pH values higher than 2.00 the use of an equation 

similar to (3) to analyze the stability of the aspirin- 

urea complexes would be extremely difficult. In effect, 

since aspirin ionizes, the interactions should be repre

sented as follows:

A°+U^A°U 

a°u+u^a°u2 
A+U AU

AU+U ^AU2 

where A°=un-ionized aspirin

A -ionized aspirin

and equation (5) can be rewritten as:

k=k„F.p+k °F °+kFrt ft co c c (9)

where k-apparent rate constant for the degradation of

aspirin in the presence of urea at the pH involved 

karate constant for the degradation of aspirin 

alone

kc°=rate constant for the degradation of un-ionized 

aspirin-urea complexes

kc=rate constant for the degradation of ionized 

aspirin-urea complexes

Ff=fraction of aspirin remaining free in solution

Fc°=fraction of aspirin in unionized aspirin-urea 

complexes
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Effraction of aspirin in ionized aspirin-urea 

complexes.

Considering the nature of the assumptions and approxima

tions which would be used in order to obtain values to 

fit equation (9) it was felt such calculations would 

not be meaningful.



IV. DISCUSSION

The solubilization of aspirin in the presence of 

urea can be described by two constants, and Kg, which 

correspond to the formation of one to one and two to one 

complexes respectively. It cannot be said with assurance 

that these constants have the previously designated 

physical interpretation since unknown solvent effects 

probably are important in highly concentrated urea solu

tions. These constants, therefore, can be considered 

a description of the curves shown in Figure 3 and, for 

this reason, are referred to, in Table III, as "apparent 

equilibrium constants". It should be noted that the 

apparent equilibrium constants calculated at pH 3.50 

from equation (2) represent a combination of the reactions 

of urea with ionized aspirin and un-ionized aspirin. 

These K values were used to determine the apparent equi

librium constants for the interactions of ionized aspirin 

and urea at pH 3.50.

The small magnitude of the K values listed in Table 

III indicates that the interaction between aspirin and 

urea, at the pH values involved, is relatively weak. 

The constants obtained for the interaction of un-ionized 

aspirin and urea are slightly higher than the ones obtained 

for the ionized aspirin interaction, indicating that the 

interaction is more favorable at pH values where aspirin
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is principally un-ionized. This might be expected because 

of the weak basic properties of urea. Generally, the 

values listed in Table III are approximately of the same 

order of magnitude as those obtained by Bolton for benzoic 

acid-urea and salicylic acid-urea systems (2), suggesting 

the possibility of similar solubilization mechanisms in 

these systems. Because of the limited amount of data 

in this study, speculation on the nature of the mechanisms 

involved does not seem to be feasible.

The data of Table II, showing the rates for the degra

dation of aspirin alone and aspirin in the presence of 

urea at various pH values, indicates that the aspirin- 

urea interaction product at pH 2.00 results in decreased 

aspirin stability. However, as the pH increases, the 

situation reverses itself and, at pH 5*50, the aspirin 

complex is more stable than free aspirin at that pH. 

The pH where the observed rate of degradation of aspirin 

alone becomes higher than that of aspirin in the presence 

of urea seems to occur in the vicinity of 2.60. It is 

most interesting to note that this "crossover" occurs at 

a pH corresponding to the pH of maximum stability reported 

by Edwards when rate constants are plotted against pH (9). 

Thus, this pH may represent a point where a different 

mechanism is responsible for aspirin' decomposition and 

this could provide an explanation for the contrasting



35

effects of urea below and above this pH.

Since ester hydrolysis involves steric effects as 

well as polar effects, some explanation for the behavior 

described above might be possible from either or both of 

these two standpoints. Due to the fact that the mechanism 

of complexation is rather ill defined, the possible ex

planations of the stability behavior presented below, 

are, of necessity, only of a very general nature.

Firstly, it is not unreasonable that, at pH 2.00, 

aspirin in solution may dimerize through hydrogen bonding 

of the unionized carboxyl hydrogen, thereby offering some 

steric hindrance to the access of the ester group. Urea, 

at pH 2.00, in the process of complexation might break 

the hydrogen bonding and yield an aspirin-urea product 

where the ester group of the aspirin would be more access

ible than in dimerized aspirin. This effect could also 

be observed if changes in the properties of the solvent 

caused by the solvation of urea affected intermolecular 

aspirin bonding. As the pH begins to assume higher values, 

hydrogen bonding of aspirin may become less prevalent 

because of ionization and the ester groups might then 

be more accessible. The corresponding complexed forms 

of aspirin might then become relatively more stable.

Secondly, it is also possible that urea might attach 

to un-ionized and ionized aspirin at different sites. 
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At pH 2.00, for example, urea might attach at the carboxyl 

group of un-ionized aspirin, resulting in breaking of 

intermolecular hydrogen bonds as described above. On 

the other hand, at the higher pH values, urea attachment 

might affect the ester group, resulting in more stable 

species.

Lastly, it has been suggested that base catalyzed 

hydrolysis is more affected by polar effects and less by 

steric effects than acid catalyzed hydrolysis (16, 17). 

Since the hydrolysis of aspirin becomes more dependent 

on (OH) species than (H^0)+ species as the pH increases 

from 2.00 to 3.50, the polar effects should be more 

important at pH 3.50. It is possible that urea might 

attach to aspirin in such a way that a species is formed 

whose electronic properties are such that it is more 

susceptible to (H^0)+ and less susceptible to (OH) . 

This could account for the strange stability properties 

of the complex. For example, if urea attaches to the 

carboxylate ion at pH 3.50, the effect could be to dimin

ish the electronegative effect of the carboxylate group 

resulting in an increased stability of aspirin.

The consistant nature of the data in Table V, showing 

the values obtained for the rate constant of the degrada

tion of the aspirin-urea complex at pH 2.00 at the several 
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urea concentrations used is evidence that complex forma

tion rather than solvent effects is responsible for the 

increased solubilization of aspirin. A further study 

to obtain degradation rate values for the complexed 

species at pH values where aspirin is mostly ionized 

would have been most interesting in an attempt to further 

elucidate the nature of the interaction. This was not 

feasible however, since, as previously mentioned, it 

was not possible to obtain apparent equilibrium constants 

for the aspirin-urea interaction at pH values higher 

than 3.50.



V. CONCLUSIONS

Aspirin weakly interacts with urea in aqueous solu
tion to yield a soluble complex. The complex formation 
can be described by two constants corresponding to the 
formation of one to one and two to one complex species. 
The interaction is more favorable at low pH values where 
aspirin is principally in the un-ionized form. At pH 
values lower than 2.60 complex formation appears to hasten 
the hydrolysis of aspirin. At pH values higher than 2.60, 
and at least up to 3.50, the complexed species appears 
to be more stable than the corresponding free aspirin 
species.

From a pharmaceutical point of view, although urea 
markedly enhances the solubility of aspirin in water 
within the pH range of 2.00 to 3.50, it does not inhibit 
its decomposition sufficiently to be of much practical 
use in this regard. A further study of aspirin-urea 
interaction at pH values higher than 3.50 would be valu
able in furnishing additional information about the nature 
of the complex formation and properties of the complex. 
The present study, it is hoped, will serve as a starting 
point for further investigations along these lines that 
might lead to the development of a stable "liquid aspirin” 
preparation.
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