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Summary

The oxidation-reduction midpoint potentials (E,) of the following com-
pounds have been measured in the range of pH from 3 to 12 by polarography:
methyl viologen; benzyl viologen; 2-hydroxy-1,4-naphthoquinone; 2-hydroxy-
1,4-anthraquinone; N,N,N’,N’,-tetramethyl-p-phenylenediamine; 2,3,5,6-tetra-
methyl-p-phenylenediamine; phenazine; N-methylphenazonium methosulfate;
N-methylphenazonium sulfonate methosulfate; N-ethylphenazonium ethosul-
fate; pyocyanine; neutral red; safranin; phenol red; chlorophenol red; cresol
red; bromocresol purple; 2,5-dibromo-3-methyl-6-isopropylbenzoquinone and
5-n-undecyl-6-hydroxy-4,7-dioxobenzothiazole. Many of these previously
assumed to have a simple behavior in this range have proven to be rather more
complicated, and several anomalous observations have been reconciled.

Introduction

Oxidation-reduction reactions underlie many of the reactions involved in the
biological manipulation of chemical free energy. In mitochondria, chloroplasts
and many bacteria a series of electron (and proton) carriers cooperate to cata-
lyze the oxidation of reduced substrates or photochemically reduced com-
pounds, conserving the free energy in a form which can subsequently be used

* To whom correspondence should be addressed.
Abbreviations: DAD, 2,3,5,6-tetramethyl-p-phenylenediamine; TMPD, N,N,N’,N'-tetramethyl-p-phenyl-
enediamine; PMS, N-methylphenazonium methosulfate; PES, N-ethylphenazonium ethosulfate.
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for the phosphorylation of ADP. As a first step in the elucidation of the paths
of electrons in such systems, electrons are assumed to flow from components
with more negative oxidation-reduction (redox) midpoint potentials (E,) to
those with more positive E,,. The E,, is defined as the electrochemical potential
of a solution where half of the component of interest is in the oxidized form,
and half is reduced; E,, values are usually considered with respect to the stan-
dard hydrogen electrode. The most widely used technique for the measurement
of E, values in biological systems is redox potentiometry ([see Refs. 1 and 2]).
In this procedure, some property of the biological molecule of interest is moni-
tored as a function of the ambient electrochemical potential, the latter being
varied by the addition of small aliquots of chemical reductant or oxidant. The
ambient potential is usually monitored with a platinum electrode, and since
this does not usually react with biological molecules, so called ‘redox media-
tors’ are added to catalyze electrical equilibration. Rapid equilibration clearly
requires that both oxidized and reduced form of the mediator be present, as
would be found near the E,;, of the mediator, and several different mediators
are usually employed to allow redox potentiometry over a significant range of
ambient potentials. Although a variety of compounds have been used as redox
mediators, their equilibrium E, values have not been studied over the range of
pH often employed in biological experimentation. In the experiments reported
here we have used polarography to determine the E, values of the compounds
most commonly used as redox mediators over the pH range pH 3 to pH 12. We
also report the E, values of some common inhibitors and pH indicator dyes.

Theoretical considerations, Materials and Methods

For the benefit of the general reader we present a brief description of the
techniques we have used. Direct current polarography is an electroanalytical
technique where the current flowing at an electrode is measured as a function
of potential. In the measurements reported here we have used two different
electrodes, a dropping mercury electrode, and one made of glassy carbon. In
both cases the electrochemistry occurs at the electrode surface, and there is no
stirring to bring the entire sample to equilibrium. The dropping mercury elec-
trode isreplaced twice a second, and the voltage is varied at a rate of 2—5 mV/s.
A typical determination is shown in Fig. 1, which shows the four modes avail-
able with the Princeton Applied Research Polarographic Analyzer. In direct
current and sampled direct current polarography the potential is varied in a
linear fashion, and the experiment is a steady-state process in that the solution
in the vicinity of the electrode is stirred when the mercury drop is knocked off,
The succeeding drop thus grows in an essentially identjcal environment to ‘its
predecessor. In direct current polarography the current is measured continu-
ously, and the current oscillates as the mercury drop grows, and is then
knocked off. There are two contributions to the current; faradaic current as a
result of electron flow to the solution, and capacitance current to charge the
electrode. Both vary during the lifetime of the drop, resulting in the ‘spikey’
trace seen in Fig. 1. For a discussion of the somewhat complicated nature of
the oscillations, the reader is referred to the book by Sawyer and Roberts [3].
In current sampled direct current polarography the current is measured for
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Fig. 1. Direct current (d.c.) polarography using a dropping mercury electrode. 800 uM phenol red was dis-
solved in the buffer described in the Materials and Methods section at pH 5.3 (4 mM Hepes, Mes, Tricine,
glycine, arginine and 100 mM KCl). The four operational modes of the Princeton Applied Research
Polarographic Analyzer are shown, as discussed in the text. The scan rate was 5 mV/s. Scale: 2 uA, except
for pulse: 5 uA.

only the last few ms of the lifetime of the drop, to minimize the capacitance
current and to maximize the faradaic current; as can be seen in Fig. 1, this
results in a much clearer trace. Because each new drop of mercury is formed
under essentially identical conditions, the limiting current is constant on the
plateau of the wave, and does not decrease due to depletion of the reactants at
the electrode. The current at this plateau is limited only by the rate of arrival
of the reactant, and is diffusion limited. The potential at which the current is
one half of the diffusion limited value is the half wave potential (E,,;). For a
reversible system, the current potential relationship is
T ..
Eome = Eyz + 25 1n(1=9)
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where R, T, n and F have the usual meanings, iy is the diffusion limited current
and i is the current at a particular potential, E4,,.. This is, of course, very
similar to the familiar Nernst equation:

_ RT  [oxidized]

Ep=Epm+ nF In [reduced]

Thus, providing that the oxidized and reduced forms of the component under
study both react with the electrode, E,,, is equivalent to E,, (see Ref. 3).

In pulse polarography, a potential pulse is applied to the mercury drop near
the end of its life, with the electrode being held at the initial potential for its
growth period. The current is sampled only during the potential pulse, and the
shape of the resulting polarogram is similar to that of current sampled direct
current polarography. This method is more sensitive than direct current pola-
rography, as discussed in Ref. 3. Differential pulse polarography involves the
application of a linearly increasing direct current ramp to the electrode, with
the superimposition of a fixed pulse at regular intervals. The polarogram dis-
plays the difference between the current just before, and at the end of the
pulse, and in this case the peak of the polarogram is equivalent to E,,.

In our measurements the electrochemical properties of various molecules
were determined in high ionic strength (100 mM KCl), because such conditions
are usually used in biological experiments. The dropping mercury electrode
cannot be used at potentials much above 0 mV under these conditions, because
of the production of calomel at the electrode surface. To measure potentials
above 0 mV we have used a glassy carbon or platinum electrode, operating in the
direct current mode. These electrodes are not renewed during the experiment,
and the polarograms are quite different in appearance from those generated
with the dropping mercury electrode. With the glassy carbon or platinum elec-
trodes the reactants next to the electrode are replaced only by diffusion, so
maximal current flows only near the midpoint potential of the electroactive
components (Fig. 2). The position of the current maximum varies with the rate
of voltage variation, but at any given rate the difference between E,,, measured
with the glassy carbon or platinum electrode, and with the dropping mercury
electrode seems to be a constant (see Figs. 3—8).

We have measured the E,, values of a variety of chemicals as a function of
pH, because this reveals information about whether protons are involved in the
oxidation-reduction reaction. Clark [1] has discussed such reactions at length;
here it suffices to say that when protons are involved in an oxidation-reduction
reaction the Nernst equation must be modified appropriately. For example, for
the reaction

oxidized +ne” + mH" = Reduced H,,
" _ . RT. [oxidized][H']™
E.=FE_ +—
Y 7 In [reduced H,, ]
At 19°C, this simplifies to

58 [oxidized] 58
Ep=E, + Zog LoOXIC1zed] 58
B Tm Ty log [reduced] n mApH
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Fig. 2. Direct current polarography using a glassy carbon electrode. 400 uM N-methylphenazonium metho-
sulfate was dissolved in the buffer (4 mM Hepes, Mes, Tricine, glycine, arginine and 100 mM KC}) at pH
9.2, and polarograms measured as described in the text.

One can imagine that at sufficiently acid pH the oxidized form may be pro-
tonated before the reaction, while at sufficiently alkaline pH the reduced form
may no longer require protons. The Nernst equation can be modified to take
account of such pK values on the oxidized and reduced species [1]. However,
in order to allow a ready estimation of pK values from our data we have drawn
straight lines of slopes —116, —87, —58, —29 or 0 mV/pH unit, representing
2H'/1e”, 8H'/2¢”, 1H'/1e", 1H'/2¢” or 0 H'/e". The intersects of these lines
represent the simplest method for determining pK values, with decreases in
slope (e.g. from 0 to —58 mV/pH unit) indicating a pK value on an oxidized
form, and increases in slope (e.g. from —58 to —29 mV/pH unit) indicating a
pK on a reduced form. Of course the pH dependency of the E,, value can only
reveal those pK values which are different on the oxidized and reduced forms.
When these are very close together the slope of the E, /pH unit plot will not
change significantly. The reader is referred elsewhere for a more detailed dis-
cussion of the influence of protons on the Nernst equation (see Refs. 1 and 2).
Polarograms were measured with a Princeton Applied Research Model 174A
Polarographic Analyzer equipped with a model 174/70 mercury drop timer
with an 80 cm static head of mercury, a G0021 Glassy Carbon Electrode (28
mm? surface area) or a Radiometer P101 platinum electrode (64 mm? surface
area). The electrochemical cell also contained a platinum third electrode and a
saturated calomel electrode as a reference. All redox potentials reported here
have been referred to the Hydrogen Electrode by adding 247 mV to the values
determined with respect to the saturated calomel standard electrode. The
experimental solution was bubbled with argon before each experiment, and
argon was blown over the surface of the solution during measurement. All
experiments were performed in a buffer containing 4 mM of each of the follow-
ing: N-2-hydroxyethylpiperazine-N'-2-ethanesulfonate,’ 2-(N-morpholino)pro-
panesulfonate, N-tris(hydroxymethyl)methylglycine, arginine and glycine,
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TABLE I
SOURCES OF THE COMPOUNDS USED IN THIS WORK

Aldrich Chemical Co., Milwaukee, WI 53233, U.S.A.; Sigma Chemical Co., Saint Loouis, MO 63178, U.S.A.;
K and K Laboratories, Plainview, NY 11803, U.S.A.; Dr. W, Draber, Farber Fabriken Bayer AG, 56 Wup-
pertal-Elberfeld, F.R.G.; Dr. D.F. Wilson, Department of Biochemistry and Biophysics, University of
Pennsylvania, Philadelphia, PA 19104, U.S.A.; Dr. N.E. Good, Department of Botany, Michigan State
University, E. Lansing, MI 48824, U.S.A.; Hartman-Leddon Co., Philadelphia, PA, U.S.A.; Eastman
Kodak, Rochester, NY 14650, U.S.A.; Dr, P, Loach, Department of Biochemistry, Northwestern Univex-
sity, Evanston, IL 60201, U.S.A; Dr. B. Trumpower, Department of Biochemistry, Dartmouth Medical
School, Hanover, NH 03755, U.S.A.

Methyl viologen Aldrich, Sigma
Benzyl viologen Sigma, K and K
2-Hydroxy-1,4-naphthoquinone Aldrich
2-Hydroxy-1.4-anthraquinone Aldrich
N,N,N',N'-Tetramethyl-p-phenylenediamine Aldrich
2,3,5,6-Tetramethyl-p-phenylenediamine Aldrich
Phenazine K and K
N-Methylphenazonium sulfonate methosulfate Dr. W. Draber
N-Methylphenazonium methosulfate Sigma
N-Ethylphenazonium ethosulfate Sigma
Pyocyanine Dr.D.F. Wilson, Dr. N.E, Good, K and K,
ex. Ps. aeruginosa
Neutral red Sigma
Safranin O Hartman-Leddon
Phenol red Eastman Kodak
Chlorophenol red Eastman Kodak
Cresol red Eastman Kodak
Bromocresol purple Eastman Kodak
DBMIB (2,5-dibromo-3-methyl-6-isopropylbenzoquinone) Dr. P, Loach
UHDBT (6-n-undecyl-6-hydroxy-4,7-dioxobenzothiazole) Dr. B. Trumpower

together with 100 mM KCl (ionic strength approx. 120 mM). The pH of the
solution was measured with a Corning 109 pH meter equipped with a Corning
476050 combination electrode standarized at pH 4, 7, and 10, and the pH was
adjusted with 100 mM KOH or HCl as appropriate. Experiments began at pH 5.
The temperature was 19 * 1°C and the compound of interest was present at
between 50 and 800 uM. The chemicals used were of the highest commercially
available purity, and the sources are given in Table I.

Results and Discussion
I Oxidation-reduction mediators

Viologens A

The pH dependence of the E,, values of methyl and benzyl viologen are
shown in Fig. 3. In both cases the E_, value is independent of pH from pH 3 to
pH 12, so no protons are involved in the redox reactions in this range. The
values obtained are in excellent agreement with those of Michaelis and Hill
[4,5] measured by chemical titration over a smaller pH range, and Ksenzhek
et al. measured by thin-layer voltametry [6]. It is noteworthy that while the
benzyl derivative shows a very similar E,, when measured by either a dropping
mercury or glassy carbon electrode, the methyl derivative exhibits a 256 mV dif-
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Fig. 3. Viologens. Solid symbols (®) represent data obtained with the dropping mercury electrode, in the

sampled direct current mode scanned at 5 mV/s, while open symbols (C) are data obtained with the glassy
carbon electrode, scanned at 50 mV/s.

ference; this presumably indicates that the oxidized form of the latter reacts
less readily with the glassy carbon electrode. Samples of benzyl viologens from
several sources showed a considerable polarographic maximum at —100 mV
[3], which is currently unexplained.

Hydroxyquinones

2-Hydroxy-1,4-naphthoquinone has been widely used as a redox mediator,
for unlike most quinones it seems to react rapidly with both the platinum elec-
trode and membrane bound redox components [2]; its reactivity may stem
from its tautomerization [7]. Fig. 4 shows the variation of E,, with pH for
both the 2-hydroxy-1,4-naphthoquinone and 2-hydroxy-1,4-anthraquinone:
Both compounds exhibit a pK on a reduced form near pH 8.2. The data for the
naphthaquinone derivative obtained with the dropping mercury electrode agree
well with those of Fieser and Fieser [7] obtained by redox potentiometry; they
titrated over a wide pH range, and found a pK on an oxidized form at a pH of
approx. 4.0 and two pK values on reduced forms at pH 8.7 and 10.7. Our titra-
tions did not give symmetrical Nernst curves, which again may be due to tauto-
merization. Nevertheless two electrons seem to be involved in the oxidation-
reduction reactions from pH 4 to 11, and it is noteworthy that three protons
are involved between pH 4 and 8, and two between pH 8 and 11.

Phenylenediamines

Two different tetramethyl-p-phenylenediamines have been widely used in
bioenergetic studies, the N,N,N',N'-tetramethyl isomer (often abbreviated to
TMPD) and the 2,3,5,6-tetramethyl isomer, also known as diaminodurene or
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Fig. 4. Hydroxyquinones. Symbols as in Fig. 3.

DAD. TMPD is widely considered to be a one electron, no proton redox agent,
with the oxidized form being the well known Wurster’s blue. Nevertheless, as
originally shown by Michaelis and Hill [5], there is a pK on the reduced form
of TMPD close to pH 6.5 (pH 6.6 in Fig. 5, pH 6.3 in Ref. 5) such that at pH
values more acid than this a proton is released upon the oxidation of the
reduced form. This may explain some recently published observations on the

S 2,3,5,6 -'Tetramethyl-p—phenylene diamine | L N.N,N'N! - Tetramethyl-p- phenylene diamine |
CHy~ N CH,
400t 4 400t O
CHy” N. CHy
Em <
{mv)
200 { 200} I
Or 4 (o] 3 4
3 5 7 RN R S - S—T
pH pH

Fig. 5. Tetramethyl-p-phenylenediamines. Symbols as in Fig. 3.
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redox reactions of TMPD across liposome membranes. Hauska and Prince [8]
demonstrated that while TMPD could readily shuttle electrons from external
ascorbate to internal potassium ferricyanide, this reaction was not accompanied
by the transport of protons. In contrast, Miller et al. [9] did measure the con-
comitant generation of a pH gradient, inside acid. While both papers reported
that the initial pH inside and outside the liposomes was pH 7, the discrepancy
between the two reports may be explained if the work of Miller et al. [9] was
actually at a slightly more acid pH. Alternatively it is possible that the different
lipids used in the liposome preparations had a different selectivity for the per-
meability of the protonated and unprotonated reduced forms of the mediator:
Miller et al. [9] used 20% cardiolipin in their liposomes in addition to egg phos-
phatidyl choline [8].

The pH dependence of the E,, of 2,3,5,6-tetramethyl-p-phenylenediamine is
also shown in Fig. 5. This compound exhibits a complex behavior, and three
pK values may be interpolated from the data; two pK values on oxidized
species, at pH 6.6 and 7.7, and one on a reduced form at pH 9.1. Furthermore,
the n = 2 reaction at neutral pH can be resolved into two n = 1 reactions at acid
pH, indicating that at pH values below pH 5.5 the ‘semiquinone’ form is stable
in aqueous solution.

The determination of three pK values is not enough to fully explain the ob-
served E,,/pH dependence, for which five pK values are required. Nevertheless
it seems clear that the pK at pH 9.1 is at least a pK on the fully reduced form,

H,NRNHj; = H,NRNH, + H" pK 9.1

where R is the tetramethylated aromatic ring, and the pK values at 6.6 and 7.7
are at least on the fully oxidized form

H,N'RN'H, = HNRN'H, + H’ pK 6.6

HNRN'H, = HNRNH + H" pK 7.7

The two ‘missing’ pK values, on the semiquinone form
H;N' - RN'H, = H,N - RN'H, + H’

H,N-RN'H,= H,N-RNH + H’

must therefore lie somewhere between pH 6.6 and 7.7 and 7.7 and 9.1.

Fig. 5 explains some recent observations using 2,3,5,6-tetramethyl-p-phenyl-
enediamine as a substrate for mitochondrial oxidations. Wilkstrém and Krab
[10] showed that the number of protons released during the oxidation of the
fully reduced form by cytochrome oxidase varied as a function of pH in the
neutral range. Because of the complicated E,,/pH profile shown in Fig. 5, it is
not surprising that the pK obtained by Wikstrom and Krab [10] and Mitchell
and Moyle [11] (pH 7.5) is somewhat displaced from the pK of 6.6 reported
here. Nevertheless, it is clear that these pK values must be considered when the
tetramethyl-p-phenylenediamines are used in biological experiments.

Phenazines
A variety of phenazine derivatives have been used extensively in biological
research. The E,/pH relationships of N-methylphenazonium methosulfate
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(‘phenazine methosulfate’, often abbreviated to PMS); its sulfonated derivative,
and the ethyl derivative (often abbreviated PES) are shown in Fig. 6. All three
show a somewhat complicated behavior; in each case the pH dependency near
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Fig. 6. Phenazines. Data were obtained with the glassy carbon electrode before (©) and after (O) the solu-
tions had been taken to pH 12. Data obtained with a platinum electrode (A) were made before the sample
had been taken to pH 12. Measurements with the dropping mercury electrode were made before (®) and
after (») the sample had been taken to pH 12,
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neutrality indicates that the redox reactions in this range involve two electrons
and a single proton, as has been previously surmized [12,13,6,8,9]. The E,,
values of both the methyl and ethyl derivatives agree well with the values ob-
tained by redox potentiometry at pH 7 by Dickens and MclIlwain [14].

Fig. 6 shows that the semiquinone forms of the substituted phenazines are
stable at pH values less than pH 5, and that there are pK values on oxidized
forms of each of the substituted phenazines near pH 9. In fact the dashed lines
drawn on Fig. 6 show that the data are in agreement with a model where both
the fully oxidized and the semiquinone forms exhibit pK values at the same
pH. Our data, and that of Dickens and Mcllwain [14], are consistently 75 mV
negative of those reported by Ksenzhek et al. [6]. The latter authors did not
resolve the stable semiquinone at acid pH or the pK at alkaline pH, but their
data are qualitatively similar to ours. We have no explanation for the difference
between their work and ours.

Within minutes of sitting at pH 10 or above, a second component of much
lower redox potential appeared in the polarograms, and this component did not
disappear as the pH was made more acid. As can be seen in Fig. 6, these alkali-
induced components have electrochemical properties very similar to those of
phenazine itself. Thisis in concert with the data of McIlwain [15] (see also Ref.
16), who showed that alkaline conditions liberated formaldehyde from ‘phena-
zine methosulfate’, yielding phenazine. Such a reaction is readily explained if
the proton ionized from the oxidized form with the alkaline pK comes from
the aryl substituent.

We have not made precise measurements on the rate of the alkali degradation,
but our observations suggest half times of a few minutes at pH 10 for the
methyl derivative, and tens of minutes for the ethyl form. It is clear that when
phenazine derivaties are used at alkaline pH, this degradation of the oxidized
form should not be ignored.

Fig. 7. shows the pH-dependence of the E,, of pyocyanine; our data are in
excellent agreement with those of Friedheim and Michaelis [17], suggesting a
pK on both the oxidized and semiquinone forms at pH 5.0 and a pK on the
reduced from at pH 9.8. It is noteworthy that the pK values on the oxidized
and semiquinone forms are shifted dramatically (from pH 9 to pH 5, cf. Figs. 6
and 7) by the addition of the oxygen to ‘phenazine methosulfate’. Pyocyanine
was available to us in three forms: as the perchlorate (obtained from K and K
Laboratories and synthesized by Dr. D.F. Wilson) as the free pyocyanine (syn-
thesized by Dr. N.E. Good), and as the natural product from Pseudomonas
aeruginosa (prepared in collaboration with Dr. J.D. Friede). All gave similar
results, except that the commercially obtained sample contained a low poten-
tial contaminant with redox properties similar to those of phenazine (Fig. 6).
Just as with the other phenazines, this component appeared in all samples at
alkaline pH, and although the data are not shown in Fig. 7, this extra com-
ponent had redox properties similar to phenazine throughout the pH range
tested.

Pyocyanine is no longer available commercially to our knowledge, but it is
readily prepared from commercially obtained ‘phenazine methosulfate’ by
illumination in the presence of oxygen followed by extraction from alkaline
solution into chloroform [15,16]. Pyocyanine is then returned to water by
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Fig. 7. Pyocyanine. Both natural and synthesized pyocyanine gave similar results; open symbols were ob-
tained with a platinum electrode, solid symbols with the dropping mercury electrode. The low potential
contaminant in the commercial sample, and that induced by alkaline treatment of all samples, is not
shown. It had properties identical to those of phenazine in Fig. 6.

acidification, and the separation into chloroform may be repeated. Care should
be excercised not to make the aqueous solution too alkaline, so as to avoid the
generation of the phenazine-like material. Alternatively, pyocyanine is readily
obtained from cultures of Pseudomonas aeruginosa as described by Wrede and
Strack [18], although 2% peptone and 1% glycerol [19] can safely replace the
human placenta in their medium! As much as 100 mg of pyocyanine may be
produced per litre of culture.

Two other phenazine derivatives are widely used in biological experiments;
neutral red (sometimes known as toluylene red) and safranin. The former has
been used as both a pH indicator (e.g., see Ref. 20) and a redox mediator (e.g.,
see Ref. 21), while the latter is a biological stain and has been used as a monitor
of transmembrane potentials (e.g., see Ref. 22). The pH dependencies of the E,,
values of these two substituted phenazines are shown in Fig. 8.

Our data for neutral red agree closely with those of Clark and Perkins [23],
using redox potentiometry. They analyzed their data in terms of three pK
values, two on the reduced form, at pH 5.3 and 6.2, and one on the oxidized at
pH 6.3. Lacking their confidence in the accuracy of the data, we have analyzed
our data in terms of a single pK on the reduced form at pH 4.7. At pH values
more acid than this the E,,/pH slope is —87 mV/pH unit, suggesting that three
protons and two electrons are involved in the redox reaction. At more alkaline
pH the E,, varies by only —58 mV/pH unit, indicating an H*/e" ratio of unity.
As noted by Clark and Perkins [23] the titrations at alkaline pH can be con-
fused by a further slow irreversible reduction after the initial titrations, leading
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Phenazines II

Neutral Red Safranin O
I NorCHsd [ cn,ﬁ”ijcn,

(CHg,N N7 NH, NH, N” NH,
H O(CH,)

-100

-500F

pH pH
Fig. 8. Neutral red and Safranine O. Symbols as in Fig. 3.

to the formation of a precipitate. This may make neutral red a poor candidate
as a redox mediator at alkaline pH.

The pH dependence of the E,, of neutral red shows no inflections near pH
6.6, the pK associated with the color change of the oxidized form of the dye
(from red at more acid pH to yellow, see Ref. 24, 20). This indicates that the
pK is also present on the colorless reduced form. Nevertheless, the fact that
reduction of neutral red yields a colorless form should continue to be borne in
mind when the oxidized dye is used as a pH indicator [20].

Safranine is available under a variety of names and in a variety of mixtures
and purities. Safranin O, Safranin T, and Rowe 841 are all mixtures of the
methylated and unmethylated structures shown in Fig. 8 [23], but all behave
as a single component in the polarograms measured here, and in the redox titra-
tions of Stiehler et al. [25]. Our results agree excellently with those of Stiehler
et al. [25] indicating a pK on a reduced form at pH 5.8. At pH values more
acid than the pK the H'/e” stoichiometry of the redox reactions is 1, while at
more alkaline pH the stoichiometry becomes one half (i.e., 1H"/2e7). One con-
sequence of this is that Safranin O could be reduced (and bleached) by pyridine
nucleotides at neutral pH, and care should be taken to ensure that absorption
changes of safranine due to this effect do not interfere with measurements of
membrane potentials.

pH indicator dyes

A variety of pH indicator dyes have been added to biological systems in
order to allow the rapid measurement of small changes in pH by optical meth-
ods. Sulfonphthaleins [26] have proven particularly useful because they do not
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bind to biological membranes to any great extent, and their absorption changes

seem to reflect pH changes in the external aqueous phase of suspensions of
organelles [27,28]. Fig. 9 shows the pH dependency of the E,, values of four of

: pH INDICATORS D.M.E.
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Fig. 9. pH indicators. All data were obtained with the dropping mercury electrode.
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the sulfonphthaleins. All four show a pK on an oxidized form in the neutral
range, where the E_/pH dependence changes from —58 mV/pH unit to —87
mV/pH unit. In each case this pK on an oxidized form coincides with the pK
responsible for the color change used as the indicator of pH, and is probably on
one of the hydroxyls. There are pK values on reduced forms at both more
alkaline and more acid pH, again presumably on the hydroxyls. At all pH values
the sulfonphthaleins have E, values very close to that of the hydrogen elec-
trode (which has E,, = 0—58 - pH mV), so that their equilibrium reduction is
unlikely. Nevertheless, chloroplast Photosystem I would be capable of reducing
them, so caution should continue to be exercised in experiments on such sys-
tems (e.g., Ref. 28).

Inhibitors

In recent years two quinone derivatives have been widely used in bioener-
getic research; DBMIB (2,5-dibromo-3-methyl-6-isopropylbenzoquinone) and
UHDBT (5-n-undecyl-6-hydroxy-4,7-dioxobenzothiazole). The former has been
used as an inhibitor in chloroplast studies (eg., see Ref. 29) and the latter seems
to bind to the Rieske iron sulfur cluster [30]. Fig. 10 shows the pH depen-
dence of the E_, values of the two compounds. DBMIB is a compound with a
relatively high E_, with a pK on a reduced form near pH 5.6. At alkaline pH
only a single proton is exchanged in the two electron redox reaction. UHDBT
has a lower E_;, and exhibits no significant pK values in the range of pH studied
here [31]. Both inhibitors have E,, values in the physiological range at neutral
pH, so the redox state of the compound should be considered when they are

INHIBITORS
O n " " "
DBMIB o p UHDBT o
200+ (CH,),CH Br 4 200t {sﬁm 4
. Br Hy N
0 0
T ]
Em
Of 0 A
{mV)
o
L L 4
-200} {-200} |
o -
" FENET n ¢ n " " s " a s " s L )
3 5 7 9 1l 3 5 7 9 ]

pH pH

Fig. 10. Inhibitors. Symbols as in Fig. 3. DBMIB, 2.5—dlbromo-3-methyl-6-1sopropylbenzoquinfme;
UHDBT, 5-n-undecyl-6-hydroxy-4,7-dioxobenzothiazole.
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used as inhibitors. For example, UHDBT seems to shift the g 1.90 axis of the
reduced Rieske cluster of Rhodopseudomonas sphaeroides to g 1.89 only when
the UHDBT is present in the oxidized form [30]; unfortunately the redox pro-
perties of the photochemical reaction center preclude an investigation of
whether reduced UHDBT is also an inhibitor in Rps. sphaeroides.

Conclusions

Table II shows the E,, values of the compounds measured here at pH 7. Most
of the values are in good agreement with those quoted by Clark [1] in his clas-
sical compendium, but there are some significant differences. In particular the
pH dependencies of the E_, values of the various compounds often reveal that a
variety of different oxidized and reduced forms may be involved in biological
experiments, and some earlier facile interpretations may need re-evaluation in
the light of these new findings.

TABLE 11
THE Ep(7) (mV) OF THE COMPOUNDS MEASURED IN THIS WORK

DME and GCE electrodes refer to dropping mercury and glassy carbon electrodes, respectively. Users of
redox mediators should be aware that not all the compounds listed here are good mediators. For example,
sulfonated compounds cannot cross lipid membranes (e.g., Ref, 8), and phenazine is not very soluble.
Safranin has been used as an indicator of membrane potentials (e.g., Ref. 22) and neutral red as a pH indi-
cator (e.g. Ref, 20). The Ep, values are quoted with respect to the Standard Hydrogen Electrode.

Electrode

DME GCE
Redox mediators
2.3,5,8-Tetramethyl-p-phenylene diamine 275
N,N,N',N'-Tetramethyl-p-phenylene diamine 240
N-Methylphenazonium 3-sulfonate 136
N-Methylphenazonium methosulfate 85
N-Ethylphenazonium ethosulfate 65
Pyocyanine 35 —30
Phenazine —125 —170
2-Hydroxy-1,4-naphthoquinone —145 —220
2-Hydroxy-1 ,4-anthraquinone —205 —265
Safranin O —280
Neutral red —3256 —355
Benzyl viologen —350 —~350
Methyl viologen —430 —455
pH indicators
Chlorophenol red —340
Phenol red —390
Cresol red -—405
Bromocresol purple —405
Inhibitors
DBMIB (2,5-dibromo-3-methyl-6-sopropylbenzoquinone) 90

UHDBT (6-n-undecyl-8-hydroxy-4,7-dioxobenzothiazole) . —40
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