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ABSTRACT

Mechanistic Studies on the Electrochemistry of Proton Coupled Electron Transfer and the
Influence of Hydrogen Bonding

Timothy M. Alligrant, Ph.D.

A dissertation submitted in partial fulfillment of the requirements for the degree of
Doctor of Philosophy at Virginia Commonwealth University.

Virginia Commonwealth University, 2010

Major Director:  Julio C. Alvarez, Ph.D., Department of Chemistry

This research has investigated proton-coupled electron transfer (PCET) of
quinone/hydroquinone and other simple organic PCET species for the purpose of furthering the
knowledge of the thermodynamic and kinetic effects due to reduction and oxidation of such
systems. Each of these systems were studied involving the addition of various acid/base
chemistries to influence the thermodynamics and kinetics upon electron transfer. It is the
expectation that the advancement of the knowledge of acid/base catalysis in electrochemistry
gleaned from these studies might be applied in fuel cell research, chemical synthesis, the study of
enzymes within biological systems or to simply advance the knowledge of acid/base catalysis in
electrochemistry. Furthermore, it was the intention of this work to evaluate a system that
involved concerted-proton electron transfer (CPET), because this is the process by which
enzymes are believed to catalyze PCET reactions. However, none of the investigated systems
were found to transfer an electron and proton by concerted means. Another goal of this work

was to investigate a system where hydrogen bond formation could be controlled or studied via

XXi

www.manaraa.com



XXii

electrochemical methods, in order to understand the Kkinetic and thermodynamic effects
complexation has on PCET systems. This goal was met, which allowed for the establishment of
in situ studies of hydrogen bonding via *H-NMR methods, a prospect that is virtually unknown
in the study of PCET systems in electrochemistry, yet widely used in fields such as
supramolecular chemistry. Initial studies involved the addition of Brgnsted bases (amines and
carboxylates) to hydroquinones (QH.’s). The addition of the conjugate acids to quinone
solutions were used to assist in the determination of the oxidation processes involved between
the Bronsted bases and QH,’s. Later work involved the study of systems that were initially
believed to be less intricate in their oxidation/reduction than the quinone/hydroquinone system.

The addition of amines (pyridine, triethylamine and diisopropylethylamine) to QH’s in
acetonitrile involved a thermodynamic shift of the voltammetric peaks of QH, to more negative
oxidation potentials. This effect equates to the oxidation of QH, being thermodynamically more
facile in the presence of amines. Conjugate acids were also added to quinone, which resulted in
a shift of the reduction peaks to more positive potentials. To assist in the determination of the
oxidation process, the six pK;’s of the quinone nine-membered square scheme were determined.
'H-NMR spectra and diffusion measurements also assisted in determining that none of the added
species hydrogen bond with the hydroquinones or quinone. The observed oxidation process of
the amines with the QH,’s was determined to be a CEEC process. While the observed reduction
process, due to the addition of the conjugate acids to quinone were found to proceed via an
ECEC process without the influence of a hydrogen bond interaction between the conjugate acid
and quinone.

Addition of carboxylates (trifluoroacetate, benzoate and acetate) to QH,’s in acetonitrile

resulted in a similar thermodynamic shift to that found with addition of the amines. However,
XXii
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depending on the concentration of the added acetate and the QH, being oxidized, either two or
one oxidation peak(s) was found. Two acetate concentrations were studied, 10.0 mM and 30.0
mM acetate. From *H-NMR spectra and diffusion measurements, addition of acetates to QH,
solutions causes the phenolic proton peak to shift from 6.35 ppm to as great as ~11 ppm, while
the measured diffusion coefficient decreases by as much as 40 %, relative to the QH, alone in
deuterated acetonitrile (ACN-d3). From the phenolic proton peak shift caused by the titration of
each of the acetates, either a 1:1 or 1:2 binding equation could be applied and the association
constants could be determined.  The oxidation process involved in the voltammetry of the
QH>’s with the acetates at both 10.0 and 30.0 mM was determined via voltammetric simulations.
The oxidation process at 10.0 mM acetate concentrations involves a mixed process involving
both oxidation of QH, complexes and proton transfer from an intermediate radical species.
However, at 30.0 mM acetate concentrations, the oxidation of QH,-acetate complexes was
observed to involve an ECEC process. While on the reverse scan, or reduction, the process was
determined to be an CECE process. Furthermore, the observed voltammetry was compared to
that of the QH,’s with amines. From this comparison it was determined that the presence of
hydrogen bonds imparts a thermodynamic influence on the oxidation of QH,, where oxidation
via a hydrogen bond mechanism is slightly easier.

In order to understand the proton transfer process observed at 10.0 mM concentrations of
acetate with 1,4-QH; and also the transition from a hydrogen bond dominated oxidation to a
proton transfer dominated oxidation, conjugate acids were added directly to QH, and acetate
solutions. Two different acetate/conjugate acid ratios were focused on for this study, one at 10.0
mM/25.0 mM and another at 30.0 mM/50.0 mM. The results of voltammetric and *H-NMR

studies were that addition of the conjugate acids effects a transition from a hydrogen bond
XXiii
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oxidation to a proton transfer oxidation. The predominant oxidation species and proton acceptor
under these conditions is the uncomplexed QH, and the homoconjugate of the particular acetate
being studied, respectively. Furthermore, voltammetry of QH, in these solutions resembles that
measured with the QH,’s and added amines, as determined by scan rate analysis.

In an attempt to understand a less intricate redox-active system under aqueous conditions,
two viologen-like molecules were studied. These molecules, which involve a six-membered
fence scheme reduction, were studied under buffered and unbuffered conditions. One of these
molecules, N-methyl-4,4’-bipyridyl chloride (NMBC"), was observed to be reduced reversibly,
while the other, 1-(4-pyridyl)pyridinium chloride (PPC"), involved irreversible reduction. The
study of these molecules was accompanied by the study of a hypothetical four-membered square
scheme redox system studied via digital simulations. In unbuffered solutions each species, both
experimental and hypothetical, were observed to be reduced at either less negative (low pH) or
more negative (high pH), depending on the formal potentials, pKy’s of the particular species and
solution pH. The presence of buffer components causes the voltammetric peaks to
thermodynamically shift from a less negative potential (low pH buffer) to a more negative
potential (high pH buffer). Both of these observations have been previously noted in the
literature, however, there has been no mention, to our knowledge, of Kinetic effects. In
unbuffered solutions the reduction peaks were found to separate near the pK,;. While in
buffered solutions, there was a noted peak separation throughout the pH region defined by pKy’s
1 and 2 (pK,1 and pK, ) of the species under study. The cause for this kinetic influence was the
transition from a CE reduction at low pH to an EC reduction process at high pH in both buffered
and unbuffered systems. This effect was further amplified via the study of the hypothetical

species by decreasing the rate of proton transfer.
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In an effort to further this work, some preliminary work involving the attachment of
acid/base species at the electrode surface and electromediated oxidation of phenol-acetate
complexes has also been studied. The attachment of acid/base species at the surface is believed
to assist in the observation of heterogeneous acid/base catalysis, similar to that observed in
homogeneous acid/base additions to quinone/hydroquinone systems. Furthermore, our efforts to
visualize a concerted mechanism are advanced in our future experiments involving
electromediated oxidation of phenol-acetate complexes by inorganic species. It may be possible
to interrogate the various intermediates more efficiently via homogeneous electron-proton

transfer rather than heterogeneous electron transfer/homogeneous proton transfer.
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1.0 Overview

Electron and proton transfer, ET and PT, are two of the most fundamental reactions in all
of chemistry. These two reactions are as ubiquitous as they are important. Furthermore, both the
electron and proton are two of the fundamental constituents of matter. Usually, these two
particles, especially the electron, are invoked in the study of structure and reactivity of various
molecules and to describe nearly all chemical reactions. Exceptions to this would be the study of
nuclear chemistry. ET and PT constitute two key steps in a number of biological processes such
as metabolism, respiration, photosynthesis, signal and energy transduction, etc. Additionally, ET
and PT are also critical steps in technological devices such as fuel cells.

The study of electrochemistry, usually, but not exclusively, focuses on ET, primarily
heterogeneous ET, and the chemistry associated with this transfer. Heterogeneous meaning that
the donor and acceptor of the electron are in different phases. Typically, the electron is
transferred to a solid electrode by a solvated molecule in a solution of considerable ionic
strength. This research focuses on this mode of ET. The transfer of an electron to or from an
electrode surface, by or to an electroactive species often results in a variety of chemical
reactions. PT, bond dissociation and association, dimerization, association of molecules via
hydrogen bonding or other forms of intermolecular forces and structural change are just a few
examples. The study of electrochemistry is appealing to the study of such reactions as it is able
to give thermodynamic, kinetic and mechanistic insights that could be difficult to interpret if
studied by other methods alone. However, electrochemistry is not the ultimate technique to use
to study all of the aforementioned reactions. Often, it is advisable to use other technigues, such

as UV-vis, IR or NMR spectroscopy or even computational methods to determine if a
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hypothesized interaction is viable. Spectroscopic methods allow for analyses to be conducted in
situ under certain conditions.

This thesis deals with a special class of reactions, proton-coupled electron transfer
(PCET) reactions, in which the heterogeneous transfer of an electron is coupled to the transfer of
a proton. Such reactions can be classified as either concerted or stepwise. Where the electron
and proton are either transferred one at a time, stepwise, or in a single kinetic step, concerted,
where the electron is transferred and the proton tunnels across the energy barrier in the transition
state complex. A hydrogen bonding interaction is often thought to be a pre-requisite for a
concerted reaction. This presents a compelling argument in many cases for the evidence
presented in studies of the addition of hydroxylic reagents to electroactive species. However,
there is often very little in situ evidence presented to support the complexation hypothesis. The
studies described in this dissertation seek to address these issues and describe the mechanism of
several PCET systems upon addition of Brensted acids and bases. The ultimate goal is to
determine the effects on the voltammetry brought about by ET and PT transfer via acid/base
catalysis under various conditions such as differences in solvent, intermolecular interaction (no
complexation versus complexation) and structural changes. Furthermore, it is the expectation
that the advancement of the knowledge of acid/base catalysis in electrochemistry gleaned from
these studies might be applied in fuel cell research, efficient chemical synthesis, the study of
enzymes within biological systems or to simply advance the knowledge of acid/base catalysis in
electrochemistry.

1.1 Quinones and Hydroquinones
Both quinones and hydroquinones have many important chemical, biological and

industrial functions. In industrial settings, dihydroanthraquinone is oxidized by oxygen to

www.manaraa.com



produce several billion kilograms of hydrogen peroxide annually.*

In biological systems,

quinones function in energy transfer systems as mobile carriers of protons and electrons in

energy transducing membranes.

Furthermore, quinones have been widely studied in organic

chemical and electrochemical systems for their use as proton and electron carriers.>*

1.1.1 Quinones and Hydroquinones as Energy Transfer Species in Cellular Systems

Most quinones involved in
energy transfer systems consist of
long chain quinones, or quinones
substituted with side chains of
considerable length. Some of the
common examples are shown in
Scheme 1. As mobile carriers of
electrons and protons in plant and
mammal cells, quinones are found in
several cellular locations. Within

mammalian and bacterial cells,
quinones are found in the membrane
bilayer of the mitochondria, while in
plants and photosynthetic bacteria

quinones are found within the

)

\

Ubiquinone

/
@)
/
T

Phylloguinone

Plastoquinone

Scheme 1. Quinones commonly found in biological
systems.

membrane bilayer of the thylakoid membrane.* *
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Figure 1. Mitochondrial electron transfer chain, adapted from reference 5.

In mammalian and bacterial cells, quinones are involved in aerobic respiration via
complexes I, 11 and 111 of the electron transport chain, labeled in Figure 1. Aerobic respiration or
oxidative metabolism is one of the primary ways a cell gains useful energy by synthesis of
adenosine triphosphate (ATP).>® A full representation of the mitochondrial electron transport
chain is shown in Figure 1.5 Complex IV is also shown, yet will not be discussed. Complex I,
otherwise referred to as nicotinamide adenine dinucleotide (NADH) dehydrogenase, removes
two electrons from NADH to form NAD®. Those electrons are then transferred to a lipid soluble

quinone, ubiquinone via flavin mononucleotide, FMN, and a Fe-S cluster one electron at a time.*
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" Two protons are also delivered into the intermembrane space to form ubiquinol. Ubiquinol,
produced by complex I, is then bound to cytochrome b (cyt b), where it is oxidized back to
ubiquinone.®*® In complex I1, ubiquinone acts as an electron and proton carrier by first binding
within the succinate dehydrogenase enzyme active site. Upon binding, ubiquinone is then
reduced by the electrons from succinate oxidation to fumarate.> Here again, two protons are
transferred from the matrix of the mitochondria into the intermembrane space and ubiquinol is

produced. As before with complex I, production of ubiquinol leads to oxidation by complex IlI,

Photosystem || Photosystem | ATP Synthase
ohis ADP +P, H* aTP
Antenna complex Ferrodoxin
~
\FNR
FSA FSB \
FSX NADP+ .
t N ]
vitamin K1
D P6 ‘Y D PQH 2 chorophyl a
: &3 FeS t
:; mn oyt f B P700
jvin ' " 3 1
Ll A |
2H0 O, + 4H" (2H+)

generating ubiquinone.*®
Figure 2. Photosystems | and 11 involved in photosynthesis, adapted from reference 9.

Quinones are also involved in photosystems (PS) | and Il of photosynthesis in plants,
algae and photosynthetic bacteria as depicted in Figure 2. In photosystem | (PS 1)
phylloguinones, vitamin K1, act as an intermediate electron transfer center.” ° A photon first

excites chlorophyll molecules located in the antenna complex of PS I. From here, the photon
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energy is transferred to the P700 reaction center, which causes an electron to be raised to a
higher energy level. The electron is then transferred to an acceptor chlorophyll a molecule
(termed site A,). The reduced chlorophyll a molecule then reduces vitamin K; located in site Ay,
which subsequently transfer the electron to three different iron-sulfur proteins (FSX, FSA and
FSB in Figure 2), the last of which reduces ferredoxin. Ultimately, ferredoxin transports the
electron to ferredoxin-NADP” reductase (FNR), where NADP is reduced to NADPH.*> %1 As
in PS | the quinone cofactors of photosystem 11 (PS 1), plastoquinones, act as intermediate

electron transfer centers.> > 1°

In PS Il water is oxidized to dioxygen and four protons at the
oxygen evolving complex, a manganese complex, upon absorption of four photons by the P680
reaction center. The electrons from water oxidation are transferred to pheophytin (pheo in
Figure 2), a chlorophyll molecule lacking a manganese cation, which then transfers the electrons
to plastoquinone.'* This reduction of plastoquinone produces plastoquinol by also accepting two
protons from the stromal matrix of the chloroplast. Oxidation of plastoquinol by the cytochrome
bef protein complex, or plastoquinol-plastocyanin reductase, leads to the transfer of two protons
to the luminal side of the chloroplasts, while the electrons continue on through the electron
transport chain.® > 1* 2 The oxidation of water to dioxygen and four protons along with the
proton transfer process, which occurs upon plastoquinol oxidation creates a proton gradient
across the membrane. This proton gradient assists in the production of adenosine triphosphate

(ATP) via ATP-synthase, as illustrated in Figure 2.% >

1.1.2 Electrochemical Reactions of Quinones and Hydroquinones
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The quinone/hydroquinone redox couple is one of 0 = D"{HE—D}n_
the most fundamental in all of electrochemistry given its L0

wide use in many varied electrochemical studies.” In fact,

0 |~ O--(H,O)n |

quinoid species can be thought as keystones in the

Figure 3. Reduction of 1,4-

development of modern electroanalytical techniques'® and quinone in ubuffered solution,

despite the multiple electrochemical studies since, novel

where [H'] < [1,4-Q], adapted
from reference 14.

aspects of quinones continue to be actively investigated. An interesting recent discovery is that

the reduction of quinones in aqueous
unbuffered solution leads to a
different mechanism of reduction than
is typically found in buffered aqueous
solution.  Reduction in unbuffered
solutions where the concentration of
protons, H', is less than the
concentration of the quinone leads to a
reduced quinone dianion, Q7, that is
hydrogen bound to several water
molecules, Figure 3.* The
mechanism of reduction or oxidation
of quinones is defined by a nine-
membered square scheme, Scheme 2.

Under certain circumstances, aqueous

OH "OH OH+
e e
© -— -—
OH OH+ OH+
+ + +
“H “H HH

€ €
O = 0 =
OH O

IS |

o} 0
e e
- b a——
o} 0]

o)

Scheme 2. Nine-membered square scheme of 1,4-
benzoquinone/1,4-hydroquinone. Red arrows indicate
quinone oxidation in aprotic solution.
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versus non-aqueous or buffered versus unbuffered solution, the consideration of a number of the
members of this square scheme need to be considered to determine the mechanism of reaction.
The reduction or oxidation of quinone or hydroquinone, respectively, in aqueous buffer solution,
depending on the pH, will involve multiple members of the square scheme. In aqueous solution,
a cyclic voltammogram (CV) typically shows only a single two-electron oxidation and reduction
peak for the reduction or oxidation of the quinone redox couple. In non-aqueous media, the CV
of hydroquinone (upper left-hand species in Scheme 2, QH;) will also only display a single two-
electron oxidation and reduction peak and multiple members of the square scheme will need to
be considered in determining the mechanism of oxidation. However, the reduction of 1,4-
benzoquinone (lower right-hand species in Scheme 2, 1,4-Q) in non-aqueous media only
involves the three lower members of the nine-membered square scheme, mechanism shown by
the red arrows. A CV of 1,4-Q will show two sets of one-electron reduction and oxidation peaks.
An example of this voltammetry is shown in Figure 4, where 5.0 mM 1,4-Q is reduced to the
radical anion (1,4-Q") and then to the dianion (1,4-Q%) at peaks | and Il, respectively. At peak

111 1,4-Q is oxidized back to the radical anion, which is finally reduced back to 1,4-Q.
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Figure 4. Cyclic voltammogram of 5.0 mM 1,4-benzoquinone with 0.2 M TBAPFs as supporting
electrolyte. Voltammetry performed at 0.1 V s at 27 °C in acetonitrile at a glassy carbon

electrode (0.059 cm?).
1.2 Proton-Coupled Electron Transfer

Electron transfer and proton transfer are two of the
most basic and prevalent reactions in all of chemistry.
Some chemical reactions involve the transfer of both
electrons and protons and such reactions take place in
numerous organic, biological and inorganic reactions.
Reactions that involve both electron and proton transfer are
referred to collectively as proton-coupled electron transfer

111518 13 such

(PCET), which is of great current interest.
reactions, either the proton or electron transfer can occur
first, stepwise, or the reaction can occur in a concerted

manner, otherwise known as concerted-proton electron

OH "OH
i e ;
OH OH+
e/H*
H' HW
o} "OH
i e i
OH @)
Scheme 3. Abbreviated square

scheme of 1,4-Q. The red arrow
indicates the CPET mechanism.
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transfer (CPET). In a CPET
reaction, both the electron
and proton are transferred in a
single kinetic step.®*" % An
example of this reaction is
illustrated by the abbreviated
quinone  square  scheme,
Scheme 3.  The horizontal
and vertical lines in Scheme 3
represent the stepwise ET and
PT, respectively, while the
diagonal red line represents
the  concerted  reaction.
Intermolecular and
intramolecular hydrogen
bonds  between reactants
involved in PCET reactions
are thought to increase the
likelihood of a concerted
reaction over a stepwise
reaction, especially in aprotic

solvents.*> ** However, there

10

Proton reaction

coordinate
<.
Her { ) #
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2 —_—
zpPE { H
A
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>
@
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(88}
!
ZPE, {

Heavy atom reaction coordinate

Figure 5. CPET reaction two-dimensional potential energy
profiles. The pink circles represent the vibrational energy
surface for the transferring hydrogen atom at the lowest energy
level at the, from left to right, reactant, transition state and
product. Adapted from reference 23.

is some research to suggest that CPET reactions are much less favorable in aprotic solvents.?

10

www.manaraa.com



11

Yet, it is believed that many enzymatic or catalytic reactions occur via a concerted manner, and
aprotic solvents are often touted as a dielectric mimic for the interior or reaction sites of
enzymes.™ %> Furthermore, CPET reactions are thought to be nature’s way of avoiding high
energy intermediates.™" ** Due to the avoidance of these intermediates, energy is conserved and
the PCET process in biological reactions is favorable, versus a stepwise mechanism where the
reaction is often energetically unfavorable.*>*" Thus, such reactions are known or thought to
occur in important biological reactions such as respiration, nitrogen fixation and

11, 16, 17

photosynthesis. Furthermore, the scope of CPET also encompasses many other terms

associated with concerted ET/PT reactions.> %’

To understand the kinetics of CPET, one should envision an intermolecular hydrogen
bonded complex reacting with an electrode surface. As a complex, the proton activation barrier
at the transition state, AV (see Figure 5), is much greater than the proton vibrational ground state
of the reactant or product molecules. Generally, the electron resonance energy, Her, is small
compared to the proton activation barrier, AV. However, the greatest probability of the proton to
tunnel across the energy barrier occurs at the reaction transition state where the lowest proton
vibrational wavefunction is the same in the reactant and product wells, Figure 5.2 % 2 To
distinguish between a CPET and a stepwise mechanism deuterated reagents or solvent, in the
case of aqueous experiments, are used. Once Kinetic rate constants are determined for the
protiated and deuterated experiments the kinetic isotope effect (KIE) can be determined using the

relation, KIE = ku/kp. If the result of the KIE relation is found to be greater than 1.6 the

mechanism is considered concerted.

11
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1.3 Electrochemical Methods

Electrochemical methods have been applied in

Ag/Ag* Reference
Electrode .
Ar nearly every branch of science to study a broad range
Working  inlet
/Elemode of reactions and for many applications.** The four
Pt Wire electrochemical techniques involved in this research
/ Counter
) ) Electrode are  cyclic  voltammetry,  chronoamperometry,
™~ A chronocoulometry and bulk electrolysis.
T 1.3.1 Cyclic Voltammetry
| Cyclic voltammetry involves the use of a three-
N electrode cell setup and a cyclic potential scan as
e

shown in Figures 6 and 7, respectively. The slope of

Figure6. Typical three
electrode cell. the potential scan indicates the scan rate of the cyclic
voltammetry experiment. The result of this potential scan gives a cyclic voltammogram (CV), as
shown in Figure 8. This is a CV for 1.0 mM ruthenium hexaamine chloride (Ru(NHs)s>") in
unbuffered 0.5 M KCI at a glassy carbon electrode (surface area = 0.059 cm?). Ru(NHs) ¢** is a
readily used redox couple due to its reversible electron transfer (usually accepted to be a process

where AE, ~ 60 mV, and the peak current ratio, ipa/isc, close to unity) nature as a redox couple.

The scanned potential range in Figure 8 is measured versus an Ag/AgCl reference electrode.
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Forward Reverse

Es

Potential, V

Time

Figure 7. Cyclic potential sweep program for
cyclic voltammetry. In this figure, t; and Es
are the switching potentials and the arrows
represent the forward and reverse scans.

13

Both the general potential diagram
and the CV in Figures 7 and 8, respectively,
show the direction of the potential scan, in
both the forward and reverse direction.?*%
From the CV, we see that initially there is
no faradic current observed from 0.05 V
(vs. Ag/AgCl) to approximately -0.1 V (vs.
Ag/AgCl), due to the absence of electron

transfer. ~ Any measure of

A L S e s s e e e e B current within this region is
25 I
- ] considered charging or
< 15~  Forward -
3 - —> = .
= i nonfaradic  current,  where
S st -
= F «— . charge is accumulating at the
S 5 ]
C Reverse . . .
© - 1 electrode interface with the
- - solution. The peak at -0.259
_I I 1 1 1 I 1 1 1 I 1 1 1 I 1 1 1 1 1 I_
25750 01 02 03 04 0.5

Potential (V, vs. Ag/AgCI)

Figure 8. Cyclic voltammogram of 1.0 mM Ru(NHs)¢>* in
0.5 M KCI at pH 7.05. Voltammetry performed at a glassy

carbon electrode at 0.1 V s,

V, referred to as the cathodic
peak, corresponds to the

reduction of Ru(NH;)>" at the

electrode surface to Ru(NHs)g>". During reduction there is a flux of Ru(NHs)s** to the surface

and the peak results when the concentration of Ru(NH3)s>* at the surface approaches zero and

mass transfer to the electrode is at a maximum. The peak potential in the reverse scan, at -0.200

V, referred to as the anodic peak, corresponds to the oxidation of Ru(NHs)s®* back to
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Ru(NH3)s®*. Like the reduction process, the oxidation current of Ru(NHs)s®* reaches a

maximum when the surface concentration of Ru(NHs)** approaches zero.

160

110

60

Current (uA)

1

1

T 003 0g 0.5
Potential (V, vs. Ag/AgCl)

Figure 9 Cyclic voltammetry of 1.0 mM Ru(NHs)s** in 0.5 M KCI at pH 7.05. Voltammetry
performed at a glassy carbon electrode. Arrows represent increase in scan rate.

ip = (2.69 x 10°)n*?AD"?Cv"? (1)

For a reversible electrochemical system, like Ru(NHs)s>*, the peak current is directly
related to the concentration of the analytes by the Randles-Sevcik equation, equation 1.%* Where
n represents the number of electrons transferred in the redox reaction; A the area of the electrode,
in cm?; D the diffusion coefficient, in cm? s™; C the concentration, in mol cm™; and v the scan

4

rate, in V s.2*  Often equation 1 is used to plot the peak current versus the square root of the

scan rate to obtain the area of the electrode or the diffusion coefficient of the analyte. Figure 9

shows how the peak current changes as the scan rate is increased from 0.1 to 2 V s™*. Notice the
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near complete lack of cathodic or anodic movement of each of the peaks. This is another
indication of a reversible or near reversible electrochemical couple. Varying the scan rate can
assist one to determining the mechanism of the redox process via various mathematical and

18. 24 21 pyrthermore, kinetic and thermodynamic influences on oxidation

conceptual means.
processes are easily visualized via cyclic voltammetry. Kinetic influences typically involve a
separation of the voltammetric peaks, while thermodynamic effects are found when the
measurement of the redox process occurs at more or less positive potentials. However, kinetic

and thermodynamic effects are not limited to these observations.

1.3.2 Chronoamperometery/Chronocoulometery

o Chronoamperometry and chronocoulometry
. 0006 A. 7
< .
= i 1 are two of the most basic of all
£ 0.002 =
3 i electrochemical techniques. The potential
-0.002— — .
waveform for a single step
-0.006/ ‘ ‘ ‘ ‘ ‘ ‘ | chronoamperometry experiment involves a
0.00 0.50 1.00 1.50 2.00

step from one potential to another while the
current is measured  versus  time.?

Chronocoulometry involves the same step

Charge (uC)

from an initial potential to another, while

measuring the charge produced. A typical

| | | |
0.00 0.50 1.00 1.50

2.00 . . .
Time (s) chronoamperogram is presented in Figure
Figure 10. _(A') Typical  double-step 10A, while 10B shows the result of a
chronoamperometic response curve. (B.)
Typical double-step response curve to a chronocoulometry experiment.

chronocoulometry potential step experiment.
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Chronoamperometry and chronocoulometry are commonly used to determine diffusion
coefficients or the area of the electrode using the Cottrell equation, equation 2, or it’s integral,
respectively. Where i, represents current in amperes; n, the number of electrons transferred; F,
the Faraday constant (96485.3 C); A, the area of the electrode in cm?; D, the diffusion coefficient
in cm? s; C, the bulk concentration of the electroactive species in mol cm™; and t, time in
seconds.?*

i = nFAD*?C (2)
1/2 412
Tt

1.3.3 Controlled Potential Coulometry

Previously discussed electrochemical techniques only affected a small quantity of the
sample within the electrochemical cell. However, controlled potential coulometry (CPC) is a
bulk electrolysis technique, and generally involves the entire sample. This technique can be used
for studying the products of a redox reaction, by electrolyzing the solution at some potential
beyond the half-wave potential. Typically, the potential used is 0.118/n VV more negative than
the formal potential, E°, for a reduction at 25 °C.** Using Faraday’s Law, equation 3, one can
determine the number of electrons transferred in an electrode reaction. Here, Q represents the

charge passed, in coulombs; N the molecular weight, in grams per mole; F, Faraday’s constant,

n=0QN 3)

mF
in coulombs per mole; m the mass of the electroactive species, in grams; and n the number of
electrons. To use this method the background charge at the same potential must also be
determined and subtracted from the total charge passed with the electroactive species present.
For CPC experiments involving the determination of the number of electrons passed, the final

charge ratio should be < 0.1 %.2% This technique requires a large working and counter electrode.
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The counter electrode must be in contact with, but separate from the electrolysis solution, thus in

a fritted chamber filled with the solvent and supporting electrolyte.?* The research discussed

below involved this technique for the evaluation of the number of electrons transferred and for

studying electrolysis products by UV-vis.

1.4 Nuclear Magnetic Resonance

Nuclear magnetic resonance (NMR) is simply a form of absorption spectroscopy, where

under the appropriate conditions in a magnetic field a sample can absorb electromagnetic

radiation in the radio frequency region of the sample. The absorption is a function of certain

nuclei of a molecule in the sample.?® There
are many nuclei with which NMR
techniques can be used, however, the focus
of the research reported herein involves the
use of proton NMR, or *H-NMR.
141 Pulsed Gradient Echo Proton
Nuclear Magnetic Resonance

The pulsed field gradient technique
has been used extensively in many areas of
science and medicine to determine the self-
diffusion  coefficient (D) since the
discovery by Stejkal and Tanner in 1965.%%

81 A common pulse sequence diagram for

A) L t }

Initial

B) Conditions

-—

b

Small signal

Maximum signal

After 2T

0000

)
Ll

Figure 11. A.) The PGE pulse sequence.

the pulsed gradient echo (PGE) technique is Also shown is the effect of the absence (B.),
and presence (C.) of diffusion on the phase

gradient pulses are inserted into each period T o shift and signal intensity in a PGE experiment.

Adapted from Reference 29.
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effect that the PGE technique has on the magnetization of an ensemble of spins are shown in
Figures 11B and 11C. The ensembles of spins are in thermal equilibrium, and the net
magnetization is oriented along the z-axis. First, a 90° radiofrequency (RF) pulse is applied
resulting in a shift of the magnetization from the z-axis to the x-y plane. Then, a pulse gradient
of some duration 6 and magnitude G is then applied at time t;. As a result, each spin experiences
a phase shift at the end of the first period t, before the application of the 180° RF pulse.” % The
180° RF pulse causes the reversal of the sign of the processing and the sign of the phase angle, as
shown in Figure 11B, where open circles become filled circles. Then, the second gradient, equal

in duration and

0=z .,
L
_11 -
I -
lnT
A) "2 .-
4 + B n
0 4 8 12 .
LA b/x10%s em™ kL
A L

11 C—e o1 —
_ i

Figure 12. Signal decays of two separate species, A and B. Inset, plot of natural log of peak
intensity versus the product of y?G%5%(A-8/3), or b, from equation 4. Adapted from Reference 29.

'f
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magnitude to the first, is applied at time t; + A. Here there are two possible scenarios,
represented in Figures 11B and 11C. In the first scenario, Figure 11B, the spins do not undergo
translational motion along the z-axis, thus no diffusion during the time interval. In this case, the
phase shift of each spin after each time t is equal. Thus, the maximum echo signal is obtained.”
However, in the presence of diffusion, Figure 11C, the phase shift of each spin is different after
each time period t. This effect is due to the difference in position of each species under study at
the times t; and t; + A, and hence each species is oriented in the magnetic field differently.
Therefore, a smaller echo signal is found. By intuition, one can deduce that a smaller echo signal
reflects larger diffusion.® A clear description of the differences in echo signals by different
species is given by Figure 12, where one species has a diffusion coefficient (D) of 1.81 x 107
cm? s (A.) while the other has a D equal to 0.33 x 10° cm? s (B.).?° To determine the values
of D, the natural log of the intensity after 21, I, divided by the intensity of the echo signal after
the 90° RF pulse, lo, is plotted versus the product y2G%5%(A-8/3), otherwise known as b.** This
plot should give a straight line, the slope of which is equal to —D, as given by equation 4. |n
equation 4, y is the gyromagnetic ratio (in T* s™), G is pulsed gradient strength (in G cm™), A is
the time separation in seconds between the pulsed gradients (t; to t; + A, Figure 11A) and 6 is the
duration in seconds of the gradient pulse.?®
In(1/1p) = - ¥y’ G®8%(A-8/3)D = -bD (4)
1.5 Computational Methods

The proliferation of computational methods in many areas of chemistry is ever
increasing. From the use of simulation programs for various forms of spectroscopy™> ** and

35-40

voltammetry to the use of more quantitative methods*" * for the calculation of pK,’s, formal
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potentials and free energies, computational chemistry is becoming a part of nearly every
thorough study in chemistry.
1.5.1 Digital Simulations of Cyclic Voltammetry

The simulation of cyclic voltammetry was developed as a method to analyze the complex
hetero- and homogeneous processes that make up a cyclic voltammogram (CV).* The following
will describe how the CV simulator works and then will explain the user input that allows for the

fitting of an experimental CV. To do so, the electrolytic solution must be broken up, or

i=1 i=2 i=3 i=n A

Electrode

Ax ePAx e”Ax eAx

Figure 13. Exponentially expanding space grid model for the digital simulation of
electrochemical experiments on an electrode with a projected area A.% %

discretized, into small volume elements, i. These volume elements start at the working electrode
face and are projected into the bulk solution, as shown in Figure 13. The first volume element is
in contact with the electrode surface and the nth volume element represents bulk solution. An
exponentially expanding space grid, expanding by a factor B, causes an increase in the thickness
of the volume elements as the distance from the electrode increases. The exponentially

expanding space grid allows for an efficient and accurate treatment of the concentration profiles,
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which are associated with the volume elements, produced by homogeneous chemical reactions.
The program user can manipulate the value of B, from 0 to 0.5. Obviously, a B value of 0
corresponds to a uniform grid space of Ax. Decreasing  to approximately 0 will increase
computation time and enhance the accuracy, while increasing B will decrease computation time
and have detrimental effects on accuracy.*“*° Once the user has input an appropriate mechanism
and parameters pertaining to this mechanism, the parameters can be refined by the use of a
Gauss-Newton algorithm. This iterative method seeks values that minimize the residuals of the
fitting. To further minimize the error of the fitting the user should attempt the fittings of CV’s at
multiple scan rates and attempt to determine as many of the parameters involved in the fitting as
possible. As the number of fitted parameters increases the probability of finding a true value
decreases.®*®
1.5.2 Quantum Mechanical Calculations

Computational chemistry, more importantly, quantum mechanical (QM) chemistry,
simulates chemical structures and reactions based on the fundamentals of physics. The methods
discussed in this section are a much generalized view of computational QM chemistry, for use in
understanding the methods used herein. Various calculations of reaction parameters can be
determined using energies determined from QM calculations. Through QM calculations bond
dissociation energies, enthalpies, entropies, Marcus reorganization energies (1), pKs’s, and more
can be determined. There are many ways in which to conduct these calculations. The two
primary types of calculations are those determined by electronic structure methods and those
determined by density functional methods. Electronic structure methods use the laws of
guantum mechanics and therefore involve the solving of the Schrddinger equation for the

structures of interest. An example level of theory that uses electronic structure methods is
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Hartree-Fock (HF).** Density functional methods, however, include the effects of electron
correlation, or how electrons in a system react to each other’s motion and attempt to avoid
collisions. An example level of theory that uses the principles of density functional theory is the
B3LYP theory.** However, electronic structure methods address electron movements in an
average sense, thus each electron sees and reacts to an averaged electron density. Typically, for
most systems density functional methods are much more accurate than those of electronic
structure methods.** However, under some circumstances the use of both electronic structure
and density functional methods allow for more accurate and computationally less expensive
calculations. Compound models use this methodology to determine very accurate energies. An
example of this is the complete basis set (CBS) methods.** *°

Often a thermodynamic cycle must be constructed to determine a parameter of interest.
To do so, the structure of the molecule is optimized under each state of a reaction in the gas
phase and in simulated solvation conditions to arrive at a final value of interest. Solvation
models all reproduce the solvent as a continuum of uniform dielectric constant, €. Various
energetic parameters are calculated on the molecule of interest within the modeled solvation
continuum. There are several different models for solvation modeling; the only difference is the
way each defines the cavity into which the solute is placed. The most commonly used solvation
models are those developed by Tomasi et al., the polarized continuum models (PCM).*: #/
These models define a cavity around the solute or molecule of interest as a union of a series of
interlocking atomic spheres .** ¢ 4" PCM models the interaction of the solute with the solvent

by measuring the electrostatic interaction with the surface of the cavity, which is characterized

by the solvent’s dielectric constant.**
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2.0 Hydroquinones and Quinones in the Presence of Amines and Their Conjugate Acids
2.1 Introduction

Electron and proton transfer, ET and PT, in biological systems have been intensively
studied through natural quinoid species, whose redox chemistry is greatly influenced by acidic
and basic functionalities.”™* Likewise, studies in protic and aprotic media have revealed the
effects of Bronsted acids and bases in the electrochemistry of quinoid species through proton

transfer and hydrogen bonding.> '+ >**'

In this work, we intend to determine whether hydrogen
bonding takes place and possibly determine its role in proton-coupled electron transfer (PCET)
reactions of some quinoid species in the presence of weakly acidic and basic compounds.
Hydrogen bonding was determined by *H-NMR and support for the proposed mechanisms was
collected from digital simulations, cyclic voltammetry and quantum mechanical calculations.
The redox chemistry of quinoid compounds typically involves the reduction of the Q
species to produce QH, with the uptake of two electrons and two protons: Q + 2¢” + 2H" = QH,,
or the oxidation of QH, by the reverse reaction. As written, these reactions are an over-

62,63

simplification of a very complex mechanism that depends on the electrode surface, the protic

2, 14, 54-61 . .
Cor For instance, in

nature of the solvent and the presence of Brensted acids or bases.
aprotic media, the reduction of Q is better represented by Equation 5, in which no chemical steps
involving proton transfer (PT) are possible because of the lack of protons. However, a number
of studies have shown that the disproportionation reaction in Equation 6 can occur when the
dianion, Qz', 1S produced.z’ 57.64,65 contrast, the protic nature of QH, implies that its oxidation
even in aprotic media does involve PT steps and the possibility of hydrogen bonding of QH, with

itself or any of the oxidation products.”>*>*°"% These characteristics make the electrochemical

behavior of hydroquinones far more challenging to interpret than the corresponding quinones,
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however over the years several accepted mechanisms have been proposed.” >* ¢ 01 €6 67 Tphe

present work is aimed at evaluating the redox mechanisms of selected QH, and Q species in the
light of research collected by "H-NMR and the ab initio pK, estimation of each quinoid redox

species in acetonitrile.

Q+ e = Q (5a)
Q+e = @ (5b)
2Q° == Q+Q* (6)

In the past, hydrogen bonding for quinoid and similar systems has been inferred
indirectly from UV-vis and computational studies as well as from standard mathematical
treatments based on the redox shift of the voltammetric peaks caused by the association with
hydroxylic reagents.> '* **°- ®72 These studies clearly indicated that hydrogen bonding on its
own can significantly alter the electrochemistry of quinoid compounds even though actual PT
does not occur. Recently this was confirmed for some quinoid and phenolic systems that display
inter- and intra-molecular hydrogen bonding.>* "9 68-70. 7376 Jike the techniques used in such
studies, 'H-NMR can provide direct evidence of hydrogen bonding because molecular
association in solution decreases the diffusion coefficient (D) of the species involved and the
spatial location of hydrogen bonding within the molecules can be traced from the chemical shift
in titration experiments.”” The Pulsed Gradient Echo (PGE-'H-NMR) experiment allows the
accurate estimation of D values in solution by monitoring Brownian motion.2* 3 77

Electrochemical methods can also be used to determine D values but require independent

knowledge of the electrode area and the number of electrons involved, and can be influenced by
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electrode surface effects.® Therefore, the PGE-'H-NMR experiment provides an alternate and
reliable way to determine D values which can be used in electrochemical simulations. In the
study below, no hydrogen bonding interactions were found and the mechanism is thought to
proceed via a CEEC reaction in the presence of Brgnsted bases, where C represents a chemical
step or PT and E represents an electrochemical step or ET. To the best of our knowledge, this is
the first time this approach is used for investigating hydrogen bonding effects in the
electrochemical behavior of quinoid species. For the compounds selected in this work, the
availability of decent *H-NMR spectra for both redox states of the quinoid couple makes this
method very appropriate. Besides the only direct experimental evidence of hydrogen bonding
for quinones comes from x-ray diffraction measurements.”® On the other hand, we believe this to
be the first instance in which the pK,’s of all redox states in the quinone nine-membered square
system has been estimated in acetonitrile and used as a guide for electrochemical simulations.

2.2 Experimental

2.2.1 Reagents and Materials

Anhydrous acetonitrile, (ACN, Aldrich, St. Louis, MO, 99.8% with < 10 ppm H,0), pyridine
(Aldrich, anhydrous, > 99.8 %), and N,N-diisopropylethylamine (DIPEA, Aldrich, redistilled,
anhydrous, 99.5 %) were used as received and transferred via microsyringe under argon.
Triethylamine (TEA, Fluka, St. Louis, MO, > 99.5 %) was kept cold until used and transferred
via microsyringe. Tetrabutylammonium hexafluorophosphate (TBAPFs, Fluka, electrochemical
grade, > 99.0 %) was heated to ~100 °C in a vacuum oven for at least 24 hours prior to use as
supporting electrolyte. Pyrocatechol (1,2-QH,, Fluka, > 99.0 %), hydroquinone (1,4-QH,,
Riedel-deHaén, St. Louis, MO, 99.5 %), Hexaamineruthenium (Ill) chloride (Aldrich,

Ru(NH3)sCls 98 %), D,O (Aldrich, 99 % atom D), acetonitrile-ds; (d3-ACN, Aldrich, 99 % atom
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D), ferrocene (Fc, Fluka, > 99 %), p-benzoquinone (1,4-Q, Acros Organics, Geel, Belgium, 99+
%), N-ethyldiisopropylamine perchlorate (DIPEAH®, Aldrich), hydrogen peroxide (Acros
Organics, 35 wt. % in H,0), silver nitrate (Aldrich, > 99.0 %), Potassium chloride (EM Science,
Gibbstown, NJ, 99.0-100.5 %), sulfuric acid (EM Science, 95-98 %), nitric acid (Aldrich, ACS
Reagent, 70 %), hydroquinone-ds (1,4-QD,, C/D/N Isotopes, Pointe-Claire, Quebec, Canada,
99.2 atom % D), and 1,2-dihydroxylbenzene-ds (1,2-QD,, C/D/N Isotopes, 99.4 atom % D) were
all used as received. Pyridinium nitrate was prepared by mixing equimolar volumes of pyridine
and 1M nitric acid, then filtering the precipate and washing the filtrate with 1 M nitric acid, then
drying at ~40 °C under reduced pressure for ~2 hours.

2.2.2 Electrochemical Methods

All electrochemical experiments were performed with a hydroquinone or quinone
concentration of 5.0 mM in 10 mL dry acetonitrile with 200 mM tetrabutylammonium
hexafluorophosphate (TBAPFg) at a glassy carbon electrode. The electrochemical experiments
were performed using a CHI660C potentiostat (CH Instruments, Austin, TX) incorporating a
CHI200B Faraday cage and picoampbooster using either a three electrode cell (10 mL) in an
inert argon atmosphere or a jacketed, three electrode cell (10 mL). Experiments involving the
jacketed cell were conducted at 300 K with the use of a circulating water bath constructed in-
house using a Solid State Water Recirculator (RPR Corp.; Fisher Scientific). The jacketed cell
experiments were used to determine the (0E,/0logv) and (E, — Ep) values accurately, as they can
be affected by variable temperature. Experiments were also repeated under a dry argon
atmosphere to ensure the results were not affected by ubiquitous atmospheric water, which gave

similar results to those obtained at constant temperature. Several different 0.3 cm diameter
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glassy carbon electrodes (CH Instruments, areas were consistent, between 0.059 to 0.060 cm?)
were used during this work and the areas associated with each are given in the respective figures
(determined by the Randles-Sevcik equation using a 1.0 mM solution of Ru(NHs)*" in deionized
water with 0.1 M KCI as supporting electrolyte, where D = 6.3 x 10°).”” The same electrode
was always used for a particular set of data, for instance, data involving the addition of a
particular base to protiated 1,4-QH, was used again to record similar measurements with
deuterated 1,4-hydroquinone (1,4-QD;). A platinum flag electrode served as the auxiliary
electrode, and the reference electrode was an Ag/Ag” electrode (a silver wire immersed in the
supporting electrolyte, 0.2 M TBAPFs/3 mM silver nitrate/acetonitrile). The reference electrode
was separated from the rest of the solution by a glass tube capped with a porous vycor frit (CH
Instruments). The potential of the silver reference electrode was periodically measured versus
the formal potential (measured as the average of the peak potentials) of the
ferrocene/ferrocenium (Fc/Fc*) couple under the same conditions as the other experiments and
thus all potentials are reported versus ferrocene as Fc/Fc*. Prior to each experiment, the polished
glassy carbon electrode was first polished using 0.05 um alumina paste (Buhler, Lake Bluff, II)
washed with deionized water, carefully wiped, and then sonicated for three minutes in
acetonitrile. In each experiment the solution resistance (R,) was totally compensated via positive
feedback.
2.2.3 NMR and UV-vis Spectroscopic Methods

'H NMR spectra were recorded on a Varian Mercury-300 MHz and a Varian Inova-400
MHz spectrometer. These measurements were always conducted at room temperature, with the

30, 77, 79

exception of the pulsed gradient echo (PGE-) -'H NMR experiments, which were

performed at 27°C on the 400 MHz instrument. All NMR samples were prepared under a dry

27

www.manaraa.com



28

argon atmosphere and placed in screw-cap NMR sample tubes (600-MHz, 5 mm, 7” length,
Norell, Inc., Landisville, NJ). The applied gradients in the PGE-'H NMR experiments were
calibrated by measuring the diffusion coefficient of HDO?® (2.23x10° cm? s, at 25°C, 0.03%)
in a D,O sample and the diffusion coefficient of 1,6-diaminohexane’’ (6.98x10° cm?s™, at 25°C,
0.04%). The pulse sequences and associated parameters are reported in the appendix.”® The
diffusion coefficients were measured under the same conditions as the electrochemical
experiments, with the exceptions of measurements in deuterated acetonitrile and without
supporting electrolyte. For a discussion on the correction of diffusion coefficients and control

experiments see the appendix.®®

41,80, 81 51y 3 Hewlett-Packard

UV-Vis measurements were obtained as reported by Uno
8453 spectrophotometer, incorporating a 1-mm path-length quartz flow cell (Agilent
Technologies) and a Varian 9002 HPLC Solvent delivery module, using a calibrated flow rate of
10.00 mL/min, and connected with PTFE 20 thin wall tubing, 1/16 inch internal diameter (Cole-
Parmer Vernon Hills, IL). The cells used for bulk electrolysis were either a 100 mL bulk
electrolysis set from Bioanalytical Systems (BAS, West Lafayette, IN) or a specially made 25
mL bulk electrolysis cell. The specially made cell incorporated two large Pt flag working and
counter electrodes and a typical Ag/Ag® electrode was used as a reference electrode. The
electrodes used in the bulk electrolysis experiments using the BAS kit included a large pyrolytic
carbon-working electrode, a typical Ag/Ag” reference electrode, and the same Pt flag counter
electrode used in the other bulk electrolysis cell, separated from the analytical solution by a
fritted glass cylinder. When the large Pt flag electrodes were not being used, they were stored in

piranha solution (25% of H,0, 35 wt. % and 75% of H,SO, 98%) to clean them so that any

absorbed material would not interfere with future experiments. In the electrolysis experiments,
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the counter electrode was isolated from the electrolyzed solution so that the electrolysis material
would not be converted back. In UV/electrolysis experiments, a solution of acetonitrile and the
supporting electrolyte was used to blank the spectra. When experiments were performed that did
not require electroylsis, but required a dry atmosphere, acetonitrile was cycled through the
system to clean it and obtain a blank spectra. For UV-vis experiments not involving electrolysis,
yet still requiring an oxygen-free environment, a 25 mL cell with influx, efflux, and gas ports
was used.
2.2.4 Computational Methods and Digital Simulations

Digital simulations were conducted using DigiSim version 3.03b (Bioanalytical Systems,
Inc., West Lafayette, IN). For a particular set of experimental conditions, cyclic voltammograms
(CV’s) were recorded at six different scan rates in the range 0.1 to 2 V s, and fittings were
attempted at each of these scan rates involving known and determined values of D, pK,, and the
assumption that a=0.5 (except for CV’s where a was determined). Concentrations used in the
voltammetric fittings were the same as those used in the experiments. Unknown parameters (E°,
heterogeneous rate constants (ksp) and homogeneous rate constants (ks and ky)) were allowed to
vary iteratively, until a fit to the experimental CV was attained. The fitting of the heterogeneous
rate constant for a set of different scan rates was computed as an average and the obtained
standard deviation for this and other averaged estimated parameters was used as criterion for the
validity of the fitting and ultimately the selected mechanism (in addition to the actual matching
of the current and peak potentials on the experimental CV). If fittings could not be obtained
using the quantum mechanically determined pK, values of the quinone redox species, the kinetic
constants were varied slightly. Care was taken to not allow the fitted kinetic constants attain

unrealistic values. Examples of fitted CVs and determined parameters not found in the text can
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be found in the appendix along with the relevant fitted parameters. Relevant mechanisms
proposed in the literature were tested in the light of the new pKj, estimations and the hydrogen
bonding evidence, and the ones with best fits (lower standard deviation of parameters determined
at different scan rates) were selected as best to represent the experimental voltammetry.
Geometries were fully optimized in the gas-phase using Hartree-Fock (HF) and the 6-
31+G** basis set, B3LYP density functional theory and the 6-31+G** basis set and using the

4L 8 Minima were

complete basis set, CBS-QB3, using the Gaussian 03 suite of programs.
verified to have all real vibrational frequencies. The vibrational frequency calculations also
provided the necessary parameters to compute zero-point and thermochemical corrections to
energies. Geometry optimization and vibrational frequency analyses were also performed in the
presence of implicit acetonitrile (¢ = 37.5) as solvent using the conductor polarizable continuum
model, CPCM.®%  The solvation phase geometries were optimized using Hartree-Fock (HF),
B3LYP density functional theory and with the 6-31*, 6-31+G* and 6-31+G** basis sets. Open-

shell species were treated using the unrestricted formalism of the aforementioned levels of

theory, UHF and UB3LYP, respectively.

G
JOH ey () H
Q 2gas Q gas + H+gas
-AG;, (QH2) -AG;, (QHY) -AG; o (HY)
L‘ngas v v
QHy oy = QH ey + H*yon

Figure 13. Thermodynamic cycle used for the calculation of the pK;’s for both of the QH;’s.
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pKa’s were determined using a thermodynamic cycle as reported previously and shown in
Figure 13.3” From this scheme, the pK, of QH, (or relative acid/conjugate base couple) in
acetonitrile is related to the basicity of the first deprotonation state, QH", gas phase acidity AGgas
and solvation Gibbs energies for QH,, QH, and H*. This is related through equation 7, where
AGyss is the Gibbs energy for the deprotonation of QH, in the gas phase at 1 atm and 25°C, while
AGsol(QH) and AGsqi(QH") are the absolute Gibbs energies of solvation for the QH, and QH".
Calculations of gas phase Gibbs energies uses a reference state of 1 atm, while the calculation of
the AGgo Values uses a 1 M reference state. This was converted using equation 8, where the
reference state is converted from 1 atm (using 24.46 L at 298.15 K) to 1 M. AGgu(H") is the
absolute Gibbs energy of solvation for the proton, -260.2 kcal mol™, in acetonitrile.2® The value
of AGgas(H"), -6.28 kcal mol™, comes from the Sackur-Tetrode equation. The most accurate pK,
calculations, discussed below in the results and discussion, involved the use of the gas phase
energies determined from B3LYP/CBSB7 (from the first step in the CBS-QB3 calculation) with
the solvation phase energies determined from CPCM/B3LYP/6-31+G**. Only the pKj, values

determined by this procedure will be used and discussed in the text.

PR(QH:) = 10K, = 252~ [AGL(QHy) + AGu(QH) + AGw(H') — AG(QHI2303RT  (7)
A(}gaS(1 M) = A(}gas(]- atm) +RT |n(2446) (8)
31
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2.3 Results and Discussion

w
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T

Current (uA)

-90—

-115

-140

060 055 030 005 -0.20 045 0.70 -0.95 ~T.20
Potential (V, vs. Fc/Fc+)

Figure 14. Cyclic voltammograms of 5.0 mM 1,4-QH; without pyridine (thick black CV), with

5.0 mM pyridine (dashed black line) and 10.0 mM pyridine (thin gray line). Voltammetry

measured with 0.2 M TBAPFg as supporting electrolyte in acetonitrile at a glassy carbon

electrode (0.059 cm?) with a scan rate of 0.1 V s™.

The addition of various Brensted bases significantly influenced the kinetics and
thermodynamics of QH, oxidation. Figure 14 shows an example of the shift observed after
addition of 5.0 and 10.0 mM pyridine to 1,4-QH>, which results in the development of a new
peak system (I’ and II”) at the cost of the original peaks I and II. In this case, a shift of -0.493
and -0.506 V was observed for peaks I and I, respectively, after addition of 10.0 mM pyridine to
1,4-QH,. Addition of more than 10.0 mM showed no further significant change in the
voltammetry of the QH’s with the amines. Table 1 gives the literature pK; values for pyridine,

N,N-diisopropylethylamine (DIPEA), and triethylamine (TEA) along with some CV parameters

(peak separation (AE,), anodic and cathodic peak potentials) for both QH,’s upon addition of two
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equivalents of different Bransted bases. Table 1 shows that as the pK, of the base increases, the

oxidation peak potentials for QH,’s become more negative.

Table 1. Peak potential of oxidizable bases, pK, of bases and resultant peak potentials of 1,4-
QH; and 1,2-QH; upon addition of two or approximately two equivalents of base.

Bases added to 1,4-QH,° Bases added to 1,2-QH,°
Base E, PK.® | Epa(V)® [ Epc (V)2 [AEL(V) | Epa(V)® | Epc (V)P [ AEL(V)
(V)**
TEA 0.443 18.46 -0.045 -0.651 0.606 0.153 -0.342 0.495
(-0.091) |(-0.732) | (0.641) |(-0.078) | (-0.487) | (0.409)
DIPEA | 0.305 18.10° -0.060 -0.748 0.688 -0.030 -0.551 0.521
(-0.168) | (-0.681) | (0.513) |(-0.003) | (-0.569) | (0.566)
Pyridine | - 12.33 0.194 -0.437 0.631 0.508 -0.025 0.533
(0.239) | (-0.438) | (0.677) |(0.381) |(-0.310) | (0.691)

® Potential reported vs. Fc/Fc* and the reported potential was obtained from a CV of the indicated base at 10 mM at

0.1Vst

b \alues determined from a single CV of the indicated base at a concentration of 2.5 mM measured in anhydrous
acetonitrile at a glassy carbon electrode (0.059 cm?) at 27°C with 0.2 M TBAPFs.
“ No peak exhibited within the potential window 2 V to -2 V vs. Ag/Ag”.

% pK, estimated from pK, of Tripropylamine.

61, 66

® Values in parentheses are the peak potential and peak separation values for deuterated QH,’s (1,4-QD, and 1,2-

QD,).

The addition of the amines to 1,2-QH; produces analogous CV’s to those obtained with

1,4-QH, (see Appendix). However, the average peak separation (AEp) for 1,2-QH, (0.516 V) is
less than that of 1,4-QH, (0.660 V). Previous reports have suggested that the reaction taking
place at peak I’ is the oxidation of the hydroquinone anion (QH"), whereas peak II’ represents the
reduction of the protonated quinone (QH").? It has also been suggested that hydrogen bonding
between bases and 1,4-QH; takes place, however no in situ confirmation has been performed.

This argument is valid, because the aprotic environment of acetonitrile can be thought as a
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dielectric mimic of the interior of proteins, where some Q/QH, couples are known to be

stabilized through hydrogen bonds.®

300 . | . .
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. +
Potential (V, vs. Fc/Fc )

Figure 15. Cyclic voltammograms of 5.0 mM 1,4-Q alone (thick black CV) and 5.0 mM 1,4-Q
with 13.0 mM pyridinium nitrate (thin gray CV) added. Voltammetry conducted at 27 °C in 0.2
M TBAPFsat 0.1 V s™ in acetonitrile at a glassy carbon electrode (0.059 cm?).

Current (uA)

2.00 -2.50

Table 2. pK;’s of Brensted acids, peak potentials of 1,4-Q with the acids, peak separation of
peak potentials for 1,4-Q with the acids and the separation of peak I’ of the 1,4-Q/acid CV at 0.1
V st and peak I of the 1,4-Q alone CV at 0.1 V s™.

Acid pPK | Epa(V) [ Epc(V) [ AE (V) | AE, 801 wBomasr (V)P
DIPEAH* 18.10° | -0.219 -0.689 0.470 0.221
Pyridinium 12.33 |0.158 -0.401 0.559 0.509

& Erom ref.®

> Measured from a CV of 1,4-Q alone (first reduction peak, 1) and a CV of 1,4-Q with the indicated acid (reduction

peak Iy at 0.1 V s at 300 K at a glassy carbon electrode (0.059 cm?).
C. - - .
pK, estimated from pK, of Tripropylamine.

89, 90

Addition of the conjugate acids to 1,4-benzoquinone (1,4-Q) was believed to assist in the

elucidation of the processes taking place between the QH,’s and the bases. Figure 15 depicts the
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CV of 5.0 mM 1,4-Q before and after the addition of 13.0 mM pyridinium nitrate, which results
in the advent of peaks I’ and II” at the cost of the original one-electron transfer peaks I-1V and 1I-
[1l. The addition of 13.0 mM pyridinium causes the appearance of peak I’ at 0.509 V positive of
peak I. Furthermore, chronoamperometry data of peak I’ reveals that the electrochemical
reaction taking place is a two-electron transfer. Addition of N-ethyldiisopropylamine perchlorate
(DIPEAH") produces similar effects to those of pyridinium. Table 2 displays the peak potentials
of peaks I’ and II’ for each of the conjugate acid additions to 1,4-Q and the shift of peak I’
relative to peak I in 1,4-Q when no conjugate acid is present. From the data given in Table 2, it
is uncertain if there is a trend between the pKj of the acid and the potential shift between peaks I’
and I, as data from only two acids are displayed. Attempts were made to either synthesize
TEAH" or add nitric or perchloric acid to the solution prior to adding TEA in a 1:1 ratio.
However, TEAH'NO; (or ClO,) would not crystallize and additions of acid prior to addition of
TEA to 1,4-Q solutions seemed to lead to 1,4-Michael addition.” When examining the peak
potentials for 1,4-Q in the presence of acids or 1,4-QH; in the presence of the corresponding
conjugate bases, there is a similarity in the values, especially when comparing pyridine/1,4-QH,
with pyridinium/1,4-Q. This similarity is probably a consequence of the fact that 1,4-Q and 1,4-
QH, are complementary redox states of the same redox couple. The proton and electron transfer
in the presence of an acid for 1,4-Q or a base for 1,4-QH, might go through the same

intermediate.
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Figure 16. *H-NMR spectra of 5.0 mM 1,4-QH, in the presence of 0, 3.0 and 10.0 mM pyridine.

In order to investigate the extent of hydrogen bonding at the conditions employed herein,
UV-vis and *H-NMR experiments were performed. The spectra and spectroelectrochemistry of
the QH,’s and quinone did not show changes in the spectra upon additions of the Brgnsted acids
and bases, even at extreme concentrations of the base (see Appendix). Therefore, *H-NMR
experiments were relied on to determine the interactions between the QH,’s and quinone with the
bases and acids, respectively. As with the voltammetric analysis, the *H-NMR spectra were
recorded by adding bases to the QH,’s and the corresponding conjugate acids to 1,4-Q. Data
from *H-NMR experiments can be used to determine hydrogen bonding in solution if such
interaction changes the local chemical environment and causes a shift in the resonance frequency
of the protons involved.”? After addition of 10.0 mM of the amines to the QH,’s, the phenolic

proton signal shifted very little from its original position at 6.35 ppm. Figure 16 gives an
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example of this, where the phenolic proton peak, b, shifts only 0.023 ppm from 0 mM to 10.0
mM pyridine added to 1,4-QH,. The 1,4-QH, aromatic proton peak, a, and the pyridine ring
proton peaks, e, d and c, are not affected by increasing pyridine additions. The HDO peak,
marked by a black square in Figure 16, decreases in intensity with the addition of pyridine to 1,4-
QH,, yet this peak and the phenolic proton peak were relatively unaffected by additions of
DIPEA, shifting down-field only 0.003 ppm (see Appendix). However, addition of TEA to the
QH3’s causes complete loss of the phenolic proton and HDO peaks, while a new very broad peak
centered at approximately 5 ppm is apparent. The decrease and loss of the phenolic proton peak
intensity was also noted for the addition of pyridine to 1,2-QH,. The loss of the HDO peak and
possibly the phenolic peak is likely due to variations in chemical exchange caused by the uneven
amounts of ubiquitous water present in the nominally dry deuterated acetonitrile (ACN-ds).
However, the NMR spectra of the conjugate acids added to 1,4-Q did not show any shifting or
broadness in the peaks. The decrease in peak intensity and loss of the phenolic proton peak of
the QH,’s with the addition of the bases, could indicate either deprotonation or hydrogen
bonding between the QH,’s and these bases.”™ * To investigate the possibility of deprotonation,
the NMR spectrum of the conjugate acids for the added bases was recorded independently so the
proton frequency of the protonated base could be identified. In acetonitrile the acidic proton
peak of the protonated amines was absent, probably due to chemical exchange with ubiquitous
water.

To determine changes in diffusion coefficients (D) that would occur if hydrogen bonding
was taking place, D values were measured by pulsed gradient echo-'H-NMR (PGE) for the
QHy’s, 1,4-Q, the bases, the conjugate acids and the corresponding mixtures. Table 3 displays

these data. The D values of the individual species in ACN-d3; match those reported in the
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literature and determined by other means.?® The utility of this PGE technique relies on the
ability to determine complexation between molecules because the complexed species have a
smaller D than the individual molecules.” Furthermore, the determination of the D does not
involve other interfering processes, such as those found by determining D values by
electrochemical methods, where absorption can take place and affect the determined value.
However, for this study the change of the D values for the QH,’s upon addition of the amine
bases was negligible indicating that hydrogen bonding at the concentrations investigated is
minimal and that either no interaction is present or PT from the QH, to the amine should be
responsible for the broadness of the phenolic proton peak. Thus, attempts to fit the voltammetry
of the QH,’s in the presence of amine bases (B) employing hydrogen bonding equilibria like
equation 9, where n is the number of base molecules bound to the QH,, were abandoned and
instead proton transfer reactions were included. For 1,4-Q the D values did not change upon
addition of the conjugate acids used for the QH,’s. Overall these results confirm that for the
oxidation of QH,, a chemical step involving PT or hydrogen bonding can precede the ET
whereas for the reduction of quinones this chemical step will most likely follow the ET. The
implication for PCET is that a concerted PT-ET is more likely to occur if pre-association in a
hydrogen bonded complex is attained prior to ET.

QH,+nB =— QHz(B)n (9)
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Table 3. PGE-'H-NMR diffusion coefficient results.

39

Q/HQ Evaluated?

D (x10° cm?s™)°

Acid/Base Evaluated®

D (x10° cm?s™t)°

14-Q 3.50 10 mM TEA 3.12
1,4-QH, 2.79 10 mM DIPEA 3.34
1,2-QH, 3.01 10 mM DIPEAH" 2.32
10 mM Pyridinium 2.59 10 mM Pyridine 4.39
1,4-QH, + 10 mM TEA 2.96 1,4-QH, + 10 mM TEA 3.13
1,4-QH, + 10 mM DIPEA 3.09 1,4-QH, + 10 mM DIPEA 3.33
1,4-QH, + 10 mM Pyridine 2.71 1,4-QH, + 10 mM Pyridine 4.45
1,4-Q + 10 mM Pyridinium 3.54 1,4-Q + 10 mM Pyridinium 2.70
1,4-Q + 10 mM DIPEAH" 3.57 1,4-Q + 10 mM DIPEAH" 2.40
1,2-QH, + 10 mM TEA 2.79 1,2-QH, + 10 mM TEA 3.29
1,2-QH, + 10 mM DIPEA 2.65 1,2-QH, + 10 mM DIPEA 3.26
1,2-QH, + 10 mM Pyridine 2.78 1,2-QH, + 10 mM Pyridine 4.18

& Text underlined and italicized indicate the species whose diffusion coefficient in given in the column to the right

of the text.

> \VValues measured in heavy acetonitrile at 27°C, and then corrected for differences in viscosity in 0.2 M TBAPFg in

light acetonitrile.®

Knowledge of the pK,’s of the constituents of the nine-membered square scheme of the

QH’s in acetonitrile remains an outstanding issue when simulating QH, electrochemistry.

Often the pK,’s are assumed based on the knowledge of the pK;’s of the QH,’s in water or the

www.manaraa.com
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pK, of phenol in acetonitrile. Here, we attempt to computationally determine the pKy’s of the
constituents of the nine-membered square scheme of the QH;’s in acetonitrile. Table 4 displays
the pK, values for the QH,’s studied here using the gas phase values determined from
B3LYP/CBSB7 and the solvation phase energies determined from CPCM/B3LYP/6-31+G**.
The pK, values determined from calculations using this procedure are believed to be more
reliable than the assumed values in the literature for a couple of reasons. First, the pK; of phenol
determined using this same method is 25.2, which is only 1.4 pK, units smaller than the
experimentally determined pK, of phenol in acetonitrile, 26.6.** Second, the pK, 1 (9.85) for 1,4-
QH; is slightly lower than the pK,, (11.4) in water, therefore a similar or larger difference
should be expected in acetonitrile especially because of the less efficient charge solvation in this
aprotic solvent.®* Furthermore, because the QH,’s are substituted by two hydroxyl groups, an
electron donating group, the first pK, should be more basic than that of unsubstituted phenol
(25.2, using this procedure). This is the case here, the first pK, of 1,4-QH, is more basic than
that of phenol, by 1 pK, unit, 26.2. The procedure for the determination of the pK, values was
selected due to the very accurate values determined in similar manner for phenols and 1,4-QH, in
water.®® Overall, the values determined this way served as a guide for the fitting of the
voltammetry, using the pK,’s as a starting point for the determination of the equilibrium

constants.
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Table 4. pK, values as determined by theory.

41

1,4-QH;

Deprotonation Reaction pKa®
QH, > QH +H" 26.20
QH > Q™ +H' 40.96
QHy" > QH +H’ -3.89
QH > Q +H' 16.56
QH” > QH" +H’ -36.02
QH > Q+H' -17.01
1,2-QH,

Deprotonation Reaction pK;?
QH, > QH +H" 21.67
QH > Q  +H' 43.08
QHy" > QH +H’ -9.18
QH > Q +H' 19.86
QH* > QH" + H* -42.54
QH > Q+H’ -16.37

& Determined using the CPCM/theory/basis set//gas phase theory/basis set combination CPCM/B3LYP/6-

31+G**// B3LYP/CBSBT.
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Scheme 4. Oxidation scheme for 1,4-QH; and 1,2-QH..

QH, == QHy"+¢ (10)
QH," == QH +H" (11)
QH == QH'+¢ (12)
QH" == Q+H' (13)
QH +QH == Q+QH, (14)

Simulations allow one to determine the mechanism responsible for the voltammetry
observed through attempted fittings with several plausible mechanisms.?* Although numerous
studies have discussed the mechanism of oxidation of the QH,’s, not one of those studies has
attempted to simulate the voltammetry of QH,’s alone in acetonitrile. The fitting of the QH,’s
alone is represented as an ET first, PT second and a second ET third, (equations 10-14, Scheme

18 95 The order of reactions was

4) called an ECE mechanism in electrochemical literature.
determined by the measurement of the peak potential and half peak potential versus the
logarithm of scan rate. A transition from a situation where the chemical step is the rate
determining step to a situation where the electron transfer is the rate determining step can be
derived from the values of (E, — Ep) and OE, /dlog v. This transition is characterized by an
increase of (Ep — Ep2) from 47.5 to 95 mV and an increase in OE, /dlog v from 29.6 to 59.2 mV
decade™, for a two electron process at 25 °C. Because the values that we determined for (Ep —
Epr) and OE, /0log v are approximately equal to 95 mV and 59.2 mV decade™, Table 5, we know
that the process is at least an ECE process.'® ?” However, based on the values for peak 11 we

know that the process is undefined, but is a two-electron reduction of Q, yet with dramatically
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slower kinetics.?* The other reactions in Scheme 4, equations 13 and 14, were used to describe
the second deprotonation reaction, equation 13, and the disproportionation reaction, equation 14.
Multiple electron transfer mechanisms typically involve disproportionation reactions.>* % 6567
However, the proposed disproportionation reaction, equation 14, has been a source of
controversy and its occurrence has been questioned.®® The fittings of 1,4-QH, to Scheme 4
included equation 14, while those to 1,2-QH, did not. The fittings to 1,4-QH, actually included
the fitting of equation 14 in the form discussed by Eggins and Chambers, where a hemiketal (see
hemiketal Structure below) is formed as an intermediate.® From this fitting it is found that the
oxidation of both QH>’s occurs at significant overpotential, based on the peak potential, at 0.812
V vs. Fc/Fc® for 1,4-QH, (peak | in Figure 14 and Figure 17), versus the determined formal
potential, E°, 0.357 V vs. Fc/Fc*. Simulations of both QH,’s alone in acetonitrile at various scan

rates and the Kinetic constants associated with these fittings can be found in the appendix

(together with associated discussion).

Table 5. Data showing the various calculated parameters from cyclic voltammetric experiments,
presenting evidence of a two electron ECE reaction.

Hydroquinone™ | E° n° | dEp/dlogv | dEp/dlogv | E,—Epp Ep—Epp
. v \Y (V, peak 1) | (V, peak II)°
V) decade™, | decade™,
Peak 1) | Peak II)°
1,2-QH, 0.611 | 1.99 | 0.058 -0.082 0.094 -0.134
1,4-QH; 0.442 | 1.81 | 0.059 -0.072 0.090 -0.123

* All measurements displayed determined in acetonitrile with 0.2 M TBAPF.

% Determined by taking the average of the anodic and cathodic peak potentials.

> Determined by chronocoulometry from the first peak (oxidation peak) of the indicated hydroguinone.
¢ Convention to represent reduction values as negative, rather than take the absolute value.
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Hemiketal Structure
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Figure 17. Cyclic voltammogram (solid line) and simulation (circles) of 5.0 mM HQ with 0.2 M
TBAPFs as supporting electrolyte in acetonitrile at a glassy carbon electrode (0.06 cm?) at a scan
rate of 0.1V s™.
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Scheme 5. Oxidation scheme for both QH,’s with 10.0 mM of the amines.

QH,+B == QH +BH’ (15)
QH == QH+e- (16)
QH == QH'+e- (17)
QH'+B == Q+BH" (18)
QH +QH == Q+QH, (14)

Based on the 'H-NMR evidence, several schemes can be envisioned for fitting the
voltammetry for the addition of the amines to the QH,’s. However, only one scheme, Scheme 5,
was found to fit the voltammetry of the addition of the amines to the QH,’s at each scan rate.
Other mechanisms investigated can be found in the appendix together with a brief discussion of
these schemes. Scheme 5 describes the mechanism of QH, oxidation as an initial PT followed
by two consecutive electron transfers and a disproportionation reaction. The disproportionation
reaction, equation 14, was used in Scheme 5, because without it peak II’ could not be fit. Figure
18 shows the fitting of 5.0 mM 1,4-QH, with 10.0 mM pyridine using Scheme 5. Fittings to both
QH_2’s with two equivalents of the other amines can be found in the appendix. The average pKa1
of 1,4-QH, (19.85) and 1,2-QH; (18.58) as determined by the fitted values of the equilibrium
constants of equation 15 (using Kegquis = (Kaqr2)((Ka, sr:) ) for the amines, knowing the pKa,

values of the conjugate acids (BH") % %

) were somewhat lower than the pK, values determined
using the ab initio methods described above (Table 4). Furthermore, the average pK, of 1,4-QH"
(-7.03) and 1,2-QH" (-6.99) determined using the fitted equilibrium constants of equation 18
from simulations of TEA, DIPEA and pyridine, produced higher values than those found by
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guantum mechanical simulations, -17.0 and -16.37, respectively. This discrepancy in the fitted
values versus the calculated values can be explained by several likely scenarios. Ubiquitous
water could alter the pK, of both the amine and the QH, though steps to guarantee dry working
conditions using a dry glove box under argon were taken. Furthermore, the computational
estimation of the pK, of the various species of the QH, square scheme only takes into account
the solvation free energies in the pure dielectric medium of the indicated solvent, thus the
presence of water is not considered. It is also possible that the homoconjugation (self-
association, discussed below) of pyridine, which enhances the acidity of weak acids, has a
significant influence on the kinetics that could not be revealed through simulations or other

instrumental methods.>> >’
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Figure 18. Voltammetry (solid line) and simulation (circles) of 5.0 mM 1,4-QH; with 10.0 mM

pyridine. Voltammetry was recorded at 0.1 V s™ in anhydrous acetonitrile with 0.2 M TBAPF;
at a glassy carbon electrode (0.060 cm?), under dry conditions.

Scheme 6. Reduction scheme for 1,4-Q in the presence of the conjugate acids.

Q+e- = (19)
Q +H' == QH (20)
QH +e- == QH (21)
QH +H' == QH, (22)
Q+QH, == QH+QH (23)

Thus far we have described the oxidation of two selected QH>’s in the presence of bases.

In this last section we show the mechanistic details for the reduction of 1,4-Q with the conjugate

47

www.manaraa.com



48

acids, pyridinium nitrate (pyridinium), acetic acid and N-ethyldiisopropylamine perchlorate
(DIPEAH").  Previously, the reduction of quinone in the presence of benzoic acid and
trifluoroacetic acid has been described as an ECEC mechanism of the type displayed in Scheme
6 including a comproportionation reaction, equation 23.% Mechanisms have also been described
where an initial complexation of the quinone and acid are involved, but this was not found under
the present conditions. An ECEC mechanism is the only feasible mechanism as PT occurring
first, is not plausible because the pK, of 1,4-Q in acetonitrile (-19.93, Table 4) is much too low.
Incorporation of Scheme 6 into the simulations of 1,4-Q with the selected conjugate acids
yielded acceptable fittings. Figure 19 displays the experimental and simulated voltammetry of
1,4-Q with13.0 mM pyridinium, while voltammetry of 1,4-Q with DIPEAH" at selected scan

rates can be found in the appendix.
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Figure 19. Voltammetry (solid line) and simulation (circles) of 5.00 mM 1,4-Q with 13 mM
pyridinium. Voltammetry was recorded at 0.1 V s in anhydrous acetonitrile with 0.2 M
TBAPF at a glassy carbon electrode (0.059 cm?) under dry conditions.
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HA+A == HA, (24)

Other processes such as homoconjugation as displayed in equation 24, where HA and A’
represent the acid and its conjugate base, respectively, are also believed to be at work in solution.
This reaction enhances the acidity of weak acids through hydrogen bonding with the protonated

forms of itself,'> % > 7

In this study, pyridine is known to be involved in such reactions.
Inclusion of this reaction, equation 24, in the simulations for pyridine did not improve the
accuracy of the fittings or influence the fitting upon dramatic changes in the kinetics or the
diffusion coefficients pertaining to this reaction. The other kinetic constants involved in the
fittings of the QH,’s with the bases (Scheme 5) or the fittings of 1,4-Q with the conjugate acids
(Scheme 6) remained constant while attempting the fittings of this homoconjugation reaction.

To this point, consideration of the mechanism of Q reduction and QH, oxidation under
the influence of acid and base addition as either stepwise or concerted has not been addressed
thoroughly. Kinetic analysis of fitted voltammograms and experiments involving deuterated
reagents, are two general methods for classifying a mechanism as concerted or stepwise.™ In the
literature, concerted mechanisms in aprotic media have been characterized by fast proton transfer
(ks ~ 1 x 108 M) and slow electron transfer (ks ~ 1x10™° cm s™)."* ™ Discussion of concerted
mechanisms in this way is a result of simulation software limitations. Concerted mechanisms
must therefore be fit as two separate reactions, an ET and a PT. The kinetic values of electron
and proton transfer determined here (appendix) do not fit this criterion, whether alone or in the
presence of acid or base. Furthermore, little peak potential shift was noted when bases were
added to QD;’s, values in parentheses in Table 1. To determine the Kinetic isotope effect,

Scheme 5 was applied to fit the QD; voltammetry with base. These simulations confirmed that a

concerted mechanism is unlikely with this system, as the KIE values determined were on the
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order of 0.64 to 1.29, below the characteristic value of 1.6 needed to classify a reaction as
concerted.”®  Similar studies involving 1,4-Q and deuterated conjugate acids were deemed
unnecessary, as the electron and proton transfers were fast, relative to electron and proton
transfers involved in a concerted mechanism. Overall, the KIE findings show that the presence
of a concerted mechanism is unlikely. However, a concerted mechanism cannot be ruled out as
the concerted step may not be rate determining, thus the KIE results are lower than if the
concerted step were rate determining.
2.4 Conclusion

In summary, herein we have presented a thorough electrochemical study of the oxidation
of hydroquinones and reduction of quinones, both alone and in the presence of non-hydrogen
bonding Bransted acids and bases. PGE-'H-NMR results concluded that none of the amines
were involved in hydrogen bonded complexes with the QH,’s. This knowledge coupled with
determined pKj, values for each of the quinone redox species allowed for fitting of the QH, with
amine and 1,4-Q with conjugate acid voltammetry. The mechanism of QH, oxidation in the
presence of amines was determined to undergo a stepwise CECE mechanism. 1,4-Q, however, in
the presence of the conjugate acids was determined to be involved in an ECEC mechanism.
Based on the findings of this work and the similarity of the chemistry involved to previous
intramolecular proton/electron studies, it seems that there may be some requirements for
observing concerted reactions. They seem to be favored in conditions that allow a rather
restrained geometry such as hydrogen bonded complex, or the active site of an enzyme. This
will be examined further by exploring the mechanism of QH, oxidation in the presence of acetate

in the following chapter.
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3.0 Hydroquinones and Quinones in the Presence of Acetates and Their Conjugate Acids
and Comparision to Hydroquinones and Quinones in the Presence of Amines and Their
Conjugate Acids
3.1 Introduction

In order to understand the effects that different bases have on the electrochemistry of
QH.’s, the addition of several carboxylates, acetate, benzoate and trifluoroacetate, were made to
QHj> solutions in acetonitrile and this voltammetry was compared to that from Chapter 2. Each
of the species studied in this Chapter are found in Scheme 7. Since carboxylates are initially
charged in acetonitrile, while amines are uncharged, the probability of hydrogen bond formation
between the carboxylate and the QH,’s is enhanced. This enhanced ability of carboxylates to
form hydrogen bonds with QH,’s is due to the reduced ability of acetonitrile to solvate charged
species.”® The additions of the two types of Bransted base produce somewhat similar results, the
shift of the anodic and cathodic peaks of the QH,’s to more negative potentials, meaning
oxidation of QH, is more favorable. However, the addition of carboxylates was found to lower
the diffusion coefficient of both the carboxylate and the QH,’s by as much as 40 % and the
phenolic proton peak in *H-NMR was found shifted to higher frequencies. Such effects have

been previously discussed in voltammetric and *H-NMR studies of other molecular systems.?*: >

6.9 Fyrthermore, concentrations of 10.0 mM of the carboxylates with 1,4-QH, causes the
formation of two anodic peaks versus the single anodic peak found for the addition of the amines
to QH, solutions. The two peaks are defined as the hydrogen bonding peak and the proton
transfer (PT) peak. The confirmation of this assignment is corroborated by voltammetry at

various concentrations of each of the acetates, *H-NMR and digital simulations. Comparison of

the voltammetry of the amines and the carboxylates shows that the presence of hydrogen bonds

o1

www.manaraa.com



52

imparts a thermodynamic advantage to the oxidation of the QH,’s. In previous reports, the
presence of hydrogen bonds has been a prerequisite for concerted reactions.*® 1% %8 9. 73-76. 100, 101
However, the presence of hydrogen bonds between the acetates and QH, show no evidence of a
concerted reaction. Discussion of the absence of a concerted reaction is thoroughly discussed

below.

Scheme 7. Molecular species investigated in this chapter.

OH OH
OH )CJ)\
R” O
OH
1,4-QH, 1,2-QH, R = CF,, CH, or C,H,
\l/ N\
N |

T 5

Diisopropylethylamine Pyridine

3.2 Experimental

3.2.1 Reagents and Materials

Anhydrous acetonitrile (ACN, Aldrich, St. Louis, MO, 99.8 % with < 10 ppm H,0), pyridine
(Aldrich, anhydrous, > 99.8 %), and N,N-diisopropylethylamine (DIPEA, Aldrich, redistilled,
anhydrous, 99.5 %) were used as received and transferred via microsyringe under argon.
Tetrabutylammonium hexafluorophosphate (TBAPFs, Fluka, electrochemical grade, > 99.0 %)

was heated to ~100 °C in a vacuum oven for at least 24 hours prior to use as supporting

52

www.manaraa.com



53

electrolyte. Tetrabutylammonium acetate (acetate, Fluka, electrochemical grade, > 99.0 %) was
treated similarly to the TBAPFg, because it is extremely hygroscopic, however, it was heated to
only ~60 °C for at least 24 hours before use. The less hygroscopic acetates, tetrabutylammonium
benzoate (benzoate, Fluka, electrochemical grade, > 99.0 %) and tetraethylammonium
trifluoroacetate (trifluoroacetate, Fluka, > 99.0 %) were only opened and used under a nominally
dry argon atmosphere. Pyrocatechol (1,2-QH,, Fluka, > 99.0 %), hydroquinone (1,4-QH,
Riedel-deHaén, St. Louis, MO, 99.5 %), Hexamineruthenium (Ill) chloride (Aldrich,
Ru(NH3)sCl3 98 %), D,O (Aldrich, 99 % atom D), acetonitrile-ds (d3-ACN, Aldrich, 99 % atom
D), ferrocene (Fc, Fluka, > 99 %), p-benzoquinone (1,4-Q, Acros Organics, Geel, Belgium, 99+
%), N-ethyldiisopropylamine perchlorate (DIPEAH", Aldrich), acetic acid (Aldrich, glacial, >
99.85 %), benzoic acid (Aldrich, > 99.5 %), trifluoroacetic acid (Aldrich, > 99 %), hydrogen
peroxide (Acros Organics, 35 wt.% in H,0), silver nitrate (Aldrich, >99.0%), Potassium chloride
(EM Science, Gibbstown, NJ, 99.0-100.5 %), sulfuric acid (EM Science, 95-98%), nitric acid
(Aldrich, ACS Reagent, 70 %), hydroquinone-ds (1,4-QD,, C/D/N Isotopes, Pointe-Claire,
Quebec, Canada, 99.2 atom % D), and 1,2-dihydroxylbenzene-ds (1,2-QD,, C/D/N lIsotopes, 99.4
atom % D) were all used as received. Pyridinium nitrate was prepared by mixing equimolar
volumes of pyridine and 1 M nitric acid, then filtering the precipate and washing the filtrate with
1 M nitric acid, then drying at ~40 °C under reduced pressure for ~2 hours.
3.2.2 Electrochemical Methods

All electrochemical experiments were performed with a hydroquinone or quinone
concentration of 50 mM in 10 mL dry acetonitrile with 0.2 M tetrabutylammonium
hexafluorophosphate (TBAPFg) at a glassy carbon electrode. The electrochemical experiments

were performed using a CHI660C potentiostat (CH Instruments, Austin, TX) incorporating a
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CHI200B Faraday cage and picoampbooster using a three electrode cell (10 mL) in an inert
argon atmosphere. Several different 0.3 cm diameter glassy carbon electrodes (CH Instruments,
areas were consistent, between 0.07 to 0.073 cm?) were used during this work and the areas
associated with each are given in the respective figures (determined by the Randles-Sevcik
equation using a 1.0 mM solution of Ru(NHs)¢®* in deionized water with 0.1 M KCI as
supporting electrolyte, where D = 6.3 x 10° cm?s™).”” The same electrode was always used for
a particular set of data, for instance, data involving the addition of a particular base to protiated
1,4-QH, was used again to record similar measurements with deuterated 1,4-hydroquinone (1,4-
QD,). A platinum flag electrode served as the auxiliary electrode, and the reference electrode
was an Ag/Ag" electrode (a silver wire immersed in the supporting electrolyte, 0.2 M TBAPFg/3
mM silver nitrate/acetonitrile). The reference electrode was separated from the rest of the
solution by a glass tube capped with a porous vycor frit (CH Instruments). The potential of the
silver reference electrode was periodically measured versus the formal potential (measured as the
average of the peak potentials) of the ferrocene/ferrocenium (Fc/Fc*) couple under the same
conditions as the other experiments and thus all potentials are reported versus ferrocene as
Fc/Fc*. Prior to each use, the polished glassy carbon electrode was first polished using 0.05 pm
alumina paste (Buhler, Lake Bluff, Il) washed with deionized water, carefully wiped, and then
sonicated for three minutes in acetonitrile. In each experiment the solution resistance (R,) was
totally compensated via positive feedback.
3.2.3 NMR Spectroscopic Methods

Variable temperature and ROESY and NOESY 2-D 'H-NMR experiments were
performed with a Brucker AVANCE Il 600 MHz NMR. Standard *H-NMR and Pulsed

Gradient Echo (PGE-) *H-NMR were performed on a Varian Inova 400 MHz NMR at 25 °C.

54

www.manaraa.com



55

The applied gradients in the PGE-'H NMR experiments were calibrated by measuring the
diffusion coefficient of HDO (2.23x10™° cm? s*, at 25°C, 0.03%) in a D,O sample and the
diffusion coefficient of 1,6-diaminohexane (6.98x10° cm? s, at 25°C, 0.04%). The pulse
sequences and associated parameters are reported in the appendix.”” The diffusion coefficients
were measured under the same conditions as the electrochemical experiments, with the
exceptions of measurements in deuterated acetonitrile and without supporting electrolyte. For a
discussion on the correction of diffusion coefficients see the appendix.*" 8 8
3.2.4 Computational Methods and Digital Simulations

Digital simulations were conducted using DigiSim version 3.03b (Bioanalytical Systems,
Inc., West Lafayette, IN). For a particular set of experimental conditions, cyclic voltammograms
(CV’s) were recorded at six different scan rates in the range 0.1 to 2 V s, and fitting attempted
involving known and determined values of D, pK,, and the assumption that 0=0.5 (except for
CV’s where o was determined). Concentrations of all the species entered for fitted simulations
were the actual values used in the experiments. Unknown parameters (E°, heterogeneous rate
constants (Ksp) and homogeneous rate constants (ks and kj)) were allowed to vary iteratively, until
a fit to the experimental CV was attained. The fitting of the heterogeneous rate constant for a set
of different scan rates was computed as an average and the obtained standard deviation for this
and other averaged estimated parameters was used as criterion for the validity of the fitting and
ultimately the selected mechanism (in addition to the actual matching of the current and peak
potentials on the experimental CV). If fittings could not be obtained using the quantum
mechanically determined pK, values of the quinone redox species, the kinetic constants were
varied slightly. Care was taken to not allow the fitted kinetic constants attain unrealistic values.

Examples of fitted CVs and determined parameters not found in the text can be found in the
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appendix along with the relevant fitted parameters. Relevant mechanisms proposed in the
literature were tested in the light of the new pK, estimations and the hydrogen bonding evidence,
and the ones with best fits (lower standard deviation of parameters determined at different scan
rates) were selected as best to represent the experimental voltammetry.

Geometries of the QH,-acetate complexes were fully optimized in the gas-phase using
B3LYP density functional theory and the 6-31G* and 6-31+G* basis sets using the Gaussian 03

suite of programs.*"

Minima were verified to have all real vibrational frequencies. The
vibrational frequency calculations also provided the necessary parameters to compute zero-point
and thermochemical corrections to energies. Geometry optimization and vibrational frequency
analyses were also performed in the presence of implicit acetonitrile (¢ = 37.5) as solvent using
the conductor polarizable continuum model, CPCM.>* ®* The solvation phase geometries were
optimized using B3LYP density functional theory and with the 6-31* and 6-31+G* basis sets.

Open-shell species were treated using the unrestricted formalism of the aforementioned level of

theory, UB3LYP, respectively.
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A a 3.3 Results and Discussion
b
X=0 | Hydrogen bonds between
’ the QH,’s and acetates were readily
X=2 |
detected by *H-NMR spectroscopy.
X=6 Figure 20A shows the shift of the
. .
o8 56 14 P phenolic protons, b, of 1,4-QH; to
a
B. b lower frequencies, from 6.35 ppm

without trifluoroacetate to 8.043

ppm upon addition of 30 mM

trifluoroacetate (X = 6, siX

equivalents added).  While, the

peak assigned to the aromatic
protons of 1,4-QH,, a at 6.63 ppm,
and the peaks assigned to the

counterion,  tetraethylammonium

(not shown), remain unchanged

throughout  the titration  of

H 1
Figure 20. A) IH-NMR spectra of 1,4-QH, with trifluoroacetate. In terms of the "H

0, 10 and 30 mM trifluoroacetate. B.) *H-NMR
spectra of 1,4-QH, with 0, 10 and 30 mM

NMR experimental timescale, the

pyridine. C.) Molar ratio plot from the *H-NMR exchange between the free and
titration of 1,4-QH, with trifluoroacetate (circle), _
pyridine (square) and DIPEA (triangle). complexed state for the QH,’s with

trifluoroacetate is in the fast exchange limit. However, the exchange limit for the QH,’s with the

other acetates, benzoate and acetate, is defined as intermediate at 25 °C, and a peak for this
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complex is often broad or not observed at 25 °C." However, upon lowering the temperature a
single peak is noted at lower frequencies. The shifts noted with acetate and benzoate with 5.0
mM 1,4-QH,, 11.769 and 11.1373 upon addition of 30.0 mM at 5 °C, are significantly greater
than that of trifluoroacetate. Thus, acetate and benzoate are associated much more strongly with
1,4-QHj, than is trifluoroacetate. A similar shift in the phenolic protons was noted upon addition
of the acetates to 5.0 mM 1,2-QH,. In contrast to this, the addition of pyridine to 1,4-QH, shows
no significant shift of any of the peaks of 1,4-QH,, a and b, or pyridine, peaks c, d and e, Figure
20B. However, the height of the phenolic proton peak for 1,4-QH, and the HDO peak, at ~2.0
ppm (not shown) decrease. The decrease in peak height only correlates to a net shift of 0.023
ppm from 0 to 10.0 mM added pyridine. Furthermore, the addition of DIPEA to 1,4-QH; does
not influence the shift of the phenol proton peaks significantly, as only a shift of 0.020 ppm
difference was found from 0 to 30 mM added DIPEA. Similar effects were found upon addition
of pyridine and DIPEA to 1,2-QH,. Overall, it is unlikely that the amines are associated with the
QHy’s since such a small shift in the phenol proton peak was observed. The observed
broadening of the phenolic and HDO peaks is likely due to the increase of ubiquitous water
found in the solvent and the added amine.

To determine the stoichiometry of the complexes formed between the acetates and the
QHy’s, molar ratio analyses were performed. The molar ratio analysis revealed that a 1:2
complex was formed between the QH,’s and the acetates. The only exception to this was the
addition of benzoate to 1,2-QH, where a 1:1 complex is apparent (see appendix).** Therefore, by
monitoring the shift of the phenolic protons, b, of the QH,’s during titration of trifluoroacetate
(Figure 20C) from 0 (6.35, 1,4-QH,) to 30.0 mM added trifluoroacetate (8.043) we can

determine the association constants (K; and K3) of this interaction. By fitting the data of the
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phenolic proton shift to a 1:2 binding isotherm, equation 25, the K; and K; for 1,4-QH, with
trifluoroacetate are determined, 55 + 14 and 5 + 8, respectively.” However, to determine the
association constants for the QH,’s with acetate and benzoate at 25.0 °C *H-NMR spectra were
measured between 5.0 °C and 15.0 °C where the exchange peak for the QH, and acetate complex
is observed. A van’t Hoff plot, In K versus T, for this data allowed for extrapolation of the K
values at 25.0 °C (see appendix).?® The association constants for the QH.’s with each of the

acetates are presented in Table 6.

AS = (8:K1[acetate] + 8,K1Ks[acetate]?)/(1 + Ki[acetate] + K;K[acetate]?)

Table 6. Association constants determined by *H-NMR titration data.

(25)

1,4-QH, 1,2-QH,

Base Ky (MY K, (MY Ky (MY K, (MY
Acetate 202 + 10 155 + 10 1250 + 70 404 + 20
Benzoate 473 + 30 209 + 20 (9.91 +£0.3) x 10* | -
Trifluoroacetate | 55+ 10 5+10 270 £ 30 82+ 20

® This data was fit using a 1:1 binding isotherm, due to the molar ratio analysis.*

The use of pulsed gradient echo (PGE-) *H-NMR also supports the claims of hydrogen
bonding, by determination of the diffusion coefficient (D) of the individual molecules believed to
be involved in molecular association.”” The diffusion coefficients of molecules involved in a
complex will decrease relative to the diffusion coefficients of the molecules alone. Table 7 gives
the diffusion coefficients of the individual molecules from Scheme 7 alone as well as 1,4-Q and
the conjugate acids. The diffusion coefficients of 5.0 mM of each of the QH,’s with base
concentrations of 10.0 mM and 30.0 mM and the diffusion coefficients of the base at 10.0 and

30.0 mM concentrations in the presence of the QH,’s are also presented in Table 7. The
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diffusion coefficients of 5.0 mM 1,4-Q with various concentrations of the conjugate acids
(concentration dictated by voltammetry results, discussed below) are also found in Table 7. The
diffusion coefficients of the QH,’s decrease by 30 to 46 % when in the presence of 10.0 to 30.0
mM acetate or benzoate. The addition of 10.0 mM trifluoroacetate does not significantly affect
the diffusion coefficient of the QH.’s, yet concentrations greater than 10.0 mM show
considerable changes. Upon addition of 10.0 mM trifluoroacetate there is only an approximate 9
% decrease in the diffusion coefficient of the QHy’s. While, addition of 30.0 mM
trifluoroacetate causes a 21 - 26 % decrease in the diffusion coefficient of the QH,’s. However,
the change in the diffusion coefficients of the QH,’s in the presence of DIPEA and pyridine is

negligible, within error, even at concentrations of 30.0 mM added base.
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Q/HQ or Acid/Base

D (x10° cm? s1)°

Acid/Base Evaluated®

D (x10° cm?sh)°

Evaluated®
14-Q 3.37+0.03 10 mM Acetate 2.67 +0.07 (2.69 + 0.05)
1,4-QH, 2.79+0.04 100 mM Acetic Acid 3.95+0.02
1,2-0H, 3.01 +£0.003 10 mM Benzoate 2.71+£0.003 (2.72 £ 0.09)
10 mM DIPEA 3.34+£0.001 (3.38 + 18 mM Benzoic Acid 3.58 £ 0.06

0.004)
12 mM DIPEAH" 2.32£0.04 10 mM Trifluoroacetate © | 3.06

10 mM Pyridine

439+0.09 (4.36 %

30 mM  Trifluoroacetic

0.0008) Acid
13 mM Pyridinium 2.59+0.04
1,4-Q + 100 mM Acetic 3.42+0.05 1,4-Q + 100 mM Acetic 3.63+0.08 (-6.7 %)

Acid

Acid

1,4-Q + 18 mM Benzoic
Acid

3.29%0.03 (-2.4 %)

1,4-Q + 18 mM Benzoic
Acid

3.05 £ 0.02 (-15 %)

1,4-Q + 12 mM DIPEAH"

3.57 £ 0.05 (+5.6 %)

1,4-Q + 12 mM DIPEAH"

2.40 % 0.06 (+3.3 %)

14-Q +30 mM 3.54 £ 0.07 (+4.8 %) 1,4-Q + 30 mM -

Trifluoroacetic Acid Trifluoroacetic Acid

14-Q+13mM 3.54 + 0.04 (+4.8 %) 1,4-Q+ 13 mM 2.70 £ 0.08 (+4.1 %)
Pyridinium Pyridinium

1,4-QH, + 10 mM Acetate | 1.65 = 0.04 (1.67 + 0.02) 1,4-QH, + 10 mM Acetate | 2.11 +0.04 (2.24 + 0.009)

1,4-OH, + 10 mM
Benzoate

1.97 £ 0.05 (1.50 + 0.009)

1,4-QH, + 10 mM
Benzoate

2.09 +£0.08 (2.03+0.01)

1,4-QH, + 10 mM DIPEA

3.09 + 0.02 (2.95  0.04)

1,4-QH, + 10 mM DIPEA

3.33+0.003 (3.36 £ 0.08)

1,4-QH, + 10 mM

Trifluoroacetate

2.56 £ 0.02 (2.07 £ 0.02)

1,4-QH, + 10 mM
Trifluoroacetate

1,4-QH, +10 mM
Pyridine

2.71+0.02 (2.76 £ 0.04)

1,4-QH, + 10 mM
Pyridine

4.45+0.01 (4.15 £ 0.03)

1,2-QH;, + 10 mM Acetate

1.87 £ 0.05 (1.67 + 0.04)

1,2-QH, + 10 mM Acetate

2.52 % 0.04 (2.60 + 0.05)

12-QH, + 10 mM

Benzoate

1.92 £0.03 (2.02 £ 0.09)

1,2-QH, + 10
Benzoate

mM

2.09 £0.02 (2.24 £ 0.08)

1,2-QH; + 10 mM DIPEA

2.65 +0.02 (2.87 £ 0.07)

1,2-QH, + 10 mM DIPEA

3.26 £ 0.04 (3.30 £ 0.06)

1.2-QH, + 10 MM

2.76 £ 0.02 (2.39 £ 0.009)

1,2-QH, + 10 mM
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Trifluoroacetate Trifluoroacetate
1,2-QH, +10 mM 2.78 £ 0.003 (3.07 £ 0.5) 1,2-QH, + 10 mM 4.18 £ 0.04 (4.22 £ 0.03)
Pyridine Pyridine

& Text underlined and italizied indicate the species who’s diffusion coefficient in given in the column to the right of
the text.

> \Values measured in heavy acetonitrile at 27°C, and then corrected for differences in viscosity in 0.2 M TBAPFg in
light acetonitrile.®

“ D value of trifluoroacetate alone measured by chronoamperometry of a solution containing 10 mM trifluoroacetate
in dry acetonitrile with 0.2 M TBAPFs.
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Figure 21. A.) Cyclic voltammetry of 5.0 mM 1,4-QH; alone (thin black line), with 10.0 mM
trifluoroacetateTEATfa (thick black line), with 30.0 mM trifluoroacetate (thick gray line) and
simulations of 5.0 mM 1,4-QH, with 10.0 mM trifluoroacetate and with 30.0 mM
trifluoroacetate (open and closed black circles, respectively). B.) Cyclic voltammetry of 5.0 mM
1,4-QH, alone (thin black line), with 10.0 mM pyridine (gray line) and the simulation (open
circles). Voltammetry measured at a glassy carbon electrode in 0.2 M TBAPFgat 0.1 V s,
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Table 8. Voltammetric data from 1,4-QH, alone and with the amines and acetates.

pKaa Epla EpIIa Eplc (V) AEpI AEpIIa—Ia AEpa AEp QH2-la AG (k‘]
W V) [f M? W) VM W mol ™)'
1,4-QH, 26.20 | 0.722 - 0.050 0.672 | - - - -
1,2-QH, 21.67 | 0.834 - 0.196 0.638 | - - - -
Acetate 22.3 -0.406 -0.337 -0.824 0.418 | 0.069 -0.032 | -1.128 -217.6
(-0.428) (-0.901) | (0.473) (-1.150) (-221.9)
Benzoate 20.7 -0.329 -0.238 -0.805 0.476 | 0.091 -0.036 | -1.051 -202.8
(-0.365) (-0.857) | (0.492) (-1.087) (-209.8)
DIPEA® 18° -0.061 - -0.749 0.688 | - - -0.783 -151.1
Trifluoroacetate | 12.65 | 0.128 0.392 -0.586 0.714 | 0.264 -0.035 | -0.594 -114.6
(0.093) (-0.700) | (0.793) (-0.629) (-121.4)
Pyridine 12.33 | 0.194 - -0.437 0.631 |- - -0.528 -101.9
(0.204) (-0.440) | (0.644) (-0.518) (-100.0)
Acetate (with 22.3 -0.044 - -0.677 0.633 |- +0.028 | -0.878 -169.4
1,2-QH,) (-0.016) (-0.759) | (0.743) (-0.850) (-164.0)
Benzoate (with 20.7 -0.003 - -0.698 0.695 | - -0.009 | -0.837 -161.5
1,2-QH,) (-0.012) (-0.715) | (0.703) (-0.846) (-163.3)
DIPEA® (with 18° -0.030 |- -0551 |[-0.521 |- - -0.864 166.7
1,2-QH,)
Trifluoroacetate | 12.65 | 0.296 0.392 -0.472 0.768 | 0.096 -0.047 | -0.538 -103.8
(with 1,2-QH,) (0.249) (-0.535) | (0.784) (-0.585) (-112.9)
Pyridine (with 12.33 | 0.369 - -0.299 0.668 | - - -0.465 -89.7
1,2-QHy) (0.360) (-0.303) | (0.677) (-0.474) (-91.5)
“The pKaS’gs of the QH,’s are the same as reported in Chapter 2, by QM calculations, others determined from the
literature.
> Estimated from the pK,’s of tripropylamine and triisopentylamine.®
® All reported values are determined from voltammograms at 0.1 V s™ at room temperature vs. Fc/Fc”.
% Values in parentheses are from voltammograms recorded with 30 mM of the indicated base.
® Voltammetry of 1,4-QH, was not recorded with 30 mM DIPEA, due to passivation of the electrode by oxidation
of DIPEA at concentrations greater than 10 mM.
" Determined by -AG = NFEgmz-1a, @8ssuming the number of electrons transferred, n, is equal to 2 at this point.

Cyclic voltammetry shows that addition of 10.0 mM of the Bregnsted base, amines or
acetates, to the QH,’s causes a new redox peak system (Figure 21, I, Il, and I¢) to form at
negative potentials relative to the redox peaks for 1,4-QH, alone in acetonitrile. Cyclic
voltammetry of 1,4-QH, with the acetates shows two overlapped oxidation peaks (Figure 21, I,
and Il,) at acetate concentrations of 10.0 mM. At higher concentrations, 20.0 to 30.0 mM of the
acetates, the first oxidation peak is resolved at the expense of the second oxidation peak, gray
CV, Figure 21. However, voltammetry of both QH;’s with amines and voltammetry of 1,2-QH,

with acetate and benzoate shows only a single oxidation peak regardless of the concentration,
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Table 8 (see appendix). Chronocoulometry, chronoamperometry and controlled potential
coulometry (CPC) results indicate that the new oxidation peak after addition of the amines
involve the transfer of two electrons. However, for acetate additions to the QH;’s less than two
electrons are transferred (n = 1.6-1.7) using the D values found for the QH,’s alone. The use of
the D values for the QH,’s with each acetate (Table 7) shows that two electrons are transferred,
as further evidence that the hydrogen bound QH; is being oxidized.

Figure 21 gives two examples of the voltammetry for 5.0 mM 1,4-QH, with 10.0 and 30.0
mM trifluoroacetate (Figure 21A) and 5.0 mM 1,4-QH, with 10.0 mM pyridine (Figure 21B).
The first oxidation peak, I,, from the addition of 10.0 mM trifluoroacetate to 1,4-QH, is 0.264 V
(AEpiaa) relative to the second oxidation peak, Il Upon addition of 20.0 mM more
trifluoroacetate to the same solution the first oxidation peak shifts to more negative potentials by
0.035 V (AEp,) and the second oxidation peak is absent. This addition highlights the significant
difference in potential between the oxidation, I, and reduction peaks, I; (0.793 V, AE). Similar
voltammetric changes are observed for the addition of 10.0 mM and 30.0 mM acetate and
benzoate to 1,4-QH, and additions of 10.0 mM and 30.0 mM trifluoroacetate to 1,2-QH..
However, the difference in the oxidation peak potentials (AEpa-1a, Table 8) is smaller for these
additions. It is possible that the larger K values, Table 6, coupled with the larger pK,’s for
acetate (22.3) and benzoate (20.7) likely influence the smaller values for AEp”a..a.SS While, the
smaller K values, Table 6, for 1,2-QH, with trifluoroacetate, relative to the K values for 1,2-QH,
with acetate and benzoate, influence the observation of two peaks. Interestingly, the shift of
peak Il, to I, AE,,, for each of the acetates with 1,4-QH;, going from 10.0 mM to 30.0 mM, is
similar, within error, Table 8. The similarity in AEp, with each of the acetates with 1,4-QH is

likely due to the same process taking place as the concentration of acetate increases.

65

www.manaraa.com



66

From Table 8, there is an obvious dependence of the shift in the oxidation peak, I,, with
the pK, of the added base.'® %" As the pK, of the base increases the oxidation peak shifts towards
more negative potentials, overall making the oxidation of 1,4-QH, easier. Interestingly, the
pPKa’s of pyridine (12.33) and trifluoroacetate (12.65) are similar, yet the oxidation of 1,4-QH, is
0.111 V easier in the presence of 30.0 mM trifluoroacetate versus 30.0 mM pyridine. Overall,
this equates to about 21.4 kJ of stabilization of 1,4-QH, by trifluoroacetate. Another interesting
find is that the K’s of the QH,’s with benzoate are considerably higher than those of the QH,’s
with trifluoroacetate or acetate. A possible explanation for this is the added influence of other
intermolecular interactions such as n-stacking of benzoate and the QH,’s. NOESY and ROESY
2D 'H-NMR experiments were undertaken to determine the orientational effects of each of the
acetates with the QH,’s, however no correlational cross-peaks were noted. A possible reason for
this is that the hydrogen atoms of the base and the QH, are greater than 5 A apart, limiting the
effectiveness of these 2D NMR techniques.?® % Simple QM calculations of the QH,-acetate
complexes were performed and measurements between the hydrogen atoms that were in closest
proximity confirmed this assumption. Measurements showed the closest distance to be between

benzoate aromatic hydrogen atoms and the aromatic hydrogen atoms of the QH,’s was ~6 A%

102
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Table 9. Voltammetric measurements recorded from multiple voltammograms at various scan
rates to determine the mechanism of oxidation.

1,4-QH,
Base JEp/dlogv JOEp/dlogv JOEp/dlogv Ep— Epe Eo-Epz (V,
(V/decade, (V/decade, (V/decade, (V, peak 1,)? peak I.)?
Peak I,)* Peak I1,) Peak 1.)?
Acetate 0.074 £ 0.03 0.057 £ 0.03 -0.031+£0.03 | 0.127+0.01 -0.089 £ 0.004
(0.063 £ (-0.015 £ (0.106 £ 0.01) (-0.052 £ 0.002)
0.003) 0.01)
Benzoate 0.043+0.007 | 0.051+0.009 | -0.024 + 0.111 + 0.006 -0.092 £ 0.02
(0.069 +0.01) 0.003 (0.116 £0.02) (-0.059 +0.002)
(-0.027+
0.01)
DIPEA® 0.108 + 0.01 - -0.059 £ 0.01 | 0.194 + 0.009 -0.094 £ 0.01
Trifluoroacetate 0.042 £0.01 0.047 £0.01 -0.080 0.105 £ 0.01 -0.204 +0.03
(0.053 + 0.009 (0.073+0.01) (-0.151 £ 0.01)
0.002) (-0.069
0.01)
Pyridine 0.153+0.02 - -0.105+£0.02 | 0.187 +0.009 -0.145 £ 0.02
(0.109 + (-0.135 (0.152 £0.004) | (-0.175 £0.009)
0.002) 0.005)
1,2-QH,
Base JEp/dlogv JEp/dlogv JEp/dlogv Ep—Epe Eo—Epz (V.
(V/decade, (V/decade, (V/decade, (V, peak 1,)? peak I.)?
Peak I,)* Peak I1,) Peak 1.)?
Acetate 0.041 +0.01 - -0.033£0.02 | 0.101 +0.009 -0.112 £ 0.008
(0.060 + 0.01) (-0.025 + (0.092 £ 0.005) | (-0.061 +
0.004) 0.0008)
Benzoate 0.023+0.008 | - -0.053+0.02 | 0.101+0.01 -0.115+0.03
(0.049) (-0.0262) (0.087) (-0.063)
DIPEA® 0.146 +0.02 | - -0.109 + 0.183 + 0.02 -0.114 +0.008
0.005
Trifluoroacetate 0.048 + 0.005 | 0.036 +0.006 | -0.069 + 0.103 + 0.002 -0.170 £ 0.007
(0.060 + 0.0001 (0.089 £ 0.002) | (-0.123 £0.002)
0.001) (-0.065 *
0.004)
Pyridine 0.084 +0.02 - -0.101£0.01 | 0.133 % -0.114 £ 0.01 (-
(0.081 (-0.117 £ 0.01(0.123 £ 0.144 + 0.02)
0.002) 0.01) 0.01)
& Values in parentheses are from voltammograms recorded with 30.0 mM of the indicated base.
® There was only a single voltammogram recorded at 30.0 mM DIPEA due to oxidation of DIPEA at the
electrode at concentrations greater than 10.0 mM.

www.manaraa.com

67



68

225

=
N
(oa]

T T 1 l T T 1 l T T 1 l T T 1T l

N
a1

Current uA)

(11 la

1 11 l 11 1 l 1 11 l 11 1 l

1

_175 l 1 l 1 l 1 l 1 l 1
120 0./0 020 -030 -0.80 -1.30 -1.80
- +
Potential (V, vs. Fc/Fc )

Figure 22. Cyclic voltammetry of 5.0 mM 1,4-QH, with 10.0 mM trifluoroacetate (black CV)
and 5.0 mM 1,4-Q with 30.0 mM trifluoroacetic acid (gray CV). All voltammetry recorded at
0.1V s at a glassy carbon electrode at 25 °C under dry conditions in anhydrous acetonitrile with
0.2 M tetrabutylammonium hexafluorophosphate.
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Figure 23. Equilibrium concentrations of 1,4-QH, species as a function of the total
trifluoroacetate concentration, where K; = 55 M™* and K, = 5 M™: 1,4-QH, (solid black line),
1,4-QHy(B) (dashed black line) and 1,4-QHy(B), (solid gray line).
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The simulations displayed in Figure 21 for 1,4-QH, upon addition of each base were
envisioned based on the *H-NMR and the electrochemical data. By monitoring the voltammetry
at various scan rates the mechanism of oxidation, whether a chemical or electron transfer step
occurs first, can be derived from the values of (E, — Epp) and OE, /dlog v. This transition is
characterized by an increase of (E, — Ep2) from 47.5 to 95 mV and an increase in JE, /dlog v
from 29.6 to 59.2 mV/decade, for a two electron process at 25 °C.*> ® % values between these
characteristic values are said to be of an intermediate or mixed Kinetic nature, meaning the
reaction is not fixed on one kinetic scheme (ET first versus PT first). The values determined for
(Ep — Epr) and OE, /dlog v for the oxidation of the QH;’s in the presence of 30.0 mM of the
acetates, represented by peak l,, Figure 21A, are approximately equal to 95 mV and 59.2 mV
decade™, Table 9, for both of the QH.’s each of the acetates at 30.0 mM. Therefore, it is known
that the process is an ECE process. Interestingly enough, the values determined for the
reduction, peak I, roughly correspond to an CECE process. However, the values determined for
the amines at all concentrations and the acetates at 10.0 mM do not correlate well to this theory
(Table 9). Therefore, to determine the processes taking place at peaks I, and Il,, voltammetry of
1,4-benzoquinone (1,4-Q), the completely oxidized form of 1,4-QH,, with the conjugate acids
was measured. Figure 22 shows the voltammetry of 5.0 mM 1,4-QH, with 10.0 mM
trifluoroacetate and 5.0 mM 1,4-Q with 30.0 mM trifluoroacetic acid. The oxidation taking place
at peak Il,, Figures 21 and 22, has a similar peak potential to the oxidation peak potential of 1,4-
Q with trifluoroacetic acid, peak Il;” (0.391 and 0.350 V, respectively). Similar voltammetry is
found when comparing the voltammetry of acetate and benzoate additions to 1,4-QH, with acetic

acid and benzoic acid additions to 1,4-Q. Therefore, it is reasonable to assume that because 1,4-
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Q and 1,4-QH, are complementary redox states of the same couple, a reaction occurring at a
similar redox potential may involve the same intermediate. Since the diffusion measurements of
1,4-Q with the conjugate acid indicated that no complexation was taking place, the process at
peak Il, is an electron-proton transfer. However, peak I, represents the oxidation of the
complexed 1,4-QH,, both QHy(B) and QH,(B),, where the B in parentheses represents the
hydrogen bound acetate. The determined association constants, K; and K, (Table 6), were used
to determine the equilibrium concentrations of QH, alone, the singularly bound QH, (QH2(B))
and the doubly bound QH, (QHx(B"),) prior to oxidation. Figure 23 displays the equilibrium
concentration plot for 1,4-QH, with trifluoroacetate up to 30.0 mM trifluoroacetate. From this
plot it is obvious that the doubly bound QH, (QH(B").) is the predominant species in solution at
10.0 (93.0 %) and 30.0 (97.6 %) mM trifluoroacetate. Knowledge of the predominant species in
solution defines the initial conditions and a starting point for the simulations. Oxidation of the
QH, complexes at 10.0 mM acetate concentrations was envisioned to involve the oxidation of
both the singly and doubly bound QH, due to the significant concentration (4.8 to 6.6 % for each
of the acetates at 10.0 mM) of this species in solution under these conditions, equations 28 and
29, Scheme 8A. Upon oxidation of the QH,-acetate complexes the concentration of acetate and
acetate bound to QH, dramatically decreases due to the production of acetic acid and the
homoconjugate of the respective acetic acids. Homoconjugate species are complexes of a base
and its conjugate acid, in this study, each of the acetates forms a homoconjugate where the
strength of the interaction for each is greater than 10* M2 The production of the conjugate
acids and the homoconjugate at the surface is the cause for the measurement of two oxidation
peaks at acetate concentrations of 10.0 mM. At 30.0 mM acetate, only a single peak is found

because the concentration of acetate at the surface of the electrode is far greater than that of the
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acid or homoconjugate. Thus, from the scan rate analysis, the reduction of 1,4-Q in the presence
of the conjugate acids and the equilibrium plot data the mechanisms of Scheme 8 were
conceived. Schemes 8A and B represent the mechanism fitted to 1,4-QH in the presence of 10.0
and 30.0 mM of the acetates, respectively. Support for the difference in oxidation of QH, at two
different acetate concentrations can be found for numerous hydrogen bonding systems in the

literature.®® %% "

Scheme 8A also fit the voltammetry of 1,2-QH, in the presence of
trifluoroacetate, while Scheme 8B fit the voltammetry of 1,2-QH, at every investigated
concentration of acetate. However, the voltammetry of 1,2-QH, in the presence of any
concentration of benzoate (10.0 to 30.0 mM) could only be fit by Scheme 8C because the
interaction between 1,2-QH; and benzoate is 1:1. The binding constants, K; and Ky, for each of
the hydrogen bonding events, Table 6, and the determined diffusion coefficients (Table 7) were
incorporated into the simulations. Scheme 8D (equivalent to Scheme 5, Chapter 2.3) is the
mechanism fitted to 1,4-QH in the presence of 10.0 and 30.0 mM of the amines, the principle of
58, 59

which, deprotonation of 1,4-QH,, equation 15, is supported by the literature.

Scheme 8. Oxidation schemes for the QH>’s in the presence of various concentrations of the
acetates and amines.

Scheme 8A

QH,+B == QHy(B) (26)
QHz(B) + B- == QHy(B): (27)
QH(B) == QH,"(B)+¢ (28)
QHx(B): == QH"(B)2+¢ (29)
QH,"(B) == QH +HB (30)
QH,"(B), == QH +HB; (31)
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QH == QH"+¢
QH'+HB; == Q+H;B,
QH +QH == Q+QH,
HB == B +H'

HB+B == HB;,
Scheme 8B

QH,+B === QHy(B)
QHx(B) + B == QHaz(B):
QHy(B);, == QH,"(B)2+¢€
QH;"(B), == QH(B)+HB
QH(B) == QH'(B)+¢

QH'(B) == Q+HB

QH(B) +QH(B) == Q+QHy(B):

Scheme 8C

QH,+B == QHy(B)
QH,(B) == OQH,"(B)+¢
QH;"(B) == QH +HB
QH +B == QH(B)
QH(B) == QH'(B)+¢

QH'(B) == Q+HB

QH +QH(B) == Q+ QHa(B)

Scheme 8D
QH,+B == QH +HB

QH == QH+e
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QH == QH'+¢ (17)
QH"+B == Q+HB (18)
QH +QH == Q+QH; (14)

To this point, the oxidation of the QH,’s as a hydrogen bonded complex or after proton
transfer as a stepwise or concerted mechanism has not been addressed. Defining an
electrochemical oxidation or reduction mechanism as stepwise or concerted often involves the
use of deuterated reagents and determination of the kinetic isotope effect (KIE). The KIE is
determined from the simulated rate constants (KIE = kn/kp) found from simulated voltammetry
of deuterated reagents, in this case, deuterated QH,’s (QD) in the presence of the acetates and
amines. The KIE’s determined for the QH>’s in the presence of the amines and acetate ranged
from 0.64 to 1.3 at low concentrations of the amines and acetates. While at higher
concentrations the KIE values were unity. This range of KIE values is less than the
characteristic value of 1.6 needed to classify a reaction as concerted.”® However, this does not
overturn the possibility of a concerted reaction taking place under these conditions; it only
denotes that the concerted reaction, if it does take place, is not the rate determining step.'®®
Another possibility is that the QH,’s are not involved in a hydrogen bonded complex in the
transition state, which limits the possibility of perceiving a concerted reaction.'® 9 104 105
Furthermore, there is some evidence that concerted reactions are less likely in aprotic solvents
such as acetonitrile.?!

3.4 Conclusion

In conclusion, though the pK,’s of the amines and acetates are similar, their mode of

action on the oxidation of the QHy’s are significantly different. The acetates are involved in at

least one hydrogen bond with the QH,’s as determined by ‘H-NMR spectra and diffusion
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coefficients determined by PGE-'H-NMR. The PGE-'H-NMR method is a very valuable
technique under conditions such as these as it allows for the determination of the diffusion
coefficients of both species suspected of interacting. Significant shifts of the phenolic proton
peak upon addition of the acetates allowed the determination of the association constants. The
amines, however, do not hydrogen bond with the QH,’s and very small changes were found in
the *H-NMR and diffusion coefficients determined by PGE-'H-NMR. The voltammetry of the
two QH>’s differ due to the positioning of the phenolic groups on the benzene ring, ortho versus
para. As a result, two peaks are noted with the oxidation of 1,4-QH, with each of the acetates at
10.0 mM concentrations, while oxidation of 1,2-QH, in the presence of 10.0 mM acetate and
benzoate show a single oxidation peak. Scan rate analyses and voltammetry of 1,4-Q in the
presence of the conjugate acids allows for the discrimination of the two peaks found upon
oxidation of 1,4-QH, in the presence of 10.0 mM of the acetates. The first peak was determined
to be the oxidation of the hydrogen bonded complex, while the second peak belongs to the
oxidation of the one proton-one electron transfer from the protonated quinone radical, QH®. At
30.0 mM added acetate, only a single oxidation peak was found for all added bases. The
simulations of the voltammetry show that the stoichiometry of the complexes found increases
upon addition of greater concentrations of the acetates as the concentration of the acetate
becomes much greater than that of the protons released by oxidation of the QH,’s. The presence
of hydrogen bonds between the QH,’s and the acetates actually stabilizes the oxidation of 1,4-

QH, relative to oxidation following proton transfer.
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4.0 Hydroquinones in an Aprotic Buffered Solution: The Transition from a Hydrogen
Bonded Proton Transfer Mechanism to a Purely Proton Transfer Mechanism
4.1 Introduction

Since the inception of electrochemical studies, mechanistic transitions in proton-coupled
electron transfer (PCET) have been of particular interest. Early descriptions of mechanistic
transitions involved the study of proton-coupled electron transfers of simple systems, both actual
and hypothetical systems in aqueous solution.*®®**** These model systems involved four-, six-
and nine-membered square schemes and even probed the study of such systems bound to
electrode surfaces,!0” 108 110113, 115119 pathematical models were even introduced to determine
what mode of electron-proton transfer was taking place; electron transfer before or after proton
transfer.’® 2 Furthermore, there have also been accounts discussing the transition of coupled-
proton electron transfer reactions to a stepwise dissociative reaction upon changing the
substituents on a class of molecules, the temperature or driving force.!*?>  The model
molecular system for several of these studies and more not mentioned here has been the

quinone/hydroquinone couple.** % 14

Herein, we report on the transition from an acetate
hydrogen-bound 1,4-hydroquinone (1,4-QH,) mechanism to a proton-transfer based 1,4-QH;
mechanism upon addition of acetic acid to 1,4-QH,-acetate solutions. To our knowledge, no
previous studies have discussed such a transition. Furthermore from these studies it appears that
the oxidation process is a further example of a CEEC oxidation reaction.

This work seeks to advance the growing body of similar studies by understanding the
kinetic effects imparted from the transition from an ECEC reaction (a process found to occur

with QH, alone in ACN and in the presence of acetates, Chapters 2 and 3), to a CEEC

mechanism (a process observed upon titration of the amines with QH,, Chapter 2). The addition
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of conjugate acids to QH,-acetate complex solutions causes the increase in the measured
diffusion coefficient (D) back to or approximately to the measured D of QH; alone in acetonitrile
(ACN). Voltammetry measured at two different acetate/conjugate acid ratios helped to
determine that the predominant species present in solution is the uncomplexed QH, and that
virtually the only proton acceptor is the homoconjugate of the acetate being studied.
Furthermore, current studies indicate that the oxidation occurs via stepwise proton-coupled
electron transfer (PCET) as opposed to concerted PCET.

4.2 Experimental

4.2.1 Reagents and Materials

Anhydrous acetonitrile (ACN, Aldrich, St. Louis, MO, 99.8 % with < 10 ppm H,0) was used as
received and transferred via syringe under argon. Tetrabutylammonium hexafluorophosphate
(TBAPFs, Fluka, electrochemical grade, > 99.0 %), tetrabutylammonium acetate (acetate, Fluka,
electrochemical grade, > 99.0 %) tetrabutylammonium benzoate (benzoate, Fluka,
electrochemical grade, > 99.0 %) and tetraethylammonium trifluoroacetate (trifluoroacetate,
Fluka, > 99.0 %) were only opened and used under a nominally dry argon atmosphere.
Hydroquinone (1,4-QH,, Riedel-deHaén, St. Louis, MO, 99.5 %), hexaamineruthenium (111)
chloride (Aldrich, Ru(NH3)sCls 98 %), D,O (Aldrich, 99 % atom D), acetonitrile-ds (d3-ACN,
Aldrich, 99 % atom D), ferrocene (Fc, Fluka, > 99 %), acetic acid (Aldrich, glacial, > 99.85 %),
trifluoroacetic acid (Aldrich, > 99 %), silver nitrate (Aldrich, > 99.0 %), Potassium chloride (EM
Science, Gibbstown, NJ, 99.0-100.5 %), nitric acid (Aldrich, ACS Reagent, 70 %),
hydroquinone-ds (1,4-QD,, C/D/N Isotopes, Pointe-Claire, Quebec, Canada, 99.2 atom % D),
trifluoroacetic acid-d (Aldrich, 99.5 atom % D), benzoic acid-d (Aldrich, 98 atom % D) and

acetic acid-d (Aldrich, 99 atom % D) were all used as received.
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4.2.2 Electrochemical Methods

All electrochemical experiments were performed with a hydroquinone or quinone
concentration of 5.0 mM in 10 mL dry acetonitrile with 0.2 M tetrabutylammonium
hexafluorophosphate (TBAPFg) at a glassy carbon electrode. The electrochemical experiments
were performed using a CHI660C potentiostat (CH Instruments, Austin, TX) incorporating a
CHI200B Faraday cage and picoampbooster using a three electrode cell (10 mL) in an inert
argon atmosphere. Several different 0.3 cm diameter glassy carbon electrodes (CH Instruments,
areas were consistent, between 0.07 to 0.073 cm?) were used during this work and the areas
associated with each are given in the respective figures (determined by the Randles-Sevcik
equation using a 1.0 mM solution of Ru(NHs)** in deionized water with 0.1 M KCI as supporting
electrolyte, where D = 6.3 x 10°).”" The same electrode was always used for a particular set of
data, for instance, data involving the addition of a particular base to protiated 1,4-QH, was used
again to record similar measurements with deuterated 1,4-hydroquinone (1,4-QD;). A platinum
flag electrode served as the auxiliary electrode, and the reference electrode was an Ag/Ag”
electrode (a silver wire immersed in the supporting electrolyte, 0.2 M TBAPFg/3 mM silver
nitrate/acetonitrile). The reference electrode was separated from the rest of the solution by a
glass tube capped with a porous vycor frit (CH Instruments). The potential of the silver
reference electrode was periodically measured versus the formal potential (measured as the
average of the peak potentials) of the ferrocene/ferrocenium (Fc/Fc*) couple under the same
conditions as the other experiments and thus all potentials are reported versus ferrocene as
Fc/Fc™. Prior to each use the polished glassy carbon electrode was first polished using 0.05 um

alumina paste (Buhler, Lake Bluff, Il) washed with deionized water, carefully wiped, and then
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sonicated for three minutes in acetonitrile. In each experiment the solution resistance (R,) was
totally compensated via positive feedback.
4.2.3 NMR Spectroscopic Methods
Standard *H-NMR and Pulsed Gradient Echo (PGE-) *H-NMR were performed on a Varian
Inova 400 MHz NMR at 25 °C. The applied gradients in the PGE-'H NMR experiments were
calibrated by measuring the diffusion coefficient of HDO (2.23x10° cm? s, at 25°C, 0.03%) in
a D,O sample and the diffusion coefficient of 1,6-diaminohexane (6.98x10° cm?s™, at 25°C,
0.04%). The pulse sequences and associated parameters are reported in the appendix.”® The
diffusion coefficients were measured under the same conditions as the electrochemical
experiments, with the exceptions of measurements in deuterated acetonitrile and without
supporting electrolyte. For a discussion on the correction of diffusion coefficients see the
appendix.®®
4.3 Results and Discussion

The addition of the conjugate acid to the solution containing 1,4-QH, and acetate causes
the loss of the hydrogen bond exchange peak in the *H-NMR spectra. Figure 24A presents an
example of this, where the *"H-NMR spectra of 5.0 mM 1,4-QH, alone, 5.0 mM 1,4-QH, with
10.0 mM trifluoroacetate and 5.0 mM 1,4-QH, with 10.0 mM trifluoroacetate and 5.0 mM
trifluoroacetic acid are shown. Upon addition of 10.0 mM trifluoroacetate to 5.0 mM 1,4-QH,
the phenolic proton peak (b) shifts from 6.350 to 7.134 ppm. However, upon addition of 5.0 mM
trifluoroacetic acid peak b is lost. Although, the addition of only 5.0 mM trifluoroacetic acid is
given in Figure 24A, the addition of any of the conjugate acids to a solution of 1,4-QH, with an
acetate shows no new peaks or the return of the phenolic peak to its initial position (at 6.350

ppm) regardless of temperature from 25 to 5 °C. The aromatic proton peak remains essentially
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Figure 24. (A.) *H-NMR spectra of 5.0 mM
1,4-QH, alone (top spectra), 5.0 mM 1,4-
QH; with 10.0 mM trifluoroacetate (middle
spectra) and 5.0 mM 1,4-QH, with 10.0 mM
trifluoroacetate and 5.0 mM trifluoroacetic
acid in ACN-ds. (B.) Change in the diffusion
coefficient of 50 mM 1,4-QH, in the
presence of 10.0 mM trifluoroacetate as
trifluoroacetic acid is titrated.

trifluoroacetate shifts from 2.56 x 10> cm? s without trifluoroacetic acid to 2.80 x 10° cm? s
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constant throughout the additions of both
trifluoroacetate and trifluoroacetic acid at
6.63 ppm. Although the phenolic proton
peak is lost during the titration of the
conjugate acids of each of the acetates the
process taking place can be investigated by
determining the diffusion coefficients of 1,4-
QH, and the acetate using the PGE-'H-NMR
technique. The titration of each of the
conjugate acids causes the steady shift of the
diffusion coefficient (D) as illustrated in
Figure 24B for the addition of 5.0 mM
aliquots to trifluoroacetic acid to a solution of
50 mM 14-QH, with 100 mM
trifluoroacetate. In Figure 24B, the D value

for 50 mM 14-QH, with 10.0 mM

1

after addition of 25.0 mM trifluoroacetic acid. The D measured upon addition of 25.0 mM

trifluoroacetic acid, 2.80 x 10° cm? s, is the same as that measured for 1,4-QH, alone in ACN-

ds. A similar shift in D to 2.80 x 10° cm? s is found with the titration of trifluoroacetic acid in

5.0 mM aliquots up to 50.0 mM to a 5.0 mM 1,4-QH, with 30.0 mM trifluoroacetate solution

(appendix). The titration of acetic acid and benzoic acid to solutions of 5.0 mM 1,4-QH, with

10.0 and 30.0 mM acetate and benzoate, respectively, also causes an increase in the measured D
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as the concentration of the conjugate acid increases. However, the measured D of 1,4-QH, with
10.0 mM acetate and benzoate only approaches the expected value of 2.8 x 10> cm?® s after
addition of 150 to 200 mM of acid. However, the measured D of 1,4-QH, with 30.0 mM acetate
and benzoate never attains the expected value of 2.80 x 10° cm? s™* with the titration of benzoic
and acetic acid, even after addition of up to 700.0 mM titrated acid (appendix). Titrations of
larger concentrations of the acids were not made because control experiments involving the
addition of acetic and benzoic acid to 1,4-QH; alone revealed a decrease in the measured D with
the increase in the acid concentration. The decrease in D in these control experiments is likely
due to changes in viscosity brought about by the large concentration of acid in solution. Overall,
the largest D’s measured for 1,4-QH, with 30.0 mM acetate or benzoate was around 2.40 x 10
cm? s The titration of acetic and benzoic acid to solutions of 10.0 and 30.0 mM solutions of
acetate and benzoate solutions alone, respectively, causes the measured D of the acid/base to
decrease or remain somewhat constant throughout the titration. The noted decrease in D for the
titration of acetic and benzoic acid to solutions of their conjugate bases alone indicates the
expected formation of the homoconjugate species, as depicted in equation 42 (similar to equation

35, Chapter 3, but with modified notation to reflect acetate chemistry).

HA+A == HA, (42)
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Figure 25. Cyclic voltammetry of (A.) 5.0 mM 1,4-QH, with 10.0 mM trifluoroacetate alone
(black CV) and 5.0 mM 1,4-QH, with 10.0 mM trifluoroacetate and 25.0 mM trifluoroacetic acid
(blue CV). Cyclic voltammetry of (B.) 5.0 mM 1,4-QH, with 30.0 mM trifluoroacetate alone
(black CV) and 5.0 mM 1,4-QH, with 30.0 mM trifluoroacetate and 50.0 mM trifluoroacetic
acid. All voltammetry recorded at 0.1 V s™ at a glassy carbon electrode at 25 °C under dry
conditions in anhydrous acetonitrile with 0.2 M tetrabutylammonium hexafluorophosphate.
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The redox peaks of 5.0 mM 1,4-QH, with 10.0 and 30.0 mM of various acetates shift to
more positive potentials upon addition of their conjugate acids. Figure 25 illustrates two
examples of this. Figure 25A presents the CV of 5.0 mM 1,4-QH; with 10.0 mM trifluoroacetate
alone, which shows two anodic peaks, peaks I, and Il,, at 0.106 and 0.349 V. Upon addition of
trifluoroacetic acid to the same solution in aliquots of 2.5 mM trifluoroacetic acid, a steady
positive shift of peak 11, and an increase in the anodic peak current (ipa) with each addition up to
25.0 mM is found. The growth and shift of peak Il, to peak Il,” is accompanied by the steady
loss of peak l,. After addition of 25.0 mM trifluoroacetic acid only a single anodic peak is
found, peak Il,’, at 0.445 V. Peak I’ is given this notation due to the similarities in peak
potentials of peaks I, and 1l;’. Since the potentials of these reductions are somewhat similar it is
thought that the oxidation may go through the same process or at least involve the same
intermediate. The addition of trifluoroacetic acid in 5.0 mM aliquots to a solution of 5.0 mM
1,4-QH, with 30.0 mM trifluoroacetate produced similar results to those discussed above. The
addition of trifluoroacetic acid causes a positive shift of peak I, to peak Il;> up to 50.0 mM
trifluoroacetic acid, after which the peak potential (Epia) and current (ipi2) remain approximately
constant. However, the iy, of peak Ila” (ipia, -225.9 pA) is not much less than that of peak I, (-
223.6 nA), as displayed in Figure 25B. Yet, during the transition from peak I, to peak Il,’ during
the titration of trifluoroacetic acid to 1,4-QH, with 30.0 mM trifluoroacetate the ip, steadily
decreases up to the addition of 25.0 mM trifluoroacetic acid. After addition of 25.0 mM
trifuloroacetic acid, the trend in ip, reverses and the iy, increases up to the addition of 50.0 mM
trifluoroacetic acid. Figure 25B presents the voltammetry found upon addition of 30.0 mM
trifluoroacetate to 1,4-QH, and addition of 50.0 mM trifuloroacetic acid to the same solution. In

Figure 25B peak I, is found at 0.044 V, while peak Il;’ is found at 0.367 V. Again, the notation
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in Figure 25B is the same as that of Figure 25A since the peak potentials of peak Il,” in both
figures is comparable. The voltammetry of 1,4-QH, with acetate and benzoate also proved to
illustrate similar findings. Table 10 below, gives several electrochemical values of interest for
the addition of 25.0 mM and 50.0 mM of the conjugate acids to 1,4-QH, with 10.0 and 30.0 mM
of each acetate. Similar to the potentials of peak I,, the peak potential of peak Il.” (Epua) in
Table 10 correlate well with the pK, of the acids; the higher the pK;, the more negative the peak
potential of peak Il;’.

Table 10. Voltammetric data from 1,4-QH, with 10.0 and 30.0 mM of the acetates alone and
voltammetric data from after the addition of 25.0 and 50.0 mM of the conjugate acids.

10.0 mM Base/25.0 mM Acid pPK: | Epia | Epuia Epic(V)”° | AEpare | ipaia e, c
V)° [ (W)°° WY | (A | (nA)°°
Acetate/Acetic Acid 22.3 -0.487 | -0.389 -0.837 0.448 -132.4 110.3
(-0.182) | (-0.685) (0.503) (-180.6) | (126.0)
Benzoate/Benzoic Acid 20.7 -0.398 | -0.293 -0.807 0.409 -119.6 60.56
(-0.144) | (-0.596) (0.452) (-169.0) | (84.35)
Trifluoroacetate/Trifluoroacetic Acid | 12.65 | 0.106 | 0.349 -0.582 0.931 -120.9 74.26

(0.445) | (-0.311) | (0.756) | (-192.8) | (95.63)

30.0 mM Base/50.0 mM Acid

Acetate/Acetic Acid 22.3 -0.474 | - -0.850 - - 136.9
(-0.270) | (-0.685) (0.415) (213.4) | (222.2)

Benzoate/Benzoic Acid 20.7 -0.385 | - -0.840 - - 101.9
(-0.184) | (-0.635) (0.451) (201.7) | (149.9)

Trifluoroacetate/Trifluoroacetic Acid | 12.65 | 0.044 -0.611 61.48

io.367) (-0.344) E0.711) E-225.9) (102.4)

& Literature values.”

b Determined from voltammetry at 0.1 V s™.

“ Values in parentheses are those from voltammetry measured after the indicated aliquot of acid, either 25.0 mM (top set of values) or 50.0 mM
(bottom set of values). Values not in parentheses come from voltammetry of 1,4-QH, with indicated base.

% Determined from the peak current of either peak 11, (no parentheses) or peak Il,’(value in parentheses).

The voltammetry of 1,4-QH, with acetate and the conjugate acids were measured at
multiple scan rates in an attempt to classify the mechanism as an ECE or a CECE process, where
E represents an electron transfer and C a proton transfer. Classifying a process as an ECE or a
CECE mechanism via scan rate analysis involves the interpretation of the values of (E, — Epp)
and OE, /0log v, where Ep and Eg, are the peak potential and potential where the current is half of

the measured peak current. An ECE process is found via scan rate analysis as having 0E, /0log v
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and (Ep, — Ep) values of 0.0592 V decade™ and 0.095 V at 25 °C, respectively. However, a
CECE process is determined if the values of JE, /dlog v and (E, — Ep2) are found to be 0.0296 V
decade™ and 0.0475 V. &E, /dlog v and (E, — Eyp) values found from evaluation of the
voltammetry of 5.0 mM 1,4-QH, with 10.0 and 30.0 mM acetate with 25.0 and 50.0 mM
conjugate acid, respectively, are given in Table 11. The values of 0E, /0log v and (E, — Ey/2) do
not correlate well with theory. However, they are similar to those measured from the titration of
amines with the QH,’s (Chapter 2), which was found to be a CEEC process from voltammetric
fittings.

Table 11. Voltammetric measurements recorded from multiple voltammograms at various scan
rates to determine the mechanism of oxidation.

V) V) V) %)
Acetate/Acetic Acid 0.0719 + 0.004 -0.0466 + 0.0001 | 0.1669 + 0.0002 -0.0991 + 0.0004
Benzoate/Benzoic Acid 0.0843 + 0.008 -0.0614 +0.002 0.1621 + 0.001 -0.1283 £ 0.001
Trifluoroacetate/Trifluoroacetic 0.0834 + 0.0004 | -0.0962 + 0.002 0.1659 + 0.004 -0.1591 + 0.002
Acid
30.0 mM Base/50.0 mM Acid
Acetate/Acetic Acid 0.0682 + 0.008 -0.0450 + 0.002 0.1144 +0.0002 -0.0833 + 0.0007
Benzoate/Benzoic Acid 0.0897 + 0.003 -0.0673 + 0.003 0.1353 £ 0.002 -0.1666 + 0.004
Trifluoroacetate/Trifluoroacetic 0.0621 + 0.003 -0.0757 £ 0.0007 | 0.1205 + 0.003 -0.1405 + 0.005
Acid

The discussion above focused on the addition of 25.0 and 50.0 mM of the acids to the

10.0 and 30.0 mM acetate solutions, respectively. The above discussion facilitated the
description of the bulk effects of the transition from a hydrogen bond dominated mechanism to a
proton transfer mechanism. Larger concentrations of the acids and a study involving the addition
of both the acetate and acid in a 1:1 ratio were also studied. Additions of conjugate acids up to
700 mM to the acetate solutions only illustrated the fact that the voltammetry shown in Figure 25

essentially represents the final outcome of the addition of the conjugate acids to the acetate

84

www.manaraa.com



85

solutions. Conjugate acid additions beyond 700 mM limited the information that could be
obtained due to the lower solubility of benzoic acid in ACN at concentrations greater than this
and voltammetry measured at these concentrations indicated a change in solution viscosity was
affecting the measured voltammetry due to a decrease in measured current. However, the major
influence that the larger additions of the conjugate acids have on the measured voltammetry is
that the AE,,-10 Value decreases for each of the acetate/acid solutions to an average value of
0.433 V. Furthermore, the addition of the acetates and acids to 1,4-QH, in a 1:1 ratio beginning
with the addition of 10.0 mM acetate and 10.0 mM acid results in voltammetry with constant
anodic (i,n.’) and cathodic peak currents (i,i), regardless of the acid/acetate concentration. In
order to understand this transition an equilibrium plot was constructed using the determined
association constants of the acetates with 1,4-QH, (Table 6, Chapter 3.3), the initial
concentrations of each species and the homoconjugation constants (Knome) for each acetate
(Khomo, = 7.6 x10* M (trifluoroacetate), 4.0 x 10* M™ (benzoate), 6.0 x 10* M (acetate)).®®
Figure 26 presents two example equilibrium plots, the addition of trifluoroacetic acid to 1,4-QH,
with 10.0 mM trifluoroacetate (Figure 26A) and to 1,4-QH, with 30.0 mM trifluoracetate (Figure
26B), that were constructed to describe the voltammetric measurements. From these plots, we
can determine that the predominant species in the 10.0 and 30.0 mM acetate solutions after
addition of 25.0 and 50.0 mM conjugate acid is 1,4-QH, (63.2 to 83.2 %). However, the singly
bound hydroquinone-acetate species (1,4-QHz(B)) is still present in significant proportion (14.8
to 28%) at added conjugate acid concentrations of 25.0 and 50.0 mM. Therefore, the oxidation
mechanism is a mixed process, yet primarily classified as a proton transfer mechanism at the
studied concentrations. Also, the predominant proton acceptor in solution is the homoconjugate

of the particular acetate/conjugate acid being studied, as represented in Figure 26 by the thick red
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line. Knowledge that the homoconjugate is the predominant proton acceptor in solution also
assists in the determination of the rate determining step (RDS). From Table 10, we notice that
the average peak current of peaks i, > and iy increases substantially as the concentration of the
homoconjugate increases ([homoconjugate] = 9.90 mM at 10.0 mM/25.0 mM acetate/conjugate
acid to [homoconjugate] = 29.84 mM 30.0 mM/50.0 mM acetate/conjugate acid). Therefore,
since the i, scales with the proton acceptor concentration the rate determining step is proton
transfer, confirming the discussion elaborated by the voltammetric scan rate analysis study
(Table 11). Furthermore, inspection of the equilibrium plots made to describe these studies at
1:1 acetate to conjugate acid ratios shows that the solution composition of the 1,4-QH, species is
constant for each of the acetates studied. Therefore, voltammetry of 1:1 acetate/conjugate acid
solutions should depict peak currents of similar values regardless of the overall acetate/conjugate
acid concentration. This result explains the voltammetric measurements at 1:1 acetate/conjugate

acid ratios.
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Figure 26. Equilibrium concentrations of 1,4-QH, (both A. and B.) and trifluoroacetic acid
homoconjugate species (A. only) as a function of the total trifluoroacetic acid concentration for
the addition of trifluoroacetic acid to 1,4-QH, solutions of (A.) 10.0 and (B.) 30.0 mM
trifluoroacetate. In both A. and B. 1,4-QH; is represented by the thick black line, 1,4-QHy(B) the
thin blue line and 1,4-QH, the thin green line. In A. trifluoroacetate is represented by the thick
gold line and its homoconjugate the thick red line.

The addition of deuterated conjugate acids to deuterated 1,4-QH, (1,4-QD,) for the

purpose of evaluating the redox mechanism as concerted or stepwise illustrated similar
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voltammetry to that found for the addition of protiated conjugate acids to 1,4-QH,. Voltammetry
of the addition of deuterated conjugate acids to 1,4-QD, showed similar peak potential shifts and
measured peak currents to those found with the addition of protiated conjugate acids to 1,4-QH,
as shown in Figure 27. Figure 27A shows the peak potentials (Ep) found for the addition of a
total of 50.0 mM trifluoroacetic acid, both deuterated and protiated, to 5.0 mM solutions of 1,4-
QD, and 1,4-QH,, respectively, containing 30.0 mM trifluoroacetate. The measured peak
currents (ip) for the addition of a total of 50.0 mM trifluoroacetic acid, both deuterated and
protiated, to 5.0 mM solutions of 1,4-QD, and 1,4-QH;, respectively, containing 30.0 mM
trifluoroacetate is found in Figure 27B. These shifts are fairly small compared to those obtained
from the addition of deuterated and protiated reagents to quinones and dissolved oxygen in
acetonitrile.®® '™ However, without a plausible mechanism and associated kinetic constants the

observed voltammetry cannot be classified as concerted or stepwise.
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Figure 27. A.) Anodic (circles) and cathodic (squares) peak potential (Ep) as a function of the
total concentration of added protiated (closed shapes) and deuterated (open shapes)
trifluoroacetic acid to a solution of 1,4-QH; or 1,4-QD,, respectively. B.) Anodic (circles) and
cathodic (squares) peak current (ip) as a function of the total concentration of added protiated
(closed shapes) and deuterated (open shapes) trifluoroacetic acid to a solution of 1,4-QH; or 1,4-
QD,, respectively.
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4.4 Conclusion

Overall, the description of the titration of conjugate acids to solutions containing
hydrogen bound species of acetate with hydroquinone shows a sequential dissolution of the
hydrogen bound species in acetonitrile. Via *H-NMR methods the peaks corresponding to the
hydrogen bound acetate-hydroquinone species vanished and the diffusion coefficient increased to
values determined for the 1,4-QH, alone in acetonitrile upon addition of conjugate acids.
Furthermore, the voltammetry was found to evolve from a hydrogen bond mechanism to a proton
transfer mechanism as determined by the evaluation of the voltammetry at various scan rates.
The values found from scan rate analysis were similar to those measured when amines where
added to QH, solutions, which from voltammetric fitting was found to operate through proton
transfer from the QH, to the amine (Chapter 2). Furthermore, the peak potentials of the
voltammetry measured after addition of the conjugate acids to 1,4-QH, and acetate solutions
roughly coincided with the second overlapped peak of CV’s of 1,4-QH, with 10.0 mM acetate.
From simulations this process was found to involve proton transfer from the deprotonated
hydroquinone radical (QH") to the homoconjugate (Scheme 8A, Chapter 3.3). Construction of
equilibrium plots found that the predominant species in solutions of 5.0 mM 1,4-QH, with 10.0
and 30.0 mM acetate, where 25.0 mM and 50.0 mM conjugate acid had been titrated was the
uncomplexed 1,4-QH,. Also, the predominant species involved in proton transfer was the
homoconjugate of the particular acid under study. Though the process cannot be completely

defined at the moment, it appears that the overall electron-proton transfer process is stepwise.
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5.0 Voltammetric Simulations of One Electron — One Proton Transfer and Similar Studies
Involving Viologen-Like Molecules: Understanding the Effects of Aqueous Buffer Solutions
on Voltammetry
5.1 Introduction

Since the first reported electrochemical study of viologens*** and their discovery as an
herbicide,*® the electrochemistry of various viologens or various forms of 1,1-disubstituted 4,4’-
bipyridyl has been thoroughly studied.*?® However, a thorough discussion of the electron-proton
transfer of the monoalkylated viologen, or N-methyl-4,4’-bipyridyl chloride (NMBC", structure
1, below), and 1-(4-Pyridyl)Pyridinium Chloride (PPC", structure 2, below), is nearly absent.***
122 In fact, to our knowledge, the cyclic voltammetry of both NMBC* and PPC" has never been
displayed or discussed systematically in the literature. These compounds can be studied as
organic “one-electron, one-proton” transfer reagents. To our knowledge most organic electron,
proton transfer reagents typically display pK,’s that are close and involve the transfer of two
electrons, which complicates interpretation of the voltammetry. This chapter reports on the use

of these compounds as models for the description of the effects of conducting voltammetry in

buffer versus non-buffered aqueous solutions.

avas aYe

N-methyl-4,4'-bipyridyl Chloride 1-(4-Pyriyl)pyridinium Chloride
(NMBCY), 1 (PPCH, 2
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Scheme 9. Six-membered Fence Scheme for the Reduction of NMBC™
E°, E°,

NMBC* : NMBC® NMBCo

e

HNMBC2? ———  HNMBC* ———=  HNMBC°

Eol EOS
Scheme 10. Six-membered Fence Scheme for the Reduction of PPC*
EOZ E04
PPC* _ PPC’ ——— PPC°
HPPC?* ———  HPPC* ———  HPPCO
E°, E°,

Knowledge of electrochemistry in buffered versus unbuffered systems has recently been
discussed to a brief extent with another popular electrochemical staple, the quinone.™ However,
quinone chemistry, which involves 2 electron, 2 proton transfer and a nine-membered square
scheme, is difficult to use to describe the intricacies of buffered versus unbuffered systems.
Furthermore, as Quan et al. described, hydrogen bonding influences the voltammetric results
obtained.™* This report will focus on the reduction of NMBC* and PPC* and a hypothetical
compound B, which are involved in a six-membered (Schemes 9 and 10) and a four-membered
(Scheme 11) reduction scheme, respectively. Since the reduction of NMBC™ and PPC” involves
reversible and irreversible electron transfer, respectively, the electron transfer of B will change

depending on which viologen-like compound is being discussed.
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Scheme 11. Four-membered Square Scheme for the Reduction of the model compound B.

E°2
B —— B
PKa,1 PKa,2
HBY —— HB"

B

Some evidence presented below suggests that the reduction of PPC" involves inverted
potentials, while the reduction of NMBC involves normal ordering of potentials. As an example,
when a neutral organic molecule is reduced, the electron transfer (ET) produces the radical anion
first and then the dianion second at a more negative potential than the first ET. The reason that
the two potentials are not the same is traced to electrostatic effects, where it is more difficult to
insert an electron into the negatively charged anion radical than into the neutral radical. Such an
arrangement of potentials is referred to as “normal ordering.”*?’ Normal ordering of potentials
corresponds to E° being situated at less negative potentials than E%, or E% — E% > 0.%'
However, under certain circumstances, one finds that introduction of the second electron occurs
with greater ease than the first. Under such conditions, the second reduction potential lies to the
positive side of the first, or E% — E% < 0.2” This ordering of potentials has been referred to as
“potential inversion.” In nearly every known case the cause of potential inversion is significant
structural changes that accompany the electron transfer.'?’ 3
This chapter is an extension of previous studies involving the study of weak acid and

base effects on quinones/hydroquinones in acetonitrile (Chapters 2-4), using electrogenerated

protons to enhance electrochemical currents and remove electroactive interferences with
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overlapping redox potentials.’** ** As with previous related work, this chapter will discuss how
the presence of protons, whether from a strong acid/base or weak acid/base, can influence the
kinetics and thermodynamics of the reaction and the voltammetry. Furthermore, the influence of
structural changes on the kinetics of the reactions and a discussion of inverted potentials also
follows the goals of this dissertation.
5.2 Experimental
5.2.1 Reagents and Materials
4,4’-bipyridyl (Fluka, anhydrous, 99.9 %), idomethane (Fluka, > 99.5 %), benzene (Sigma-
Aldrich, 99+ %), toluene (Sigma-Aldrich, 99.8 %) Dowex 1 X 8 (Fluka, CI" form, 20-50 mesh),
1-(4-Pyridyl)pyridinium chloride hydrochloride hydrate (TCI America, > 98.0 %), citric acid
(Fluka, anhydrous, > 99.5 %), succinic acid (Fluka, > 99.5 %), acetonitrile (Sigma-Aldrich,
anhydrous, 99.8 %), ammonium hexafluorophosphate (Sigma, 99.99 %), tetrabutylammonium
hexafluorophosphate  (TBAPFg,  Fluka, electrochemical grade, > 99.0 %),
trifluoromethanesulfonic acid (Sigma, > 99 %), silver nitrate (Sigma, > 99 %), potassium
chloride (Fluka, > 99.5 %), sodium dihydrogen phosphate monohydrate (Fluka, > 99.5 %),
potassium hydroxide (Fisher, > 85 %), deuterium hydroxide (D,O, Sigma-Aldrich, 99.9 atom %
D), sodium deuteroxide (Sigma-Aldrich, 40 wt. % solution in D,O, 99+ % D), deuterium
chloride (Sigma-Aldrich, 35 wt. % solution in D,0, 99 atom % D), hydrochloric acid (Fisher,
37.3 % solution) and phosphoric acid (Acros Organics, 85+ % solution) were all used as
received. All deionized water (18 MQ cm) was provided by a Milli-Q Academic water filtration
system (Millipore; Billerica, MA).

The synthesis of N-methyl-4,4’-bipyridyl chloride was carried out similar to that

described in a previous work.'?? Equimolar quantities of 4,4’-bipyridyl and idomethane were
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added to 50.0 mL of benzene. This mixture became yellow and turbid after stirring at room
temperature for approximately ten minutes. Stirring of the reaction mixture continued for four
days. The precipitate was filtered of and dried by vacuum. The dried precipitate was then
placed into a soxhlet extractor. Extraction with 100 mL of toluene for ~4 hours removed any
unreacted 4,4’-bipyridyl from the precipitate. The remaining product was then dried under
vacuum at ~50-60 °C for about an hour. Then the dried material underwent a second extraction
with 100 mL of acetonitrile for six hours. Using this extraction procedure any dialkylated 4,4°-
bipyridyl (viologen) remains in the extraction filter. The acetonitrile was then evaporated and
the resulting product was dissolved in 50 mL of deionized water and then passed through a
Dowex 1 X 8 anion exchange resin, which was further eluted with deionized water. The water
was then removed under reduced pressure until ~10 mL remained. The rest of the water was
removed by azeotropic distillation with benzene in a Dean-Stark trap to obtain off-white crystals
(0.30648 g). 'H-NMR in D,O of the product revealed a singlet at 4.282 ppm and doublets
centered at 7.76, 8.23, 8.63, and 8.73 ppm. The ratio of the integration of the singlet to each of
the doublets revealed a value of 1.5, indicating production of the monoalkylated 4,4’-bipyridyl.

Synthesis of 1-(4-pyridyl)pyridinium hexafluorophosphate involved a methathesis
reaction of 1.00048 g of 1-(4-Pyridyl)pyridinium chloride hydrochloride hydrate (4.36681
mmol) with 2.14626 g of ammonium hexafluorophosphate (13.1672 mmol) in 50 mL of
deionized water. The metathesis reaction produced a white precipate that was washed with three
50 mL aliquots of deionized water and dried by vacuum filtration.
5.2.2 Electrochemical Methods

All electrochemical experiments were performed using a CHI660C potentiostat (CH

Instruments, Austin, TX) incorporating a CHI200B Faraday cage and picoampbooster.
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Electrochemical measurements were conducted under nitrogen in a jacketed, three electrode cell
(10 mL) incorporating a GCA Precision water recirculator (model R10a) set to 300 K. A single
0.3 cm diameter glassy carbon electrode (CH Instruments, with area 0.072 cm?) was used during
this work. A large platinum flag electrode served as the auxiliary electrode, and the reference
electrode was an Ag/AgCI electrode (CH Instruments). Prior to each experiment the highly
polished glassy carbon electrode was polished using 0.05 um alumina paste (Buhler, Lake BIuff,
Il) and then washed with deionized water, then the body of the electrode was carefully wiped. In
each experiment the solution resistance (R,) was totally compensated via positive feedback. For
each set of experimental conditions described CV’s were recorded at seven different scan rates.

For work in acetonitrile, a platinum flag electrode was used, while the reference electrode
was an Ag/Ag’ electrode (a silver wire immersed in the supporting electrolyte, 0.2 M
TBAPF¢/3.0 mM silver nitrate/acetonitrile). The potential of the Ag/Ag™ reference electrode in
acetonitrile was periodically measured versus the formal potential (measured as the average of
the peak potentials) of the ferrocene/ferrocenium (Fc/Fc*) couple under the same conditions as
the other experiments and thus all potentials in acetonitrile are reported versus ferrocene as
Fc/Fc*. Prior to each experiment in acetonitrile the polished glassy carbon electrode was first
polished using 0.05 um alumina paste (Buhler, Lake Bluff, Il) washed with deionized water,
carefully wiped, washed with acetonitrile and then sonicated for three minutes in acetonitrile.
5.2.3 NMR Spectroscopic Methods

'H-NMR spectra and pulsed gradient echo (PGE-) *H-NMR diffusion coefficients were
obtained on a Varian Inova-400 MHz spectrometer. The same procedure involving PGE-'H-
NMR as used in the QH,/Q chapters (Chapters 2-4) was used here to determine the diffusion

coefficients of NMBC" and PPC" at various pH’s.**® The applied gradients in the PGE-'H NMR

95

www.manaraa.com



96

experiments were calibrated by measuring the diffusion coefficient of HDO (2.23x10° cm? s, at
25°C, 0.03%) in a D,O sample and the diffusion coefficient of 1,6-diaminohexane (6.98x10®
cm?® s, at 25°C, 0.04%). The pulse sequences and associated parameters are reported in the
appendix.” The diffusion coefficients were measured under the same conditions as the
electrochemical experiments, with the exceptions of measurements in D,O and without
supporting electrolyte or buffer. For a discussion on the correction of diffusion coefficients at
various pH’s and in various buffers see the appendix.®
5.2.4 Computational and Digital Simulations

Digital simulations were conducted using DigiSim version 3.03 (Bioanalytical Systems,
Inc., West Layfayette, IN). For each of the described simulations, the known or estimated values
of the E®’s, a’s, pKy’s and D’s were input into the simulation, while the other parameters were
allowed to fit iteratively at each scan rate until a consistent set of parameters was obtained. The
E° values were determined or estimated from the CV’s in unbuffered solution, o remained 0.5,
pKjy’s were determined by base titration and via reduction in 0.1 M phosphate from pH 1 to 12.
D values were determined from the PGE-'H-NMR results of both NMBC* and PPC* (typically
0.73 to 1.6 x 10° cm? s). The fitted heterogeneous rate constants for NMBC* (ks) were
reversible and on the order of 0.12 to 0.01 cm s™. The fitted heterogeneous constants for PPC*
in pH 4 succinate buffer were 2 x 10 (ks1) 5.8 x 10 (ks2) 2 x 10 (ks3) and 1.7 x 10* cm s
(ks4). The disproportionation constant for PPC* was Kgis = 0.256 and the associated forward rate
constant was determined to be 5 x 10* M™ s. However, the variation in peak height noted in the
CV’s is likely due to weak absorption.

For the simulations involving reduction of the hypothetical compound, B, in simulated

unbuffered conditions, the following set of equations were incorporated,
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B+H" == BH" (43)
B+e == B (44)
B +H" == BH" (45)
BH"+e¢ ==BH" (46)

For the simulation of B under buffered conditions the following equations were employed,

B+ AH, ==BH" + AH,;" (47)
B+e == B (48)
B + AH,== BH" + AH,;™" (49)
BH' + e == BH" (50)

where n represents the number of protons that the acid species (AH) of the buffer has to transfer.
For each proton that AH has to transfer the number of equations to model this system increases
by two. Using the same notation as given in Scheme 11, above, the reversible model is
simulated using E°; =0V, pKa1 = 2 pKa2 = 10, ag and o, = 0.5, and the D values for all species
was 1 x 10° cm? s, Reversible values of ks and ks were incorporated (0.1 cm s™). E° was
determined using equation 51. The irreversible model is simulated using the parameters, E°; =
0.238 V, pKa1 = 2, pKa2 = 6, a1 and o = 0.5, and the D values for all species was 1 x 10 cm?s”
! Irreversible values of ks; and ks, were incorporated (1 x 10° cm s%). The simulated
concentrations of B in both the reversible and irreversible case were 2.0 mM, the same as for the
studies of NMBC™ and PPC*. The values for the homogeneous rate constants were fast and were
not allowed to fit to values greater than 1 x 10° for the simulations of NMBC*, PPC* and B,

except where noted.

E®% =E% + (2.3RT/F)(pKa2 — pKa1) (51)
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Geometries were fully optimized in the gas-phase using B3LYP density functional theory
and the 6-31G* basis set using the Gaussian 03 suite of programs.** Minima were verified to
have all real vibrational frequencies. The vibrational frequency calculations also provided the
necessary parameters to compute zero-point and thermochemical corrections to energies.
Geometry optimization and vibrational frequency analyses were also performed in the presence
of implicit water (¢ = 78.39) as solvent using the polarizable continuum model, PCM.>* 91 134
The solvation phase geometries were optimized using B3LYP density functional theory and with
the 6-31* basis set. Open-shell species were treated using the unrestricted formalism of the
aforementioned level of theory, UB3LYP, respectively. The radius of the geometry optimized
structures of the reactant species for use in determining the total reorganization energies (A1) was
determined through a volume ab initio calculation. The volume calculation involves the use of
the volume keyword in Gaussian 03. The volume calculation requests that the molecular volume

be computed, which is defined as the volume inside a contour of 0.001 electrons/bohr® density.
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5.3 Results and Discussion

5.3.1 Results of a Reversible Hypothetical One Electron — One Proton Transfer Molecule

and Correltation with N-Methyl-4,4’-Bipyridyl Chloride
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Figure 28. Experimental (solid lines) and simulated (circles) CV’s of N-Methyl-4,4’-Bipyridyl
Chloride (NMBC™) in unbuffered solution with KCI (I = 0.5) at pH 3.35 (black), 4.01 (blue) and
7.00 (green). Experiments performed at a glassy carbon electrode (0.073 cm?) at 0.2 V s™ at 300
K. Inset: Simulations of the reduction of 2.0 mM of the theoretical compound, B, at pH 2
(black), 3 (blue) and 7 (green).

Figure 28 shows three cyclic voltammograms (CV’s) of 2.0 mM N-methyl-4,4’-bipyridyl
chloride (NMBCY) in three solutions of constant ionic strength (I = 0.5) at pH 3.35, 4.01 and
7.00. The CV’s at pH 3.35 and 4.01 show two redox peak systems. The peak at -0.75 V (vs.
Ag/AgCI, E%), peak I, is the reversible (ks; = 0.05 cm s, from simulation) one-electron

reduction, as determined by chronocoulometry, of protonated NMBC* (HNMBC?*). Peak II
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centered at -1.06 V (vs. Ag/AgCI, E%) is the reduction of the protonated NMBC™ radical cation
(HNMBC™). The number of electrons transferred at peak Il at this pH is assumed to be one,
judging from the similarity of the peak current of peaks I and Il. However, the peak Il peak
current at lower pH (< 3) indicates that weak absorption of HNMBC* takes place.”* At pH < 3,
peak Il is sharp and exhibits a large peak current, while peak Ill is nonexistent, and peak 1V
displays a smaller than expected peak current. Furthermore, numerous scans at any particular
scan rate show the same amount of peak current for each of the peaks. This further indicates that
the adsorption event is weak, versus a strong adsorption which significantly influences future

scans due to electrode modification.?* **°

Peaks I and IV can be studied alone at lower pH’s (pH
< 5) by narrowing the potential window (starting potential = -0.4 V, switching potential = -0.9 V)
studied to encompass only the reduction of HNMBC?*. Narrowing of this potential window at
pH < 3.5 results in a nearly perfect CV, with a peak current ratio near unity (i, v/ip,) and peak
separation (AE, = E, | — Ep,v) 0f -0.052 V. As the pH increases beyond 3.5, AE, increases as the
peak system related to the reduction and oxidation of HNMBC?* and HNMBC™, respectively,
becomes broader until it vanishes at pH ~4.5.

Peaks Il and 111, in the CV at pH 4.01, are broader, by 0.014 V, than at pH 3.35 or 7.00.
This displays the overlap of the reduction of HNMBC™ and the unprotonated NMBC" radical
(NMBC). The reduction potential of HNMBC™ (E%, -1.06 V vs. Ag/AgCl) is more positive
than that of NMBC' (E%, -1.12 V vs. Ag/AgCl), as determined by simulation and CV inspection.
Figure 28 also displays the CV of NMBC™ at pH 7.00, where only the two-electron reduction, as
determined by chronocoulometry, of NMBC" is centered at approximately -1.13 V (vs.
Ag/AgCl). Voltammetry collected at higher scan rate at pH > 5 indicates the weak adsorption of

NMBC®. As the scan rate increases at pH > 5 the iy /ip increases to greater than unity.* %
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Since it is not possible to simulate a CV exhibiting electrode adsorption, whether weak or strong,
using DigiSim, CV’s with simulations are only shown for CV’s where 3.35 < pH < 5, where the
observed influence of electrode absorption is small.**” The Scheme used for simulating the
reduction of NMBC" in unbuffered H,O is given in Scheme 12. Equation 59, below, was the
24,135

only ion-pairing/disproportionation reaction that was found to fit the voltammetric data.

Scheme 12. Reduction process used for the simulation of NMBC" in unbuffered aqueous
solution.

NMBC"* + H* == HNMBC? (52)
NMBC*+e == NMBC (53)
NMBC' + H" == HNMBC" (54)
HNMBC* +e == HNMBC" (55)
HNMBC" + e° =<=HNMBC® (56)
NMBC +e == NMBC° (57)
NMBC® + H* ==HNMBC®° (58)
HNMBC? + HNMBC® == (HNMBC),* (59)

From Figure 28 we note that as the pH increases from 3.35 to 7.00 the peak current of
peaks Il and Il increase at the expense of peaks | and IV. The inset of Figure 28 demonstrates a
similar case to that of NMBC", with reduction of the hypothetical model, B. As with the
reduction of NMBC™, reduction of B causes peaks Il and 11l to increase at the expense of peaks |
and IV as the pH increases from 2 to 7. Here, B undergoes electron and proton transfer with pK,
(PKa1 = 2 and pK,2 = 10) values similar to NMBC®. Displacement of the first peak system
(peaks I and 1V) to the second peak system (peaks Il and I11) can be determined by equation 51,

and is set by the pK;’s of the compound of interest. Therefore, the reduction of NMBC™ under

101

www.manaraa.com



102

unbuffered conditions is governed primarily by the single thermochemical parameter, pK,. The
only influence on kinetics is noted within the range of pH = pK,; + 1 for both the reduction of
NMBC" and B, as determined by the change in the peak-to-peak separation (AE,). The average
AE, of NMBC" (measured from peak I and IV, pH < pK, 1) was consistent and averaged 0.052
V, except within the pH range of ~3.5 to ~7 for peak systems I-1V and II-11l, where the peak
separation was ~0.08 V and ~0.07, respectively throughout this range. This was also noted for
the reduction of B, where the peak separation averaged 0.06 V, until pH ~ 2.5, when it increased
to 0.075 V. At higher pH values the peak separation decreased to the expected values of 0.059 V
for B and ~0.030 V for NMBC" (higher pH only the two electron peaks Il and Il are noted,
where 0.029 V is an ideal AE, for a two ET process).?* This kinetic change is due to the
decreased proton concentration at the electrode due to the increase in pHpyk and the influence of
the reduced NMBC" species, HNMBC® (pK,, = 8.5, from simulations) and NMBC® (pKa3 = 9.5,
from simulations). Between pH 3 and 4 the pH at the electrode can be estimated to be ~6.10,
based on the pK,, and pKas of NMBC*.#* Therefore, within the range of pH = pK,; *+ 1 the
Kinetic change could be described as moving from an CE (C, chemical step or proton transfer

(PT) first; E, electron transfer (ET) second) path at pH < pK,; to an EC path at pH < pK,..
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Figure 29. CV’s of 2.0 mM N-Methyl-4,4’-Bipyridyl Chloride (NMBC) in 0.1 M phosphate
buffer with KCI (I = 0.5) at pH 3 (black), 6 (blue) and 10 (green). Experiments performed at a
glassy carbon electrode (0.073 cm?) at 0.1 V s at 300 K. Inset: Plot of Ey, versus pH for peaks
I and IV (red circles) and peaks Il and 111 (blue squares). Fitted black line represents the fitting
of equation 60 to the E/, versus pH data for peaks I and IV.

Reduction of NMBC" in the presence of 0.1 M phosphate buffer, ionic strength 0.5,
causes an incremental thermodynamic shift as the pH increases from pH 3 to 9 as depicted in
Figure 29. Figure 29 shows the reduction of HNMBC?*, peak 1, shift from -0.78 V at pH 3 to -
0.943 V at pH 6. At pH 10 this thermodynamic shift is complete and a single two electron peak
is found at -1.148 V. Again, due to weak surface adsorption of both HNMBC™ and NMBC®°
throughout the buffered studies, accurate simulations could not be attempted. Weak adsorption
caused very little current from peak IV to be noted and peak 111 was nonexistent until pH 8. At
pH > 8 the peak current of peak Il was found to increase with increase in scan rate. Likewise,
the ip/ip,n increased to greater than unity with increase in scan rate. Similar effects with 0.1 M
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citrate buffer solutions were also found. This demonstrates that there is no chemical dependence
on the buffer itself.

Elementary knowledge of the Nernst equation shows that for any m H, n ¢
electrochemical reaction the observed redox potential will change by —(m/n)0.059 V/pH unit.**®
3% From the discussion of Figures 28 and 29, above, we know that peak I representsa 1 H*, 1 e
transfer.  Therefore, varying the pH between pK,; and pKa, of NMBC" one should note a
change in the observed half potential (Ey,) of approximately -0.060 V pH™ unit. pK,:and pKa.
can be found at the inflexion points of the plot of Ey, versus pH, inset of Figure 29. The slope of
the line in the inset of Figure 29 was found to be -0.053 V pH™ unit (R = 0.99). Fitting the data
of the Figure 29 inset to equation 60 using nonlinear least squares regression gives the solid
black line.**” The fitting of this line corresponds to E°% = -1.08 V (vs. Ag/AgCl), pKa; = 2.35
and pK,, = 8.52. Also displayed in the inset is the plot of the shift of peak Il between pH 1 and
4, which was found to have a slope of -0.038 V pH™ unit (R* = 0.99). At pH > 4, the Ey, versus
pH plot goes through a plateau until peaks | and Il merge. Since the plot of the Ey/, versus pH
for peak Il through most of this pH range (1 to 4) represents a one-electron, one-proton transfer,
the slope should be -0.060 V pH™ unit. However, this reduction is likely influenced by the weak

adsorption of HNMBC™ and NMBC°.

Ex = E% + (2.3RT/F)log((1+[H"1/Ka2)/(1+[H1/Kz 1)) (60)
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Figure 30. Simulated CV’s of 2.0 mM B in a simulated 0.1 M phosphate buffer at pH 3 (black),
6 (blue) and 10 (green). Inset: (A.) Plot of Ey, versus pH for peaks I and Il (red circles), fitted
black line represents the fitting of equation 60 to the E;/, versus pH data for peaks I and 1. (B.)
Plot of AE, versus pH for proton transfer rate constant values of 1 x 107 (black dots and line), 1 x
10® (blue squares and line) and 1 x 10° M™ s (green triangles and line).

The reduction of the hypothetical compound, B, in a simulated 0.1 M phosphate buffer
(buffer component concentrations determined from an a plot) solution, Figure 30, shows a
similar thermodynamic shift between pK, and pKa2.**° As the pH of the simulated phosphate
buffer solution increases from 3 to 10, peak | shifts -0.059 V/pH unit (inset Figure 30, R? =
0.99). The plotted black line in inset A of Figure 30 uses equation 60 and the parameters

assigned to the model (Scheme 11 and Experimental section). This model reduction further

demonstrates the similarity of the reduction of NMBC" and B.
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The thermodynamic effects of increasing the pH are further complicated between the two
pK.’s of NMBC" and B by kinetic effects. The peak separation of the cathodic and anodic peaks
again increase between pK,: and pKa,. The peak separation of peak | for NMBC" in 0.1 M
phosphate increases from 0.059 V at pH 1 to 0.091 V at pH 8. However, the peak separation of
B increases from 0.059 V to as high as 0.280 V at pH 8 using the maximum studied proton

transfer rate constant of 1 x 10° M* s,

At higher pH, pH ~ 12, the peak separation of the
cathodic and anodic peaks of NMBC" becomes 0.05 V while that of B, becomes 0.059 V.
Obviously, peak separation is not consistently large for both studies, but the separation is
expected to decrease to approximately 0.0295 V for NMBC" at pH 12, as this is a two electron
reduction. The cause of this kinetic influence is due to the switching of the reaction path from a
CE to an EC mechanism. This conclusion is affirmed and amplified by changing the maximum
rate constant for each of the proton transfers of B in simulated phosphate at varied pH, inset B of
Figure 30. At approximately the midpoint (between pH 6 and 8) between pK,1 and pK,_>, the
peak separation increases as the maximum rate constant for proton transfer decreases from 1 x
10° to 1 x 10" Mt s (AE, = 0.28 to 0.33 V, respectively). Recently, another work has
performed similar findings, yet monitored the logarithm of the apparent standard rate constant

versus pH in the study of surface bound species involved in concerted-proton electron transfer

(CPET) 103, 141
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Figure 31 — Plot of iy (peak 1) versus citrate buffer concentration for 2.0 mM of NMBC”. Inset:
Plot of ip versus simulated citrate buffer concentration for the hypothetical model compound, B.

Furthermore, one can amplify the CE to EC transition experimentally or through
simulations by studying the effect of buffer concentration at pH 6 (pH between pK,; and pKa2)
for both NMBC" and B. As the buffer concentration decreases the peak current for peak |
decreases. A plot of the peak current of peak I (iyc) as a function of buffer concentration reveals
an inflection point in these plots for both NMBC™ (at 20 mM citrate) and B (~40 mM citrate).
The inflection point divides the reduction into two kinetic regimes for NMBC™ and B, Figure 31
and inset, respectively. Such behavior has been observed in studies involving general acid/base
catalysis, and has been considered an indication of a change in the rate-determining step of the
reaction.® 1*1 At lower concentrations of buffer, proton transfer is rate limiting. Reduction of
NMBC" or B at the electrode causes the pH to increase, which limits the peak current measured

at peak 1. However, at higher concentrations of buffer the electron transfer is rate limiting,
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because the proton concentration is fixed. Furthermore, the AE, of both NMBC" and B increase
as the concentration of citrate decreases. The AE, increases from an average of 0.052 V between
100 mM citrate to 20 mM citrate to as high as 0.124 V at 2.5 mM citrate. Likewise, the AE, of B
increases from an average of 0.059 V between 100 to 25 mM citrate to as high as 0.085 V at 2.5
mM citrate.

5.3.2 Results of an Irreversible Hypothetical One Electron — One Proton Transfer Molecule

and Correltation with 1-(4-Pyridyl)Pyridinium Chloride
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Figure 32. Experimental CV’s of 1-(4-Pyridyl)pyridinium Chloride (PPC) in unbuffered solution
with KCI (I = 0.5) at pH 2.87 (black), 3.65 (blue), 7.80 (gold) and 10.82 (green). Experiments
performed at a glassy carbon electrode (0.073 cm?) at 0.1 V s at 300 K. Inset: Simulations of
the reduction of 2.0 mM of the theoretical compound, B, at pH 2 (black), 3 (blue) and 7 (green).

Figure 32 shows four irreversible cyclic voltammograms (CV’s) of 2.0 mM 1-(4-

pyridyl)pyridinium chloride (PPC") in three solutions of constant ionic strength (I = 0.5) at pH
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2.87, 3.65, 7.80 and 10.82. The CV at pH 2.87 shows two reduction peaks labeled I and 11. Peak
| at -0.776 V (vs. Ag/AgCI) is the irreversible one electron reduction, as determined by
chronocoulometry, of protonated PPC* (HPPC?"). Peak Il centered at -1.038 V (vs. Ag/AgCl) is
the reduction of the protonated PPC" radical cation (HPPC*) to completely reduced HPPC?*, or
HPPC°. The number of electrons transferred at peak Il at pH < 3 is found to be one, based on the
subtraction of the total number of electrons transferred between -0.5 and -1.4 from those
transferred between -0.5 to -0.9 V measured via chronoamperometric scans. As the pH
increases, the current of peak Il increases at the expense of peak I. At higher pH, specifically pH
= 10.82, the cathodic peak is found at -1.021 V vs. Ag/AgCIl. The number of electrons
transferred at peak Il at higher pH is one based on chronoamperometric data. Another cathodic
peak (unlabeled) is found at higher pH just beyond the potential window -1.33 V that exhibits
much slower kinetics than that found at either -0.776 or -1.021 V. However, upon widening the
potential window by 0.2 V, no further reduction peaks are found.

The description of the oxidation peaks is more complex. The oxidation peaks of PPC" as
displayed in Figure 32 are labeled Il through V. At lower pH, pH 1 to 3, only two oxidation
peaks are found, IV and V, around 0.4 and 0.65 V. These two peaks shift to more negative
potentials as the pH increases until pH > 3, where a new sharp anodic peak, Ill, found ~0.05 V,
develops at the cost of peak V, as peak IV remains, yet continues to shift to more negative
potentials. Peak Il shifts as well, as the pH increases to -0.057 V at pH 10.82. The sharp anodic
peak at greater pH’s is likely due to the oxidation of adsorbed PPC" dimers, (PPC),. The (PPC),
is likely less soluble in water due to its molecular size and high concentration at the electrode
face. The oxidation process at peak Il involves the one electron splitting of the (PPC),, then the

one electron one electron oxidation of the completely reduced PPC*, referred to as PPC°.
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Finally, the reduction of the PPC" radical cation, PPC", takes place at peak IV. Overall, the
oxidation process at high pH involves the transfer of three electrons, as confirmed by double-step
chronoamperometry and coulometry.

With the intention of understanding the voltammetry of PPC™ over the pH range of 1 to
12, a hypothetical redox species B was studied via digital simulations. The inset of Figure 32
displays the CV’s of B, an irreversible reduction (where ks = 1 X 10° cm S'l) atpH2,3and 7. At
pH 2 a single one-electron redox peak system is found, peaks | and 1V, these peaks are centered
at -0.097 and 0.646 V. As the pH increases, by increasing the proton concentration in the
simulator, a new peak system, peaks Il and Ill, develops at the cost of peaks | and IV. The
potential difference of this peak displacement is governed by pKa: (2) and pK, (7), defined in
the simulation parameters. These new peaks, Il and Ill, are found at -0.353 and 0.349 V at pH 7,
and do not shift to other potentials as the pH increases. Interestingly, the peaks I through IV do
not shift significantly upon their formation as the pH increases or decreases. However, those of
PPC" do shift as the pH changes.

Kinetic effects on the reduction of PPC* and B are significantly different. The kinetic
effects of increasing the pH of the solution involve the broadening of the peak separation, AE,.
This effect is more easily visualized in the reduction of B rather than PPC*. At pH 0 and the pH
range between 4 and 12 the AE, is 0.704 V. However, within the pH range of 1 to 3 the AE,
increases dramatically to as great as 1.266 V. Such an effect is not as easily visualized with the
reduction of PPC" over the same pH range 1 to 12. At pH 1 the AE,is 1.109 V and this increases
to 1.137 V at pH 3. However, under moderate to high pH conditions, 7.8 to 12, the AE, averages

at 0.987 V.
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Figure 33. CV’s of 2.0 mM (4-Pyridyl)pyridinium Chloride (PPC) in 0.1 M phosphate buffer
with KCI (I = 0.5) at pH 2 (black), 6 (blue) and 11 (green). Experiments performed at a glassy
carbon electrode (0.073 cm?) at 0.1 V s™ at 300 K. Inset: Plot of Ey, versus pH for peak | (red
circles). Fitted black line represents the fitting of equation 61 to the E, | versus pH data for
peaks | and IV.

The reduction of PPC" in the presence of 0.1 M phosphate buffer, ionic strength 0.5,
causes an incremental thermodynamic shift of each of the peaks as the pH increases from pH 3 to
9 as shown in Figure 33. Figure 33 shows the reduction of HPPC?, peak I, shift from -0.702 V
at pH 2 to the reduction of PPC", peak Il, at -1.033 V at pH 11. At pH ~7 this thermodynamic
shift is complete and only peak Il and the kinetically slow single electron transfer peak
(unlabeled) are found at -1.03 and -1.331 V, respectively. The oxidation peaks of PPC", as
displayed in Figure 33, are more difficult to interpret than those discussed previously under
unbuffered conditions, Figure 32, due to the shifting peak potentials. Peak V, shown in the CV

at pH 2, disappears as the pH is increased and is no longer noted in the CV at pH 6. The CV at
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pH 6 displays two oxidation peaks, Il and IV, at 0.031 and 0.333 V. At pH 11 the oxidation
peaks, 11l and IV, are found at -0.001 and 0.204 V. Though each of the peaks shifts in the study
of PPC" reduction the thermodynamic shift of peak | to peak Il was of primary interest. The
extent of this thermodynamic shift is found in the inset from pH 1 to 12. The slope of the line
from pH 3 to about pH 7 was -0.068 V pH™, which represents a -0.009 V difference in the
expected value of -0.059 V pH™ for a one electron-one proton transfer. With the aid of equation
61, shown below modified from its original form (equation 60), to interpret the thermodynamic
shift of the peak potential of peak I to peak Il, Ep, 1, the formal potential for the reduction of PPC”
to PPC', pK, 1 and pKj > could be determined. The E®, pKj 1 and pK,, » were determined to be -
0.522, 2.21 and 6.03, respectively. The observed decrease in the peak | potential found in the
inset of Figure 33, was likely due to the effect that minute amounts of dissolved oxygen had on
the oxidation of PPC" at high pH. Spectroelectrochemical results and the study of PPC™ at high
pH (~12) confirmed the production of the PPC" radical cation (PPC™) even under a nitrogen

atmosphere.

Ep, 1= E% + (2.3RT/F)log((1+[H"1/Ka2)/(1+[H1/Ka1)) (61)
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Figure 34. Simulated CV’s of 2.0 mM B in a simulated 0.1 M phosphate buffer at pH 2 (black),
4 (blue) and 11 (green). Inset: (A.) Plot of E;/, versus pH for peaks | and Il (red circles), fitted
black line represents the fitting of equation 60 to the E;/, versus pH data for peaks I and 1. (B.)
Plot of AE versus pH for proton transfer rate constant values of 1 x 10° (black dots and line), 1 x
107 (blue squares and line), 1 x 108 (gold diamonds and line) and 1 x 10° M™* s (green triangles
and line).
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The reduction of the hypothetical compound, B, in a simulated 0.1 M phosphate buffer
(buffer component concentrations determined from an a plot) solution, Figure 34, shows a
thermodynamic shift between pKa: and pKa, similar to that of PPC***® As the pH of the
simulated phosphate buffer solution increases from 3 to 7, peak | shifts -0.059 V pH™ unit (inset
A Figure 34, R? = 0.99) to peak II. The plotted black line in inset A of Figure 34 involves the
fitting of equation 60 and the parameters assigned to the model (Scheme 11 and Experimental
section).™® This model reduction further demonstrates the similarity of the first electron transfer

reduction of PPC* and B.
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The thermodynamic effects of increasing the solution pH are further complicated
between the two pKy’s of PPC* and B by kinetic effects. The AE, of the cathodic and anodic
peaks again increases between pK,; and pK,2. The AE, of PPC" between pK,i and pKa,
decreases from an average AE, of 1.129 V from pH 1 to 6 to 1.008 V between pH 7 to 12. A
similar trend is found when studying the AE, of B, where AE,, increases from 0.704 V to at pH 0
to 0.895 V at pH 4, after which it decreases back to 0.704 V. The trend in increasing AE, with
changing pH is found in inset B of Figure 34. The effect of changing the maximum kinetic rate
constant from 1 x 10° M s to 1 x 10° M s can be found in inset B of Figure 34 as well. The
purpose of studying the effect of altering the maximum rate constant on AE, as the pH changes
was to demonstrate the effect of slowing PT in the transition from a CE to an EC reaction. By
slowing PT throughout the studied pH range the effect of the transition from a CE to an EC
reaction is amplified. However, the order of this amplification is not as great as that found for a
reversible system (section 5.3.1). There is only a 0.025 V difference noted between the
maximum AE, between changing the maximum rate constants from 1 x 10° (0.920 V) to 1 x 10°

M s(0.895 V).
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Figure 35. Plot of i, (peak I) versus succinate buffer concentration for 2.0 mM of PPC™. Inset:
Plot of i, versus simulated succinate buffer concentration for the hypothetical model compound,
B.

Varying the buffer concentration at the mid-point between the two pKj,’s of the species of
interest allows for the study of the CE to EC transition for heterogeneous electron-proton
transfers via experimentation or simulation. As the buffer concentration decreases the peak
current for peak I in CV’s of both PPC* and B decreases. A plot of the peak current of peak |
(ipc) as a function of buffer concentration reveals an inflection point in these plots for both PPC*
(at 10 mM succinate) and B (~40 mM succinate). The inflection point divides the reduction into
two kinetic regimes for NMBC" and B, Figure 35 and inset, respectively. Similar behavior has
been observed in studies involving general acid/base catalysis, and has been considered an
indication of a change in the rate-determining step of the reaction.'® 2 143 At lower buffer
concentrations, proton transfer is rate limiting. Reduction of PPC* or B at the electrode causes

the pH to increase at the electrode beyond the capacity of the buffer, which limits the peak
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current measured at peak 1. However, at higher concentrations of buffer the electron transfer is
rate limiting, because the proton concentration is fixed. Furthermore, the AE, of B increases as
the concentration of succinate decreases. The AE, of B increases from an average of 0.870 V at
100 to 40 mM citrate to as high as 0.885 V at 2.5 mM citrate. However, the AE, of PPC" does
not change significantly, and averages at 1.140 V throughout the observed succinate
concentration range. Obviously, the changes in AE, are not consistent and under this study and
there are likely other processes taking place that may affect these observations.

One possible process taking place at low pH is the inversion of the potentials E°; and E®%
(from Scheme 10). To determine if a given molecule undergoes potential inversion upon
oxidation or reduction voltammetric studies under various experimental conditions
(concentration, solvent, voltammetric parameters, etc.) coupled with voltammetric simulations
are typically undertaken. In this study, voltammograms with shorter potential windows were
initially measured to obtain knowledge of what was taking place at each of the redox peaks.
However, the voltammograms of shorter potential windows, such as that in Figure 36, illustrated
the possibility of potential inversion. When the potential window is shortened so that only the
first cathodic peak, peak I, is measured on the cathodic sweep, one finds that the more negative
anodic peak, peak 1V, is found on the anodic sweep. Typically, the first cathodic peak would be
coupled to the more positive anodic peak that at 0.717 V or peak V. Voltammograms of PPC*
were also measured in anhydrous acetonitrile (ACN) alone and with triflic acid, by exchanging
the chloride ion for hexafluorophosphate. The voltammetry of PPC* in ACN with one to four
equivalents of triflic acid illustrated similar features to those in aqueous solution of low pH.
With one equivalent of triflic acid the CV at 0.1 V s™ showed two reduction peaks at -0.728 and

-1.334 V and two small oxidation peaks at 0.391 and 0.798 V in a similar inverted order to that
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in aqueous solution (data not shown). The voltammetry of PPC" without triflic acid was similar
to the voltammetry measured in aqueous solution of high pH, yet without the presence of a sharp
anodic peak at ~ 0 V (peak I1l). In these CV’s peak Ill was broad and did not indicate adsorption

(data not shown).
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Figure 36. Overlaid voltammetry of 2.0 mM PPC" in | = 0.5, 0.1 M phosphate and KCI solution
at pH = 2, at 300 K, at a glassy carbon electrode (0.060 cm?) at two different potential window
widths.
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To confirm whether potential inversion was possible, quantum mechanical calculations were
performed on each of the structures of both PPC* and NMBC™ in fence schemes 9 and 10. The
structures of NMBC™ were included in this study because both PPC* and NMBC" are structural
analogs. Furthermore, based on the discussion of the voltammetry of NMBC™ (above, section
5.3.1) there was no indication that NMBC" undergoes potential inversion. Therefore, the study
of the structures of NMBC" serves as a control for the study of PPC*. Figures 37 and 38 show

the optimized structures of the PPC* and NMBC™ redox species, PPC° and NMBC?® are omitted
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due to the inability to optimize this structure via computational methods. Upon reduction there is
an observed dihedral angle twist between the two PPC™ pyridine rings, while there is only an
observed dihedral angle in the optimized structures of NMBC* and HNMBC?*. Table 12 gives
the N-C or C-C bond length (depending on whether PPC* or NMBC" species are under study,
respectively), dihedral angle and the determined total reorganization energy (A1) of the indicated
reactions. The outer reorganization energies (A,) of PPC" reduction were determined using
equation 62, where g, is the charge of an electron, &, is the vacuum permittivity, & is the optical
dielectric constant (=1.776 in H,0), & static dielectric constant (=78.39 in H,0) and a represents

the radius of the reactant molecule.®® *° 13

The inner reorganization energies (A;) were
determined via Nelsen’s four point method and the total reorganization energy was determined
by equation 63.14% ** Since there is a rearrangement of the PPC* species at each reduction and

lack of rearrangement of NMBC™ upon reduction, except for the initial rearrangement it is likely

that inverted potentials are a part of the PPC" reduction chemistry and not of NMBC".

Ao = (€0o/4180) (Le0p — L/es)(1/2a1ppeiprC) (62)
AT =2 *+ A (63)
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Figure 37. PPC™ fence scheme structures determined using PCM/B3LYP/6-31G*.
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HNMBC?*

Figure 38. NMBC" fence scheme structures determined using PCM/B3LYP/6-31G*.

Though not previously discussed, simulations were attempted for PPC* under both
unbuffered and buffered conditions. These simulations were attempted at all pH’s and with each
of the studied buffers. However, only somewhat satisfactory fittings were obtained with the
fittings of PPC™ in succinate buffer at pH 4. These fittings employed the formal potential and

pK, values determined by equation 61, and examples of this fitted voltammetry can be found in
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the appendix along with the mechanism and fitted parameters (also found in section 5.2.4). The

At values along with Marcus Kkinetics were not included in these simulations, because all attempts

using Marcus kinetics provided unsatisfactory fittings. The formal potentials for E°; and E%

(Scheme 10) used in these fittings were -0.22 and -0.185 V, showing that the reduction of PPC*

can be fit as a potential inversion process.

Table 12. Bond length, dihedral angle and determination of A for the reduction species of PPC”

and NMBC".

Species N-C or C-C Bond Length (A)? | Dihedral Angle?
HPPC?* 1.44 0.0°
HPPC™ 1.40 20.8°
HPPC®° 1.38 27.0°
PPC* 1.48 0.0°
PPC 1.40 19.4°
HNMBC* 1.48 39.3°
HNMBC* 1.43 0.0°
HNMBC® 1.43 0.0°
NMBC* 1.48 34.7°
NMBC 1.44 0.0°
At Determination?®

Reaction At (eV)

HPPC* + ¢ < HPPC™ 0.87

HPPC™ + e ¢ HPPC® P

PPC* +e © PPC 1b.11

HNMBC?" + e © HNMBC*H

HNMBC™ + ¢ < HNMBC®

b

NMBC™ + e & NMBC"

b

 All values from calculations at PCM/(U)B3LYP/6-31G*.
P Values were yet to be determined upon the completion of this thesis.

5.4 Conclusion

In summary, herein a thorough electrochemical study of N-methyl-4,4’-bipyridyl chloride

(NMBC") and 1-(4-Pyridyl)Pyridinium Chloride (PPC") in unbuffered and buffered aqueous

solution has been presented. The voltammetric study of each species in unbuffered solution

results in the complete shift of the reduction peaks to more negative reduction potentials
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governed by the pK,’s of the molecule in each reduction state and described by equation 50.
Broadening of the redox peaks were the only kinetic effects noted upon increasing or decreasing
the pH of the unbuffered solution. The voltammetry within the range pH = pK; = 1, were found
to exhibit these kinetic effects. The voltammetry of both species in buffered solution
demonstrated an expected incremental thermodynamic effect as the pH of the solution increased
between pK,1 and pK,, 2. Fitting of equation 60, to a plot of E1/, (or Ep) versus pH allowed for
the determination of E% and pK, 1 and pK, 2. Interestingly, the redox peaks of both NMBC" and
PPC™ both exhibited an increase in the peak width between pK, ; and pK, 2. The broadening of
the peaks in the specified ranges for both species in buffered and unbuffered solution has been
determined to be an indication of the change from a CE reduction process to a EC reduction
process as the solution pH increases. This determination was made through the study of a
hypothetical model species via Digital simulations. Through such simulations one is able to
manipulate constants, such as PT rate constants (ks and ky) that should remain constant in situ.
However, the manipulation of such constants illustrates that as such constants become smaller
the peak width increases within the same range as noted in buffered experiments. This increase
in peak width in simulations is similar to the in situ transition from a CE to EC reduction
process. A way to study this transition experimentally is to study the effect of decreasing the
buffer concentration on the measured current. As the buffer concentration decreases the peak
current decreases and shows two Kinetic regions, one where PT is the rate determining step
(RDS, at lower concentrations) and one where ET is the RDS (higher buffer concentrations). To
confirm this transition a similar study was performed with a model compound, however the
transition regions between the experimental and simulations were different. In the future,

matching the experimental and simulated plots would be beneficial as this could further interpret
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the kinetics of the experimental results. Accurate simulations of the experimental results could
not be attained because for both NMBC™ and PPC” there were obvious issues with dimerization
and absorption on the electrode. To suppress the issues of electrode absorption further
voltammetric studies of NMBC" and PPC™ in acetonitrile should be performed. Interestingly, the
voltammetry and computational studies of PPC" indicated potential inversion was responsible for
some of the complicated irreversible voltammetry.
6.0 Future and Ongoing Research
6.1 Acid/Base Modification of Glassy Carbon Electrodes
6.1.1 Introduction

In the last three decades there have been many examples of chemically modified
electrodes. Such electrodes have a broad range of use in analytical and materials science

144, 145

applications. Recently, the reduction of diazonium salts and subsequent covalent

146-148

modification of electrodes has been of interest. The modification by diazonium salts

provides a solid and noncorrosive means to attach species of interest to carbon surfaces.*#**
The originally proposed means by which surfaces are modified by diazonium salts is illustrated
in Scheme 13.% 1% Here, the diazonium salt is first reduced forming both an aryl radical and
nitrogen gas, then the aryl radical forms a covalent bond with the electrode surface forming a
supposed monolayer.****** However, more recent studies have shown that the further reduction

of diazonium salts at the electrode surface forms multiple layers of the aryl species.****’
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Scheme 13. Reduction mechanism of diazonium molecules.
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The goal of this work is to investigate amine and carboxylate species on the surface of
glassy carbon (GC) electrodes. By modifying the electrodes with amines and carboxylates and
reducing or oxidizing quinones or hydroquinones, respectively, at the modified surface a similar
thermodynamic shift as found in Chapters 2 through 4 might be found. Furthermore, the effects
of proton transfer versus hydrogen bond interactions at the surface can be investigated. The first
objective of this work is to investigate the conditions (concentration of the diazonium salt,
electrochemical technique, electrochemical parameters, etc.) used to modify glassy carbon
electrode surfaces with previously investigated amine and carboxylate diazonium salts in an
attempt to form monolayers. Previous reports have discussed the modification of the surface by
4-nitrobenzenediazonium  tetrafluoroborate (NBDBF, 1), diazonium-4-diethylamine
153-

tetrafluoroborate (DDEA, 2) and 4-carboxyphenyl diazonium tetrafluoroborate (CPDBF,, 3).

15 Scheme 14 provides the structures of these diazonium salts. The reduction of diazonium-4-
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diethylamine tetrafluoroborate (DDEA) at the surface is known to produce multiple layers at
glassy carbon surfaces, while under similar conditions NBDBF, and CPDBF, likely also involve
the production of multiple layers.’*> *® The formation of monolayers is thought to assist in
investigating the expected effects without passivating the electrode surface.

Scheme 14. Structures of 4-nitrobenzenediazonium tetrafluoroborate (1), diazonium-4-
diethylamine tetrafluoroborate (2) and 4-carboxyphenyl diazonium tetrafluoroborate (3).

L CE

I I
N N

1 2 3
This chapter will discuss the findings to this point based on attempts to address the

formation of monolayers on the surface of glassy carbon electrodes. So far, only preliminary
work has been completed. The preliminary work to this point has studied the effects of
modifying electrodes at reported diazonium concentrations (1.0 to 5.0 mM). The effects the
diazonium modification has on redox processes was determined via common electrochemical
probes, such as hexaamineruthenium (I11) chloride (Ru(NHs)s®"), potassium ferricyanide
(Fe(CN)s*), hydroquinone (1,4-QH,) and catechol (1,2-QH.). Electrodes modified at high
concentrations of the diazonium salts seem to indicate that the electrode has become passivated,
as the voltammetry of each of the electrochemical probes displays significant kinetic effects with

each modification. The effects of lowering the concentration of DDEA in the modification
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solution and increasing the scan rate have also been studied. Using these simple changes to the
modification procedure led to non-passivation effects of the electrode surface as studied by
Ru(NH3)s®* and Fe(CN)¢® in aqueous solution at various pH values. These electrochemical
probes were the focus here because of the charge that these molecules possess. At certain pH
regions in water, protonation or deprotonation of the aryl amines or carboxylates on the surface
of the electrode will impose kinetic effects (AE, broadening) via electrostatic repulsion on the
reduction of the electrochemical probes upon reduction. Yet, these effects will only be found
provided that the electrode is not passivated. The chemistry at the unpassivated surface is
described below, where Ru(NHs)e>* displays kinetic effects only at low pH. However, Fe(CN)g>
displays kinetic effects at higher pH conditions. At this point in this study the reasons behind
the AE, broadening for Fe(CN)s> are unknown and further studies are required to investigate this
process, however it appears that multiple layers are not produced using the new modification
procedure. The modification of GC surfaces with 4-carboxyphenyl diazonium tetrafluoroborate
involving lower concentrations and higher scan rates will also have to be investigated in a similar
manner, using Ru(NHs)s®" and Fe(CN)s>. Overall, spectroscopic methods will have to be used
to evaluate whether or not the new modification procedure leads to the production of multiple
layers.

If the apparent formation of multiple layers cannot be abated then the next objective is to
explore the modification of electrode surfaces with new diazonium salts, which are thought to be
synthesized through known routes.™"**° Molecule 4 of the newly synthesized diazonium salts
shown in Scheme 15 is thought to be less likely to form multiple layers due to substitution by
two carboxylic acid groups. The other diazonium molecule, 5, was envisioned based on the

work by Cabaniss et al. and Thorp, who found that the cycling of a GC electrode in 0.1 M
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sulfuric acid lead to more reversible electrochemistry of 1,2-QH; due an increase in the surface

160 181 Fyrthermore, studies

concentration of primarily phenolic, quinone and ketone groups.
involving the modification of electrodes with the species in Scheme 15 have not been reported to
our knowledge.

Scheme 15. Diazonium molecules to be synthesized.
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6.1.2 Experimental
6.1.2.1 Reagents and Materials

Hexaamineruthenium (I11) chloride (Sigma, 98%, Ru(NHs)s®"),  4-nitrobenzene
diazonium tetrafluoroborate(Sigma, 97%, NBDBF,), 4-diazo-N,N-diethylaniline fluoroborate
(Sigma, 97%, DDEA), ferrocenium hexafluorophosphate  (Sigma, 99%, Fc"),
tetrabutylammonium tetrafluoroborate (Sigma, puriss. >99.0%, TBABF,), tetrabutylammonium
hexafluorophosphate (Sigma, electrochemical grade, >99.0 %, TBAPFs), pyrocatechol (Sigma,
>99.0%, 1,2-QH,), hydroquinone (Sigma, 99.5%, 1,4-QH,), sodium hydroxide (EM Science,
Gibbstown, NJ, 97.0%), potassium chloride (Sigma, 99.0-100.5%, NaOH), potassium

ferricyanide (Mallinckrodt, Hazelwood, MO, 99 %, Fe(CN)s*), potassium hexachloroiridate (111)
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(Sigma, 99 %, Ir(Cl)e>), potassium hexacyanoferrate (1) trihydrate (Sigma, >99.99 %, Fe(CN)s*
), ethanol (Sigma, 99.50 %, 200 proof), and hydrochloric acid (Fisher, 37.3 % solution) were all
used as received. All 18MQ-cm deionized water was provided by a Milli-Q Academic filtration
system (Millipore; Billerica, MA).
6.1.2.2 Glassy Carbon Electrode Construction

For this body of research two different types of glassy carbon electrodes were used and
constructed, glassy carbon plate and rod electrodes. Glassy carbon plate electrodes were
constructed using glassy carbon plates purchased from Structure Probe Inc. (West Chester, PA)
of the SPI-Glas 22 Grade quality and were purchased as 25 x 25 x 2 mm plates. The plates were
reduced in size by cutting them into small squares and attaching a copper wire (Fisher Scientific,
Pittsburg, PA) to them using silver epoxy (EPO-TEK, Epoxy Technology, Billerica, MA) and
then all sides of the plate with the exception of one face was covered using EPON 828 with 14%
metaphenylenediamine as the hardener (epoxy and hardener provided by Dr. Collinson). The
glassy carbon rod electrodes were prepared using glassy carbon rods purchased from Structure
Probe Inc. (West Chester, PA) of the SPI-Glas 25 grade quality and were purchased as 10 mm
length rods of 3 mm diameter. The rods were cut in half and the two cut ends were used to make
two separate electrodes. Copper wire leads were attached to each of the cut rods via silver
epoxy. After the curing of the silver epoxy the rods were sealed within glass tubing (5 mm outer
diameter x 0.8 mm wall thickness, 304.8 mm length, Small Parts, Inc., Seattle WA) cut to 40 mm
lengths by dipping in a glass container of EPON 828 with 14 % metaphenylenediamine as the
harding agent. Upon curing of the sealing epoxy the electrode was sanded using 220 grit
sandpaper then 800 grit sandpaper to remove the excess epoxy. After removal of the excess the

electrode was successively polished using diamond paste of 6, 3, 1 and then 0.25 pm size
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(Buehler, Lake BIluff, IL). Finally, the electrodes were polished on a wet polishing pad with 0.05
um alumina (Buehler, Lake Bluff, IL).
6.1.2.3 Electrochemical Methods

All electrochemical experiments were performed using a CHI660C potentiostat (CH
Instruments, Austin, TX) incorporating a CHI200B Faraday cage and picoampbooster. In each
experiment the solution resistance (R,) was totally compensated via positive feedback.
Electrochemical measurements were conducted under nitrogen in a cell containing 10 mL of
either acetonitrile or deionized water with 0.2 M TBABF, (for modification experiments, and 0.2
M TBAPF; for evaluation experiments) and 0.1 M KClI, respectively. A series of glassy carbon
electrodes, either plate or rods (construction described above), were used for this work.
Unmodified electrode areas were determined using the Randles-Sevcik equation using a 1.0 mM
solution of Ru(NHs)>" in deionized water with 0.1 M KCI as supporting electrolyte, where D =
6.3 x 10° cm? s~ A large platinum flag electrode served as the auxiliary electrode, and the
reference electrode was an Ag/AgCl electrode in aqueous experiments (CH Instruments). For
work in acetonitrile, the same platinum flag electrode was used, while the reference electrode
was an Ag/Ag" electrode (a silver wire immersed in the supporting electrolyte, 0.2 M TBAPFg/3
mM silver nitrate/acetonitrile). The potential of the Ag/Ag® reference electrode in acetonitrile
was periodically measured versus the formal potential (measured as the average of the peak
potentials) of the ferrocene/ferrocenium (Fc/Fc*) couple under the same conditions as the other
experiments and thus all potentials in acetonitrile are reported versus ferrocene as Fc/Fc™. In
both solvents the reference electrode was separated from the rest of the solution by a glass tube
capped with a porous vycor frit. Prior to each modification experiment the polished glassy

carbon electrode was first polished using 0.05 um alumina paste (Buhler, Lake Bluff, 1) washed
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with deionized water, carefully wiped, and then sonicated for three minutes in acetonitrile.
Unless noted otherwise, the modified electrode was never polished after modification, but was
instead washed thoroughly with acetonitrile, sonicated in acetonitrile, then ethanol and finally DI
H,O for three minutes each, prior to transfer into an aqueous solution of the various
electrochemical probes.

6.1.3 Preliminary Results

6.1.3.1 Reduction of Commercially Available Diazonium Molecules at Glassy Carbon
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Electrodes and their Effect on Hydroquinone Oxidation
Figure 39. (A.) Multiple overlaid voltammograms (first CV is the given by the thick black line)
of 1.0 mM 4-nitrobenzenediazonium tetrafluoroborate (NBDBF,) in acetonitrile with 0.1 M
TBABF, as supporting electrolyte. (B.) Voltammograms of 1.0 mM 1,4-QH; in acetonitrile with
0.2 M TBAPF¢ before NBDBF, modification (black CV), after NBDBF, modification (blue CV)
and after electrolysis in 90:10 H,O/Ethanol for 100 minutes (green CV). All CV’s were recorded
at 0.1V s™ at a glassy carbon electrode (0.15 cm?).

Figure 39 demonstrates the effects that the reduction of 4-nitrobenzenediazonium
tetrafluoroborate (NBDBF,) has on the voltammetry of 1,4-QH,. Figure 39A shows the
reduction of NBDBF,4 on a GC plate electrode. From the first CV, the peak at approximately -

1.25V is the reduction of the diazo-group, while the peak at -1.75 V is the reduction of the nitro-
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group, as determined from CV’s of nitrobenzene (reduction peak at -1.72 V) alone in
acetonitrile. As the number of scans increases the diazo reduction peak is lost at the cost of the
growth in the reduction peak current of the nitro group. For every reduction scan, the number of
nitroaryl groups on the surface increases, increasing the surface concentration of the nitro group,
thus increasing the peak current related to this reduction. Confirmation of surface modification
by the nitroaryl group is found by cycling the modified electrode in a background solution (a
solution of 0.1 M TBABF, in acetonitrile). The voltammetry of the modified electrode in the
background solution shows only the peak corresponding to nitro reduction at -1.75 V. Figure
39B demonstrates the effect that modification of the electrode surface with the nitroaryl group
has on 1,4-QH,. Prior to modification, the CV of 1.0 mM 1,4-QH, shows similar features to that
found at 5.0 mM exhibited in Chapter 2, with a single oxidation peak at 0.728 V and a broad
reduction peak at -0.072 V. However, after modification the voltammetry displays significant
kinetic effects with the oxidation peak found at 0.903 V and the near absence of the reduction
peak. Also found in Figure 39B is the CV of 1,4-QH, after electrolysis for 100 minutes in a
solution of 90:10 deionized H,O/ethanol, which reduces the nitro group to an amine group.'*®
From this voltammetry the presence of arylamines on the surface seems to have a slightly
smaller kinetic effect on the voltammetry of 1,4-QH, as the oxidation peak is found at 0.884 V.
Furthermore, a smaller oxidation peak is found at negative potentials (0.436 V) relative to the
primary oxidation peak at 0.884 V. It is possible that this new oxidation peak is due to
heterogeneous proton transfer, from 1,4-QH, to the electrode surface, yet further studies have yet
to replicate these results. Reduction of Ru(NHs)s>* and Fe(CN)s® at pH 7.01 at the NBDBF,
electrodes results in the complete absence of redox peaks, which confirms the blocking effect

produced by multiple Iayers.153' 155, 156
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Figure 40. (A.) Multiple overlaid voltammograms (first CV is the given by the thick black line)
of 1.0 mM diazonium-4-diethylamine tetrafluoroborate (DDEA) in acetonitrile with 0.1 M
TBABF, as supporting electrolyte. (B.) Voltammograms of 1.0 mM 1,4-QH; in acetonitrile with
0.2 M TBAPF; before DDEA modification (black CV) and after DDEA modification (blue CV).
All CV’s were recorded at 0.1 V s™ at a glassy carbon electrode (0.15 cm?).

The reduction of diazonium-4-diethylamine tetrafluoroborate (DDEA) on a glassy carbon
plate electrode and its effect on the oxidation of 1,4-QH, is found in Figure 40. Figure 40A
exhibits the reduction peak of 1.0 mM DDEA at -0.806 V. This irreversible reduction peak at -
0.781 V represents the reduction of the diazo group and subsequent modification of the glassy
carbon surface with the diethyamine (DEA) aryl groups. Further scans resulted in the reduction
peak shifting to more negative potentials as shown in Figure 40A. After DEA modification via
multiple scans in a solution of 1.0 mM DDEA and electrolysis for 30 seconds the voltammetry of
1,4-QH, was measured and is illustrated in Figure 40B. As with the 1,4-QH, voltammetry
measured after modification with NBDBF,, surface modification by DEA-aryl groups leads to
significant kinetic effects. The CV of 1,4-QH, after modification shows an oxidation peak at
0.763 V, only 0.035 V more positive than the CV measured prior to modification. The reduction

peak of 1,4-QH, in Figure 40B is again nearly absent, decreasing from 195.1 to 112.6 pA.

However, unlike after electrolysis of the NBDBF, solution in a protic solution, no new oxidation
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peak was found at more negative potentials relative to the primary oxidation peak at 0.763 V.
Similar to the NBDBF, modified electrodes, reduction of Ru(NHs)e®" and Fe(CN)s> at the
DDEA modified electrodes shows no redox peaks over the expected potential ranges, confirming

the blocking effect produced by multiple layers on the surface, ™ > 1°°
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6.1.3.2 Attempts at Producing Monolayers on the Surface of Glassy Carbon Electrodes via

Reduction of Diazonium Molecules
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Figure 41. (A.) Voltammograms of 1.0 mM Ru(NHz)s>* in pH ~ 2 0.1 M KClI at a glassy carbon
rod electrode (0.13 cm?) before (black CV), after DDEA modification (blue CV) and after
performing several scans in a solution of 1.0 mM Fe(CN)g> (green CV). (B.) Voltammograms of
1.0 mM Fe(CN)g> in pH ~ 5 0.1 M KCl at a glassy carbon rod electrode (0.13 cm?) before (black
CV) and after DDEA modification (blue CV). Inset in both is peak potential difference (AEy)
versus solution pH for an unmodified electrode (blue circles) and a DDEA modified electrode.
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In an attempt to modify the surface of the electrode with an aryl diethylamine monolayer
a single CV of 0.5 mM DDEA was measured at a GC rod electrode (0.13 cm?) with at a scan rate
of 1V s™ in acetonitrile. This produced a CV similar to that found in Figure 41A, above. Lower
diazonium concentrations at 1 V s were found to give the best results when evaluated by
Ru(NH3)s®* Fe(CN)s>. Other scan rates were attempted, 100, 50 and 20 V s, yet little if any
difference was found when performing scans with the electrochemical probes, Ru(NH3)e>* and
Fe(CN)s>. An expected pH-dependence of the DDEA modified electrode was found when
studying the voltammetry of Ru(NHs)s>* and Fe(CN)s*. Voltammetry of Ru(NHs)s®* and
Fe(CN)s> is found in Figure 41A and 41B, respectively. In Figure 41A the voltammetry of
Ru(NH3)s®" at pH ~ 2 is displayed before modification with DDEA, after modification and after
CV’s at five scan rates in Fe(CN)s> were performed. The AE, of the reduction of Ru(NHz)s>*
changes from 0.065 V before modification, to 0.107 V after DDEA modification. The
voltammetry of Ru(NHs)s>" was expected to change on the modified electrode at low pH. This
change is due to protonation of the aryl diethylamine groups on the surface of the electrode,
which imparts a positive charge on the face of the electrode and causes electrostatic repulsion of
positively charged species. The inset of Figure 41A illustrates the pH-dependency of
RU(NH3)63+ reduction at DDEA modified electrodes. After several scans at various scan rates
were performed in a solution of 1.0 mM Fe(CN)¢* the AE, of Ru(NHs)s®" at pH ~ 2 decreases to
0.084 V. Voltammetric scans in a solution of 1.0 mM Fe(CN)g> at the modified electrode at
various pH values were intended to act as a control for the CV’s of Ru(NHs3)e>". Since Fe(CN)g*
is negatively charged, there was believed to be little to no change in the measured voltammetry
at the modified electrode regardless of the pH. Figure 41B gives two CV’s of Fe(CN)g® at pH ~

5. Under basic conditions the voltammetry of Fe(CN)¢> was found to have increasingly larger
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AE, values, as displayed in the inset of Figure 41B. The completely reduced form of
ferricyanide, ferrocyanide (Fe(CN)¢*), and hexachloroiridate (111) (Ir(Cl)¢>) were also used to
determine if the voltammetric effects found by Fe(CN)s® reduction are solely characteristic of
the Fe(CN)e>™® redox couple, or if other negatively charged species exhibit similar results.
Oxidation of Fe(CN)g* exhibited similar results to those found by Fe(CN)¢* reduction (results
not shown). However, voltammetry of Ir(Cl)s> over the pH range of 1.94 to 10.46 revealed
little influence due to surface modification, with a change of AE, of 0.058 to 0.060 V,
respectively (results not shown). The noted influences on the voltammetry surrounding the
Fe(CN)e>™ redox couple was originally envisioned to involve heterogeneous oxidation of the

aryl diethylamine groups to aryl ethylamine-N-oxide via N-demethylation.*®2*%

However,
similar pH-dependence was discovered with reduction of Ru(NHs)e>* and Fe(CN)e¢> upon
modification of GC rod electrodes with 0.5 mM 4-nitrobenzenediazonium tetrafluoroborate
(NBDBF,) at a scan rate of 0.1 V s™*. The CV of Ru(NH3)s>* at pH 2.98 at 0.1 V s presented a
AE, of 0.110 V, while a CV at pH 11.18 showed a AE, of 0.064 V. Likewise, a CV of Fe(CN)g™
at pH 10.66 was found to have a AE, of 0.308 V, while at pH 2.72 the AE, was 0.070 V. The
values of these AE, displacements are of similar magnitude to those measured at the DDEA
modified rod electrodes. Since nitro-aryl groups are neither Bregnsted acids nor bases and cannot
be protonated, the pH-dependency is expected to be a result of some to be determined
interference within electrical double-layer.?* 1¢°

Interestingly, modification of GC electrodes at lower diazonium concentrations and scan
rates of 1 VV s is not as robust as modification at higher diazonium concentrations. Polishing

with 0.050 um alumina seems to remove the aryl groups from the surface. Voltammograms of

Ru(NHs)s>* were measured after DDEA modification and after polishing with alumina. The AE,
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was found to decrease from ~0.100 V at pH ~ 2 after modification to 0.060 V after polishing.
Similar results were found after modification of NBDBF,.
6.1.4 Conclusion

In summary, the description of the modification of two GC electrode types by two
diazonium molecules has been described. The modification of the planar GC electrodes involved
the use of commercially available diazonium species, 4-nitrobenzenediazonium tetrafluoroborate
(NBDBF,) and diazonium-4-diethylamine tetrafluoroborate (DDEA), by previously discussed
modification parameters (diazonium concentration, solvent, scan rate, electrolysis).
Modification via these methods forms multilayers of the aryl species, either nitrophenyl or N,N’-
diethylaminophenyl groups, on the surface of GC electrodes.®® > ¥ Evaluation of GC
electrodes modified by NBDBF, and DDEA shows a significantly detrimental impact on the
kinetics of three common electrochemical probes, 1,4-QH,, Ru(NHs)¢®" and Fe(CN)s>. By
lowering the diazonium concentration and performing a single modification scan at a fast scan
rate the DDEA GC electrodes illustrated the expected effects when used to reduce Ru(NHs)s>* at
low pH, while reversible CV’s were obtained at higher pH. Such effects have never been
discussed previously and the reduction of diazonium species has typically been associated with
the passivation of electrodes. Interestingly, the reduction of Fe(CN)g> at the DDEA modified
electrode presented the opposite trend that was found with Ru(NHs)s®". Reduction of Fe(CN)g>
at DDEA modified electrodes showed irreversible kinetics at high pH and reversible kinetics at
low pH. Control experiments involving the modification of GC rod electrodes by NBDBF,4
demonstrated a similar kinetic influence to DDEA modified electrodes when evaluated by
voltammetry of Ru(NHs)s®" and Fe(CN)e¢>. Currently the cause of this kinetic influence is

unknown, but will be studied by impedance measurements in an attempt to interpret these results.
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Since studies of GC modification by NBDBF, and DDEA have never discussed these findings
and have typically only evaluated the modification of GC electrodes at one pH, it may be
possible to discuss these findings in a future publication. Furthermore, the ultimate aim of this
work is to find a diazonium species that demonstrates results similar to those found in Chapters 2
and 3, facilitating PT through surface groups rather than homogeneously. For this to happen,
new diazonium molecules will need to be synthesized (Scheme 15), preferably through the newly
described in situ generation.*>" **°
6.2 Mediated Oxidation of Phenol Proton-Coupled Electron Transfer
6.2.1 Introduction

There are many examples of mediated electron transfer in the literature, one example

166 In

involves the oxidation of glutathione by tris(2,2’-bipyridyl)dichlororuthenium (11).
mediated redox systems an electroactive species, the mediator, is oxidized or reduced at the
electrode surface and then diffuses away from the electrode where it is involved in a
homogeneous electron transfer with some species of interest, the substrate. Through the
evaluation of the voltammetry of mediated electron transfer other homogeneous processes, such
as proton transfer and the kinetics involved can also be determined. Another means by which to
study mediated electron-proton transfer involves the mixing of the completely oxidized mediator
with the substrate of interest. Mixing the two species causes the oxidation of the substrate and
reduction of the mediator. Studying electron-proton transfer by this method employs various
forms of spectroscopy to evaluate the kinetics of the system.!” ™ ™ Typically, mediators are

reversible species that are reduced or oxidized at more positive or negative potentials,

respectively, relative to the species of interest. Normally, electromediaton is required for species
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that are likely to adsorb on electrodes and/or have unusually slow kinetics which makes the study
of other processes, such as proton transfer, difficult to interpret.

The goal is to evaluate whether the means of studying electron-proton transfer,
heterogeneous versus homogeneous, affects the outcome of whether a process is concerted or
stepwise. Under heterogeneous means the electron-proton transfer processes of hydroguinone
hydrogen bound to various acetates is a stepwise mechanism (Chapter 3). However, one may
find a difference in the designation of the proton-coupled electron transfer (PCET) if studied
using homogeneous electron transfer via electromediation. Through electromediation it may be
possible to better evaluate the intermediate of the electron-proton reaction, which may or may
not be involved in a hydrogen bonded complex. Although, hydroquinone chemistry has been
used in previous studies, oxidation of a phenol may be better suited to evaluating whether the
reaction is concerted or stepwise. Oxidation of phenol involves a six-membered fence scheme,
as displayed in Scheme 16, where the OH in the upper left corner represents a generic phenol
species. Utilization of phenol oxidation over QH, oxidation simplifies the oxidation process by
eliminating three possible protonation processes and two possible redox reactions. In this work,
2,4,6-tri-tert-butylphenol (TTBP, 1) was used due to its substitution by large bulky tert-butyl
groups, which should prevent it from polymerization upon oxidation.**"*®® Three different
inorganic complexes have been investigated, yet only two, tris(2,2’-bipyridine)iron (1)
hexafluorophosphate  (Fe(bpy)s(PFes)2, 2)  and  tris(1,10-phenanthroline)iron  (l1)
hexafluorophosphate (Fe(phen)s(PFe)2, 3), will oxidize TTBP in preliminary studies. However,
it is believed that the third proposed mediator, ferrocene (4), will oxidize TTBP upon addition of
acetates. The substrate and each of the investigated mediators are given below in Scheme 17.

The addition of the acetates, acetate, benzoate and trifluoroacetate, seem to have a similar effect
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on the oxidation of TTBP as they had on the oxidation of the QH,’s, however, diffusion H-

NMR studies have yet to prove this.
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Scheme 17. Structures of 2,4,6-tri-tert-butylphenol (1), tris(2,2’-bipyridine)iron (1)
hexafluorophosphate (2), tris(1,10-phenanthroline)iron (I1) hexafluorophosphate (3) and
ferrocene (4).
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6.2.2 Experimental
6.2.2.1 Reagents and Materials

Tetrabutylammonium hexafluorophosphate (TBAPFg, Fluka, electrochemical grade, >
99.0%) was heated to ~100 °C in a vacuum oven for at least 24 hours prior to use as supporting
electrolyte. Tetrabutylammonium acetate (acetate, Fluka, electrochemical grade, > 99.0 %) was
treated similarly to the TBAPFg, because it is extremely hygroscopic, however, it was heated to
only ~60 °C for at least 24 hours before use. The less hygroscopic acetates, tetrabutylammonium
benzoate (benzoate, Fluka, electrochemical grade, > 99.0 %) and tetraethylammonium
trifluoroacetate (trifluoroacetate, Fluka, > 99.0 %) were only opened and used under a nominally
dry argon atmosphere. 2,4,6-Tri-tert-butylphenol (Sigma, 98 %, TTBP), iron (Il) sulfate
heptahydrate (Sigma, > 99.0 %), 2,2’-bipyridyl (Sigma, > 99.0 %, bpy), 1,10-phenanthroline
(Sigma, > 99 %, phen), potassium hexafluorophosphate (Fluka, > 98.0 %, KPFg), anhydrous
acetonitrile (Sigma, 99.8 % with < 10 ppm H,O, ACN), ferrocene (Fluka, > 98.0 %, Fc),
ferrocenium hexafluorophosphate (Sigma, 98 %, Fc*), sulfuric acid (EM Science, 95-98 %),
ethanol (Sigma, 99.50 %, 200 proof) and diethyl ether (Sigma, > 99.9 %, inhibitor free) were all
used as received.

Synthesis of tris(2,2’-bipyridine)iron (I1) hexafluorophosphate (Fe(bpy)s(PFs),) and
tris(1,10-phenanthroline)iron (1) hexafluorophosphate (Fe(phen)s(PFg),) involved literature
procedures by mixing 0.920 g of iron (1) sulfate heptahydrate was mixed with 1.562 g and 2.000
g of 2,2°-bipyridyl and 1,10-phenanthroline, respectively in 25 mL DI H,0.}° The preparation
of both complexes involved the same procedure. These solutions were then gently warmed to

dissolve all remaining solids. Then, these solutions were filtered into two separate flasks and
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immersed in an ice bath and 2-3 mL of 1 M H,SO, was added to each. These solutions were
then filtered into two separate cold saturated solutions of 0.5 M KPFg, both of which instantly
formed a red precipitate. Then each of these solutions were filtered into a flask and the
precipitates were washed with approximately 130 mL cold DI H,O. Then they were washed
with two separate 100 mL aliquots of 200 proof ethanol, and finally each was washed with
approximately 60 mL of diethyl ether. The remaining solids were then vacuum filtered for
approximately 10 minutes to attempt to remove any remaining solvent. The solids were then
dissolved in anhydrous acetonitrile and dried under vacuum at 60 °C.
6.2.2.2 Electrochemical Methods

All electrochemical experiments were performed with a hydroquinone or quinone
concentration of 5.0 mM in 10 mL dry acetonitrile with 200 mM tetrabutylammonium
hexafluorophosphate (TBAPFg) at a glassy carbon electrode. The electrochemical experiments
were performed using a CHI660C potentiostat (CH Instruments, Austin, TX) incorporating a
CHI200B Faraday cage and picoampbooster using a three electrode cell (10 mL) in an inert
argon atmosphere. Several different 0.3 cm diameter glassy carbon electrodes (CH Instruments,
areas were consistent, between 0.07 to 0.073 cm?) were used during this work and the areas
associated with each are given in the respective figures (areas determined by the Randles-Sevcik
equation using a 1.0 mM solution of Ru(NHs)** in deionized water with 0.1 M KCI as supporting
electrolyte, where D = 6.3 x 10°).”" The same electrode was always used for a particular set of
data, for instance, data involving the addition of a particular base to protiated 1,4-QH, was used
again to record similar measurements with deuterated 1,4-hydroquinone (1,4-QD;). A platinum
flag electrode served as the auxiliary electrode, and the reference electrode was an Ag/Ag*

electrode (a silver wire immersed in the supporting electrolyte, 0.2 M TBAPF¢/3 mM silver
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nitrate/acetonitrile). The reference electrode was separated from the rest of the solution by a
glass tube capped with a porous vycor frit (CH Instruments). The potential of the silver
reference electrode was periodically measured versus the formal potential (measured as the
average of the peak potentials) of the ferrocene/ferrocenium (Fc/Fc*) couple under the same
conditions as the other experiments and thus all potentials are reported versus ferrocene as
Fc/Fc®. Prior to each use the polished glassy carbon electrode was first polished using 0.05 um
alumina paste (Buhler, Lake Bluff, Il) washed with deionized water, carefully wiped, and then
sonicated for three minutes in acetonitrile. In each experiment the solution resistance (R,) was
totally compensated via positive feedback.

6.2.3 Preliminary Results
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Figure 42. Voltammogram of 5.0 mM 2,4,6-tri-tert-butylphenol at a glassy carbon electrode
(0.072 cm?) in dry acetonitrile with 0.2 M TBAPFs as supporting electrolyte at 0.1 V/ s™.
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The voltammogram of 2,4,6-tri-tert-butylphenol (TTBP) alone is given in Figure 42.
Similar to the oxidation of QH; only one oxidation peak (I, 1.032 V) and one reduction peak (ll,
-0.200 V) are found in the voltammogram at 0.1 V s. However, unlike the oxidation of QH, in
acetonitrile, the cathodic peak current (ipc) decreases with increasing scan rate. Initially, the ip is
37.1 pA, while at scan rates as high as 5 VV s no reduction peak is found. The oxidation of
TTBP was thought to not involve the production of a polymer due to the substitution by the
bulky tert-butyl groups. However, either polymerization or a slow disproportionation reaction
occurs at the surface of the electrode and causes the loss of the reduction peak at higher scan
rates, simulations will have to confirm which process takes place. By performing experiments at
six different scan rates one can determine the redox mechanism taking place by the measurement
of the peak potential and half peak potential versus the logarithm of scan rate. A shift from a
situation where the chemical step is the rate determining step (RDS) to a situation where the
electron transfer is the RDS can be derived from the values of (E, — Ep2) and OE, /0log v. This
transition is characterized by an increase of (E, — Ep) from 47.5 to 95 mV and an increase in JE,,
/Olog v from 29.6 to 59.2 mV/decade, for a two electron process at 25 °C. Since the values
determined for (E, — Epr) and OE, /dlog v are 0.095 + 0.01 V and 0.048 + 0.004 V decade™ the
initial electron and proton transfers approximately follow an ECE process, yet are under mixed

Kinetic control.*® %’
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Figure 43. Voltammograms of 5.0 mM TTBP alone (black CV), with 5.0 mM acetate (blue CV),
10.0 mM acetate (green CV) and 20.0 mM acetate (dark yellow CV).

Addition of the acetates discussed in Chapters 3 and 4, acetate, benzoate and
trifluoroacetate, causes a similar negative shift as noted with the addition of these same acetates
to QH,. Figure 43 illustrates the growth of a new set of redox peaks (I’ and II’) at the cost of the
original TTBP peaks (I and I1) with the addition of 5.0, 10.0 and 20.0 mM acetate. Peaks I’ and
I’ are found at -0.059 and -0.651 V, respectively after addition of 20.0 mM acetate and likely
represent the one-electron-one-proton oxidation of the acetate-TTBP complex. Diffusion *H-
NMR studies are required to determine if this assessment of peaks I’ and II’ is correct. The peak
current of peaks I’ and II” increases as the concentration of acetate increases due to the increase
of acetate and thus complexed TTBP in solution versus its conjugate acid, which is produced by
the oxidation of TTBP. The potential window is shortened in the acetate addition CV’s because

of the oxidation of acetate at 0.820 V, which is responsible for the trailing anodic current at 0.6
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V in Figure 43. Oxidation of acetates at the surface of GC electrodes has been known to
modify/passivate the electrode.!™® In voltammograms of TTBP with 20.0 mM acetate with larger
potential windows, the second one-electron oxidation peak of TTBP can be found at 1.045 V, yet
there is no apparent reduction peak coupled to this oxidation. It is likely that reduction of all
phenolic species proceeds through the reduction process at peak II’, however, further studies are
needed to confirm this. The addition of benzoate demonstrates a similar growth of a new redox
peak system at negative potentials with respect to the original TTBP redox peaks (I and II).
Table 13 presents data taken from voltammograms of 5.0 mM TTBP with acetate, benzoate and
trifluoroacetate. From the data in Table 13 there is an apparent correlation between the shift in
the oxidation peak, I’, and the pK, of the acetate. Initial experiments with the addition of
trifluoroacetate to 5.0 mM TTBP resulted in the growth of a new oxidation peak without an
accompanying reduction peak, thus only data corresponding to the addition of 10.0 mM
trifluoroacetate is given in Table 13. Further experiments with trifluoroacetate are required to
understand this chemistry and determine if this is a reproducible effect. The values of OEp/dlogv
and E, — Epp, for peak I’ are much larger than those found for the addition of the amines or
acetates to the QH,’s (Chapters 2 and 3). However, the values of JEp/dlogv and E, — Ep, for
peak II’, -0.036 and -0.064 V, respectively, appear to indicate mixed kinetic control of the

electron-proton transfer, assuming a two-electron, one proton transfer.*® ?’
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Table 13. Voltammetric values from the addition of acetate, benzoate and trifluoroacetate to 5.0

mM TTBP.
pPKa® |Epr | Epiw |AE, | dEp/dlogv | dEp/dlogy | Ep—Epp | Ep—Epp
V)?* (V) [ (v)° v vV vV, | (V, peak
decade™, | decade®, | peak I’) 1°)
Peak I’) | Peak II”)
Acetate 22.3 | -0.059 |-0.651 | 0.592 | 0.105 -0.036 0.172 -0.064
Benzoate 20.7 |0.177 |-0.650 |0.827 | 0.201 -0.044 0.102 -0.069
Trifluoroacetate | 12.65 | 0.846 | - - - - - -
& All voltammetric data taken from CV’s at 0.1 V s with 0.2 M TBAPF; as supporting electrolyte and 20.0 mM of the indicated acetate, except for data
from trifluoroacetate CV’s, which were from the addition of 10.0 mM trifluoroacetate.

Currently, the only mediators that have been investigated are (2,2’-bipyridine)iron (1)
hexafluorophosphate (Fe(bpy)s(PFg)2), tris(1,10-phenanthroline)iron (I1) hexafluorophosphate
(Fe(phen);(PFg)2) and ferrocene. The formal potentials of each of these potential mediators are
given in Table 14. Typically, iron (II) complexes are used to oxidize phenols and
hydroquinones.” " 1%° Both Fe(bpy)s(PFs), and Fe(phen)s(PFe), will oxidize TTBP alone and a
CV of 5.0 mM of each mediator with 5.0 mM TTBP shows an enhanced catalytic oxidation
current for the oxidation of the mediators (data not shown). Ferrocene will not mediate the
oxidation of TTBP alone, however upon addition of the various acetates this oxidation cycle may
be possible, since the formal potential of ferrocene is at 0.000 V, similar to the oxidation
potentials of TTBP with acetate and benzoate. If ferrocene is found to be an inadequate
mediator, then other metal complexes will be investigated, which have more negative formal
potentials.

Possible chromium (1I) mediators and their determined formal potentials are

presented in Table 15,72
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Table 14. Formal potentials of investigated possible mediators.

Complex E° (V)
Fe(bpy)s(PFe)2 0.779
Fe(phen)s(PFg), 0.791
Ferrocene 0.000

* Estimated from measurement of Ey, values, where Eyj; = (Epa + Epc)/2.

Table 15. Complexes and their formal potentials to be used as possible mediators in the
oxidation of TTBP.

Complex E° (V)
Cr(bpy)s™* -0.26

Cr(phen);”* 028

Cr(Tpy),"" " -0.17

& The formal potentials were determined from the chloride salts of the respective complexes in H,0.'"
b Tpy = 2,2°:6°,2”-Terpyridine

6.2.4 Conclusion

In summary, the addition of acetates, acetate, benzoate and trifluoroaceate, to TTBP
results in similar voltammetry to that obtained in the oxidation of QH,-acetate complexes.
Diffusion H-NMR studies are needed to determine whether TTBP-acetate complexes are
formed. Upon determining whether hydrogen bound TTBP-acetate complexes are formed,
inorganic complexes will be used in an attempt to mediate this oxidation through homogeneous
electron transfer. Of the three complexes investigated to this point, tris(2,2’-bipyridine)iron (I1)
hexafluorophosphate (Fe(bpy)s(PFs)2), tris(1,10-phenanthroline)iron (I1) hexafluorophosphate
(Fe(phen)s;(PFg)2) and ferrocene, only ferrocene seems to be a likely candidate based on its low
determined formal potential (0.000 V) compared to the oxidation potentials of the supposed

TTBP-acetate complexes (-0.059 to 0.846 V). Nevertheless, if the given mediators are found
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unsuitable, various polypyridine complexes of chromium will be investigated as possible
mediators of the TTBP-acetate complexes.
7.0 Conclusion

The results described in this dissertation show that the type (strong or weak) and state
(charged or uncharged) of an added acid/base species can dramatically affect the kinetics and
thermodynamics of the quinone/hydroquinone couple and less intricate proton-coupled electron
transfer processes (PCET). The goal of this work was to study the electrochemical kinetics and
thermodynamics of PCET systems that exhibited proton transfer to or from weak acids and bases
and also through complexation. The knowledge established from this body of work could in the
future be applied to electrode surfaces in order to make a reusable heterogeneous catalyst to be
used in fuel cells or in chemical syntheses. Furthermore, this body of work is also directly
applicable to biological enzymes, where within a low dielectric environment, similar to aprotic
solvents, electron and proton transfers are catalyzed.

The addition of amines and carboxylates were both shown to make the oxidation of QH,
easier in acetonitrile, via voltammetry. The observed potential shift from anodic potentials (~1
V) to less positive and even sometimes cathodic potentials was directly proportional to the pK,
of the added species. Complexation via hydrogen bonds was found for the oxidation of QH>’s
in the presence of acetates in acetonitrile, while oxidation of QH;’s in the presence of amines
was found to undergo proton transfer from the QH; to the amine. Complexation of QH, by
acetate was established via 'H-NMR. Here, a downfield shift of the phenolic proton peak or
decrease in the diffusion coefficient (D) indicated complexation between QH, and the added

species, because a complex will exhibit a smaller D than that of the QH, alone. Performing such
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measurements is a novel concept in the study of PCET reactions, since this method involves in
situ measurements of the diffusion coefficient.

The oxidation process of QH, both alone and in the presence of added species in
acetonitrile is relatively unknown and in the past many assumptions have been made discussing
this process. The many parameters that are often unknown and a cause for much of the oxidation
process debate are the six pK;’s of the nine-membered square scheme. Here, the six pK, values
were determined and used in the simulations of QH;’s with the added amines and acetates. The
simulations also included the determined D’s determined by 'H-NMR, reducing the number of fit
parameters in simulations, thus enhancing the accuracy of the simulations. Furthermore, the
evaluation of the voltammetry of QH; with titrated amines and carboxylates also assisted in the
determination of the oxidation process, which further enhances the accuracy of the voltammetric
fittings. The oxidation of the QH;’s both alone and with 30.0 mM of the acetates in acetonitrile
was found to involve an ECEC process, while that of the QH,’s with titrated amines involved a
CEEC process. The determination of the oxidation process of 1,4-hydroquinone (1,4-QH,) in the
presence of 10.0 mM acetate was more difficult, as this process exhibited two oxidation peaks.
From the determined kinetic association constants of the QH>’s with the acetates the process was
determined to involve a mixed complexation reaction and a proton transfer reaction. The proton
transfer reaction was also studied via enhancement of this process through addition of conjugate
acids to the QHj-acetate solutions. Through studies of the voltammetry, knowledge of the
kinetic constants of the QH,/acetate species, kinetics of the homoconjugation reaction and the
initial concentrations of each species the proton transfer reaction involved a CEEC oxidation.

The study of two viologen-like molecules assisted in the determination of kinetic effects

under unbuffered and buffered conditions. In this study, both N-methyl-4,4’-bipyridyl chloride
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(NMBC"), a reversible electroactive species, and 1-(4-Pyridyl)Pyridinium Chloride (PPC™), an
irreversible electroactive species were evaluated. The reduction of these two molecules was
initially believed to be more easily understood than the quinone/hydroquinone couple since the
reduction of these species only involves electron and proton transfer to six species rather than
nine. In order to understand the experimental results a hypothetical model involving a simulated
species, B, was undertaken. The experimental and simulated species both exhibited the known
thermodynamic effects brought about by performing experiments in buffer or without buffer.
However, by measuring the peak-to-peak separation (AE,) during the known voltammetry
thermodynamic effects exhibited a broadening of the peaks due to the transition from a CE to EC
reaction, when studying only one electron-proton transfer. This effect was further amplified
through simulations by lowering the Kinetic rate constants for proton transfer, which limits
proton transfer during the transition, causing maximum broadening of the voltammetric peaks at
the midpoint pH between pK,; and pKa». In order to visualize this effect experimentally, the
buffer concentration was lowered considerably, which limits proton transfer causing the peaks to
separate. Interestingly, another influence on the experimental voltammetry was the apparent
potential inversion of the PPC" species under aqueous and non-aqueous conditions. This result
was further studied by computational methods including simulations, however, the simulations
of both PPC* and NMBC" were somewhat inconclusive due to the the influence of inverted
potentials and surface absorption.

Some preliminary work has been discussed on potential future directions for this work
including the modification glassy carbon electrodes by diazonium species and the study of
hydrogen bound species by electromediation. It is the expectation that the knowledge of proton

transfer processes and hydrogen bond complexations between QH;’s and amines and
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carboxylates, respectively, can be applied to an electrode surface for the purpose of visualizing
heterogeneous catalysis. Additionally, in the future the goal is to study hydrogen bound
complexes of QH, and acetate or phenols with acetate via electromediated oxidation. It is
possible that a concerted proton-electron transfer may be happening, but it is difficult to
visualize via heterogeneous electron transfer at the electrode and homogeneous proton transfer in

solution.  Therefore, the goal is to study both the electron and proton transfer process

homogeneously.
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9.1 Supporting Figures
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Figure Al. Voltammetry (line) and simulations (circles) of 5 mM 1,4-QH, with (A.) 10 mM
pyridine at 0.2 V s™, (C.) 8.5 mM DIPEA 0.6 V s* and (E.) 8.3 mM TEA at 0.6 V s™.
Voltammetry (line) and simulations (circles) of 5 mM 1,2-QH, with (B.) 10 mM pyridine at 0.2
Vst (D.) 8.1 mM DIPEA at 0.6 Vs and (F.) 7.5 mM TEA at 0.6 V s™. All data shown here
was recorded under argon at a glassy carbon electrode (0.06 cm?) with 0.200 M TBAPFs.
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Figure A2. UV-vis spectra of HQ (1.00 mM) alone (black line) and with 22 equivalents of TEA
(blue line).

b
E b

b ¢ d "

Figure A3. 5 mM 1,4-QH, with 0, 3 and 10 mM DIPEA. Peaks a and b are the aromatic and
phenolic protons of 1,4-QH,, while peaks ¢, d and e are the aryl protons of DIPEA. The black
square is the HDO peak.
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Figure A4. CV’s (solid curves) and simulations (open circles) of 5.0 mM 1,4-QH; at scan rates
of (A.) 0.1 V/s, (B.) 2 V/s. CV’s and simulations of 5.0 mM 1,2-QH, are also displayed, at scan
rates of (C.) 0.1 V/s and (D.) 0.2 V/s. CV’s were recorded in anhydrous acetonitrile with 0.2 M
TBAPFs as supporting electrolyte at a glassy carbon electrode (0.06 cm?). Associated
parameters given below.

(10)QH, ==  QHy" +e-  E%q 14012 =0.357 V, E%10, 12-g12 =0.754 V, Ks, 101,4-Q12 =(4.4 £
1) X 10 /g, Ks, 10.1.2-H2 =(1 £ 0.1) X 107 “"/s, ai301.4-0n2 =0.5, 10,1 212 =0.4

(11) QH," == QH +H"  Kequ 11, 1402 =4.1 X 10° M, Kequ, 11, 1,2-QH2 =6.5 X 10° M, Ky a1, 1.4-
QH2 =1.2 X 103 S_l, kf, 11, 1,2-QH2 =2.6 X 106 S_l, kb1 11, 1,4-QH2 =2.9 X 105 M_l S_l, kby 11, 1,2-QH2 =4 X 103
ML st

(12) QH == QH"+e- E’1p 14042 =0.357 V, E%12 14.012 =0.494 V, ks 12, 14-0r2 =(5.6 = 1.5)
X107 <M/, Ks121.2-0H2 =(1.1% 0.2) X 107 M/, 012,1,4-QH2 =0.5, 012,12-gH2 =0.47

(13)QH" == Q+H" Keqy, 13 14-012=0.65 M, K, 13, 1.4-0n2 =0.12 5, Kp, 13, 1.4-0r12 =0.18 M™*
sT, Kequ, 13, 1,2-0H2 =1.3 X 10 ke, 13, 12-QH2 =1 X 107, kp, 13 12-QH2 =9.4 X 10°®

(14) QH + QH X5 Hemiketal l‘ib_‘ Q+ QHz  Kegu 142 14012 =5 X 10" MY, Ky 142, 1.4-QH2
=7.2 X 10_8 |\/|_1 S_l, kb’ 14a, 1,4-QH2 =1.4 X 10_15 S_l; Kequ, 14b, 1,4-QH2 =3.2 X 10_6 M, kf’ 14b, 1,4-QH2 =8.9 x
10° 5™, K, 140, 14012 =28 M s

Potentials given for each of the fittings is given vs. Fc/Fc*. For the parameters displayed above,
E° represents the simulated value of the formal potential, ks represents the heterogeneous kinetic
constant, a is the transfer coefficient, Keq, IS the homogeneous equilibrium constant, and ks and
ky, are the forward and backward rate constants for the indicated homogeneous reaction. For the
above simulations, Dy 4.oH2 = 2.8 x 10° cm? s and Dy .01 = 3.0 x 10° cm? s (from Table 3
and 7).
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Alternative Schemes for Fitting QH, with Amine Voltammetry
Below are some of the alternative Schemes used to fit the voltammetry of the QH,’s with the
amines. A brief discussion involving each scheme is provided below.

Scheme Al

QH,+B == QH +BH" (15)
QH == QH +e- (16)
QH +B == Q +BH' (A1)
Q" == Q+e- (A2)
QH+QH == Q+QH; (14)
Scheme A2

QH,+B == QH +BH" (15)
QH + BH" == QH(BH) (A3)
QH(BH) == QH(BH) +¢ (A4)
QH(BH) == QH'(BH)+¢ (A5)
QH'(BH) == QH"+BH" (A6)
QH'+B == Q+BH" (18)
Scheme A3

QH, +B == QHy(B) (26)
QHy(B) == QH."(B) (28)
QH,"(B) == QH +BH" (30)
QH == QH"+¢ (12)
QH"+B == Q+BH" (18)
QH +QH == Q+QH; (14)

Scheme Al never fit the reduction peak (peak II’), the reduction peak current was always too
low. Scheme A2, the ion-pairing mechanism, like Scheme ALl never fit the reduction peak
because the peak current was always too low. Though the PGE-'H-NMR results did not show
that there was a complexation between the amines and QH; this mechanism was attempted
anyway. This mechanism was unable to fit the voltammetry because the only reasonable values
for the equilibrium constant of equation 26, Kz, were low values ~ 10 — 30 M™, while the
iterative fittings always involved large Ky values. This was reasoned due to the low values
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found in other recent studies that document hydrogen bonding between quinone and acid/base
: 55, 57
species.”™

Some of the digital simulation fittings are provided above, Figure Al, while the kinetic
values associated with those fittings are provided below, Table Al. Less than two equivalents of
the alkylamines (DIPEA and TEA) were added to the QHy’s, typically ~8 mM, due to their
oxidation at potentials noted in the text (Table 1). Oxidation of these bases would modify the
surface of the electrode and significantly affect the electrochemistry displayed if cautious
additions were not made.'”™ ' Because of this some of the original QH, electrochemical
response (peak | and 1) can still be noted at anodic potentials (such as in Figure Al, C. and D.,
~0.8 V vs. Fc/Fc*). However, Figure Al D., E. and F. all show some oxidation of the added
amine at potentials of ~0.5 V (vs. Fc/Fc). However, single experiments were conducted at 0.1
V s on polished electrodes in which greater than 10 mM of the alkylamines was added to the
QH; solutions. These experiments showed that there was not a significant impact on the
oxidation peak of the QH..

(15) QH,+B == QH +BH" Kequ, 15, Kf, 15, Kb, 15
(16) QH' —= QH +e- E®s6, Ks, 16, 016
(17) QH == QH" +e- E®17, ks, 17, 07
(18)QH"+B == Q+BH" Kequ, 18, Kt, 18, Kb, 18

(14)QH +QH == Q+QHz  Keqy, 14, Kr, 14, Kb, 14

168

www.manaraa.com



169

Table Al. Digital simulation fitting parameters used to fit the QH,’s with Brensted bases added.

TEA DIPEA Pyridine

Parameter 1,4-QH; 1,2-QH; 1,4-QH; 1,2-QH; 1,4-QH; 1,2-QH;
Kequ, 15 5.6x10° |0.0027 5.6x10° |0.009 0.0069 0.006
ki 15/M*sT | 1x10° 5 x 10° 5 x 10° 1x 107 1x 107 1x 10’
E%/V? -0.606 -0.096 -0.466 -0.166 0.094 0.304
ks,16 /cms™ | 0.023 + 0.031 0.05 0.0925+ [0.1 0.029 +

0.003 0.004 0.003
016 0.50 0.50 0.50 0.50 0.50 0.50
E%; IV? -0.646 -0.376 -0.796 -0.596 -0.556 -0.056
ks,17/cms™ | 0.03 0.028 0.045 + 0.046 + 0.12 0.028

0.007 0.008

a7 0.50 0.50 0.50 0.50 0.50 0.50
Kequ, 18 3.9x10* |39x10" [32x10" [35x10" [32x107 [53x10°
ki 1s/MTsT 4.9 9 0.8 55 4.5 5
Kequ, 14 3.30x107 [7.8x10® |[2.16x10* [7.19x 10 |3.04x10® [1.07x10%
ki 4/M7's? [18x10° [17x10* [16x10° |1x10° 1.6 x 10 2.0 x 10"
Doz °Jcm”s” | 2.8x10” 2.8x10” 2.8x10” 2.8x10° 2.8x10” 2.8x10”
Deg’/cm?s™ [31x10° [3.1x10° [33x10° [3.3x10° |44x10° [4.4x10”
Dere °lem’s [ 21x10° |21x10° |[23x10° [23x10° [26x10° |2.6x10°

® Formal potentials are measured vs. Fc/Fc”.

b All QH, species used the given diffusion coefficients, regardless of protonation or redox state, protonated bases used their respective protonated D

values.
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Figure A5. Volatammetry (lines) and simulations (circles) of 5.0 mM 1,4-Q with 114 mM acetic
acid at (A) 0.6 and (B) 1 V s, with 12 mM DIPEAH+ at (C) 0.6 and (D) 1 V s}, and with 13
mM pyridinium at (E) 0.6 and (F) 1 V s*. All voltammetry here was performed in dry
acetonitrile under an argon environment at a glassy carbon electrode (0.060 cm?).
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(19) Q +e-

(20) Q"+ H”
(21) QH +e-
(22) QH +H*

(23) Q + QH;

Table A2. Digital simulation fitting parameters used to fit 1,4-Q with Brensted acids added.

= Q

== QH

== QH

QH:

QH +QH:

—
—~—

f—
~—

E®0, K, 19, 019
Kequ, 20, Kf, 20, Kb, 20
E®1, Ks, 21, 021
Kequ, 22, Kf, 22, Kb, 22

Kequ, 23, Kf, 23, Kb, 23

Parameters | 1,4-Q with Acetic Acid | 1,4-Q with DIPEAH" | 1,4-Q with Pyridinium
E%* IV -0.646 -0.756 -0.356

ks 10/"s | 0.078 £0.02 0.054 +0.01 (8.9+0.8)x 107
01 0.50 0.50 0.50

Kequ, 20 1.6 x 10° (M7 8 x 10° (M7 1.6 x 10°(M™
Kt 20 1.7 x10° (M sy 3.4x10°(M* s 1.7 x 10" (M s
E%* IV -0.474 -0.475 -0.124

Ks, 21 M5 (2.0 +0.008) x 10™ (2.2+0.1) x 10™ (3.0+0.8) x 10™
a1 0.50 0.50 0.50

Kequ, 22 5.5x10" (M™) 6.9 x 10°(M™) 5.5 x 10°(M7)

Kt 22 0.26 (M*s? 9 (M*s? 4 (M*sh

Kequ, 23 0.19 1.4 0.19

Kt 23 3.6x 10" (M*sh 2.8x10°(M* s 3.6x 10" (M*sh
Di4q’ 3.5x 107 3.5x10” 3.5x10”

fem? s

Dp- 6x 10 6x107° 6x 10

fem? s

® Formal potentials are measured vs. Fc/Fc”.

> All QH, species used the given diffusion coefficients, regardless of protonation or redox state, protonated bases used their respective
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protonated D values.
C'D value found for H,O diffusion in d;-ACN by PGE-NMR, also this value is similar to that from the literature.’

AS (ppm)

Figure A6. (A.) Molar ratio analyses for 5.0 mM 1,4-QH, with trifluoroacetate (black circles),
acetate (blue squares) and benzoate (red diamonds) all at 5 °C. Molar ratio analyses for 5.0 mM
1,2-QH, with trifluoroacetate (black circles, at 25 °C), acetate (blue squares, at 5 °C) and
benzoate (red diamonds, at 5 °C).

To determine the association constants for the QH,’s with acetate and benzoate at 25 °C,
'H-NMR spectra were measured between 5°C and 15°C where the exchange peak for the QH,
and acetate/benzoate complex is observed. Determination of the association constants at each
temperature was completed by fitting to the 1:2 binding isotherm (equation 25). The Kinetic
constants and the associated error were fit to the van’t Hoff equation, equation A7, which
allowed for extrapolation of the association constants (K) at 25 °C. Missing data points were
removed via the use of a g-test.

(0 In K2)/(8(1/T)) = -AH/R (A7)
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Figure A7. van’t Hoff plots of 1,4-QH, with acetate (A.) and benzoate (B.) and 1,2-QH, with
acetate (C.) and benzoate (D.). The values to determine K; are given by the black circles and
line in each plot, while the values to determine K are given by the gray squares and line in each
plot. Lines represent the fitting of the van’t Hoff equation to the data between 5 and 15 °C.
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Figure A8. Voltammetry and simulations of 1,2-QH, with 10.0 trifluoroacetate at (A.) 0.1 and
(B.) 1V s. Voltammetry and simulations of 1,2-QH, with 30.0 trifluoroacetate at (C.) 0.1 and
(D.) 1V st Voltammetry and simulations of 1,2-QH, with 20.0 benzoate at (E.) 0.1 and (F.) 1
V st. Voltammetry and simulations of 1,2-QH, with 20.0 acetate at (A.) 0.1 and (B.) 1V s™.
All voltammetry recorded in 0.2 M TBAPF; in anhydrous acetonitrile under argon at a glassy
carbon electrode (area range 0.06 to 0.073 cm?).
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Figure A9. Voltammograms of 5.0 mM 1,4-QH; with 10.0 (black line) and 30.0 mM acetate
(gray line) and simulations thereof (open black circles for 10.0 mM and closed gray circles at
30.0 mM) at 0.2 and 1 V s™ (A.) and (B.), respectively. Voltammograms of 5.0 mM 1,4-QH,
with 10.0 (black line) and 30.0 mM benzoate (gray line) and simulations thereof (open black
circles for 10.0 mM and closed gray circles at 30.0 mM) at 0.2 and 1 V s* (C.) and (D.),
respectively. Voltammogram of 5.0 mM 1,4-QH, with 10.0 mM trifluoroacetate (black line) and
simulation thereof (black open circles) at 0.2 V s™, (E.). Voltammogram of 5.0 mM 1,4-QH,
with 30.0 mM trifluoroacetate (black line) and simulation thereof (black open circles) at 0.5V s
! (F.). Voltammograms of 5.0 mM 1,4-QH, with 10.0 (black line) and 30.0 mM trifluoroacetate
(gray line) and simulations thereof (open black circles for 10.0 mM and closed gray circles at
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30.0mM) at1V s (G.). All voltammetry recorded in 0.2 M TBAPFs in anhydrous acetonitrile
under argon at a glassy carbon electrode (area range 0.07 to 0.073 cm?).

The parameters of Scheme 8 for the fitting of the above voltammograms can be found
below. All formal potentials are reported as versus the ferrocene/ferrocenium couple in
acetonitrile. The diffusion coefficients of all QH; species, no matter the state of oxidation, with
the exception of 1,4-Q (3.5x10™ cm? s, Table 3 and 7), were as reported in the text, Tables 3
and 7 . The diffusion coefficients of the base and conjugate acids are the same as those reported
in the text and here, Tables 3 and 7, respectively. The diffusion coefficient of H*, used in
Scheme 8, was 6 x 10 cm?® s, found using the PGE-"H-NMR technique on the HDO peak in
acetonitrile.

Scheme 8A
(26) QH,+B == QHq(B)

Fitting to CV of 1,4-QH,/10 mM Acetate — Keq, = 200 M™ kf 1x 108 M? s kb =5x10°s*

Fitting to CV of 1,4-QH,/10 mM Benzoate — Keq, = 473 M Jki=1x 108 Mt st k, =211 x 10°
-1

S

Flttlng to CV of 1,4-QH,/10 mM Trifluoroacetate — Keqy=55 M, k¢ = 1 x 10° M s, k, = 1.82

x10° st
(27) QH2(B) + B° == QHa(B).

Fitting to CV of 1,4-QH,/10 mM Acetate — Keqy = 155 M2 ke=1x 108 Mt st k, =6.452 x 10°

S1

Fitting to CV of 1,4-QH,/10 mM Benzoate — Keq, = 200 M™ kf 1x108M?ts?t kb =5x10°s*
Fitting to CV of 1,4-QHz/10 mM Trifluoroacetate — Keqy= 5 M* ke=1x10° M s™, ky = 2 x10
S

(28) QHz(B) == QH,"(B)+e¢

Fitting to CV of 1,4-QH,/10 mM Acetate — E° = -0.51 V, a.= 0.5, ks = 0.0005 cm s‘1
Fitting to CV of 1,4-QH2/10 mM Benzoate — E° = -0.45 V, a. = 0.5, ks = 0.0005 cm s *
Fitting to CV of 1,4-QH,/10 mM Trifluoroacetate — E° = -0.1 V, o.= 0.5, ks = 0.0001 cm st
(29) QHz(B)z _— QH2+'(B)2 +e

Fitting to CV of 1,4-QH,/10 mM Acetate — E° = -0.53 V, a.= 0.5, ks = 0.0005 cm st
Fitting to CV of 1,4-QH/10 mM Benzoate — E° = -0.47 V, a. = 0.5, ks = 0.0005 cm s *
Fitting to CV of 1,4-QH,/10 mM Trifluoroacetate — E° =-0.12 V, a = 0.5, ks = 0.0001 cm st
(30)QH,"(B) == QH +HB

Flttlng to CV of 1,4-QH,/10 mM Acetate — Keq = 8 X 107" M, ks =1 x 10° 5™, k, = 1.25 x 10" M™
S
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1Fitlting to CV of 1,4-QH,/10 mM Benzoate — Keqy = 2 X 10° M, ke = 1 x 10° s, ky =5 x 10" M’
¢
1Fitting to CV of 1,4-QH,/10 mM Trifluoroacetate — Keq,=1x10®, ki=1x10% s}, kp = 1x10"" M &

(31) QH2+'(B)2 == QH +HB;

Fitgingl to CV of 1,4-QH,/10 mM Acetate — Keq = 0.0001422 M, ks = 1 x 10° s, ky = 7.032 x 10"

\Y/ Iy

Ilzittling to CV of 1,4-QH,/10 mM Benzoate — Keq, = 1.837x107°, ke=1x10° 5™, ky, = 5.444x10" M’
.

Fitting to CV of 1,4-QH,/10 mM Trifluoroacetate — Keq,=6.98x10°, k=1x10° s*, kp =

1.433x108 Mt st

(32) QH == QH'+¢

Fitting to CV of 1,4-QH,/10 mM Acetate — E° =-0.37 V, a.= 0.5, ks = 0.005 cm s
Fitting to CV of 1,4-QH,/10 mM Benzoate — E° = -0.42 V, 0. = 0.5, ks = 0.002 cm s™*
Fitting to CV of 1,4-QH,/10 mM Trifluoroacetate — E° -0.04 V, o = 0.5, ks = 0.00005 cm s™*

(33) QH' + HB, == 1,4-Q + H,B,

Fit}in% to CV of 1,4-QH,/10 mM Acetate — Keqy = 385.28, k= 1 x 10° M™ s, ky = 2.596 x 10°
Mts

Fitting to CV of 1,4-QH,/10 mM Benzoate — Keqy = 200, ke = 1 x 10° M™ s, ky =5x 10° M* s
Fitting to CV of 1,4-QH,/10 mM Trifluoroacetate — Keq,=1000, ki=1x10° M s k, = 1x10° M™
-1

S

(14)QH +QH == Q+QH;

1Fittling to CV of 1,4-QH,/10 mM Acetate — Keq, = 479.68, ke = 1x10° M 5™, k, = 2.085 x 10° M’
.

Fitting to CV of 1,4-QH,/10 mM Benzoate — Keq, = 600, k¢ = 1x10° M s™, k, = 166.67 M s

Fitting to CV of 1,4-QH,/10 mM Trifluoroacetate - Keq, =25, k¢ = 1000 M s™ ky =40 M s

(349 HB == B+H"

Fitting to CV of 1,4-QH,/10 mM Acetate — Kegy = 5.0 X 102 M, ke = 1 x 10° s, ky = 2 x 10" M’
1.1

S
Fitting to CV of 1,4-QH2/10 mM Benzoate — Keq, = 2.0 x 107" M, k¢ = 1 x10° s, ky = 5 x 10%°
Mtgst
Fitting to CV of 1,4-QH,/10 mM Trifluoroacetate — Keq,=2.2x10™° M, k¢ = 6.78x10* s,
kp=3.081x10"" M s
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(35) HB+B == HB,

Fitting to CV of 1,4-QH,/10 mM Acetate — Keqy =6x10° M, ke = 1x 10° M s, k;, = 1.6667 5™
Fitting to CV of 1,4-QH,/10 mM Benzoate — Keqy = 4x10° M ke = 1x 10° Mt s, k, = 2.5 s
Fitting to CV of 1,4-QH/10 mM Trifluoroacetate — Kequ=7.6x10* M, k¢ = 1 x 10° M™ ™, Kk, =
1315.8 5

(X)HB, == HB+HB

FitEing to CV of 1,4-QH,/10 mM Acetate — Keqy =7.713x10° M, k¢ = 141.18 s™, ky=1.831x10°
Mg

Fitting to CV of 1,4-QH,/10 mM Benzoate — Keq, =2.28x10° M, ks = 55, ky=2.193x10° M s
Fitting to CV of 1,4-QH,/10 mM Trifluoroacetate — Keq,=1.869x10™° M, k¢ = 100 s,
ky,=5.352x10" M s

Scheme 8B
(26) QH2,+B == QH3(B)

Fitting to CV of 1,4-QH,/30 mM Acetate - Keqy =202 M, ks =1x 10° M s™, ky = 4.95 x 10° ™
F_iltting to CV of 1,4-QH,/30 mM Benzoate — Kegy = 473 M, ks =1 x 10° M™ 5™, k, = 2.11 x 10°
Eilt(t)isnglto CV of 1,4-QH,/30 mM Trifluoroacetate - Keq,=55 M™, k¢ = 1 x 10° M s, k, = 1.82
Zi)t}i:_(ig to CV of 1,2-QH,/10 & 30 mM Acetate - Keg, = 1250 M, ke = 1 x 10° M? s k, = 8 x
Eilt(t)Lnglto CV of 1,2-QH/30 mM Trifluoroacetate - Keq,=270 M™, ks = 1 x 10® M s, k, = 3.704

(27) QH(B) + B == QH(B).

Fitting to CV of 1,4-QH,/30 mM Acetate - Kegy = 155 M, ks =1 x 10° M s™, ky = 6.45 x 10° 5™
Filtting to CV of 1,4-QH,/30 mM Benzoate — Kegy = 209 M™, k= 1 x 10° M s, ky, = 4.79 x 10°
¢

Filtting to CV of 1,4-QH,/30 mM Trifluoroacetate - Keg,=5 M™, ks = 1 x 10° M s, ky = 2 x10’
¢

Fitting to CV of 1,2-QH,/10 & 30 mM Acetate - Keq, = 400 M™, ks =5 x 10* M™ s, k, = 125 s
Fitting to CV of 1,2-QH,/30 mM Trifluoroacetate - Keq,=82 M, k= 1 x 10° M™ s, ky = 1.22
x10° st

(31) QHz(B)2 == QHy"(B)+€

Fitting to CV of 1,4-QH,/30 mM Acetate — E° = -0.636 V, a.= 0.5, ks = 0.0005 cm st
Fitting to CV of 1,4-QH./30 mM Benzoate — E° = -0.516 V, . =0.5, ks = 0.00078 cm s™*
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Fitting to CV of 1,4-QH,/30 mM Trifluoroacetate — E° =-0.134 V, a = 0.5, ks = 0.003 cm st
Fitting to CV of 1,2-QH2/10 & 30 mM Acetate - E° = -0.14 V, a = 0.5, ks = 0.0012 cm s™
Fitting to CV of 1,2-QH,/30 mM Trifluoroacetate — E° =0.22 V, o.= 0.5, ks = 0.002 cm s™*

(36) QH;"(B), == QH(B) +HB

Fitting to CV of 1,4-QH,/30 mM Acetate — Kegy = 1x 10° 5|\/| ks = 1000 s kb = 1x10® M s
Fitting to CV of 1,4-QH,/30 mM Benzoate — Keqy = 1x10”° M, ke = 2000 s, kp = 2x108 Mgt
Flttlng to CV of 1,4-QH,/30 mM Trifluoroacetate — Keq, = 0.12 M, k¢ = 1x10° 51 .k, = 8.33 x 10*
M1t

Flttlng to CV of 1,2-QH/10 & 30 mM Acetate - Kegy = 15 M, k¢ = 1x10° s, ky = 6.67 x 10° M™*
S

F|tt|r11zg to CV of 1,2-QH,/30 mM Trifluoroacetate - Keqy = 3. 9x107° M, k¢ = 1x108 s, k, = 2.564
x 10%Mts?t

(37) QH(B) == QH'(B)+¢

Fitting to CV of 1,4-QH,/30 mM Acetate — E° = -0.636 V, a.= 0.5, ks = 0.08 cm st

Fitting to CV of 1,4-QH,/30 mM Benzoate — E° = -0.716 V, a. = 0.5, ks = 0.0025 cm s™*
Fitting to CV of 1,4-QH,/30 mM Trifluoroacetate — E° = -0.436 V, a. = 0.5, ks = 0.003 cm s™*
Fitting to CV of 1,2-QH»/10 & 30 mM Acetate — E° =-0.36 V, a = 0.5, ks = 0.003 cm st
Fitting to CV of 1,2-QH,/30 mM Trifluoroacetate — E° = 0.14 V, a = 0.5, ks = 0.0019 cm s™

(38) QH'(B) == Q+HB

Fitting to CV of 1,4-QH,/30 mM Acetate — Keq, = 0.88 M, k¢ = 1x10% ™ kb =1.14x 10* Mt st
Fitting to CV of 1,4-QH,/30 mM Benzoate — Keq, = 0.002 M, k¢ = 1 X 10° 51 , kp = 5x10"° Mt st
Fllttlng to CV of 1,4-QH,/30 mM Trifluoroacetate — Kegy = 0.1 M, k¢ = 1x10% 5L, ky = 1x10° M
¢

Flttlng to CV of 1,2-QH»/10 & 30 mM Acetate — Keqy = 0.11 M, k¢ = 1x108 s, ky = 9.091x10°8
Mtst

Fitting to CV of 1,2-QH,/30 mM Trifluoroacetate - Kegy = 1000 M, k¢ = 1x10% s™, k, = 1x10° M™

S-l

(39) QH(B) + QH(B) == Q + QH2(B):

Flttlng to CV of 1,4-QH/30 mM Acetate — Keq, = 8.8 x 10%, k¢ = 0.0019 M™* s, ky = 2.16 x 107
Mgt

Fitting to CV of 1,4-QH/30 mM Benzoate — Kegu = 4.8 X 10° ke = 0.19 Mt s k, = 3.96 x 107
Mgt

Fitting to CV of 1,4-QH,/30 mM Trifluoroacetate — Keqy = 9. 79x10%, ks = 12 Mt st Kk, =
0.00012 M* s

Flttlng to CV of 1,2-QH2/10 & 30 mM Acetate — Keq, = 38.317, k¢ = 0.0002 s, ky = 5.22x10°°
Mgt

Fitting to CV of 1,2-QH,/30 mM Trifluoroacetate — Keqy = 1.499x10’, k¢ = 1x10* s, ky =
0.0006669 M™* st
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Scheme 8C
(26) QH2+ B == QH3(B)

Fitting to CV of 1,2-QH,/30 mM Benzoate — Keqy = 1.4x10° M, ke = 1 x 10° M™ s, ky = 714.29
-1
S

(28) QHz(B) == QH;"(B) +e

Fitting to CV of 1,2-QH,/30 mM Benzoate — E° = -0.2 V, 0. =0.5, ks = 7x10° cm s

(30) QH,"(B) == QH +HB

Fitting to CV of 1,2-QH,/30 mM Benzoate — Keqy = 2x10°° M, k¢ = 1x10* s, ky = 5x108 M 5™
(40) QH +B == QH(B)

Fitting to CV of 1,2-QH,/30 mM Benzoate — Keqy = 1000 M, ks = 1x 10° M™* st ky =1 x 10°§
1

(37)QH(B) == QH'(B) +¢
Fitting to CV of 1,2-QH,/30 mM Benzoate — E° = -0.39084 V, 0. =0.5, ks = 9x10° cm s™
(38) QH'(B) == Q+HB

Il:itting to CV of 1,2-QH,/30 mM Benzoate — Keq, = 0.0002 M, k¢ = 2500 s, k, = 1.25x10" M™ s”

(41) QH +QH(B) == Q+QHy(B)

Fitting to CV of 1,2-QH,/10 mM Benzoate — Keq, = 120, k¢ = 1x10° M s™, k, = 83.333 M ' s

Scheme 8D

Parameters for this fitting found above in Table Al.
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Figure A10. Change in the diffusion coefficient of 5.0 mM 1,4-QHj; in the presence of A.) 10.0
and B.) 30.0 mM trifluoroacetate as trifluoroacetic acid is titrated. Change in the diffusion
coefficient of 5.0 mM 1,4-QHy; in the presence of C.) 10.0 and D.) 30.0 mM benzoate as benzoic
acid is titrated. Change in the diffusion coefficient of 5.0 mM 1,4-QH, in the presence of E.)
10.0 and F.) 30.0 mM acetate as acetic acid is titrated. Solid lines do not represent fittings to the
data. Filled circles represent the 1,4-QH, data with the indicated acetate and titrated conjugate
acid, while the open circles and gray line represent the 1,4-QH, alone in solution with the titrated

conjugate acid.
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Figure A11. Voltammetry (solid lines) and simulations (open circles) of 2.0 mM PPC™ in 0.1 M
succinate buffer with KCI (I = 0.5) at pH 4. Experiments performed at a glassy carbon electrode
(0.073cm?) at A.) 0.1 or B.) 1V s at 300 K.
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Scheme A4. Equations and parameters used for fitting PPC" in 0.1 M Succinate pH 4.

BH, + PPC* == HPPC* + BH-

Kequ = 0.010108, k¢ = 9900 M™ s, k, = 9.794x10° M s
BH- + PPC* == HPPC*" + B*

Kequ = 0.00037555, k¢ = 740 M™ s, ky = 1.97x10° Mt s
PPC* +e- == PPC

E°=-0.522V, 0 =0.6, ks = 4.8x10™ cm s™

BH, + PPC' == HPPC" + BH-

Kequ = 66.575, ki = 2x10° M s™, ky = 3.755x107 M st
BH- + PPC —= HPPC* + B

Kequ = 2.4735, k¢ = 0.0004 M™ s, k, = 0.00016171 M s
PPC +e- == PPC°

E°=-0.498 V, 0.=0.26, ks = 0.00014 cm s™

HPPC* + e- == HPPC"

E°=-0.29605 V, a. =0.5, ks = 5.4x10° cm 5™

BH, + PPC® HPPC® + BH-

—
~

Kequ = 4.393x10°, k¢ = 3.9x107 M s, k, = 8.877x10™ M* s*

BH-+PPC® == HPPC®+BH”

Kequ = 1.632x10%, ks = 0.026 M™ s, ky = 1.593x10° M* s
HPPC™ +e- == HPPC°

E°=-0.29605 V, a. =0.5, ks = 5.4x10° cm s™

HPPC? + HPPC® == HPPC" + HPPC"

(A8)

(A9)

(A10)

(Al1)

(A12)

(A13)

(A14)

(A15)

(A16)

(Al7)

(A18)
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Kequ = 0.39223, ke = 2x10° M s, k, = 5.099x10* M™* s7*
9.2 Information Regarding Parameters in PGE-'H-NMR Experiments, an Example of the

Data Obtained and Control Experiments

p1 g1 grid_p1 pw g2 grad_p1

di do dz2 d3 d4 I
h 4 acquisition

grad_cw

A4

T : 12
Figure A12. Pulse sequence of the PGE-'H-NMR technique on a Varian NMR.}" 78
Values and important information regarding the PGE-NMR sequence can be found in
Figure A12, were: 6 = 1 ms, while A = varied depending on sample and pulse width (pw, 180°)
value (generally ~73 ms), applied gradient range (grad_p1 and grad_p2) was 20-30 G cm™ in 10
steps.”” Y"1 The delay times were d1 = 2.000 s, d0 = d3 = 0.001 s, and d2 = d4 = 0.020 s. The

parameter grad_cw was kept at 0 G

8305 1 T T 1 . . _
s . 1 cm™, as this parameter is typically
310 - i —
= ! 1 used in DOSY experiments.'’” *®
= -3.15- i .
= 320’ S~ o e - 1 Also, the parameter tramp (on Varian
3 25; . ] PGE-NMR) programs remained at 0
_33&;l ] s throughout the collection of the
400 500 600 700 800 900
2,2 -2
G” (G'ecm ™) PGE arrays.  Furthermore, these

Figure A13. Example of graphical analysis of the
PGE-"H-NMR spectra of the HDO peak in D;0.  experiments were not conducted in
Inset, PGE-'H-NMR spectra for HDO in D-O.

the stimulated mode (also known as,

Pulsed Gradient Stimulated Echo (PGSE)), and therefore “n” was the input for this parameter,
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indicating no.*”" 1® Figure A13 gives an example of the graphical analysis and PGE spectra
obtained upon performing a PGE-"H-NMR experiment on the HDO singlet peak in 100 % D-0.
Before diffusion coefficients determined by NMR could be used in simulations or other
analyses, it was necessary to apply a correction factor. The purpose of the correction factor was
to correct the diffusion coefficients determined by *H-NMR (Dnwr) measured in isotopically
enriched solvents without supporting electrolyte for those in isotopically unenriched solvents
(D¢) with various supporting electrolytes. This difference in medium composition can be taken
into account using the Stokes-Einstein equation, which establishes that the diffusion coefficient,
D, is inversely proportional to the solvent or medium viscosity, n, that is
D = kTnY/(6mry) (A19)
where ry, is the hydrodynamic radius of the diffusing species, k is Boltzmann’s constant, and T is
the absolute temperature. Assuming that the hydrodynamic radius and temperature remain
constant, the following relation can be made,
Dini = Don (A20)
where the subscripts 1 and 2 represent the two medium compositions under investigation.
Viscosities were measured at 25 °C by determining the flow times, t, of the solutions of different
composition in an Ostwald capillary viscosimeter and their densities, p, using a calibrated
balance and 1 mL of each solution. Thus, the solution viscosity can be determined using the
relation,
n = Bpt (A21)
where B is a calibration constant. Once the viscosity ratio between the two solvents was known,
often in this work between CD3;CN and 0.2 M TBAPFg in CH3CN, was obtained, the Dnmr

values can be corrected for differences in medium composition, giving the corrected diffusion
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coefficients, Dc. The following relation allows for the determination of the D values in 0.2 M
TBAPFg in CH;CN."

Dc = (1.04)Dnmr (A22)
This correction factor, 1.04, was determined by Sun et al”®.

To determine whether ion pairing is responsible for the noted changes in diffusion NMR,
experiments with 1,4-QH, with 10.0 mM and 0.2 mM TBAPFs (same as supporting electrolyte
concentration) were performed. The diffusion coefficient (D) of 1,4-QH; in 10.0 mM TBAPFs
was 2.83x10”° cm? s (+1.4% change), while the D of 1,4-QH, in 0.2 mM TBAPFs was 2.60x10"
>cm?s™ (-6.8%). A similar experiment was also performed using 10.0 mM tetrabutylammonium
perchlorate (TBACIO,) was performed, which gave a D of 2.75 x 10®° cm? s (-1.4%). All of
these values were corrected for changes in viscosity of light acetonitrile containing 0.2 mM of
the indicated electrolyte in CD3CN. However, a new correction factor for the diffusion
experiment performed with 0.2 mM TBAPFs had to be made, by determining the viscosity of
light and heavy acetonitrile containing 0.2 mM TBAPFs. The correction factor was found to be
1.08, and was used for the above stated value for the D value of 1,4-QH, with 0.2 MM TBAPFs.

Since Dywr Vvalues were also determined for PPC* and NMBC" under both aqueous
buffered and unbuffered conditions, correction factors were necessary to calculate their D¢
values at various pH’s and in various buffers. Table A3 gives the various correction factors for

the indicated buffers or unbuffered solution under the indicated conditions. When the Dywur

values were determined the PGE-'H-NMR measurements were made in 100 % D,0.
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Table A3. Correction factors used to correct the Dywvr Values determined for NMBC™ and PPC*
under the given aqueous unbuffered and buffered conditions.

Solution and Conditions

Correction Factor

H,0O alone, pH = 1.01

1.21

H,O with KCI (1=0.5), pH = 1.00 1.22
H,O with KCI (1=0.5), pH = 3.53 1.23
H,O with KCI (1=0.5), pH = 5.32 1.22
H,O with KCI (1=0.5), pH = 8.84 1.26
H,O with KCI (1=0.5), pH = 10.27 1.26
H,O with KCI (1=0.5), pH = 12.53 1.26
0.1 M Phosphate with KCI (I =0.5), pH = 1.00 1.20
0.1 M Phosphate with KCI (I =0.5), pH = 2.00 1.21
0.1 M Phosphate with KCI (I =0.5), pH = 3.00 1.22
0.1 M Phosphate with KCI (1 = 0.5), pH = 4.00 1.21
0.1 M Phosphate with KCI (I =0.5), pH = 5.00 1.21
0.1 M Phosphate with KCI (1 = 0.5), pH = 6.00 1.20
0.1 M Phosphate with KCI (I =0.5), pH = 7.00 1.21
0.1 M Phosphate with KCI (I =0.5), pH = 8.00 1.24
0.1 M Phosphate with KCI (1 = 0.5), pH = 9.00 1.21
0.1 M Phosphate with KCI (I = 0.5), pH = 10.00 1.23
0.1 M Phosphate with KCI (1 = 0.5), pH = 11.00 1.25
0.1 M Phosphate with KCI (I =0.5), pH = 12.00 1.26
0.01 M Phosphate with KCI (I =0.5), pH = 1.00 1.22
0.01 M Phosphate with KCI (I =0.5), pH = 2.00 1.24
0.01 M Phosphate with KCI (I = 0.5), pH = 3.00 1.24
0.01 M Phosphate with KCI (I = 0.5), pH = 4.00 1.25
0.01 M Phosphate with KCI (I = 0.5), pH =5.00 1.22
0.01 M Phosphate with KCI (I = 0.5), pH = 6.00 1.23
0.01 M Phosphate with KCI (1 =0.5), pH =7.00 1.25
0.01 M Phosphate with KCI (1 = 0.5), pH = 8.00 1.25
0.01 M Phosphate with KCI (I = 0.5), pH =9.00 1.23
0.01 M Phosphate with KCI (I = 0.5), pH = 10.00 1.23
0.01 M Phosphate with KCI (I = 0.5), pH = 11.00 1.27
0.01 M Phosphate with KCI (I = 0.5), pH = 12.00 1.27
0.1 M Phosphate with KCI (1 = 0.5), pH = pK;1 = 2.15 1.22
0.1 M Malate with KCI (1 = 0.5), pH = pK,; 3.40 1.21
0.1 M Citrate with KCI (1 = 0.5), pH = pK,1=3.13 1.20
0.1 M Borate with KCI (I = 0.5), pH = pK,1 =9.23 1.21
0.1 M CAPS with KCI (1 =0.5), pH = pK,; =10.4 1.14
0.1 M Carbonate with KCI (1 = 0.5), pH = pK;1 =6.35 1.23
0.1 M TES with KCI (I = 0.5), pH = pK, = 7.40 1.21
0.1 M THAM with KCI (I =0.5), pH = pK; = 8.06 1.21
0.1 M Glycine with KCI (1 =0.5), pH = pK,1 = 2.35 1.22
0.1 M Glycine with KCI (1 = 0.5), pH = pK,, =9.78 1.21

187

www.manaraa.com



188

0.1 M Phosphate with KCI (I = 0.5), pH = pK,, =7.20 1.20
0.1 M ACES with KCI (I =0.5), pH = pK,=6.78 1.19
0.1 M Citrate with KCI (I = 0.5), pH = pK,, = 6.40 1.15
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