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Abstract 

Based on heat of dilution, osmotic coefficient and conductivity data, it is evident that the compound of interest in 
this study undergoes self-association in aqueous solution. The average aggregation number for the association 
product is small, not greater than 4. The likely association products are cation-cation dimer, cation-cation-anion or 
all cation trimer, and/or cation-cation-cation-anion tetramer. The observed self-association in aqueous solution is 
purely enthalpy driven, being entropy disfavored, indicating that the driving force for the self-association is likely to 
be either hydrogen bonding or g-~ interaction or both, but not hydrophobic interaction or pure electrostatic 
interaction. 
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1. Introduction 

During the study of compound I (Scheme 1), 
for its aqueous solubility as a function of  pH, it 
was observed that I exhibited much higher-than- 
expected solubilities at pHs less than 4. From this 
behavior, the protonated form of  I was suspected 
of being involved in a certain degree of self-associ- 
ation, causing the solubility to increase. There- 
fore, it was of interest to determine whether or 
not the protonated form of  I undergoes self-asso- 
ciation in aqueous solution and to obtain further 
information such as average aggregation number 
and association constant if the self-association is 
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confirmed. In this study, the methane sulfonate 
salt of  I (abbreviated as I-EF hereafter), because 
of its high aqueous solubility, was used for the 

O 

Scheme 1. Compound |. MDL 73,147 (Dolasetron) IH-Indole- 
3-carboxylic acid, octahydro-3-oxo-2,6-methano-2H-quino- 
lizin-8-yl ester. 
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study of  self-association by the protonated form 
of I. 

2. Theoretical 

The formation of  a self-association product, or 
an aggregate, from singly-charged monomers can 
be expressed as the equilibrium in Eq. 1, with the 
formation constant given by Eq. 2. 

n M  + + p X  -KA ~ ,  [M, Xp] ~"-p)+ (1) 

~.4 CA 
KA -- (TM),(~)p (Cr-- nCA)"(cr--pcA) p (2) 

where M + represents the monomer, X -  = coun- 
teranion, [M, Xp] ~"-p)+ represents the association 
product, KA = associate formation constant, n 
= aggregation number, p = number of anions in 
an aggregate, % ?'~ = concentration and activity 
coefficient, respectively, of species i. 

The formation of  aggregates in a solution is 
expected to cause changes in certain physical 
chemical properties of the solution such as surface 
tension, osmotic coefficient, light scattering, elec- 
trical conductivity (Preston, 1948) and heat of 
dilution (Streng et al., 1995). In this study, heat of 
dilution, osmotic coefficient and electrical conduc- 
tivity data were obtained for I-EF in aqueous 
solution and information such as average associa- 
tion number, associate formation constant, and 
association enthalpy and entropy was extracted. 

2.1. Heat o f  dilution 

Since any associated species present in a solu- 
tion will become completely dissociated as the 
solution is infinitively diluted, the heat effect asso- 
ciated with such a dilution process should provide 
a measure for the initial concentration of  the 
associate in the original solution. In practice, the 
dissociation may be considered complete if the 
final concentration after dilution is sufficiently low 
(e.g. < 0.001 M). 

Heat of  dilution for I-EF was determined 
calorimetrically as a function of compound con- 
centration. Details for the heat of dilution experi- 
ments and raw data treatment have been reported 
previously (Streng et al., 1995). In diluting a 

solution containing associated molecules, the total 
heat effect is the result of contributions from the 
aggregate dissociation, the dissociation of protons 
from the monomers and aggregates, the dilution 
of the aggregates, and the dilution of the 
monomers: 

Q N E T =  ~Di s s ,A  ~_ o D i s s , t t  ~_ (-~DiI, A 2i_ o D i I ,  M 
p ~;z~p Y-.~p l ~ p  ~ p  

Diss A Diss A Diss H Diss H =Anp • A H  • + Anp ' A H  " + 

A o~lA AnyAHOi/.M A n p A H  ' + (3) 

where: Qp Di.,.~,A = heat of aggregate dissociation, 
QpOiSs.H = heat of  proton dissociation, QpOg/,A 
= heat of  dilution for aggregate, QpDit, M = heat 

Diss A of dilution for monomer, Anp " = number of 
moles of  aggregate dissociated due to the dilution, 

Diss H Zlnp ' = number of moles of  proton dissoci- 
ated due to the dilution, An~ = number of moles 
of aggregate diluted, AnpM = number of moles 
of monomer diluted. 

If the pKa of the compound is not too small 
(e.g. > 6.0) and the concentration of the com- 
pound after dilution is not too low (e.g. > 10-  
4M), the compound should remain mostly in the 
protonated form during the dilution process and 
the heat effect associated with the proton dissocia- 
tion should be negligible. Therefore, Eq. 3 can be 
reduced to: 

QNET~ Qtgi,,..A + QDt,,, + QDa,M 

A n D i s s , A z I H  Diss'.A + A n B A H  Dil,A + 

An MAHDa'M (4) 

Notice that the subscript p is removed in Eq. 4 
for simplicity. 

Dividing QNer by the total number of  moles of 
compound diluted gives the apparent molar heat 
of dilution. Assuming that the aggregate dissocia- 
tion is complete after dilution and there is no 
further heat effect with further dilution, the ap- 
parent molar heat of dilution will be equal to the 
negative of  the apparent molar enthalpy of  the 
solution (~bL). Therefore, 

Z 1 H  Diss'A A H DiI,A 

-(~1~ ~ C A - -  + cA + 
0 T C T 

AHDU, M 
c~ (5) 

CT 
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where: c~ = equilibrium, concentration of  aggre- 
gate in titrant, CM = equilibrium concentration of  
monomer  in titrant, e-r = total concentration of 
the compound in titrant. 

According to Eq. 5, in order to obtain A H Dis'~'A, 

values of  A H t~t'M and A H D~.M must be known. 
This requirement is rather difficult to fulfill since 
direct measurement of  A H z>i~,o and A H Dil'A is 
impossible. As an approximation,  it is assumed 
that the heat of  dilution for the monomer  is 
negligible. Therefore, Eq. 5 becomes: 

- ~,_ ,~ CAAH"C (6) 
C7 

where: a H ~)L = d H oi''~''4 q- d H oil'A. 

Combining Eqs. 2 and 6, the unknown parame- 
ters n, p, K~ and A H  DL can be obtained by fitting 
the experimental -q5 L vs. cr  profile through a 
non-linear least squares approach. To take into 
account the effect of  species activities during the 
equilibrium calculation, Davies'  equation may be 
used to calculate the activity coefficients of  the 
species present in the solution. 

2 x//l 
- l og? , ,  = A z . ( - - _  0.2I)  (7) 

t l + x / / I  

where: A = 0.511 in aqueous solution at 25°C, 
z~ = charge of the species, I = ionic strength, 
defined as: 

i 

2.2. Osmotic coefficient 

Since self-association changes the number  of  
species present in the solution, it should change 
the osmotic coefficient, a colligative property, of  
the solution too. In this study, a vapor  pressure 
osmometer  was used to determine the apparent  
osmotic coefficients. The direct output of  a vapor  
pressure osmometer  is: 

J R  = k 3 R T l n  al (8) 

where: J R  = osmometer  output (mV), k = 
proportional  constants, a~ = solvent activity in 
sample solution. 

Since the apparent  osmotic coefficient q~ of an 

electrolyte solution is defined as, 

- lO00lna~ 
06' = (9) 

m l  VDI 

where: ~b' = apparent  osmotic coefficient of  the 
sample solution, M~ = molecular weight of  the 
solvent, v = stoichiometric sum for the eletrolyte, 
for 1"1 electrolyte, v = 2 m i = molality concen- 
tration of the electrolyte,the osmometer  output 
can be related to the apparent  osmotic coefficient 
as follow: 

M1 
A R  = - k ~ R T l ~ V m ( a '  = K v m ~ '  (10) 

where: K = the ' instrument constant '  or 'cell 
constant ' .  

The apparent  osmotic coefficient qS' can thus be 
determined through vapor  pressure osmometry.  

Based on the theory of electrolyte solution ther- 
modynamics (Robinson and Stokes, 1959), the 
apparent  osmotic coefficient ~b' is related to the 
concentrations and activity coefficients of  all the 
species present in the solution, as shown below: 

m i  m, 
1 

(1 + ~ 1  m,dlnTi) 
q~ ' - -  VDI ~ i JO 

2..tH~ 

where: m, and )'i are the molality and activity 
coefficient, respectively, of  species i. 

If  the electrolyte is 100% dissociated, Xm,  
should be equal to vm. I f  self-association occurs, 
Xmi will no longer be equal to vm, and the values 
of  m~ and 7~ are functions of  association parame- 
ters n, p, and K A. Fitting of the observed 4 /v s .  m 
profile based on Eq. 11 leads to the determination 
of n, p and KA. 

2.3. Conductivity data treatment 

If  association is occurring, the observed molar  
conductivity of  an electrolyte solution reflects not 
only the contribution from the unassociated elec- 
trolyte, but also the contribution from the associ- 
ation product: 

1 
Ao~.~ = :~AM + -(1 - -  ~ ) A  A (12) 

n 
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where: ~ = percentage fraction of  the unassociated 
electrolyte, AM = molar conductivity of  the unas- 
sociated electrolyte, n = aggretation number 
(number of cations in an aggregate), A A = molar 
conductivity of  the association product. 

In Eq. 12, ~ is a function ofn ,  p and KA. If AM 
and AA are known, together with the knowledge 
of  Aobs, ~ can be calculated and subsequently, n, p 
and KA can be calculated. However, AM and /1 A 

can not be obtained experimentally since the 
unassociated and the associated electrolytes can 
not be separated in solution. Therefore, theoreti- 
cal expressions for A M and AA are needed. Among 
the many conductivity expressions available (Hor- 
vath, 1985), for higher concentrations, the equa- 
tion by Robinson and Stokes (Robinson and 
Stokes, 1959) contains the least number of  empir- 
ical parameters, and was therefore chosen to rep- 
resent A M and AA in this study. 

A = A ° (B1 A° -k- O2)x/I (13) 
1 + Bt~x/l 

where: B~, B 2 = constants characteristic of  the 
electrolyte, B = 0.329 for water at 25°C, h = 
closest approach between ions in solution, I = 
total ionic strength of the solution, which is a 
function of m, the total concentration of the 
compound, n, p and KA. 

Substitution of  Eq. 13 into Eq. 12 for AM and 
A,  results in: 

Aob~ = ~ ( A  ° - ( B ~ m A °  + B 2 M ) ~ )  

+ - (1  - ~ ) ( A  ° 
n 1 + BaA x/-I / (14) 

By fitting the observed Aob s VS. ~ / m  profile 
based on Eq. 14, values of  n, p and KA may be 
calculated. 

analytical grade and deionized water was used 
throughout. 

3.2. Heat o f  dilution measurements 

The heats of dilution for the aqueous solutions 
of I-EF were determined using an isoperibol titra- 
tion calorimeter 2. The experimental procedure 
was the same as that described earlier (Streng et 
al., 1995). 

3.3. Osmotic coefficient measurements 

A vapor pressure osmometer 3 was used for 
osmotic coefficient measurements. The osmometer 
was calibrated using standard solutions of  NaC1 
and BaCI 2 and the cell constants for the osmome- 
ter at the operation temperatures were deter- 
mined. In order to achieve the best baseline 
stability, sufficient time should be allowed for the 
instrument to equilibrate and the room tempera- 
ture should be controlled 7-9°C below the instru- 
ment operation temperature. A strip chart 
recorder 4 was used to continuously record the 
output of the osmometer. In each measurement, 
the testing and reference probes are first wetted 
with the solvent drops. When baseline is estab- 
lished, the instrument output is zeroed. Then the 
sample solution (four to five drops) was applied 
to the testing probe and the stable output there- 
after was read as the AR value for the sample 
solution. For  each sample solution, the A R mea- 
surement was repeated several times until consis- 
tent readings were obtained. Usually, the A R 
reading after the first sample application (to the 
testing probe) was not reliable since the previous 
solution on the sample probe may have not been 
fully replaced with the new sample solution. 
Therefore, the first A R reading was usually dis- 
carded. 

3. Experimental 

3. I. Materials and solutions 

The methane sulfonate salt of  i (I-EF) was used 
in this study. All other chemicals used were of  

z Tronac Model 1250 
3 UIC070 
4 KIPP and ZONEN model BD 40 



C. Zhu, W.H. Streng / International Journal of Pharmaceutics 130 (1996) 159-168 163 

3.4. Conductivity measurements 

The conductivity cell 5 used in this study was 
calibrated using a 0.1000 M potassium chloride 
aqueous solution at 15, 25 and 35°C, and the cell 
constant was found to be 1.0357 c m - i .  The ex- 
perimental procedure for the conductivity mea- 
surements of  the I -EF solutions was as follows. In 
a 40-mL glass test tube, 20.0 mL of  I -EF solution 
(c.a. 0.2 M) was added. The solution was stirred 
with a magnetic stirrer and was thermostated at 
the temperature of  study. The conductivity of  this 
solution was measured. Either a 1.0 mL or a 2.0 
m L  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 thermally equilibrated, and the con- 
ductivity of  this diluted solution measured. Suc- 
cessive dilution and conductivity measurement 
continued until the concentration of  the last di- 
luted solution was about  0.01 M. In order to 
obtain a stable conductivity reading, the solutions 
were equilibrated for 10-15 rain. 

4. Results and discussion 

4.1. Heat of dilution 

Heats of  dilution for the I -EF solutions were 
determined calorimetrically at 10, 15, 25 and 35°C 
as a function of  compound concentration. The 
results are listed in Table 1. The concentration vs. 
heat of  dilution profile at 25°C is shown in Fig. 1. 

The dilution of I -EF results in a significant 
endothermic heat effect. As seen in Table 1 and 
Fig. 1, the endothermic heat of  dilution is as high 
as ~ 8 k J/mole at 25°C (or ~ 4 k J/mole at 
35°C) for a 0.2 M I -EF solution. The magnitude 
and the sign of the heats of  dilution strongly 
indicate the presence of  ion-ion associations in the 
solution prior to dilution. Otherwise, this signifi- 
cant endothermic heat of  dilution may not be 
sufficiently explained based on solute solvation 
and solvent re-structuring. 

Table 1 
Heats of  dilution for I-EF in aqueous solutions at different 
concentrations a and temperatures 

Cone. (M) Heat of  Dilution - ~/'t. (kJ .mol  ~) 

o 10°C 15°C 25°C ,5 C 

0.0119 1.51 
0.0238 2.47 
0.0202 1.84 1.46 1.46 
0.0303 2.68 
0.0474 4.10 
0.0403 4.14 3.43 2.43 
0.0713 5.06 
0.0605 5.82 5.15 2.43 
0.0806 5.98 5.77 2.64 
0.1188 6.57 
0.1013 6.69 7.36 2.97 
0.1210 7.24 7.53 3.27 
0.1425 7.11 
0.1418 7.91 7.95 3.49 
0.1663 7,45 
0.1620 8.11 8.33 3.54 
0.1900 7.70 
0.1822 8.49 8.58 3.77 
0.2138 8,08 
0.2025 8.62 8.83 4.14 
0.2374 8.37 

aconcentrations before the dilution. 

The dilution of a concentrated solution usually 
causes a certain amount  of  solvent molecules to 
break away from bulk solvent structure and join 
the solvation of  the solutes. Breaking up solvent- 

i i i w i 

o 

0.~0 ' O~ ' 030 i , 0.I15 020 O.~J 

Co~cmtratioa (M) 

5 Radiometer  CDC 304 coductivity cell and CDM83 con- Fig. 1. Heat of  dilution as a function of  concentration at 25°C 
ductivity meter (,©, experimental result; , calculated). 
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Table 2 
Aggregation number,  
aqueous solution 

equilibrium constant  (KA), enthalpy change (3KA),and entropy change (A SA) of association by I-EF in 

Temp. (°C) Aggregation Number  a log K A AH b (kJ. m o l -  1) zlsb(J  • K" mol l) 

n p 

Results Based on Heat of Dilution Data 
10 2 1 2.51 
10 2 0.5 1.58 
15 2 1 2.42 
25 2 0 0.63 
Results Based on Osmotic Coefficient Data 
25 3 0 1.67 
25 2.5 0.5 2.20 
35 2.5 0.5 2.32 
Results Based on Conductivity Data 
15 2.80 0.75 1.21 
25 2.60 0.80 1.34 

- 2 2 . 9  - 3 2 . 8  
- 2 5 . 4  - 5 9 . 5  
- 24.2 - 37.7 
- 2 7 . 2  - 7 9 . 2  

an, p = numbers  of  cations and anions involved in the formation of  an aggregate, respectively, bThe zJH A values (and consequently 
ASA values) are approximate based on A HA ~ - •H DL. Since LJ H DL also includes the heat of  dilution for the associates, which 
could not  be determined experimentally, the exact A HA values could not  be calculated. 
The n and p values listed are those resulting in best fits of  the experimental data. In a few cases, two different sets of  n and p can 
lead to similar quality fits of  the experimental data, hence, they are both listed. As to which n and p combinat ion is more correct, 
there is not  a clear-cut criterion for that  yet Since it is possible that  more than one form of  association products are present in the 
solution at the same time, the calculated n and p values could very well be the apparent  or the average n and p values. This is why 
in many  cases the fractional n and p numbers  lead to better fits of  the experimental data. 
It was found that  a value of Bh = 1.5 (see eqs 13 and 14) can lead to much  better and more reasonable fits of  the conductivity 
data  than  the value of  B~t = 1.0. This indicates that  the apparent  or average value of  the closest approach (~t) for I-EF in aqueous 
solution is about  4.6.A. In fitting the conductivity data, the average values of  A ° and B~A ° + B2 (see eq 14) for the associated 
product  were also calculated resulting in: at 15°C, A ° = 100.0, (B1A°+B2) = 157.6; at 25°C, A ° = 131.2, (B~A°+B2) = 215.1. 

solvent bonds is endothermic while forming solva- 
tion shell is exothermic. In most cases, the net 
heat effect due to solute solvation and solvent 
re-structuring is exothermic, rather than endother- 
mic. Therefore, the observed endothermic heat of 
dilution for I-EF strongly suggests that some 
other bonds, presumably the bonds that cause 
ion-ion association, are broken upon dilution. 

It should be mentioned that I-EF has a disso- 
ciable proton and the proton dissociation, which 
has an endothermic heat effect, could occur upon 
dilution. However, the contribution from proton 
dissociation to the overall heat of dilution is 
expected to be rather small and negligible. Based 
on its pKa (6.16 at 35°C and 6.65 at 15°C), I 
should remain more than 98% protonated even 
after the dilution (the concentration after dilution 
is 0.001 M). 

Since the heat of dilution for I-EF in aqueous 
solution is strongly endothermic, the breaking of 
the ion-ion associates must be endothermic too. 
This will rule out the possibility of hydrophobic 
ion-ion association by the protonated form of I 
because the hydrophobic ion association usually 
leads to exothermic heats of dilution (Linden- 
baum, 1971; Wood et al., 1967; Levine and Lin- 
denbaum, 1973). Therefore, the possible driving 
forces for ion-ion association by the protonated 
form of I would be either one (or a combination) 
of the following: re-re interaction, hydrogen bond- 
ing, and electrostatic interaction. All three of 
these interactions could lead to an endothermic 
heat of dilution. 

In order to obtain information about the stoi- 
chiometry and thermodynamic quantities of self- 
association by I-EF, regression analysis of the 
heats of dilution data using the equations derived 
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in the theoretical section were performed and the 
results are listed in Table 2. Excellent agreement 
between the calculated and experimental data was 
achieved at 10, 15 and 25°C, as seen for 25°C in 
Fig. 1. It was found that an aggregation number 
of 3 (n = 2, p = 1) gives the best fit of  the 10 
and 15°C data, while an aggregation number of  2 
(n = 2, p = 0) leads to the better fit of  the 25°C 
data (Fig. l). Several other combinations of  n and 
p could also lead to acceptable, though poorer, 
fits of the experimental data at 10, 15 and 25°C. 
An aggregation number (n + p) greater than 4 
results in a much deteriorated and unacceptable 
fit of  the experimental data, i.e. either the whole 
profile or part of the profile will not correlate. 
Therefore, it is clear that the self-association by 
I-EF in aqueous solution leads only to small size 
aggregates, instead of large aggregates or micelles. 
It was also found that the combination of  n = 1 
and p = 1 could not fit the experimental data 
well at all three temperatures, indicating that the 
association by I-EF in aqueous solution is not 
simply cation-anion ion pairing. Although the 
anion involvement in association could help to 
stabilize the positively charged aggregates, the 
presence of the anion is not the sole reason that 
cations can be brought together in forming the 
association product. It is believed that the cation- 
cation bonding (re-re interaction or hydrogen 
bonding) plays an important role in causing the 
self-association by I-EF. 

Examining the 3 H , ,  and 3SA values listed in 
Table 2, it is seen that the formation of the 
self-association products by I-EF is enthalpically 
favored and entropically disfavored, i.e. the self- 
association by I-EF is purely enthalpy driven. 
This provides additional support to the conclu- 
sion that the I-EF aggregates are formed mainly 
through 7r-zr interaction or hydrogen bonding, 
instead of hydrophobic interaction which is usu- 
ally entropy driven. 

It is of interest to compare the A H  A values 
listed in Table 2 for 10 and 15°C with that 
calculated based on the well known van't  Hoff  
relationship using the two log KA values listed in 
Table 2 for 2:1 n/p ratio at 10 and 15°C. Calcula- 
tion based on the van't Hoff  equation leads to a 
AHI  of --28.1 kJ/mole which is slightly greater 

than the listed d H  A values ( - 2 2 . 9  and - 2 4 . 2  
Id/mole). Considering that the listed A H  A values 
in Table 2 are only approximates, and the van't  
Hoff  calcualtion is based on only two data points, 
the agreement between the listed and the van't 
Hoff  AH1 values is rather good. The good agree- 
ment strengthens the validity of the theoretical 
model used, the calculated log Kl 's ,  and the 
assumption behind A HA ~ A H IgL. 

The heats of dilution for I-EF were also deter- 
mined at 35°C, but the regression analysis was 
attempted due to poor  data consistency. The in- 
creased data scattering and uncertainty at 35°C 
are likely to be caused by deteriorated calorimeter 
sensitivity and stability at 35°C. Nevertheless, it 
could still be seen that the heat of dilution for 
| -EF at 35°C is much less endothermic than that 
at 25°C, indicating that the ion-ion association 
becomes much weaker at 35°C. 

4.2. Osmotic coefficients 

According to Eq. 11, the apparent osmotic 
coefficient ~b' should be equal to unity when the 
solute concentration approaches zero. As the con- 
centration of  the solute increases, ion pairs or 
self-association products begin to form and L'm~ 
becomes not equal to vm, hence ~b begins to 
deviate from unity, even if the solution is still 
ideal. 

As seen from Table 3 and Fig. 2, the observed 
q~ decreases significantly as the concentration of 
I-EF increases (the first few points as shown in 
Fig. 2 may not be accurate due to the limitation 
of instrument sensitivity at low solute concentra- 
tions). The extent of ~b' decrease as a result of 
solute concentration increase is very significant 
and could not be fully accounted for by the effect 
of solution non-ideality alone (Fig. 2). The de- 
crease in q~' must be a result of  both the increased 
solution non-ideality and the increased self-associ- 
ation. Theoretical estimation indicates that, as 
shown in Fig. 2, the effect of solution non-ideality 
alone accounts only for a small portion of the 
total observed q~' decrease. Therefore, the osmotic 
coefficient data clearly indicate that I-EF does 
form certain types of self-association products as 
the concentration increases, and hence results in 
unusual qS' decrease. 
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Table 3 
Apparent  Osmotic Coefficients (q~') of  I-EF in aqueous solutions 

Conc.(m) 25°C" 35°C a 

R (mY) vm~b' (Osm) q~' R (mY) vm~b' (Osm) rp' 

0.0099 68 0.0185 0.935 29 0.0138 0.695 
0.0194 135 0.0368 0.950 61 0.0290 0.745 
0.0377 231 0.0629 0.835 122 0.0579 0.770 
0.0613 335 0.0912 0.745 196 0.0931 0.760 
0.0822 420 0.1144 0.695 240 0.1140 0.695 
0.1014 516 0.1405 0.695 296 0.1406 0.695 
0.1243 610 0.1661 0.670 343 0.1629 0.655 
0.1461 706 0.1923 0.655 387 0.1838 0.630 
0.1633 776 0.2113 0.645 420 0.1994 0.610 

"K = 3672 at 25°C and 2106 at 35°C (calibrated against NaCI and BaCI2). 

Regression analysis of  the observed ~b' vs. m 
profiles based on the equations given in the theo- 
retical section leads to excellent fit of  the experi- 
mental data at 25°C and a good fit of  the qS' vs. m 
profile at 35°C. The calculated n and p values that 
result in best fits of  the experimental data and the 
corresponding 1ogKA values are listed in Table 2. 
It is seen that the n, p and 1OgKA values obtained 
based on osmotic coefficient data are a little 
different from, but still reasonably close to, those 
based on the heat of  dilution data. It is again 
confirmed that the aggregation number for I -EF 
associates is not large. 
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Fig. 2. Observed  and  ca lcu la ted  ~b' as a funct ion  of  concent ra-  
tionat 25°C. 
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4.3. Electrical conductivity 

Table 4 lists the observed molar  conductivity 
data for I -EF as a function of concentration. The 
profile of  the observed conductivity (Aobs) v e r s e s  

the square root of  concentration (c j/z) at 25°C is 
shown in Fig. 3. As seen in Fig. 3, the Aob s VS. c 1/2 
profiles at 25°C appears to be linear initially until 
c 1/2 becomes greater than 0.25 (or c > 0.06 M). 
The Aob s VS. C U2 profiles begin to deviate nega- 
tively from the original linearity after c exceeds 
0.06 M. As seen in Fig. 3, if no association is 
occurring, the Aob s VS. C I/2 profile should exhibit 
positive deviation from the original linearity due 
to increased solution non-ideality. Therefore, the 
observed negative deviation from linearity is a 
clear indication that self-association is occurring 
for I -EF in aqueous solution. However, it is also 
noted that the observed negative deviations for 
I -EF are rather small, as compared to those ob- 
served for M D L  201,346A (Streng et al., 1995) 
and some detergents (Preston, 1948) which form 
large aggregates or micelles. Therefore, the con- 
ductivity data again confirms that the aggregation 
numbers for I -EF associates are small. Regression 
analysis of  the observed Aob s VS. C I/2 profiles re- 
sulted in excellent fits of  the experimental data 
and the calculated n, p and logK A values (Table 2) 
are comparable with those based on heat of  dilu- 
tion data and osmotic coefficient data. 
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Table 4 
Conductivity of I-EF in water as a function of concentration 
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15°C 25°C 

Concentration (M) Molar Conductivity(S cm2/mol) Concentration (M) Molar Conductivity(S cmL'mol) 

0.0063 48.66 0.0071 61.02 
0.0116 47.67 0.0118 59.75 
0.0171 46.55 0.0197 57.77 
0.0221 45.79 0.0274 56.57 
0.0286 44.90 0.0342 55.26 
0.0349 44.41 0.0407 54.55 
0.0427 43.56 0.0462 53.90 
0.0495 42.83 0.0525 52.95 
0.0573 41.88 0.0596 52.18 
0.0663 41.18 0.0678 51.33 
0.0768 40.10 0.0771 50.32 
0.0889 39.15 0.0838 49.52 
0.0978 38.44 0.0910 48.79 
0.1076 37.64 0.0990 47.98 
0.1183 36.94 0.1076 47.21 
0.1301 36.13 0.1169 46.36 
0.1432 35.27 0.1271 45.48 
0.1575 34.35 0.1381 44.61 
0.1732 33.43 0.1502 43.68 
0.1905 32.49 0.1632 42.71 
0.2096 31.35 0.1774 41.66 

0.1928 40.66 
0.2096 39.60 

! i ! w 

55 " '"  
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Fig. 3. Molar conductivity vs. square root of concentration for 
I-EFat 25°C. 

5. Conclusions 

Based on heats of dilution, osmotic coefficient 
and conductivity data, it is concluded that I-EF 

undergoes self-association in aqueous solution. 
The aggregation numbers for the association 
products are, however, rather small (not greater 
than 4). The likely association products include 
cation-cation dimer, cation-cation-anion or all 
cation trimer, and/or cation-cation-cation-anion 
tetramer, but not cation-anion ion pair. The self- 
association by I-EF in aqueous solution is purely 
enthalpy driven and is entropy disfavored, indi- 
cating that the driving force for the self-associa- 
tion is likely to be either hydrogen bonding or re-re 
interaction or both, but not hydrophobic interac- 
tion and pure electrostatic interaction. 

It should be mentioned that in actual I-EF 
solution, more than one form of associ- 
ation products can be present at the same time, 
thus causing the determination of exact associa- 
tion stoichiometry (i.e. the n and p numbers) 
difficult and causing some fractional n and p 
numbers to be favored over some integer numbers 
in achieving better fits of the experimental data. 
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