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ABSTRACT: We describe a solid state electrode structure based
on a biologically derived proton-active redox center, riboflavin
(RFN). The redox reaction of RFN is a pH-dependent process that
requires no water. The electrode was fabricated using our
previously described ‘stuffing’ method to entrap RFN into vapor
phase polymerized poly(3,4-ethylenedioxythiophene). The elec-
trode is shown to be capable of measuring the proton activity in the
form of an effective pH over a range of different water contents
including nonaqueous systems and ionic liquids (ILs). This
demonstrates that the entrapment of the redox center facilitates
direct electron communication with the polymer. This work
provides a miniaturizable system to determine pH (effective) in
nonaqueous systems as well as in ionic liquids. The ability to measure pH (effective) is an important step toward the ability to
customize ILs with suitable pH (effective) for catalytic reactions and biotechnology applications such as protein preservation.

Currently, measurement of proton activity (PA) (and
thereby pH) in nonaqueous systems is hampered by lack

of adequate and easily available measurement systems. Use of
conventional glass-electrode pH probes, without considering
the junction between the media and the water-based reference
solution in the pH electrode, often produces unreliable or
questionable measurements. In recent years, research in the
field of ionic liquids (ILs) has been venturing further into
biotechnological applications and a measure of the effective PA
of the liquid is an important property in this context. This is
particularly true for an understanding of phenomena such as
the stabilization of proteins by some ILs, as well as the use of
ILs more generally as solvents for pH-sensitive catalysis.1−4 An
ability to measure PA in ILs would not only help to control/
study reactions where the PA is crucial, but also open up the
route to tailor ILs with suitable PA to preserve therapeutic
protein formulations.5,6 Deviation from the protein preferred
PA can affect its folding energy and stability, causing undesired
behavior, such as aggregation and fibrillization.5 Angell et al.
have shown that varying PA can radically change normal folding
processes of proteins.6 Different proteins have different
preferred PA ranges, e.g., lysozyme was stabilized in IL7 with
the PA around 4−6.5 Recent work involving an IL stabilized
form of the protein interleukin II, which is of interest in skin
cancer treatment,8 showed that it was necessary to control the
PA in a narrow range in order to fully stabilize this protein. A
buffer IL proved to be the means of doing so,9 demonstrating

that a means of directly measuring and adjusting PA in such
hydrated IL mixtures is a vital issue.
In previous studies, the PA of ILs have been estimated by

potentiometric titration,10−13 by using solvatochromic indica-
tors (often using the Hammett method),14−19 by NMR studies
of tagged solvent molecules added to the IL20 or by observation
of proton chemical shift measurements in protic ILs (PILs)
using NMR.6 Byrne and Angell showed that the increase in the
δ(N−H) shift of the PIL indicated an increase in the basic
character of the IL.6 Electrochemical methods have emerged
recently; Bautista-Martinez et al. established an electrochemical
method based on measuring the potential difference between
the onset of the proton reduction and hydrogen oxidation
reactions to measure PA.21 Barhdadi et al. used two
electrochemical approaches to determine pKa of N-bases in
several aprotic ILs.10 Kanzaki and co-workers studied acid−base
properties of N-methylimidazolium based PILs using potentio-
metric and calorimetric titrations. They established correlation
between pKs (the acid−base equilibrium constant) and pKa and
found that proton-donating ability of acids is different in the
PILs.22 However, these methods are usually based on the use of
a bubbling H2 electrode which limits their practical use. The
dynamic determination of pKa based on cyclic voltammetry10
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has only been shown thus far to be applicable for measuring
pKa of acid−base systems dissolved in large amount of neutral
aprotic IL, not for measuring the PA of the IL itself.
In this paper, we describe the fabrication of a miniaturizable

solid-state electrode structure which is PA sensitive in
nonaqueous liquids. By calibrating the sensor in aqueous buffer
systems, it is possible to estimate equivalent PA in nonaqueous
media and thereby obtain a measure of the apparent or effective
pH (termed “pH (effective)”) in these nonaqueous media.
Given that a standard state for the proton has yet to be
established in these media, this measurement cannot represent
an absolute activity; nonetheless it provides an accessible
method of comparing effective PA across a range of media. The
sensor is based on the biologically derived, proton-active redox
center, riboflavin (RFN). RFN is an essential water-soluble
vitamin (vitamin B2), which forms the electron shuttling center
of flavin adenine dinucleotide (FAD), a coenzyme important in
many enzymatic reactions. The oxidation and reduction of RFN
(see Scheme 1) is a PA-dependent process that requires no

water.23,24 The reduction and oxidation of the RFN complex
can be followed electrochemically. In this work, a PA sensitive
electrode was constructed by incorporation of RFN into a
conducting polymer, poly(3,4-ethylenedioxythiophene)
(PEDOT), using the stuffing method previously shown to
successfully establish the direct communication between the
polymer and a biomolecule.25,26 After calibration in various
buffer-systems, the sensor capability is then demonstrated in a
nonaqueous acid−base titration and to determine pH
(effective) of a protic IL of particular interest in biotechno-
logical applications, choline dihydrogenphosphate (choline
dhp).

■ METHODS
Buffer Preparation. To test the performance of the

PEDOT/RFN electrode as a pH (effective) sensor in solutions
with a range of ions, aqueous buffers were prepared across a pH
range of 3−9. Details of the buffers used are as follows;
Potassium hydrogen phthalate buffers (C8H5KO4): pH 3.05,
pH 4.00, pH 5.06. Sodium phosphate buffers (Na2HPO4/
NaH2PO4): pH 4.4, pH 6.12, pH 7.00, pH 7.91, pH 8.55. The
pH of these buffers was measured using a Mettler Toledo pH
meter.
PEDOT-RFN Electrode Preparation. The method of

trapping the RFN in the network is based on the procedure
described by Winther-Jensen et al.26 and Thompson et al.25

Vapor phase polymerized PEDOT film was prepared as
previous reported25,26 (see detail in Supporting Information).
The unwashed film was soaked in a solution consisting of a
saturated aqueous RFN solution (1.5 g/L) and washed several

times with water. This led to removal of the excess reduced iron
from the film, collapse of the expanded structure of the polymer
network and trapping of the RFN inside the film. The
composite material was dried at room temperature overnight
before use. Typically, the required area of the working electrode
was only ∼2 × 3 mm.

PA Sensing. The PEDOT/RFN composite electrode was
used as the working electrode in a 3-electrode electrochemical
cell; this allows PA sensing of the electrolyte solution. The
voltage shift of the redox couple of the entrapped RFN was
observed using slow scan rate cyclic voltammetry. Platinum
wire and platinum/cobaltocene were used as counter and
pseudoreference electrode, respectively. As comparisons of
peak potentials were to be made across different solvent
systems, an internal standard redox couple was added into the
electrolyte solution prior to measurement.27,28 As the solubility
of the commonly used ferrocene was insufficient in aqueous
solutions, cobaltocene was used as reference redox couple in
these solutions. The choice of cobaltocene or ferrocene as an
internal reference in this work is designed to remove as far as
possible any effect of the changing solvent environment on the
redox potential of the reference system. Ten millimoles of
cobaltocene (Sigma-Aldrich) was added to 1 mL of the
electrolyte solution to be tested, and gently heated to 40 °C for
up to an hour to assist dissolution.
Nitrogen gas was bubbled into the electrolyte for at least 30

min before CV scans were started. Scans were also performed
in electrolyte systems without cobaltocene. At least 3 CV scans
at 10 mV/s were made in each electrolyte, with the voltage
range between −1.5 and −0.2 V vs platinum. The peak
positions of the RFN and cobaltocene reduction and oxidation
peaks were measured, and these peak positions were used to
provide an estimate of the pH of the electrolyte solution
(Figure 1).

pH Calculations. CV’s from various pH buffers described in
section Buffer Preparation, using PEDOT/RFN as the working
electrode, were used to construct a calibration curve. The peak
potentials (Eox, Ered) or E0 obtained from the mid point
between Eox and Ered of RFN were determined relative to the
peak potential of cobaltocene, and plotted against the pH of the
solution. Linear regressions of the data were performed to
determine formulas and the standard error for estimations of
pH.
To determine pH (effective) of the hydrated IL choline

dihydrogen phosphate (choline dhp), the peak positions of
RFN relative to the standard cobaltocene peaks were
determined by CV scans of PEDOT/RFN in the mixtures of
10%, 20%, 40%, 60% and 80% (w/w) choline dhp in distilled
water. The difference in E0 voltages (RFN vs cobaltocene) and
the formulas displayed in Figure 2 were used to determine the
pH (effective) of the mixtures.

Acid−Base Titrations in Nonaqueous Media. PEDOT/
RFN electrodes were used to monitor the pH (effective)
change during the titration of triflic acid (Sigma) with n-
butylamine (Sigma). Triflic acid forms a solid salt at the end
point with butylamine; therefore, anhydrous propylene
carbonate was used as a medium for the titration. One milliliter
of triflic acid was mixed with 2 mL f propylene carbonate. Seven
millimolar tetrabutylammonium hexafluorophosphate and 8
mM ferrocene were added as supporting electrolyte and as the
internal standard, respectively. Ferrocene was used instead of
cobaltocene in this experiment due to significant proton
reduction at potentials higher than the redox reaction of

Scheme 1. Reduction and Oxidation of RFN Shows a
Proton-Dependent Process Involving Two Electrons
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cobaltocene. CV scans in the range of +0.5 to −1 V (vs
platinum) were performed. The pH (effective) was determined
from the shift of the RFN reduction peak after conversion to
the cobaltocene potential scale based on the Ferrocene/
Ferricinium − Co(C5H5)

2+/Co(C5H5)2 difference being
−1.337 V.29 The reduction peak potentials were used (see
Supporting Information) in this case due to poor resolution of
the oxidation peak potentials in highly acidic and highly basic
conditions.
Safety Considerations. Triflic acid fumes when expose to

moisture in the air and has to be handled in a fume hood.
Acid−base titration of triflic acid and butylamine has to be
carried out in a fume hood as the reaction can be vigorous.
Personal protective equipment (gloves, apron and goggles) has
to be worn.

■ RESULTS AND DISCUSSION
Aqueous Buffer Measurements. The PEDOT-RFN

electrode was first tested in aqueous buffers to confirm the
linearity of the RFN peak potential shifts across a range of pH
ranges between 3 and 9 with a variety of buffer compositions.
Typical cyclic voltammograms (CVs) are shown in Figure 1.

The RFN peak positions relative to the cobaltocene peak
shifted linearly with pH, with higher voltages observed in
solutions with lower pHs, as shown in Figure 2. Beyond the pH

range 3−9, the peak positions become less responsive to pH.
The R2 value of the linear fit in Figure 2 is 0.99, indicating good
linearity of the data. The calculated standard errors associated
with estimates of pH based on the linear regression were ±0.02.
Thus, these studies in aqueous solution demonstrate that the
PEDOT-RFN electrode is capable of producing a signal that

shifts linearly with pH, and can be used to yield pH estimates in
a small volume of electrolyte. A slope of 0.059 V per decade
would be expected for a 1 e−/1 H+ or 2 e−/2 H+ process and
the observed slope in the pH range 3−9 is close to this value.
However, as shown recently,30 the process is somewhat more
complex and involves several intermediate steps, the result of
which could produce a lower slope overall.

pH (Effective) Estimates in a Nonaqueous Acid−Base
Titration. To demonstrate the use of the PEDOT-RFN
electrode in a nonaqueous context, the pH (effective) was
monitored during addition of butylamine to triflic acid as
concentrated solutions (33% v/v) in propylene carbonate.
Protic ionic liquids based on the triflate anion have been
explored extensively by Watanabe’s group in recent years and
their potentiometric measurements provide some insight into
the effective proton activity in these media under various
conditions of temperature and concentration.31 The titration
began from pure triflic acid and butylamine was gradually
added. A CV was measured after each addition of butylamine
and the reduction potential differences between RFN and
ferrocene were obtained. The pH (effective) estimates were
calculated as described in the Methods section and the resulting
titration curve is shown in Figure 3. Triflic acid is a strong acid

and thereby understood to be an active source of protons. At
the beginning of the titration, a strong proton reduction wave
appeared and, only after a small amount of butylamine
(Xbutylamine = 0.008) had been added, was the riboflavin
reduction peak distinguishable from the proton reduction
wave. Upon increasing the amount of butylamine, the pH
(effective) increased and a clear step was observed between pH
3 and pH 8. From an estimate of the point of maximum slope
in Figure 3, the end point was estimated to be pH (effective)
6.4 where the mole fraction of butylamine (Xbutylamine) was
0.511 ± 0.006. The end point is quite clearly not Xbutylamine =
0.5 from Figure 3 and this is thought to be the result of small
amounts of impurities in the butylamine (including water and
CO2 absorbed during the procedure). This illustrates the
usefulness of the electrode in revealing such impurity issues. In
the context of protic ILs, which are often prepared in a similar
fashion, a 1:1 mol ratio used to produce such an ionic liquid
would actually be slightly acid-rich, potentially producing a
distinctly acidic IL.

pH (Effective) Estimates in a Hydrated IL across a
Range of Water Activities. The PEDOT/RFN electrode

Figure 1. CVs of PEDOT/RFN in aqueous pH 7.0 phosphate buffer
with a cobaltocene (Cc) internal reference. The peaks used in the pH
calculations are labeled.

Figure 2. E0 (RFN) in the PEDOT/RFN electrode versus a
cobaltocene (Cc) reference redox pair in a range of buffer solutions.

Figure 3. pH (effective) estimate during an acid−base titration of
triflic acid with butylamine as concentrated solutions in propylene
carbonate. The pH (effective) error estimates from the calibration
curve (±0.02) are within the size of the data points.
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material was used in choline dhp with a range of water contents
to provide an insight as to how pH (effective) is affected by the
water activity. Choline dhp is typical of the hydrated ILs used in
biological applications. The estimates of pH (effective) based
on shifts in E0 are shown in Figure 4 below.

These results clearly indicate a somewhat unexpected set of
trends in pH (effective) as water content is varied in the choline
dhp-water system. Beginning with the dilute aqueous solution,
the pH (effective) initially drops below that of the dilute
aqueous value (∼5.5) with increasing choline dhp concen-
tration. This reflects the impact of the increasing dhp content
on ion activity in an electrolyte solution such as this. At higher
salt concentrations, the trend reverses and the pH (effective)
begins to rise with increasing salt content due to the impact of
the decreasing water activity on the dhp dissociation reaction
(eq 1); the free energy of formation of the H3O

+ species
represents an important contributing factor in the overall free
energy change in this process.

+ = +− − +H PO H O HPO H O2 4 2 4
2

3 (1)

Solvation of the dhp anions by one another in complex-ion
species of the type discussed by Johannsson et al.32 may also be
a factor in this increasing pH (effective) as this type of solvation
stabilizes the labile proton in the complex. Further studies to
confirm this behavior will be reported elsewhere.
This work has demonstrated that electrodes constructed

from PEDOT combined with the PA-sensitive biological redox
mediator provide a simple way to electrochemically estimate
the pH of very low water content media. By being able to
measure the pH (effective) of media across a range of water
activities and neat acid/base compositions of the type used in
protic ionic liquids, a better understanding and control of
proton activity can be realized. The reference redox couple
(ferrocene or cobaltocene) has been dissolved in the mixture in
this work; however, it could equally be isolated in a separate
fritted reference electrode assembly as is common in ion
selective electrodes.

■ CONCLUSION
In summary, we have demonstrated a system to measure pH
(effective) trends in aqueous and nonaqueous solutions
covering pH 3−9 using a bioderived redox couple incorporated
in PEDOT. The system is suitable for miniaturization as only a
few square millimeters of electrode area is needed and there is
no need for H2 bubbling reference electrode. The established
calibration curve was then used to estimate pH (effective) in

choline dhp water mixtures and in a nonaqueous acid−base
titration. The general approach we describe here of the use of a
conducting polymer to host a biomolecule/redox center as a
chemical sensing species has wider applicability to biotechno-
logical applications, particularly for applications involving
proteins or biochemical processes, for example, biosensors
and biocatalytic electrodes.
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