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Abstract 
Compounds which aggregate or form micelles have an unusually high solubility and/or have a solubility which is 

very sensitive to temperature. Theoretical equations are derived which relate the data collected from conductivity and 
calorimetric experiments to the average aggregation number, equilibrium constant, and the enthalpy change for the 
aggregation. For the compound studied, the amount of aggregation occurring was found to be small with an 
aggregation number of 10-11 and an equilibrium constant of,10 ~° 10 ~2. The cmc is temperature dependent, having 
a value of 0.033 M at 15°C increasing to 0.045 M at 35°C. The aggregation is primarily enthalpy driven and entropy 
disfavored. The aggregated compound has a lower pK~i than the monomer, according to the pH data, indicating that 
the imidazole ring is less basic in the aggregate. 
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1. Introduction 
Synthetic organic c o m p o u n d s  typically have 

aqueous solubilities less than 0.5 M at r o o m  
temperature when their molecular  weights are 
greater than 300. Dur ing  the solution characteri-  
zat ion o f  c o m p o u n d  I (Fig. 1), it was observed 
that  the solubility o f  I was greater than would be 
expected for a synthetic organic c o m p o u n d  with 
no addit ional  interactions in solution and that  the 
solubility appeared to have a greater sensitivity to 
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HCI ~3C~CH3 
Fig. 1. Compound 1. MDL 201,346A. (R)-2(3H)-fura- 
none,dihydro-5-[[2-(1-methylethyl)-I H-imidazole-l-yl]methyl]- 
3,3-diphenyl-,hydrochloric salt. 
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temperature than expected. It is welt known that 
this solubility behavior is indicative of  aggrega- 
tion or micelle formation (Attwood and Florence, 
1983). 

It was, therefore, of interest to determine the 
solubility/temperature profile of I in water over 
the temperature range 2.5-35°C and to determine 
the critical micelle concentration ( cmc) ,  average 
aggregation number (n), and equilibrium constant 
(Kin) for the observed aggregation using conduc- 
tivity, calorimetry, and pH measurements. 

2. Theoretical section 

The formation of  a micelle by singly-charged 
monomers can be expressed as the equilibrium in 
Eq. (1), with the formation constant given by Eq. 
(2). 

Km 
nA + ~- (Ao) n+ (1) 

7M . cM 
Km = (TA)" (CT -- ncM)" (2) 

where: A + represents the monomer; (An) n+ 
represents the micelle; n = aggregation number; 
Km = equilibrium constant; 7M = micelle activ- 
ity coefficient; ~A = monomer activity coefficient; 
c T = total concentration of the compound; cM 
= equilibrium micelle concentration. 

If  the counterion is involved in the micelle, Eqs. 
(3) and (4) should be used. 

Km 
nA + + p X -  ~ [AnXp] (n -P)+  (3) 

K m =  ~M CM (4) 
(~A)n(~;X) p (CT -- nCM)n(CT --  pCM) p 

where: X represents the counteranion; p = 
number of anions in a micelle; 7x = counteran- 
ion activity coefficient. 

The formation of  micelles in a solution is ex- 
pected to cause changes in certain physical prop- 
erties such as surface tension, osmotic pressure, 
light scattering, conductivity (Preston, 1948), pH, 
and heat of dilution (Anderson et al., 1975). Since 
the concentration of  micelles at equilibrium is 
critically dependent upon the total concentration 
of  the compound, important information with 
regard to the cmc,  n, and K,, can be obtained 

from the profiles of  certain physical chemical 
properties vs. total concentration of the com- 
pound. 

Since micelle formation in a solution can be 
rather complicated and involves multiple equi- 
libria and a wide range of micelle sizes, an accu- 
rate description and evaluation of all the 
parameters for the system may become difficult 
and impractical. However, it has been reported 
that the sizes of  micelles in a solution follow a 
certain pattern of distribution and the majority of 
micelles fall into a fairly narrow size range (Tan- 
ford, 1973). Therefore, the modeling of  the system 
may be simplified by considering only one type of 
micelle formed with a single aggregation number. 
The aggregation number should not be too differ- 
ent from the average aggregation number in the 
real system. 

In addition to this single micelle type assump- 
tion, three other assumptions were also intro- 
duced in modeling the following conductivity and 
calorimetric data: 
(1) The micelles are formed from the singly- 

charged, protonated form of  the compound. 
Based on its pK, (7.821), compound I should 
remain mostly protonated at the solution pH 
of  these studies. 

(2) The activity coefficients for all the species 
involved in the micelle formation are assumed 
to be constant and close to unity. For  the 
association of charged species, the activity 
coefficients of  the reactants and the products 
were found to cancel to a large degree (Ghosh 
and Mukerjee, 1970). 

(3) The counterions (chloride in this case) are not 
an integral part of the micelles and their 
involvement were not pursued. Chloride ions 
are highly solvated in aqueous solution and it 
is unlikely that chloride ions will become an 
integral part of the micelles, especially if the 
micelles are small. 

The value 7.82 was obtained from the pH concentration 
data following. A potentiometric titration resulted in a value 
of 6.82. 
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2.1. Conduct iv i ty  data t rea tment  

Since the micelle and the monomer  should have 
significantly different charges and mobilities, the 
formation of micelles should affect the overall 
electrical conductivity of  the solution. Therefore, 
conductivity measurements as a function of  con- 
centration should provide important  information 
as to whether or not micelles are formed. As 
shown below, it is possible to determine the cmc  

value, the n number, and Km from the conductiv- 
ity data. 

Consider the monomer  and the micelle as two 
distinct electrolytes, the total conductivity (K) of  a 
solution containing both monomers  and micelles 
will be: 

x = A'~ + KM (5) 

where: ~c A = monomer  conductivity; K g = 
micelle conductivity. 

Rewriting Eq. (5) in terms of molar  conductiv- 
ity (A) results in: 

At concentrations well below the cmc,  f_st = 0 

and Eq. (7) reduces to A = a -  b x / c  T. The 
constants a and b can be obtained by fitting 
conductivity data over the low concentration 
range. The same approach cannot be applied to 
obtain a '  and b '  since it is not correct to assume 
CA = 0 over the high concentration range. There- 
fore, a '  and b '  must be obtained as two indepen- 
dent parameters. In Eq. (7), cM is a function of K,,, 
and n, as defined by Eq. (2). Theoretically, values 
of  K,,,, n, a', and b '  can be obtained by fitting the 
experimental Aob,,. j vs. ~ data using a non-lin- 
ear least-squares regression method. During the 
regression process, the value of F, Eq. (8), is 
minimized. The equations used in the data fitting 
were Eq. (2) (or Eq. (4)), Eqs. (7) and (8). 

, . vp (  f g (Km,n,a' ,b ' )  = Z A"h"'L ~ A''L~ (8) 
i= 1 \ A~,al, i / 

where: N P  = number  of  data points; A,,h,. ~ = 

observed total molar  conductivity; A,.,L = calcu- 
lated total molar  conductivity. 

CM A - K _ CA A A  -}- _ _  A M  = 
CT CT CT 

( C T -  nCg)  CM 
A A + - -  A M (6) 

CM CT 

where: A = total molar  conductivity; A A = 

molar  conductivity of  the monomer;  A M = molar  
conductivity of  the micelle. 

Further, consider both the monomer  and the 
micelle as strong electrolytes; m A and A M  can then 
be expressed as linear functions of  the square 
roots of  c~ and CM, respectively, according to 
Onsager theory (Moore, 1972). Therefore, Eq. (6) 
can be rewritten as: 

(cT nCM) 
A - (a - b x / c r -  heM) + 

CT 

(a'  - b '  x / ~ )  (7) 
CT 

where: a = limiting molar  conductivity (molar 
conductivity at infinite dilution) of  monomer;  b 
= a constant for the monomer;  a '  -- limiting 
molar  conductivity of  micelle; b '  = a constant for 
the micelle. 

2.2. Calor imetr ic  data t rea tment  

Since micelles are present in solution m signifi- 
cant amounts  only when the total concentration 
of the monomer  exceeds the cmc, dilution of the 
solution to a concentration well below the cmc  

should result in complete dissociation of the mi- 
celles. The heat effect associated with this process 
should provide a measure of  the concentration of 
the micelles present in the original solution. 

Heat  of  dilution measurements were carried out 
using an isoperibol titration calorimeter. In a heat 
of  dilution experiment, a known amount  of  sam- 
ple solution is delivered into the bulk solvent 
through a continuous titration and the heat effect 
associated with the dilution is measured. For  a 
solution containing micelles, the total heat of  
dilution is a sum of heats from micelle dissocia- 
tion, proton dissociation, dilution of micelles, and 
dilution of  monomers:  

QN~, = QDi.~,,M + QDi~',.H + QD,LM + QD,LA 

= AnDZ~s, MZIHDiss.M + AnDiss,ttAHDis.,,t! 

+ AnMAHDi/ .M + AnIAH~)iL,I (9) 



4 6  

where: QDiss.M : heat of  micelle dissociation; 
QDi,.s,n = heat of proton dissociation; Qoii, M = 
heat of  dilution for micelle; QD,,A = heat of 
dilution for monomer; AnD~.,.,.,M = number of 
moles of  micelle dissociated due to the dilution; 
AnD~s.,,H = number of moles of proton dissociated 
due to the dilution; AnM = number of moles of 
micelle diluted; Aria = number of moles of 
monomer diluted. 

If the pKa of the compound is sufficiently high 
(e.g. > 6.0) and the concentration of  the com- 
pound after dilution is not too low (e.g. >__ 10 4 
M but << cmc),  the pH of  the solution will 
remain sufficiently low such that the compound 
will remain mostly protonated during the dilution 
process and the heat effect associated with the 
proton dissociation should be negligible. There- 
fore, Eq. (9) can be reduced to: 

QNet "~ QDiss.M -'}- QDil, M -[- QDil, A ~ 

AnDiss,MAHDiss, M -[- A n M A H D i l ,  M q- 

AnAAHpa.A (10) 

Dividing QN~t by the total number of  moles of 
compound diluted gives the apparent molar heat 
of  dilution -q~L" By assuming complete micelle 
dissociation after dilution, - q~c can be expressed 
a s :  

A ODis~, M 

CT 

AHD.,A 
C A - -  

CT 

W.H. Streng et al. / International Journal of Pharmaceutics 135 (1996) 43 52 

CM (ncM)CM AHoL -- ~b L ~ - -  AHD~,.,,M + (12) 
CT CT 

where: AHDL = AHD,,M/(neM). 
AHDL can be estimated from the -q~L VS. Cr 

profile at the high concentration region and con- 
sidered a known constant in Eq. (12). 

Combining Eqs. (2) and (12), the unknown 
parameters n, Km, and AHDi.,.~.M (AHD~.,,M = 

- -  AH, , )  can be obtained by fitting the experimen- 
tal -q~c vs. cr  data using a non-linear least 
squares procedure. 

HDiLM + 

(11) 

CT 

where: CM = equilibrium concentration of mi- 
celle in titrant; CA = equilibrium concentration of  
monomer in titrant; CT = total concentration of 
the compound in titrant. 

According to Eq. (11), in order to obtain 
AHDjss,M, values of  AHDa, M and AHDa,A must be 
known. This requirement is rather difficult to fulfil 
since direct measurement of  A HDit, g is not always 
possible. As an approximation, it is assumed first 
that the heat of dilution for the monomer is 
negligible and second, A HDiCM/(nCM) is a constant 
(where n is the aggregation number for the mi- 
celle). Applying the two assumptions to Eq. (11) 
leads to Eq. (12): 

3. Experimental section 

3.1. Solubility measurements 

An excess amount of compound I was placed 
into a Wheaton flint glass ampoule. Five 
milliliters of water were added and the ampoule 
placed in a Lauda RM6 constant temperature 
bath (_+ 0.1°C) at the desired temperature. The 
ampoule was removed from the bath and then 
heat sealed and transferred to a Tamson TEV 45 
constant temperature bath (_+0.01°C) and al- 
lowed to equilibrate with agitation (Vibro Mixer 
El ,  Chemapec Inc.) for at least 2 days. 

After equilibration, the ampoule was removed 
from the constant temperature bath and the su- 
pernatant was immediately removed and diluted 
with the HPLC mobile phase. Further dilution 
with the mobile phase was made to prepare the 
samples for the HPLC assay. Each sample was 
assayed in triplicate by HPLC and the solubility 
was determined. 

The procedure was repeated for each tempera- 
ture. For  the samples above ambient temperature, 
i.e. 25, 30, and 35°C, the sample preparation after 
equilibration was performed in an environmental 
chamber set to the temperature of the study to 
prevent cooling of the sample. 

HPLC assay: 
(1) Instruments: 

(a) Alcott 728 autosampler (64 position tray) 
(b) Kratos Spectroflow 783 absorbance detec- 

tor 
(c) Waters chromatography pump 
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(d) Spherisorb ODS-2 HPLC column, 5/~m, 
250 x 4.6 mm. 

(2) Mobile phase: 60:40 (v/v) of  acetonitrile/0.025 
M KHzPO4 aqueous solution. 

(3) Conditions: 
(a) Flow rate: 1 ml/min 
(b) Wavelength: 220 nm 
(c) Temperature: ambient 
(d) Sample size: 20 izl 
(e) Data  acquisition: PeakPro, supplied by 

Beckman Instruments. 

Standard solutions of  I with concentrations 
from 6.25/zg/ml to 50/~g/ml were prepared. The 
entire set of  standard solutions was injected at the 
beginning and the end of the HPLC run, and 
selected standards were injected throughout  the 
run after approximately every nine samples. The 
median area response of each standard solution 
was fit to the following expression: 

y =  ax  j' (13) 

where: y = concentration; x = peak area; a, b 
= parameters to be determined by fitting the 
equation using standard solutions. 

The concentration of each sample was deter- 
mined according to its peak area and Eq. (13). 

3.2. Dens i ty  measuremen t s  

Solution densities of  I were determined using a 
Mettler DA-310 temperature-controlled densito- 
meter. To avoid precipitation during density mea- 
surements, the densities of  the 95% saturated 
solutions were measured. The measured density 
data were fit to the equation densi ty  = m x 

concentrat ion + b, where m and b are constants. 
The densities for the saturated solutions were then 
calculated using this equation. 

3.3. Conduct iv i ty  measuremen t s  

The RadioMeter  conductivity cell used in this 
study was calibrated using a 0.100 M potassium 
chloride aqueous solution at 15, 25, and 35°C. 
The experimental procedure for the conductivity 
measurements of  I was as follows. In a 40-ml 
glass test tube, 20.0 ml of  I (ca. 0.2 M) was added. 

The solution was stirred with a magnetic stirrer 
and was equilibrated (Lauda RM6 constant tem- 
perature bath) at the study temperature. The con- 
ductivity of  this solution was measured using a 
RadioMeter  CDC 304 conductivity cell and a 
RadioMeter  CDM83 conductivity meter. Either a 
1.0-ml or a 2.0-ml aliquot of  this solution was 
removed from the test tube and replaced with 
exactly the same amount  of  water. The resulting 
solution was stirred and equilibrated, and the 
conductivity of  this diluted solution was mea- 
sured. Successive dilution and conductivity mea- 
surements were continued until the concentration 
of the last diluted solution was about  0.01 M. In 
order to obtain a constant conductivity reading, 
the solutions were equilibrated for 15 20 rain. 

3.4. p H  measuremen t  

The pH values for the solutions of  I with 
concentrations ranging from 0.01 M to 0.23 M 
were measured at 25°C using a RadioMeter  
GK2401 glass electrode and a RadioMeter  
PHM85 pH meter. 

3.5. H e a t  o f  dilution measuremen t s  

The heats of  dilution of I at 25°C were deter- 
mined calorimetrically using a Tronac isoperibol 
(temperature-rise) titration calorimeter. In each 
heat of  dilution experiment, about  1.6 ml of  an 
aqueous solution of I was delivered into 25 ml 
water in a 25-ml reaction vessel through continu- 
ous titration. The reaction vessel was positioned 
inside a high-precision controlled water bath (con- 
trolled to _+ 0.0005°C using a Tronac temperature 
controller PTC-41) set at the desired temperature 
(known to _+0.01°C) and was in thermal equi- 
librium with its surroundings before the start of  
titration. The solution inside the reaction vessel 
was efficiently stirred during the experiment and 
the temperature of  the solution was continuously 
monitored by a high-sensitivity thermister and 
recorded every 10 s, thus resulting in a temperature 
vs. time profile. The temperature vs. time profile 
was then converted to the reaction heat vs. time 
(dilution heat vs. time, in this case) profile, the 
thermogram, after making all the corrections 
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Table 1 
Solubility of I in water and solution density at different temperatures 

Temperature °C Solubility (mg/ml) Solubility (molarity) Solution density a (g/ml) 

2.5 12.5 0.0315 1.00229 
5.0 14.5 0.0365 1.00280 
7.5 18.9 0.0476 1.00342 

10.0 25.3 0.0637 1.00415 
15.0 154 0.388 1.02988 
20.0 241 0.607 1.04112 
25.0 396 0.998 1.06789 
30.0 467 1.177 1.07278 
35.0 521 1.313 1.08271 

~Densities of 95% saturated solutions. 

for non-reaction heats. A heater calibration 
run was conducted before and after the titra- 
tion run to provide the necessary calibration 
parameters  for the conversion. The theory of 
calorimeter calibration and heat corrections 
have been described elsewhere (Hansen et al., 
1985). 

Heat  of  dilution measurements were per- 
formed on a series of  solution concentrations of  
I ranging from 0.01 M to 0.23 M. From each 
titration experiment, a thermogram showing the 
heat of  dilution as a function of  time (or as a 
function of  compound concentration after dilu- 
tion, i.e. the compound concentration in the re- 
action vessel) was obtained. The apparent  molar  
heat of  dilution, - q~L, for a given solution of I 
which was diluted to a given lower ('after-dilu- 
tion' or 'diluting-to') concentration was deter- 
mined from the thermogram by dividing the 
observed heat of  dilution at the given 'after-dilu- 
tion' concentration by the number  of  moles of 
compound diluted at this point. The given 'di- 
luting-to' concentration was 0.001 M for all the 
heat of  dilution measurements. 

The calorimeter operation and data acquisi- 
tion were controlled using software developed in 
house. A HP 3421A data acquisition control 
unit, a custom-made junction box, a National  
Instruments GPIB PCIIA interface board, and 
National Instruments NI  488.2 handler software 
were used to interface the Tronac 1250 
calorimeter with a personal computer.  

4 .  R e s u l t s  a n d  d i s c u s s i o n  

Table 1 and Fig. 2 show the solubility/temper- 
ature profile of  I in water. The solubility is 
greater than 10 mg/ml for all the temperatures 
studied with a dramatic increase above 10°C. 

As described previously (Lewis and Randall, 
1961), the solubility and temperature of  regular 
solutions can be related by the following equation: 

(In xz) 3 H 
- -  = ( 1 4 )  

( l /T)  R 

where: x2 = the solubility of  the solute ex- 
pressed in mole fraction; A H  = the differential 
heat of  solution; R = the gas constant, 8.3143 J 
K -  1 m o l -  l, and T = the absolute temperature of  
the solut ion.AH can be obtained by plotting In 
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Fig. 2. Solubility vs. temperature profile for I in water. 
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Fig. 3. Relation between In x2 and l IT  for saturated solutions 
of  I. 

x2 vs. I /T ,  where x2 can be obtained from the 
solubility and density of the saturated solution at 
each temperature. 

According to Fig. 3 there is not a linear rela- 
tionship between In x2 and l / T ,  as predicted in 
Eq. (14), and, therefore, I in water is not behaving 
as a regular solution. The dramatic increase in 
solubility of  I as the temperature increases resem- 
bles that for many detergent solutions (Shinoda 
and Hutchinson, 1962) which form micelles and 
have dramatic physical property changes close to 
their 'critical micelle concentration'. 

Fig. 4 shows the molar conductivity vs. square 
root of concentration for I in water at 25°C. A 

Table 2 
Values of  'cmc' for I in water at different temperatures 

Temp. (°C) cmc (M) 

From conductivity From heat of  dilution 

15 0.033 
25 0.040 
35 0.045 

0.038 

significant slope change at about 0.2 M 1/2 is seen 
in this profile. Since I is a strong electrolyte in 
aqueous solution, based on the Onsager theory 
(Moore, 1972), the A vs. (cr) ~/2 profile of I should 
be approximately linear if no significant aggrega- 
tion or micellization occurs within the concentra- 
tion range studied. The apparent departure from 
linearity in the A vs. ( c r )  ~/2 profile strongly sug- 
gests that significant self-association of  I has oc- 
curred, especially at concentrations greater than 
0.040 M. The cmc  value for I in water at 25°C was 
thus estimated to be 0.040 M. Similar slope 
changes were also observed in the A vs. (cr) ~'2 
profiles at 15 and 35°C and the cmc  values for I at 
these temperatures were also estimated (Table 2). 
As seen in Table 2, the cmc  increases slightly as 
the temperature increases. 

It is of  interest to notice that the observed 
solubilities of I at temperatures below 10°C are 
comparable to or greater than the corresponding 
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Fig. 4. Molar  conductivity vs. square root of  concentration Fig. 5. - q~z, vs. concentration profile (e,  expt.; , calcd.) 
profile (11, expt.; - - ,  calcd.) for I in water at 25°C. for 1 in water at 25°C. 
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Table 3 
Parameters obtained by fitting the conductivity/concentration 
datafor I in water at 25°C 

Parameter Value 

n 10 
logK,, 10 
a 89.5 
b 38.9 
a '  368 
b' 46 

Fmi n 0.031 

c m c  values (Fig. 5). This indicates that self-associ- 
ation also exists for I at temperatures below 10°C, 
but to a much smaller degree. According to the- 
ory (Shinoda and Hutchinson, 1962), the forma- 
tion of micelles of large aggregation number (100 
or greater) should result in a sharp solubility 
increase at the 'Krafft point', the temperature 
when the c m c  equals the solubility. The lack of a 
dramatic solubility increase at the Krafft point 
(ca. 2.5°C, Fig. 2) suggests that the aggregation 
products formed by I are not very large. The fact 
that the observed inflection points in the A vs. 
(cr )  ~/2 profiles are not very sharp also supports 
this conclusion. 

Based on the equations described earlier, the 
average aggregation number n and formation con- 
stant Km for the aggregates were determined 
through regression analysis of the A v s .  (OT) I/2 
data. Excellent fit of the observed A v s .  (CT) 1/2 

profile at 25°C (Fig. 4) was achieved using the 
parameters listed in Table 3. The n and Km values 
for I at 25°C were found to be 10 and 101°, 
respectively. The n number of 10 confirmed the 
expectation that the aggregates were not large, 
while the K, ,  value of 101°, which is equivalent to 
a 5.7-kJ free energy decrease per mole of 
monomer, indicates that the driving force for the 
aggregate formation is rather significant. 

It was also found from the conductivity study 
that the limiting molar conductivity for the aggre- 
gate, a', was much greater than that for the 
corresponding monomer, a. This is understand- 
able since the aggregate is highly charged as com- 
pared to the singly-charged monomer. 

The presence of a cmc  for I in water was also 
confirmed by having observed a definite inflection 
point in the heat of dilution vs. concentration 
profile for I at 25°C (Fig. 5). The cmc value found 
from these data agrees well with that found using 
the conductivity data at 25°C. 

Excellent fit of the observed heat of dilution vs. 
concentration profile for I at 25°C (Fig. 4) was 
also achieved through regression analysis and the 
values of n, Kin, and A l l , ,  (enthalpy of aggrega- 
tion) were determined (Table 4). The entropy of 
aggregation A Sm (Table 4) was calculated accord- 
ing to the relation -RTlnK, ,  = A H m  - TLJS,,,. 

The values of n and Km obtained from the heat 
of dilution data are in good agreement with those 
found using the conductivity data. The AH,, value 
of --142 kJ/mol of aggregate (12.9 kJ/mol of 
monomer) indicates that the aggregation of I is a 
strong exothermic reaction and is strongly favored 
enthalpically. Thermal energy is approximately 
2.5 kJ/mol and therefore the energy available 
from thermal motion is not sufficient to break up 
the aggregate. Hydrogen bond energies are in the 
range of 8-32 kJ/mol which indicates that the 
aggregation can be attributed to hydrogen bond- 
ing. More specifically, C - H . - O  and N - H - . O  
hydrogen bonds have energies in the range 8-12 
kJ/mol which is in agreement with the enthalpy 
per monomer unit found experimentally. The ASm 
value of --244 J K - l  mol ~ indicates that the 
process is entropically disfavored. This is under- 
standable since the formation of an aggregate 
increases the order by bringing 'free' monomers 
together and forming an organized structure. It is 
concluded that the formation of aggregates by I in 
aqueous solution is purely enthalpy driven. 

Table 4 
Parameters obtained by fitting the heat of  dilution/concentra- 
tion data for I in water at 25°C 

Parameter Value 

n 11 
logKm 12.1 
AG m (kJ mol ~) - 69 .1  
AH,,, (kJ mol l) - 1 4 2  
AS,,, (J K i too l - l )  - 2 4 4  

F, .... 0.0367 
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Fig. 6. pH vs. logarithm of concentration profile (O, expt.; 
• calcd.) for 1 in Water at 25°C. 

In performing the calculations, the assumption 
was made with both the conductivity and calori- 
metric studies that the sizes of  the aggregates 
fell into a narrow range and that the average 
aggregation number  is a constant over the con- 
centration range studied. From the excellent fit 
of  the experimental data with the calculated 
curves (Figs. 4 and 5), it can be concluded that 
the assumptions are reasonable. It would be un- 
likely that a good fit could be made over the 
entire concentration range if the size range were 
wide. If this occurred, the average aggregation 
number would be expected to change as the 
concentration changed. Also, the small molar  
heat of  dilution for solution concentrations less 
than the cmc confirms the assumption that the 
heat of  dilution for the monomer  is negligible. 
Furthermore, since the solution pH is less than 
5.0 and the pKd is between 7 and 8 for the 
monomer,  the heat effect due to a change in the 
concentration of the protonated species should 
be negligible. 

Finally, the evidence for aggregation was also 
found in the pH vs. log M profile for I at 25°C 
(Fig. 6) which displayed a large slope change at 
ca. 0.029 M. A function can be written which 
relates the pK~ts for the monomer  and the aggre- 
gate to the pH and total concentration. It can 
be shown that the slope of the curve in Fig. 6 
should equal 0.5 when there is no aggregation. 

Deviation of this slope from 0.5 can be at- 
tributed to aggregation. Calculation of  the pK~, 
values using these data result in values of  7.82 
for the monomer  and 6.25 for the aggregate. It 
has been shown (Preston, 1948) that the ob- 
served c m c  value can vary using different physi- 
cal chemical properties. The values obtained for 
the c m c  from conductivity and calorimetric mea- 
surements are upper limits while the value ob- 
tained from pH measurements is a lower limit. 
The important  information provided by the pH 
vs. log M profile is that the pK~, for the aggre- 
gate is less than the monomer  and therefore the 
aggregation results in making the imidazole ring 
a weaker base. Because there is an effect upon 
the pK~,, the stabilizing energy of 12.9 k J/tool of  
monomer  discussed earlier might involve the ina- 
idazole ring in the form of N H . . O  hydrogen 
bonding, or it might be due to structural effects 
in which the individual molecules are sufficiently 
close to cause the imidazole ring to be less basic 
due to intramolecular charge effects• 

5. Conclusions 

Compound  I was found to undergo significant 
aggregation in water at temperatures higher 
than 10°C and concentrations greater than the 
c m c ' s .  Evidence for aggregation include: (1) a 
sharp solubility increase at 10°C in the solubility 
vs. temperature profile; (2) a significant slope 
change in the molar  conductivity vs. square root 
of  concentration profiles at 15, 25 and 35°C; (3) 
a clear inflection point in the heat of  dilution 
vs. concentration profile at 25°C; and (4) a sig- 
nificant change in slope in the pH vs. log M 
profile at 25°C. 

The cmc for I in water at 25°C is approxi- 
mately 0.04 M. The average aggregation number 
n for I at 25°C is ca. 10 11, which represents 
small-sized micelles or aggregates. The average 
formation constant K,,, for the aggregates in wa- 
ter at 25°C is ca. 10~°-10 ~2. The formation of 
aggregates by I in water is enthalpy driven and 
entropy disfavored. 
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