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INTRODUCTION

r v ious W .

The hydrophobic interaction is responsible for the self-association of
molecules in aqueous solution. (1,2) ifa molecule contains moieties which
interact favorably wnth water as well as hydrophobic regions, it is called
amphipathic (3) Molecules whnch possess a flexible hydrophobic chain
with a polar group at one end are examples of amphipaths. These may be
ionic, such as sodium dodecyl sulfate,(SDS), or hexadecyltrimethyl
ammonium bromide,(CTAB), nonionic, such as octyl glucoside or
polyoxyethylene lauryl ether, or zwitterionic, such as dodecyl N-betaine.

In low concentrations such molecules exist as monomers and
reduce the surface te;\sion of aqueoué solutions. They adsorb to an
air-water -or hydrocarbon-wéter interface in large numbers.(4) They orient
in such a manner that their hydrophobic portions escape the aqueous
environment. Any molecule which has a strong tendency to adsorb to a
surface from aqueous solution is ca.lled a surfactant. |

The aggregation of flexible chain surfactants can be detected by

3

the abrupt change in the concentration dependence of a number of physical
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properties of solution.(5,6) Such properties will be dependent upon the
concentration of monomers, aggregates, or an unequally weighted
combination of the two. (7) If a large aggregate is formed consisting of
more than about twenty monomers, the change in the solution property
will occur over a narrow range of concentrations.(6) Such aggregates are
called micelles.

Operationally, the intercept of the two linear portions of the solution
property plot is referred to as the critical micellization concentration,
abbreviated cmc. (6) Above the cmc the solution activity of monomers
increases only slightly with large increases in fotal surfactant
concentration. (1,8) Therefore, the surface tension decreases much less
rapidly above the 'cmc; this makes surface tension a useful method of cmc
detection. (5) Other methods 'used include light scattering, conductance,
equivalent conductivity, colligative properties, and the change in the
absorbance spectrum of the surfactant or an indicator molecule upon
micellization. For most surfactants, the cmes determined by different
methods agree within a few percent. (1,5)

Micelles have found use in research and industry. (9). Of particular

interest to the biophysical sciences, micelles are thermodynamically
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stable and reproducible representatives of other assemblies of lipid

molecules such as bilayers, membranes and vesicles.(10) Micelles can be
used as model systems in fundamental studies to investigate the nature of
hydrophobic forces and interactions of molecules with hydrophobically
associated systems.(1) Complex biological enzymes and membranes can be
simulated in a' simple way by micelles. The micelle can provide an
environment for some reactions leading to a catalytic change in reaction
rate.(11)

The structure of the micelle has been extensively studied. (12,13,
14,15) At concentrations near the cmc, most micelles of flexible chain
surfactants are roughly spherical (13,14). Compressibility and fluidity
measurements indicate that the aggregated hydrophobic chains are in an
environment similar to the liquid from which they were derived.(1,16)
Some evidence for restrictions of their motion has been noted, however.
(17,18) The polar or ionic headgroups remain in contact with water as
well éé, perhaps, the first one or two carbon atoms (19), making the
surface of the micelle rough. The repulsive interactions between the
headgroups, especialiy the ionic ones, contribute positively to the free

energy of micelle formation. (20) The micelle which forms at the
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cmc is nearly monodisperse since it best satisfies the competing effects \
of hydrophobic aggregation, head groub repulsion and head group
interaction with the hydrophobic core. (20) The association equilibria for
successsive monomer addition to the aggregate are codperative uptoa
small optimal region after which they become rapidly anti-cooperative.
(26) Addition of salt can reduce the headgroup repulsion of ionic
surfactants allowing larger, more polydisperse, rod-shaped micelies to
form.(20) The monomers are in dynamic equilibrium with the micelle. The
average lifetime of a micelle is on the order of 10?2 sec. (21) The rate
constant for dissociation of monomers is about 107 sec for SDS micelles.
(22) Association is nearly diffusion controlled. (22)

At concentrations above the cmc, aqueous solutions of surfactants
can dissolve most organic cdmpounds to a greater extent than can pure
water.(23,24) MéBain called this effect solubilization(23). If the amount
solubilized is small enough that micellar properties are not greatly
altered, the equilibrium solublility of a compound can be used to detect
the cmc. Dyes such as Orange OT and dimethylaminoazobenzene (DMAB)
have been used extehsively for this purpose. (25,26,27) For most '

compounds no solubilization takes place below the cmc.

B
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As seen With micellization, solubilization is a dynamic process as
solubilizates are not rigidly fixed at a particular location. (28) Solubilized
compounds have been shown to leave the micelle more than 50,000 times
per second, their mean lifetime being on the order of 1-100 microseconds.
(29) The reentry is close to diffusion controlled.(29) The. solubilizate then
has enough time to diffuse to, and to sample, different environments in the
micelle. The amount of time a solubilizate can spend in favorable locations
as opposed to unfavorable locations will be reflected in its equilibrium
uptake into a micelle. Aﬁy preferential location of a solubilizate in a
micelle will ctiepend upon its molecular structure and that of the
solubilizing surfactant. (28)

Solubilization is important to technological and research interests.
For example, an understaﬁding of the preferable locations of solubilized
molecules within micelles.provides better insight into micellar catalysis.
The partitioning of drugs and toxicants into micelles serves as a model for
their interactions with biological membranes or liposomes. In addition,
micellar solutions are widely employed as vehicles for drugs.(32) A

knowledge of the transition from micellar solubilization to

microemulsions is also of interest in oil recovery.(34) Solubilization has



6

thus been studied extensively. A review was written as early as 35 years
ago (30) and several others have followed. (24,31,23,33)

The ability of the micelle itself to solubilize molecules is referred to
as the solubilizatidn capacity of the micelle. A measure. of the
solubilization capacity is the ratio of the numbér of moles of a
solubilizate associated with a micelle (total concentration of solubilizate
- aqueous solubility) to the number of moles of aggregated surfactant in
solution (total concentration of surfactant - cmc). This ratio is usually
constant above the cmc but has been shown to increase at higher
surfactant concentrations in some systems. (23,24).

Major trends in the factors influencing solubilization in ionic
micelles have vbeen examined. Increase in chain length of the surfactant
has been shown to enhance solubilization. Klevens (30) found a general
increase in the solubilization of ethylbenzene as the chain length of
potassium carboxylates was increased from eight to sixteen. Kolthoff and
Stricks (25) studied the solubilization of water in the insoluble dye
dimethylaminoazobenzene in a series of potassium carboxylates of chain
length 12 to 18 and fouﬁd a similar increase in uptake of dye with chain

length. In general the cationic surfactants have been found to have a




greater solubilization capacity for hydrocarbons than anionics of equal

chain length. (30,35) For example, the mole ratio of micellized benzene to
micellized surfactant is 0.95 for SDS and 1.60 in dodecylpyridinium
chloride. (35) The solubilization capacity of quaternary ammonium
surfactants for Orange OT has been shown to increase as the size of the
alkyl chain attached to the nitrogen increases. (36)

The properties of the solubilizate which have been most closely
studied are the molar volume and polarity. Within a homologous series of
solubiiizates of similar chemical combosition. compounds of larger
molecular weight are solubilized to a lesser extent. (30,37,38) For
example, Stearns and coworkers (37) studied the solubilization of
n-alkanes, benzene, and n-alkylbenzenes. They found that the volumes of
these compounds solubilized by potassium laurate micelles was inversely
proportional to the molér volume of the solubilizate. For molecules of
similar molar volumes, the aromatics were found to be more soluble than
the alkanes. Klevens (38) found a decrease in the solubilization of
polycyclic aromatics as their molar volume was increased. Increased
polarity of the solubilizate has been shown to enhance its solubility in

micelles. (30,39) Thus ethers, ketones, esters, and slightly polar aromatic
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hydrocarbons asv well as molecules which are themselves amphipathic,

such as heptanol, are solubilized to a greater extent than non-polar
hydrocarbons.(23) For example heptanol is more than twice as soluble as
heptane in potassium Iaurafe.(39) A similar difference in solubilization of
octane and octanol in cety! pyridinium chloride (CPC) has been seen.(23,24)
Methyl isobutyl ketone is more than twice as soluble in CPC and more than
four times as soluble in dodecyl ammonium chloride than is ethylbenzene,
although both of these solubilizates have the same ‘molar volume. (24) As
noted above, aromatic compounds have been found to be solubilized to a
greater extent than hydrocarbons of similar size. (24,37)

Additives can also influence the solubilization of other molecules.
Electrolytes can change the size, shape and cmc of micelles. (15,27,40,41)
Tﬁe effects of e_Iectrolytes on the solubilization capacity of ionic micelles
is not well defined since it is dependent upon these complex structural
changes.(26,33) In some cases electrolytes have no effect while in other
cases an increase in solubilization capacity is seen.(23,23)

Cosolubilization of nonelectrolytes has also been examined.(30,42,43)
Medium and long chain alkanols have been the most widely examined. They

have been found to increase the micellar solubility of hydrocarbons. - -




Koltoff and Graydon (43) studied the effects of amyl alcohol and octyl

alcohol on fhe solubilization of several water insoluble compounds in
potassiumn laurate. In general the solubilization capacity increased as the
concentration of alcohol in solution increased. Solubilization of n-heptane
in potassium tetradecanoate micelles was found by Klevens (30) to
ihcrease with chain length of the alkanol from heptanol to dodecanol. Octyl
mercaptan and octylamine were found to have a greater effect than octyl
alcohol.(30) Hoskins and King have found that the solubility of ethane in
sodium dodecy! sulfate (SDS) micelles was enhanced by the presence of
pentanol.(42) |

Certainly, the solubilization of highly water insoluble molecules,
such as alkanes,(30,37), by micelles indicates that the associated
hydrophobic 'chains are reéponsible for solubilization. However, the
micelle acts a'ls‘a solvent differently than the hydrocarbon chains from
which it was derived. The partition coefficient of solubilizate between the
micelle and water at low solubilizate concentrations gives an indication
of these differences. At low concentrations the micelle structure is not
perturbed by the presence of solubilizate. An aliphatic hydrocarbbn such as

decane has a micelle/water partition coefficient in SDS of about one tenth
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the value of its hydrocérbon/water partition coefficient.(44) As will be
shown later, butanol, a polar molecule, has a micelle/water partition
coefficient iﬁ SDS about 200 times its hydrocarbon/water partition
coefficient.(45) Some major anomalies of the solubilization process are
revealed by this example. The micelle favors the more polar species by a
fador of 1000 unlike the expected behavior of a hydrocarbon. Also, the
solubilizing power of the micelle is greater than hydrocarbon in one case
and less than hydrocarbon in the other. Any solubilization theory would
need to explain both types of behavior.

The location of the solubilizate in the micelle is of fundamental
interest. It determines the amount of contact the solubilizate has with the
aqueous phase and with compounds, such as ions, located only in the
aqueous phase. Many investigators have attempted to define the location of
molecules solubilized by micelles. A number of techniques have been
employed including UV spectroscopy (46-52), NMR (53,54), ultrasonic
Spectroscopy (55), and fluorescence (56). In an attempt to quantitatively
- describe the environment of solubilized molecules, Cardinal and Mukerjee
(49) identified some UV spectral parameters sensitive to solvent polarity.

The polarity was measured by the dielectric constant. A parameter,H, was
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defined as the volume concentration of -OH dipoles in a solvent relative to
that in water (55.4 mol/l). It was found to be related to the dielectric
constant and could also provide a solvent polarity parameter (5‘)). Micellar
solutions of benzene, p-alkylbenzenes and naphthalene were studied. The
effective dielectric constant of benzene in SDS and CTAB micelles was
found to be similar to a fifty percent ethanoVwa'ter mixture (H = 0.65).

In the case of the alkylbenzenes the estimated average polarity of the
microenvironments decreased in a gradual manner with increasing alkyl
substitutions. This was inconsistent with a single homogenous
environment for solubilizates be it polar or non-polar. The solubilizate
molecules were thus shown to be sampling more than one environment in
the micelle. This led Mukerjee and Cardinal (50) to suggest a two-state
model for micellar solubilization. Solubilizate molecules were considered
to be distﬁbutéd between the hydrophobic core, a "dissolved state”, and
the micelle/water interface, an "adsorbed” state. Thé amount adsorbed to
the micelle/water interface was related to the tendency of a molecule to
decrease the interfacial tension between the micelle and water. Since the
"adsorbed" and "dissolved" states are in equilibrium, the amount at the

interface was controlled by the amount in the hydrophobic core. Since the
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micelle has such a; large surface area relative to its volume, the total i ~
amount of solubilizate adsorbed could be extensive even for slightly
interfacially active molecules.

These workers also presented an analysis of previous work of
Rehfeld (58) on the interfacial tensions of aliphatic hydrocarbons and
benzene against aqueous solutions of SDS. The interfacial tension for
benzene paralleled in a rough manner that of the alkane systems as the
SDS concentration was increased. The difference in interfacial tension
was found to be nearly constant over the region 88.8-66.4 A2 pe; adsorbed
SDS molecule. In the micelle the surface area of adsorbed SDS molecule is
about 69 A? per molecule. This behavior suggested tﬁat the presence of
SDS would not abolish the interfacial activity of benzene dissolved in
hydrocarbons against an aqueous solution. Therefore, the interfacial
activities of benzene and other solubilizates have been estirﬁated from
interfacial tension measurements on systems without surfactants. (50,59)

The two-state model suggests that alkylbenzenes are adsorbed at the
micellar interface to a lesser degree. Increasing the size of the alkyl

substituent decreases the interfacial tension against water, and decreases

its interfacial activity. Alkylbenzenes would thus be expected to
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experience a more hydrophobic average environment and this was seen
experimentally. (50) The model is also consistent with some experimental
observations which suggest that as concentration of solubilizate in the
micelle increases the fraction of solubilizate in the core of the micelle
relative to that at the surface would increase. (23,53,60,61)

Mukerjee introduced the concept of micellar Laplace pressure in a
discussion of odd-even chain length effects on micellization.(18) This
pressure arises from the curved interface of the micelle. Laplace presure
opposes the entry of molecules into the micelle. As a pV work term in the
chemical potential of the solubilizate, this effect increases with the
molar volume of the solubilizate. Mukerjee has addressed the role of
micellar Laplace pressure on solubilization in reviews of the subject.
(23,62) He analyzed the data of Nakagawa and Tori (63) on the
solubilization of p-octane, p-decane and p-dodecane in decyl
polyoxyetheylene decyl ether micelles. (23) A Laplace pressure of about
299 atm. was consistent with an interfacial tension for the micelle of
reasonable order of magnitude. Also, the available data of Wishnia (64) on
the solubility of four Hydrocarbon gases at one atm. pressure in SDS

micelles in 0.1 NaCl were analyzed by Mukerjee. The free energies of



14

transfer of these gases from liquid hydrocarbons to SDS micélles agreed
with values calculated on the basis of a Laplace pressure of 296 atm.
More recently, Pyter, Ramachandran and Mukerjee (52) have
extended the two-state model to the nitroxides 2,2,6,6,- tetramethyl
piperidinyl-l-oxy (TEMPO) and 4-0x0-2,2,6,6,- tetramethylpiperidinyl-
i-oxy (OTEMPO). They determined the micelle-water partition coefficients
in several surfactant systems. The patrtition coefficients between
dodecane and water and interfacial activities at the dodecane-water
interface were also measured. These workers took account of the Laplace
pressure effect on the partitioning of these solubilizates into micelles. -
- They estimated the value of the Laplace pressure using interfacial
tensions of SDS at alkane/water interfaces and the micellar radius. The
dodecane-water partition coefficients corrected for the Laplace p.ressure
effect gave an estimate of the partitioning into the micellar core from
water. The experimental micelle-water partition coefficients were found
to be 71 times higher for TEMPO and 1600 times higher for OTEMPOQ. On the
basis of the two-state model, these values are the ratio of nitroxide
adsorbed at the micelle-water interface to that in the core. From the

interfacial adsorptions to the dodecane-water interface this ratio was
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estimated to be about 400 for TEMPO and 5300 for OTEMPO. These large
adsorbed/dissolved ratios from both methods indicated the dominant role
of the micelle - wafer interface for these molecules. For the highly polar
nitroxide groups specific head group effects may be influéntial in their
surface activities. From the results cited above for two methods of
estimating the adsorbed/dissolved ratio, the adsorption to a
dodecane-water interface gave values 5.6 times higher in the case of
TEMPO and 33 times higher for OTEMPO than the comparison of partitioning
between the micelle and water and hydrocarbon and water. An
understanding of the reason for these differences is one of the major
objectives of this research.

Recently, BIétt, Sawyer and Ghiggino (65) found evidence for the
existence of two states for solubilized methyl-8-anthroate. The
fluorescence decay patterns of this compound in SDS micelles could not be
adequately described by a single exponential decay function. A double
exponential decay was needed. The longer lifetime was associated with
the non-polar, hydrocarbon environment. The shorter lifetime gavé
evidence of a polar environment similar to méthanol. Quenching

r

experiments also suggested the occupation of two states by this
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solubilizate in SDS. In CTAB micelles similar experiments could be
interpreted with only one state, the surface region of the micelle.
Differences between quaternary ammonium cationic micelles and anionic
micelles with respect to the fraction of solubilization in the surface state S
will be addressed in this work.
B. Scope and Aim

The ultimate goal behind this work was the understanding of the
nature of the interaction of nonelectrolytes with surfactant micelles and ’
other lipid assemblies in aqueous solution. This involves the solubilizate
location in the micelle, distribution between the‘micelle and water, |
uptake into the micelle, and orientation at the micelle-water interface,
when located in that regionf Two concepts pertinent to micellar
solubilization have recently been introduced in 'dw literature.The presence
of a high Laplace pressure in the micelle was examined.(18,52) Laplace
pressure values for several surfactants determined from literature data
on gas solubilities in micelles have been compared with calculations based
upon a fluid model of the micelle. (18,23) The two-state distributipn of

solubilizate between the hydrophobic core and the micelle/water interface

for interfacially active compounds was investigated.(50,52) The present
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work was an investigation of the usefulness of these oonbepts asa
framework for a general theory of solubilization. Through the analysis of
several systems another important feature has been illuminated. The
solubilizate must compete for the micelle/water interface with the polar .
groups of the aggregated surfactant monomers. A new thermodynamic
approach has been developed which provides a suitable correction of
hydrocarbon/water interfacial activity data to account for the presence of
the polar groups. The two-state model has been tested, with encouraging
results, against recent literature data of micelle/water partition
coefficients, including some systems where 99.9% of the molecules are at
the interface.

Solubilization studies performed in this work have centered on'the
aromatic compounds benzéne, n-alkyl benzen.es and polycyclic aromatics.
These oompdu.ﬁds are simple molecules facilitating data interpretation in
terms of theory. Also they are‘of biological importance as potential
carcinogens.(66) Interactions between micelles and these solubilizates
provides an indication of the nature of their interaction with all lipid
assemblies including physiological membranes. In this work solulbilization

in both hydrocarbon and perfluorocarbon surfactant micellés has been
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studied to test the qualitative conclusions of the solubilization model in ’
two different types of surfactant micelles.

We have successfully investigated and validated a new method for the
determination of the solubilization capacity of micelles. Through the use
of porous membranes, the liquid or solid pure solubilizate phase was kept
separafe from the sampled solution while equilibration took place in
dialysis cells. The microenvironmental polarity of solubilized aromatics in
trace concentrations has béen studied by UV spectroscopy.(49,50) Such
studies in perfluorocarbon surfactants required a new method of data
analysis. The effects of additives, which themselves interact with the
micelle, on the microenvironmental polarity of solubilized benzene and
p-xylene has also been examined.

Results of solubilizafiori capacity studies and microenvironmental
polarity studies are analyzed in terms of the solubilization model under
investigation. Effects of micellar Laplace pressures and interfacial
tension as well as the interfacial activity, the hydrocarbon/water
partitioning, and the moiar volume of the solubilizate are examined.
Consistency between the thermodynamic model and spectroséopic findings

lends strong support to the present analysis.

-
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Phenomena related to éolubilization have also been studied and
analyzed to reveal significant findings. The most fundamental interaction
involved in solubilization is the interaction between the hydrophobic
chains of the micelle and the solubilizate. Partitioning studies of
aromatics between hydrocarbon or perfluorocarbon organic phases and
water were performed. Comparison of activity coefficients determined
from liquid/liquid partitibning and from literature data on vapor pressure
studies in the absence of water indicated the insignificant role of water
on the activity of benzene in decane.

Interfacial activities of solubilizates determine their ability to

adsorb to the micelle-water interface. The hydrocarbon of perfluorocarbon
- water interfaces have been used as a model for the micelle-water
interface. Interfacial activity was measured by the change in interfacial
tension upon éddition of solubilizate. Therefore, interfacial tensions of
aromatic + alkane mixtures have been measured. Further understanding of
the interactions occurring across interfaces has been gained by analysis of
these data on the basis of thermodynamic theories of interfaces.
Measurements of surface tensions of these mixtures against air Have been

used along with thermodynamic models to investigate the perturbing
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effects of Qvafar 6n thé. iﬁterac:ions occurring at an‘ .int.erface. The réiation '
of interfacial nactivity 1o the extent of aromaticity has also been
axamined. Actiﬂ:ity coefficients at the éir—liquid ahd water-liguid
interfaces hﬁve Seeﬁ éstimated on..tihe basis of ex{:erirhent .and thIBOi’Y.. The
work of adhesion was also determined fof these ﬁixmres and analyzed in
terms of interactions océurring B0T0SS interfaces.. - o

The UV spectrum of perﬂuo.rocarb.oxylic acids.and their salts has been
examined and expioited to provide information on.twd interesting and
important physicai prcpérties of theéé types of molecules. 'f’he acid
dissociation constants of the moderately strong acidé perfluorcacetic acid
and perfluorobutyric acid have beén deterrnined from UV spectral changes
oceurring upoﬁ increasing acid co.ncehtration. The critiéat micelis
ooncentratioﬁs of perfiuorooctanocte salts have been evaluated from

changes in their UV spsactrum upon micetflization.

4
!
1
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. EXPERMENTAL -

A MATERIALS

Benzene, toluene, and g;decane {Aldrich, 89+% Gold Lébei} :Were passed
through Florisii™ {activated Magnesium Silicate, J.T. Baker} to adsorb
contaminants prior to.use in experiments.(67) . |

Ethylbenzene (Aldrich 99%) was distiled and then passed through |
Florigiime 'when used for partition studies. Ethyibenzena (Aldrich 99%) was
distifled for solubilization studies.

n-Butyl benzens was obtained f.r‘c.)m Aldrich (99%} and passed through a
Florisi™ golumn prior.to use. |

Naphthalene (Aldrich, Scintillation Grade, 99+%, Gold Lébef) was
dissoived in n-decane. {Aldrich, 99%, Gold Label) and passed through
Florisil™ twice. No significant chahge__\in interfacial tension was noted
~ between the first and second treatments, and the the moie fraction of
naphthalens in the ﬁnal Florisil ™ treated solution was shown to be within
2% of the ariginal by spe.c.troscopic determinations. This solution was
diluted by weighf. For sdiubiliza{tion experiments the abave material was

used as received.
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g-Di-;éﬂ~Butyibenzehe {Aidrich, 98%) was recrystailized from methanol
(68) and then dissolved in n—deéane {Aldrich, (98+%).and passéd through
Florisii™ before use. Tha final concéntration of p-di-tert butylbenzene was.
within 2%. of the starting concentration, |

Phenanthrane (Alcrich, 984+%) was purifid by dilution in decane and
passaged through Florisii™ twice befére uée for interfacial tension
experiments. The final cbncentration was within 5% of the originai by
spectroscopic determination. |

Pyrene {Aldrich, 99+%) was dissolved in n-decane and passed through

Florisii™ twice before use. The UV spectrum was indistinguishable from

that of a sample which had been recrystallized twice from ethanot with

addition of decolorizing charcoal. The final concentration was within 1% of .

the starting concentratlon
1-Dodecene {Aldrich, 95%) was vacuum distilied (b.p. 93.5°C) and then .- |
passed through Florisii™ before use for interfacial tension or surface
tension measuremants N . _
Crange OT (-0 -tolylazo-z-naphthoi) was synthesuzed by R. Cataldi of
this laboratory. it had been recrystallized once from an acetone/water -

mixture and three times from ethanol (M. Murata, 1977). Some of this
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concentratron Also the BDH product (99.25% Cy, sulfate) was used as

23
material was also recrystaihzed from etha.nol by this worker. The two |
recrystaliized batches gave interfaciai tensions in agresment,

Parﬂuorohexane (PCF!) was passed through Flortsifm prior to use.
Sodium dodecyi sulfate (BDH) was recrystailszed twice from an |
ethanol-water (1:]) maxtura and from water, Foliowmg one extraction from .= . . r

athyl ether, the surface tension of this material showed no minimum with

received except for drymg over calczum sulfate. It gave a mm;mum in
surface tension of 1 dyne/cm and was used for some solubilization studies.
H gave soiubthzatfon capacity vatues aqua! to the pure compound within
experimental error. This product was exiracted with ethyl ether six times
and recrystélﬁzed from wéiar five times. This material was also used for
solubilization studieé once it was found to be equivalent to the pure
tompound with respect o solubilization of benzenae.

Perfluorooctanic acid (PCR,inc.} was used as recefved, after drying under
vacuum. Sodium perfiuoreoctanaic acid was recrystaliized from a basic (pH

.7} aqueous solution of perfluorooctanic acid and sodium hydroxide. o _

Pravious data from this laboratory have shown that this prod'uct does not -

exhibit a minimum in surface tension with respect to compasition.(68)



Sodium hydroxide was taken from a saturated solution. -

HCI used waé electronic. grade (Hi-pure chem). For HCi concéntrations
less than SM; the HC! was distitled from an az.eotropic mixture with water..
Triﬂuoroacetic. acid.and heptafluorobutyric acid were dist%lled before
uss. Due to the hygroscoprc:ty of these compounds, agueous stock solutlbns
prepared after d;stﬂlauon were trtrated against standard sodzum
hydromda. | | - |

NaCl (MCB) \&as prebipitated from water by introduct.ion of acetons or
methanol, After filtration and partrai drymg, it ﬁas drie;i completely by .
roasnng = |

Tezraethyiafnmontuﬁﬁ hydrdxfde 20% solution {Aldrich) was uséd as - .'
received, L .' | |

Distilled detomzed water ﬁas again dtstlﬂéd from alkaline potassium
permanganate priar to use.

n-Heptane (Akdach Gold Label, 99+%, Spectrophotometrlc Grade) was
used as recewed

Ethanol {Midwest Sorvent Company of lihno:s} was used as raceived.

Metharoi { Fsher ACS or Maflmckrodt absolute acetone free) was used

as received,
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85% ethanol (Hydrite Chemiéa& Co.) was used aé feceived
p-xylene (Aldrich Chemicai Co.) was redustn[led prlor {0 use.
1-Hexanol (Aldrzch Gold Label 99+%) was used as recewed
Tetrabutylammon:um bromtde {(Aldrich 99%) was used as received,
Zwittergent™ 3-12 (N-dodecyi N, N-dtmethyi 3~ammomo-1-propane

suifonate) (Calbrochem 89%) was dned pnor to use.

Surface and mterfaczal tensmn measurements were performed using a |
drop volume apparatus which had been desrgned in thls laboratory (70}, An
Alga™ syringe with a tip ground so as to produce a flat unbeveled surface
was connected 0 a micrometer ;nd fitted to a thermostatied co.ntainer.

This apparatu§ allowed for measurement of interfacial tensions by the
faliing drop or rising drop_\_methods...
" o
a. Solids: A spectrum equmbnum daalyszs unit was used for the

determination of the so!ubzlnties of sohds This unit cons:sted of five

Teflon™ dialysis ceils, each with a total half cell volume of 1.36 mi and a
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marﬁbrana surface area of 4.5 cm?. The ﬁeﬂs were mounted onfo a holder
and connectedto a rﬁotor which provided continuous rotation of the unit.
Polycarbonate membranes (Nuéleoporem) with a 500A pore size. were used
in these studies. | | | | . | | ”
b. Liquids: Sta.inless steel dialysis cells were construded éfter it was
realized that the aromatic liquids studied hers were sorbad fo the Teftonm. _ h
of the above apparatus.(70,72) The stain!es§ stéei cells also had a ﬁétél v |
haif celt vdlﬁme of 1.36 m| and a membrane surface area of 4.5 cm?.
Regenerated celiufose membranes (Spectrum™ #2), precut in the form .of
discs, and v;vith a rﬁolecular weight cut.off of 12000-14000, wére _ .. |
employed. |
r Transt
Two devi_ces were constructed for the measurement of solubility by

transfer through the vapor phase. The first was a 50ml ground glass
stoppered Erylenmeyer flask to which a side arm was added for introducing
and sampling by syringe. A tight fitting Teflon™ stopper was fashioned to

_‘ tlose 't.hé side arm. The volatile liquid was placed in a small test tube

which fit within the flask. The agueous sciution was placed on the bottom

ar

of the flask. The flask was piaced in a temperature-controlied water bath
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covéred bya ;:ork which allowed thé air above the watér ) aﬁaiﬁ thé 5ame :
temperafura as tﬁe bath. The whole system was placed on a ﬁagnetic sﬁr
plate so that the aqﬁéous solution t_:ould be agifated. The flask method was
shown to be ﬂseful in studies against the dialysis method.

Some design improvemenis were implemented to femove the nesed fora .
moveable test tube, the need for grease on the stoppef, and o él!ow for thé
sampling of more than on.e solution. An all glass (Pyrex) six-port dialysis
vapor lraﬂsfér appératus vﬁaé constructed. Six fest tubés were connected
viaa commoﬁ manifold above them. On the top side of .the manifoid, ahove
each tube, were glass capiliaries through which samples were delivered
and removed via syringe. Capped Teflon™ sleeves were constructed to fit . |
tightly over the capillaries for stoppefing. No weight loss was detected 48 _
hours after 9.1 grafns of water and bénzene were introduced o the
apparatus. For solubility studies the cell was placed in 2 water bath and
shaken horizontally on a moveabie platform. |

4. Spectrophotometers

The Varian 2200 UV-Vis spectophotometer wasl used for éll studiés
uniess otherwise indicate&. The Perkin Elmer 552 was used for some

readings in solubilization capacity experiments. The Cary 14 recording

D 6m;\,m=,%; T T
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spectrop.hc.:ttometer and Cary 18 fixed wavelength spectrophotometer were
used for partitioning studies of aromatics between decane and water. All
spedtrophotometers were equip'pad with units o regulate the celi
comparment tempe:;ature to within + 0.1°C. Capped ceils were used for al

studies.

ial ] I
Surface tension and interfacial tension measurements were
performad u#irﬁg the drop volume technigue. An Agia ™ syringe with a tip
ground s0 as to produce a flat unbevelled surface \has bonnected tﬁ a |
micrometer and fitted 10 a thermostatted container. This apparatus (70)
allowed for tﬁe measurement of interfacial tensions by the falliﬁg drop dr
rising drop methods. The sarface or inteﬁaciélltension. ¥, is faiated tothe

drop volume,V, by equation (2.1}

hw.-{j - o @.1)

where Ap is the difference between the densities of the two phases
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studied,

g is the acceleration due to gravity, .-

ris the rédius of the s.yringa tip, and,

f is a function of r aﬁd v 3 and correcis for the deviation from
sphaericity of the drop fbrmed on the syringe tip.

The functaon fwas interpolated from the tables of Lando and Oakiey, {73).
The radius of the syringe tip was determined using lsterature values for the
surface tensions of water and decane in equation (2.1). Each value of
surface tension reported lS a mean of ten drops. Each vaiue of interfacial
tension reporied is a mean of at jeast two drops. Phases were
preaquitibrated for at least one day prior to reading the interfacial
tensions. |

Based on repeat fneééﬁre:ﬁents {aken durihg the same e#ﬁeriment and in
ditferent experiments, thé surface and interfacial tensioné were found to
be generally reproduc:ble to within 0.1 dyne/cm.

Denszty was measured using one ml or two ml capiliary pycnometers.

The method descnbed by Bauer and Levin (74) was employed The

pycnometers were filled at room temperature covered and allowed 1o

equilibrate in a 25°C water bath. After about IS minutes in the bath, they
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were removed ahd the capiltaries inserted. They were returned to the bath
fora few more minutes .and theh dried and weighed. The pycnometers were
calibrated with double-distilled water.

lubili inati . . _

a. Solids: The solid was placed oh one si.de. of a 500A diametér pore size
pclycarbonéte membréﬁe fn a Teflon™ dialysis cell. Using a syringe the
surfactant solution was piadéd on each side of the membrane. The cells -
were placed in a holder and conﬁécted to a mator which provided constant
rotation. The celis Were p.laced ina thermostatted waterbath and sampled
from the bath . _. e . . | |

b. L._q;,l_dib_y_d_axsj_s Stainiess steel chalysss celis were constructed for
measurement of the solubilization of the liquid aromatics in aqueous
surfactant solutioﬁs .Ce.!.i.utose fnembraries with a molecuiar .weight cﬁt off
of 12000-14000 were employed The membranes were freated 1o remove
sulfur and heavy me!a[s and allowed to soak overmght prior to use. The
organic hqusd prewously saturated w;th water, was placed on one side of
the membrane and an aqueous sur?actant solution placed on the other side,

The calls were filled so that ne part of the membrane could dry out. The

| celis were placed in a water bath until the time of sampling.
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In order to estimate_the; armount of time nécessary tb achieve satyration, .
the rate of transfer was determined by measuring the amount of
solubilization in thé. aqueous phase as a function of time. Fick's taw for the
fransport through_water-fitled porous membranes in which no micelles are

present and into a miceilar solution gives:

dCr . DA (C4-Cp - ' 2.2)
d Vi o -

where Cy is the total concentration of solubilizate in solution attime t,
Cq is the free (non-micellized) solubilizate in solution at time t,
Cs, is the solubility of the solubilizate in water, {the continucus
phase), .. -'
D is the diffusion coefficient of the solubilizate in water,
A is the area available for transport, -
V is the voiume of aqueous solution, and
|is the thickness of the membrane, -~ -~
Assuming that the ratio of solubilizate in the micelle to that in free

solution is gonstant up o saturation, integration yields - .




— g

32

%,ﬂ;ﬁlﬂﬂﬂ:&l S (2.3)
1 - | | .

where, K. j icalii § 1¥5¢
moias of free solute/ solution

and..x.is the degree of uoder saturation, (Cg-C)/Cg . | . | S |

For. an-y gwen so!ubmzate and membrane m, the value on the right hand
side of equatlon (2. 3) is a constant. Its value can be determined from
gvaiuation of the ome o achreve a oertam degree of saturatzon It cannor

be predrcted smce drrfuswmes through poreus membranes and effecove A
and | parameters are not known precrsely The value of DANI for benzene
was 1.4h", The value of K was estimated from saturation studles by th:s

or other methods Usmg this constant the time required to reach an
appropriate ciegree of saturatlon was esttmated The ionetrcs mdrcated that
one day was requzred to achleeve 99.9% saturatron for benzene in 0.1M SDS
soiutions. Therefore these samples were altowed o equmbrare for at

ieast 48 hours, The time of eqorlzbraoon for other Irqurds was determmed
bythesri(values o o . |

c. mo_u,ags_e,: methods have been oompleteiy desonbed by way of the

u

description of the devrces in the apparatus sectron
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d. Analysis: The samples were anaiyzed by removal of a portion of the

aguecus solution with a syringe. This poriion was placed into a mixture of

water and 85% ethanol (1:4} containing an additional amount of 95% eth_artol
equal to foqr times the véiume of the équeous sarnple, in this way, the final
solutionwas a 1:4 volwo.l mixture of water and 95% ethanol. A 1:4 mixture

of water and 95% ethano! wés usedasa re?araﬁce.

For the volatile compounds studied in this work such as benzene, toluene,
and naphthaténa special care was necessary to avoid loss due to evapor-
ation from- saturated agueous so!utior;‘ For exarﬁﬁle. at 20°C benzéne has én
Ostwaid adsorption coefficierit of 5.1 betweén saturdted aqﬁebus solﬁtion |
and vapor.(90) Thié means thét af equilibrium about 20% of the benzene in

the aqueous phase will escape intolan equal volume of air. Contact with air
| Qvas minimized-ihrough the use of sy_riﬁges. The use of this alcohol/water
mixture reduced the vapor pfessure of thesé compounds in soiution. Evenin
this mixture, transfer o tﬁe spectrophotometric cell by Imeanslof atidmi
gas-tight syringe impfovad precision cdﬁsiderabiy.c"- R |

Sodium dodecy! sulfate and NaCi .did not absorb in the UV or Qisible

regions of interest. Sodiuni perfluorooctanote did absorb in the UV and &

correction of approximately 2% was taken for its influence. All dilutions .
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were made 5)' weight. Since the finai dilution was a diIuﬁe s:b!ution of
surfactant and solubiiizate ih the 1:4 water:95% ethanol mixture, the
density of the pure mixture was used o convert weight to volume needed
for use in Beer's Law calibration. For SDS the error of using the pure. o
solution density was 0.2%, an c;rdar of magnitude lower than the overall .
grror. For- SPFO thé apparent molar volume of the surfactant in the ethanok:’
water mixture waé used to calc.utate tﬁe ﬁnéi volume. | |

Jti ffigi e i
The partition coefficients of benzene, toluene and ethylbenzene :
between decane and water across the entire composatlon range were -
determined. Water decane, and the aromatic compound were weighed‘ into

the spectrophometric cel and the cen was capped tightly with a Teflon™

stopper. Typically, the cell was then inverted 100 times and piaced into a

themostatted bath so that only the stopper was exposed. After about four

hours the ce!l was again mverted i00 t:mes Twenty-four hours after the
start of the expanment the aqueous phase of the sample was read in tha :
Cary Modei 14 or Cary Model 16 spac:rophotometer agasnst a water blank. in

this way the sample was not exposed to air so that no toss of volatlte

aromatics occurrad. The interface between organic and aqueous phases was
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kept well above the light path of the spectrophotofneter. Diiutions for
Beér‘s Law calibrations were made by addition of the aromatic compound 1o
a known large voiume of water {250-500mf) via a calibrated syringe. The
solutions were removed via syrmge and placed intoa spectrophotomatnc
cell which was rapidly stoppered. -~ . R R

Singe perfluorohcxane is more dense than water, the partitioning of
benzene between these liguids cculd not be measured by the above method.
The liquids “lere Welghed lntc capced culture tubes and shaken or vortexed,
They were tllen allowcd to separate.in a'water. hath. The agueous phase. was.
sampled by syringe and placed into a 1/4 viv 95% ethanoi/water mixture

and measured on the Vanan 2200 spectrophctometer as described in the

preceding section. -

To surfactant solutron or solvent in a spectrophotometric cell was

introduced a pl quant:ty of test sclubthzate The absorbance in the region
of interest was between 0.4 and 1.2.The cells were placed in the
thermostatied cell compartments of the Vanan 2200 The surfactant

solution was used as the blank. A spectral band wzdth of 0.2 nm was used in

all cases except in SPFQ wherc 0.1 nm was employed.
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Experiments performed in cottabdration with Dr. R. Sharma and Mr. C.
Chan,

A stock solution of the perﬂuorooctanoate salt of intérest was
diluted by ﬁveighf with water. The samples were read in the Varian 2200 _

containing a thermastatted celi compartment. The absorbance of the

perfluorinated salt was read at 205 nm.

Experiments perforr;mad in col!abbration with Dr. R. Sharma and Mr. C Chan.
Solutions of perfiucrocarboxylic acids in various concentrations of HCI

were prepared by dilution of étock solutions. Samples were read bn the

Varian 2200 at 25°C. An HC] solution of the same concentration was uséd

as the reference. . -
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PARTITIO!'\!!NG ?OF AROMATIC COMPOUNDS BETWEEN ORGANIC
_ LIQUIDS AND WATER B

A complete underetending of the solubii.ization p;rocess at a fundamentat
level reguires a knowledge of the interactions between the solubilizate and
the hydrophobic chains of the micelle. A thermodynamic measure of this

L

interaction is the activity coefficient. Mixtures of solubilizates with - -

n-alkanes provide a good model for determining the interactions betwesn

the solubilizate and the hydrophobic chain of the micelle. Activity .

coefficients over the entire composition range are reeuired, since the

interactions between the so!ubilizate and.the chains are a function of the

solubilizate composition in tﬁe micelle, | |
Experimental determination of activity coefficients is reqmred since nol e

predictive theory exists for the aromatic + alkane mixtures of mterest

here. (76) Vapor pressure measurements of such mixiures have been used by

other workers to determ'i.ne ectivity coefficients over the entire range of o

compositions (76-80). in the method used by these workers the total vapor o

b pressure of the aromatic + alkane mixture was measured. The results are

fitted to & polynemaal 10 extract actiwty coeffzcaents {81 These results
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may not be trustwoffhy for dlilute solutions sfince polynomial fits are
known to produce serigus errors in extrépoiazion.

in the present study activity coefficients were determined from
measurements of partmon coefficients betwen alkane + aromatic mixtures
and water. Unlike the total vapor pressure method, this procedure provides
a diract measurefnen_t_ of the amount of aromatic in each phase of the
system. Moreerr, the pre.senoe' of the adueous phase in the partitioning
mathod provides a.closer.mod.ei to th‘e micellar system. Since micel!és
exist in an agueous medium, solubiiizates dissoived in micelies are in
distribution equilibrium with .the aqueoué phase, Intefactions bf watef :
with the solubiiszate may influence its interactions with and partmonmg
into the orgamc or micellar phase In the case of aromatics such effects
may result in the formation of self-associated dimers (82} or hydrated
forms arising from hydrogen bond interactions between aromahcs and
water.(83-86) Comparison of activity coefficients from partitioning data
with those from 1i§uid~vapof data can indicate ény significant effects of
water. The pértition values ére themsélves .usefut nﬁmbers. They provide a
basis of interaction betwean solubilizate, alkﬂ chain, and wate? upon | _

which a mode! for micellar solubilization will be built, -

I i ST TR T R T e W



39

The ;ﬁresent study is. an i.nvestigati.on of the' partition coefficients
between water and thé o.nganic phaseﬂfﬁr the mixtures decane + benzens,
+ toluane, + ethylbenzens, and perfluorohexahe + benzene , The
decaneg-water partition coefficients were mé;sured acroés the entire |
composition range, The perflucrohexane-water partitio.n coefficient for. )

benzene was measured at one concentration.

A new maethod which prévanted evaporation loss of the aromatics was
used for the deﬁaﬁa—ﬁater measufements. This was discussed in .deta.i! in
the experimental sectio.n. Brieﬂjr, ..tha organic iiqﬁids and wafer wéfe
weighed into a spectrophotometric cell. The two-phasé system was shaken
and allowed to separate. The cell wa$ thén .trar.usferred to the. o
spectrophotometer for meas.urement of the agueous phase doncantration; :

I. =

The distribﬁtidﬁ coefficients for the afomatic bcmponent of the binary |

mixtures of decané -.r.benzene, + fovluene, and + ethyl bénzene are listed in

Tables 3.1-3.3, and plotted against the mole fraction of aromatic in the

organic phase in Figures 3.1-3.3. The values for the moie fraction of

aromatic in sach phase are given as wel! as the distribution coefficient -
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Distribution Coeﬁicients'for Benzene Between p-Decane and
. Benzene Binary Mixtures and Water at 25°C

xOrganic phase . . . ’04 xaqueous phasa ) _. ) B }0.3 xolxa -.

01478 - .. 0880 .. . A72

o242 . i@ e

05156 . 267 . . 193

07025 . 3% ... 212

00 . 432(412 etevas) . 231
| @14retse)

X » mole fraction benzene . -




Figure 3.1 . Partition Coefficients, Xomani phase/®aqueous phaser OF .
- benzens in binary mixture with decane plotted as a
* function of the mole fraction of benzene inthe

' orgamc hquad
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Distribution Coefficients for Toluene Between n-Decane and
... Toluens Binary Mixtures and Water at 25°C -

xorganlcph#sé ) L 108 Xaqueous phase S O W) &

01530 . 287 0 45
0278 . . 407 . 87
04788 . . o €89 - 725
1000 . T 12,29 (10.49ref8788) . 813
; e - (1210 ref.80) . . : :
' {12.28 ret89)

X = moie fraction foiuene
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Figure 3.2  Partition Coefficients, xcménb phase/Xaqueous phaser .
* toluene in binary mixture with decane piottedasa . .-
" function of the mole fraction of toluene in the organic

L liquid.

84—
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Distribution Coefficients for Ethylbenzene Between p-Decaneand =
Ethylbenzene Binary Mixtures and Water at 25°C -

X organic phase . o 105X aqueous phase . 10'4)(0! Xa

0.2524 W2 . 226
os033 234 ae3
07890 288 e

x = mole fraction ethylbenzene =~
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Figure 3.3  Partition Coefficients, xo,ga,,b.phase/xaqgms pha#e' for .
~ ethylbenzene in binary mixture with decane plotted

- as a function of the mole fractaon of ethyibenzene in

) - theorgamchquzd _ o
a0 — e I.l_._..
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Xorganic phase /X agueous phase: AS €Xpected the distribution coefficient

increases as the amount of aromatic in the organic phase ihcreases Based
upon deviations from smooth curves, the distribution coefﬁcrents are
refiable to  2%.

The .vafueé for the aromatic in the aqueous phase at saturation are
compared with literature values. For benzene the present va!ue, 4.32 x104
mole fractlon is 5% higher than an average from a compilation of
literature values used by Abraham (87) and Mackay and Shiu.(88) The value
is aiso 6% higher than that which was obtamed by the dialysis and vapor
transfer measuremen!s to be descnbed in Chapter 6. The deviation is

fikely dus to the high absorbance valus, 2.6, for this sample. Moreover the

instrument had niot been caiibrated in this region. Due to the uncertainty of '

this vatus, the average literature vatué 4.12 x104 was used in . '
calculation of the activity coefficient. | | {
In the case of tofﬁéné, a mole fraction value, 12.28 x104 wﬁich is9%
higher than the fiterature averége, was detérmined. Thié value is in good |
agreement, however, witﬂ tﬁe data of Bohon and Clausson,{89) and
Ben-Naim. (80} The latter Qvorker confirmed his value by. two methods.

Since there was no reason to doubt the experimental value found in the

present work, it will be empioyed in further calculations.
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For ethytbenzéne a literature value was .ﬁeeded since thé soiubility of
ethylben.zene in water had not been determined in this study. The value
chosen was 3.60 x10°5 mole fraction, which was also obtained by -
Ben-Naim (90) and Bohon and Claussen {89) and confirmed by two methods
of Ben-Naim.(80) Thié value is higher than the literature average by about
25%. HoWever, ahy lower vaiue for sthylbenzene solubility would have
given éctivity coefficients of ethyibanzené in decane which were |
significantly higher than iﬁ foluene. ..

The\partitioning of benzene between f.)erﬂuorohexane and water was
also determined at between 0.05 and 0.06 mole fraction benzene in

perfluoro- hexane. The value of 205 + 20 was obtained for the ratio
Xg organic XB,aqueous: TS Suggests an activity coefficient of about 11.4.

Regutar solution theory (81) predicts that the activity coefficientat
infinite dilution is 5.2. The differences of these values indicate the exient

of the deviation from regular solution behavior and the significant

non-idealities of this system.

Q Qu v .

Determination of the activity coefficient from partitioning data
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provides a measure of the noni&ealities of intefaction of the aromatics
and alkanes. it also aflows for comparison with theory and with results
from vapor-liquid methods. Equation 3.1 introducés activity coefficients
_into the expression .for the partition coefficient, K. _ |
K.KO!Q.;;.._.J.._.____ S X

Xafa  X3eatla sat

where, X is the moie fraction,
fi§ the écﬁvity coefficient, |
B subscriﬁts o and a stand for orgﬁnic and aqueous phase
respectively, and éubscript sat star.tds.for saturation conditions.
) Rearranging equation 3.1 .gives equation 3.2, ) g |

- X Xaeatla sat

If the activity coefficient in water Is constant at alt concentrations,
then o . o - _ _ _ .

r toffa, sat =1 and fo,,_x;xg__ Lo
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In this way thé acfivity doefficient, f,. Can be determined from partition
oxpariments. o

Figure 3.4 is a piot of the activity coeff cienfs of the benzene, toluene, | o |
and, ethylbenzene bmary m:xtures with decane as a functlon of the mole |
fraction of the aromatic component. Along with the values determined in
this study, values calculated from regular éoiution theory using soiubility
parameters afe shown for each of these systems. In addition the activity
coefficients of benzene from the vapor-liquid expenments of Rubio,
Renuncio, and Diaz Pefia (79) for benzene + decane mixtures are presented
Since these workers t" tted their data to empmcaf equations, a smooth
curve results. The:r actual expertmantal data ranged between 0.1 and 0.75
mole fractron of benzene in decana Based upon uncertaznnes stated for the
partition coeff:c:ents the experlmentai ac:w:ty coefficient vatues are

reliable 10 + 0, 025

The acmnty coefﬂczents of to!uene and ethylbenzene overiap withinerror =~ f'_
as expected from the regu!ar solution predrctlon The values are shghtly
highar than regular solutlon ca!cuiatlons (91) but follow the regular

solution trend with siope tending toward zerc at hagh aromatac '

composition. The nomdeahty of interaction between benzene and decane is




Figure 3.4

Activity Cosfficients, f,, of Benzene, Toluene and

Ethylbenzene in binary mixtures with decane plotted

s ~ as function of the mole fraction of aromatic - .

- gompound in the organic mixture, x_.”

X Benzene, from Partitioning Data
- O Toluene, from Paritioning Data _ -
-1 A Ethylbenzene, from Partitioning Data

Curve A Benzene from Vapor Pressure Data. Ref. 7§
" Curve B Benzene Solubility Parameter Theory '
.. Curve C Toluene Solubility Parameter Theory

. Curve D Ethylbenzene Solubility Parameter Theory
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much more pronounced. The activity coefficients are sigeificantly
higher than regular solution erediction, and do not foliow the regular
soiution trend at high benzene mole fraction, The region over which
benzene obeys Raoult's Law is much smaller than can be detected by these
data. The fegion where ioluene and ethylbenzene obey Raoult's Law may
extend to 0.95 mole fraction as suggested by regular solution theory.

One further question regarding the calculation of the activity
coefficient from these data is in regard 10 the constancy of f, with

concentration, Green and Ffank (92) found no difference in.the activity

* coefficient of benzene Eﬁ ;vet.er betﬁeen thet at 10% of saturation and
saturation, Tucker .a.nd Christia.n 482 hoﬁever nofed a inear decrease in
activity coeff:c:ent of about 3. 9% at 35"0 between infinite ditu’aon and

saturation, They attnbuted this to setf»assoaat:on of benzene in water.

This effect Increases the value of the caiculated act:v:ty coefficient. The
AHof the dimerzzatlon process has been stated by these workers to be
retatively !arge and posmve Therefore th:s affect will cause |
dimerization to ocour to a iesser degree at 25°C than at 35°C Takmg these _

effects mto consaderatlon the calculeted activity coeffrclents fer benzene

in decane may be sornewhat higher than those displayed in Flgure 3.1 They
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are exﬁected, howe\?ef, 1o be within the £ 0.025 range of the value
calculated from partitioning data. |

Activity coefficients determined from partitioning data and from vapor
pressure meaéurements (79) are seen .to agree. This indicates that water
does not significantiy influence the interactions between benzene and
decane. Partitioﬁing of arorfwatics between alkanes and water can, - | | - e
therefore, be calculated from vapor-liguid déta. This ﬁermits useof -
available vapo}-tiquzd data in the micelle solubilization models 1o be
discussed. -

In summary, thfs work. confirms the vapor pressure data on benzene +
dscane rﬁi;:tures. This mixture is significantly mbre non—ideﬁl thaﬁ reqular
solution predictions. Tﬁiuene or. ethylbenzene in mixtures with decane
behave mucﬁ mdrg iiké réguiar solutions. The presence of the aqueous

phase does not have a significant influence on the nonidealities of

aromatics + hydrocarbon alkane mixtures.
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SURFACE PROPEF!T!ES QF QINARY MIXTURES OF BENZENE AND SOME
ALKYLBENZENES AND POLYCYCLIC AROMATICS WITH DECANE AT THE
Al R-LIQUID AND WATER-LIQU!D !NTERFACES' a
Aside from its intﬁnsic irﬁteresz.,.a khowtedge. .of the adsﬁrption of

molectiles to a ﬁy&r&cﬁrﬁﬁn—water interface is required in terms of the
miceliar sotubilizatioﬁ model described in the introdustion.(50,52) The
two-stata. model is based upon the adsorption of molecules to the |
muce!le-water :nterface An initial assessmant of the magmtude of that
adsorption is obtamed from evaluatzon of adsorpt:on 1o the
hydrocarbon-water interface. In order for meaningful conclusioné {o be'
drawn from tests of models of moiecular interactions, such as

sﬁiubitization the molecules empldyed in such tests must have the ~
simpliest posmble molecuiar struciure A series of mo!ecu!es which
variesina contmuous manner with respect foa cartam feature of -

molecular structure such as the chain length of an alky! group, aliows for \
relaiive corhparisons and facilitates Enterpolation and extrapoiation of
effects. Furthe.rmore, as niiceli.ar.s'oiubilization has implica{ibns forthe . .

interactions of molecules with biotogical membranes, the study ofa
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simple molecular series which is at the same time of biological
importance wouid certainly be of interest to several fields of research,

The compounds benzene, foluene, ethylbenzene, hutylbenzene,
Q-di-xg_n—butylbehzena, naphthalene, phenanthréne, pyrene, and
1-dodecene were.chosen for the study of interfacial tensions in binary
mixtures with decane. against water, From these data adsoi'stion of these
compounds to .ﬂ.ae decane-water interface was determine&. These
compounds 'provide é ssriss of simple molecules which also hoid
biological intefest. The iocation; disfribution, and orientation of these
molecules in biological 'membrar{es may be related to their khown or
postulated carcinoganfc pot;ntial.(as) This series also provides a basis
for extension of msrghts gained here to other rnore complex moiecuies

such as drugs contammg aromatic moisties, and more potent carcmogens

such as benzpyrene {66) -
Evaluation of the adsorption of a molecule to a hydrocarbon-water
interface requires the determination of the derivative of the interfacial

tension with respect to the tharmodynamic activity of that moleculs in '

solutron (4,93) Assessment of the surface excess, I', by this method may

not be feasnble in many cases. Tharefore the usefuiness of existing
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mixture theones for predtctmg I" should also be examined.(94, 100) Smce
such theories are based upon the mixing of two components resutts from
the surface tensions against air of binary mixtures provides a test of

these theories. The surface tensions of the binary mixtures listed above

were also measured. The perturbing effects of water on the interfacial
properties of binary mixtures 6an be analyzed by comparison with surtace
tension results. Mi.xture tﬁeories wii!.be discussed further in the
discussion section at the pﬁints where they are employed. o

The effect of water on the interactions at tha interface is expected to
be significant in the systems studied since aromatic compounds are
known to be hydrogen bond aoceptors {83-86) The hydrogen bonding of
phenol to hexamathylbanzene was found to have a AG 0. 03 keal r*nc:l“l
AHw-1 7’t05kcahrnt:)l"i , and AS = -5.5 £1.7 e.u. at 25°C in carbon
tetrachloride.(86) Monte Carlo Stmu!attons and calculation of quantum
mechanical potentlals suggest that the enargy minimum of the interaction
of & water molecule with & benzene moiecule is obtained when water is
tilted sfightly away from the symmetry axis of benzene wuth the E

hydrogens of water pointing toward the banzene mofecuie (85) The most

favorable orientation is that of water hydrogan bonding with the n system '
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of benzene. This specific interaction between the aromatic ring and water
can be ekpeqted to infivence thé forces acting across the interface.
Surface tension data provide é comparative system where these specific
eifects are absent. An important question raised in this work is th.e degres
to which adiditional aromatic Qrouﬁs influence this specific interaction | . D
with water. | |

ligl ahy analysis of surface effects it must be ﬁnderstood that Surface

thermodynamic properties arise from the asymmetric forces upon

molecules at the surface as opposed to the bulk, While a moiecule in the
bulk has othar molecules surrounding i in all diractrons those at the
surface are mftuenoed by mgmhcamiy fewer neighboring molecules. (4,
99,101) Therefore, alz propemes such as the actwlty coefficient, whnch
-are dapendent upon intermolecular interactions (81) are expected to be
different at the surface than in the bulk. In the case of the activity
coefficient, which will be treated .in detail iﬁ this chapter, the iower
number of interactions at the smfaca is expected to reduce its value
indeed models for the surface often consmier it as ideal {87, 100 102,103)

At a liquid-liquid interface the molecules are similarly influenced by an

asymmetric distribution of torces, although they are surrounded by other '
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moleoules.(4;1 01,104,105) Th.o forces acting across the interface, that is,
hetween molecules of the different p.hases. distinguishes the liguid-liguid
interfaoa from the vapordiquid surface.. in the discussion 1o follow, the
interface wiil be considered asa mooolayer of the organic mixture in
question against water. The influonce of water on ihe interactions
oceurring in the organic moriolayer will be examined. - | . ) .

This chapter reports the rasults of surface tension measurements v

agamst air, and mtorfacnal tonsuon measurements against water. of bmary |
mlxturos of decane plus one of sevoral aromaho compounds or an olefin,
The compounds chosen for study are pictured in Figure 4.1. The hydrooarbon
cornpounds were chosan for thelr simplicity of molecular character and
their blologlcal :mportancs as outmed in the mtroductlon to this chapter.
They include the series benzene, bluene, ethylbenzene, and butylbenzene
through whioh tho. offoots.of Encroasing alkyl chaln iength and molecular |
asymmetry have beon mvest:gated Tho data on tho first three compounds
of this series has been reportod in the master's thesis prepared by this

investigator.(58) Further analysis of the surfaoe and interfacial tension

results for these compounds is presented here. P-di-terd-butylbenzens
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" Figure 4.1 Structures of compounds studied . - :
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contains two bulky t-butyl groups, and in contrast to the series above this
molecule is syrnrﬁetrical with respect 1o the positioning of alkyl groups on
the ring. The molecules benzene, naphthaiene, phenanthrene, and pyfene
provide a séries of planar - molecules with an increasing number of double
bonds in the form of aromatic rings. Tﬁe degree to which hydrogen bondiﬁg
of aromatics ﬁvith water across interfaces is influenced by the extent of
aromaticity is. exlamined by mis.saries. 1- Dodecene was studied to |
investigate the effect of a single doubie bond on a long chéin hy&rophobic
molecuie. - | | | | |
itis the aim éf this chapter to prééent a.nd analyze the results of
surtace and interfacial tens.ion measurements iﬁ an attempt to pravide
greater insight into the hature of the interactions bcéurring at and across
interfaces. Theories of surfacé tension of mixtures aré embloyed o test.
their usefuine.s.s. in de.sc.ribing these s}stems. Deviations from theory and
parameters derived fror.'n. theory afe analyzed in terms of the information -
they can provide about the interfacé. A ﬁéw mathod fdr determining the
activity coefficients of molecules at .the sdrfaée basec; ona monotayer"

theory is described. The work of adhesion was also determined for these
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mixtures and anélyzed with respect to theories of intgraction across |
interfaces. |

C. Results N

The surface and interfacial tension results for n-butylbenzene, p-di-
jer-butylbenzene, naphthalena,' phenanthrene, pyrene, and 1-dodecense are
dispiayed in Tables 4.1-4.11 and Fig urés 4.2-4,12. Based upon replicate ’ "
measureménts takén during the sarﬁa experiment and in difteren_t
.experim.ents, the surfabe and interfacial tensi;ﬁs were found 1o be
generally reprodﬁcibie to within + 0.1 dyne cm -1, Deviétions. arounda
smooth curve were usually within this range. |

For use ih fnodel!ihg micellar soiubiiizatioh, the interfacial tenéions
of two other bin.ary syétemé égair.:st.water were aiso measured. Table 4.12
and F[gu:re 4.13 report. the inférfacial tensions of binary mixtures of _
benzene + berf!uorﬁhexaﬁe agéinst Wéter. The initial slope of 107 dynes
em ™t compared m 33 d)}nes om’? for the benzene + [n-decane system |
reflects the nonidealities of .mixih.g of benéene and the perfluoroalkane, as.
also ::mted froh iaarti:ion.i.n.g work reportéd in the pracediné chapter, Table

4.13 and Figure 4.14 report the interfacial tensions of Orange OT (also .

pictured in Figure 4.1) in decane against water. The initial slope of 2150
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Figure 4.2.  Surface tensions of p-butylbenzene + n}decane mixtures
. 8t25°C plotted as a function of the mole fraction of -
. pebutylbenzene. . - N S
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Surface Tensions of Phenanthrena + f+-Decane Mixtures Against Airat .
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JABLE 4.9
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dynes em™! reflocts the effect of an -OH group on a molecule containing -

three aromatic rings and an azo group.

in this section the resuits of surface and mterfaclai tens:on
measurements of binary msxtures of the liquids benzene, tofuene, "
sthylbenzene, butylbenzene, and 1~dodecene with decane are analyzed, P.ast
work on the analysis of binary mixtures of quuids hés largely oentered on
the development of descnpttva models and equatlons quu:ds !end |
thsmseives to such analys:s since the tens:ons of mixtures can be :
descnbed as somae ampmcaliy (108) or theoretically (94~1 00) derived
average of the exper:menta!ly determlnable pure liquid tensions, Through
the use of an exrst:ng modei {98,99), which w:!l be shown o descnbe
asr—hquld surface tensions data for mixtures weIE ,{59) the alteration in

the surface brought about by the presence of water is evaluated

As descnbed in the introduction 1o this chapter the motecules at the o

surface have fewer nearest nefghbors with which to inferact, (99 101)
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They ére therefore expected. to behave in a mbre nearly ideal manner. The
extant {0 which this effect is reflected by theory underscores the
reasonableness of the the.ory's predictions. -

The theory which wili be employed hélre was deveioped by Prigogine and
Marechal (98,99) on tﬁé basié of Flory;Hdeins mixing of molecules of
unequal size. According to t.he theory the surface is a monoléyer of
melecules on a iatticé. The smaller of the two rﬁolecu%es occupies one site
on the lattice. Tﬁe lé@er mo[écu!e; 6ccupie§ 4 éites, whereris a rétio of |
the sizes of the moiecules“and is usually taken as the ratio of molar |
volumes. Those molec.t.zles which occupy more than one site o.n :he.lanice
are assumed 16 fie parallet to the surface. For this reason the model is
often referred 1o as the pérailei layer model. For non-athermal solutions
the resulting equations require estimates of lattice coordination numbers..

Gaines {102,103,107) simpiified the model by assuming the surface to |

behave ideally. The resulting expression for the surface tension, §, fora

binary mixture is given by equations 4.1a and 4.1b. :' -

i




= 5’1 'G-BI [{n (@151’ Q;b )+ Lﬂ) (é]b - ¢f5J1 - 8(4’2)2!& (4.1!}}
- a8 4 .

where b'., s the surface tension of pure component 1,
| 82.15 the surface teﬁsion of puré component 2,
a isthe area of the hiolecuie of smalier sizé, componeht '
_ -.one' P o o _
'r is the ratio of the moiar volume of oomponents one and
two vz/ v,, |
d’t xs the volume fracnon of componsnt h
B | .B is the anteractron parameter o
ahd superscnpts s and b stand for surface and buik respactw!y
These equations can be soived numencaf!y for Q, at any gwen value
of 8. The value of 3 whrch is conszstent wrth a known value of ¥ can aiso
be determmed The value of a is not known it is usualiy ascnbed on the
basis of some conventlon A typ:cal conventson is the use of V23N 18 |

where V is the molar vclume of component one, and Nis Avogadro's '

rumber,

Gaines has commented that, since surface properties reflact




91

differences between the surface and bulk, 8 may be related to a
differential or excess interaction energy between the surface and -
bulk.(102,103) He also suggested that g abéorbs deviations due to effects
not included in faﬁica theories, such as volume changes on mixing. On this
basis, it sﬁﬁace interactions. matched bulk interactions, 8 wouid be zero.

The expected resultis a vaiue of 8 somewhat smalier than that of an

mteractzon parameter denved on the basis of bulk interactions. Such a
result would reflect the mcompiete cancellation of bulk interactions by
the more nearly idea surface. Gaines found that equation 4.1 gould

describe the surface tenséon of mixtures of polydimamylsiiokanes and
oluene or fetrachlomefh}lene {102} over the entire composition range

using § as an adjustab!e parameter. He also applied squation 4.1 10 the

data of Schmiat, Randall, and Ciaver (108) on the surface tensions of
henzene + hexane and benzene + dodecane bmary mixtures. (103) in these
systems a single B value in equation 4.1 described the data to within 0.2
dynes cm™? . Edmonds and McLure also employed equauon 4.1 to descnbe

the surface tensions of n-aikane dimethyi s:loxane mixtures. {109) They

found that their data could be fitted using one value for §.
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b. Surface Tension Besults,

In the master's thesis prepared by this investigator (59}, surface
tensions agai;-rst air aﬁd interfaciél tensioné against water for binary
mixtures of benzene, toluene, and ethyibenzene with decane across the
entire composition range were reported. It was found that the surface

tensions could be described by a single vaiue of 8. The present work

extends these considerations to butylbenzene and 1-dodecene. it also

investigates an interaction parameter, X, which is based upon . -

Flory-Huggins mixing as a suitable bulk parameter for comparison with

KT,

Table 4.14 lists the values of § (in units of KT) found in the master's
study afong with the vatues for n-butylbenzene + decane and 1-dodecane +
decane mlxtures .deterrmned reoent!y Atso :}abulated are the valuas of
$/kT determined by Gaines (103) from the data of Schmldt gtai (1 08) on
benzene + hexane and benzene + dodecane mixtures. The benzene + decane
{ value lies between the benzane + hexane and benzene + dodecane vaiues as
expected. L | o

In order to evaluate the reasonableness of these vaiues of $/k7, the

values of bulk interaction parameters for these systems are also
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JABLE 414
Comparison of the Interaction Parameters X and Inf/(1-¢)2
Caiculated From Experimental Values of the Activity Coefficient,

i
: i
T
L

V1A12/RT, Calculated From Regular Solution Theory, and B/KT From
' Air-Liquid Surface Tension Data

System,

BIKT K Int/i-92  ¥iA,/RT
Benzene + Decane  0.21 0.61-0.762  0.39-0.568  p.30
o - 0.63-0.76°  0.40-0.50D
Toluene + Decans 014 0.42.0.385  0.28.0.265 025 .
Ethylbenzene + Decane 0.13  0.38-0.48%  0.30-0.41% 0 04
Butylbenzene+ Decane 0.06 - 0.18
1-Dodecene + Decane = 0.002 - 0.01¢
Benzene + Hexane . 0.12d 0.58¢ . 0.52¢ 0.55
| ~ 0.59-0.52"  0.47-0.531 |
Benzene + Dodecane 0,289 028

-

0.6-0.789

" a. caiculated from data in ref. 79. - . _
b. calculated from partitioning data presented in Chapter 3.
¢. maximum probable value based on a difference of solubility .

paramenters of 0.10. :
d.reference (103). '
e. reference (77). .

0.3-0.568
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presented in Table 4,14. The ¥ value is the interaction parameter for
Flory-Huggins mixing.{11 1} It has been evaluated from experimentaily

determined values of the activity coefﬁc:iemt,f1 , for these systems,

according to equation 4.2.(112)
Xe=lf + 0/1:¢) + _1_ {(Vi Vg) -1) R {4.2)

_(1_'4’1)2 - _(1‘4’1)2 o {1-8y)

where - &, is tﬁe volume fraction of component 1 . |
) X, isthe mole fraction.of componenf 1,
Cand V is thé motar volume.

X isa reasonable mteract:on parameter to oomi::ara with 3 IkT since
they both arise from F!ory-»Huggms mixing theory for which the entropy of
msxmg is based upon Fiory-Hugglns statistics.( 111 i the entropy of .
mixing were ideal on the basis of mole fraction the last two terms in
equation 4 2 would be zaro. The value of the leading term of equatton 4.2i8
also tabulated in Table 4.14. This is the form of the relationship between
the interaction parameter of regu!ar soiution theory and the act:wty
coefficient. The vaiues of x and Inf/(1- @,)2 listed, represent the range of

values calculated from avarlabie act:vzty coefﬂcsent data, For the benzene
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+ alkane systems, activity coefficients were available in the hterature
from vapor pressure studies. {77-80) For decane + aromatic systems the
reported values are from the partitioning data presented in the preceding
chapter. The vafue of X differs significantly from that of nt(1-$;)2 as

the size difference between the two components increases. This reflects
the difference in thé entropy of mixing terms.

The predicted value of the regular soiution theory interaction

parameter, V,A,zfﬁT; where Ay, is the square of the difference 6f the
soiubility parameters of the two components is listed in the last column.

{91} Inthe master’s thesrs of this mvestlgator (59), this mterachon
parameter was compared with B/KT. It was conciuded that the B/KT values
were of reasonabie magmtude since they are genera!ly lower than those
predicted by the bulk parameter reflacting the partial cancellation of bulk
interactions by surfaca :nteract:ons Tha benzena + dodecane system was
anomalous by this companson since the 3ikT va!ue equaned the VA, 2/ RY

value. Moreover, the trend of i mcreasmg BT with | mcreasmg chain iength

of the alkane, in the benzene + alkane maxtures was reversed in the reguiar

solution prediction. Comparason of the surfaca tens:on vaiues for .BfkT

with x, however, clears the anomafy of the benzene + dodecane system
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since X (0.6-0.78) is significént!y higher than 8/kT (0.28). The X values
refiact tha.trend in B/KT with increasing chain length of alkane as -
particularly reflected in the difference in X betwsen the benze.ne +
dodecane rﬁixture {0.8 -0.78) and the benzene + hexané system (0.52 -
0.59). |

The X value is also much greater than the $/KT values for the decane +

aromatic mixtures. This result confirms the expected partial cancellation

of the bulk interaction by surface interactions. The surface interactions,
which are expected to be close to ideal behavior, do not caﬁcel the bulk
inferaction compietely. Thds the surface interactions are of lesser
magnitude fhan those in the bulk. The interactioh ﬁarameter deri{red from
surface tensson data is reportmg differences between the bulk and surfaca
mteractlons That the magmtude of thesa mteract:ons are different
between bulk and surface is reﬂected in the non-zero vaiue of 8/k.

The values of ¥ and ﬁfkT both dacrease with i mcreasmg ¢hain langth of
the alkyt substztuent on the a!kylbenzene The more favorable interactions
between decane and afkylaromatrcs of longer chain length is reflected in R

these interaction parameters. The new data on butylbenzene and 1-

dodecene extend these trends. Since activity coefficients for these
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systems were not available and X could not be caiculated, the reguiar

solution parameter is provided In Table 4.14 as an indicator of bulk:
interactions. Since butylbenzene and 1-dodecene ére more sfmi!ar to
decane in molecular size and the interactions are closer to ideality than
the other molecules tested, the difference between X and V,A,,/RT is
expected to be §maller.

From analysis of the surface tension valuss, i is concluded that the
surface is partially cance[iing the bulk interaction, reflecting the more
nearly ideat behavior of the surface.. Also the X parameter is a more
suitable parameter for comparison with 8 than the regular éolution

prediction,

c. In igf

In this section the interfacial tension data for the binary rixtures of

benzene, toluene, ethylbenzehe, butylbenzene and 1-dodecene with decane

against water are analyzed on the basis of the Prigogine-Marechal
paratiel layer model for bmary mixtures.{98,99) The znteractlon parameter
§ derived from appilcatlon of the model to the data is compared w;th bulk

interaction parameters and with the same parameter, £ denved from
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surface tension measurementé against air fo? the same binary mixtures.

This work extends the wofk presented in fhe mésters thesis on the

interfacial iension of the first three mixtures listed in the above serles.

(59) Butylbenzene extends the alkyl chain sefies. 1-Dodecene describes the

influence of bna double bond in an alkyi chain, as opposed to the three

double bonds of the aromatics on interacnons at the interfacs. The x valug - ' -
as a more appropnate oomparatwe mteractron parameter isalso

considered.

Table 4.15 lists the values of the BT pararheter, determined from
equation 4.1, for the surface tensions and interfacia! tensions of the
binary mixtures of benzeﬁe, tolusne, ethylbenzene, butylbenzene, and
1-dodecene with decaﬁa. The X vaIue; calculafed on the basis of equatfon
4.2, and the vaiue V1A,/RT, whech is the regular two-component solution
interaction parameter, are aiso mciuded The mterfaclal tension data for
the aromatic + decane mixture agamst water couid not be described by a
singie interaction parameter across the entire composition range. The |
values listed are those S/kT vélues caiculated from the interfacia! a

fension values at mole fractions 0.1, 0.4 and 0.7 of aromatic in the'

mixturs.
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Comparison of the intaraction Parameter, X, Calculated From
Experimentai Vaiues of the Activity Coefficient, V{A;,/RT,
Caiculated From Regutar Soiution Theory, and B/&T From -

Air-Liquid and Water-Liquid interfacial Tension Data®

System "'Mm..m%.u.z

Benzene + Decane 02t 051 0.38 (.28

Tolugne + Decane -~ " 0.14° 0.38 0.28 0.23
Ethylbenzene + Decane ~ 0.13  0.35 0.27 0.20
Butylbenzene + Decane 0.08 0.22 0.14 0.08

1-Dedecene + Decane . 0.002 0.1 . 01 04

0.61-0.76
0.63-0.76

0.42-0.38

0.38-0.48

& X and VyA.,/RT values are from the sources listed in Table 4.14

99

0.30

0.25

0.24

.18

0.01
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in order 10 analyze'these values of §, the meaning of § in the ternary
system of an aromatic + alkane mixture against water must be considered
The B value arises from a monolayer surface modet of a mixture of two
components.(99) At the organic liquid-water interface the monolayer
under oonsideratloo is that of the organic componants aiona The same
model zhat was used for surface tension of two component mixgures is
extended to mterfaces here Aveyard (1 16) also used this approach to
describe the interfaczal tension of alkane mixtures agaznst water Water
istreated as a perturbant to the interactions of tho organlc molecules at
the mierface It was shown in the last chapter that for the benzene +
decane system the presence of water does not s;gmf cantly affect the
activity coefficient, wh:ch isa measure of mleract:ons in the butk The
solubifity of water in the aikyi~subst1tuted s;'stems studiad Is likely to be
aven lower, since water soiubility in alkanes is known to be lower than in
benzene.(117,118) Itis therefore expected to have an even smailer
influence on bulk interactions.

With surface tensions of these mixtures, a partial canceliation of buik

inferactions, X, by surface interactions was seen and is described in the

preceding section. The § valugs derived from interfacial tension data

g
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{,1.) are alsc somewhat smailer than the p \vailzes bul the)l are
significantly larger .t.han the 5 values derived fromn surface tension (B 1)
The cancellation of bulk interactions by :merfac:a! interactions is less
than the cancellatlon of bulk interactlon by surface interactions. This
would suggest that the organic-w___ater interface is even more ideal than
the organic-air interface. What ié actually rellecled here is the specific
interaction of hydrogen bonding of the aromatic compo.nenl with water,
which is ab_sent at the air-organic liquid surfalce.(as,as) The higher value
of § in lhe. system which inéludes watel' .in:“iir.;atas that the interfacial
tension of the mlxtures is fower than would have baen predtcted on the
basis of the non—specrf:c dlsperswe lnteract:on reported by the ,3 gt The
aromatics adsorb to the water-liquid surface thereby lowering mterfac:[al
tensionto a greater extent than would have been expected from
interpretation of a:r-lsqu:d surface tension B values.

As seen with the surface tension results the x value is shown by these

data to be a more suitable oomparlson for B/KT, than the regular solution

parameter V,AIZIRT which is lower than 3 LT, The x value is hlgher than

the B, 1. values as expected from cancella:ions of buk propertles by
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surface interaction.

The B values decrease with increasing chain length of the alky)

substituent as is reflected in X, ViA/RT, and Bg 7. This reflects the more

favorable interactions with decane as atkyt chain length is increased. The
new data on the butyl- benzena + decane and 1-dodecane system are

consistent with thts trand

The $iT values are also seen in Table 4.15 to decrease with

mcreasmg aromatac oomposatlon of the mtxture The hydrogen bondmg,
which accounts for the value of ,B requ:res a pianar onentatlon of the ]
system at the mterfaoa (85) in dilute sclutrons of aromatlcs, thts planar
orientation is more ilkely to be attainable than at high concentrat:ons at
which aromatic molecules are in close contact w1th each other. Therefore,
to the extent that hydrogen bonding is responsible for adsorption of
aromatics to the water/liquid interface, the tendency of aromatics to
adsorb wilt be most fully expressed in dilute solution. The fitted 8 value
is consequently higher in the dilute region. The 1-dodecene data do not
show this trend. The values are low since the system Is quite close to
ideality and it is expected to be difficuit to find any trend in the data. On

the other hand the most efficient hydrogen bonding between the x system
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of this 1-olsfin an& wafer atan interfabe is not likely to require an
orientation which occupies an .ext-en.sive amount of surface. The r system
of 1-dodecene involves only one & bond aé ophosed to a ring systern in thé
aromatic. Favdrabie orientations for hydrogen bonding of the#e moiecules
are likely to be anainéblé at any interfacial concentration of 1-dodecene.

In surﬁmary, the model emp!oyed. provides an adjustable interaction
parameter § through which interactions in different systems can be
compared. The éxperimental X parameter can be used aé a suitable
comparisoﬁ for .10 indicats.the e:&ent to which surface effacfs are.
cancelling bulk effects. Specific interaf:tion at. the organic fiqﬁid - water
interface ar; re..fte.cte.d. in. the diﬁ;re;bes i.n y 8 55--,-', and 8, Valuesof §
cannot presently be #fédicted, 80 tﬁat expérimental t.:i.etermination of the
composition depen&ence of interfacial tension is necessﬁr} for éssessing
values of the tensions of mixfures and adsorption. |

A phenomenon that is of interest in any systern possessing. an interface
is the adsormption of moleﬁules o thaz.interfaca. In the present study a
maasure of adsofption fo an a!kénefwater interface is required for the

modelling of micellar solubitization 10 be presented in the next chapter.
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As pointed out in the last section, theories of mixtures are unable to

predict the composition dependence of interfacial tension for the liquids
studied, to which adsorption is related. Also for solids no theories are

available to predict adsorpzlon o Equig- i:qurd interfaces. Therefore,

experimental determination is requzred
The surface excess, I'in mo!es area '1 Jfor adsorption of molecules

from sclution is gwen by

Ty & | | | o
RT 81na1 . ' ' ' {4.3)

where b’ is the mterfacia! tension,

a is the actrvzty of the moiecule in solutton
R is the gas oonstant
T ss the tamperature,

and subscnpt 1 refers fo component 1

At infinite dilution equation 4.3 becomes

Xy RnT 8X1
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where X, is the mole fraction of component 1 in solution. If a molecule
adsorbs to the surface, §%/8x will be nagati\:'e. The absolute value of
§%/8x is therefore, a measure of the distribution of molecules between
the surface and the bulk Table 4 18 lists the absolute values of the initial
slopes for benzene, toluene, ethylbenzene, n-butylbenzens,
-di-terd-butylbenzene, naphthalene, phenanthrene, pyrene and 1-dodecene
from mixtures with decane to the decane/water interface. These values
are refigble to about + 10% except for 1-dodecens, which carries a
somewhat greater error of about 20% due to its smaller magnitude. The
absciute vaiues of the initial slopes in the range from six for 1-dodecene
1o 72 for pyrene indicates the magnitude of the interfacial activity of the
compounds. A traditional surface active substance, butanol, has an initial
slope of about -20000 at the dodecene/water interface (119). in the next
chapter this mild interfacial activity of the aromatics will be shown to be
magnified by the extensive interfacial area of surfactant micelles.

The general trend is toward a decreasa of adsorptivity to the decanef
water interface as the a!kyl chain length of the p-alkyl benzenes in-
creases. Thig reﬂects the more favorable interactions of these molecules

with decane as chain langth increases and the hydrophobic effect of the
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IABLE 416

Initial Stopes.of interfacial Tensicn Against Water v Mole
Fraction of Same Aromatics in Binary Mixtures With Decane

§8/8%

Benzens : Do a3
Tolusne . . S . ap
Ethylbenzene -~ - L . . og
n-Butylbenzene - 22
p-Ditert-butylbenzene | 27
Naphthalens S B 2 |
Phenanthrene - .- - - 1}
Pyrena T
t-Dodecene RPN o 6
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aikyl chain. The polycyclic .a.:romatics show a trend of increasing adsorp-
tivity as more rings are added. The activity cosfficients for these
compounds in decane are not availabie. Regular so!uﬁdn theory {91)
predicts a sméll incréase in the activity coefficient m decane as more
rings are added. The addition of more n‘hgs é!so allows fof more hydrogen.
bonding of these compounds with ﬁrater.

The significant influence of tﬁe nurﬁber of double bonds on adsomtion
is indicated bﬁ Figure 4.15. In this figure the absolute value of the initial. '
siope is pictied against the number of doubie bdnds in th.e rﬁolecula. Purely
aliphatic compounds with no double bonds would have falien near the
origin on this graph. Indeed, Aveyard (116) found that fhe initial Qiopes of
binary mixtures of aliphatic chains are less than the predictions from a
linear dependende on mole .f‘raction. The absoiute value of the initial slope
of a mixture of dctaﬁe and hexadecane against water was found io be ctose.
10 unity. The valué of six for the absolute value of thé initial slope of

i-dodecene indicates a significantly greater adsorptivity than expected

for an alkane.

itis seen from Figure 4.15 that a roughly linear relationship exists

between the number of double bonds and the adsorptivity. Since hydrogen
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Figure 4, 15 Number of double bonds’ n,in compounds hsted below
plotted as a function of the initial slope, §¥/8x, of the
interfacial tension yg mole fraction curve,

1. 1-dodecena

2. benzene

3. toivene

4. othylbenzens

5. p-di-ter-butylbenzene
6. n-butyibenzene

7. naphthaiene

8. phenanthrene

8. pyrene
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bonding of these molecules with water occurs through the & bond system
the number of double bonds is likely to be a good indicator of the ability of
these molecules to hydrogen bond. The propartionality between double
bonds and adsorplivity to the decans-water interface indicates the
additive character of hydrogen bonding at the interface

The linearity of the relationship makes this a valuabile correlation for
interpolating and extrapoiatlng adsorplivity estimates. Some large
aromatic compounds are likely to be only slightly soluble in an orgamc
medium makmg premse experzmenta! determination of adsorptzwty

difficuit.

The value of the initial siope of the p-di-tert-butylbenzene + decane
mixture relative to the other atky! benzenes may not be expected
considering that it contains eight non-aromatic carbon atoms including six
methyl groups. However, p-di-fart-butylbenzene is a symmetrical
molecuie. The orientation at the decanafwater interface which wouid
place a ;-butyf group in the aqueous phase is ovarwhelmmgiy enargetacatly
unfavorable.(1,2) This compound must sit at the mterface in a certain
trisntation, likely the most favorabie ohe for H bondmg. The actw:ty

cosfficient of this compound i decane is not known. Further study of
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these possibilities should be considered.

The activity coefficient is a fundamentally important thermodynamic
quantity for dascribing intermbiacufar interactions in any mixture.
Activity coefficients ﬁt interfaces are not easily determined. They are B _ |
usually assumed to be unity. that is ideal mixiﬁg at the interface. (97,103)
in section A an eﬁeﬁive interaction ;iarameter £ descrfbing differences
betwsen surface and bu!k was all that could be obtamed frorﬁ ﬁn; '\"tlhaory
Even so its value prov;ded msgghts into the nature of the interactions

occursing at the mterface in view of tha paucsty of information on the

magnitude of the surface activity coefficient and the value of such an

estimate for understanding the surface state, any estimate of itis
valuable.

A new approach toward estimation of the surface activity coefficient
in ditute solution is outlined below. The method is based upon Butler's
equation (94,99) which models the surface of a binary mixture as a

monolayer of molecules, For a nonideal binary mixture
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a -xifl o :
where ¥ isthe su'rface tension

‘b’ isthe surface tension of pure component i

| a, s the partlai molar area of component| -

- x, is the moie fraction of component i
i

f, is the activity coefficient of component |

and superscnpts m and | refer to surfaca (monolayer) andbulk -
(hquad} respecuvefy :

in the case of a dniute soluﬁon of component two, the mole fract;on of

oornponent oneg in both the surface and the buik approach unlty and the

activity coefficients of component one also approach unity. As xz -+ 0,
emi om0
Infxyxq} = Inf(1-x5 Y{1-Xp)] = x5 - X, o {4..)
Substituting equation 4.6 into' equation 4.5 gives,

or

1

61"5“5*53:(?2-)'(2.) . g . .(4.7) -

W %{({x?lx;)f.‘f};-:” - (4.8)
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In very dilute §o!ution where §11/ 8x2’. the negative of the initial slope
vaiue, is independent of le, sn/ 8x2I =7/ le. Therefore, the quantity
%,/ %, can be estirfzated from aqﬁaﬁon 4.8, i the initial slope is known
and the partial molar area of component one is estimated. Even for simple
spherical i-nolecules, such as argon, the partial molar area has not been
determined.(99,120) Ih the present treatment the molar area, a, is
gstimated as V¥ N3, whers V is the moiar volume and N is Avogadro's
number.(103) According to this approach molecules at the spn‘ace argina -
square lattice arranéement with five nearest neighbors. This‘ is likely to , L
be an overestimate of the area of each molecule. Also V*® treatment

implies a random orientation at the interface which may not be the case.

Howaver, the molar volume of the molecules studied is kniown precisely

and relative differences between molecules can be noted. Equation 4.5 can

be rearranged to
&7 o exp{(Ec¥alag) oxp {maa} | 49

Xz ile RT k RT

As 1 (=¥, - ¥) approaches zero at infinite dilution of component two

Bt S .
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4

the second exponential on the right hand side of aquation 4.9 goes to one
The activity coefficient of component two at the surface 2™, can,

therefore, be catculated from the x,™/ xz ratio obtamed from equat:on 4.8

and the other quanttttes in equatlon 4.8 mc!udmg 1! 2 Vaiues of f,! 2 of the
aromatic compounds at infinite dilution in decane were estimated from
the partitioning data presented in Chapter Three. They are likely to be
feliable to within a few percent. The value for butylbenzene was
calculated from regular solution theory The 1} 2’ values for the anphanc
component in such bmary m:xtures at its infinite dilution can be
estimated from the analysis of total vapor pressure data for benzene +
heptane (77,78} and benzene + decana mixtures. (79) in the former ¢ase the
estimated vaiues trom two sources dlffer by 25% in the latter case a very
large extrapolation is requ:red For these reasons, f,! 2 for decane at
inf:mte dilution has been calcuiated using the reguiar solution theory and
solubility parameters.{91, 115)

The surface and :nterfamal tension data of bmary mixtures of the
liquids benzene to[uene, ethyibenzene, and butylbenzene with decane have
been anaiyzed o provide information on surface activity cosfficients for

these compounds. Tables 4,17 - 4.19 list the values of §11/5x determined

e
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Surface Activity Coefficients, T, of Aromatics at Infinite Dilution
- in Binary Mixtures With Decane at 25°C

Benzene .- . -0.96

Toluene . .10
Ehylbenzene -~ . . - +1.85

Bw'benzene : . a7

089

0.87
o.78

" ps0

/

1.48

132
1.20 _

Im

1.1910.05

- 1.07 £0.05

1111005
0901005
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. IABLE 4.8

Surface Activity Coefficients, ™, of Decane at Infinite Dilution in -
Binary Mixtures With Aromatics at 25°C R '

om0 f 0 om
Benzene - 844 - 334 . 206 1094005 ;
Toluene - - . 184 - 241 188 - 1102007 . ©
Ethybenze = . 168 . 242 147 .. 1082007 . |
Butbenzens - . 85 . 184 125 . 124$010 t

TP S S




JABLE 4,19

Activity Coefficient, ™, of Aromatics at Infinite Dilution in
Binary Mixtures With Decane From Interfacial Tension Data a

25°C

smox o ampd o 8

Benzens - o . a3 . 48
4.5
4.3
35

Toluens

8 8

Ethylhenzene

R

Butylbenzene

1.48
132
1.32
1.20

116

m

1.0010.07
1.00+0.08
1.02+0.07
1.06+ 0.09

Moy e
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from experi!ﬁent, %M/ %, f}-ofn équatién 4.8, 1, the infinite difution
activity ooeﬁiéient, and f™, values calculated from equation 4.9 using the
other parameters iisted in the tables a_nd the surface or interfacial
tensions of the pure oompcnenté.. Table 4,17 gives the appropriate vﬁlues
at infinite dilution of the aromatic compound in decane at the airliquid | |
surface. Table 4.18 gives the \;'aluas ;t infinite difution of decane in the

aromatic component from air-liquid surface tension data, Table 4.18 lists

the values at infinite ditution of the aromatic component in decane at the |
waterfliquid interface. Error assessments of the low slopes from water/ o |
liguid interfacia) ténsion data at infiniie dilution 61‘ decane iﬁ .the

aromatics aliow no .concius.-.ions 1o ba drawn cbnceming activity co-

efficients at the interface. Therefore, these data are not tabutated or

discussed further. .

An examination of the taﬁles indicates that the method is working S
reasonably well since tha M values le in the expected range, near. unity.
For alt of the systemé étudiéd, it i§ seen from Tables 4.17-4.19 that th.e
surface activity coefficient is fower than the butk activity coefficient.

This is consistent wiﬁh the pﬁysical state at the surface, whefe molecuies

1

have fewer neighboring molecules with which to interact. For some
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systems, sucﬁ as decane in be.nzena, this difference is largé tﬁe bulk
éctivity cosfficient being 2.06, whereas at the surface it is 1.09. Although
these systems are not highly non-ideal, that is, the vaiue of 11is not very
large, the differenée bétv.reen fl an& ™ is in most cases significant. For
some systems closer to ideality in the bulk, such as bufylbenzene +
decans, the differences between surf@ and butk aré smaller. This is

expected since the surface must appmach the ideal limit. The closeness of

most of these systems to ideality at the surface, f™ m 1, is supporting

evidence for the usual assumptmn of zdealsty at the surface or interface.
There is some evidence in the case of benzene that at the interface

against water this molecule has a lower activity coefficient than against

air. For the other aromatics, results are equivocal since the values at air +

water interface are the same within error. These results do not cdntradict
that for benzene. The d:ﬁerence between the activity coefficient at the
airfliquic sur!ace and waterftiquid interface for benzene is consistent

with the findings for the interaction parameter 8§ in section A. At the

interface the hydrogen bonding interaction between benzene and water

shows Up as a high value of § due to a smaller interfacial activity

cosfficient and a correspondingly smalier canceliation ofthe bukk - L

- v
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parameter, It mu#! also be noted that the ™ valués are quite sensitive to
the choice of the area paraheters 2, and a,. For example a decrease.of ' I '
benzens area of 4.6A2, from 28.03 A% 10 23.4 A2, Encrease# the airliquid
1™ from 1.19 to 1.26 and decreases thé waterlliqﬁid ™ from 1.00 to 0.?9.
In summary, rélétive comparison based upon & siﬁgle convention for
determining the aféa at the surface, v, yields the Qua!itative .
conclusions that ™ is bwer than f! ﬁﬁd that M épproachas unity.

A complete description of the interfacial region requires an under- - o

standing of the intermolecular forces which act across the interface. At
interfaces between condensed phases, such as the liquid-liquid imerface,

molacules at the surface are capable of interacting with molecules of the

other phase. This interaction is absent at the liquid-vapor surface. A

measure of the free energy per unit area of the interactions occurring

across the interface is the work of adhesion, W,.(4),

WazBi+8=% © o 4

where ¥, is the surface tension against vapor of pure componsent one




or phasé ohs,
¥, is the surface tension against vapor'of pure component two
| or phase two,
and ¥y, is the interfacial fenéion between.components or phases
' one and two.
Both surface tension and .i.merfacia! tension data on a number of

systems including nﬁixtures are avallable fn this étudy The work of
adhesion was calculated as a functlon of composmon of binary mixtures
of aromatic compounds and decane over the whole oompos:tron range for
four systems and over a limited range of concentration for three solid -
systems. Such data are not usually available in tﬁe iiteratﬁre Th.é
talculated work of adhesion values for bmary mixiures of benzene

butylbenzene, and 1-dodecene with decane aCross the ent;re composﬂmn

range is shown in Figure 4.18. For toluene and ezhylbenzene oniy the va!ues '

at mole fraction of aromatrc equal to unity are displayed, s:noe the

mixture values lie too close to benzene for clear resoiution on the graph.

The mixtures of phenanthrene',_ naphthalene, and p-di-tert-butylbenzene are

shown in Figure 4,17,

The work of adhesion increases with increasing aromatic composition

i
i .
i
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£
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Figure 4.16  Work of adhesion of benizene n-butylbenzene and
1-dodecens in binary mixtures with decane plotted
as a function of the mole fraction of the unsaturated
compound inthe orgamc l:qmd
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~ Figure 4,17
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Work of adhesion of phananthrene, 'naph:hatene, and
p-di-tert- butylbenzene in binary mixtures with decane

o  plotted as a function of the mole fraction of the o

o - unsaturated compound in the organic fiquid.

Curve A Phenanthrene

Curve B Naphthalene -

" CurveC p-di-tert-butylbenzens .~
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of the mixture. Therefore, greater interaction must be oceurring across

the organic-water interface as the composition of aromatic is increased.

The rate of increase in W, with aromatic mole fraction is greater for

compounds with more double bonds. Thus, phenanthrene has a higher Wy

than naphthalena at the same mole fraction. The proportlonaizty between

the number of doubia bonds and the interfacial activity has baen

demonstrated in Figure 4.15. The hydrogen bonding interactions across the

interface show up in an increased adsorpt:an from hydrocarbon and an
increased work of adhes:on as more double bonds are added.

As the alky! chain is lengthenad for the g-atkyl benzenes the wor.k. of
adhesion decreases as does the interfacial actmty shown in Table 4 20
indeed the rate of j mcrease in work of adhes;on paraliets the interfac:al N
activity demonszratad by the initia! slopes of Table 4.15. The work of
adhesion curve in Flgure 4 16is somewhat sigmoid for benzene, and .:' :
morotonic for butylbenzena and 1-dodecens. However 2he dev:atlon from
Enearity is not greater than 1 dyne cm"l Therefore if the pure hquzd |

values are known then elther surface or mterfac:a! tens;ons known as a

function of composxtzon can prov:de an est:mate of the other

L Ll R
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The work of adhesion between water and alkanes has been described by an

approximate theory as

Qﬁerg 1 ,°" i§ tr;e disﬁérsio'n component of ﬁhe surfaée tensién of
wafer, | N
énd ¥ z is the surfa;:a ﬁ_ansion of alkanes, assumed {0 be entirely
Idué to dispersion fo.rces.. |

This theory is reasonably successful since dispersion forces are the

only ones acting across the alkane-water interface.(105) For example, at -

20°C a mean value of 5% of 20.76 dynas cm - reproduces W, data for

nine atkanes from hexane to hexadecane wrthm a mean error of 0.6 dynes

m A smal! trend in the data was oons:dered to be significant by co

Fowkes.{105) He attempted o explam it in terms of amsotropy effects of _ o

dispersion forces. .- o

For sormewhat polar molecules, such as the aromatics studied here,

both anisotropy of dispersion forces and additional polar interactions are

expected.(4,101,105) in order to est;mate these forces experlmentally, the

work of adhesion calculated from equatron 4,11 has been compared with
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the experimental W, in Table 4.20. A %% value for water of 20.63 dynes

cm ‘l, obtained from the work of adhesion for decane, was used here. The

experimental W, values are much higher than the calculated W, vaiues,
indicating that a significant polar component is present for W, for such

systoms. The dzﬁerence between w (exper:mental) and W, (calculated)

also listed in Tabie 4.20 can be used as a measure of the po!ar interactions

at mterfaces of the aromatlc oompounds
Of cons:derabie mterest the initial -§%/8x values for fwe systems

1-dodecens, benzene and three alky% derwatzves of benzene in decane from

interfacial tens:on studtes agamst water are propomonai o Wa(exp) -

W, (caic); this is shown in Fgure 4, 18 Thus the 50% reduction of ~8%/8x

for the aromatics studied here between benzene and butylbenzene all of

which contain the same number of doubie bonds, appears to be primarily

due to vanat;ons in interfac;al tensrons of the benzene denvatwes

reflected in expenmentaf W, values A correfation ef this kind is ilkely fo

be useful for estrmatmg -83/ 8% vaiues of other compounds from pure S

liquid interfacial tension data alone.
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TABLE4.20

Reiationship Between Work of Adhesion, the Dispersicon
Component of the Work of Adhesion, and the Initial Slope of
interfacial Tension yg Mole Fraction Data

W (exp) Wloalc)®  Wotexp)-Wyical)  -88/8x 43
. . W {oxp)-W(calc) &%

Benzene . 6598 - 4833 17.65 1.87 33

Tolena - 6430 4797 1633 184 30

Ethybenzene 6299 = 4842 = . 1457 1.82 28 |

Buybenzens 8043 4856 . - 1187 . 18 2 | §
" .

{-Dodecene  48.87 4585 327 . 183

a, W{calc) = 2(20.63%) 12 where ¥ is the air-liquid surface tension of
the unsaturated compound. o -
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o - | Figure 4.18 Initial siops, §%/8x, of the intertacial .tension v§ moie
o - fraction curve piotted as a function of the difference
_ - between experimental work of adhesion, Wy (expt.), for
. the pure compounds and that caiculated, W, (calc.), as
L 2(20.63%)'% where ¥ is the surface tension of the pure

U Hquid.

- 1.1-Dodecene . .
2. n-Butylbenzens -
3. Ethylbenzene
4. Toluene
5. Benzene J
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SOLUBILIZING POWER OF MICELLES: RELATION TO MICELLAR
LAPLACE PRESSURES AND INTERFACIAL ACTIVITIES OF

SOLUBILIZATES

The Lapiace pressurs of a miceile wilt influence the abilify of the

micelie to solubilize other molecules.(23,62 52) Considering the
importance of solubitization in both its appllcattons and as a modei for
hydrophoblc assogiation, any vanﬂed astimate of maoellar Laplace
pressure is a significant contrzbunon

The magnitude of the Lapiace pressure in m:ce!!as is dependent upon the
magnitude of tha interfacial tension between the micelle and the aqueous
medium and the curva!ure of the interface.{43,18) The miceliar interfaciatl
fensionis a fundamental feature important for a complete understandmg of
micellar aggregation.{18,121-125) No expenmental measure of msoeilar
interfacial tension is available. A suitable modal system is needed for
estimation of th;s value Experzmentai methods for the estlmataon of

migeliar Laplace pressure have been developed and employed pamculariy




in the work of King and coﬁaaﬁues, through the measurement of gas
solubilities in micelies.(42,126-130) The present work is an examination
of the hyd&:carbom‘aquéous surfaétan: solution interface as a ﬁzodel for
the micetiiar interface. Laplace .pres.sure values from experirﬁent aré
compared with .thos.e caiculatecf from the modsl., .

The concept of fnicel!ar Laplace pressure was first suggested .by
Mukerjee (18} in an examihation of the evidénoe of some ordering effects
within the micelle. Experimental evidence for micellar Laplace pressure is
related 1o the effect of this ﬁressure on the solubility of molecules within |
a micelie, Relative to a hydrophobié solvent of the same chemical corrf-
pcsiﬁori as the hydrophobic tail of the micelle, the solubility ofa: moiecﬁlé

in a micelie is reduced due to Lapiace pressure. The relation is
XPp=o@CAPURT gy
where X, is the solubility in the micelle,
x, is the solubility in the hydrophobic soivent, E '

AP is the Laplace pressure in the micelle, and

Visthe partial moiar volume of the solubilizate in the micelle.




An analogous treatment applies 10 the rafio of the micelle-water

partition coefficient to the hydrocarhon-water partition coefficient.

Similarly the difference in the free energy of transfer from gas to micelle - '

and gas to hydrocarbon can aiso be employed as a measure of the Laplace

pressure,

AP = (AGQ - micelle 'AGG ~ hydrocarbon’V e

The Laplace pfésﬁure eﬁéct is. évident in fha sﬁlubi!ify of. aliphétid o
hydrocarbons and hydrocarbon .gases in hydrocérbon surfactant micelies.
{23,126-130) As will be discussed in detail beiow, fhe mole fraétifm
solubility of hydrocarbon gases in micelies at one atmoéphere pressure is

less than their solubilities in hydrocarbons. In a homoiogous series of

solubllizates, micelles have been shown 1o solubilize smalier quantities of

the iarger mo[e\cules.(37,38) As seen from equation 5.1, a decrease Qf the
micellar solubility of moiecules with similar hydrocafbon soiubility is |
expacted as ﬁoiubilizaze.moiar volume ingreases. This effect also reﬂecté
the resistance of the micelle against the expansioﬁ required to solubi!ize
targer moiecules_. An expansion of the micelle ﬁouid increase its area of |

contact with water. The force acting against this expansion is the

(5.2)
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“interfacial tension,
A lower value of micellar éoiubiiity or micelle/water partitioning

relative to a hydrocarbon is not detected for all molecules. As described in

the introduction, if solubilized molecules are interfacially active in B
micelles, a significant portibn of the.uptake in micelies rﬁay be dus to the
"adsorbed state”.(23,50) Experimentai estimates of Laplace pressure
effects reduire studies on systems wherg thé interfacial activity is -~ - 3

minimal. For this reason hydrocarbon gases or liquid hydrocarbons in -

hydrocarbon surfactant micelles are likely to be the best candidates for

this analysis. Also, such gases at pressures near 1 atm. have low miceliar S

solubiities (64,126-130} and therefore are not expected to aﬁer miceilar
structure by fheir presehce. On such systems a 6umbef of studies, primarily
by King and ooworker#, have recently becorﬁe available.(64,126-130,131)
However, interfalaciai activity may be important even for nonpolar gaseé in
certain cases. Recent work has shown that in mixtures of fiuorocarbons and
hydfocarﬁons, eacl'; c.on'i}:r.c;nent is éigniﬁcantly interfacially active in dilute
solution at the water-liguid interfaice.( 100) Some evidencs of the -

interfacial activity of carbon tetrafluoride in hydrocarbon micelies will be

given later. in contrast, only very miid interfacial activities of mixturas of
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aliphatic hydmcérbon-liquéds .at hydrocarbon liquid-water interfaces has
been noted.(119) For a rough estimate of the uncertainty associated with
the assﬁmption that hydrocarbon gases in hydrbcarbon miceiies are not
interfacially active the data of Aveyard and Haydon have been used.(132)

These workers measured interfacial tension against water of a series of

* liguid alkanes. Extrapolation of their values 1o ethane gave a tension at the

ethane /water interface of 47 dynes cm*1. Using this value, the adsorption
of sthane to a dodecén&water Interface was estimated using equation 4.5.
Using the procadure to be oﬁtlined later for highly interfacially active
substances, thé adsorption to a micelle-water interface was <.:allcu§ated.. ._
The results indicated that less than 3% of solubilized ethane was likely 1o
be at the mterface, thus providing support for the assumption of Ins;g~
nificant mterfac:ai activity for the alkane gases in micelies.

The concept of micel!ar interfacial tension has been invoke& in n.urr.z.erous
theories and descnptrons of mlcellar assoc:anon In a discussion of the
effect of pressure within the mlcelle on rts solvent action, Hartley (133)
suggestad a two dyne t:rn”1 mterfama! tension. Mukerjee (18) pomted out

that ordering of molecuies wuthm mlcalles was likely to be related to

Laplace pressure, He suggested that the _imerfaciaj tension of a micelte
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was rougﬁ%y similar in nfaénitu&e o tﬁat of a hydfocarbon-ﬁa{ter interface |
at which surfactant hag adsorbed to al degree of coverage {areaper
molecuis) equal to that found in mioelles; Based upon the dafa of Kling. and
Lange,{134) Mukeriee(18) aétimated a micellar interfaciéi tension of 20
dynes emt. Later in the evaluation of the data of Wishnia on gas
solubilities in micefles, Mukerjee (23) fouﬁd that calcutations based upon a
mean Lapiace pre#sufe of 296 atm. reproduced fhe resuits within
experimental error; Suéh a Laplace pressure was consfsient with a micellar
interfacial tension of 31.5 dynesiom . He compared this with the 27.1 |
dynes/cm estimated frorﬁ thé work of Héydon and Taylor (135} atthe : a
petroleum ethefhﬁatar interfaéa containing SDS. Ruéanov (i21) made a
theofetical estimate of the range of miceliar 'inter'facial fension to be |
between 3.6 and 24.4 dynes em! for potassium octadaéoanoate micelias at
25°C, Gunﬁaréon, Jonésﬁh and Wennerstrbfn {122) have used 18 dynes em™? _
for carboxfiic so'a-ps. Nagé;ajan and Ruckenstein (124) used the
hydrocarbbh}ﬁa:er interfacial ieh#ion around 50 dynes cm™! to estimate '
the micetlar interfééial tension. i.sraaiachvili; Mitch.elz and ﬁinham {123}
viewed the tensidn as that exerted betweeﬁ éaoh moenomar and water, - | .

Therefore, they too employed a hydrocarbon /water tension near 50 dynes
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cm? but th.eln oo.rrected it for tﬁé capacitance due 1o the ionized
headgroups. Their finai value was about 31 dynes em™! . Ericksson {125)
has recently aiso .used thé sum of the hydrocarbon/water interfacial
tension aﬁd an electrostatic contribution to the mice!léfwater interfacial
tensibn to arrive at a micellar surface tension of about 34 dynes omt-
Theoretical estimates of the micellar surface tension afe of course
essential to .the. further undserstanding of the micelle. A model system
which could provide experimental estimates is similarly valuabig.
Thersfore, this study examines thé use of thé hydrocarbbn!aqueous
surfactant soiution interface as such a model. - !

2.Scope and Alm

Two important and interrelated physical quantities as.sbciéted with the
structure of the micelle and its ability to soiubilize molecules afe the
Laplace pressure and interfacial tension. In this secfion gas sotubility
measuréments in micelles which ars avaiabie in the literature are -
evaluated fo determiné the miceliar Laplace pressure for several systems.
Based upon a fluid model for the miceile.(zs), the hydrocarboﬁ { agqueous
surfactant soiutions.inZerfacial fensionisusedas a rﬁodel for the micellar

interfacial tension . Experimentally determined Lapiace pressures and




136
those caiculated from the model are compared. The resuits indicate that
the hydrocarben/aqueous surfactant solution provides a reasonable mods!

for the micsilar interface. ..

In this section experimental estirnates of Laplace pressure of several
micellar systems are presented. The data were obtained from values
available in the iiterafure on solubilities of hydrocarbons in hydrocarbon
micelles. King and coworkers {126-130) have measured thé solubilities of |
methane, ethane, propane, and cérbon 'tetrafluorid.e at one atmosphere
pressure in several surfactants including sodium a!k;}l sulfates of carbon
chain length eight (SOS), ten {SDe8), and twelve (SD.S) and décy! {DeTAB)
and cetyl trimethyl ammonium bromide (CTAB). Wishnia {64) had measured
the soiubilitiéé of hfdfocérbon gases in SDS solutions at 0.1M NaCl, |
Chrisziaﬁ and coworkers {131) have measured the solubitity of tiquid B
cyclohexéna .in sodium octyl sulfate micelies. Free energies of fransfer
l‘roh gas to micelie estimated from these data are given in Table 5.1.

| The free energies of transfer for specific gases from thé gas phase to
specific hyd.rocarbon ligtiids, nee&ed for calculation of Lapiaca préssure by

equation 5.2, are not available in all cases. A systematic survey of the
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availabie data from the literature was performed.(136-139) These data are
presented in Table 5.2. From the trends indicated by 18 experimental vaiues

for six compounds in four solvents, the required values for seven

unavailabie combinations were estimated.
Similarly the available data on the partial motar volumes of these gases
in hydrocarbon from the studies by Handa, D'Arcy and Bensan {140) are

shown in Table 5.3 along with estimates in solvents they had not mvest-

e we o e e o

agated The value of the partial molar volume of butane given by these

workers {140) is mcon5|stent with & constant increase per -CH2 group An

e —

exammatlon of the dtfference between the molar volume of I:qusd hexane

(144) and the partial molar volume of hexane in alkanes (141-143) provided

a basis for asttmatmg the part:ai motar valume of p-pentane and n—butane

which were consistent with established trends

Empioymg the data fisted in Tabies 5.1-5.3, Laplace pressuras of

micelles have been estimated and are given in Table 5.4. These values carry
an overalt error of about 10%. The results indicate that the miceliar
Laplace pressure can be as hlgh as 600 atmospheres Since data obtazned on

different gases for the same msceliar system do not d;ﬁer by much more

than the experimental error of individual estimates, the pressures
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IABLES2

Free Energies of Transfer (Keal mot1) of Gases 21 One

GAS
Methane
Ethane

n-Propane |

n-Butane

n-Pentane

CFy
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d. ref. 139
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Parual Molar Votumes {mi) of Gasas in Liquid Hydrocarbons at
: 25‘*0 and Infinite Ditution - '
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.. 004 o S

n-Pentane 1158 . 1156 - 11514 - - . L 118.9®
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calculated are .verified t§ ba. 'intrinsic miée!lar properties. The data also
indicate a systematic decrease in Laplace pressure with increasing chain
length of the surfactant monomers. This is consistent with the expected
retationship betwesn micellar radius. and Laplace pressure.

The effect of Laplace pressure of the magnitude reported here on the
ability of the micelle to solubilize other mo!ecutes can be evaluated. A

prossure of 400 atm equivalent o about four times the hydrostatlc

pressure at the depth of the Mariana trench, decraases the solubshty ofa
molecule with a molar vqume of 100 mlat25°C by a factor of five

relative to that in the hydrocarbnn A molecule of twice zhat volume wouid

have its solubility decreased by & factor of 26. For iarge moiecules, _

therefore, the prassure effect can be very substantial.

The uniformly signiﬁcéntly lower Laplace pressurs determined from the
solubilization of carbon tetrafluoride indicates the interesting nature of
the hydrocarbon - i.lﬁorocarbon interaction. As briefly discussed in the
background.of this sedion, in mixtufes of ﬂuo?ocarbon and hydrocarbon
gach component is significantly interfacially active in dilute solution at

the water-liuid interface.(100) The lower Lapiace pressure caiculated for

CF,asa solubilizate'is a reflection of & higher X.,/x;, from equation 5.1 for
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CF 4 than for the hydrocarbon gases. Carbon tetratiuoride is thus expected

to be interfacially active in a hydrocarbon medium such as the micelies
studied. A significant portion of this solubilizate is expected to be in an
adsorbed state”. The micelie provides an extensive interfacial environment

for the solublhzat:on of this molecuie which is not avallable in buik

solution. On the basis of these considerations, it is expected that CF4

would have 2 higher Ix,;n»;xh than the non-interfacialip active hydmcarbon
gases and, .tﬁeretore., a lowep .L.aplece pressure. The above Laplace preseure

resuts incioate that approximately 30% of the OF, is at the surface of the |

micelle. The :nterfamal actswty of nonpuiar fluorocarbons in hydrocarhon '
mmalles has ramtftcattons for the inZeractsons of f!uorocarbon anesthetlcs
and blood substitutes wlth physmlog:ca] membranas. The location,
dIS‘lﬂbuthﬂ access&biiity and uptake of these important drugs will be
affected by their mterfamal actwsty in membranes
im. f

Considering.. t.he. effect euch large micellar Laplace pfessuree, as shown

inTable 5.4, have on mlcetlar solubii:zatlon :t would be valuable to

develop a means of estlmatmg Laplace pressure of micelies ws:hout
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experimental deterrination. Such a method first requires a model of the
micelle. At !oiv concentrations in water most micelles have been dascrived
as spheres.(3,12,20) The Laplace pressure of a sphere is }elated to its
interfacial tension , ¥, and radfus I,r, by equation 5.3. (4) L -' »

AP = 2‘5;; o (5.3)

Evenif a sphenca! model.ls appropnate fof & m:celle neﬂhar the |
interfacial tensmn for the mlcaile-water interface nor the radlus at the
true surfaoe of tanston of the mlcelle are expertmentally avantabie A
modet of the mlcelle—water interface is therefore reqmred It is assumed
that the hydrocarbon—water mterface oontammg the same number of |
charged surfactant rnoleculas per unit area as found at the micelie surface
is similar to the m:ceile-wa!er mterface Smce m:ca!le radu are as small
as 10 A an mmal cons:deratlon in tha use of thrs model must be the effect
of the curvature of the micelle on its interfac:al tension. Existing theOnes
{4,148}, whnch would mdlcate major effects at hagh curvature, have been
shown to be madequate Fisher and Isrealachrvzh (149) for sxample,
sbowed that sven at a radius of 5 A the cyclohexane surface tension was
not different from that measured ata planar mterface In these stud;es we

T

have |gnored the effect of curvature on :nterfacral tens:on
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Other factors which are likely o influence the magnitude of the

micelie-water interfacial tension must be investigated. Toward this goal,
Mukerjee has employed a model which has led o encouraging resuilts. |
{18,23) Tﬁa model .ls that of a fluid micelle with a poiar.ooat.(150) it
models the micelle's ihterior as a hydrocarbon fluid. Further, the model
assumes that the interfacial tension ié determined primarily by tﬁe nafure
of the headgroups aﬁd their surface charge density in the micelie. In order
o test the e#tent to which fhis assumption holds at planar interfaces,
literatﬁre data on interfacial tension .of. sodium alkyl sulfate systens have
been compitéd and compared.{134,135,151,58} These are the only systems’
for which a réasonabie amount of data exists in the literature. Flg.ure 5.1
shows a plot of the.:.d.;ata of I-;Iaydon. and Taylor (1351 51) for the interfacial
tens;ion of aqueoﬁs solutibns of SOS8, 8DeS, and SDS at various ..
concentrations of NaCl, Thé .SDS data (135} are against petrocleum ether :
whereas the.uther sys?e_ms are against decane.(151) The interfacial
tensions are biotted.agains: the érea of interface available to each
surfactant moﬁomer. which was caiculafad by tﬁe authors frorn the
derivative of the interfacial tenéion with respect to the log of the activity

of the surfactant. The figure indicates that interfacial tension for these




_Figure 5.1

Hydrocarbor/aqueous surfactant sokution interfacial

tension at 20°C plotted as a function of area per

surfactant molecuie from data of Haycion and Taylor

petroleum ether

5.4, _ .

Symbol  ° Surfactant Hydrocarbon
e T 808 decane

v SCS decane

o . SOs decane

A - SDeS decane

A . SDeS decane

0 . 8DS petroleumn ether

| SDS petroleum ether
R s0s

(151,135).The curve drawn is according to equation

0.05
0.1
0.25
0.1
0.25
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systems aré essentially indist.ing.uishable for two different organic phases, |
three different surfactants, and three different salt concentrations.

Recently, & mono!a}er model for sﬁr_factant adsorption based upon Butler's
thermodynamic approach (94) ﬁas bean shown o be exiremely useful. The
enenéion of this approach to the effect of the presence of adsorbed
surfactant at a pianar interface én the adsorption of other solutes to that
interface will be described later. Equation 5.15 shows the general relaﬁon
of surface mole fraction, x, 3., to bulk mole fraction, x, |, of the solvent. This
equation provides a basis for calculating n-A diagrams of surfactants. At
the interface, for charg.ed surfactants containing wo ions, x,% + 2x,% = |,
where x,5 is the surféce méié fréc.:t.ion.of t.he. surfaétant ioﬁ. Equation 5.4
shows t.he féla;ﬁonship of x,* to ;m.(n-lfo-?).

xS =1x® = LxlexplnaR o (5.4)
Here a, is the partiai molar érea of water. The areﬁ, A, of the .st.rractant

ion at the interface in AZ/charge is given by

A=10"xSnx6028x10% . . . . (55




whare n is the total number of molecuies at the surface,

n = /(X% a; + x,° a,) _

where 3, is the partial molar area of the surfactant ion and the
counterion. . )
Effective ¢o-areas of homologous series of ionic surfactants ata

hydrocarbon /water interface have been shown to be very similar (134).

(5.6)

Equations 5.4 to 5.6 indicate that if a, values are assumed to be the same

for the three homologous alkyt sulfates studied, then the same A value for

all of these surfactants will be'obtained for any given . The theorstical

curve in Figure 5.1 was calculated on the basis of an a, vaiue of 7.62 A2

(152) and an a, value obtained from the fitting of equations 5.15 and 5.16

to the SDS data of Haydon and Taylor at the petrolsum sther-water .

interface.(135) The curve gives a reasonable description of the data for

these three systems. The variations in 250 between decane and petroieum

sther at varying sait concentrations are shown by this congruence of ¥ data

to be inconsequential. The differences in b’o for these systems are small
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and, moreover, much of the surface is taken up by surfactant at this degree

of coverage.

Rehfeld (58) has studied the interfacial tension of aqueous SDS solutions

against variou.s hydrocarbon liquids. He represented his interfacial tension
data using én equaﬁon m terms of Inc and Inc?. Area vaiues derived by
differentiation of fitted equations are very sensitive to the functional
representétion and to.the range of variation of.the daté. For comparison
hetwesn very sirﬁilar sets of data which have been treate& in the same
mannef these ﬁata aré Imore: reliabie. Table 5.5 lists the in:érfacial |
tensions at surface coverages similar to those of sodium dodecyl sulfate .

micelles. These values are somewhat Iower than those from the data of

Haydon and Taylor {135, 151 ) The d:fference between these sets of datais

most likely to be due 1o the determma:son of the area A frorn |
differentiation of equataons axpressing 8 as a function of Inc. On a relative .
basis the data i.n Table 5.5 show' that thé interfacial tension at the same
araa per surfactant menomer is independent of the cham tength of the
hydrocarbon hquad over a wide range from hexane o heptadecane |

The above data :ndscate that at hydrocarbon -water interfaces containing

sodium atkyl sulfates at charge densities simiiar to that of micelies, the
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interfacial tension depends almost entirely on the vaiue of the area per
surfactant monomer and not upon the chain iength of the hydrocarbon, or -

the surfactant, or any added efectrolyte concentration. Further evidence for

this comes from the study of Kling and Lange. They showed mat for G5, Cyp

and Cy, alkyi su!fates agalnst n-heptane the data could be descr:bed by a

single u-A curve. (1 34) Brooks and Peth;ca {1 53) have measured the

snzerfacsal tension agaanst heptane of trimethyi ammonium surfactants.

They found that the same :UUA curve could describe the data for the

Cyo 013, and 022 homologs A s:gmfrcant difference, about 5 dynes cm 1 . ‘ o

was noted between this curve and the one describing the alkyi sulfate data

atA vaiués applicable to miceitar. systems. This emphasizes the o ' | _
importance 6f the néture of thé specific head grc‘aup ion determining the

tension. At the same 1 {same ¥) the alkyl sulfates have a lower A than the

timethyl- ammoniurm bromides (TABS). This means that more alkyl |

sulfates than TABs must go to tﬁe surface to lowar ¥, the TABs being more

efficient at surfacé tension lowering. All of these data are consistent with |

1 the Butler relationship outlined earlier, which indicated that for homologs

having the same co-area at the interface the same A value is expected for
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any given partial moiar volume regardiess of the surfactant chain tehgth.

The above findings support the validity of the assumption of the fluid

model that at bulk planar hydrocarbon/aquecus surfactant solution - .

interfaces the interfacial tension is determined primarily by the ﬁature of
the headgroup and the area available to each head group at the interface.
Extending these ideas to micelles, the fluid model of the micells describes
the core as a hydrocarbon fluid.(9,23,28) The above finding that hydro-
carbon chain length and surfactant chain length do not have a significant
effect on inférfacia! tansioﬁ for tha systams studied supports the use of
bulk planar interfacial tension data 1o estimate the micellar interfacial -
tensmn | |

Furtﬁer véfifiatiﬁh of thése assumptions is provided bf 'oo.mparison ﬁ;ith _
experimental Léplaoe pressﬁre measuraments, For the alkyl sulfates the |
interfacial tensions of n;iceﬂes u}ere estimated from the 20°C data in
Figure 5.1. For 25°C es!zmates these 6 values have been reduced by 0. 5
dynes cm™*. For DeTAB and CTAB vaiues from the work of Brooks and
Pethica were used.(iss) The area per surfactant molecuie in the miceife

was estimated from the partlal molar volurne of a surfactant monomer in a

micelle (154, 155 156} and the micelie molecular welght from ught -
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scattering data (1 5 157). On the bas&s of a spherical geometry for the
micelle, the area per surfactant head group was‘caicu!ated 10 be 69.1 A?

for SDS, 71.8 A2 for SDeS, 74.7 A2 for SOS, 58.7 A% for SDS in 0.1M NaCl,
81.3 A® for D.eTAB, and 7?.4 Az for CTAB. The interfacial tensions in dynes
om! used at these surface oovarag.es were, for SDS 33.1; SDeS 34.2, SOS
35.1; SDS in 0.1M NaCi 27 3: DeTAB 32.8; and CTAB 31.0.

The radius chosan for use in equation 5.3 must correspond to the surface
of tension of the m:ce!le. Tne position of this surface is not known. Toa
good apprdximation the value of th.a radius éz the surface of tension may be
assumed to be equal io tﬁe .ﬁydrocél.'bon radfus‘ This approaqh was also
- recently adopted by Ericksson and co-workérs {125)as & conQanient choice
for the hydrocarbon}water interface. it is aiso consistent with theoretical
evidance that at high curvature the surface of tension is l;kely o be about _
1-2A mward of the physu:ai surfaca (158) The radius at hydrocarpon
core-watar tnten‘aca was catculated from the micellar voiume used abéve
by subtrachon of the voiume of the headgroup (154-156 159)

in Tabie 5. 6 tha values of the micellar Laplace pressure obtained in this

manner from equatlon 5.3 are compared with those determmed from gas

solublies. For soS, soes $DS and CTAB the values agree ws:hm 10%. The
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disagresment in the case of SDS in 0.1M NaCl may well be due to significant

deviation from sphericity of these micellés, which are much farger than
those in water.(153,160) If these micelles are assumed to be spherical, the
calculated radius of the hydrﬁcarbon oﬁre is 19.5A. This is signiﬂéantiy :
greater than the 16.6A, estimated by Stigter (161), for the fully stretched
out length of the dodecy! chain. Therefore, these miceiles are very likely to
be non-spherical. The agreement between experimental and calculated
vaiues for i.aplace pressures provideé strong support for the fluid modél of
the miée!le. it also ;irovides a reasonable methad for calculating micellar
Laplace pressures. | | -
A%ternatively; the m.icelle may be regarded as posséssing two. interfaées

or surfaces of tension. At the inner interface the hydrocarbon core contacts

water and a tension, ¥, equal to a hydrocarbon/water interface is present,

jeading to a higher Lapiace pressure than produced by ¥. The partial
counteracting influence of r is located at the outer radius or the full
micellar radius. The resulting pressure is givenby -

AP.B,%_.;"_.ZE_.,I_. S .. -

F‘inrmr Houter

This assessment increases the calculated values of the Laplace pressure by

e ot R S




between i5 td 30 Iatm., aﬁoﬁ 5% of the total.

According to equation 5.7 the .Lapiace pressure dﬁé to ?50. is reduced by a
negative pressure o.riginating from the x values, Stigtér ascribed this
outward (negative} pressure to charge effects originating from hsadgroup
repulsion.{161) Using some older aggregation numbers avalable to him
{161-183), and applying the Gouy-Chapman theory fo miceiles assumed o
have spherical dduble layers, Stigter caiéulated this eieciricai pressure to
be 10.86 dynes em'? for sbs micelles in water at 25°C. From equation 5.3,
this correspohds foaxn valué of li dyn.as!cm. Ignoring the positive ¥, term
of equation 5.7, .Stig.ter boncluded that thé micelle was .und.er.this negative
prassuré. if a ¥ value of 52 dynes/cm is used in equation 5.7, these
caiculations would indicate a higher miceltar intérfacial tension than that
suggested Iby measurements on hydrocarbon-aqueoué surfactant s.ystems.
Howaver, the ¢t fbr charged surfactants at bulk interfaces hés been shown -
o be determined.primarily by an electrostatic térrn and a nonelectrostatic
term.(164) The latter term is due o the co-area of the surfactant
molecules. Tﬁis contribution to & wa.é iénored by Stigter. ** S

Stigter's résu!ts fﬁr the éiectricél contribution tﬁ x, 11 .dynefcm, for - .

sphericat micelles, can be compared with predictions for planar surfaces
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which are also based onn Go.uy-Chabman theory. Such an eduation. developed
by Davies (164,165), gives a vaiue for the electrical contribution to x fo.r a
planar surface about 1 dyne/em highaf at the same surface charge density
as used by Stigte.r for s#herical 8DS micelles. it is thus intereéting to note
that curvature of miceliés may reduce the electrical cﬁntribu!ion ton
slightly. R | | |
in conclusion, the reliability of the approach employed here ﬁas been

supported by the. exﬁelient agreement found betweeﬁ Laplace pressures
estimated from the fluid model of miceiles and those experimentatlf. | o
determined from gas solubility déta. The search for compeﬁsating offects
and inéorrect assumptions in the model is hamperead by our lack of
knowledge of the precisé naiure of the micelle-water interface. |

Uncentainty with respect to the éxteﬁt of fluctuation of the miceliar. o
interface raises questions about the assumption of exact sphericity, |
Although ignored .ﬁe?e .on the basis of experimental evidence (149},' _ _.
curvature effects are expected by theory (148,158} to reduce the value of
¥, relative to the p.i.an.ar imeffaoé. As obéerve& above,l curvature eﬁef:ts
may aiso éignificantly reducé the e!ectricél cénfributioh to 1; Together

these effects of curvature wouid tend to compensate each other at least
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partly, according to equatioﬁ 57 For highily cufved surfaces, moleculaf
theories suggest that the radius at the surface of tension is likely to be |
1-2 A less than that at the physical surfacs.(‘l 58) Since ¥, and radius |
values are bctﬁ Iikely {0 be lower than estimated, %naocuracies in each may |
cancet in the caicslation of Laplacs pressure. E |

In summary, the above examinstion of avsiiabie data on miceliar Laplace
pressures and iﬁterfaciat tensions in relation to a simple fluid modei for
the micel!e'has f:roduced ensoufaging resuits. The mode! provides a means
by which Laplace pressures for anionic and cationic surfactants have been
calculated. Butler's equat:on has also been demonstrated to be a reasonable
indicator of the vaiue of interfacial tension needed for these calculations. .

The agreement of experimental and caiculated Laplace pressure vaiues

suggests that the vaiues of at hydrocarbon-aqueous surfactant soiution
interfaces and at the micelle-water interface are of similar magnitude. In

view of the importanoe of micsilar interfacial tension to thermodynamic

descriptions of micsile formation thess fi ndmgs are llkely to be of

interest in theoretical conszderattons.- o




Much of the research on the solubilization of molecules in micelles
has cenfered around attémpts at determining the iocation ofthe
soiubilizate in micelles.(46-56) Results are often interpreted in terms of &
sinéle envirbnmem fro the solubiﬁzate.(%,é‘l ,46-48) Modeis of
solubilization have aiso been deve!oped based upon a smgla Iocatlon for the
solubilizate in the mlcelle(1 66)

The work of Mukerjea and Cardmai (28 50) led to the development ofa
Mo-state modei for micekar solub:l:zanon One of the more diract
avidences fdr the naéd for two or more different states was a finding by
Muketiee and Cardinat (50} fhat for benzene and the atkylbenzanés the
miceilar envir..onr.neﬁt became continuously less polar as the Inumber énd -
size of th‘e. alkyl :.groups inc;eased. The systsmaﬁc variaﬁon of
micmedvironmantal polarity was ﬁot c.xmsis:zént with a single environment
for the so.lub.iiizate iﬁ the micelle. Thesé workers bostuiated that.the

1 solubilizate in the micelle was distributed between a non-polar "dissolved”
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state associated with the hfdfocarbon core of the micelie and a more poiar
*adsorbed" state at the micelle-water .interfaca. it was noted thata
significant feature of the tﬁicelte was that it possessed an enonﬁous
interfacial area relative to ifs volume. If this geometrical feature is
combined with high interfacial activity even srﬁaﬂ amounts of solubilizate
in the micelle core can be in distribution equitibrium with considerable
amounts of sotubilizate at the. micelle/water interfaﬁe. The "adsorbed”
state can thus poténtia[iy be the only state of practical significance,
| containing more than 99.9% df the molecules, as shown later for some
solubllizates. g SR o .

Pyter, Ramachandran, and Mukerjee 52) applied the two-state model
o the nitroxides TEMPO and OTEMPQ. These are considerably hore surface
active than ban#ene, and some of the probiems raised. in this study are
pertinent for this discussion. .Th.ey detarminad the micelie-water partition
coofficients ih severazlsurfactant sfstems. The partition coefficients
between dodecaﬁa ahd. water a.nd interfacial activities at thé dodecane-
water in.terfac.e warelalso rﬁéasured. The d.odecar.ze-water partition

coefficients corrected for the Lapiace pressure effect gave an estimate of

the partitioning into the micellar core from water. The experimental
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micelle-water paftition. coefﬁcients ﬁere fodnd 0 be ?f times higher for
TEMPO and 1600 times higher for OTEMPO. On the basis of the two-state
model, these vaiues are the ratios of the nitroxides adsorbed at thé
micelle-water mterface to that in the core. From the mterfaczal adsormption
to bulk dodacane-wazer mtarfaoe the same ratio was estimated to be
about 400 for TEMPQ and 5300 for OTEMPO. The second method is
qualitatively coﬁsigtent with the ﬁr;t one, since both show the over-.
whelming impaortance of the Iadsorbad layer. However, a discrepancy by
factors of 5.6 and 3.3 was ndtad. A pbssibie contributory factor resulting in
this relatively large discrépancy ié thé assumption that the adéorption to .-
the micsile surfaca is the same as the adsorpnon toa hydrocarbonfwater
interface contam:ng no po!ar group. .

> S A

Adsorption to the micelie/watsr interface cannot be measured drrect!y
In terms of 2 model of 2 fiund m:cezle with a polar coat, an appropriate
model system for adsorptfon of any solubilizate to the ;nlceileMater _
surface is the adsgrptron of the same solubilizate to a buik hydrocarbon '

liquidiwater interface containing surfactant molscules at the sama

coverage as in the micelle. Such data for bulk planar surfaces are not




available.. in 6rder o use adsérption éstimaﬁes to hydrocarbon/water _
intetfaces withbut polar groups originating from surfactant head groups or
counterions; a correction for the presence of polar groups at the micsile/
water interface is needed. A thermodynamic approach has been developed
here which provides é suitable correction for the prasence of sdch polar
groups. Reoaﬁtiy, hydrocarbon/water distribution coefficients, micelle/
watar distribution coefficients, and estimates of adsorption to

hydrocarbon/water interfaces for a number of highly interfacialty active

corhpounds have become available from different sources.{45,52,119,1 70- '

178} The availabiity of these data, inciudmg some systams where 99.9% of
the molecules are at the mterface coupied w1th the new approach for
correctmg the adsorpnon data allows a searchmg test of the two-state
. - Lo o :

 Inthis sectlon the relatsonsth of the lwo. micellar étates to |
parameters wh;ch can be measured or estlmated are presented The
oorraction factor for adsorptton in the presence of surfactant is presented,
Data on fhe n;ibeilwater ;Saftitiﬁn coefficients of éﬁma interfacially

active substances are analyzed in reiation 1o the two-state model,

i
B
4

i

4
§
A
1
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The first state which wili be axamined is the dissoived state. In this

state the molecules are in a hydrocarbon-like environment subject to a high
Laptace pressure. Since the micelle core is essentially fluid-like, (16,150}

a hydrocérbon solvent .provides a suitable mods! for the core. For studies at
infinite diiution, the hydrooa.rbonfwatei.' partiﬁoo coefficient, Kijw _' )
provides a startmg pomtfor d.oscrioing .s.o.lubitlization I the solubilizate
has a low soiubslzty in the mlcelle the two state modol atits present
state of deveiopment may be used to descnbe miceliar solubmzatlon at
saturaﬂon Analysrs of such datals presented in the next chapter. in thas
case the mols fractzon.soiubt!ity, xr;, of the solubilizate ina hydrooarbon of o
chain ianoto equal to th.at of th.a surfacltant. rﬁonomer is used 1o assess tho
soiubul:ty in the hydrocarbon core of the micelie. As described in the last

sectlon a hlgh Lapiaoe pressure AP, also exists w;thm the maoalle The

mole fraction in the dissolved state,xd. is given by:

XgXnexp (APVAT) T )
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An equitibrium exists between the dissolved and adsorbed siates. The
concentration in the adsorbed state, is refated to the adsorptivity of the

molecute and the area availabie for adsorption: -

X, = TAf . : _ o (5.9
where [ is the interfacial excess of a solubilizate ata
hydrocarbon/water interface, fis the correction factor for the effect of
he headgroup on adsorption, 1o be discussed in detail below, and A is the
micelle/water interfacial area per mole of surfactant. Combining equations

(5.8) and (5.9) gives

X=X g+X, = Xy, @XP(-APV/RT)[1+ TAfx] | (5.10)

A simit_ar relation holds for the micelie/water partition coefficient,

Kow = Kiyw SXP(-APV/RT) [1+ TAlX ] SRR (5.11)

The interfacial excess is retated to the lowering of interfacial tension

by:
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Pacil 8% . 885 _1_ | | |
RT ®ina RT &x st g ' o (5.12)
- Sinx

where 1 is the activity coefficient and a is the activity.

 Atinfinite ditution the quantity Inf = 0, and I' = 1 8% .
T  m " AT am

This means that the quantity /x4 in equations (5.10) and {5.1 1) can be

evaluated from the relation: =~

A
8%

]

L
X
The magnitude of A must be streséed. Light scattering (15) or other studies

{41,160} can estimate a micellar molecular weight which, if the density and
micellar geometry are known, can provide an estimate of the surface area of

the micelles. in an SDS micelle of 62 monomers, the interfacial area per mole

of surfactant monomers is 4.2 x 10%m2, One moie of dodecane (228 mi)

dividad into 0.5 million fmm diameter spheres would have a total surface area

of 1.4 x 10%m2, five orders of magnitude less than the micelle. One micron

spheres would have a total surface area stilf three orders of magnitude
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less than the micelie. One Imicron spheres would have a total surface area
still three orders of magnitude less than the micelle. Thus the magnitude of
the micelle’s inlterfacial area can potentially make the second .te\rm in
equation (5.7) significant and even predominant.

The presence of polar groups of the surfactant itself red.uces the
interface available for adsorption of nonionic solubilizates. The typical
micel%af surface has #n area per surfactant headgroup of about _
70A%/charge. Stﬁdies of adsorption of ionic surfactants to hydrocariaoni
water interfaces réport.astimates of co-areas of surfactant moiecules in |
the range of 30440 AZ/charge.(134) A signifiﬁant portion of :thé interfaee
is, therefore, unavauiable for adsorptlon o

The competstton betwean surfac!ant and so!ub:i:zate for an mter?ace
is described below in terms of a new tharmodynamrc approach On the
basisofa monolayer of molecules at the surface, the mterfacnal tension,

%, between two phases can be described by Butler's equation.(94)
uf. p,oﬁ RT m(xs; f,)s-r ¥y o o S . (5.13)

where y is the chemical potential of component i, superscript s stands
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for surface, superscript o sta:;&s for standard state, and &, is the partial
molar area of cbmpbnent Lin .tha buik the chemical .potential cén be
written as | _ _
whoe mod +RTIN(IG) (514

where superscript | stands for bulk (fiquid). At equilibrium 1.8 = 1. For
the solvent, species 1,
WO eu® B

where.ﬁo ;s the interfacial teﬁsion in the absence of any aﬁditive. CRR
and f;’ are assumed to be unity, the above relationships yield squation 5.15,
For surfacfant combonent 2,a1-1 .eiectrofy:e. ar;d the uncharged
inferfaciafly actiﬁe component 3 solubilizate, equations 5.16 and 5.17 can

be derived on similar bases. o
X;s -~ th expl-n a/RT) B : ; D e o | {5.15)

xzs-leftlexp(A) exp{-nay/2RT) - .. P (5.16)

xs® = x5l exp(B) exp(mayRT) o (81D
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In these equations, fi is the mean ionic activity coefficient of the

surfactant, ® is ¥p-%, and a, and az are the partial molar areas of

components 2 and 3 respectively, The factor of two arises in equation 5.16

since the mole fraction of a 1-1 electrolyte at the electroneutral interface

is twice the moie fraction of each of the ionic species.(164) The quantities

5}, 135, and 1, are all assumed to be unity. Exp(A) and exp(B) are measures

of free energies of adsorption of components 2 and 3, respectively.
{164,167,168) Values for the terms A and B can be dstermined fora '_ s

particular surfactant or solubilizate independently in two-component

systems from experimental values of g and activity. Estimation of partial
molzal areas at interfaceé is difficult. (99,120) Oﬁen these terms are

treated as adjustable.parameters.ﬁ 03) In this study the parameter used
for &, corraépoﬁds 762 Azlwafer moiecufe. which was 6erivad from the
average hard .sph.e.re..dia.lmeter of Wéter fo} which vaiues in tﬁé fiterature |
ranged from 2.50 - 2;93A.(1 52) The .az .p.ara.an;re.ter catcﬁlated frdfn SDS ..
adsorption data (135) aﬁd #-A cailcuiation used hére has been shoﬁn

earfier. The same parameter has been used for all surfactants. The choice -

of the a3 term, partial molal area of solubitizatse, will be discussed later in ' .
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retation to individual solubiiizatéé. S
This treatment for a three component system provides a means for
éstimating the mole fraction of solubilizate at the micelle/water

interface, x3%, in the presence and absence of surfactant. Equations 5.15 -

5.17 are subject to the condition x® + 2x.% + x3° = 1. At infinite dilution of

.

component three in the absence of surfactant, xe( and in the presence of

surfactant n=n., Therefore from equation 517

=

Ezsmmanmms&ﬂn exp(-nsaamn L (B
x;s(no surfactant) S x

b

The ratio of the number of solubilizate molecuies at the surface, ng®, in

the presence and absenoa of surfactantis

nzsiﬁuctamanmtesanﬂ .af.;t.zw' exp{-nsazlﬁ'l') o (5.19)

n;S{no surfactam} . nf
where nﬁ-'l}a‘ o anhd,

N + 2n,5 = 1/{x5a; + X,5/2;)

Equation 5.19 provides the correction factor i, for the competitive

adsorption of a solubilizate and surfactant to an interface. Since the
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solubilizate is at infinite dilution, the interfacial tension iowering, T, - is
due o the surfactant only. The value of , determines the values of x® and
x,® from equation 5.15. Equation 5.19 shows that, since n is a positive

quantity, n5® is lower in the presence than in the absence of surfactant,

The competitive adsorption of a surfactant and simple non- |
electrolytes to an oiliwater interface has not been studied exterisively.
Some experimenal daia by Jho and Kihg (169) allow for a test of equation
5.18 for bulk iniefféces. These workers measured the adsorptions of o
dimethy ether to the hexane/water interface in the presence and absencs
of sodrum dodecyl sulfonate (SDSO). From publlshed diagrams of the surface
excess of dimethyi ether as a function of pressure of the gas at three fixed

concentrations of surfactant, the relative valuss of the surface axcess at
low pressure of dlmethy! ether detennmed from vaiues of (-8?5/ SP)P_,O have
been esnmated

Table 5.7 shows the large effect of the surfactant. As indicated in the

tabie the adsorptivity (-8%/5x) of solubilizate in the presence and absence

of surfactant decreases by a factor of six from 40 ergs cm2 atm'* in the '_ :

absence of surfactant 10 6.7 in the presence of zhe hlg hest concentrauon of




Effect of Sodium Dodecy! Sulfonate on the Adsorption of
Dimethyl Ether at the Heptana-Water Interfaca
- {Data of Jho and King, 1981)2

Concentration of

g% (ergscm~2atm™ | _sxb

Sodium Dodecyl Sulfonate L o sp

molesf R =0t T {p0)
S {expt) . {calc)

0 o 400 _

002 i 88 0.9

004 . g7 62

aref. 168

b. 18.1A% molecule used, e
V2BN'A caiculation gives 24 A2

77

l72
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surfactant. Jho and King gavé a qualitative expianation for this effect
based upon competitive adsorption.{169) In order to test the applicability
of equation 5.18 to these déta, we have assumed that the partial molal area
of sodium dodecy! suffonate an& sodium dodecy| sulfate are iden:i.ca!:. The
vaiues for -5%/8x in the présenoe of surfactant determined on the basis of
values caloulated for the lsft hand side of equation 5.19 are tabuiéted. |
Using a ll.nean area of 18.1A2 for the aréa of dimethyl| ether, a nearly
quantitative '#Qraémant Is obtained frorn the three surfac’cant conceﬁ- o
trations studied. This value of the mean area whlch produces this
agreement with thaory is raasonabia although somewhat 1ower than tﬁe |
value which would be expected from (V/N)2?, 24A2/moiecuie (169), a |
commonly used abproximate estimate of molar éraa.(1 03,108) An over-
correction of f from 35-50% over tﬁe ekperimentai range would result from
the use of 24A2fmoiecﬁle. fhs éﬂeét of the surfactant polar head groups
may be overcorrected somewhat by the use of V2 estimates. The
assumption of a vaiue of umty for the actw:ty coefficients in the
monoiayer mode! (equanons 5.15-51 7) is also likely to :nfluence the .

magnitude of the effeotwe area vaiue whzch produces it to the daza The

agreement between experiment and theory using a single reasonabie value
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for the araé te.rm providés s..u.ppbrt for the extension of t'he use of equation
5.18 to micelles, |

Preferred orientations of moiacules atan 1ntarface must be takan into
account in the esttmatlon of partlal molar areas. At interfaces some
asymmetrical moiecules are likely to be oriented. qu such molecules zhé
commonty used V23 ére unreaiistic. In the subsequent analysis of micellar |
solubiiization, amphipathic moleculss which would be expected to bs
© strongly oriénted at the interface, such as afcohols ketones and amides, |
were asagned an area of 20.5A2, which corresponds to the closest packmg
for hydrocarbon cha:ns (4, 119 99) | _ | ) _

The success of the.twb-statd model in describing the micelle/water
partitio.n coeﬁfcients for iﬁterfﬁcialty a&tive éo!ubiiizates is . | -
demonstrated in Table 5.8. in this table data from the llterature for the
partitioning into SDS mlcelies of alkanols, ketones, and nnroxldes is
compared wlzh valuas calcu!ated on the basis of the two-state modei.

(45,52 172) Also dxsplayed are the hydrocarbon!water partltlon :

coefficient K,...(170, 171) along wnth its correctmn for mlceliar Lapiace

prassure, the vatue of -86 / 5%, {119,1 ?1) and the term I’Affx of equation
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5.11, which is the estimated. r.'a.tio. of adsorbéd to dissolved mc.J.lecules on
the basis of the two-state model. Competitive adsorption (equation 5.19)
was used to estimate the amount of the solubitizate ét the interface. The »
value used was 19 dynas/cm on the basis of interfacial tension daté at

surfactant coverage similar t that found in the SDS micelte.(135,151) |

We can see from the gverall agreement betwesen KW(ca!c) and

Ky {@XP1) that the two-state model including Laplace pressure and
competitive adsorption is capable of describing the solubilization of three
classes of interfacially active molecules - alkanols, ketonesand -

nitroxides, Ana]yéis of the\data begins with the inte_raction of the " .
solubilizate with hy&mca@n as indicated by the K. Tﬁe wa. values .
are all much Earger thaﬁ the thw .valués. Hoﬁever, és the initiai iﬁdicator
of interactic;ns betwean .the golubilizéte anﬁ the r;*:icelle, Uends in .Kh;‘w ére

reflected in trends of micelie/water partition coefficients for compounds

within the same class,' having the same interfacial activity. The molecules

with the higher K, have the higher K., ... Forexample K, increases .

continuously from butanoi (1.4) to heptanol (81.7) as does K, (300 -
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8220}). Howsever, whan moiecules of different types which do not have the

same interfaciai activity are compared, this trend is not seén. For example,
2-butanone has.a. higher K, (4.65 than buténol (1.4) yat the K., of 2-
buténone {140) is about .one-half thaf of butanbl (306). '

The effect of Laplace pressure, an intrinsic feature of the micelle due to
its structure,{18) must be taken into account. This pressure has been
demonstrated_to inﬂueﬁce thé micellar sofubility of hydrocarbon gases
(23,1261 31 ). and will infiuence the partitioning into micetfles of all
solubilizates, (23 52) The Laplace pressure corrected Kpyw 18 shown in the _
sacond éoiumﬁ of Table 5.8. The magnitude of the trends in this value for |
molecules of similar interfacial activity is much closer to that of the
experimantél Km than is the trénd in wa. For example, a 21-fold |
increase i.n Kw;.a.md.a 26fo|d Eﬁcreasa in the Laplace pressufe .correlcted |
Ky 18 5881 in .going.ﬂ.'ozm butaao!.to héptén;i, whl#e the me shows a 65 .
fold :ncreaée The mﬁlar vo!uma effect, wh:ch is aoooumed for by Lapiace

pressure, is mdicated by the above comparlson

The major factor influencing the miceilar solubilization of the

compounds listed in Table 5.8 is their interfacial activity. There is litile
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guestion thaf these molecules will expose themselves to water when
solubilized in a micelle.(8,23,179) They contain poiar groups which can act |
as hydrogen boﬁd donors of acceptors. In this way they are amphipathic just
as are the surfactants which have aggregated to form the micelie, It is fﬁus
quite reasonable 1o expect that nearly 1000 times as much bufanoi is at the

surface of the mlcelle as that in the core. The amoum in the core cannot be
neg!ected in detarmmatxon of K,y - Only through reasonable assessment of

the amount in the core, based upon interactions between the sotubrhzate .

and the hydrocarbon chains and a knowledge of micefiar structure canan

estimate of K,w.W be achieved,

Recently some experimentaf vaiues for the micellaf panitioniﬁg of some
amides and Iong chain aloohois in alkyl sulfates have been publ:shed {1 73)
These values were determmed through the cme decreasing ability of the
solubllizate. They are likely to be sub}ect to SQmewhat groater érrors than
other methods because émphiphatic moleéules are known to abhieve high _
leveis in the m:cefle near the ome. (8 23,180} The data, however are hkeiy
to be reliable to wlthm an order of magmtude Table 5. 9 lists the '_ | ‘-_ |
experimental values afong with those calculated by the prasent model, the

hydrocarbon/ water partition coefficient, the Laplace pressure corraction
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and the interfacial adsorption using a 20.5 A? molecular area of the

solubilizate. - -

The experimennal K values in tabie 5.9 were determined at 43.8°C.

The K, and -§8/8x parameters in the ilterawre have been determmed at

20 or 25"0 Therefore the resutts on the alcohols are mciucted to show tha
general order of magmtude agreement which is attained when the iower

temperature parameters are used __
The amtdes have much iower Kw vaiues than those oompounds discussed

earlier. On the other hand their mterfacrai adsorplivity (-8%/8x) is about

1000 times hagher than that seen for the alcohols, ketones, or nitroxides.

The adsorbed to diss.ohfed rati_os FAf/x indicate that only about one part in | )
one million of the .m.olecules in tﬁa micellle are in thé core out of contact

with water, Thé a&sorbad state might be considered to be the only state of'

practical intérest. Howevér, itis only through the proper evaluation of the

d:ssoived state that an assessment of the adsorbed state is possible. The

major result to be stressed here is thata reasonable vaiue of the _

miceile/water partmon coeff‘ cient in two dlfferent surfactants has been

recoverad from an assessment of the distribution of solubiiizate between
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adsori:ed .and dissolQed .st.a.z.t.a.é on the basié of experiment and theory,

The micelle/water partitioning at infinite dilution of benzené by two
ditferent surfactanus 508 and 8DS, is shown in Table 5.10. Two state
mode! ca!cuiat:ons are also shown The hydrocarbom‘water partmon
coefficient (1850) is seen to be targer than that of the micelle/water
partition coefficient in each type of micelle (560 SOS, 850 SDS). {174,175)
This compound is much less interfacially active {~-8§%/8X = 33) than the
alcohols, ketonés. amides o? nitroxides, It is important {o note, howsver,
that even this ﬁﬁ!d interfacial activity of benzene leads to a predominant
fraction ot sozubilize& molecules at the micellar surface. The value of the
adsorbed to dissoived ratio calculated without coﬁsideration of ..
compeﬁti@ adsorption, f«1, is shown first for eaéh cormpound. As seen for
nitroxides by Pyter, Ramacﬁandran and Muksrjee,{52} this value of the

adsorbed o dissolved ratio (5.99 for SOS) is higher by a factor of about
three than that which is detarmmed from the experfmental KWWr ({560-

175);1 75=2. 2)

In order to estimate tha effect of competitive adsorption, an area term

for benzene must be estimated. Benzene does not have the amphipathic

character of the other compounds studied ih this section. Since no
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preferred orientation is known for this compound at the micelle/water
interface, the (VN2 gstimate is empioyed as a first approximation. This

vaiue is seen to overcorrect for the sffect of competitive adsorption. A
somewhat low calculated K, results, although even this value is of the

order of m.a.gnitude found experimentally.

As discussed in tl’ie ﬁrece&ing chapter, arﬁmatic .mollecuies are hydrogen
bond acceptors. An origntation of the aromatic ring lving pﬁratlei tothe
intertace provides the .most favorabie positi.on. for hydrogen bonding across
the interface.(B3-86) The hydrogen bonding of aromatics is not strong
enough to make thié orientation the only une feasible, howéver. From data
_of Kisele\f {181,182} on adsorptioh of benzené o graphon, the area of the
benzene ring is 40A2. This provides an approximate upper imit to a
reasonable interfaéiat area for benzeng. The vanderWaals thickness of the
T sysiem fs 3.7A2‘. Usi.r.lg ..these\' nﬁofeculér dimensions a berpendicu?ar B
orientation of the aromatic at the interface, which may be considered to be
feasible for the asymmetri§ alkylbenzenes at the hydrocarbdn/water o
nterface, is28.4A2. - |

In Tabie 5.10 the value of benzene area which produces agreement

between the theory and experiment is found to be 18A2 /molecule in SOS - -
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TABLE 5,10
. Solubilization of Benzene

Micellar " Kpypx = TAL -t AeaA? K, %% K o0
System  expl-APV/RT) X -
Na*Cg8O, . 175 - - 599  1.00 1224 5600 -
Knw =1650 175 . 226 - 367 180 560 560
~§8/6x=33 - 175 .. 145 242 280 .- 430 560
Na*Ci,80, ~ 880 554  1.00 - 2180 - 950¢
K =1650 0 330 - 1.88 - 338 . 174 850 950
-66/6x=33 330 © . 183 . 329 180 932 950
{decane/water) 330 115 208 280 710 950
& (VN2 egtimate
b ref 174
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and 17.4 A% in SDS. As shown for SDS, the difference in thess two values
resuits in little change in the calcutated K, .. (i.e. 950 with 17, 4A2 and

932 with 18.0A%). The agreement of these values using expenmental data
from three sources {174,175 present work) lends support to this analysss
The magmtudes of the va!ues are aiso reasonabile. The analyms of the data
of Jho and ng (169) inthe prewous sectlen showed that an area term for
dimethyl ether whsch was 75% lower than the (V/N)*? approximation was

required to fit the newly formulated Butler monolayer competitive

adsorption reodei. The aree values found to fit the experimental miceliar s
data here are about 62-64% lower than the V23 estimate. The eeed fora -
lower effective area at the mlceilefwater :nterfaca as compared witha |
bulk planar mterface will rec;ulre exammaticm of more systems and more
detailed theory. Constraints on molecular moton at the micellar interface _.

may be rmpoﬂant in regulatmg the interfacial actlv:ty of solubilizate. For
benzene the Knm and Km.w vaiues are quite simitar. Some mvestrgators

(183,184) have reasoned that such behavior indicates anon poiar location
for such molecuies in miceiles. This reasomng neglecus the iarge Laplace

pressure of the mtceile which reduces relatwe to hydrocarbon, 1ts ablhty

to solubilize molecules. When Laplaca pressura is considerad, the amount -
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expos?sd to the §uﬁace becogiés evident.

Figure 5.2 cﬁmpares fog K {c2lC) and log Kyw (expt) in SDS to log
Koy The .soiubi[izétés included are those in Table 5.8, benzene in SDS and
808, the.hy.dr:'aca.lrboﬁ .gases atons atm, press.ure in SPS and c}clohexane at
saturation in SQ8, Thg étraight iine is the equation K., = K .. |
There are soiubiiizatéé 6n either side of this line. This demonstrates thé :
need fOl'.a. m_bdei ;vﬁich can address Km,.w values both Iﬁwer than énd

greater than hydrocarbon/water partition values. The triangles indicate the
Laplace bressure correction of the hydrocarbon/water partition coefficient
of the alcohols. On the basis of this degree of partitoning into the core, the

amount at the interface can be determined from experimental and

theoratical assessments to recover the total.

The compounds shown here have Ky values ranging over five orders of

magnituds. Inclusion of the amides in Table 5.9 would extend this to eight

orders of magnitude. The K yw Values for the compounds considered span

two orders of magnituds. Consistent treatment of partitioning and .

interfacial tension data and a mode! which accounts for micellar Lapiace

pressure and competitive adsorption to the miceliar interface is seen to be
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waorking wetll from these results,




87 -

: Figure 5.2 log Km'piotted.asafunction of log Khydmmn
s o _ . S atkane/water

O experimental

"« calculated

g A Kp o 0Xp(-APV/RT)

_ 1. butano! '_ o 9. 2-heptanone
L 2.pentanol DL - " 10. methane

- 3.hexanol - | ~ 1l.ethane
a heptanol - _. 12. propane -

© SOTEMPO . . - 13.butane

- 6. TEMPO o | . 14. pentane

. 7.2buanone - " 15. benzene SDS
8. 2-pentancne - e "~ 18.benzene SOS

S ~ 17. cyclohexane
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A complete understanding of micellar solubilization requires

consideration of effects due te the surfactant polar groups on the
"adsorbed” fraction of tﬁe solubilizate over and above the role of
n.(eq.5.19) in the model presented above, such effects are reflected in _
activity coefficient terms which were ignored in ihe formulation ofthe
ideal Butler model. These effects suggestive of specific head group

effects, are sman in compar:son with the sffects arzsmg from mterfac:az
actzvlty itself. As shown befere Km values can differ from wa values
bya factor of 105 eeacuse of mterfacaal actw:ty In oomparlson spec:frc |
head group effecfs rnay affect Km vajues by factors of one to three in |

typical cases. in general cationic micelies have been showe to be capable
of providing a greater degree of soiubllszatmn than anions for many types -
of soiubllzzates (35 30) For example, the mole fractlons of benzene in .

lauryl pyndlmum brom:de m:ce!les and in SDS micellas differ by 25%,
although these mrce!les are of s;mzlar size. (35) Studtes of the o
mlcroenvrronmental polanty of pyrene in anionic and tetraalkyiammonzum

micelies have been pen‘orrned by Almgren and coworkers {2¢) and Lianos
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and coworkers (187). The résults indicated that pyrone experiences a more
pofar environment in cationic micelles. These workers atiributed this
effect to a weak interaction between pyrene and the cation, arising from

the weakiy basic character of pyrene Also the study of Jacobs and Anacker
{(36) on C-Cy trtalky!ammomum decy! bromldes showed an increasing

soiublzrzanon of Orange OT as the headgroup of the micells bacame larger,

In this work we present an approach to the understanding of such polar

group effects. Our reasoning was based upon the well-known effect of
electrolyte on the aqueous solubility of nonelectrolytes(188). Essentially,

the empirical retaﬁonship between solubility (S) or activity coefficient

{fy of nonpolar mo!ecu!es and the concentration of electrolyte in solution _ .

T

(Cg) has been shown to be
!og(SolS) - log (f ) ksC o s 20)
where k_ is a constanz whosa va!ue depends upon the chemrca[ nature of _

the electrolyte and the none!ecn'otyte and the subscnpt 4] refers o the

soiu:zon in the absence of electroly:e Th:s reianonsh:p is ca!led the

Setschenow aquatfon A positive value of ks indicates that the sait will

decrease the solubility of the nonsiectrolyte in water, which is called
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salting out. Most inorganic io.ne cause salting out of eonelectre!ytes from
aqueous. solutions. However, large organic ions, such as tetraalkyl -
ammonium salts, enhance the agueous sofubitity of nonelectrolytes.
Hydrophobic iﬁteractione mey be involved in this effect (183}, which is |

known as salting in or hydrotropy. These saits have negative values of -
kg {1 86) The molecular interactions involved in the salting-in in bulk

solution are likely to exlstto some extent at the micelle-water mterface

This gives & cjuai‘rtative explanation of the head group differences

discussed. An additionai fact of some interest is that Deno and Spink {185}

have noted a rough proport:onahty between k and the rolar vo!ume of the

nonelectro!yte They demonstrated this relatlonshlp in bom sodium suifate
and tetramethyiammomum bramlde soiutlons fora group of aromatics and

alkyiaromatlcs rangmg in molar voiume (V) from 88 to 177 mi/mol and for

' benzene and a number ef polar solutes eicohets, ethers, ketones. and
aldehydes in ammonium su!fate soiutions. The theory of Long and McDevit
{186}, which has been the reest successful in qualitatively describing bozh
saiting out and saltmg in, ailso contains this proportionality. |

inthis preilm:nary investigation of the effects of head groups on

miceltar solubilization, we have attempted to detarmine the extent to
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which the known abilitf of quofernary ommonium ions o enhance the
aqueouo sofubility of aromatics containing no polar groups can account for
the greater so!ublhty of these compounds in cety! tnmothyi ammonium
bromide micelles {CTAB) than in SDS micelles aftar appropriate account is
made of the differences in the Lapiace pressures of CTAB micelies {330
atm.} and SDS micelles (440 atm.), referred to sariier. Table 5.11 lists the
mole fraction solubilities of benzene, naphthaiene, biphenyl, anthracene , -
ar.ro. pyrone in DS aod CTAB micelies, along with the molar voiume of the
solubilizate. The ratio of the solubi!ity of these molecules in these two
 micelles is also indicazad. Figure 5.3 is a plot of the naturat logarithm of
the ratio of the miceliar o-loto fractioos of those solubilizates as a |
function of the o-:olar volume of .the solubilizate. Clearly, these molecuies

dissoive to a graator extent in the oatlomo m:oalies Unfortunately, there

are major d;ﬁerances in tho reported data on some systems. For example
the Xy AB!XSDS ratios for anthracene and pyrene diffar by factors of two to

three, when resuits of two different :nvestrgators are compared Thrs '
disagreement demonstates some of the oxper;mental probiems involved in

the measurement of sofubilization capacities {Chapter vi).

The data in Table 5.11 and Figure 5.3 show the general trend that the
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- JABLES.11
Moie Fraction Solubility of Benzene, Naphthalene, Anthracense,
Biphenyl, and Pyrene in SDS and CTAB Micellas
Benzene . 89% o048 o7& . 164
Naphthalene ~ 128% .. . o0.080b® - g25%¢ - 312
Anthracene . 150 | 0.00145° - 0.0096° . 6.62
L . 0.0016°  0.0051° - 3.48
Bpheny! . 163" . 0048° = 022° a7
Prene . 178" . 0016° . 0108° = = 675
' 7 o0poe® - 0015° . 25
2. ref. 91 .
b. presant work
¢ rel 20
d. ref 101
&, raf, 190 )
{, calculated on the basis of a 10% increase from that calculated on the basis of the solid
densily as indicated for naphthalene by the molar volume given in ref, 91
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Figure 53  Natural logarithm of the ratio of the mole fraction of isted
compounds in CTAB micelles to that in SDS micelles plotted as
a function of the molar volume of the solubilizate.

1. Benzene

2. Naphathalene
3. Anthracene*
4. Biphenyt

5. Pyrene*

o Experirental

- (A-ESDF%-{-AECTAB} v

& Equation 5.21
A Equation 5,22

L Trend indicated by Equation 5.22

" a. data of reference (29}
b. data of reference (1 a0)
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solubilizates heving 1arge? nio!ar velume favor CTAB over SDS to a. greater
extent than the smailer setubi!iza'ges on a relative basis_. Figure 5.3 aiso
shows the calculated in(xsyagfXgng) values for benzens, eaphthaleee and
pyrene \ehen tﬁese solubilizates are at infinite dflution in micetles. The |

calculations are based on equation 5.10, which follows from the two-state ©

modsi (equation §.11) without any additional account being taken of =~

specific head group effects.
in {Xcma) (M’sos Apcras)_x..» in Lﬂcmm S (Bayy

Xeps = _RT 1+ASD51(55/8><)IRT _

The correctzon factor f .hea.'e is basad on :rnola.r areas of 23.4.1.A2 for the
polycyelic hydrecarbons. 'i‘he caicuiatee effect of Lapiece pres.su.re.alone
(the first term on the right haﬁd side of sguation 5.21) is shown ae the -
solid fine. It is seen that the Laplace pressure term is the dominant term -
it equatioﬁ 5.21 and uncertainties in the calculation of the sacond.term' _
are of little consequence These calculations show that & major pan of the
higher solubiiity in CTAB than in SDSis due to the Laplace pressure
effects, which also show the expected trend with moilar volume, However,

these effects do not provide a full expianation of the experimental data. -
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Equation 5.21 is expected td;'.;ork better for those compdunds ;vhich are at
low mole fractions in the micsligs, that is the larger molecules shown in
Tabie 5.11. Structurai and interfacial tension changes oocurrmg at h:gh
loading of the rmcelle parucuiarly for benzene, are expected to be
sagmf:cant and have not been incorporated into the theory caiculatlons
{equation 5.21). The deviations of experimental data points in Figure 5.3
from ?:alcuiations bassd in equation 5.21 are larger for the larger

solubilizates. The overall qualitative conclusion is that specific salting in

type short range effects caused by the organic head groups in CTAB are
significant and probabiy increase with molar volume of the solubilizate.
tn order to examine rf these resrdual salting-in effects are compatlble

with those observed in buik solutaons, we have mtroducad the factor

S/8, {»1) from equation 5.20 into the adsorpzion term of equation 52110 : '

account for the interaction between the solubilizate and the quatermnary

ammonium head group. The resulting expression is

in (chs) " (Apsns APCTAB) Vein [l:tAoTABﬂSiSoMQKJLBI}
Xsps -~ RT _1+ASDS f(sﬁ/Sx}fR‘r  522)

Salting in effects depend upon ks and C,. The concentration of head
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groups at the micelle surface, G, has been sstimated from the spacing

hetween them to be about 3M.(248) The expenmantai vaiue of k for
benzene in aquaous solutzons of tetramathyl ammonium bromlde is- 01 49
{189}, Values of kg for naphthalené and pyrena can be estimét;d from the
volume ratios.(185) The dot.t.ed. linein Figufe 5.3, calculated using : |
one-half of tﬁe; estsma:ed sc.m;ti.on k;va.lues,. gi\}es. a re;asonabie.
descnptlon of thé data”Th.a i.ov;f'er Ky Qalues needaﬁ indicate that the.fui.l

offect of the quatemary ammonium ion is not expressed at the _ o
micelle-water interface, as might be expected._ )

The overall donclusions ﬁoted presentiy are i.n line with the .
observations of Atmgren and cowomers {28) and Lianos and coworkers
{187) that a specific effect between aromatics and the cationic head group
aceounts for the greater po!anty of the enviranment of aromatics in
cationic micelies fhan in anionic micelles. Ii is also consistent with the
greater solubifity of banzene seen in etradecyl tripropyl ammonium
promide {TTPAB) micelies than in tetradecy! trimethyl ammonium bromtde
(TTMAB) micelles by Venable and Nauman.(35) The TTPAB m:ceiies, having

the larger head group, solubiiize more benzene. These micelies were found




189
1o be smaller in size than TTMAB micelles (35}, so that Laplace pressure
sffacts act in the opposite direction 1o the observed solubilization effect.

it is known that fbr butk solubitities of benzene the absolute magnitude of
k, vatues for duétafﬁary ammonium ions increases with tﬁe sfze of the
alkyl chains attac.hed. o the nitr&)geﬁ. {185) |
in sumrﬁary, we have shown frofn Iitgrature data on the solubilities of
a number qf- arbmatics i.n GTAB and SDS micelies that the ratio xor Aéfxsos

increases with molar volume of the solubilizate. The major portion of this

increase is explained by the Lapiace pressure effect, which is also

dependent on molar volume, Deviations from theory were found to be

compatible ﬁith a Spacific short range interaction between the aromatic :

- solubilizate and the .p.:uoiar group of CTAB. The magnitude of the offect was
found not 1o be és la@é as. noted from buik solution data_at head group
concentrations éimiiar 1o tﬁose found at the surface of micelles. Carefull
experiments af dﬁute concentrations of aromatics in miceltés would
provide data tlr.s ailoﬁ & quantitative eﬁamination of these affects.. |

Accurate solubilization data for slightly soiuble compounds wouid also

facilitate further analysis. In the next chapter a new method for '

determining solubiiization capacities is presented which can expedite




such measurements. -
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SOLUBILIZATION CAPACITY OF MiCéLLES AND A NEW. METHOD
 FORITS DETERMINATION

A Background:

One of the most important properties of micellles is that their pressnce
aliowé for fhe enhanced solubility of most orgénic molécules in aqueoﬁs
solution (23, 24 31) In many appilcatmns of miceliar solutions, such as
formulation technoicgy, the maximum amount of soiubilizate which can be
introduced into solution dug to the presence of the surfactant is of
greatest 1nterast (32,33) As dlscussed inthe mtroductaon and precedtng
chapters, the enhancement of sofubshty is'due to an association of
solubilizate molecules with rmoelles.(zs ,24,33) Therefore_, the ratio of the
number of molas of solubilizate in the'miceile to.moies of surfactant in the
micelle is refe.rre'd to as the solubilization capagity of the micelle.{23) As
with micelle-water partitidn coefficients discussed in the iast chapter,
solubifization capac:zy of simple soiubilszates in mrcelies of wall defined
surfactants provides insight into the nature of the hydrophoblc inZeractaon
and the factors which control micellar selubilization. .

A review of the literature indicates that soiubilization capagcity

measurements can be quite variable. Table 6.1 lists solubilization capacity




202
Reported Values of Benzéne Solubility in Aqueous SDS solutions
Reference.  SDS 7 Miellized Solubilizate/ o
Amgren@sy 005 . . o os®
Brady & Huff (178)  © 0.1 o088
Lo p2s . L 0se

Refeld@n . . 0254 . . .. . . 080

Chaiko gt al, {44) 01 . 1es

8 20219 o
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vaiues from the literature for benzene in aqueous sodium dodecy! suliate

(SDS) solutions at concentrations above the cme.{29,175,47,44) A threefold
difference is noted between the highest and !oﬁest vaiues, in the hands of
this investigator, two methads for determining solubilization capacity of |
liquids in micellar solutions prévad unsatisfactory. In tha turbidity method,
which has baén used By many wor‘kers., (24,30,37,194} known amounts of
solubilizate were shaken vigorously with the agueous surfactant solut:on
and the turbidlty of the sample was measured on a UV spectrophotometer
At concenzrations greatar than the solubilization capacity, turbidity is -
expected to increas.e dramatically. Turbidity maasﬁremants were not |
reproducible. The level of turbidity was found 1o decay very rapidly with
fime aﬁer agitation was stopped, making fts determ.ination difficult. The
other method employed involved layering of the organic fiquid onto the
aqueous solution in long culture tubes with teflon lined screw caps. The
tubes were then laid in a.wamr bath 1o create the greatest surféoe afaa of
¢ontact between the phases mthout formation of dropiets The tubes were
gently roffed intermittently. Samples of the aqueous phasa were taken by

sytinge and analyzed spectfophotometncally in an alcohcl solution as

described in the lmroduction. The solublilzatnon capacity results by this
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method vafied bf * 14%. In view of these difficulties in the determination
of solubilization capacity, it was decided thata néﬁ approach shouid be
attempted. . - | |

CGeneral oorisideratioﬁs régarding the measurement of sﬁlubility also
indicate .that.in cértaih .sfsterhs.conventionai solubility determination
methods and phase separation techniques are likely to cause complications.
{196,197) The level of solubllity determines the extent to which such
compticatibns will be significant, Very low so!ﬁbiiities, such as dodecané
in water, have not as yet been determined precisely.{88} When solubilities
¥e measurad two condensed phases are. usually placed in contact. A
separation of these phases is required before the solubllity can be
measured, This is often accomplished by centrifugation or filtrétion.
Suspended droplets or particles generated by handli.ng or thermal
convection between interfaces can usually be cte#red trom the phase of
interest by centrifugation. If .the soiubility is high enough the preéence of
any remaining Ip.al.'ticleé \ki!l nof cause significant variation in measuréd
solubility values. Howevef. small particles or droplets which are not eas.ily -
centrifuged may contain amounts of material which are large in réiation to

the soiubility of poorly soiuble compounds. Even after centrifugation,
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handiing in preparation for the final .measurament can céuse the formation
of micrope;rﬁcies. Fittration, the other commeonly used separation |
technique, méy céusa loss of material from solution due to adsorption on |
the filter. Some of the abﬁﬁe f)rob!ems are made even more severe by the

presence of surfactant in solution. Surfactants stabilize and promote the

formation of fine suspensions.(33,180) Vapor transfer, a method which

avoids condenssd phase contact and associated problems of the interface,
is limited to ﬁse_ wﬁh highly volatile compounds. o

in the pressent study a new method for detarmfning soiubility in soluﬁon
is used. In this method a.men.wbrana separates a pure liquid of a |
concentrated suspension of a solid from the sofution in khich sblubifity is

measured. Suspended particies or droplets do not cross over into, or form

on, the side of interest due t0 the presence of the merﬁbrane. Adsorption to
the membrane does not change the activity of the compound being dissolved
since a large reéervoir of it is present .in fhe form of a pure liquid or
concentrated suspénsiﬁn fm one side. - L : .

Benzéne;, toluene, ethylbenzena, nabhthaiené and CraﬁQe 0'.!'. wen;e stﬁdied.
8D8, SDS in NaCl aﬁueous solution, aﬁd sodium perfluorooctanoate (SPFQ)

wera the surfactant systems used. For numerous reasons explained in the o
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introduction, the interaction of aromatic compounds with surfactant
micelies is of interest in various fields. These molecules are potential

carcinogens and their interactions with micelies provide a modei for the

interactions with physiological membranes.(66) The nature of the

interaction between perfiuorocarbon surtactant and nonsiactrolytes is

likely to be of interest in the preparation of perfluorocarbon emulsions as

blood substitutes.(147} The perfiuorocarbons are distingtly different from

hydrocarbon alkanes in their interactions with aromatics and afkanes, large

miscibility gaps being noted.{198)} Work with perflucrocarbon surfactants

S e P

provide a test for the two state miceliar soiubilization model in a o

different type of micelle.(198)

Orange O7 is very slightly soluble in .water (about 1077 molar)(27) and

has been used as a tag for micelies and for the determination of the -

cme.{200) its solubility in SDS micelles is low, causing fittle perturbaﬁon
of the micélia, Therefore, it provbgs an excellent indicator of effects of

changes in miceliér structure on solubilizatién. Such changes fro:ln

spherical 1o rod like structure of fnice!les have bean noted at high sait

concentrations above 0.4 M.{40,201-203) Studies of Orange OT sclubility in

8DS at high salt concentrations were performed and analyzed in terms of
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the effect of shape changes on uptake into micelies, Orange OT is a more
complex molecule than the others studied, containing 3 aromatic rings, an

aleohol and an azo group. it serves as a model for complex drug molecules

or other molecuies of biological or technological interest for which
assc—ciatiﬁn with lipid assémblies is of interest. Another réason for

interest in Orange OT is that it has a miceliar solubility in SDS similar to
its hydrocarbon solubility.(27,198) This has beeh used fo indicate that it is

dissolved in a hydrocarbon environment in the core of the micelie. Since it

contains a phenolic hydroxyt group, Orange OT might be expectedto be |

somewhat interfacially active at a hydrocarbon water interface. in Chapter

4, Figure 4,14 and Tabie 4.13, the resuits of the studies of interfacial

tension y§ compaosition of Orange OT at the decana/water interface are

displayed. The initial élope of ihat curve is approximately 2150 dynes/cm
as compared with phenanthrene (63 dyneéfcm), which aiso oontainé I!hr.ee :
aromatic rings, or butanol (20000 dynes/om). Butanoi.was found in thé fast
chapter to be nearly 1000 times. more concentrated at the surface of SD.S
micelles than in the buik. It i§ réaéonable fo conciude thaf a significant
portion of Orange OT is also at the micellar surface. The present study

addresses this point,
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B. Scops and Aim;

A new experimental mathod for determining the solubility of molecules
in surfactant so[uttons is presented The method involves the use of a |
membrane 10 separate the test soiution from either the pure fiquid or a
concentrated suspension 6? so!id. whose solubility is being measured. No
phase sepafation Is needed in this method. The membrane method Is
validated against a vapor transfér method for which an apparatus has been
developed as described in the experimental section. These fﬁethods have
been used to meaéure thé solubiiization capéci!y of three liquids and two
solids, Expé.rimen'zal méasurements qf the soilubility of benzene, toluens,
e:hy!benz'ene.. riapthalene, and Orange OT in 8DS micelles with and without
added elactrolytes are presente;d. Measursments on benzene and toluene in
SPFO micelles are also Ipresented. These results are examined in refation to

the two-state mode! of miceflar solubilization discussed in the preceding

chapter. - R

a. Liquids: As described in the experimental section, porous cellulose
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membranes with a 12,000-14,000 MW cut off and 24A diameter pores were
used in these expenmants Celiophane rnembranes have been shown 1o be
:mpermeable to 8PS miceiies {185}, and therefore were not used. The _
membranes v;vere kepf wet at ali times by filling the cells 1o the top or
shaking constantly. This prevented the drying of the membranle‘ which could
lead to stress on the membrane, transfer of organic liquid through the
vapor, or wetting. by the organic fiquid. Stainless steel calls described fully
in the experimental sactioﬁ wereg oonétructed for use with the liquids
studied here. | | | . . | o
Passage of iiq:uide;. 61' low inteﬂaciél tension through porous membranes |
is known 1o oocur.(204j in the presenthstudies with aromnatic liquids on one
side of the membrane and SDS solution at concentratlons above the cme on
the other side the interfagial tension is expecied o be about five
dynes/cm,(58) Experimentaﬂy it was found tha: aqueous SDS solution dld
penstrate into the benzene side, About 0.1 ml of aqueous solutmn was at
the bottom of the benzene s:de when sampies were taken. This effect was
“not seen when benzana was placed against water. The passaga of aqueous
surfactant solution onto the organic sids is likely due to the flow of

surfactant solution along the organic side of the membrane driven by the -
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low su.rface tension between the surfactant solution and the organic
iiqui&.(4) .

On the aqueous side, however, penetration of fluid benzene was shewn _
to be smali. Turbidity measurelhients at 400 nm, where benzane does not
absorb, were performed on samples of 0.1M SDS solutions which had been
safurated Qvith benzene by this dieiysis method. The adsorbances measured
in three different expe.riments were 0.004, 0.005, and 0.017. A number of |
other turbidity sources as well as instrumental inaccuracies could be
responsible for such.Iow abserbances. it they are ascribed 1o the presence
of benzene aiohe. results from the turbidity method, which was described
in the introduction to this chapter, can be used to make a rough estimation
of the amount of benzene present as droplets An approxlmateiy linear
refatsonshlp betwsen turbidity at 350 nm and benzene concentration above |
saturation had been obtamed Correctmg these values for wavelength
differences between 350 nm and 400 nm, an absorbance of 0.011is about _
0.2% of the saturatron solubllity of benzene in this SDS solution. Such a low
value is msngmﬂcant in these expenments where the overail arror is abeut

1-2%.

Validation of the membrane method was accomplished by comparison
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with results from the vapor trarrsrer method, which was described fn the
experimental s.ection. Comparisons of setubiiity of benzene inl water and 3
mM SDS solution, which is balow the cme of 3DS agueous soiution In
equiiibrium with pure benzene,(47,58) are shown in Table .2,

The everage values of tha benzene concentration in water of 0.0226M
and 0. 0224M by dzalysas and vaper transfor respectwely mdrcate that the
wo methods agree within experimental error. These values are in good
agreament with the literature average of 0.0228M given in a review by
Mackay,(88) and\ employed later by Abraham.(87) in a recent review by
Abraham, benzene values in water were found to range from 0.0206M to
0.0233M.(87) Goed agreement is also found in the 5mM SDS solution with

average vall:es of 0.0232M and 0.0220M for dialysis and vapor transfer

methods respectively. The presence of surfactant at a concentration high

enough to lower the mterfacla! tension between the benzene and agqueous
phasesto 7 dynes!cm (58) has not altered the validity of the dialysis

method. Thase resu!ts also indicate that the presence of SDS below the cme
is not significantly changing the solubility of benzene in aqueous solutson

Table 6.3 shows the soiubmty of benzene in 8DS solutions by eoncurrent

diaiysis and vapor transfer expenments Average values of the two




Benzane Solubr!sty in Water and In 5mM SDS &t 25°C by Dta!ys:s L

and Vapor‘l‘ransfef Methods - -

Water .. . opeey .
- 0.0221
© . 0.02g2
o 0.0235

Water " oopes
U 00224
- 0.0227
5mMMSDS S 00282

5mMSDS - -7 poood
! c e glozen

PR X -7 S

©odo233 .

| Dialysis

© Vapor Transfer

- Vapor Transfer

212

. Dialysis E R




213
JABLE 63
Benzens Solubility in 8DS Saiution in Concurrent Expariments
.- Performed By Diaiysis and Vapor Transfer at 25°C

00069 . 0421 diysis

" S ¢ B 24 . dialysis o

T a0 Q22 - . o vapor transfer flask method
010035 . 0124 . dialysis

" 028 L dialysis
St e vaportransferﬂask method :
0.105° - 0128 . diaiysis | |

20432 0 dialysis

" o613t o vapor transfer s—pon cell, 48 hrs

" .- 0131 - vaporiransfer 6-port cell, 48 hrs

" 4 0 I I vapor transfer 6-port cell, 125 hr

.03 - vapor tfransfer 6.port cell, 125hre

8. BDH as received - | dynelcmmin. _
b. BDH -6 recrystailizations ' a
¢ BDH. pre 1979 Iot, purmed {no min. in surface tangion ys cone. ploi) )
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methods agree within £1%. This agreement on tﬁree different occasions is a
stmng validation of the dialysis and vapor .ﬁansfer mémods. The other
point noted in Table 6.3 Is the equivalence of the SDS batches of different
purity with respect to sbfubiiizing power at high concentrations. The
influence of small amounts of impurities is diluted out at high surfactant
concentrations. . -
In summary, agreement betwéen the two methods at three different
concentrations of SDS above and below the cme is noted This confirrns the
validity of both methods The resu!ts of e;ther method are reliable to + 2%
as shown by the pnmary data in Tables 6 2 and 6.3. _

b. Solids; . As described in the experimental chapter. the soléd material
to be studied was .piaoed on one §ide of the dialysis cali and surfactant
solution of the same surfactant concentration was placed on botﬁ sides of
the cell. Poiycarboﬁéte membranes of 500A diameter pore size were used.
~ These mambranes coﬁtain capiiiary pores which have been cut tﬁrough the

membrane in contrast to the mashwom found in the ceilulose membranes.

Micelles of the surfactant studied are expected to be abie to pass through

500A diameter capsliary pores. {40) To test this, a mtceiiar solution

containing the dye Oranga OT was plaoed on one side of thls mambrane On




215
the other side the surfactant sﬁlﬁtion at the same conceniration without
dye was placed. Orange OT is practically insoiuble in water, the best
estimates of its aquéous solubility being 10”7 motar.(27) Thersfore, all of
the Orange OT is associated with fnice!les. Any transfer of Orange 6T o the
other side of the membrane must occur by passage of the micelies through
the membrane. The dye was found to appear on the other side of tr.:e.
membrane, proving that miceiles do cross the membrane. Similar results
with Crange OT were found by Dr. H; Sharma of this laboratory using the
same membranes, - . | | |
In order to determine it fine par:%c.las of solid pass through .ﬁié. r;':embrane
two experiments wére performed. A 7.5mM éolution of SDS, which Is beioﬁv
but near the cmge, wés placéd on sach si&e of the membrane with solid
naphthalene on oﬁé side only for 24 hoﬁrs. Aﬂér the. solid on the side
containing it was allowsd o settle, sampies. trom both sides were dréwn .
ang diluted with én equal voiumé of 95% ethanol. Care was taken that no ..
solid visible to tﬁe eye ﬁas sampléd. The UV absorbances at the naphthalene
peak were. with}n 1% of each othe.r. A rough e#tirﬁate of 'th_e concentration

from these readings indicates that the naphthalene was 10% below the

saturation level of 2.56x10% mole/liter measured in later experiments.
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There was thus no evidence of solid particz;:s baing sanipied on either side,
In the next experiment to test for fines, Orange OT was placed on one side
of the dialysis cell and a 7mM SDS solution was piaced on the other side of
the membrane. This SDS concentration ig below the cme of 8.1mM {5} but
high enough to stabilize some sﬁspended particles. When a sample from' the
non-solid-containing side was diluted with an equal volumé of 95% ethano|,
no significant _absorbanoe .at the visible peak for Orange OT could be noted.,

In these experiments any fine particies of naphthalene or Orange OT could

have dissolved in the ethanol solution and increased the absorbance. Since

-

the concentration values were of the order expacfed in each case, there Is
good evidence that fine particles are not passing through the nriembrane.

2 Solubilization C .”' : _

Table 6.4 presents the results of the solubility .studie;s. én téfms of thé

mole fraction of solub:llzata in the micelle. in these aexperiments the molar .
concentration of solubmzate in solution was determsnad

The moie ratio of solubifizate to surfactant in the mi&elté was calculatéd

according to

wta! concantraﬁon of surfactant in soiutlon - e




IABLE 6.4
Solubiiization Values for Benzens, Tolusne, Ethylbenzene,
Naphthalene and Orange OT in Aqueous Solutions of S80S and

SPFO and in Aqueous Sodium Chioride Solution of SDS at 25°C
in Terms of the Mole Fraction of Solubilizate in the Micelle

SDS ({308
0.521 (0.1M)

© 0.479 (0.05M)

C . 0.444 (01M)
Elwlbenzeng  0.352 (0.1M)

0.0802 (0.1M)

B One measurament - - .

0.548 (0.2M)

0485(02M) - 056"  (0.1MSDS)

© 0.00835 (0.2M)

SDSiNaCl SO
0.617 {0.1M SDS) 0.0898 {0.3M)

" (0.1MNaC))

0.0531 (0.3M)
©IMNaCl)

0457 (0.1MSDS) .
©1MNaCly . .

0.0848 (0.14M SDS)

(0.1M NaCh

~ 0.00862 (0.12M SDS)

£aMNaClh
0.0138 (0.066M SDS)

(0.5M NaCh

- 0.0158 (0.084M SDS)

(0.6MNaCly 30°C
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The cmc was ad}ueted for. the presence of solubilizate. For benzene. at |
saturation the ¢rne decreases from 8 1M (5} to 6mM.(58) For .toluene and
ethbeenzene a cme between BmM and 6mM was used calcu!atad on the basis _ .
of an increase in cme proportronaf to the decrease from benzene in the
micellar mole fraction. For aif other cases the literature value of the cme
of surtactant without solubilizate was used. In the case of Orange OT at 0.5
and Q. 6M salt the cmc was negiected. Estimates of the error mtroduced by
this asumptton were in no case greater than 1%, |
Literature values for the mole ratio of benzene in SDS at 25"0 are l:sted >
in tab’ie 6.1. The mole ratro vafues of benzene determmed here are 0.92,
0.81, and 1 2‘1 at0. OSM 0.1M and 0.2M SDS respectively. These are snghﬂy
higher but in the conoen:ratron reglon seen by Brady and Huff {175) 0.88 at
0.1M SDS and 0. 98 at 0.25M SDS and Rehfeld, 0.90 at §.25M SDS.(47) Itis
mtereszmg to note that an increase in solubility of benzene seen by Brady -
and Huff (175} is aIso seen in the present data, and atso noted for toluerze
‘Qrange OT in SDS has also been measured by several investigators. B

Schott detemwmed mole fractzon values of 0.0079 in SDS and 0.0075 in

SDSin 0.1M NaCL {205) His values agreed with those of Williams, Phillips

and Mysels.(27) The values found here, 0.00835 in SDS and 0.00862 in C.i2Mm
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sDS in 0.1M NaCl, are slightly higher. vThe readir;gs taken here >were ata
higher concentrations of SDS, w\hich was 10 times higher than used by
previous workers. Slight increases with increasing concentration as seen
with benzene may be the reason for this increase. Small shape changes in
the micelle with increasing concenfration of surfactant in s\olution may
account for this effect.(12) Naphthalene solubility in SDS solution has
also been measured by Almgren and coworkers.(29) The mole fraction of
naphthalene in SDS measured by these workers was 0.079 and 0.076 in
water and 0.1M NaCl respectively. Excellent agreement is seen with the -
value of 0.080 in water found here. The salt values are similarly close
but the present value may be higher due to the higher SDS concentration
used. - \

Qualitative comparison of the data presented in Table 6.4 indicates
some general frends. For the same surfactant system, the saturation
solubility in the micelle decreases as the size of the solubilizate

increases. This is consistent with the trend noted by Stearns énd

Coworkers (37) for benzene and the alkylbenzenes in potassium laurate. The
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presence of 0.1M sodium chi'o‘r'i'qe incréases the amount of these compounds
\

dissolved in the micelle. Higher salt concentrations, 0.5 to 0.6 Molar, where
micelles are in the form of rods,(40) produces hearly a doubling of the
Orange OT concentration in the micelle. Uptake of b;r;zene and toluene is
much lower in the perflubrocarbon surfactant SPFO than in SDS.

In the preceding chapter encouraging results were found when
experimental micelle/water partition coefficients at low oonceptrations
were compared with values calculated for tﬁe two-state m-od‘e'l.' For
molecules which are interfacially active at an organic liquid-water
interface, this model describes the distribution of solubilizate between
two states in tﬁe micelle. One state is the dissolved state in the
hydrocarbon core of the micelle, the other state is at the micelle-water' ‘.\
interface. The effect of the Laplace pressure in the micelle arising from
curvature of the interface must also be considered. The resulting

relationship between the mole fraction in the micelle, X @nd the

parameters pertinent to the two-state model is reproduced below for

convenience.

! Xy = X €Xp (-APV/RT) [1 +.TAf ‘  (5.)
. xd :
) |
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All of the parameters are e;perimental quantities except for f, the
factor which accounts for the completitive adsorption of surfactant
headgroups and solubilizate to the micellar interface..A new
thermodynamic approach to this oompetitior‘\ was prés;nted in the
preceding chapter. The factor f is related to the partial molar area of the
solubilizate at the interface. This parameter cannot be measured
experimentally but rather must be estimated. Analysis of puplished data on
the adsorption of dimethyl ether to the interface between hexane and an J
aqueous solution of sodium dode’cyl sulfonate indicated that a mean area of .
dimethyl ether of 18.1A2 described the data (T able 5.7)/to within a mean
error of 4%.(169) In the micelle other effects not noted at planar
interfaces may be operative, ingluding restrictions on interfacial
orientations, paéking problems, and restriction on the flexibility of
hydrocarbon chains.(13,17,23,166) The micellar eﬁeds have been
accounted for in ;ﬁe work by basing the area parameter for a particular
aromatic compbund on the effective areé barameter for benzene, which

Produced agreement with the dilute solution two-state model.

Benzene is the only aromatic for which dilution solution data are
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available. The effective areé for the benzene molecule in the SDS micelle

AY
was found to be 17.4A2, in SOS 18.0A2. For the alkylbenzenes, some

)

microenvironmental evidence to be presented in the next chapter indicated
that no particular orientation of the alkylbenzenes at {he micelle - water
interface was favored. p-Xylene was found to have the same average
micellar microenvironmental polarity as ethylbenzene.(50) These molecules

also have the same interfacial tension against water,(50) suggesting

similar interfacial activity. p-Xylene's symmetrically oriented ’niethyl -

o

groups thus do not hinder its ability to approach the surface. An; ability of '
ethylbenzene to orient at the interface with its alkyl group away form |
water doeé nof make this oompéund any more interfacially active than
P-xylene. From these results we conclude that for the alkyl benzenes 'n‘b
specific orientation with the phenyl ring at the interface is favorable. The
tofal area §f the molecule must be taken into consideration. This was done
by using the V 23 convention of assessing the area from the molar volume.
Micellér effects were accounted for by dividing the V 23 value by the same
factor which was found to give égreement for benzene in SDS, 1.61
(=28.03/17.4), for SDS micelles, In the smaller SPFO micellés the factor

1.56 (=28.03/18.0), from benzene data in SOS, was employed. Naphthalene
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has been found to be orientéd qt the rﬁicelle/water interface in unpublished
work in this laboratory by Muked:e and Williams.(206) If naphthalene is
hindered from free movement at the micelle/water interface then the
larger molecule pyrene must also have a preferred drfentation. Orange OT
has a phenolic hydroxyl group which controls its interfacia\l activity.

These larger molecules where orientation is likely are modelled as having
an interfacial area the same as that of the effective value for’t_;enzene in
SDS. In each of these series these estimates allow for relétf;é
comparisons.

As seen in Table 6.4 the amount of benzene, toluene and ethylbenzéne
taken up by micelles is high in relation to the number of surfactant | “ \_‘
molecules in the micelle. The structure of micelles saturated with these |
molecules fs certainly inﬂuencéd dramatically by the presence of such a
large quantity of solubilizate.(23,207) Comparison with theory based upon
a micelle with a very dilute ooncentraiion of solubilizate is not expected
to be quantitative. Qualitative trends suggested by the two-state model ére

noted by the observation that the saturated concentration is lower for

larger solubilizates. This is in line with both the greater effect of Laplace
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pressure on larger molecules as well as the lower interfacial activity of

\
the alkylbenzenes as chain length increases.

Table 6.5 lists the hydrocarbon-water partition coefficient, Kn/w: itS

correction for the Laplace pressure effect, exp(-APV/RT), the value of \

-8%/8x, the adsorbed to dissolved ratio, I'Af/x, and the calculated

micelle/water partition coefficient at infinite dilution, K+ @long with

the experimental Kmw at saturation. In addition to results from the

present study, the experimental results of Kievens (30,38) on the solubility

of benzene, ethylbenzene, and butylbenzene in 0.5M potassium laurate,

KC,,, are presented. Model calculations for butylbenzene shown are based

upon the available SDS structural parameters and the infinite dilution \:“
activity cdefficient of butylbenzene in decane calculated on the basis of
regular sblution theory.(91) The potassium laurate values are IoWer than

the SDS values for benzene and ethylbenzene by about 20% in mole fraction.
This is likely related 'to a somewhat ﬁigher Laplace pressure for these
micelles éince their hydrophobic chain actually contains 11 carbons, not 12

as in SDS.



225

Ty
A ..\\
\

\
e

00826
0228 086

" 0z9e

001 . 0924

- U5y (8as)
¢ Mg Mgy
elies) (1es)

0019
00€s
0.22

0s6

(oreo)

s

180

X

EUAS

82

Xg
29

00.v2

0622

S68

oee

8t Jes ‘e
090 0002}y ©uazueqiling
oLV 00602 oconcwﬂbzm
JAdN 0019 auanjo)
1oe 0s9t euszuag

UuAdv]  HAdVY |
dxe muy}

uxs SIEZIAN0%

‘uonnjig elulul je |Spoyy 8lelS-om| eyj woy
pue uonjeinjes je sjuswalnsesyy eluswedx3y woly suszueqifing pue suszueqiAiyly
‘auan|o. ‘euszusg 10} SJusIdIB0) uolied Jejep/e||8dI 40 uosuedwo)

goIavl




12

| | l
8 9 10 1"
In K/ (calc.)

227



228

It is first noted that Kh,w is greater than K., .The value of K, is seen to

increase with the size of the molecule due primarily to the diminished
water solubility as the alkyl chain length increases. The Laplace pressure
correction decreases with the size of the solubilizate and adsorbed to \

dissolved ratio also decreases due to reduced interfacial activity as the

alkyl chain length increases. The result is that while K, increases by 250
times from behzene to butylbenzene and 13 times from ben,zérie to
ethylbenzene, the calculated increase in K, at infinite dilution is 48 .-

times from benzene to butylbenzene and 5.6 times from benzeneto
ethylbenzene. The trends in the experimental results for the micelle/water
partition coefficients at saturation reveal that the increase in ' A}

micelle/water partition coefficient as chain length increases is better

reflected by the model than by the hydrocarbon /water partition
coefficient. The Kmnw @t saturation in potassium laurate from benzene to

butylbenzene increases by 87 times and in SDS from benzene to ethyl-

benzene increases by 7.8 times, much closer to the calculated values.
The values of the calculated Km,w from the infinite dilution two-state

model theory, are expécted experimental values at saturation . Two primary
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parameters in the calculated 'i'nﬂpite dilution values are certain to change

: \
in the direction of higher solubility in the micelle as micellar uptake

increases. The K, will increase as the compositions of aromatic in the

organic phase increases, as seen in Chaptef Three, c‘lue to a decrease in the
activity coefficient.(79) The Laplace pressure will also decrease due to the
reduction of interfacial tension caused by adsorption of interfacially
active solubilizate and increase in the micellar radius upon introduction of
solubilizate molecules.(207) Compensating effects due to de<':reases in
adsorptivity with increasing solubillizate composition have a much smaller
influence in these systems. 7 |
Although the calculated values are lower as expected, the ability of the

. ‘ ‘\\
model to describe the magnitude of the trends better than Kiw @s seen

above suggests its usefulness in correlating solubilization capacity data.
Figure 6.1 shows the In of the micelle-water partition coefficients at
saturation plotted as a fraction of the In of the calculated value from the

infinite dilution two-state model. The 45° line of equality is shown for

reference. A linear relationship between Kmvw sat @nd Km,w“(calc) for

solubilization data in both SDS and potassium laurate is noted. The trends

R

\
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are nearly parallel for the SIjS and potassium laurate, which is due to the
N\

consistently lower values in potassium laurate by about 20% in mole

fraction. 'fhe linearity indicates that the dilute solution two-state model

~

in association with these data provides a correlation ‘for extrapolatingand -
interpolating to other systems. The observed linearity for the different

micellar systems indicates the general applicability of the model. This

oorreléfion can be used in conjunction with other methods p(esented in this

work for estimates of Lablace pressure from calculable vanluésv of ¥ and

radius and interfacial adsorption from work of adhesion on pure systems. It ’

is expected to be useful to the practical scientist interested in a reliable

estimate of solubilization capacity who lacks the time or resources for
( .\‘
‘\

experimentation.
ility of Soli
Table‘6.1 lists the two-state model parameters and micellar
solubilities for naphthalene, pyrene, and Orange OT in SDS at 25°C. The
Pyrene solubilization data from two liferature sources is listed. (29,190)
Unlike the alkylbenzenes these compounds have a decreasing solubility in
hydrocarbon with decreasing size. Therefore, the Laplace pressure

Correction acts in the same direction as the hydrocarbon solubility. On the
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other hand, interfacial activitféf;?ese c;nmpounds increases with
molecular size. The increase in thé number of double bonds and the
enhanced ability for hydrogen bonding which accompanies this has been
shown in Chapter Four as the reason for the increasé i‘n interfacial activity
of the polycyclic aromatic. Orange OT has a phenolic hydroxyl group which
certainly influences the interfacial activity relative to other polycyclic
aromati;:s and controls the orientation of this molecule at a hydrocarbon-
water interface.

in general the model reproduces the data to within better than an order '
of magnitude. In each case the direction of change from K, to K., is

reproduced, lower for naphthalene and pyrene, slightly higher for Orange OT.
This is accomplished by taking account of both Laplace pressure-volum; _
effects and interfacial activity effects, for each molecule in a consistent
manner. No' ad hoc disregard of either effect has been attempted to achieve
a better fit. As witﬁ the alkylbenzenes the calculated values are lower than
experimental because an infinite dilution model is being used.

The use of the hydrocarbon solubility as a model for hydrocarbon-

solubilizate interactions in dilute solution is justified in the case of

Pyrene and Orange OT because of its low, <0.02, mole fraction. For
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naphthalene the higher hydr;éar?on (décane) solubility value used, 0.15, can
best be described as a rough estimate of the dilute solution interactions
with hydrocarbon liquid. Experimental hydrocarbon-water partition

coefficients are not available for naphthalene. Estimates on the basis of

regular solution theory give a calculated Kmw Of 1 .2x10%. Work of Dr. N.

Williams of this laboratory indicated a K, for naphthalene in dilute SDS

solution of 1.35x104.(206) Again reasonable agreement is seéﬁ. For pyrene
the experimental values in the literature disagree by more than a factor of

two. Uncertainties such as these cast doubt on each value. Some support for

L~

the lower value, 0.006, (190) is seen in comparison with the work of
\ '
A

kY
\

Klevens on solubilization in potassium laurate.(38) As noted inthe |
preceding section, an apbroximately 20% higher mole fraction of the
aromatics in ’SDS than in potassium laurate is noted. For naphthalene the
increase is about _30%. The lower literature value for pyrene is consistent
with fhis effe::t, giving a 33% higher} value in SDS. The question of the f

factor for pyrene is difficult to resolve with the present data. Ignoring the
competition of surfactant for the interface (f=1) gives an xmca'c for pyrene

in SDS of 9.8x10°3; this is higher than the experimental pyrene solubility
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value of 0.006, whfch is expé&ég to bekmore reliable. If orientations are
random and the total volume of pyrene at the interface is considered as in
the case of the alkylbenzenes, then the calculated value for pyrene is
1.64x1 0‘3, much lower than 0.006. The hindrance ofguch a large molecule
to free movement at the micelle/water interface due to pac;king problems
suggests that it is reasonable to assume that its interfacial area is about
the sam(e as that of benzene.

For Orange OT the agreement between experiment a-ndzt:heory is
excellent. This molecule has been widely studied and its analysis in
solution is straightforward. The concentration of the molecule in
hydrocarbon at saturation is very small (27) and provides a good model for
hydrocarbon interactions for use in this dilute solution theory. Also, thé ".‘
interfacial éctivity is quite high, making its determination more precise. |
The resulyts. are consistent with all of the data of other systems presented
in this chapter and the preceding chapter in confirming the validity of the
two-state model. In the case of pyrené the result begins to suggest the
need for better experiments.

The two-state model also reveals the distribution of solubilizate

between the two states of greatest interest to the solution chemist, the

S
\
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ratio of molécules in the adsérsés staté (in contact with water) to the
dissolved state (out of contact with the continuous phase). As noted this
ratio (Af/X) is greater than two for these compounds, indicating that a
significant fraction is in contact with water. For Orang..e bT the same model|,
which predicts the solubility within error, also states that only one in 126
molecules out of contact with water. The agreement between hydrocarbon
solubility and micellar solubility might be used as an indicator_that Orange
OT is in a hydrocarbon-like environment in SDS. Similar r-eés:ohing has been
used for benzene on the basis of the free energy of transfer to the micelle '
from vapor.(183,184) The two-state model results indicate that agreement
of thermodynamic properties is not a predictor of environment in the
micelle. By taking into account Laplacé pressure, which reduces the a;ﬁbunt
in the core relative to hydrocarbon, the influence of the interfacial activity |
of the mollecule is revealed.

ff | ilizati
As seen in Table 6.4 the solubilitiés of the compounds studied here
increase with the addition of sodium chloride. For the liquids which are

highly soluble, the increase upon addition of 0.1M NaCl is about 20-30%

while for naphthalene the increase is much smaller and for Orange OT it is
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within experimentél error.:‘ B \ R

Experiments of Hoskins and King have shown that up to 0.6M NaCl no
change in the solubility of ethane in SDS micelles occurs.(127) This' in-
dicates that Laplace pressure is not changing with salt concentration, even
in the region where rods are formed.(40,201-203) The average value of the
Laplace pressure found by analysis of Wishnia's data for SDS micelles in
0.1M NaCl was 390 atm.(64) From the data of King, in the ;bsenoe of NaCl
the value was found to be 440 atm.(128-130) These estirﬁaféé are within
the range of experimental error of the gas solubility method.

The spherical model has beén shown to be inappropriate at 0.1M NacCl.
The stretched out hydrocarbon chains (16.6 A) (161) cannot account for the

A

i

larger radius (19.5A) the spherical model would predict at 0.1M NaCl.
(15,160) However, long rods for which the Laplace pressure can be written
as ¥/r aré not seen at 0.1M NaCl. (40,201) The geometry of the
intermediate structure present at this NaCl concentration is unknown and
difficult to estimate. |

The present data at 0.1M NaCl are consistent with these considerations.
The very small change in Orange OT solubility upon addition of 0.1M NaCl is

consistent with no change in Laplace pressure and no overall change in
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adsorptivity. The more highlyélgluble ;holecules have perturbed the
micellar structure greatly at saturation. As in the no added salt case, this
leads to a reduction in interfacial tension and, therefore, probably a
reduction in Laplace pressure. The higher solubility m the presence of salt 4
indicates that these effects. are expressed to a greater exfent in the
presence of 0.1M NaCl than in its absence.

As noted in the introduction, Orange OT was also studieq at much higher
salt concentrations, 0.5 and 0.6M NaCl, where rod-like rﬁicéiles have been
shown to exist. Missel gt al showed that in 6.9mM SDS and 0.6M NaCl at
30°C micelles have a mean hydrodynamic radius of 63A and average '
aggregation number of about 400.(40) This is compared to the micellar
hydrodynamic radius of about 25A and aggregation number of 60 in tﬁé ‘
absence of salt.

The reéults indicate an almost two-fold increase in the mole fraction
solubility of Orange OT in these micelles. Other workers have seen sharp
increases in the solubilization capacity of dodecyltrimethylammonium
halides at salt concentrations above the sphere to rod transition.(209,210)

The values of Orange OT in SDS are still low enough to consider the Orange

OT as a nonperturbing probe of the micelle. Interpretation of this result
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requires a knowledge of me“@Iace p;essure of the rod like micelle and
\

some indication of its geometry. The Laplace pressure of a long rod is ¥/r ,
where ¥ is the interfacial tension and r is the radius. For the Laplace
pressure of a rod to equal that of a sphere (AP = 2‘6/;),(42) the interfacial
tension must increase or radius of the rod decrease relative to that of the
sphere. On the basis of the fluid model of the micelle, micellar interfacial
tension is related to the area per head group of the surfactant monomers.
Figure 5.1 shows the relationship between ¥ and A for SOdil:Jl’ﬁ alkyl
sulfates at hydrocarbon-aqueoué surfactant solution interfaces. These
values have been used in Laplace pressure calculations and found towplroduce
good agreement with experimentally determined Laplace pressures. Using
the relationship between ¥ and A shown in Figure 5.4, a consistent se: of
parameters AP, r, n and A were determined. The set of parameters which
produces agreement between the Orange OT solubility value at 0.6M salt and
the two-state model calculations is AP = 420 atm., ¥ = 38 dynes/cm, &t =
15 dynes/cm, A = 85A% and r = 9.0A2,

These results strongly support the findings of Hbskins and King that AP

at 0.6M NaCl does not change significantly from that in water (AP = 440

My
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atm.).(42) Since Orange OT has a mc;lar volume about four times that of
ethane, it is more sensitive to L?placg pressure changes, yet no change is
noted. Relative to the sphere, the interfacial tension of the rod is larger by
about 5 dynes/cm and the radius decreases by abdui 45%. Smith and
Alexander have commented that rod like miéelles are Iikély to be thin.(60)
Verification of this marked thinning requires further investigation.

The data presented in Table 6.4 are the first reported attempts at
determination of the solubilization capacities of perfluorocarbon micelles.
CIeaﬂy, these micelles are solubilizing much smaller mole fractiéns of'
benzene, 0.0896 and toluene, 0.0531, than are SDS micelles, 0.521 ér’fd
0.444, respectively. The beﬁzene value in SPFO is even lower than that \
found in sddium octylsulfate micelles, 0.26, which forms smaller micelles
than SDS.(15) These results indicate that the interactions between these
aromatic compounds and SPFO micelles are quite different from their
interactions with hydrocarbon surfactant micelles. It is thus interesting to

analyze these interactions on the basis of the two-state model .

Table 6.7 lists the dilute solution micelle-water partition coefficients
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determined experimentally (:l 7&1 76) énd according to the dilute solution

two-state model for benzene in SPFQ, SDS, and SOS. The saturated solution
value of K. for benzene in SPFO determined here, 220, is in agreement

with the dilute solution value reported by Carifors and Stilbs, 230 + 10.

(176) Also listed in Table 6.7 are the two-state model parameters. The
values of K;,, and -8§¥ /8% have been presented in Chapters Three and Four.

It is noted that the perfluorohexane-water partition coefficient is eight
times lower than the decane-water partition coefficient for benzene. This

provides the initial indication of the reason for the lower solubility of
benzene in SPFO as compared to SDS or SOS micelles. Benzene has a much
higher activity coefficient indicating a much more non-ideal interaction

with perfluorocarbon alkanes than with hydrocarbon alkanes. However, an
eight fold difference is not noted in the K ... The K, of SOS and SDS are
between 2 to 4 times the SPFO value. The two-state model shows why this
occurs. Comparison of the -8§% /8x values indicates fhat benzene is much
more surface active in perfluorohexane than in decane. The adsorbed to

dissolved ratio for benzene in SPFO is more than four times that in the

alkyl sulfates. In SPFO, for every benzene molecule in the core 9 molecules

S
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JABLE 67
Comparison of Micelle/Water Partition Coefficients for
Benzene in SPFO, SDS and SOS From Experimental
Measurements and From the Two-State Model at Infinite
Dilution
(calc) (expt)

SPFO - 205  16.1(AP=697atm.) 107 9.07 162 2302
205  22.8(AP=600atm.) 107 9.07 230 230

SDS 1650 330 . % 1.88 950  950°
SOS 1650 175 33 220 560  560°

a.ref. 176 ‘," :
b. ref. 175 Y
c.ref 174
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are at the interface, 'while in tl‘.ié‘c__ese of '-SOS or SDS only about 2 are at the
interface for each one in the core. This indicates that the average
environment of a benzene molecule in SPFO is much more polar than in SDS.
Contact between water and other components of the\a;queous phase and
benzene occurs to a greater degree in SPFO than SDS. Tr;is analysis shows
how the adsorbed to dissolved ratio, I'Af/X, can help the investigator who
is interested in enhancing or retarding contact between a solqbilizate and
water. The determination of I'Af/X requires only a knowledgé 6f interfacial
activity and an estimate of the A v'alue‘. A knowledge of Laplace pressure is -
not necessary. 7

In the present case the value of A, 6.16x10%m?/mole SPFO, was .
determined from unpublished NMR data from this laboratory.(211) The‘ \;\alue
of &, 18.35 dynes/cm, used to calculate f (eq. 5.19) was obtained from

unpublished interfacial tension data also from this laboratory. (212) The
area term, a, (eq. '5.19), used for the alkyl sulfates was also used for SPFO.
The benzene area used was 18.0A2, which was that which produced
agreement between the dilute solution experimental and calculated K.,

for benzene in SOS.
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A rough Laplace pressure galculation was made on the basis of the NMR

N
and interfacial tension work cited. (211,212) As indicated in Table 6.7

using this value of 697 atm. for the Laplace pressure a K Which is about
30% lower than the experimental is calculated. To achieve quantitatively
exact agreement with the K., a AP of 601 atm. is required. The above AP

estimates are all of reasonable magnitude, since the AP of SOS, which has
the same carbon chain length and, therefore, probably a simjlar radius, is
615 atm. The reasonable picture of solubilization of benzene in SPFO

produced by the two-state model is an encouraging indication that the .

~

model can be extended to micelles of many types of surfactants, and can

!
A\
It must again be stressed that an inappropriate conclusion would be

form the basis of a general solubilization model.

drawn if the similarity of the freé energy of transfer from water to
perfluorocarbon and from water to micelle were taken to indicate a

location for benzeﬁe in the core of the SPFO micelle . The Laplace pressure
effect for these micelle is large, reducing the solubilizing power of the

core to 10% of that of perfluorohexane. The high interfacial activity of

benzene and larger surface area of these micelles places about 90% of the
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molecules at the interface. { -
The experimental value for tolﬁene in SPFO can be analyzed in relation
to that of benzene. Comparison with SDS data shows the differences
between these micelles. The ratio of the mole fracﬁoﬁ; at saturation for A
benzene and toluene in SDS is 1.17. This can also be considered as the ratio
of the micelle to oil ratio for each of these compounds since at saturation

the mole fraction in the oil is unity. At infinite dilution the ratio

ne i '
Xm Toluene in SDS/x, -

was calculated from the micelle-water and oil-water part?tion
coefficients at infinite dilution and found to have a value of 1.55. This ‘." .
infinite dilution value is the highest value this ratio can be expected to \'\
take for SDS and the saturation value, 5.17, the lowest. This ratio is
greater than one mainly due to the Laplace pressure effect which allows
smaller molecules'to dissolve in micelles to a greater extent than large
molecules. For SPFO, the ratio of the mole fractions at saturation for
benzene and toluene is 1.69. This is even higher than the infinite dilution

value in SDS. If the adsorption terms of benzene and toluene in SPFO are

similar, as they are in SDS, then this ratio is a measure of the Laplace
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pressure effect. It indicates a"‘hi“gherv Lalplace pressure for SPFO than SDS,
since at saturatic;n the smaller sc;ute is favored to a greater degree than in
SDS at infinite dilution.

In conclusion, the new dialysis method of solubiiiz.;ation capacity
determination has been shown to be working for two types\ of surfactant
micelles. Analysis of data indicates that the two-state model is consistent
with partitioning of the compounds studied betweeh SDS and SPFO micelles.

The model provides insight into the distribution of molecules in the micelle

from experimentally determinable physical properties.
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MICROENVIRONMENT_AL POLARITY STUDIES IN SDS AND
N

SPFO MICELLES

In the preceding chapters a two-state thermodynamic model of micellar
solubilization was presented. It provided an indication of the extent to
which molecules associated with micelles are exposed to thg aqueous
medium. When molecules are exposed to water, their en\;iréhment is
certainly more polar than when they are embedded in the hydrocarbon core ’
of the micellé. Estimates of the polar nature of the environment of
molecules are attainable through various types of spectroscopic studies.
(46-56) In this study we will use UV spectroscopy.(46-52) ; ' \

Certain features of the UV absorption spectra of benzene, naphthalene,
and somé alkylbenzeﬁes have beeh used to determine the polarity of the
molecule's environment in solution.(47,50,213) Benzene exhibits a solvent-

induced band about 3.6 nm to the red of the first prominent band.(49) This

Peak is absent in the vapor spectrum.(213) The ratio of the intensity of the

Solvent induced band to that at the first peak, es/ €y, was found by Cardinal
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and Mukerjee (49) to increa‘s"eﬁf{ a .neaurly linear manner with the solvent
dielectric constant for the series of solvents, heptane, 2-propanol, 95%
ethanol, 50% methanol/water, 70% methanol/water, and water. For this ‘
series of solvents, the dielectric constant was also fsand to correlate with
a parameter H, defined as the ratio of the molar concentr;tion of dipoles in
a solvent to the dipole concentration in water (55.4 moles/l). H is
eésentially a measure of the degree of hydrophilic character‘pf the
solvent. -

Mukerjee, Ramachandran, and Pyter (57) demonstrated that the bulk
dielectric constant was related to the H value for 28 solvents including one
alkane, six n-alkanols, water, and methanol or ethanol/water mixtures. A
linear coriélatfon (r=.999, SD = 0.957) was noted. In an attempt to ex’p’iain
this relationship, these workers reasoned from the Kirkwood-Frohlich |
equation fo.r hydrogen bonded liquids

(D-n?)2D+n?) . 4nNiug2g_ (7.1)
D(n2 + 2)2 okT

‘ where D is the dielectric constant, n is the refractive index, N1 is the
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number of molecules per unit valume, Hg is the dipole moment of the
kY

molecule in the gas phase, k is the Boltzmann constant, T is the absolute
temperature and g is a correlation parameter arising from the mutual

interaction of dipoles. For hydroxylic solvents D is large compared to n, and
the left quantity (D-n2)(2D+n2)/D is approximately 2D. In addition, g, ugand
n likely show only small or mutually conpensatory variations within the

reference solvent series. This makes D primarily dependent 6n N,, which is

proportional to H, since H = N,/N,_, where w stands for water. A monotonic i

variation of esl €p with H was also seen for the series. étructurally

complicated alkanols and molecules which contain different numbers or
A
kinds of polar groups do not fit into the same correlation. For example,

CCl, D=0, has a value of g/ € nearly equal to that of water, D=78.(213)

Cardinal and Mukerjee also found other spectral parameters which
showed a monotonic deérease with dielectric constant in this series.(49) A
series of solverit-induced peaks is responsible for raising the height of the
valley between the pefmanent peaks. For benzene the ratio of the

absorbance at the higher wavelength major peak to the absorbance at the
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valleys between th‘at peak and tt}e nex; major peak, va, was found to vary
continuously between 5.4 for hep‘tane to about 2 for water. A fixed
wavelength ratio, R, of absorbances near the peak gnd valley u;as also

found to decrease with increasing solvent polarity. S-imilér parameters
which varied monotonically with dielectric constant were found for seven
other aromatic compounds studied. |

Mukerj\ee and Cardinal then dissolved these aromatic compounds in
aqueous micellar solutions and determined the value of the above -
spectroscopic parameters.(49,50) UV spectroscopy gives a weighted sum of
the parameter for all the states the molecule encountéfs. Solubilizate
molecules are distributed between the micellar and the aqueous phasé.\
Therefore, the value of the spectfoscopic parameter was measured at !
increasing concentrations of surfactant. At the highest surfactant
concentrations more than 88% of the solubilizate was associated with the

micelle . The value of the parameter for the solubilizate molecules

associated with the micelle was determined by extrapolation to zero
concentration of water. The R parameter was found to be particularly

Suitable for micellar studies as will be shown later. However, this
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parameter was sensitive to ;;Sec;;al shi;ts occurring due to factors, such

as refractive index differences, otﬁer than polarity. Due to refractive index
differences in the reference solvent series, the spectra of benzene and the

other compounds studied showed a shift to longer wé.\;elengths (red shift) S
for the absorption peaks as the solvent became less polar. From water to
heptane the total shift was usually less than 1nm. In SDS and CTAC

micellar solutions the spectra of the compounds studied were found to be
red-shifted by about 0.1-0.3 nm compared to heptane. This v'va-s consistent

with the increase in refractive index with chajn length of the aliphatic,

which is associated with a red shift of about 0.4 nm in the benzene

spectrum. Corrections for this spectral shift on R in micellar solutions
A

were calculated by estimating the effect of such a shift on the solvent of -

appropriate polarity. These corrections were found to be small, changing

the effective dielectric constant by 1-3 units. Studies on the spectra of
benzene in 2.2N NaSO, (213) and 3M CTAC (50) indicated that the high

concentrations of polar groups at the micelle-water interface were not
likely to affect the polarity estimates. The microenvironmental polarity in

the micelle, H or effective D, was determined by comparison with the
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calibration curves of the referenpe solvents. H values or effective
N\

dielectric constants of solubilizate in micelle were found to decrease with

increasing alkyl substitution.

D. Scope and Aim;

In the present work UV absorption spectroscopy was used to defermine
the microenvironmental polarity of aromatic molecules dissolved i;1
surfactant micelles. Particular attention was drawn to the relationship
betwen the results found here and those determined from‘ th; two-state
model for micellar solubilization presented in previous chapters.(50)

In the first section a reference solvent calibration curve for toluene and
microenvironmental polarity results for this compound in SDS micelles are
presented. The average environmental polarities of benzene, toluene, ,‘ ‘.‘
ethylbenzene, butylbenzene , and p-di-tert-butylbenzene determined |
spectrosoobically are compared on the basis of their interfacial
adsorptiviiy and the two-state model .

Use of the UV technique to determine the effective environmental

polarity of benzene in SPFO required a new approach. A difference method

was developed based upon the experimental values of the micelle-water

Partition coefficient.(176) The polarity estimate is discussed relative to




252
that of benzene in SDS. “
In the final section, preliminary data on the microenvironmental polarity
of benzene and p-xylene in aqueous SDS solutions also containing
n-hexanol, a zwitterionic surfactant (Zwittergent 3-1 .2).,\or tetrabutyl-

ammonium bromide are presented. The results are discussed in relation to

the effect of the additive on uptake and distribution in the micelle.

- Results and Discusel
i r | T i

I!o r . I lE l qu t! l- I l l [ . l E ! |. .I | -7

the Micelle-Water interface, e '

Studies discussed in the preceding chapters have focused on the physical
properties and micellar solubilization of benzene, toluene and ethyl- ‘ \

)
Y

benzene. Thermodynamic properties of these compounds, such as their

hydrocarbon-water partition coefficients, Kh,w, micelle-water partition

coefficients, Krvw 'adsorptivity to a hydrocarbon-water interface, -§%/8x,

-

and the fraction of molecules at the micelle-water interface have been
examined. The relationship between these values and their micro-

environments in micelles is certainly of interest. It was first necessary to
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complete the micellar microeh\ii:ror;mei;tal studies by examining toluene,
which had not been studied pre\}ously. Toluene was found to give values for
the thermodynamic properties listed above which were intermediate
between benzene and ethylbenzene. It is therefore éf' interest to see where

\

the polarity of the micellar microenvironment of toluene lies.

In order to develop a polarity-indicating calibration curve, a polarity-
sensitive change in the UV spectrum of toluene was established. A peak at
264.8 nm in hexane, associated with a valley at 263.8 nm; w;s not found in

water. The ratio of the absorbance of toluene at 264.8 nm to that at 263.8

nm decreased in a continuous manner as the dielectric constant of the

solvent increased. Figure 7.1 shows a plot of the R, ratio of toluene

[
t

absorbances at 263.4 nm/263.8 nm. The spectroscopic parameters used by

Cardinal and Mukerjee (49,50) for ethylbenzene involved the same peak. The
monotonic decrease of the R, ratio for ethyl benzene at the fixed wave-

lengths 264.4 nm/263.3 nm as a function of H is also plotted in Figure 7.1.
The toluene and ethylbenzene calibration curves are found to be paraliel,

indicating that the spectroscopic change occurring is similar for these two

molecules.
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As discussed in the introduction, solubilizates dissolved in micellar
solutions are distributed between the micellar and aqueous phases.

Therefore, the spectroscopic parémeter read is an average quantity. The Re

parameter is most useful for the determination of the value of the ratio for

solubilized molecules. The total concentration of solubilizate, C, can be _—

\

expressed as
C=C,%,+C, &, (7.1)
where C, is the concentration of solubilizate in the micelles (in

molecules/l of micelles),

C,isthe concentration of the solubilizate in the aqueous phase,

~

$ is the volume fraction and

J

subscripts m and a stand for micellar and aqueous phases.
_ |

\

The ratio ;

Ro=AyAz= & mCrn 8t € oC, &, | 72

€2,mCrm ®m+ €2,4C, &,

where ¢ is the molar absorptivity,

A is the absorbance, and
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subscripts 1 and 2 sténd‘for wavelengths 1 and 2.
\ /

From the definitions T

Kn=Cn/Ca v (7.3)

Rc’m = €|'m/€z'm \ (7.4)

Rea= €142, (7.3)
equation 7.6 can be derived from equations 7.1-7.5.
Re=Rom - €22 (B::Bca)8, - (7.6)

€2m Kn @m
t \

Itis noted that a plot of R against (R;-Rga) 8, /&, is linear with

an intercept of Rc'm , the value of R for the micellar state.
Figure 7.2 is such a plot for toluene in SDS at 25°C. The extrapolation to

Rem is small in terms of solubilized toluene since about 90% is in the
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of (Re-Rg, o) ®a/m.

-
0.97 I I T ,
0.96
0.95
Re
0.94
0.93 -
0.92 | | ] |
o) 1 2 3 4
(Re- Re,a)$a/¢n

Figure 7.2 R, of toluene in aqueous solutions of SDS plotted as a function
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micelle at the highest surfactant concentration used. The ordinate

intercept gives a R, m of 0.967. Before determining the value of the

microenvironmental polarity from the calibration curve, this Rc,m value

must be corrected for any spectral shift associated with solubilization in

the micelle.(49,50) The effect of this spectral shift on the R.ofa
reference solvent of similar dielectric constant was used as a correction.
This correction was found to produce about a 1% increase |n Rc'm. The

effective H value in the micelle was found to be 0.61. T
In Table 7.1 the H parameters for toluene are listed along with those of
benzene and three alkyl benzenes studied by Mukerjee and Cardinal.(50) It is

noted that toluene follows the trend of decreasing H value with increasing

\
)

alkyl substitution, fitting in between benzene and ethylbenzene.

The H parameter varies from zero for pure hydrocarbon to one for water.
Therefore, the value of H gives an indication of fhe degree of exposure to
water over the sum of all molelcules in the micelle. The two-state model

Provides a thermodynamic estimate of the fraction of molecules exposed to
Wwater. For benzene upon correction of the Kiyw for Laplace pressure

effects, the estimated distribution between the SDS micellar core and the
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JABLE71
Comparison of the H Parameter and the Fraction of Solubilizate
at the Micelle-Water Interface From the Two-State Model For
Benzene and Four Alkylbenzenes in SDS Micelles
Fraction at SDS TAix
Solubilizate He micelle surfaceb '+ TAYX
Benzene 0.65 0.65
Toluene 0.61 0.61
Ethylbenzene 0.55 0.57
Butylbenzene - 0.49 047 ~
p-di-tert-Butylbenzene 0.18 0.44 ‘
0.17¢ i ‘.

a. Ref. 50
b. Area per molecule = (V/N)2/3/1.61)
¢. Area per molecule = (V/N)/(3.7A x1.61)
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aqueous phase is 2;30. Tﬁe ;¥perimee;el Kmw 18 950.(175) From these
values fhe calculated fraction at tl;e surfaceis 0.65 (= (950 -

330)/950), which is the same as the H value for benzene in SDS. Although
the exactness of the agreement may be accidental, it‘indicates that the
spectroscopic H parameter is mainly determined by the fraction of
molecules at the micellar surface.

As noted in the preceding chapters, benzene is the only molecule for
which dilute solution micelle/water partition coefficient data ere

available in SDS. It is the only molecule for which the above comparison
can be made on the basis of experimental K., K, .., and Laplace pressure

effects. The factor 1.61, which corrected the benzene V22 area value to
\

produce agreement between experimental and calculated K Values in

SDS, was ’ueed in calculating the areas of the alkylbenzenes.

- This procedure is likely to be appropriate based upon the following
observatien.. Ethylbenzene and p-xylene exhibit the same interfacial tension
against hydrocarbon liquid. These molecules are thus likely to have similar
interfacial activities at the hydrocarbon-water interface. The H

parameters of these compounds in SDS micelles were found to be the
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same.(50) Thus the ability of ethylbeniene to orient at the micelle-water

N
interface with its phenyl ring at the interface and alkyl group toward the

micellar core does not enhance its interfacial activity in the micelle,
relative to p-xylene for which such an orientation is n‘c.at as favorable. This
indicates that orientation is not important for these molechIes. If no
orientation is evident, then the full area of the molecule must be
considered. This is accomplished by using the v parameter._This value
has the advantage of being known quite precisely. :

Adjustment of the V23 value by a factor of 1.33 has been found to
prod'uce agreement of the monolayer model for competitive adsorption with
interfacial adsorptivity data of dimethyl ether at the hexane/aqueous

\

sodium dodecy! sulfonate solution interface.(169) One reason this ‘ \

i
k)

correction is needed is that the activity coefficients have been taken to be
unity in thé present competitive adsorption model. (Chapter 5) As noted
the correction factor which produced agreement between experimental and
calculated micelle-water partition coefficients for benzene in SDS is 1.61.
This factor is presently taken to account for activity coefficients, and
various micellar effects such as packing effects, hindrance 6f chain

7

movement, and curvature.(13,17,23,166) In this way all molecules are
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treated in a consistent mann"efi i .

Table 7.1 lists the fractions of the other alkylbenzene molecules at the
SDS micelle-water interface on the basis of the two-state model and the
new monolayer mode! for competitive adsorption. Neérly quantitative
agreement between the fraction at the surface and the H barameter is seen
for benzene and three alkylbenzenes. It must be stressed that these values
arise from two very different approaches, one spectroscopic and the other
thermodynamic modelling. This cross check based upon -cor;sfstent values of
molecular parameters provides strong support for the two-state model. It ~~
clarifies the meaning of the parameter in micelles as an indicator of the
fraction of molecules of the micelle surface. The above results éive
evidence that 65% of benzene and nearly 50% of butylbenzene molecﬁjles are
in contact with water. This high fraction at the interface is not detected b);
thermodyﬁamic measurements which compare free energies of transfer
from micelle to water and from hydrocarbon to water.(183,184)
Spectroscopic results are consistent with a model which takes into

account the high surface area of the micelle, the interfacial activity of the

solubilizate, competition for adsorption, and the Laplace pressure of the

micellar core. However, it is important to point out here, as in the previous
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chapter, that the fraction at the interface can be determined in two
R

independent ways.(52) First, partitioning into the micellar core can be

determined from the K, and the Laplace pressure effect. Using the

experimental K. the surface fraction is obtainable as in the above

example with benzene. The second way is through the interfacial
adsorptivity corrected for the competitive adsorption with Surfactant
headgroups.

p-Di-tent- butylbenzene may have orientational problems at the
micelle-water interface. Exposure of a t-butyl group to water is highly

~

unfavorable, the free energy of transfer from hydrocarbon to water being

2100 cal mol™ for the CH, group as compared to 825 Cal mol™ for the \

\
3

-CH, group.(1,4) The random orientation of this molecule with bulky t-butyl

groups is‘much less probable th;n for the smaller alkylbenzenes. This
molecule is much larger than the others studied here. Its molar volume has
been estimated from that of benzene‘ and t-butylbenzene to be about 222 ml
mol™!. Problems of packing this molecule at the micelle-water interface

are much more severe. A reasonable orientation of p-di-tert- butylbenzene

at the micelle-water interface is with its aromatic ring lying
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perpendic;ular to the micelle-‘w“_tel-" int;ﬁace to minimize the overall area
of con‘tact. Based upon this geo?netry, the molecular volume was divided by
3.7A, tﬁe vanderWaals thickness of the n system of the aromatic ring.
(182), to give an appropriate area for this box-like molecule. This value
was corrected by the benzene area factor,1.61 for SDS rﬁicelles. Use of this
eﬁecti\)é‘area produced agreement between the two-state model
calculation and the H-parameter. The much lower fraction at the surface
for thesg molecules is due to the restrictions on orientatidn and packing of
this molecule, which contains two large, inflexible and highly hydrophobic
groups. - ,/

In cdnclusion. excellent agreement is seen between H and the fraction at

the surface from the two-state model using consistent and reasonable

i
k!

parameters. In this way the meaning of the micellar H value is elucidated.
The present construction of the two-state model is further supported by
spectroscopic measurements, which are able to indicate average polarities

of the solubilizate environments.

‘ 2. Microenvironmental Polarity of Benzene in SPFO Micelles,

Certainly perfluorocarbon surfactant micelles provide an interesting
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system in which to study thec';élpbilize;j énvironment of hydrocarbons. The
: \

antipathy of interaction between perfluorohexane and hydrocarbons is well
documenfed.(69,100,198,199) Extreme nonideality has been noted in the
interaction of benzene and perfluorocarbon in this v&o]’k. An activity
coefficient of approximately 11 for benzene in perfluorohexane was
reported frt;m partitioning experiments in Chapter Three. These high
nonidealities also give rise to a much higher interfacial adsor_ptivity of
benzene td the perfluorocarbon/water interface than to tl';e decane/water
interface. As pointed out in the preceding chapter, the value of the fraction ]
of benzene at the SPFO micelle/water interface is expected to be higher
than that found in hydrocarbon micelles. Calculations based upon this
interfacial activity and competitive adsorption to the micelle/water | \.‘
interface indicated that in dilute solution 90% of solubilized benzene
moleculés in SPFO are at the micellar interface compared to 65%‘in SDS
énd 69% in SOS. A spectroscopic determination of the degree of association
with water of benzene molecules soiubilized in SPFO is certainly of
interest. .

An attempt was made to estimate the effective dielectric constant or H

parameter (49,50) of benzene in SPFO micelles. The method of

t
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extrapolation of the polarﬁy .;§n§itive ;;érameter to pure micellar phase
has been demonstrated in the preceding section. This method is not useful
for benzene in SPFO. The partition coefficient of benzene between the
micelle and water is much smaller than in SDS, the .v';lues being 230 in
SPFO (176) and 950 in SDS.(175) Even at the highest SPFO concentration
- possible at room temperature only 65% of the total benzene in solution is
in thg micelles. Extrapolation of any polarity sensitive parameter to pure
micellar phase would thus be quite long. |
A new method for the determination of the spectroscopic parameter of ‘
interest was required. A difference method was developed. A 0.253 molar
SPFO solution (37.3 wt%) containing a known concentration of benzene was

prepared. Its UV spectrum was determined and corrected for the abso'r“bance

due to SPFO. The fraction of benzene not solubilized was calculated from
the volume fractions of the micellar ,®, and aqueous ,$, phases and the ‘

distribution ooefficient of benzene between these phases, K.(176) The
volume fraction of micellar phase wés calculated from the molér volume of
SPFO and the aggregation number défermined by unpublished NMR work of
this laboratory. (211) The molar absorptivity of benzehe in water over the

relevant spectral region had been previously determined. The absorbance in
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the micellar solution due to ijnsolubilized benzene was calculated, and

~

, 3
subtracted from the total absorbance. The remaining absorbance divided by

the concentration in the micelle gives the molar absorptivity, €, of benzene

in the micelle . The resultant spectrum is shown in Figure 7.3. The es/ep

value of 0.235 + 0.010 was determined. The uncertainty of the eslep value is
based upon the reported errors in K values (£5%).
Interpretation of the es/ep parameter required a new app'r"oach, due to

the nature of the UV spectrum of benzene in the perfluorocarbon alkanes. - -
(214,215) These solvents have very low refractive indices. For example, .
perfluorohexane has a refractive index of 1.2514 while that of n-hexane is

\ -

1.375, and vacuum is 1.00.(213) The low refractive index produces a

‘&
spectrum more similar to vacuum than the compounds of the reference
solvent séries.(21 6,217) Figure 7.4 is a comparison of a portion of the UV .

spectrum of benzene in perfluorohexane and in water. The solvent induced
band is not as prominent. The es/ep ratio for benzene in perfluorohexane is

0.0515, which is significantly lower than in hexane, 0.142.
The series of solvent-induced peaks which are responsible for raising of

the valleys between the peaks is also much less evident in this spectrum.
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The va value of benzene is 1 ‘4\_in perfluorohexane, nearly three times that

found in heptane. The low refractive index of the perfluorocarbon
compounds causes a spectral shift compared to other molecules of the
same dielectric constant. For example, the A max of benzene in '

perfluorohexane is at 253 nm, and in p-hexane at 254.3 nm. Therefore, the

]

R, parameter (Azg0.4/As59) Which had been used by Cardinal and Mukerjee

(49) has a value of 0.22 in perfluorohexane, while that in water is about 2
and in heptane about 5.2. In view of the above, the calibfation procedures .
based upon a reference solvent series of hydrocarbon alkanes, n-alkanols
and n-alkanol/water mixtures is not applicable for perfluorocarbons.

An assessment of the nature of the microenvironmental polarity of \

3

benzene in SPFO can be made by comparison with the values for es/ep in SDS

found by Mukerjee and Cardinal.(50) Table 7.2 lists the es/ep values for
benzene in heptane, SDS micelles, and in water, found by Mukerjee and
Cardinal.(50) Also listed are the es/ep values for benzene in

perfluorohexane, SPFO micelles, and water found in this work. The values

for water agree considering the use of two different instruments and

~



€s/€p Ratios For Benzene -

SOLVENT

p-heptane 0.1422
perfluorohexane 0.0515b

water 0.292,0 0.3022"
SPFO micelle 0.235+0.01b

SDS micelle ' 0.2322

a. Mukerjee and Cardinal (ref. 50)

b. present work
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N

possible differences in instrumental settings such as slit width. This

\

indicates that comparison of the parameters from the two sets of data is
allowable. As noted above, the value of es/ep in perfluorohexane is much

lower than that found in heptane. However, in spite of the low refractive

index contribution to the spectrum of benzene molecules in the SPFO
micelle, the absolute values of es/ep for benzene in SDS and SPFO micelles

are the same. Indeed the difference between the perﬂuoroca'rbon value and
that in the SPFO micelle, 0.184, is greater than the change in the value of |
the parameter seen in going all the way from heptane to water, 0.16. The
benzene parameter in SPFO is much further away from the non-polar -
organic liquid parameter than it is in SDS. ‘\

A

A linear interpolation of the es/ep parameter between organic liquid and

water gives a rough indication of the fraction of polar character of the
éverage micéllar microenvironment of benzene. In SDS this results in a
value of 0.56, and in SPFO, 0.76. The actual H parameter in SDS was shown
to be 0.65.(50) Some increase in the SPFO value is also likely. Benzene

molecules associated with SPFO micelles are in an environment which is
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ﬁuch more polar than a perﬂ'uogocarbc;n environment.
These results are then consistent‘yvith the estimate of the two-state
model that a high fraction of benzene molecules are at the SPFO micelle
surface. The model has also shown that this fraction is considerably larger |

than that found in SDS.

3, Eff f Addit he Mi . | Polarity of p-Xvl
and Benzene in SDS Micelles

Considering the importance and usefulness of micellaf sglﬁbilization,
the ability of an additive to enhance or retard the uptake or partitioning
into micelles is certain to be of interest. In the preceding chapter the
effect of sodium chloride on the solubilization capacity of the micelles

\-

was examined. The effect of additives on the location and orientation df'\,

\
\

solubilized molecules is also of concern. The solubilizate may need to react
or be proteéted from reaction with compounds confined to the aqueous
phase.(11,218) Furthermore, biological lipid assemblies, for which

micellés are simple models, are composed of numerous additives such as
cholesterol and proteins.(219) The effect of additives on interactions of
solubilizates with micelles provides a better understanding ofvthe

processes regulating uptake into such membranes.
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One particular class of addi_tives which has gained much attention are
the C,-C4 medium chain length alcohols.(207,179,220-222) As shown in

Chapter 5 these compounds partition into micelles to a high degree. These
additives have been used extensively in solutions of ;nicellar surfactants

to form microemulsions which are capable of solubilizing large quantities

of alkanes. Tertiary oil Jreoovery-processes are based upon such systems.
(34) The effects of alcohols on micellar systems has thus received much
attention. Alcohols have been shown to decrease the cmc ar;d aggregation

numbers of micelles, indicating that they stabilize micelle formation.

(45,179,221) Some recent studies on the location and distribution of

molecules within micelles have indicated that solubilizates experience a
more non-polar environment and are not as able to interact with the \'\
aqueous phase when alcohols are added to micellar solutions. For example,
Whitten aﬁd coworkers (220) have studied the association constant of the
doubly charged aromatic acid methyliviologen (MV2*) with a series of
surfactant stilbenes. MV2* is concentrated in the headgroup region of

‘ anionic micelles. Solubilizates which aésociate with MV2* must have some

degree of surface exposure. The complexation constant between a

solubilizate and MV2* is higher as greater association between these
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molecules occurs. In SDS m'icé;l_les the.\complexation constant between Mv2*
and the stilbenes was reduced s:;gnificantly when 1-heptanol was added.
Recently this group has also reported that complexation between MV2* and
pyrene in SDS micellar solutions was reduced in the‘ ;;fesence of N
1-heptanol.(221) The polarity of the microenvironment of pyrene can be
measured by its fluorescence intensities.(56) A decrease in the polarity of
the average pyrene environment upon addition of heptanol tq_SDS micelles
was noted by this method.(221) A .

As discussed in the preceding chapter, counterions have also been

shown to influence the solubilizing power of micelles. The addition of -

counterions causes size and shape changes which affect solubilization.
t ‘
i

Al

(40,201,203) Changing the counterion also produces micelles with
different properties. These effects are particularly noteworthy when
hydrophobié counterions are employed.(192) For example the cmc of SDS is
8.1mM at 25°C. The cmc of tetrabutylammonium dodecyl sulfate is 1.2mM
and that of tetramethyl- ammonium dodecyl sulfate is 5.4mM at the same
temperature.(192) \

The cmc decreases with addition of each carbon to the chéins of thé

tetraalkylammonium counterions. Hydrophobic interactions between these
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counterions and the micelle 'stapilizg the micelle and reduce the cmc.(192)
The effect of these oounterions\::r; solubilization has not been reported.

The work reported here is a preliminary study of the effect of hexanol,

tetrabutylammonium bromide, and a zwitterionic cosurfactant, Zwittergent

3-12, on the microenvironmental polarity of benzene and p-xylene in SDS

micelles. The polarity sensitive parameter used was va. This parameter

increases with decreasing polarity of the environment. va for benzene

ranges from 5.2 in heptane to 1.85 in water. For p-xylene it decreases to

3.6 in heptane and 1.9 in water. In SDS micelles with no additive Mukerjee

~

and Cardinal found values of va for benzene of 2.78 and for p-xylene of
‘-

2.72.(49,50) '\

Table 7.3 lists the va values in the systems studied, including SDS

aqueous surfactant solutions with and without additive. The va values

here report a complicated weighted sum of both solubilized and non-

solubilized benzene or p-xylene. As the concentration of SDS increases

without additive, the va value increases due to increase in the volume

fraction of micelles in solution. Comparison of the va values in the
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presence and absence of a&digives at similar SDS concentrations shows
that in each case the additive has caused an increase in va. This indicates

a more hydrophobic environment. The p-xylene values are particularly

striking. Upon addition of hexanol or tetrabutylammonium bromide to SDS
solution the va values for p-xylene have exceeded the micellar values

found by Mukerjee and Cardinal.(50) The averge polarity of all of the

R-xylene in solution, including that in the aqueous phase, is lower than that

of p-xylene associated with SDS micelles without additive. The micro-

\

environmental polarity of p-xylene in the micelle must be much lower or
the partitioning into the micelle must be greatly enhanced by the presence
of additive. A combination of these effects may also be responsible for the

decreased polarity in the presence of additive.

The additives studied here are associated with the micelles in solution.
Hexanol has a Kmw for SDS micelles of over 6000.(45) Electrostatic and
hydrophobic forces keep tetrabutylammonium bromide at the micelie-water
interface.(192) Zwittergent 3-12 is itself a surfactant with a cme of

3.6mM. These compounds are not influencing the polarity of the benzene or

R-xylene molecules outside the micelle.
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The decrease in the ove'raillxpolarit.y of the aromatic compounds is
consistent With a decrease in in:erfacial tension of the micelle in the
presence of the additives studied. Hexanol is known to be highly
interfacially active at hydrocarbon-water interfaces.(i ’19) In Chapter 4 the
micelle-water partition coefficient of hexanol was shown to be related to
its interfacial activity in the micelle. Organic solutions of tetrabutyl-
ammonium dodecy! sulfate form spontaneous emulsions wh‘gn placed on
water due to the exceedingly low interfacial tension causéd by this
surfactant .

As discussed in Chapter 4, the magnitude of the micellar interfacial
tension determines the Laplace pressure of the micelle. As the interfacial
tension decreases the Laplace pressure of the micelle decreases and;t'l’ie
micelle-water partition coefficient of solubilizate increases. A lower ‘
interfacial fension also acts to increase the fraction of solubilizate in the
1 micellar core out of contact with water. Therefore, the average
environment of the solubilizate is less polar than in the absence of

solubilizate in the micelle. This occurs in two ways. First, the reduction in

Laplace pressure of the micellar core increases the solubilizing power of

the core. Second, the lower interfacial tension increases the value of .
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This reduces the driving force for &mbetitive adsorption of solubilizates
to the micellar interface effectiv:I); reducing the f factor of Equation 5.19.
Since less solubilizate is in the adsorbed state, a greater fréction is in the
micellar core and the overall polarity of the environment is reduced.
The effect of a lower interfacial tension on the solubilization of
alkanes has been shown by other workers. Chaiko, Nagarajan and

Ruckenstein,(44) studied the solubilization of mixtures of benzene and

hexane by several ionic surfactants. They found that the mole ratio of
hexane in the micelle did not decrease linearly with mole fraction. Rather,

the amount of hexane solubilized stayed the same or increased at lowl
composition of benzene and then declined gradually. The benzene mole ratio
showed a linear increase with mole ratio across the whole compositic;n |
range. On the basis of the one-state model used by these workers

agreemeht of theory with this synergistic effect of benzene on hexane

1 ~ sélubilization could only be accounted for if the benzene was near the

‘ ~ interface, the.reby lowering the interfacial tension. The two-state model

shows that, for compounds which are not interfacially active, reduction of

interfacial tension reduces the Laplace pressure, thereby increasing uptake
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into the micelle. * v
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DETERMINATION OF A¢ID DISSOCIATION CONSTANTS OF
PERFLUOROCARBOXYLIC ACIDS AND CRITICAL MICELLE
CONCENTRATIONS OF THEIR SALTS BY UV SPECTROSCOPY

o

A. Background

Perfluorocarbon compounds are of interest and importance in a variety
of fields. They are highly hydrophobic, which has made them useful in
lubrication and materials technology.(79,223) unid perfluorocarbons are
able to dissolve high concentrations of oxygen.(147) Emdlsic;;ms of these
liquids are currently being tested as blood substitutes.(147) On the
molecular level perfluorinated compounds are also quite interesting.
Perfluorinated alkanes exhibit low refractive indices (213), low cohesive

energy densities (91), and low surface tensions against air.(1 00) These't

s
Ay

properties indicate the weakness of the intermolecular forces between
these molecules. Mixtures of perfluorocarbon alkanes and hydrocarbon
alkanes are also highly non-ideal.(100,198) For example, p-heptane and
perfluorohexane exhibit a miscibility gap between 0.1 and 0.8 mole
fraction heptane at 25°C.(100) Perfluorinated surfactants are much
different than hydrocarbon surfactants, exhibiting a higher intérfacial

v

activity and lower cmcs.(69) The nonidealities between perfluorocarbon




284
and h)lldrocarbon have been .fO-l’J.nd to éw over into the surface chemical
and micellization behavior of mixtures of these types of compounds.
(69,100,199,224)

Aside from their uses as surfactants, perfluorinate& acids are also
moderately strong organic acids. The acid dissociation constant of
trifluoroacetic acid has a dissociation constant close to unity. (225,226)

This property is attributable to the electron withdrawing ability of the
fluorine atoms. The extent to which additional -CF, groups enhance this

effect has not been examined.
In view of the above, perfluorinated compounds are certainly important

and their physical properties are of interest. In this work the UV spectrum

of perfluorinated carboxylic acids has been examined and exploited to 5

advance the research of these compounds and to determine two of their
important physical properties, namely the PK, and cmc. Association of

these moderately strong acids with protons and micellization of these
compounds are expected to be reflected in their UV spectra. Micellization

of fatty acids effects a change in the environment of the carbonyl chromo-

phore. In the monomer state in aqueous solution, the C=0 bond being

Surrounded by water. The micelle surface provides a much different ‘
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environment, containing a high concentration of headgroups and
counterions. No investigation has been reported on the use of the UV

spectrum of carboxylic acids for cmc determinations.

In the region of 200 nm, the vacuum spectra of aliphatic carboxylic |
acids show absorption maxima with molar absorptivities of about 50 |

mol ! cm™. (227,228) These absorption bands have been shown to be due

to the n =*x* transition.(227,228) At 160 nm an absorption band having
molar absorptivity on the order of 2500-4200 | mol! cm! is noted. This
band is attributed to x - x* transitions. (227,228)

In solution the n =x* transition is also seen. For exa/mple, acetic acid
in 0.01M H,SO, shows a peak at 205 nm with a molar absorptivity of 3? I

\

mol! em™1.(229) For general n -=+x* transitions of carbony! groups, a blue

shift on increasing solvent polarity has been known for some time.

(216,230) In hydroxylic solvents hydrogen bonding stabilizes the ground
' state of the lone pair n electrons. In the excited state hydrogen bonding is
f not bbssible since one of the n electrons is promoted to a higher energy
anti-bonding ©* orbital. The energy of the transition is therefore higher in

hydroxylic solvents. The classical example, acetone, then shows a blue

shift of 14.5 nm between hexane and water. This corresponds to a five Kcal
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mol™! hydrogen bond.(230) < . R

Some experimental evidence that the n—x* transition of carboxylic

acids is shifted to longer wavelength with increasing solvent polarity has

been noted. (228,231) For example, Rusoff and oowdrkers found that in |
heptane myristic acid had a A of 205 nm and molar absorptivity () of 63 |

mol™! em1, while in 95% ethanol the A max was 210 nm and ¢ = 50 |

mol"! em™. On the other hand extensive work of Clousson and coworkers

on the n=x* transition of carboxylic acid esters showed a bll;é shift of

about 7 nm upon changing the solvent from isooctane to water. (232) A

blue shift for ethyl acetate was also noted upon decreasing the ethanol

concentration in a series of ethanol-water mixtures. (233) The overall it
shift was about 5 nm. This group found no systematic change in molar \
absorptivity upon change in the solvent in any of their studies.(232-234)

Increase of the chain length of aliphatic carboxylic acids has been

shown to be accompanied with a small shift in the n==* transition to
longer wavelengths and a small increase in molar absorptivity.(231 -235)

For example Rusoff and coworkers saw a slight difference in the molar




287

absorptivity between acetic acid (40 | mol"! cm™) and caprylic (Cg) or
LY

myristic (C,,) acids (63 | mol"! cm™) in heptane. (231) Clousson and

coworkers have shown red shifts of about three nm and increase in molar
absorptivity on the order of 20 | mol'em™ in changfng from acetate to
isobutyrate methyl ester. (232) The length of the chain was not Afound to
materially affect the molar absorptivity of the series formic, acetic,
butyric, caproic, caprylic, lauric, myristic, palmitic and stearic' acids
betweeﬁ the wavelengths 200 nm and 255.5 nm. (235) No investigation of -
the effect of chain length on the UV spectrum of perfluorinated acids has

-~

been reported.

\

n-n* peak.(227,228) For example, for acetate anion in 5x10"2M phosphate

In the anionic form the n—n* transition often appears as part of the

buffer no peak is noted near 204 nm and the molar absorptivity is about
100.(229) Thi; compares with acetic acid in 0.01M H,SO,where a peak is
seen at 204 nm and the € = 38 | mol"! cm! .(229) Szyper and Zuman (228)
have investigated the spectra of several carboxylic acids as a function of

PH. They have described the difference in the spectra of the free acid and

anion forms. In general, the free acid forms showed an absorption band (€=
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33 for acetic acid) at 205 to 210 nm and a weak shoulder between 220
and 250 nm, (e = 4 for acetic acid). For the anion the shoulder at 225 nm
was absent, with the longer wavelength peak relativeliy unchanged. These |
workers used these differences in absorptivity to determine acid
dissociation constants for a number of carboxylic acids. For formic and
acetic acids they measured pKa values which were stated to agree with
literature values (3.75 and 4.75 respectively). o

Of particular interest to this study, Szyper and Zuman (228) found that

trifiluoroacetic acid showed a strong absorption below 185 nm (¢ >100), a

shoulder at 210 nm (é=30) and a weaker shoulder at 225 nm. The anion was

found to have a higher absorbance (¢ > 200) below 195 nm, no change‘\at

210 nm, but no shoulder at 225 nm. These workers attempted to measure

the pK, of this compound using this spectroscopic change by titration
with sulfuric acid. The half-titration point corresponded with a pKa of

l about -0.92 ( K, = 8.3) on the H,, acidity scale. However, the H,, function

was found to be inadequate in describing the observed change in

absorbance with acid concentation for this compound.
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Others have also found the question of the pK, of trifluoroacetic acid
to be interesting.(225,226,242-245) As a moderately strong acid this
compound stretches conventional methods for deterrhining PK,, such as
conductance, to their limits. (225,226) High concentrations of acid are
needed to achieve association. NMR and Raman spectroscopic studies
yielded a range of values for K, between 4 and 8. (226) Th"e refractive
index method used by Grunwaldl and Haley did provide é rathar‘precise
value for K, = 1.07 +0.25, ( pK, = -0.029 + 0.10).(225) About 50% c;f the
error cited by Grunwald and Haley arose from uncertainty of the.activit_y
coefficient of trifluoroacetic acid. In the present work the spectral chahge
due to dissociation of'triﬂuoroacetic acid and perfluorobutyric acid was |

examined. The dissociation constant was determined by use of the activity
coefficients based upon HCI.

B. Scope and Aim

This study is an attempt to employ the UV spectrum of perfiuoro-
carboxylic acids to obtain the values of physical properties of these

compounds which are difficult to determine by other methods. In this
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study the cmc of perfluorooctanoate micelles was determined by
observing the change in the UV absorbance of these compounds with

concentration. The sodium and tetraethylammonium salts were studied.

Also, a preliminary study was made of the lithium salt at 1M added salt.
The pK,s of trifluoroacetic acid and perfluorobutyric acid were measured

by observing the change in UV absorbance upon addition of HCI. A new
method of determination of the acid dissociation constant was -used
applying activity coefficients from HCI, the titrating acid. A distinct chain
length effect on the absorptivity of the perfluorocarboxylic acids was N
also noted. .

1. Chain Lenath Dependence The UV spectra of the perﬂuorocarboxylic
acic;é and their salts studied here exhibit a shoulder at 210 nm in water.
This was also seen by Szyper and Zuman (228) as discussed in the
introduction.

Table 8.1 lists the molar absorptivity at 205 nm of trifluoroacetic

acid (HPFA), sodium perfluorobutyrate, (SPFB), sodium perfluorooctanoate
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Chain Length Effect on the Absorptivity of Aqueous Solutions of
Perfluorocarboxylic Acids and Their Salts at 205 nm.
€/ mol"'em™

Trifluoroacetic Acid ' 582+ 3
Na Perfluorobutyrate .2539 2
Na Perfluorooctanoate 354.52¢+ 0.5

! 337.7°+3
Perfluorooctanoic Acid ~ 33130911 |

f v
) | | B
a. Acid purified by recrystallization from CCl4 before salt formation. X
b. Acid used as recieved. ‘
c. Beer's Law plot shown in Figure 8.1.
d. Beer's Law plot shown in Figure 8.2
e. Acids distilled prior to reading
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(SPFO) and perfluorooctanoic ;cid (HPFO) in water at 205 nm. Beer's Law
behavior below the cmc was noted for SPFO and HPFO. The typical plots are
shown in Figures 8.1 and 8.2. The other readings in Table 8.1 are single
concentration determinations. The commercial sourcé of HPFO used here
has been shown by previous workers in this laboratory (69) to be free of
detectable impurities and of uniform chain length. The reason for the higher

absorbance of the SPFO made from HPFO which had been recrystallized from
CCl, is uncertain. i

An increase in the molar absorptivity of 280 | mol"! cm™! from HPFA

to HPFO is seen. This change is far greater than that seen with the
hydrocarbon acids and esters. For example, an increaée of 20 | mol! c\rn'1
was noted upon extending the chain length from acetic to myristic (Cyq) "&
acid.(231) 'i'his result indicates that the intensity of the transition is

affected by addition of -CF, groups distant from the carbonyl chromophore.

Such an effect was not seen with the addition of -CH, groups.(231) The

electron- withdrawing -CF, groups enhance the n-n* transition
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Figure 8.1
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[SPFO] /mol | x103

UV absorbance of SPFO at 205 nm plotted as a

function of the molar concentration of SPFO in water.
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Figure 8.2 UV absorbance of HPFO at 205 nm plotted as a

function of the molar concentration of HPFO in water.
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probability. Increased deloéliégtion of the n electrons by additional -CF,
groups is likely to be responsible for this effect. The increase in molar
absorptivity reflects the influence of additional -CF, groups on the ground

state properties of the carboxyl group.
2. Approach toward determination of dissociation constants for
perfluoroacids,

Substitution of a halogen onto the alky! group of a carboxylic acid is

well known to increase its acid strength. For example, the PK, of acetic

acid (4.75) is higher than that of monofluoroacetic acid /(2.6) or mono- . -
chloroacetic acid (2.9).(236) This effect is due to the électron-
withdrawing ability of the halogen, which stabilizes the anion formed b)lr\
dissociation. The effect ié evident, although much reduced, even at a ‘

distance of four carbon atoms from the carbonyl. For example, butyric acid

has apK_ of 4.8 (K, = 1.52 x 10'5) while that of w- chlorobutyric acid is
a a

4.5 (K, = 2.96x10™), and B-chlorobutyric acid is 2.9.

Addition of more than one halogen results in a stronger acid.(228,236)
Trichloroacetic acid and trifluoroacetic acid are known to be moderately

strong acids.(226) For this reason their acid dissociation constants are
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difficult to measure precisely. Convqnt;onal methods for determination of
dissociation constants are at the bbrqerline of precision in this acid
region.(226) One rhajor difficulty in the measurements is that association
of the acid occurs only at high acid concentration where the activity

coefficients are difficult to estimate. Dilute solution theories are not

reliable at acid concentrations in the region of SN H,SO, where Szyper and
Zuman estimated the half-titration point of HPFA. As discus;_ed in the
introduction, Cdvington and coworkers (226) have reviewed iﬁe K, values

reported for HPFA and trichloroaéetic acid. A compilation of results from
conductance (242), coulometric measurements (243), NMR (244), Rafﬁén
spectroscopy (226) and refractometry (225) gave values for HPFA which
varied from 0.588 to 8.(226) Using differential refractometry Grunwald ;nd

- Haley arrived at the rather precise value of 1.07 + 0.25 for the dissociation
constant of HPFA. Much of the uncertainty reported in this value was due to
uncertainty of thé activity coefficient.(225)

The UV spectroscopic approach used here is based upon the difference in

absorptivity of the acid and anion formé of the carboxylic acids

trifluoroacetic acid (HPFA), and perfluorbutyric acid (HPFB). As had been

noted by Szyper and Zuman for HPFA,(228) the absorbance at a fixed
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wavelength in the }egion 220 nq3 to 256 nm increased as the inorganic acid
\

concentration increaséd. This was shown not to be a general medium effect.
Lithium chloride at 5.2 molal was found to have about a 3% effect on the
absorbance of sodium perfluorobutyrate at 230 nm, re‘lative to water. In
comparison a 2.6 molal HCI solution increased the absorptivity of HPFA by
85% relative to water. For HPFB absorptivity rose from 16.2 | mol'! em-1
in water to 23.75 | mol"! cm™ in a 2.1 molal HCI solution. This increase is
due to the higher absorptivity of the free acid in this wave'len'gth region.

The absorbance measured can be expressed as

where ¢ is the molar absorptivity,
| Cc ié '.the concentration,
and subscripts HA and A™ stand for free acid and anion respectively.
The degree of association of the acid, «, that is, fraction of acid in the
free form, can be introduced into equation 8.1, which becomes

x = Cpa- = (AC)-€p- : ' (8.2)
C EHA - GA'
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where c is the total concentration of carboxylic acid.

.- -

< -
The €,- was determined using the sodium salt of these acids, (€gppp =

\

4.52, €gppp = 16.21 I mol'! cm™ at 230 nm). The ¢ values for HPFB and

».

SPFB in water were found to be equal. The absorbances of 0.2 molar HPFA
solutions or 0.06 molar HPFB solutions were measured at seven

wavelengths between 250 and 220 nm in a series of solutions of
increasing HCI concentration. The value of €,,, could not be determined

from the data at high acid, since the apparent ¢ value did not approach an

asymptote. This was probably dule to protonation of the carbonyl oxygen.
(237) In the case of HPFB, micellization at high acid co/ncentration may
also occur. For this reason only the lower acid concentrations up to abqut
2 molal total acid will be considered further in this discussion. Over this\'\.

- region the change in absorptivity of HPFA and HPFB was large enough that
a pK, could be determined.

_l The dissociation constant, Ka, of the acid at low levels of association
where the activity of the free form is close to its concentration is given

by:
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\

where 812 is the mean ionic activity coefficient of the carboxylic acid,

and my* is the molality of hydrogen ion,
my+ = Mye + (1-x) MuprA ‘ (8.4)
Substituting equations 8.2 and 8.4 into equation 8.3 gives

K= Mgy 1 (A01= €41 ) (=80 113 ©5)
eHA GA C eA

~

The first estimate of the value of €,,, - €,- was that which gave the
A

most nearly constant value of K, as a function of HCI concentration. As in '
previous studies of the dissociation of these strong organic acids, (225,
226) an estimate of the ¥, of the carboxylic acid must be made. This

quantity cannot be measured since the carboxylic acid is partially
associated. Furthermore, the system contains a mixture of two electrolyte
components, HCI and the organic acid. An estimate of the mean ionic activity

coefficient of the carboxylic acid in the mixiure requires some theoretical
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consideration. Work is currently gnderway to assess the '6:t on the basis of
.-

modern mixture theories.(238,239)

In this analysis we will use an approach based upon known trends seen ’
in mixtures of electrolytes. When two electrolytes A anc; B possessing a
common ion are mixed, the activity coefficient of A in the mixture tends
toward that of B and vice versa.(240) Harned and coworkers (240) developed
a rule based upon numerous experimental observations of mi?(tures of

electrolytes. The rule states that in a mixture of electrolytes A'ahd B the

activity coefficient of component B, % g IS given by

‘log ¥ = 1098y = 8gm, : v

where &g is a function of the total molality and
¥ B(o) is the activity coefficient of B in the absence of
electrolyte A but at the Sarﬁe total molality as the mixture.
On this basis the value chosen as a first approximation for ‘6i of the

surfactant in this system was that of aqueous solutions of HC! at the same

molal concentration as the total electrolyte of the mixture. Since it is
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unknown whether the activity coefficient of the surfactant alone in
\ .
solution is higher or lower than that of HCI at the same concentration, the

choice of the HCI activity coefficient at the same total acid concentration

as the mixture provides a value which is necessarily intermediate between
these two possibilities. The value of the activity coefficient ¥, ranges

between 0.75 at the lowest total acid concentration up to unity at the
hvighest concentration. The acid solutions necessary to achieve

association of the carboxylic acid are much higher and far more nonideal

than usually observed in K, measurements. In this region of acid

P

concentrations, the differences in the mean ionic activity coeffficients of

the strong acids HCI, HCIO, and HBr are not large. (240) At2 molal, th

i
X

highest concentration used in this study, the ¥, of HBr is 1.168 while

that of HCl is 1.009. The slightly weaker acid HNO; hasa ¥, of 0.793. At
lower concentrations the differences are much smaller. For example, at 1
molal the ‘6i of HCl is 0.809 while that of HNO3 is 0.724. If the

perfluoroacids are acting like other acids with respect to their activity
coefficients, the error of using the HCI values for the mixtures of HCI and

the perfluoracids will certainly be small.
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Linear plotting of equation‘ 8.3 allows for determination of the PK,.
Equations 8.2 - 8.4 can be rearranged to
82 = mye ¥ o+ K, (8.6)
((Ac) - €5) (€Ha-€a")  (€ya-€p”)

where m’H+ - (ch| + (1-x) mHPFA(B))'
Figures 8.3 and 8.4 are plots of the left hand side of this equation as a

function of m', 812, for HPFA and HPFB respectively at 230 nm. The

linearity of the data indicate that olver this region of acid concentration
other processes such as micellization or cation formatior; are not
occurring. At high acid concentration deviations from linearity begin to be
seen. The lines drawn through the data are unweighted least-squares \'\
linear regressions. This plotting form has the advantage of placing most of
the experimental error in the y value and little experimental error in the x

¥

value.
Figure 8.3 demonstrates an important point regarding the choice of Ui.

Five of the six lowest points are solutions of HPFA containing no HCI. In
these solutions no more than 15% of HPFA is free acid. Overall agreement

of these data with the trend established by the solutions containing HCI is
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Figure 8.3

Linear plotting form (equation 8.6) for determination

of xm. of trifluoroacetic acid at 25°C.
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Figure 8.4  Linear plotting form (equation 8.6) for determination of

K, of perfluorobutyric acid at 25°C.
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noted. The solutions containing only HPFA are described by the HCI activity
AN
coefficient in @ manner which is consistent with the other data. This

provides evidence that the use of the HCI activity coefficient is reasonable.

The reciprocals of the slopes of Figures 8.3 and 8.4 give the value of €HA

- €,-- The resulting values for the free acid HPFA and HPFB are 9.00 | mol™!
cm™! and 31.45 I mol'! cm™ . Itis interesting to note that for both of

these compounds the €,,, is nearly double that of the anion form €,,-. The

values of €,,/€,- are 1.99 and 1.94 for HPFA and HPFB, respectively. This -

result is reasonable since it suggests that the enhanced probability of a
spectroscopic transition is affected by protonation to the same degree in
each of these molecules. In other words those factors which were ' A

responsible for the magnitude of €,- for each of these molecules are

influenced by protonation in a proportional manner. The thermodynamic

analysis above which yielded this result is thus further supported.

The K, values for HPFA and HPFB are given by the ratio of the intercept to

the slope in Figures 8.3 and 8.4. The resulting pK, value for HPFA is 0.016 £

0.03 and for HPFB, -0.37 + 0.03. The errors given are 95% confidence

intervals on the basis of the standard deviations of the intercept and slope.
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The uncertainty of the accuracy of these values is certain to be greater.
- ‘

The pK, value for HPFA is in good agreement with that of Grunwald, -0.029

+ 0.10. The overall error of the present analysis is likely to be of the same
order as that seen by Grunwald. As noted by Grunwald, the largest
contribution to inaccuracy arises from the uncertainty of the activity

coefficient.
The pK, of HPFB (-0.37) is certainly significantly lower than that
measured for HPFA (0.016). Comparison of this result with the nearly equal

and much higher pK's of acetic and butyric acid (4.75 and 4.8 respectively)

L~

(236) indicates the electron-withdrawing effect of additional -CFz.groups.

This first reported measurement of the PK, of HPFB demonstrates thé A

\
%

~ ability of this method to extend to quite strong acids.

Furthef work on this subject is currently underway in this laboratory by
Dr. Mukerjee and Mr. Chan.(241) The primary objective is the determination
of the suitable mean ionic activity ooéfﬁcient. Modern mixture theories
such as those of Pitzer are being examined.(238) Some further work on
establishing the extent of the medium effect on the spectra is being |

conducted. Analysis of the data at all the Wavelengths measured is needed
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to establish the congruency of the res;nts. The results reported here are
certainly encouraging. The method provides vaers of dissociation
constants which agree with the most precise values so far reported. The
technique can be extended to larger chain perfluoro acids with reasonable

precision.

3. Determination of the CMC of Salts of Perfluorocarboxylic Acids by UV
Spectroscopy

The micellar and free forms of some surfactants have diﬁérént
absorption spectra.(246,247) At suitable wavelengths, changes in
absorptivity produce slope changes in plots of absorbance ys,
concentration. Extrapolation of the linear portions of these plots ines the
cme value. This method has been used for alkyl pyridinium halides (247),
which undergo a change in their charge transfer spectra upon micellizatic;n.
:The cme of Triton X-100, which contains a phenolic group between an alky!
chain and é polyoxyethylene chain, has also been obtained in this manner;
(247)

In general, micellization places the head group of a surfactant at a
dielectric interface and in a region containing a high wncenﬁation of

headgroups and counterions. This region has been shown to be associated
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with a lower effective dielectric c;\onstant than water.(249,250) Studies on

K

dissociation constants show a higher pK, at the micellar surface than in

bulk aqueous solution. (250) Also investigation of solvent effects on the
;:harge transfer spectra of long-chain pyridinium iodid;s have indicated
that upon micellization the head group of these surfactants is transferred
to a low dielectric constant region, (approximately 36). (249)

Previous studies have shown that for hydrocarbon micelles this region is
associated with a small red shift in the spectra of hydrocarbéﬁ
solubilizates in comparison with hydrocarbon solvents.(49,50) A large red "
shift in comparison with water is seen. This is expected since water ha'sA a
lower refractive index (1.333) than the long chain hydrocarbons (1.4 1 43)
which make up the micellar core. Increase in the refractive index is kn'o‘:)vn

. to contribute to a red shift in absorption spectra.(216,217)

Fluorocarbons have lower refractive indices (1.25 for CgF, ) than

water.(213) However, a red shift of the n =xn* transition of the
perfluorocarbon carboxylate salts is expected upon micellization. This is
due to the low polarity of the headgroup region as refiected by the low
dielectric constants measured there. As has been discussed in the

introduction, decreasing the polarity of the solvent resulted in a red shift
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N

K
. .

with respect to watér of the n =x" transition.(230) A red shift of the 210
nm shoulder upon micellization wéuld cause an increase in molar
absorptivity with respect to the monomer in water. The changes found
experimentally were large enough to permit determination of the cme by UV B
absorption spectroscopy.
Determination of the cmc was facilitated by a difference plotting form
obtained in the following manner. The perfluorooctanoate salts studied
were found to obey Beer's Law above and below the cmc. Tr;erefore equation
8.7 applies above the cmc where'surfactant is in monomer and micellar |
form. 7 R

|-

A= (€€ + €rCpp) | 18.7)

- where A is absorbance due to the surfactant
I'is the path length of the spectrophotometric cell
€ is the molar absorptivity
cis the rﬁolar concentration and

1 and m stand for monomer and micelle respectively.
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Therefore, since Cy =Cmc and C=Cy+Cp above the cmc,

\

All = €,cmcC + €,(c-cmc) (8.8)
or |
(A/l) - €C = (€1 - €,) cmC + (€m - €9)C. (8.9)

The left hand side of equation 8.9 is a linear function of ¢ with
x-intercept equal to the cme. This form clearly indicates the breakpoint in
change in absorptivity .

Figure 8.5 is a difference plot 6f the UV absorbance data for SPFO in
‘water at 25°C. The cmc determined in this manner is 0./031 4 molar (S.D.
0.0007). This value is in good agreement with previously reported valqgs
from Krafft point determinations (0.036 molar at 8°C), (251) NMR (0.03;'
. molal at 25°C (7), and conductivity (0.032 molal at 25°C) (252). The
present method provides a simple technique for determining cmcs of
perfluofocarbon carboxylic acid surfactants. It is limited only by the
limitations of absorbance measurements. For example, compounds which
interfere with UV absorption in this reéion could not be used. The present

method requires no additive and, therefore, does not disturb the micelle at

all. Dye solubilization of dye partitioning techniques have been found to be

DN TR
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inadequate for cmc determinétfq\n of pérﬂuorocarbon surfactants.(24) The
large predominantly hydrocarbor: dye molecule does not partition in most
perfluorocarbon micelles to a great enough degree to permit cmc
determination.

The present method was tested further to determine the effect of
chahge of counterion on the absorption characteristics as well as the cme.
In this case tetraethylammonium perfluorooctanoate was useq. This
hydrophobic counterion is known to reduce the cmc of hyc.ir&:arbon
surfactants.(192) The stabilization of the micelle imparted by this
céunterion has been attributed to its ability to interact with the -

hydrocarbon core of the micelle.(192) Interestingly, evidence has also been

~ found that such counterions reduce the cmc's of perfluorocarbon . ' \

i
X

surfactants. Hoffman (253) found that tetraethylammoniumperfluoro-

' ;sulfonate héd a lower cmc than the corresponding sodium salt. This effect
is quite interesting since perfluorocarbons and hydrocarbons are known to
exhibit a mutual antipathy.(69,100,198) In the proximity of these
counterions, it is of interest to see if an increase in UV absorbance on

micellization is again seen. The difference in the magnitude of the effect

also gives an indication of any specific counterion contribution of the
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N

absorbance of the surfactant. ; _
Figure 8.6 is a difference plo1 §f the absorbance at 205 nm of tetra
_ ethylammoniumperfluoroctanote (TEAPFO) as a function of the
concentration in aqueous solution at 25°C. The characteristic breakpoint is
again noted. The cmc value of 0.00721 molar (0.00010 S.D.) is in good
agreement with that found by Mr. Chan of this laboratory (0.0071) molar
using a fluorescent dye partitioning technique.(241) The UV method is thus
shown to be applicable independent of the counterion. The Asﬁp’ectrosoopic
changes are about the same as noted for SPFO. The molar absorptivity at -
205 nm was found to increase by about 14% for SPFO and by about 18% for
TEAPFO. Both salts are seen, in Figures 8.5 and 8.6, to obey Béer’s Law
above the cmc. This indicates that any structural changes and intermié'é!lar
interactions above the cmc are not influencing this spectroscopic
‘transition. |
The above results are encouraging in showing that the method has a
- wide application and is quite precise. The overall error in the cmc values is
* of the order of 5%. One area in particular where this method is expected to

be useful is the measurement of cmc at high electrolyte concentrations.

Conductivity measurements are extremely difficult at high salt.(254)
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Methods which require rﬁeas’uremqnt c;f the spectral changes of dyes have
also been shown to be ineffectiv; ﬁnder such conditions.(241)
A preliminary study at high electrolyte concentrations has indicated

that the UV method is appropriate. Lithium perfluorooctanoate (LiPFO) in
the presence of one molar lithium chloride was measured. Results obtained
indicated that the UV method was suitable for detecting a cmc. The
breakpoint occurred at a reasonable concentration. However, experimental
difficulties due to CI” absorption and instrumental irregularitie{; ’prevented
precise measurement of the cmc. Building upon these studies, the
experiment was redesigned so that the difficulties encountered would be
minimized. Mr. Chan of this laboratory has recently conducted th‘is study. A
precise value of the cmc of LIPFO in 1M LICI was obtained by this mettiod.
Further work at low and high salt concentration is under way. An initial "

) 'goal for exfensi'c>n of this work is the determinatfon of limits of the mass

action relationship (1)

log cmc = A - B log [counterion]
for these surfactants. '

In summary, a method of cmc determination has been devised and

validated. It employs the change in UV spectrum upon micellization of
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perfluorocarboxylate salts td"dé{erminé the cmc of these compounds. This
noninvasive method has been f;und to be precise to + 5%. It is much
simpler to use than surface tension methods and requires instrumentation
availlable in most laboratories. The method has been‘shown to extend to

high salt concentration where other methods, such as conductivity, have

serious drawbacks.
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