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Abstract

Surfactants are commonly used to increase the solubility of poorly water soluble drugs but the interactions between drug and surfactant can
be complex and quantitative relationships can be hard to derive. One approach is to quantify the thermodynamics of interaction and relate these
parameters to known solubility or dissolution rate enhancement data. Isothermal titration calorimetry (ITC) was used to measure the enthalpy and
free energy of transfer of a model drug (simvastatin) to a number of surfactant (SDS, HTAB, SDCH and Brij 35) micelles. These data were then
compared with the solubility enhancements determined for each surfactant using HPLC assays. As expected, there was correlation between the free
energy of transfer for the drug to each surfactant and the solubility enhancement of that surfactant. Although the data set is limited, the results suggest
that ITC screening of a range of surfactants against a poorly water soluble drug may allow the selection of the best potential solubilising surfactants.

© 2007 Published by Elsevier B.V.
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1. Introduction

The Noyes—Whitney equation predicts that dissolution rate
will increase with an increase in solubility. Surfactants can be
used to increase the solubility of poorly water soluble drugs,
usually by incorporation of the drug into a hydrophobic micellar
core. However, an increase in solubility does not necessarily
ensure an increase in dissolution rate. In some instances the
dissolution rate can fall, even though solubility has increased
[1,2] while in other cases the dissolution rate can be improved
with no apparent change in solubility [3—-6]. These empirical
observations show that drug—surfactant interactions are complex
and make it difficult to predict the likely effect of a surfactant
on the solubility and dissolution rate of a drug.

A better understanding of drug—surfactant interactions can
be obtained from thermodynamic data. One approach is to use
isothermal titration calorimetry (ITC), wherein the enthalpy of
interaction is measured directly as a surfactant solution is titrated
into a suspension or solution of drug. ITC has been used in this
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way to study the interactions between oleic acid and Span 85
with crystalline and partially amorphous salbutamol sulphate
[7]. However, such data can be complex and difficult to inter-
pret as they contain components from many processes, including
surfactant dilution, drug dilution, surfactant adsorption, drug
dissolution and drug solubilisation, some of which will occur
over extended (possibly longer than the experimental measure-
ment) time periods.

The effects of much of this complexity can be mitigated by
studying the interactions between materials that are already sol-
vated. This does not allow the direct measurement of dissolution
rates or quantification of solubility enhancement but does allow a
quantitative measurement of the enthalpy of interaction between
the drug and the surfactant, which can then be correlated with
data from other studies (such as dissolution or solubility studies
for instance). The use of ITC to measure the critical micellar
concentration (cmc) of surfactants is well accepted and there
are many published studies of the interaction of surfactants with
other solutes [8-11]. However, there is little data regarding the
interactions between surfactants and pharmaceuticals in solu-
tion, despite the widespread use of surfactants in pharmaceutical
formulations.

In this work ITC was used to study the interactions between
simvastatin and a number of surfactants (sodium dodecyl sul-
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phate, SDS, hexadecyl trimethylammonium bromide, HTAB,
sodium deoxycholate, SDCH and polyoxyethylene 23 lauryl
ether, Brij 35). The data were correlated with solubility enhance-
ment factors calculated by HPLC analysis. Simvastatin was
selected for study as a model of a poorly water soluble drug
(1.1+0.13pgmL~%, by HPLC, this work). The surfactants
were chosen because they represent a typical selection of com-
pounds that might be selected in a pharmaceutical screen for
solubility enhancement.

2. Materials and methods

Simvastatin was donated by Merck Sharpe and Dohme Ltd.
(Herts, UK). Sodium dodecyl sulphate, acetonitrile and the
buffer components were purchased from BDH Chemicals. Hex-
adecyl trimethylammonium bromide, sodium deoxycholate and
polyoxyethylene 23 lauryl ether were purchased from Sigma.
All chemicals were used as received. Buffer (pH 7.0 0.01 M
phosphate buffer), surfactant and drug solutions were prepared
using AnalaR water (BDH Chemicals).

2.1. Solubility measurements

Solutions for solubility measurements were prepared by dis-
solving an excess of simvastatin in surfactant solution (10 mL)
and agitating in an orbital mixer for 24 h at 25 °C. After filtra-
tion through a 0.2 wum Millipore filter, simvastatin was assayed
by HPLC using a Hewlett Packard 1090 workstation with an
auto sampler and auto integrator. The column employed was
a C1-ODS (Octadecylsilane) Pertisil 5 um (Hichrom Ltd.). A
UV detector set at 238 nm recorded the simvastatin peak. The
mobile phase was a 58:42 mixture of acetonitrile and water, both
HPLC grade, set at a flow rate of 1.5mL min—!. The detector
was calibrated with a range of simvastatin solutions from 0.7 to
60 wgmL~1 and a linear response was observed. Experiments
were repeated in triplicate.

2.2. Calorimetric measurements

Calorimetric data were recorded at 25 °C with a 2277 TAM
(Thermometric AB, Jarfalla, Sweden) equipped with a titration
unit. Surfactant solution was loaded into the syringe and a sat-
urated solution of simvastatin (1.1 wgmL~1, 3mL) was loaded
into the sample ampoule. An equivalent volume of water/buffer
was used as a reference. The cannula delivering the surfactant
solution was set to be just below the surface of the drug solution.
The pump was programmed to deliver 25 aliquots (10 wL) of sur-
factant solution (at a rate of 1.5 mL min—1), at 45 min intervals.
The amplifier was set to 30 wW and the system was calibrated
by the electrical substitution method before each experiment.
Data (1 point every 10 s) were collected with the dedicated soft-
ware package Digitam 4.1. Blank experiments were performed
by titrating water into water, buffer into buffer and water or
buffer into simvastatin solution. All returned negligible heat-
outputs. The surfactant solutions were characterised by titrating
surfactant into water or buffer. The experimental data were inte-
grated with Origin (Microcal Software Inc., USA). Note that

the TAM registers exothermic events with positive power val-
ues; the integrated data were thus inverted in sign to produce the
enthalpy values recorded below. Experiments were conducted
in triplicate.

2.3. Solubility measurements

The solubility of simvastatin in water, and in a range of sur-
factant solutions, was determined using HPLC following 24 h
incubation. Incubation for longer time periods did not result in
an increase in drug concentration. Simvastatin is administered
in the form of a lactone prodrug which undergoes hydrolysis
to form the active hydroxyl acid following administration. This
process is catalysed in vivo by cytochrome P450; analysis of
a simvastatin solution prepared in water after several days by
HPLC showed no detectable quantity of the hydroxyl acid and so
it was assumed that the extent of this conversion was negligible
over the course of the solubility experiments.

To compare the improvement in solubility across the range
of surfactants, a solubility enhancement factor, K™, was deter-
mined. Assuming micellisation can be described by a phase
separation model, this is easily achieved by fitting the solubility
data to Eq. (1) [12];

S
surf =1+ K*Csurf (1)

N water

where Sgrf is the solubility of simvastatin in a solution of sur-
factant of concentration Csyf and Swater IS the solubility of
simvastatin in water. Hence a plot of the normalised solubility
(Ssurf/Swater) Versus the molar surfactant concentration should
result in a straight line of slope K*. Since the phase separa-
tion model treats micelles and monomers as distinct phases, and
assumes a constant aggregation number, n, itis possible to obtain
the number of simvastatin molecules solubilised per surfactant
micelle if n is known, by application of Eq. (2) [12];

S

N=————n
Csurf —Ccmc

)
where N is the number of molecules of simvastatin solubilised
per surfactant micelle, cmc is the critical micellar concentration
of the surfactant and S is the slope of a plot of solubility of drug
versus surfactant concentration. This was possible only for SDS
(n=58) [13] and SDCH (n = 6) [14] because these were the only
two of the study surfactants for which values of n were available
from the literature. Knowledge of K™ allows the calculation of
the free energy of solubilisation, AsG, by [15,16];

AsG = —RT InK* ©)

where R is the universal gas constant and T is the absolute
temperature.

3. Results
3.1. Solubility enhancement of the surfactants

The values of K™ are given in Table 1. There was an improve-
ment in the solubility of the drug with all the surfactants, post
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Table 1
Solubility enhancement factors for SDS, HTAB, SDCH and Brij 35

Surfactant K" (x103M~1)
SDS 102
HTAB 89
SDCH 24
Brij 35 56
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Fig. 1. Solubility enhancement curve for simvastatin in aqueous SDS solutions.

cmc. The solubility increase was linear with surfactant concen-
tration for all the surfactants except SDS, Fig. 1 (R?, 0.9958).
The non-linearity observed for SDS suggests that as well as an
effect of increasing numbers of micelles, there are changes in
the solubilising capacity of the surfactant micelles as a function
of concentration. It has been shown that at high SDS concentra-
tions there is micelle growth [17] which may lead to changes in
the number of drug molecules that can be solubilised. Similar
effects have been noted for the solubilisation of griseofulvin in
mixed micelles of sodium cholate and phosphatidylcholine [18]
and for the solubilisation of phenobarbital in sodium paraffin sul-
fonate [19]. Hence, we note that the value of K™ given in Table 1
should be treated with caution, since the model assumed does not
strictly apply in this case. The number of drug molecules solu-
bilised per surfactant micelle was 15 for SDS and 0.4 for SDCH.
It is perhaps not so surprising that the bile salt is such a poor sol-
ubiliser; bile salt micelles are small and rigid in nature because
their hydrocarbon core is not as fluid as a simple surfactant lead-
ing to poor drug packing [20]. The AsG values, calculated by
application of Eq. (3), are presented in Table 2.

Table 2
Gibbs free energies of solubilisation for simvastatin in the four surfactants,
calculated by application of Eq. (3), and the solubility enhancement factors

Surfactant AsG (kImol~1) K" (x108M~1)
SDS —284 +£0.1 95 + 4.9
HTAB —28.2+03 88 + 10.7
SDCH —249 £ 0.2 23+11

Brij 35 —27.1 £ 0.05 56 + 1.2
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Fig. 2. Enthalpy per injection vs. concentration of SDS in the calorimetric
ampoule for dilution of SDS into water.

3.2. Interactions between simvastatin and the surfactants
by ITC

The analysis of a classical (i.e. two-state) surfactant cmc
using ITC is as follows; the concentration of the titrant solu-
tion is selected to ensure that the surfactant is above its cmc. If
the concentration of surfactant achieved in the sample ampoule
following the first injection is much lower than the cmc then
it is assumed that there is complete demicellisation of the sur-
factant and the measured power comprises components from
the enthalpy of demicellisation (AgemicH) and the enthalpy of
dilution (AgjH). This statement holds true for all successive
injections until the concentration of surfactant in the ampoule
approaches the cmc, at which point total demicellisation cannot
be assured and the measured power reduces. After the cmc has
been reached in the sample ampoule the power change per injec-
tion is constant and reflects only AgjH. Thus, a plot of power
per injection versus concentration yields an S-shaped isotherm
with plateaux before and after the cmc. The peak maximum of
the first-derivative of the isotherm gives the cmc while the differ-
ence in heat between the plateaux gives AgemicH (Which is equal
and opposite to the enthalpy of micellisation, AnicH). Further
discussions of this type of analysis, and practical examples, are
provided by Loh et al. [11].

3.2.1. Dilution of SDS into water or buffer

The integral values of each peak for the dilution of SDS solu-
tion (0.09 M) into water, normalised for the number of moles
of SDS, are plotted in Fig. 2. It is immediately apparent that
the behaviour shown does not follow the ideal case described
above, although it is easy to determine the cmc of SDS from the
peak maximum. The value returned (8.1 £ 0.2 mM) compares
very well with literature data (Table 3). The enthalpy of micelli-
sation was determined to equal 0.75 4 0.02 kJ mol 1, indicating
micellisation of SDS in water is entropically driven. Again, this
value shows reasonable agreement with literature data (Table 3).

Although not the principal aim of this work, it is interest-
ing to consider the reasons for the non-ideal behaviour of SDS.
Fig. 3 shows the same data for the dilution of SDS into pH 7.0
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Table 3
Literature values for the cmc and enthalpy of micellisation of SDS in water
AmicH (kimol~1) cmc (mM) Reference
0.75 8.1 This work
0.68 8.1 [29]
02 8.4 [24]
0.47 8.1 [45]
—0.21 8.3 [9]
—0.02 8.0 [32]
—0.4 8.1 [11]
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Fig. 3. Enthalpy per injection vs. concentration of SDS in the calorimetric
ampoule for dilution of SDS into pH 7.0 phosphate buffer.

phosphate buffer. In this case it is clear that ‘ideal’ behaviour
is observed, with a cmc of 5.24+0.1mM and an enthalpy of
micellisation of —1.1 +0.04 kJmol—1,

In order to explain these differences, it is convenient to nor-
malise the data shown in Figs. 2 and 3 relative to the initial
enthalpy change (AgH). This is analogous to plotting partial
molar enthalpies, which reflect the differences between the
observed enthalpies (AqpsH) and the enthalpy change at infi-
nite dilution (AinsH). The initial enthalpies were determined by
extrapolating the fit lines shown in Figs. 2 and 3 to zero concen-
tration with Origin (returning values of 1.09 and 2.35 kJ mol—1
for SDS dilution in water and buffer, respectively); Fig. 4 shows
plots of (AgpsH — AgH) for SDS dilution into buffer and water.

1.2 = SDS/water
» SDS/buffer
0.8 1
g 04
2
= 0.0 .
5 15 20
£ o4l [SDS]/mM
q’é’-
-0.8 4
.24 LXEPY

Fig. 4. (AowsH — AoH) vs. SDS concentration for the dilution of SDS into water
and SDS into buffer.
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Fig. 5. nHE/RT vs. n for the dilution of SDS into water.

Fig. 4 shows that mixing of SDS into buffer occurs with
approximately zero enthalpy (the first 5 data points) while the
mixing of SDS into water shows a positive deviation from ide-
ality. For a non-ideal process, the excess Gibbs free energy (GF)
is given by;

GF = HF — TsF (4)

where GE, HE and SE are defined as the difference between
the actual energy change observed (free energy, enthalpy and
entropy, respectively) and the energy change of a hypothetically
ideal solution (G'Y, H'9 and $'%) under the same conditions. Since
SE is zero it follows that GE = HE and at a given temperature and
pressure;

Gops — G'9 = GE = HE = nRT Iny, (5)

where n is the number of moles of solute and y; is the activity
coefficient (a coefficient of 1 being ideal) [21]. Hence, a plot of
nHEIRT versus n should give a straight line of slope In y;. This
plot, for SDS in water, is shown in Fig. 5; it can be seen that the
data conform well to a linear model (R? =0.98) and give a slope
0f0.026 & 0.002. This gives an activity coefficient of 1.026, very
close to the value of 1.035 reported by Meagher et al. [22], and
confirms the positive deviation from ideal behaviour noted for
dilution of SDS into water. Similar positive deviations have also
been observed by other workers for SDS into water [23,24] using
calorimetry. It follows from Eq. (5) that AopsG must be larger
than AG' and therefore the SDS monomers are less stable in
water than the corresponding ideal solution.

Although it allows quantification of the activity coefficient,
the above discussion does not explain why ideal behaviour is
observed in the buffered system. The main differences between
the buffer and water are the presence of a large number of com-
mon ions (Na*) and the fact that in the buffer the pH remains
constant. Measurements of the pHs of arange of SDS solutions in
water showed there was no concentration dependent pH change
(data not shown). The presence of the common ion is therefore
the most likely cause for the observed difference in behaviour.
The SDS molecules will dissociate to a large degree in water,
forming dodecyl sulphate ions, but to a much lesser degree in
buffer.
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Fig. 6. Enthalpy per injection vs. concentration of SDS in the calorimetric
ampoule for dilution of SDS into simvastatin solution and into water.

Mukerjee [25] stated that below the cmc, dodecyl sulphate
ions form dimers by pair interaction between the alkyl chains.
This argument was used by Birch and Hall [23] and John-
son et al. [24] to explain the positive deviation from ideality
observed for the dilution of SDS into water. The formation of
dimer pairs is also likely to be endothermic, which is tenta-
tively supported by the net positive heat change observed in the
calorimeter.

A further contribution to the observed heat change recorded
by the calorimeter will be the enthalpy of dissociation of Na*
from the SDS micelles. This value has been calculated by Ingram
and Jones [26] to be 10.5kJmol~1. Knowing the aggregation
number of SDS micelles (58) [13] and the number of SDS
molecules injected allows the contribution from this effect to
be calculated (0.3 mJ per injection or 0.2 kJ mol~—? of total SDS
injected). It appears that a combination of these two effects
causes the positive deviation from ideality observed in the water
system.

3.2.2. Dilution of SDS into a saturated simvastatin solution

Fig. 6 shows the integral values, normalised for concen-
tration, for the dilution of SDS (0.09 M) into a saturated
aqueous solution of simvastatin. Data for the dilution of
SDS into water are included in Fig. 6 for comparison. The
cmc of SDS is lowered in the presence of simvastatin to
6.3+ 0.25 mM, while the enthalpy of micellisation increased
slightly to 0.95+0.04 kJmol~—. Again, this shows that SDS
micellisation in the presence of simvastatin is entropically
driven.

The Gibbs free energy of micellisation (AnicG) for the trans-
fer of 1 mol of monomer to the micellar state for ionic surfactants
is given by [27];

AmicG = (2 — a)RT In Xcme (6)

where Xcmc IS the cmc in mole fraction units and « is
the degree of ionisation of the surfactant micelles («=0.85
for SDS) [28]. Calculating the free energies for SDS
micellisation in water and in simvastatin solution reveals
that micellisation is slightly more favourable in simvas-
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Fig. 7. Enthalpy per injection vs. concentration of HTAB in the calorimetric
ampoule for dilution of HTAB into simvastatin solution and into water.

tatin solution (AmicG=-—25.9+0.1kJ mol‘l) than in water
(AmicG=—25.2+0.1kJmol~1).

Although these values are close it is worth noting that the
concentration of simvastatin in the ampoule is very small. Based
on an aggregation number for SDS of 58 [13] it can be calculated
that there are 5 SDS micelles for every one simvastatin molecule
in the ampoule. Measurements of the solubility enhancement of
simvastatin by SDS discussed above (Section 3.1) showed that
one SDS micelle can solubilise 15 simvastatin molecules. These
data might show a more marked difference if a suspension of
simvastatin was used in the calorimetric ampoule, but this then
introduces the complexity discussed earlier. The data clearly
show, however, that there is a favourable interaction between
the drug and the surfactant.

3.2.3. Dilution of HTAB, SDCH and Brij 35 in water

The remaining surfactants exhibited ‘ideal’ behaviour in
water and were hence not studied in buffered solutions, because
this would have unnecessarily increased the complexity of the
solvent system. Fig. 7 shows the integral area per injection, nor-
malised for concentration, for the titration of HTAB (50 mM)
into water. The curve is seen to show a ‘classical’ cmc transi-
tion, the cmc itself being 0.96 + 0.05 mM. This compares well
with literature values by calorimetry of 0.96 mM [29] and sur-
face tension of 0.92 mM [30]. The enthalpy of micellisation was
found to be —8.9 4 0.5 kJmol~1, again in good agreement with
the literature values of —9.7 kJmol—! [31] and —8.2kJmol~1
[91.

Fig. 8 shows the “classical’ response obtained for the dilution
of SDCH (0.24 M) into water. The transition is much broader
than those seen for HTAB and Brij 35 (see below) and, conse-
quently, the error in the cmc determined, 7.6 & 0.3 mM, is much
greater. This value is higher than that obtained by Paula et al.
[32] of 5.5mM using calorimetry and lower than that obtained
by Roda et al. [33] of 10 mM using dye solubilisation and sur-
face tension. As mentioned above, this transition broadening
has been ascribed to pre-cmc aggregation [32]. It is known that
bile salts form primary micelles below the main cmc, composed
of between 2 and 10 monomers; as the concentration of bile
salt is increased these primary micelles coalesce to form larger



R. Patel et al. / Thermochimica Acta 456 (2007) 106-113 111

2.5 SDCH into water
Ademic H = 0.97 kJ mol™!

cmec =7.6 mM

2.04

1.5 1

H / kJ mol” of SDCH

bs

by

o
1

SDCH into simvastatin
1 AdemicH = 0.52 kJ mol™!

cmec =11.8 mM

0.5 T T T T T L T 3

0 5 10 15 20
[SDCH]/ mM

A
o

Fig. 8. Enthalpy per injection vs. concentration of SDCH in the calorimetric
ampoule for dilution of SDCH into simvastatin solution and into water.

04
1 Brij 35 into simvastatin
6 27 AgemicH = -18.3 kd mol”!
[+2] 1
= cme =0.11 mM
m -10
-
o
5 15
£
=
X
fisge -20 1" i 5
b iy Brij 35 into water
% \ i )
= Ademic H = -22.4 kJ mol
= cmc = 0.12 mM
1 r T T T T T T T T T
0.00 0.05 0.10 0.15 0.20 0.25
[Brij 35] / mM

Fig. 9. Enthalpy per injection vs. concentration of Brij 35 in the calorimetric
ampoule for dilution of Brij 35 into simvastatin solution and into water.

micelles [34,35]. It has been suggested that the term cmc should
be replaced by ‘noncritical multimer concentration’ to define the
range over which bile salt aggregation occurs [33]. The enthalpy
of micellisation was found to be —0.97 4- 0.07 kJ mol~! which
compares well with the value of Birdi [36] of —0.92 kJmol~1
but is less than that of Paula et al. [32] of —0.6 kJmol .

Fig. 9 shows the ‘classical’ response obtained for the dilu-
tion of Brij 35 (5.4 mM) into water. The cmc value obtained,
0.12 +0.007 mM, is slightly lower than that obtained by Wood-
head et al. [37] of 0.18 MM using a similar calorimetric
technique. There is, however, a range of values quoted for
the cmc of Brij 35 in the literature (Table 4). It is stated that
these discrepancies arise both from the polydisperse nature of

Table 4

Literature values for the cmc of Brij 35 in water

cme (mM) Technique Reference
0.07 Surface tension [39]
0.098 Surface tension [24]

0.1 Surface tension [46]

0.12 ITC This work
0.18 ITC [37]

Table 5
A summary of the free energies of micellisation, for all the surfactants, in water
and simvastatin solution

Surfactant ~ AmicG (kImol™1)  ApicG (kImol™t)  AyansG (kImol—1)
in simvastatin (1) in water (2)

SDS —259+0.1 —252+01 -0.7

HTAB —-319+0.2 -315+0.1 —0.6

SDCH —339+0.2 —35.7+0.1 1.8

Brij 35 —-325+0.2 —-323+0.1 -0.2

Also shown are the calculated (1-2) free energies of transfer.

the commercial surfactant and from impurities remaining after
manufacture [38]. Also, the cmc is very low which may mean
that many of the determinations were recorded at or near the
measuring limit of the instrument used. The enthalpy of micel-
lisation, 22.4 4 1.6 kJ mol—! compares favourably with those of
Becher and Trifeletti [39], 22.2 kIJmol~1, and Woodhead et al.
[37], 24.6 kJmol~2. The enthalpy of micellisation of this non-
ionic surfactant was of a much greater magnitude that those
recorded for the ionic surfactants, which were also generally
exothermic in nature. Olofsson [40] noted that for a series of
polyoxyethylene dodecyl ethers the enthalpy of micellisation
became more endothermic with an increasing number of ethy-
lene oxide groups, because the hydrophilicity of the surfactants
increases.

3.2.4. Dilution of HTAB, SDCH and Brij 35 into a
saturated simvastatin solution

Fig. 7 shows the integral values, normalised for concentra-
tion, for the dilution of HTAB (50 mM) into a saturated aqueous
solution of simvastatin. The cmc of HTAB is lowered in the
presence of simvastatin to 0.85 + 0.04 mM, while the enthalpy
of micellisation increased slightly to —9.5+ 0.1 kJmol~1. Asin
the case of SDS, the difference in enthalpy observed for titration
into water and into simvastatin solution is not large, but this may
reflect the small quantity of drug present. It is also noted that the
transition is much broader in the presence of drug. Both phase
separation and mass action models for polymer micellisation
predict a narrow micellisation transition when the aggregation
number is large. A similar phenomenon observed for SDCH was
ascribed to aggregation prior to the cmc [32] and this may also
be the case here.

The calculated free energies for HTAB micellisation in water
and in simvastatin solution (« =0.84 for HTAB) [41] are given
in Table 5.

Fig. 8 shows the integral values, normalised for concen-
tration, for the dilution of SDCH (0.24 M) into a saturated
aqueous solution of simvastatin. In contrast to the previous
surfactants, the presence of simvastatin increases the observed
cmc for SDCH to 11.8 £0.7 mM. Measurements of the free
energy of adhesion between SDCH and simvastatin in water
suggested that any interaction between the two would be only
slightly favourable (A1w2G = —1.7 mJm?) [42]. Again in con-
trast to the previous surfactants, the enthalpy of micellisation
becomes more endothermic in the presence of drug, decreas-
ing to —0.52+0.04kImol~1. The calculated free energies
for SDCH micellisation in water and in simvastatin solution
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Table 6
A summary of the micellisation enthalpies for the ionic surfactants in water and
simvastatin solution and the calculated (1-2) enthalpies of transfer

Surfactant  AmicH (kImol™1)  ApicH (kImol=1)  (1)—~(2) (kI mol~1)
in simvastatin (1) in water (2)

SDS 0.95 + 0.04 0.75 £+ 0.02 0.2

HTAB -95+01 —-89+05 —0.6

SDCH —0.52 £ 0.04 —0.97 £ 0.07 0.5

Brij 35 183 + 22 224+ 16 —4.1

(«=0.38 for SDCH) [43,44], shown in Table 5, reveals that
micellisation is slightly less favourable in simvastatin solution
than in water which is reflected in the increased cmc for this
surfactant in the drug solution.

Fig. 9 shows the integral values, normalised for concen-
tration, for the dilution of Brij 35 (5.4mM) into a saturated
aqueous solution of simvastatin. There was no difference in
the cmc of the surfactant, within error, in the presence of
drug, 0.11 4+ 0.01 mM but the enthalpy of micellisation was less
endothermic, 18.3 + 2.2 kJ mol~1. The calculated free energies
for Brij 35 micellisation in water and in simvastatin solution
(a =1 for non-ionic surfactants), Table 5, were almost identical.

3.3. Comparison of solubility enhancement and ITC data

The enthalpy data for the four surfactants are summarised
in Table 6. The micellisation enthalpy comprises contribu-
tions from a number of events; apolar interactions (surfactant
chain—surfactant chain, simvastatin—simvastatin and surfac-
tant chain-simvastatin) and polar interactions (surfactant head
group and simvastatin). The difference between ApicH in
the presence and absence of simvastatin should therefore
relate only to simvastatin—surfactant events (assuming that
simvastatin—simvastatin interactions can be ignored because of
the low concentration of drug) and can be assumed to equal the
enthalpy of transfer of simvastatin from solution into the micelle,
AyansH. These values are shown in Table 6.
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Fig. 10. A plot of the free energy of transfer of simvastatin into the surfactant
micelles vs. the solubility enhancement; the data show a linear for those systems
with a favourable free energy of transfer.

By the same argument, the difference between the free ener-
gies of micellisation in the presence and absence of surfactant
represent the free energy of transfer of simvastatin from solu-
tion into the surfactant micelle. These data are summarised in
Table 5.

Interestingly, a plot of the free energy of transfer versus the
solubility enhancement suggests a linear relationship exists for
those systems that show a favourable free energy of transfer,
Fig. 10. Although the graph contains only a limited number of
data points and further work with a wider range of ionic and
non-ionic surfactants is needed, the preliminary data presented
here suggest that measurement of the free energy of transfer of
simvastatin into a surfactant micelle may allow the prediction
of the likely solubility enhancement of that surfactant.

4. Summary

The aim of this work was to examine the potential role of
isothermal titration calorimetric data in assessing the solubil-
ity enhancement of surfactants. This was achieved by studying
the properties of a model hydrophobic drug with a small num-
ber of surfactants. Although the data set discussed is limited,
the data appear to show that there is a potential use for ITC
in this area, with a linear relationship being observed between
the free energy of transfer for the drug to the surfactant and
the solubility enhancement factor of that surfactant. This rela-
tionship is valid only when the free energy term is favourable.
Clearly, further investigation is required with a wider range of
drugs and surfactants, but this preliminary study suggests that
isothermal titration calorimetry has the potential to assess the
solubility enhancement of surfactants for poorly water soluble
drugs.
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