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SUMMARY

The method of determination of Redox potentials of radicals, using the pulse
radiolysis technique, is outlined. The method is based on the determination of
equilibrium constants of electron transfer reactions between the radicals and appropri-
ate acceptors. The limitations of this technique are discussed.

The redox potentials of several quinones-semiquinones are calculated, as well
as the standard redox potential of the peroxy radical. Eg,,,,- = —0.33V and the
redox oxidation properties of the peroxy radical in various systems and pH are
discussed. The value determined for the redox potentials of O,/O, ~ is higher by more
than 0.2 V than earlier estimates, which has important implications on the possible
role of O, in biological processes of O, fixation.

INTRODUCTION

Ever since Michaelis [1] presented his “Theory of the reversible two-step
oxidation”, attempts have been made to measure redox potentials of each of the
single steps leading to an overall two-electron oxidation-reduction.

The shape of the potentiometric titration curve depends on the concentration
of the one-electron oxidation-reduction product, the higher its concentration (under
equilibrium condition) the better is the separation of the two steps. Analysis of the
shape of such curves enable the calculation of the redox potentials of the separate
steps provided that the intermediate is relatively stable [1-3]). The systems O,/H,0,
and quinone (Q)/hydroquinone (QH,) which are dealt with in this study, do not
fulfill this condition in aqueous solution at neutral pH.

The O, radical is formed in almost every irradiated solution where O, is
present [4]. It has also been shown to participate in enzymatic reactions of biological

Abbreviations: Q, quinone; QH,, hydroquinone; DMBQ, 2,5 dimethyl-p-benzoquinone;
NQS, 1,4-naphthoquinone-2-sulfonate.
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importance [5]. The redox potential Eg,,,- has been calculated and many different
values are given in the literature: 4-0.005 V [6], —0.36 V [7], —0.19 V [8], —0.59 V
[9], —0.56 V [10], —0.33 V [11, 13, 14]. Recently, Chevalet et al. [12] determined a
value of —0.27 V by polarography. Quinones participate in many biological systems
[15] as electron acceptors and many Eg,,- have been evaluated, mostly by polaro-
graphic methods in nonaqueous solutions (ref. 16 and references cited therein).

For the values of Eg,q- in neutral aqueous solution there is very limited
information available in the literature, owing to the short life-time of the semiquinone
radicals. Patel and Wilson [17] have shown the existence of electron transfer equilib-
rium between O, and some quinones. Pulse radiolysis was recently shown to be a
useful technique in measuring one-electron redox potentials [18]. Because of the
short life-times of the radicals produced, careful examination must be resumed in
order to ensure that thermodynamic equilibrium exists for the systems between which
an electron is transferred. The assumption that such an equilibrium exists in several
radical systems [19, 20] is now realized to be incorrect (Rao, P. S. and Hayon, E.,
personal communication). Furthermore, all the redox potentials reported in these
studies [19-21] should be critically regarded, since they refer one-electron transfer
reactions to two-electron redox potentials. However, the pulse radiolysis technique
has already been successfully applied to the measurement of the one-electron redox
potentials of several nitro-aromatic and nitro-heterocyclic compounds [22].

In this study we try to establish further the one-electron redox potential for the
0,/0, system and the Q/Q~ system. The implication of the value obtaincd on several
systems in which O,~ or its acidic form, HO,, participate in oxidation-reduction
reactions are then discussed.

EXPERIMENTAL

The Varian 7715 linear accelerator was used for pulse radiolysis experiments.
Solutions were subjected to 0.1-0.5 us pulses with a 200 mA current of 5 MeV. For
spectral measurements the total concentration of radicals was about 7 uM. For the
kinetic and equilibrium measurements their concentration was reduced, using 2 mm
aluminium foil, to about 0.5 uM. A Spectrosil irradiation cell, 4 cm long, with an
optical path of 12.3 cm, was used. A 1P-28 photomultiplier in conjunction with a
Bausch and Lomb 1350 grating monochromator constituted the detection system.
Appropriate light filters were used to minimize photochemical and scattered light
effects. All reagents were of purest available grade and were used without further
purification. Solutions were prepared in triply distilled water immediately before
irradiation. No change in the spectrum of the quinones due to any probable thermal
reaction was observed for at least 2 h after preparation of the solutions. All solutions
contained 0.1 M sodium formate except for cases where the formate was replaced by
0.1 M terr-butanol and buffered to pH 7.2 using 2 mM phosphate. As none of the
pK values of the species considered in our experiments is near 7, no correction is made
for partial dissociation. The solutions were saturated by bubbling various mixtures of
0O, and N, through the solutions, using the syringe technique. O, concentration in
solutions under 1 atm of oxygen was assumed to be 1.25 - 1073 M or linearly depen-
dent on the partial O, pressure otherwise.

Solutions of 107? M K Fe(CN), saturated with N,O were used for dosimetry,
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assuming ¢*?° = 1000 M ™' -cm™! and Gpcn)s- = 5.9. When using 0.1 formate
solution, saturated with O,, was used as a dosimeter the ¢ values obtained for the
DMBQ™ (2,5-dimethyl-p-benzoquinone) were higher by 4 %.

We have chosen not to work with 2-propanol solutions since the peroxy
radicals produced by the reaction of isopropanol radical with O, does not necessarily
react quantitatively with the quinones.

PROCEDURE FOR CALCULATION OF REDOX POTENTIALS OF RADICALS

The first step in our calculation is to find a reference, one-electron redox poten-

tial, to which redox potentials of other free radicals might be referred to in the
forthcoming steps. The half-cell reactions relevant to our calculations are the fol-
lowing:
Q+tezQ” (1)
Q ez Q" (2)
yielding the net two-electron transfer, Reaction 3, for which redox potentials are
usually well known:

Q+2e 2 Q*~ G)

Coupled with these oxidation-reduction reactions are the following acid-base
equilibria:

QH=Q +H* (la)
QH, 2 QH +H" (2al)
QH™ =z Q* +H* (2a2)

For the single steps, 1 and 2, it is obvious that:
E;, = (Ep+E7)2 )

where E, ', E,* and E, > are the half-cell redox potentials of Reactions 1,2 and 3,
respectively, when the ratio of the total concentrations of the oxidized to reduced
forms is unity, at pH == i, all referred to the normal hydrogen electrode. The IUPAC
convention for the potentials is adopted throughout this study.

The dependence of E! and E2, on pHis given by Eqns. IT and IHI:

E., = E{+0.06log(K,,+[H"]) (11)
Kaat Kaaz + Koo [H*]+[HT]?
Kla + [H+]

E,’ is related to the standard potential of the half-cell reaction j, E%, by Eqns. Ila
and IIla:

EL = E°"—0.06 log K|, (1la)
E% = E°2_0.06 log K;,,K.2/K1, (Il1a)

E% = EZ+0.06log (1)
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E% and E,’ are thus the standard potentials of the half-cells reactions of the fully
dissociated and fully protonated species, respectively.

In order to evaluate the single-step redox potentials, we also make use of the
semiquinone formation constant, K,

Q+Q*™ 22Q- 4)

It is convenient to define K';, the apparent semiquinone formation constant, at
pH =i, by Eqn. IV:

: [Q7]7

K, = = v
“T Q" )

where

[Q7]r = [Q7]1+[QH]

[Q*"1r = [Q*7 ]+ [QH ]+[QH,]

K, and K’y are interrelated by Eqn. V:

= K%a . (K2a1 K232+K231[H+]+[H+]2) . Ké (V)
KZal KZaZ (K1a+[H+])z l

4

K',,is related to the redox potentials of the single steps 1 and 2 by Eqn. VI:
EL —E} = 0.06log K}, (V1)

Using Eqns. Tand VI, E,, ' and E,, * may easily be obtained.
In order to get the redox potential of the O,/0,~ couple, Emis, the electron
transfer equilibrium constant between O, ~ and quinones, K, may be used

0,+eZ0," (5)
0,”+Q=Q +0, (6)

Utilizing Eqn. VII we can thus calculate the redox potential of the single electron-
transfer of oxygen provided that K4 is known.

Ey,—En. = 0.06 log K, (VID)

K'q,in Eqn. VII is the apparent equilibrium constant of Reaction 6, where the
concentrations of the basic forms of the radical anions are replaced by the total
concentrations of the radicals. Some of the reference E, ' and E, > which might be
used for evaluation of £ * and other systems are summarized in Table I, along with
the available data used for this calculation.

RESULTS AND DISCUSSION

None of the primary radicals which are produced by the electron pulse is
present in our solutions at the end of the pulse, due to the very fast Reactions 7-10:

H,0 -w- e, H, OH, H,, H,0, (7)
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ey or H+0, —» O3 (or +H™) (8)
e 0or H+Q » Q™ (or +-H*) 9)
H or OH-+HCOj — H, or H,0-+CO; (10)

Furthermore the CO,” radical produced by Reaction 10 will transfer an electron
either to oxygen or to the quinone very rapidly.

COj; ~0, — 0;+CO, (11)
CO; +Q - Q™ +CO, (12)

The only radicals which will be present practically at the end of the pulse under our
conditions are therefore O, and/or Q™. When tert-butanol was present in the solu-
tions all OH radicals will abstract a hydrogen atom from the alcohol yielding the
tert-butanol radical which is relatively unreactive. We studied the spectra of the
semiquinones of 2,5-dimethyl-p-benzoquinone (DMBQ) and of 1,4-naphthoquinone-
2-sulfonate (NQS) which are shown in Fig. 1. The spectra in deaerated solutions
immediately at the end of the pulse closely resembles those obtained 0.75 ms after the
end of the pulse in air saturated solutions. We obtain efayq- = 7200 and e3gs = 10600
M™!-cm™! similar to the values obtained previously [17]. As noted previously [17]
the slow formation of the semiquinone in aerated solutions (cf. insert Fig. 2) must be
attributed to the electron transfer from O, ™ to the quinone. The following features of
the oscillograms similar to the one displayed in Fig. 2 were analyzed: (a) The initial
vield of Q™ (denoted A4,_,). (b) The kinetics of electron transfer from O, to Q.
(c) The final yield of Q™ (denoted A4,,).

The initial absorption of the semiquinone is attributed to the competition
between O, and Q for the solvated electrons (and probably a negligible amount of
hydrogen atoms). We checked this assumption by studying the dependence of the
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Fig. 1. Spectrum of DMBQ ™ and NQS~ in Ar and in air-saturated solutions. 4,2 - 10" M DMBQ,
2 .10-3 phosphate buffer (pH 7.2), 0.1 M sodium formate, Ar-saturated; 4, 2 -10"* M DMBQ,
2.10~3 phosphate buffer (pH 7.2), 0.1 M sodium formate, air-saturated; @, 2-10"* M NQS,
2.10~3 phosphate buffer (pH 7), 1 M tert-butanol, Ar-saturated; O, 2-10"* M NQS, 21073
phosphate buffer (pH 7), 1 M tert-butanol, air-saturated.
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Fig. 2. The dependence of the initial absorbance, 4, on [DMBQ], air-saturated solutions, with:
0.1 M rert-butanol and 2 - 10~3 M phosphate buffer (pH 7), 4 = 430 nm. Insert a: an oscillogram
obtained in solution of 2-10-5 M DMBQ, 1.25-10"* M O,, 0.1 M sodium formatz, 2- 1073 M
phosphate buffer (pH 7.2).

initial absorbance on the concentrations of O, and Q in solutions of DMBQ con-
taining 0.1 M rert-butanol. It was noted that neither the zert-butanol radical nor its
peroxy radical reacts with benzoquinone [23]. Thus the initial yield should follow
Eqgn. VIII:

1 ks[O,]
Ao Ao Aloks[Q]

where A4, _, is the initial absorbance at the end of the pulse and A2, is the absorbance
in deaerated solution. Eqn. VIII is shown to be obeyed in Fig. 2. The effective concen-
tration of the quinone, [Q]., was calculated by subtracting the amount of the
semiquinone formed from the initial concentration of the quinone assuming ef;i,,OBQ_ =
7200 M™' - cm™!. From the slope of the line in Fig. 2 we obtain kg/kq = 0.68 and
assuming kg == 1.9-10'° M™! - s [24], we obtain kg = 2.9+ 10'° M~ - s~ 1. We
also measured k, directly by following the build up of the absorbance in de-aerated
solutions containing variable concentrations of DMBQ and 0.1 M fert-butanol. The
value thus obtained is kg = 3.1- 10" M ™1 .57,

The value of Kz may be determined by studying the dependence of the absorb-
ance of Q7, at times when the electron transfer reaction 6 is completed (denoted
A.,), on the concentration ratio [0,]/[Q]. There are three ways to calculate K¢:

(1) Eqn. IX describes this dependence (provided Equilibrium 6 is achieved
which is supported by the forthcoming results):

(VIII)
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Fig. 3. Determination of the equilibrium constant for the electron transfer between oxygen and
DMBQ~ using 1/4.q vs. 1/[DMBQ] plots. 2 - 10~* M phosphate buffer (pH 7.2) and 0.1 M sodium
formate. @, 1.25-10"*M O,; +,2.5-107*MO;; ©,6.25-107* M 0,; [0, 1.25-107* M O,.

_1_ = LO + _[ioz]__ (IX)
A, A KeAdg[Q]

where A, is the absorbance of Q™ obtained in the absence of oxygen (42, = 4._,).
This dependence was checked for four different oxygen concentrations and the
results obtained are displayed in Fig. 3 to obey Eqn. IX fairly well. All the results
from the four different oxygen concentrations give the average value: K = 56.

Using this procedure, the measurements at low concentrations of Q contribute
to the line more than do the high concentration measurements: therefore, the results
may be sensitive to the correction made for [Q].

(2) We have used the same experimental results to calculate K¢ by a different
procedure, this time plotting [DMBQ™]/[0, ] vs. [DMBQ]/[O,] (Fig. 4), assuming
again [Q] = [Q],— [DMBQ™ ] and [DMBQ™J/[0,™ ] = 4,,°/4.,° — A In this plot,
the high concentrations of Q contribute more to the line. The value we getis Kg = 53.

(3) The kinetics of the relaxation of the above-described system from the
initial state to the equilibrium state could be easily followed. Solutions containing the
same concentration of oxygen and DMBQ were again employed. The kinetics always
followed an observed pseudo-first-order law. The observed rate constant, &, should
depend on both O, and DMBQ concentrations, according to Eqn. X:

kobs = k6[Q]+k—6[02] (X)
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Fig. 4. The dependence of [DMBQ~]/{0,~] on [DMBQ]/{O.]. Symbols and conditions as in Fig. 3.

The results are shown in Fig. 5 where &, is plotted against the concentration of Q for
four different concentrations of oxygen. As expected, four straight parallel lines are
obtained, each corresponding to a different concentration of oxygen, with an intercept
which equals k_4[O,]. From the slope of these lines we obtain kg = 1.7 108
M™!-s7! and k_g; = 4.8 - 10°. This yields K5 — k¢/k_s = 37 which is somewhat
smaller than the more accurate value obtained by measuring the yields at equilibrium.
The value obtained by us for kg is nearly half the value obtained by Patel and Willson
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Fig. 5. The dependence of ks for the electron transfer between O, and DMBQ on [DMBQ] and
[O:]. Symbols and conditions as in Fig. 3.



217

“3INJRION| AY) UL o7 SB O0) PoIIojar st “%,q

EAANCS. B

*L1 j81 woay paeno[ed %,y

81 JoY S[Ie1dp 99§ 5

9T Jed

*Apnis SIy) Ul poUIWINdp A[jeluowiaadxy ,

"9SIMIY10 Patels Uaym 1ddX3 “UOIIIAS 2INPId0IJ oY) UI PAQLIdSAp SB pajenofe)) ,

*UI2IAY) PO SAN[BA WO PAR[NIED 10 /T ‘JOY »

ST 3 4

AR

S£€°0— 811,88 (wye 1) 70

oW 0 STY suoumboyydeudylowiq-¢ ‘g

0 WL1°0— 90'0— (S -3 UIWenA

490°0— (SON) areuojms-z-suoumboyiydeN-p*|

61°0 s020— $00°0— L'y (suoipeuour) suoumboyiydeu-p* [-[AYISN-T

9¢°0 v 0 90°0 $68°0 $90°0 08%°0 €1 el STl 1's (suoumnbolnp) suounbozusqiAyldwe.1d]-9¢°¢‘y

$8€°0  S91'0— 1o £'¢ 671 801 S6‘y suoumbozuaqIAyIdWII]-¢*¢‘T

Wwo  1900— 9L1°0 086°0 120 065°0 9 sTl SE01 9y suoumbozuaqAylawIg-s g

€70 ¥LOO— 810 9'¢ 9Tl £v 01 9t suouinbozusqAylewI(-¢‘T

9’0 €200 20 A b | $0°01 Sty auoumbozuaqi YN -7

6SY°0 6600 820 1v0°1 6£€°0 6690 TV VIl $8°6 I'¥ suoumbozusg-d
e T we T xee o L | 5s%9 oY FTyd 7eyd iyd

TVOIAVY 3ATX0YddNS FHL 40 ANV SINONINOTNIS dNO0S 40 STVILNALOd XOd3y

1474VL



218

[17]. This is at least partially due to negligence of the contribution of the back reaction
6 to the overall rate observed by the latter authors. The best value for K appears to be
50-+ 10, for DMBQ.

The equilibrium constant, K, for the electron transfer between O, ™ and NQS
was determined as described above. The value obtained is K¢ = 55. Fewer experi-
ments were done, therefore we consider this value to be less accurate. Using the value
of K¢ for DMBQ we calculate the redox potential of the O,/O, ™ couple as described in
the previous section. Once we have E_ ! for the oxygen system, E,, > may also be easily
calculated, as well as the pH dependence of both potentials. These results are included
in Table I. The O,/O,” half-cell reaction may be used as a convenient reference
reaction for further calculations of other one-electron redox potentials. This we did
for the NQS/NQS ™ systems for which we experimentally determined K.

The redox potentials of the radicals evaluated

The details of the principles of evaluation of the redox potentials of a radical R
have been described in the previous sections. The method is based upon the determina-
tion of the equilibrium constant K| ; of the electron transfer reaction

R+AZR*+A" (13)

Details of the various ways of determining K, ; were given for the electron transfer
from O,” to DMBQ. The method is general as long as the following conditions are
fulfilled: (a) An acceptor/donor in a suitable E° range, is available for which the one-
electron redox potential is known. (b) It must be proved that the electron transfer
reaction is reversible. This condition was not met with in most of the earlier studies
[19-21].

If both these conditions be taken into consideration, K, 5 can be measured and
E?® of the radical can be calculated. An obvious advantage of this method is that no
serious errors occur in the determination of E° even if an appreciable experimental
error should occur in K 5 itself. An error of 50 % in K, ; changes E° by only 10 mV.

(a) The redox potentials of several semiquinones. In this study we have calculated
the redox potentials of a few semiquinones. This was done by using both data
available in the literature and new measurements.

From previous data [17, 25, 27], we have calculated the redox potentials of a
few semiquinones (Table I). Using the calculated E,_' for duroquinone and K as
evaluated by Patel and Wilson [17] we obtained Em75 = —0.31V, which is in accor-
dance with our results. Now we could use E,, ° as the reference potential for evaluating
other redox potentials. We have calculated K, for vitamin K-1 and 2,3-naphthoqui-
none from the results of Patel and Wilson [17], and calculated accordingly E,, ' for
these quinones (Table I). For NQS we have measured experimentally K and calcu-
lated E,, ' (Table I).

This method was recently used to determine the redox potentials of a dozen or
so nitro compounds [22] and riboflavin.

(b) The redox potential of O,. The values of the redox potentials of the 0,/O,~
and O, /H,0, couples are of major importance for many inorganic reaction mecha-
nisms and not less for biological mechanisms. The role of O, in many biological
processes is well known, and therefore many attempts to calculate or estimate
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TABLE II
REDOX POTENTIALS OF THE O,/HO,/H,0,* SYSTEMS

No. Reaction E° (V)
1 O,+e >0, —0.33
2 H++Oz+e‘>H02 “‘0037
3 H*+0,  +e¢ > HO,"~ +1.00
4 H++H02+e e HzOz +l.42
5 2H++02_+8'—>H202 +171
6 H*+0,+2¢ > HO,~ +0.34
7 2H* 40, +2e - H,0, +0.69

* pK;, = 4.88 [26], pK,,, = 11.8 [43].

E®(0,/0,7) have been made. The values for this potential were widely spread between
+0.005 [6] and —0.59 V [9].

Recently Chevalet et al. [12] determined E°(O,/O, ) by polarography for the
first time. They published the value of —0.27 V. (It seems that due to an arithmetic
error they published the value of —0.27 V, while their real value is —0.29 V.)

An indirect determination was done by Berdnikov and Zhuravileva [14] from
kinetic data on the reaction of Fe** with H,0, and that of Fe?* with HO,. They
obtained a value of E°(0,/0,)= —0.33V. Rao and Hayon [21] published a very
different value of +0.15V. This value was shown [11, 13] to be wrong for various
reasons, as discussed in the introduction.

Wood [13]and ourselves [11]recalculated E°(0,/O, ) from experimental data
of Rao and Hayon [21]and of Patel and Wilson [17]and got E°(0,/0,”)= —0.33 V.

TABLE HI
REDOX POTENTIAL OF 0;/0,~

E®(0,/0;7)
0,~+DMBQ* = 0,+DMBQ~ —0.33V Determined in this study
Superoxide dismutase Cu(I1)+O,~ -0.32 Calculated in this study from
Superoxide dismutase Cu(l) Ref. 40
0, +DQ* =0,+DQ"- —0.31 Ref. 18
0,”+MQ° = 0,+MQ~ —0.325 Ref. 18
0, +1IDS* = 0, +INS~ —0.325 Ref. 18
Polarography studies —0.29° Ref. 12
(—0.27)
Cytochrome ¢2*+0, = cytochrome ¢**-+0,~ —0.27, —0.31 | From kinetic studies of for-
Cytochrome bs2* +0, = cytochrome bs3* +0,~  —0.25, —0.29 | ward and backward reactions!

* DMBQ, 2.5-dimethylbenzoquinone.

®* DQ, duroquinone (tetramethylbenzoquinone).

¢ MQ, menadione.

9 IND, indigodisulfonate.

¢ Chevalet et al. [12] published the value of —0.27 V. This value has an arithmetic error, and their
results really yield —0.29 V.

f Private communication from I. Yamazaki, submitted to Biochemistry.
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We felt it important to redetermine this value experimentally because of its
importance and the doubt that in the previous determinations [19-21] equilibrium
between O, and the quinone was achieved. In these earlier studies (refs. 19-21 and
Rao, P. S. and Hayon, E., personal communication) there was no check of whether
equilibrium was achieved. As shown later, in all those studies, except by chance for
the O, 7, equilibrium was not achieved and all redox potentials published are meaning-
less.

In this study we took great care to prove that equilibrium is reached and
thereafter calculated the redox potential of O,/0,~ and then that of O, /H,0, as
given in Table II.

In Table III the redox potential of O,/0, from various recent published and
unpublished data are summarized.

Redox properties of the superoxide radical in some inorganic systems
The superoxide radical can act as both a reducing (Reaction 1b) and an
oxidizing (Reaction 2b) agent:

Oz—i“e ZOZ— (lb)
0,” e 0,%" (2b)

The oxidation power of the superoxide radical decreases with increasing the
pH, i.e. HO, is a better oxidant than O,~ (compare lines 3 and 4 in Table IT). On the
other hand, O, ™ is a better reducing agent than HO, (compare lines 1 and 2in Table II).

The ability of the superoxide radical to serve as both an oxidizing and a reduc-
ing agent is manifested in several inorganic systems, some of which we shall discuss in
detail. For example HO, can reduce Ce(IV) and oxidize Ce(III) in H,SO,, while
TI>* has a peculiar characteristic: it can both oxidize and reduce HO,, yielding T13*
and T1*, respectively, although thermodynamically the oxidation of TI** is more
favorable.

We will discuss the properties of O, intwo systemsin detail: In acid solutions,
HO, is known to reduce Ce(IV) (refs. 28 and 29 and Faragi, M. and Pecht, I,
personal communication). This reaction occurs in HClO,, HNO; and H,SO,. This
reaction is induced by reduction of Ce(IV) with H,0,:

H,0,+Ce(IV) = H* +HO,+Ce(1V) (14)
Ce(IV)+HO, — Ce(IT)+-H* +0, (15)

The suppression of the rate of the disappearance of Ce(IV) by Ce(IIT) in H,SO, [29]
and HNO; (Faragi, M. and Pecht, 1., personal communication), was attributed to
the back reaction 14 which competes with Reaction 15. However, in HCIO, no such
effect of Ce(III) was observed [17]. With the value of Efo, 4,0, = 1.42 V determined
in this study, and the well known redox potentials of E¢,v)ceqm, = 1.44, 1.61 and
1.70 V [10] in H,SO,, HNO; and HCIO,, respectively, this behavior can now be
rationalized. The equilibrium constants, K, 4, calculated from these redox potentials
are 2.1, 1.5-10° and 4.6 - 10* M~ ! for the same acids, respectively. Furthermore,
from K, and the rate constants of Reaction 14 in those acids (1 - 10° [29], 4 - 10°
(Faragi, M. and Pecht, 1., personal communication) and > 10® [28], respectively)
we can calculate the rate constants for the back reaction, k_,,, to be 4.8 10°,
2.7-10% and > 22-10"*M~!-s7! in H,SO,, HNO; and HCIO,, respectively.
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Obviously, k_,, in HCIO, is low enough to avoid competition between Reactions
—14 and 15, but high enough in H,SO,. The above-calculated value of k_,, in
H,S0, is in good agreement with the one we recently measured (2- 10° M ™! s™!
[30]) considering the inaccuracy involved in calculating equilibrium constants from
free energies of reactions.

Another case to be discussed is the oxidation-reduction reaction of Fe(III) or
of Fe(CN)43~ by O, . For both cases the reduction of the ferric oxidation state by

0O, (Reaction 16):
Fe(IIl)+0,~ 2 Fe(I)40, (16)

should be highly favored over the entire pH range. On the other hand, O,~ (or HO,)
may also oxidize the ferrous oxidation state via Reaction 17.

Fe(II)+0, ~(HO,) = Fe(Il)+0,2 " (H,0,) (17)

However, in alkaline solutions the equilibrium state should favor reduction of Fe(III)
by H,0,. From the data now available, one can calculate the equilibrium constants
as well as the rate constants of both Reactions 16 and 17, in a procedure similar to the
one we adopted above or the Ce(IV)/Ce(III) system. These considerations explain
the pH dependence of the reduction of ferricyanide by H,0,. In neutral solutions,
although Equilibrium 17 lies to the right, H,0, does reduce Fe(CN)¢>", since Eqn.
16 is also strongly shifted to the right and O, ~, which is present at very low concen-
tration, reacts mainly with ferricyanide. The net reaction 18 will thus proceed to the
right.

2Fe(CN)* ™ +H,0, -~ 2Fe(CN)¢*~+0,+H* (18)

Relevant to this analysis are the case of the catalytic decomposition of H,O, by metal
ions such as Cu?*, Fe®*, etc. and the case of the oxidation Fe?* or Cu™ by oxygen.
Using the available redox potentials of the ions concerned and that of O,, it is now
possible to check the role of O, in these systems. For example, the results of Cher
and Davidson [31] on the oxidation of Fe?* by O, in H;PO, quantitatively agree
with the formation of O,”, while there may be cases where the kinetic behavior
seems to rule out its participation.

The O, in biological systems

The possible role of O, ~ in enzymatic reactions was first proposed by Fridovich
and Handler [32, 33]. These authors investigated the reaction of xanthine oxidase on
several substrates and demonstrated that O, is generated during the xanthine-
xanthine oxidase reaction. Since the role of O, in biological systems was first
suggested, many superoxide oxidase enzymatic systems have been isolated and
studied: for references on the relevance of O, in biological systems an excellent
review by Bors et al. [34] has recently been written.

Several flavin derivatives, after being reduced enzymatically, can reduce O, to
form O, ~: for references see ref. 34. This mechanism is similar to that of the electron
transfer between semiquinones and O, as studied in this paper in non-enzymatic
systems.

Another group of enzymes, the superoxide dismutases, was isolated and their
catalysis in the recombination of O, were widely studied (references are given in
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ref. 34). The catalysis mechanism apparently involves the following steps:

E—~M"* 40, —> E-M®-D+ L0, (19)
E-M®-0*+0,” 25 E—MM* 1LH,0, (20)

In enzymatic systems, where O, was observed, it can be reduced to H,0,, as with
dihydro-orotate oxidase, or it can be oxidized as proposed with catalase or dismutated
as with superoxide dismutases.

In the enzymatic activation of O, it was generally assumed that it involves the
complex formation of O, with the metal chelates as, for example, the action of
cytochrome P-450 [35]. Such complexes may have quite high association constants.
(With haemocyanin [36] where K ~ 10° M~!.) Furthermore the formation of an
[Mr*1.-.0,7] complex is generally assumed to be an intermediate step in oxygen
activation [35]). Such complexes were also observed with many simple cations such as
Th** - .- HO,, V°* ---HO,, U®* -.-HO,, Ti** - -HO,, Zr** - - - HO,, Mo®*
<+ -HO, and Ce** - - - HO, [30, 37-39] and their association constant for the reac-
tion

M"+—}—022[M"+“'02_] (2[)

were as high as 10° [30]. The feasibility of the various mechanisms which may evolve
0O, can be estimated from thermodynamic data, for which E°(0,/O, ) is essential.
Therefore the determination of this redox potential is important. For example,
Klug-Roth et al. [40] determined both the rate constant of O, with superoxide
dismutase (E —Cu?*--0, ) and that of oxygen with the enzyme (E~ Cu* +0,), the
respective rate constants are 1.2-10° M~ 57!, and 0.44 M~ - s~ !, From those
values we calculate K, of the reaction

E~Cu’*4+0, 2 E-Cu*+0, (22)

K., = 2.8 10° and 4E° of this reaction is 0.57 V. The redox potential of the enzyme
was measured directly at pH 7 to be 0.42V [41].

From this value and from AE® we can calculate again E°(O,/0, ™) and get the
value of —0.32 'V, which is in excellent agreement with our value. This agreement
indicates that in this system the electron transfer between O, ~ and the enzyme does not
involve a stable complex of [E—Cu?* ---0, ] or [E—Cu* ---0,], otherwise 4E°
calculated from the rate constants would not give the correct value for £°(0,/0, 7).

On the other hand the existence of the O, or O, complexes in enzymatic
reactions is of great interest and should be considered.

Malstrom [42] argues that the reduction of O, by cytochrome oxidase is an

energetically unfavorable process. Using EJ ,- = —0.6 V and E® = 0.28 V for
the enzyme he concludes that the free energy of the reaction is much too high to
allow its occurrence. Even with our value of EQ .- = —0.33 V 4G is still high

~ 14 kcal/mol). However, if the association constant of O, or O, with the enzyme
is 10*-10° this restriction does not apply any more. Such values for association
constants of O, or O, are not unreasonable and similar values were determined in
related systems [30, 36]. As pointed out by Malstrom [42] this explanation will leave

much less free energy for the next reductive steps.
An additional interesting application of this method was recently given
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concerning the development of improved cell radiosensitizers. Various organic com-
pounds are able to act as hypoic cell radiosensitizers: this has obviously a potential
value in radiotherapy. Meisel and Neta [44] and Wardman et al. [45] found strong
correlations by measuring the one-electron redox potentials of various radiosensitiz-
ers by our method, and by comparing it with the radiosensitizing efficiencies. This
approach is promising to look for more effective radiosensitizers according to the
one-electron redox potentials.

Applications of pulse radiolysis to studies of biological interest

The pulse radiolysis method has many potential uses in biology. This method
is capable of producing very unstable and reactive intermediates at reasonable con-
centrations (107°-107° M) within a very short time. Previously the method was
mainly used for the study of mechanisms of radicals in inorganic and simple organic
systems. Recently, more and more applications to biology have been found and the
emphasis has changed to exploiting this tool in biological areas.

In this study it is demonstrated how redox potentials of reactive short living
intermediates, of biological interest can be determined. The method is capable, of
course, of studying other properties of such intermediates, such as spectra and pK
values of the intermediates as well as kinetics of this intermediate with various sub-
strates.

For example the study of the kinetics of peroxide dismutase with O,~ [40] is
possible with this method, where other methods are incapable of following this
process.

Many fast reactions of biological interest are studied with flow methods. In the
flow method, the substrate with an oxidative of reductive reagent are mixed and the
rate of the reactlon is followed, provided the reaction is not too fast. (z, should be
longer than 1072 s) The pulse radiolysis method is faster than the flow methods by
more than three orders of magnitude, therefore the range of this method exceeds that
of flow methods.

The reactive oxidant or reductant can be formed in situ in the presence of
substrate in less than 107%s. This is done by producing the reductant or oxidant
through reducing by e, ~ or oxidizing by OH radicals the stable oxidized or reduced
form of the reactant in the presence of the substrate. An example of this application is
the reaction of oxygen with myoglobin. This reaction can be easily studied when a
mixture of oxygen with metmyoglobin is pulse radiolyzed. The immediate result of
the pulse, under appropriate conditions, will cause the reduction of metmyoglobin
into myoglobin, in the presence of oxygen. After the formation of myoglobin, one can
follow its reaction with O, [46].
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