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ABSTRACT: The kinetics of reduction of two cobalt(III) complexes with similar redox
potentials by hexacyanoferrate(II) were investigated in water and in reverse micelle
(RM) microemulsions. The RMs were composed of water, surfactant [(sodium(bis-
(2-ethylhexylsulfosuccinate)), NaAOT], and isooctane. Compared to the reaction in
water, the reduction rates of (ethylenediaminetetraacetato)cobaltate(III) by hexacyano-
ferrate(II) were dramatically suppressed in RM microemulsions whereas a slight rate
increase was observed for reduction of bis-(2,6-dipicolinato)cobaltate(III). For example,
the ferrocyanide reduction of [Co(dipic)2]

− increased from 55 M−1 s−1in aqueous media
to 85 M−1 s−1 in a wo = 20 RM. The one-dimensional (1-D) and two-dimensional (2-D)
1H NMR and FT-IR studies are consistent with the reduction rate constants of these two
complexes being affected by their location within the RM. Since reduction of [Co(edta)]−

is switched off, in contrast to [Co(dipic)2]
−, these observations are attributed to the

penetration of the [Co(edta)]− into the interfacial region of the RM whereas [Co(dipic)2]
−

is in a region highly accessible to the water pool and thus hexacyanoferrate(II). These results demonstrated that compartmenta-
lization completely turns off a redox reaction in a dynamic microemulsion system by either reactant separation or alteration of the
redox potentials of the reactants.

■ INTRODUCTION
Reagent confinement and solvation are factors of critical impor-
tance in directing electron transfer reactions of metal com-
plexes.1,2 Studying such reactions in nonconventional media
such as reverse micelles (RMs) provides an opportunity to
obtain fundamental information on how reaction dynamics are
impacted by local environment and reactant confinement. RMs
are a ternary system composed of an organic solvent containing
surfactant droplets that contain a confined water pool. The
nature of the microemulsions formed by RMs and its water
pool has been extensively studied.3−5 Specifically, the properties
of the water in nanosized water pools has been found to differ
from that of bulk water with respect to polarity, H-bonding,
microfluidity, pH, and viscosity.3−5 However, the physical
parameters of the water pool vary as the size of the water pool
and core water decrease compared to the interfacial water.3−5

Although little is known about the local environment (location)
of metal complexes contained within the microemulsions, the
properties of such metal complexes are undoubtedly modified
as the environment changes.6 Studies probing how confinement
affects reactivity are important for potential applications. In this
study we demonstrate that even in a dynamic reverse micellar
system, reactions can be turned off as a function of changes in
reactant environment.
Kinetic studies7 can serve as a sensitive tool for investigating

the impact of confinement on reactions particularly when the
kinetic data are combined with spectroscopic studies characterizing

the system and providing information regarding the loca-
tion of the complexes.8 Studies such as these are particularly
relevant for reactions that occur in the vicinity of a lipid
interface4,9 because the properties of compounds are likely to
be impacted by the interface. For example, fundamental infor-
mation on how the reactivity of [Co(dipic)2]

− changes when
interacting with interfaces may be relevant to its ability to lower
hyperlipidemia in diabetic Wistar rats.10 In contrast, other metal
complexes, such as [VO2(dipic)]

−, lower both hyperlipidemia
and hyperglycemia.11 Since the insulin enhancing action of all
of these complexes undoubtedly involves both hydrolytic and
redox chemistry,12 understanding the effects of confinement on
metal complex reactivity is important.13−19

An illustration of the three primary regions within a spherical
RM system consisting of water and NaAOT in isooctane is
shown in Figure 1: the water pool, the aqueous interface, and
the hydrophobic interface region.20 These regions provide very
different types of environment for a solute. Metal complexes
can occupy any of these three regions or span the boundary
between adjacent regions. Depending on the location of metal
complexes, significant changes in their chemical properties are
likely to be observed which, combined with their “accessibility”
for reaction with a component located in the same or adjacent
phase, can dramatically alter chemical reactivity. Importantly for
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studies probing reactions, RMs are not static spheres, and their
contents can mix rapidly via the formation of transient systems
in which the contents of RMs are mixed or exchanged.20,21 This
mixing or exchange rate constant is 106−108 M−1 s−1 and is
independent of the nature of the solute.20−25 Kinetic models in
RMs have previously been described in detail and generally
consider the nature of the confined water pools therein as well
as interfacial effects.22

Confined media effects on photoinduced electron transfer
reactions have invoked the importance of solvent reorganiza-
tion.1 In 2005, Chakraborty observed that the photoinduced
bimolecular electron transfer between different coumarin dyes
and N,N-dimethylaniline was a factor of 3 slower in RMs than
in n-heptane.26 This outcome was attributed to either different
diffusion rates in the inhomogeneous AOT system or to differ-
ent accessibility of the acceptor molecules to the donor mole-
cules induced by RM steric restrictions. More recently Dutta-
Choudhury and Pal reinvestigated the photoinduced electron
transfer between coumarins and amines in RMs to determine
the effects of differential partitioning of quenchers; in particular,
they examined the location of probes and reactant diffusion
rates on the reaction rates.27,28 They concluded that reactant
diffusion does not play a role in the quenching kinetics in RMs
because rotational relaxation times and diffusion parameters do
not correlate with the quenching rates. At high driving forces,
inverse Marcus behavior was observed in the aqueous phase of
the RM systems and was attributed to solvent reorganization
energies dominating the activation process.
Studies with redox partners that adopt outer-sphere reaction

pathways are particularly informative when exploring the effects
of confinement on electron transfer reactions. The two oxidants
used for this study; (ethylenediaminetetraacetato)cobaltate(III),
[Co(edta)]−, and bis(2,6-dipicolinato)cobaltate(III), [Co(dipic)2]

−,
Figure 2, are both structurally and spectroscopically charac-
terized29−31 and well established as outer-sphere reagents
suitable for Marcus theory analysis.32−39

Hexacyanoferrate(II) was selected as the reductant because it
is structurally well-defined in both oxidation states, well char-
acterized as undergoing outer-sphere electron transfer reac-
tions.40,41 Furthermore, its redox properties in RMs have been
previously studied.42,43 The outer-sphere nature of the [Co(edta)]−/
[Fe(CN)6]

4− redox process is well established34 and is likely to
be operative for [Co(dipic)2]

−.32

The reactions of [Co(edta)]− and [Co(dipic)2]
− with hexa-

cyanoferrate(II) offer excellent probes to study how aqueous
outer-sphere electron transfer reactions are impacted by the
confined water pool within RMs. To complement the kinetic
studies, we have carried out one-dimensional (1-D) and

two-dimensional (2-D) 1H NMR and FT-IR measurements
aimed at describing the environment and location of the
cobalt(III) oxidants. The two-pronged approach used in this
study is important to understand the observation that [Co-
(edta)]− is rendered redox inactive in the RM environment and to
test the hypothesis that the observed “switch off” of the reaction is
due to either the reactant location or the “ionic atmosphere” en-
countered by the reactants within the RM.

■ EXPERIMENTAL SECTION
Materials. Reagent grade chemicals used in the syntheses of the

cobalt complexes and in RM preparations were obtained from Aldrich
and used as received unless otherwise specified. Sodium hexacyano-
ferrate(II) was purchased from Fisher Scientific and used without
purification. A Barnsted Epure system supplied the doubly distilled,
deionized (<18 MΩ/cm2) water used in all experiments. The surfac-
tant, sodium bis-(2-ethylhexyl)sulfosuccinate (Na-AOT, 99%), used in
RM preparations, was obtained from Sigma-Aldrich and purified as
described previously.44 1H NMR spectroscopy was used to confirm
Na-AOT purity.44 Isooctane (99%) used in micro emulsion prepa-
rations was purchased from Aldrich and used as received. Hydrochloric
acid was obtained from Fisher Scientific and was used without further
purification. D2O and C6D12 were obtained from Cambridge Isotope
Laboratories Inc.

Synthesis of Cobalt Complexes. Potassium bis(2,6-dipicolinato)-
cobaltate(III), K[Co(dipic)2], and potassium (ethylenediamine-
tetraacetato)cobaltate(III), K[Co(edta)], were synthesized according
to published procedures.10,45 Elemental analyses, UV−vis, and 1H
NMR spectroscopy were used to determine product composition and
purity.

Preparation of RMs. Purified Na-AOT was dissolved in isooctane
at ambient temperature to make stock solutions of the surfactant.
These were 0.50 M for the NMR experiments and 0.20 M for the
kinetic experiments. Aqueous stock solutions of the cobalt complexes
were prepared as described below. Aliquots of the aqueous solutions of
the cobalt complexes were mixed with specific volumes of the Na-
AOT/isooctane to prepare RMs with wo values from 6 to 20. The wo
value is defined as the [H2O]/[AOT] ratio within the RM. Mixing of
the ternary component systems was performed by sonication for
2−3 min or until separation of phases was no longer observed. Spectral
and kinetic measurements were made immediately after preparation of
RMs.

Kinetic Experiments. Reaction rates for the hexacyanoferrate(II)
reduction of the two cobalt(III) complexes were measured using an
OLIS RSM1000 stopped-flow mixing system. The reactions were
monitored at 420 nm, the absorption maximum for hexacyanoferrate-
(III), as the absorbances for the cobalt(III) complexes were generally
small under the conditions of the kinetic studies and gave less precise
data. Where possible however, both loss of oxidant and appearance of

Figure 1. Structure of NaAOT and model of a RM section with
possible loci for complexes labeled as water pool (A), at the interface
(B), or penetrating the interface (C).

Figure 2. Structures of the cobalt(III) complexes used in this study.
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hexacyanoferrate(III) were measured and compared to confirm rate
agreement. All solutions were purged with argon for a minimum of 10
min prior to mixing. The removal of dissolved oxygen was found to be
important because when present in the RM systems, it caused
irreproducible results. Pseudo first order conditions were used, with
excess hexacyanoferrate(II) (range 0.005−0.03M) over cobalt(III)
(∼5 × 10−4 M), and the absorbance changes (average of 3−5 runs)
were fitted using the OLIS data reduction software to yield the ob-
served rate constants. Higher concentrations of hexacyanoferrate(II)
did not allow formation of RMs. For the studies with [Co(dipic)2]

−

the solutions contained 0.5 mM dipicolinate to both buffer the reac-
tion pH (3.0) and maintain complexation of the cobalt(II) product.
Studies with [Co(dipic)2]

− using 0.5 mM KHP as the buffer (no free
dipicolinate) were also carried out and found to have identical electron
transfer rates. This indicates that [Co(dipic)2]

− remains intact within
the RM and that there are no general buffer effects. The temperature
was controlled to within 0.1 °C using a constant temperature bath.
Sample Preparation for 1H NMR Spectroscopy. Aqueous

solutions of each cobalt complex were adjusted to an appropriate pH
for use as stock solutions for NMR analyses. The following concen-
trations and pH solutions were used for the 1-D NMR experiments:
33 mM [Co(dipic)2]

− at pH 6.7 and 60 mM [Co(edta)]− at pH 5.8.
No buffers were used. RMs ranging in sizes from wo = 6 to 20 were
prepared using the cobalt compound stock solutions with 0.5 M
Na-AOT in isooctane. Final concentrations of cobalt complexes in the
RMs were from 3 mM to 11 mM. Aqueous stock solutions used as
controls and RMs were prepared immediately before acquisition of
NMR spectra.

1H NMR Spectroscopy: Data Acquisition and Analysis. 1H
NMR spectra of the cobalt(III) complexes in RMs and aqueous
solutions were obtained on samples placed in standard 5 mm Wilmad
NMR tubes. The data were recorded at ambient temperature with
400 MHz (CSU) and 600 MHz (Pacific Northwest National Laboratory)
Varian INOVA spectrometers. Routine parameters were used for the
1-D 1H data acquisition. 1H chemical shifts were referenced against
tetramethylsilane (TMS) placed in a coaxial capillary with C6D12/TMS
for all samples. Linewidth calculations were performed using the
Origin 7.0 curve fitting software.

1H-1H-NOESY (Proton−Proton 2-D Nuclear Overhauser Enhance-
ment Correlation Spectroscopy) NMR experiments were performed
using the supplied Varian pulse sequence as reported previously.46

Aqueous solutions of complexes were run in D2O, to provide a lock
signal, but for studies in RMs, H2O and not D2O was used in these
samples.
Sample Preparation for FT-IR Spectroscopy. Aqueous

solutions of the two cobalt(III) complexes (in mM) were prepared
by using 5% HOD in H2O and pure deionized-water. A series of stock
solutions of each complex were prepared to yield a constant overall
Co(III) concentration in the RM (0.70 mM for K[Co(dipic)2] and
1.27 mM for K[Co(edta)]). The RMs were assembled using 0.2 M
NaAOT with wo values of 6 and 10.
FT-IR Spectroscopy: Data Acquisition and Analysis. IR spectra

were collected with a Nicolet, Magna 760 FT-IR spectrophotometer.
Individual spectra represent averages of 128 scans with 1.0 cm−1

resolution. RM samples were introduced by using an IR microvolume
cuvette with BaF2 windows (2 mm thick) and a Teflon spacer with
thickness of 50 μm. Spectra were obtained from samples in both 5%
HOD in H2O and in pure deionized-water allowing the explo-
ration of both the OD and the OH stretching regions. To measure the
spectrum from the RMs that arises only from the OD stretching signal,
spectra collected with deionized-water as the polar solvent were
subtracted from spectra collected using 5% HOD in H2O. All FT-IR
experiments were conducted at a constant temperature of 25 °C.

■ RESULTS

RM Environment Effects on the Reduction Kinetics of
the Co(III) Complexes. Under pseudo first order conditions
the absorbance versus time plots in aqueous media for the
appearance of hexacyanoferrate(III) (420 nm) or, when possible,

the disappearance of aqueous [Co(edta)]− (538 nm) and
[Co(dipic)2]

− (511 nm) fitted well to a single exponential. This
established the first order dependence with respect to both
oxidants and allowed determination of pseudo first order rate con-
stants. Linear plots of these rate constants versus the concentration
of hexacyanoferrate(II), see, for example, Figure 3, gave the second
order rate constants, k1, listed in Table 1.

The value of k1 in aqueous media obtained for the reduction
of [Co(edta]− by hexacyanoferrate(II), Table 1, agrees well
with the value (0.21 M−1 s−1) reported by Haim et al.34

In RMs, the UV−visible spectra of the reactants were found
to be invariant in both peak position as well as extinction
coefficient under the conditions of the kinetic studies when
compared with the values in aqueous media (see Supporting
Information, Figure S1). For [Co(edta)]− the λmax of 538 nm,

Figure 3. Typical plot of observed aqueous pseudo first-order rate
constants versus hexacyanoferrate(II) concentration for the reduction
of [Co(dipic)2]

−.

Table 1. Bimolecular Rate Constants, k1, for the Reduction
of [Co(dipic)2]

− and [Co(edta)]− by Hexacyanoferrate(II) in
Aqueous Solution and as a Function of wo of the RM

oxidant conditions* k1/M
−1 s−1

[Co(dipic)2]
− aqueous 55 ± 7

wo = 20 85 ± 5
wo = 15 80 ± 15
wo = 10 80 ± 11
wo = 7 65 ± 7

[Co(edta)]− aqueous 0.34 ± 0.03
wo = 12 no detectable reaction
wo = 11 no detectable reaction
wo = 7 no detectable reaction
wo = 6 no detectable reaction

*0.2 M NaAOT, [Co(III)] = ∼0.5 mM, [Fe(CN)6
4−] = 5−30 mM at

T = 25.0 °C. For [Co(dipic)2]
− the runs were monitored at pH 3 with

excess dipicolinate or at pH = 3 buffered with 0.5 mM potassium
hydrogen phosphate in the absence of excess dipicolinate.
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in both aqueous and in RMs, is consistent with retention of the
hexadentate structure with no dissociation of a carboxylate
arm.47 Pseudo first order conditions were again employed as for
the aqueous studies. Identical rate constants, within experimen-
tal error, were obtained when monitoring either the appearance
of hexacyanoferrate(III) at 420 nm or the disappearance of
cobalt(III) oxidant. Second order rate constants are listed in
Table 1 for each oxidant as a function of the wo value of the
RM. With [Co(dipic)2]

−, the rate constants show an increase
upon changing from aqueous media to RMs and are essentially
independent of the size of the RM between wo = 10 and 20. At
wo = 7 a decrease of the observed rate constant occurs. In con-
trast, no observable reduction of [Co(edta)]− by hexacyano-
ferrate(II) is seen following the introduction of the complex
into the RM at wo values of 6, 7, 11, and 12. Increasing the
concentration of hexacyanoferrate(II) by 20-fold over cobalt-
(III) as well as monitoring over longer time periods (up to one
week) failed to show evidence of any reduction of the [Co(edta)]−

complex within the RM.
1-D 1H NMR of the Cobalt(III) Complexes in AOT/

Isooctane RMs. [Co(dipic)2]
−. 1H NMR spectra obtained

from aqueous solution and in RMs (0.5 M Na-AOT in isooctane)
with sizes ranging from wo = 6, 8, 10, 12, 16, and 18 are shown
in Figure 4. The triplet centered at 8.54 ppm is assigned to the
proton para to the nitrogen atom (Hb) and the doublet
centered at 8.30 ppm assigned to the neighboring Ha protons
of the coordinated dipicolinate. Placement of [Co(dipic)2]

−

in the smallest RMs causes a dramatic downfield shift

(up to 0.28−0.37 ppm) in both dipicolinic proton signals (Figure 4b)
along with a concomitant increase in line-broadening (Figure 4a).
Line-broadening and downfield shifts are more pronounced as
wo decreases and for Hb at wo = 4 the signal is broadened into
the baseline. The Ha proton continues to broaden as the water
pool size decreases, but its signal remains observable even at wo = 4.

[Co(edta)]−. 1H NMR spectra obtained from both aqueous
solution and in RMs with sizes ranging from wo = 6, 8, 10, 12,
16, 20 are shown in Figure 5. In Figure 5a, the 1H signals from
3.08 to 3.62 ppm, corresponding to the various edta protons,
show significant downfield shifts in the RMs compared to the
values in aqueous solution. The chemical shift differences are
∼0.15 ppm for the -NCH2CH2N- protons and ∼0.19 ppm for
the furthest upfield CH2-proton adjacent to the carboxylate
groups. This difference in chemical shifts is large even for the
largest RM (wo = 20). Further small downfield shifts are seen as
the RM gets smaller. In contrast to the spectra of [Co(dipic)2]

−

no linebroadening is seen to any of the resonances for [Co(edta)]−

even at the lowest wo values.
2-D 1H NMR Studies of the Cobalt(III) Complexes in

AOT/Isooctane RMs. 2-D 1H-1H NOESY NMR experiments
were undertaken to support the interpretation of the 1-D NMR
studies regarding the location of the of [Co(dipic)2]

− and
[Co(edta)]− complexes. However, the combination of low
solubility of one of the complexes and peak overlap limited the
results obtained.

[Co(dipic)2]
−. Here the low solubility of this complex in

the water pool of the RM even at the highest wo value of

Figure 4. (a) 400 MHz 1H NMR spectra of 33 mM [Co(dipic)2]
−, conditions: pH 6.7, 0.5 M AOT/isooctane RMs, wo = 6, 8, 10, 12, 16, and 20; (b)

plot of chemical shift versus wo (the dotted lines represent the chemical shifts in aqueous media).

Figure 5. (a) 400 MHz 1H NMR spectra of 60 mM [Co(edta)]−, conditions: pH 5.8, 0.5 M AOT/isooctane RMs, wo = 6, 8, 10, 12, 16 and 20); (b)
plot of chemical shift versus wo (the dotted lines represent the chemical shifts in aqueous media).
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20 prevented the observation-of any 2-D NMR spectra with
acceptable resolution.
[Co(edta)]−. The higher solubility of [Co(edta)]− allowed

the extraction of NOESY data at wo values as low as 16. Figure 6
showed evidence of a weak NOE from edta protons at 3.8 ppm
and 4.08 ppm with signals for AOT in the 4.13−4.2 ppm range
consistent with the [Co(edta)]− complex being located near to
the H3′ protons of the AOT and thus penetrated into the lipid
interface. However the presence of overlapping shifted edta
protons in the same region as the AOT protons makes for some
caution in the assignment. The more intense NOESY cross peaks
visible at 3.3 ppm and 4.4 ppm are assigned to AOT-AOT
interactions.
FT-IR Studies of the Cobalt(III) Complexes in AOT/

Isooctane RMs. FT-IR experiments were carried out to mea-
sure the OD stretch in a dilute solution of D2O in H2O (2.5%).
These studies investigate how the two cobalt(III) complexes
impact the water pool. Both of these complexes are substitution
inert so dissociation, or partial dissociation, of the coordinated

ligands does not occur during the time frame of our experi-
ments. Figure 7a,b displays the OD stretching vibration so
obtained from wo = 6 and 10 AOT RMs in the presence and
absence of the two complexes. In the presence of [Co(dipic)2]

−

the OD stretching vibration is blue-shifted by 8 and 6 cm−1 in
the wo = 6 and 10 RMs, respectively, from the position of the
vibration in the absence of the complex, Figure 7a.
When the same experiment is carried out with [Co(edta)]−

the corresponding blue shift in the wo = 6 and 10 RMs in the
presence of the complex is much smaller (2 and 1 cm−1

respectively), well within the error limits of the experiment,
Figure 7b. This result demonstrates that the presence of
[Co(edta)]− does not significantly impact the H-bonding or
other water properties in the micellar water pool.

■ DISCUSSION
In this work our objective was to investigate how confined
environments impact chemical reactions and to determine the
role of location and partitioning on the reactivity of solutes.

Figure 6. 2-D 1H-1H NOESY NMR spectrum of 75 mM K[Co(edta)] in 1 M AOT/isooctane/D2O/pH 5.82/ wo = 16.

Figure 7. Normalized background subtracted FT-IR absorption spectra of the OD stretch of 5% HOD in H2O in 0.2 M AOT RMs in the presence/
absence of the cobalt(III) complexes; (a) 0.70 mM K[Co(dipic)2] (squares, wo = 6; triangles, wo = 10). (b) 1.27 mM K[Co(edta)] (squares, wo = 6;
triangles, wo = 10). Filled color symbols represent spectra in the presence of the cobalt(III) complex; open symbols reflect spectra obtained in the
absence of the cobalt(III) complex.
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The present study has probed the well characterized outer-sphere
aqueous reduction of [Co(dipic)2]

− 32,35 and [Co(edta)]− 37−39,47b

by hexacyanoferrate(II)34 and how they are impacted in a RM
environment. Since outer-sphere electron transfer processes
between transition metal complexes require direct collision
of the solvated first coordination spheres, we are interested
in how a RM environment and potential compartmentalization
might impact these parameters. It is reasonable to assume that
the redox reactions in the RMs will also occur via an outer-
sphere process since the UV−visible parameters and 1H NMR
spectral features for the reactants within the RM are not
changed from those observed in aqueous media, that is, the first
coordination sphere for each of the species is unaltered.
However when confined within the RM, we find vastly differing
behavior of the two cobalt(III) complexes toward reduction by
hexacyanoferrate(II). Reduction of [Co(edta)]− by hexacyano-
ferrate(II) is completely suppressed (switched off) in the RM
whereas the [Co(dipic)2]

− reduction is modestly accelerated,
compared to reaction in bulk water. Since the highly negatively
charged reductant, [Fe(CN)6]

4−, is likely to reside within the
confined water pool (region A, Figure 1)20−22 the observed
difference must be attributed to the location/environment
experienced by the two cobalt(III) complexes within the RM.
For the [Co(edta)]− oxidant, the suppression of the reaction is
readily explained by compartmentalization of the reagents
because of deep penetration of the cobalt(III) complex into the
interfacial region of the RM, region C in Figure 1. Separation of
the redox pair via compartmentalization will prevent collisions
and thereby inhibit electron transfer.48 In the case of
[Co(dipic)2]

− the reaction with [Fe(CN)6]
4− is sustained in

the RM implying that the complex resides either within or in a
region highly accessible to the water pool.
To provide additional support for these ideas based upon the

kinetic data, both NMR and high resolution differential FT-IR
spectroscopic studies were carried out in an attempt to obtain
evidence for different locations of the two Co(III) complexes
within the RM environment. The 1-D 1H NMR data, Figure 4,
are consistent with the [Co(dipic)2]

− complex residing in the
RM water pool and thus available to sustain the redox reac-
tion. We favor this interpretation because the 1H NMR
linewidths increase significantly as wo decreases implying signifi-
cantly different environments as the distance between the water
core and the interface decrease. As seen in Figure 4a, the signals
for both sets of dipic protons are broadened to such an extent
that one of the signals disappears into the baseline at wo = 6.
Increased linebroadening is generally observed for decreased
relaxation times or changes in dynamic processes.49 Since no
suitable dynamic processes exist in this system, the observed
linebroadening is attributed to increased relaxation times and
tumbling times of the molecule.50 This supports [Co(dipic)2]

−

residing in the RM water pool. The combination of charge,
geometry, and size of this complex33 might be factors prevent-
ing penetration into the interfacial region of the RM. In
contrast, no linebroadening was observed for the 1H NMR
signals of [Co(edta)]− at any of the wo values studied (20−6),
Figure 5a. Therefore, [Co(edta)]− must reside in a location in
the RM where changes in wo size and distance from core water
to interface does not affect its environment or alternatively that
corresponding effects cancel each other in all the systems
examined. On the basis of these observations, a likely location
for [Co(edta)]− is away from the water pool and somewhat
penetrated into the interface. Since the rate of reduction with
hexacyanoferrate(II) is completely suppressed and independent

of wo value (range 6−12) within the RM these results are
consistent with [Co(edta)]− being located deeper within the
interfacial region than [Co(dipic)2]

−.
To probe these ideas further, 2-D 1H NOESY NMR studies

were also carried on both cobalt(III) complexes within a wo =
16 RM. No evidence for NOE cross peaks between
[Co(dipic)2]

− with AOT was observed although the poor
quality of spectra as a result of the low solubility of the Co(III)
complex may be a contributing factor. However the corre-
sponding spectrum in the presence of [Co(edta)]− exhibited
features consistent with the [Co(edta)]− complex penetrating
the lipid interface. The 2-D 1H NMR spectrum, Figure 6, shows
the presence of a NOE cross signal in the region of the H3′
proton of the AOT surfactant and the Hb proton of the edta.
However caution is also needed in the interpretation here since
the broad H3′ signal overlaps with some of the shifted protons
of [Co(edta)]− such that the observed cross peaks could also be
due to intramolecular NOEs within the [Co(edta)]− complex
itself. In conclusion, the 2-D NMR data are consistent with the
conclusion made based on the 1-D NMR data. However, since
these results do not unequivocally rule out penetration of the
[Co(edta)]− as proposed as an explanation for the differing
redox behavior, we explored FT-infrared spectroscopy as an
alternative method to provide further evidence for the location
of the two Co(III) complexes.
FT-infrared (IR) spectroscopy can provide information on

the interaction of the two cobalt(III) complexes by obtaining
information on the local structure of the water with the con-
fined water pool.5,51,52 Measuring how the solute impacts the
H-bonding in the water pool because of the sensitivity of the
OH stretching frequency to molecular environments comple-
ments the NMR studies. In pure water, several intra- and
intermolecular H-bonded interactions contribute to the line
width and position of the OH stretching absorption, and some
of these effects change in the small water pools confined within
AOT/isooctane RMs.5,51−53 By subtracting spectra obtained
from pure deionized water from those obtained in 2.5% D2O in
H2O solution we can utilize the OD stretching mode of HOD
to explore the nature of the intramicellar water in the various
RM samples (Table 2).

Figure 7 shows a significant blue shift of the OD stretch
when [Co(dipic)2]

− is present in the RM. The blue shift can be
interpreted as an overall weakening of the water H(D)-bond
network consistent with solute interaction. Furthermore the
disruption would be expected to be larger at smaller wo sizes, as
is observed, because the internal water core is reducing in size.

Table 2. Normalized Background Subtracted FT-IR Data for
the OD Stretch of 5% HOD in H2O in 0.2 M AOT RMs in
the Presence/Absence of the Cobalt(III) Complexes; 0.70
mM K[Co(dipic)2]; 1.27 mM K[Co(edta)]

Cobalt(III)
complex wo

ν(OD)/
cm−1

ν(probe)(OD) − ν(no probe)
(OD)/cm−1

no probe 6 2552
10 2543

K[Co(dipic)2] 6 2560 8
10 2549 6

K[Co(edta)] 6 2554 2
10 2544 1
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We interpret these results to show that [Co(dipic)2]
− resides in

the water pool. Its location makes it accessible to direct
collision with hexacyanoferrate(II) and electron transfer occurs.
In contrast, when [Co(edta)]− is present in the RM, no experi-
mentally observable change in the OD stretch is found. The
presence of [Co(edta)]− does not significantly impact the
H(D)-bonding or other water properties in the micellar water
pool. This result is interpreted as this probe residing in the
interfacial region, thereby making inaccessible for interaction
with the hexacyanoferrate(II), hence shutting off electron transfer.
These results do not rule out changes in the driving force for the
reaction because of ion pairing with the sodium counterions for
AOT. If this occurs, it might also affect the reaction rate by
changing the redox potentials of the reactants.
In contrast to the [Co(edta)]−/[Fe(CN)6]

4− reaction, which
is shut off, the [Co(dipic)2]

−/[Fe(CN)6]
4− reaction showed a

small acceleration within the RM compared to the rate in
aqueous media. Marcus theory54 predicts that this may be due
to three factors: (1) decreased inner-sphere reorganizational
energies, (2) increased driving force for the reaction, for example,
changes in the redox potentials of the oxidant/reductant, and (3)
decreased outer-sphere reorganizational energies. The UV−vis,
Supporting Information, Figure S1, and 1H NMR spectral fea-
tures are consistent with no major structural changes and no
major difference in inner-sphere reorganizational energies is
present. This leaves changes in the driving force of the reaction
or the decreased outer-sphere reorganizational energies to
account for the changes in the reaction rate. On the basis of
reactant self-exchange rate constants and the overall thermody-
namic driving force, the Marcus cross relationship can be used
to calculate the outer-sphere electron transfer rate constant for
each reaction condition.55 It is well-known that the self-
exchange rate for the [Fe(CN)6]

3−/4− couple is counterion
mediated.56,57 For the aqueous reaction, using a self-exchange
rate constant for the [Co(dipic)2]

−/2− couple of 0.4 M−1 s−1 and
a reduction potential of 0.40 V (vs NHE),32 along with those
for the [Fe(CN)6]

3−/4− couple (estimated under the conditions
here as 5 × 103 M−1 s−1 57 and 0.41 V) the calculated rate
constant for the [Co(dipic)2]

−/[Fe(CN)6]
4− reaction is ∼45

M−1 s−1. This is in excellent agreement with the experimentally
observed value in aqueous media of 55 ± 10 M−1 s−1 supporting
the outer-sphere nature of the reaction. Now that we have
demonstrated the applicability of Marcus theory for this system,
we can similarly apply the method to the RM environment.
Correa and co-workers,42 as well as Doherty and Charlton,43

have reported that the redox potential for the [Fe(CN)6]
3−/4−

couple is not dramatically altered (more negative by 0.04 V)
from its aqueous value when placed in the water pools confined
within wo = 10 RMs prepared using NaAOT/isooctane. Assum-
ing that the reduction potential and self-exchange rate for the
[Co(dipic)2]

−/2− couple remains similarly unaltered and taking
the redox potential for the [Fe(CN)6]

3−/4− couple as 0.37 V
and its self-exchange rate as 1 × 10−4 M−1 s−1 57 to account for
further catalysis by the Na+ ions associated with the 0.2 M AOT
surfactant, a cross reaction rate constant of ∼63 M−1 s−1 can be
calculated for the wo = 10 system. This calculated RM rate
constant is 1.4 times higher than that calculated for the aqueous
system. A similar rate enhancement is seen at wo = 10. If we
assume the driving force for the reduction of [Co(dipic)2]

− by
[Fe(CN)6]

4− is little changed when confined within the RM,
we can tentatively conclude that the small but significant rate
acceleration seen for the reaction inside the RM is explained by

an increase in the self-exchange rate for the latter as a result of
localized Na+ mediation at the interfacial sites.
The observed increase in rate constant could also be due to

changes in the nature of the water structure, ionic strength, and
the dielectric constant at the RM interface.46,58,59 Since ionic
strength will change as the size of the RM changes, the altered
ionic composition at the interface will affect the rate constant.
Although Debye−Hückel theory predicts a rate increase with
increasing ionic strength60 (decreasing wo) this is not what is
observed. Debye−Hückel theory can be used to “back calculate”
the ionic strength in the interior of the RM assuming that the
rate constant at zero ionic strength is equal to that determined
in pure water. A simplified calculation using −4 and −1 for the
charges on the reactants gives a back calculated ionic strength
of ∼0.01 M which is not reasonable for the interior of the RM
since there is a 0.2 M Na+ ionic strength contribution from the
NaAOT surfactant itself. This suggests that the charges on the
reactant ions must be lower than the −1 or −4 used in the
calculations. This explanation is also consistent with the 1H
NMR and IR studies wherein it is proposed that [Co(edta)]−

resides in the interfacial region of the RM. Ion pairing, for
example, {Na+/[Co(edta)]−}0 would neutralize the charge
thereby facilitating migration from the water pool into the
interfacial region (Figure 1, regions B and C).
Considering that the two Co-complexes have similar redox

potentials, the observed differences in interactions with the
interface may be attributed to size and geometry. The smaller
size of the [Co(edta)]− would lead to a higher ion pairing con-
stant and form a more compact object. Both factors may allow
for easier penetration of the complex into the interface. The
decreased rate constant observed at the smallest RM (wo = 7)
may reflect forced ion-pairing of [Co(dipic)2]

− with Na+.
Studies of reactions in RMs must also consider size and

occupancy restrictions in each nanostructure. In the concen-
tration range used in the present kinetic study, it is estimated
that on average there are 0.2 to 1.0 cobalt(III) complexes in a
wo = 7 RM and 1.5 to 7.6 cobalt(III) complexes in a wo = 20
RM. Using an average radius of 4.5 Å for the metal complexes
and 35 Å for the radius of a wo = 20 RM, about 500 metal
complexes can geometrically fit within such a RM whereas 19
metal complexes can fit within a wo = 5 RM with a radius of 12
Å.2 Since the number of waters range from a few hundred to
over 6000 between wo = 5 and 20,61 the actual metal complex
occupancy is significantly lower than geometrically possible, so
ion−ion interactions will be much smaller even if the concen-
trations of Fe and Co complexes are comparable. While the
decreasing statistical collision frequency explains the fall off in
the rate of reduction of [Co(dipic)2]

− at low wo values, it
cannot explain the complete suppression of the reduction of
[Co(edta)]− within the RM. The present study thus provides
evidence that confinement of metal complexes within RMs
affects reactivity based on location.
The question remains whether these observations are exclu-

sively a matter of restricted collisions, or other factors such as
solvation. A number of reported studies concerning the redox
partners used here have described kinetic effects arising from
the changing nature of solvation of the reactants.1 For example,
the observed rate constant for the outer-sphere reduction of
[Co(NH3)4(C2O4)]

+ by hexacyanoferrate(II) at 20 °C showed
a 3-fold increase as the methanol content in methanol/water
mixtures was increased from 5% to 30%.1 These effects were
rationalized by preferential solvation effects on the outer-sphere
complex and its dissociation products. A small increase (∼25%)
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in the observed rate of reduction of [Co(edta)]− by [Ru-
(NH3)5py]

2+ (py = pyridine) was similarly observed in 36.2%
methanol/water compared to pure aqueous solution. By mea-
suring the changes to the redox potential of the [Co(edta)]−/2−

couple and the equilibrium constant of the outer-sphere
complex in the different media, the result was a small decrease
in the electron transfer rate. This was rationalized in terms of an
extra component (∼7.6 kJ mol−1) to the reorganization energy
that is not present in neat solvent.2 Thus, although the current
study has focused on location, the solvation of these Co(III)
complexes are very much impacted by their location and could
contribute to some of the observed differences.
Confinement effects in RMs leading to significant changes in

kinetic and equilibration behavior have been reported in other
studies of complex ion reactions. For example, Crans and
Johnson observed a 3-fold decrease in the equilibrium constant
for 1:1 complexation of ascorbic acid with VO2

+(aq) upon
inclusion within H2O/NaAOT/isooctane RMs compared to
bulk aqueous media.53,62 In contrast, the subsequent intra-
molecular electron transfer process within the VO2

+-ascorbate
complex to give VO2+(aq) and ascorbate radical was increased
2-fold inside the micelle.62 The overall change in reactivity
was ascribed to relocation of ascorbic acid from an aqueous
environment into the interface region of the RM. Assignment
of location was based on 1-D and 2-D NMR as well as electron
paramagnetic resonance (EPR) spectroscopic studies.53 These
findings along with those reported here indicate that the rate
constants for complexation and electron transfer reactions are
affected by changes to their local environment. Importantly, the
present studies show that when significant compartmentaliza-
tion of reactants occurs, for example, the case of reduction of
[Co(edta)]− by [Fe(CN)6]

4− in a RM microemulsion, a
reaction can be switched off altogether.

■ CONCLUSION
The rates of outer-sphere reaction between two redox active
cobalt(III) complexes and hexacyanoferrate(II) are strongly
affected by environment. The incorporation of cobalt(III)
complexes into the nonconventional aqueous medium present
in confined water pools within RMs leads to very different
redox behavior for two complexes with very similar redox
potentials. The reductant used for both cobalt(III) complexes,
the highly negatively −4 charged hexacyanoferrate(II), is
presumed to be located within the water pool (Figure 1
location A) as has been previously described.42 Thus, when the
cobalt(III) reactant; [Co(dipic)2]

−, is also located in, or acces-
sible to, the water pool (Figure 1 location A), its reduction is
moderately accelerated because the reactants are available for
reaction in the same compartment. In contrast, the cobalt(III)
reactant, [Co(edta)]−, is located in a region of the interface
inaccessible to the core water pool and presumably at least
partial penetrated into the interfacial layer (Figure 1 location B
or C). As a consequence, the redox partners are now located in
different compartments, and the corresponding reaction is
completely switched off as a result of separation. Alternatively,
the shut down of the reaction may also be due to changes in the
driving force for the reactions as a result of ion pairing with Na+

ions in the RM interior. The 1H NMR data is consistent with
[Co(dipic)2]

− being less associated with the interface than the
[Co(edta)]− complex. The IR studies indicate an environment
for the [Co(dipic)2]

− complex either in or accessible to the core
water pool but an alternative environment for the [Co(edta)]−

complex somewhat removed from the water pool. In summary,

this study shows that confinement (compartmentalization) of
reactants in a dynamic reverse micellar system can signifi-
cantly impact reactivity and in some cases switch off reaction
altogether.
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