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A potential of about �0.8 (�0.2) V (at 1 M versus normal hydrogen
electrode) for the reduction of nitric oxide (NO) to its one-electron
reduced species, nitroxyl anion (3NO�) has been determined by a
combination of quantum mechanical calculations, cyclic voltam-
metry measurements, and chemical reduction experiments. This
value is in accord with some, but not the most commonly accepted,
previous electrochemical measurements involving NO. Reduction
of NO to 1NO� is highly unfavorable, with a predicted reduction
potential of about �1.7 (�0.2) V at 1 M versus normal hydrogen
electrode. These results represent a substantial revision of the
derived and widely cited values of �0.39 V and �0.35 V for the
NO�3NO� and NO�1NO� couples, respectively, and provide support
for previous measurements obtained by electrochemical and pho-
toelectrochemical means. With such highly negative reduction
potentials, NO is inert to reduction compared with physiological
events that reduce molecular oxygen to superoxide. From these
reduction potentials, the pKa of 3NO� has been reevaluated as 11.6
(�3.4). Thus, nitroxyl exists almost exclusively in its protonated
form, HNO, under physiological conditions. The singlet state of
nitroxyl anion, 1NO�, is physiologically inaccessible. The signifi-
cance of these potentials to physiological and pathophysiological
processes involving NO and O2 under reductive conditions is
discussed.

N itric oxide (NO) is an endogenously generated species with
a diverse array of biological functions (1). NO is one of the

primary regulators of vascular tone, is involved in signal trans-
duction in both the peripheral and central nervous system, and
is an integral part of the immune response system associated with
macrophage and neutrophil activation. More recently, NO has
been proposed to be involved in the regulation of mitochondrial
function (2, 3). Problems in NO homeostasis have been impli-
cated in the development of a variety of diseases and disorders
such as hypertension and atherosclerosis (4), diabetes (5), and
many neurodegenerative diseases (6). NO is also thought to be
a cytoprotective agent, capable of inhibiting radical-induced
damage and oxidative stress (7). To understand the actions of
NO as a physiological messenger and a cytotoxic or cytoprotec-
tive effector molecule, it is essential to understand its basic
chemical interactions with biological systems and its metabolic
fate.

NO and its reduced derivative NO� (and�or its conjugate acid,
HNO) have very different chemical properties and display
distinct and often opposite effects in cells. For example, HNO�
NO� has been found to be toxic under conditions where NO is
cytoprotective (8). HNO�NO� reacts with O2 to generate potent
oxidizing species, capable of damaging DNA and causing cellular
thiol depletion, whereas NO does neither under similar condi-
tions (9–11). HNO has been found to be a thiophilic electrophile
(12), readily capable of modifying cellular thiol functions (13,
14), whereas NO reacts only indirectly with thiols. HNO�NO�

has been suggested to act as a potent, redox-sensitive intropic
agent; in contrast, NO induces negligible inotropic response (15).

Chemically, NO is similar to molecular oxygen (O2) in that it
is a gas at room temperature and pressure, is a radical species
with one unpaired electron (O2 possesses two), and binds to a
variety of metal centers in proteins. NO has been used exten-
sively as an O2 mimic to examine oxygen binding in metal-
loproteins, because of its ability to associate with O2-binding
centers and form stable metal-nitrosyl complexes (16).

Nitroxyl anion (NO�) is isoelectronic with dioxygen; it pos-
sesses a triplet ground state (3NO�) and singlet excited state
(1NO�) with a singlet-triplet gap of about 17�21 kcal�mol (12).
The reduction potential for the O2�O2

� couple is �0.16 V [1 M
versus normal hydrogen electrode (NHE)] and �0.33 V (1 atm
versus NHE) (17, 18). Numerous experimental values of the
reduction potential of NO exist in the literature, scattered over
a range of about �0.4 to �1 V at 1 M versus NHE (19–25). This
finding has led to confusion with respect to the biological
accessibility of the one-electron reduced form of NO, namely
NO�. Values at the highly positive end of the potential range
have been determined under conditions where formation of
adsorbed species is likely (see below) (19–22), whereas chro-
niopotentiometric and controlled-potential coulometric studies
by Ehman and Sawyer (23) and photoelectrochemical measure-
ments by Benderskii et al. (24) on free NO have yielded
substantially more negative reduction potential values.

Stanbury (25) has furnished a compendium of reduction
potentials for a number of organic and inorganic species. Values
for NO were derived based on a literature pKa value for HNO
of 4.7, an estimate of the HONO bond dissociation energy,
approximation of the aqueous solvation energy of HNO, and the
assumption that the relevant acid-base equilibrium involves the
singlet state of both HNO and NO�. The reduction potentials
derived in this manner for the NO�3NO� and NO�1NO� couples
are �0.39 V and �0.35 V (1 M versus NHE, respectively) and
have been widely cited in the biological literature of NO.
Compared with the reduction of O2 to O2

�, the reduction of NO
to 3NO� would be expected to be highly favorable. It has
therefore been difficult to explain why NO is not significantly
reduced under physiological conditions in a manner similar to
that seen with O2.

The primary metabolic fate of O2 in aerobic organisms is
reduction to water, through intermediates such as superoxide
(O2

�) and peroxide (O2
2��H2O2). It is through this mechanism

that aerobic organisms derive energy from O2. Typically, O2
reduction occurs via metal-O2 complexes, for example, the
cytochrome c oxidase heme-O2 complex in mitochondria. Inter-
estingly, despite the general similarities between NO and O2, the
primary metabolic fate of NO appears to be oxidative. That is,
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conversion of NO to oxidized congeners such as nitrogen dioxide
(NO2), nitrite (NO2

�) and nitrate (NO3
�) comprise the predom-

inant pathways for degradation of physiologically produced NO.
From the widely cited literature values for the reduction poten-
tials of NO and O2, NO would be expected to be reduced much
more easily than O2.

Theoretical calculations (12) have predicted that the pKa of
HNO was considerably higher than an experimental value of 4.7
obtained by Grätzel et al. (26) by pulse radiolysis of aqueous NO.
A revised pKa of 7.2 (�1.0) was proposed, suggesting a signif-
icant concentration of protonated nitroxyl (HNO) at physiolog-
ical pH. Subsequent calculations by Dixon and coworkers at the
Pacific Northwest National Laboratory, Richland, WA (D. A.
Dixon, personal communication) have suggested an even higher
pKa. Additionally, based on analogy with O2 and experiments
demonstrating the triplet ground-state nature of NO�, it was
suggested that the relevant aqueous acid-base equilibrium of
HNO should instead involve the triplet form of its conjugate
base, 3NO� (12). Fundamental changes to the acid-base equi-
libria of HNO and the spin states involved will result in a
significant change in the resulting derived reduction potentials
for NO. We have now obtained theoretical, chemical, and
electrochemical measurements of the reduction potentials of NO
and show that they are considerably different from the com-
monly accepted data. These additional values are reconciled
with existing and relevant experimental and biological data.

Materials and Methods
Theoretical Calculations. Reaction energetics were computed by
using the complete basis set (CBS-QB3) method of Petersson
and coworkers (27). To account for the effects of aqueous
solvation, single-point self-consistent reaction field calculations
were performed on CBS-QB3 optimized geometries with the
polarizable continuum model of Tomasi and coworkers (28),
using 100 tesserae per sphere and Pauling (Mertz-Kollman)
atomic radii scaled by a factor of 1.2. Solvation energies were
computed by using the B3LYP�6–311�G* density. All calcula-
tions were performed with the GAUSSIAN 98 program system (29).
Solution-phase reduction potentials for NOX and CO2 were then
determined from the corresponding electron affinities and sol-
vation energies, with the standard-state reduction potential for
O2�O2

� (17) used as a reference value.

Electrochemistry. Cyclic voltammetric analyses were conducted in
dry, degassed acetonitrile by using a glassy carbon working
electrode, platinum mesh counter electrode, Ag�AgCl wire
reference electrode, and a scan rate of 0.1 V�sec in the presence
of 0.1 M tetrabutylammonium hexafluorophosphate. Ferrocene
(1 � 10�4 M) was used as a standard (FeCp2�FeCp2

�, E1�2 �
�0.400 V versus NHE). Linear sweep voltammetric analyses
were performed by using a glassy carbon working electrode,
platinum mesh counter electrode, Ag�AgCl reference electrode,
and a scan rate of 3 mV�sec in 0.1 M NaCl in 0.05 M buffer.

The intermediacy of the coupled byproduct of NO reduction,
hyponitrite (N2O2

2�), in the observed chemistry was discounted
by direct measurement of its electrochemical oxidation under the
same conditions. Cyclic voltammograms (�1.0 to � 1.2 V) were
measured in 1 M NaOH aqueous solution, with 5 � 10�3 M
Na2N2O2 and 0.05 M NaCl, using a pyrolytic graphite working
electrode, a Pt counter electrode, and a standard calomel
electrode reference electrode separated from the analyte solu-
tion by a fine glass frit. Sodium hyponitrite was synthesized as
described (30). Purity was �92% as measured by its absorbance
at 248 nm. The apparent E1�2 (N2O2

2�) was found to be at �0.4
V versus NHE. Scan rate versus current plots show that this
oxidation is diffusion controlled and possesses a reduction wave
at about �0.2 V versus NHE, corresponding to a surface-
adsorbed species (data not shown).

Chemical Reduction Experiments. Angeli’s salt (sodium trioxodini-
trate, Na2N2O3) was synthesized as described (9). Methanesulfo-
hydroxamic acid (MSHA) was a generous gift from H. Nagasawa
from the University of Minnesota, Minneapolis. Reduction poten-
tials of the bridged 2,2�-bipyridinium compounds, 7,8-dihydro-
dipyrido[1,2-a:2�,1�-c][1,4]diazepinediium (V12�) and 7,8-dihydro-
2,12-dimethyldipyrido[1,2-a:2�,1�-c][1,4]diazepiinedium (V22�)
were determined electrochemically versus Ag�AgCl in 0.1 M
NaOH�0.1 M NaCl and calibrated to 1,1�-dimethyl-4,4�-
bipyridinium (methyl viologen, MV2�, E1�2 � �0.44 V versus
NHE). The reduction potentials of V12� and V22� were found
to be �0.547 V and �0.690 V, respectively.

Aliquots of anaerobic solutions of MSHA (10�4 M in pH 7
phosphate buffer solution) were mixed with anaerobic alkaline
solutions of each viologen acceptor, each of which was present
in a 10-fold excess (10�3 M in 0.1 M NaOH). The final pH of the
reaction solution was approximately 12–13. Formation of the
corresponding radical cations MV��, V1��, and V2�� obtained
upon one-electron reduction were monitored at 603, 503, and
516 nm, respectively. Such radical cations were also observed
upon reduction with Zn(Hg). Experiments performed similarly
with Angeli’s salt at reaction pH of 7 showed no reaction of
MV2�, as indicated by the absence of the radical cation MV�� at
603 nm.

Results
Quantum Mechanical Calculations. Table 1 lists the calculated
gas-phase electron affinities and aqueous reduction potentials
for the series of nitrogen oxides NOX (x � 1�3), O2, and CO2,
along with available experimental values. It is seen that the
calculated gas-phase electron affinities of O2, NO, and NO3 are
found to be accurate to within the experimental error of the
literature values. Our calculated solvation free energies for NO2

�,
NO3

�, and O2
� are within 5 kcal�mol of the measured or derived

experimental quantities (35, 36), and thus the calculated aqueous
reduction potentials for NO2, NO3, and CO2 are found to be
accurate to within about �0.2 V of available experimental data
(Table 1). From the experimental standard state (1 M) reduction
potential of O2 of �0.16 V versus NHE (17, 18), our calculations
predict a potential value for reduction of NO to 3NO� of �0.76
(�0.2) V versus NHE, 0.6 V more negative than the analogous
reduction of O2.

CASMP2 calculations predict a singlet-triplet gap for NO� of
20.9 kcal�mol (0.906 V) (12). From this value, a highly negative
potential of �1.7 (�0.2) V is obtained for the reduction of NO
to the excited-state 1NO– anion. Accordingly, this species is
physiologically inaccessible because of its very negative reduc-
tion potential and high pKa values.

Electrochemical Measurements. Numerous electrochemical inves-
tigations have shown that irreversible reduction of NO occurs at
about �0.3 V versus NHE on platinum or other noble metal
electrodes (19). This potential varies significantly with electrode
material (20–22), because of multielectron reductions of ab-
sorbed NO. Such potentials cannot be ascribed to the one-
electron reduction of free NO to NO�. On electrode materials
such as mercury or carbon, or in free solution where adsorbates
are not formed, the reduction of NO occurs at much lower
potentials.††

The reversible, single-electron reduction of O2 in acetonitrile
occurs at �0.65 V versus NHE. Under identical conditions (Fig.
1), NO is reduced irreversibly at a potential that is 0.4 V more

††An apt analogy is the two-electron reduction of H� to H2 on a platinum surface. This
process carries a potential of 0 V versus NHE, but is mediated by stable Pt-H species on the
surface of the electrode. Conversely, the single-electron reduction of free H�, producing
highly reactive hydrogen atoms, occurs at ��1 V versus NHE at physiological pH.
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negative than that for O2. Even at scan rates of 0.1 V�sec, no
indication of reversibility was seen for NO reduction, indicating
that the reduced form has a lifetime of less than milliseconds in
saturated NO solution. This irreversibility is likely caused by the
series of rapid catenation reactions of NO� with NO, forming
N2O2

� and N3O3
�, previously observed by pulse radiolysis studies

(26, 37).
A comparison of O2 and NO reduction in aqueous solution is

provided in Fig. 2. The reduction of NO is found to be at a
significantly lower potential than O2 at pH 7. The measured
half-wave potential is essentially unchanged over a pH range of
4 to 7, but varies between pH 10 and pH 13. This variance in the
measured potential is suggestive of a pKa value for NO� of
greater than 9. A decrease in pH facilitates the protonation of
NO� formed upon reduction of NO, leading to somewhat more
positive potential values. Using either the approximate half-wave
potentials, or those corresponding to peak values at maximum
current, the reduction of NO occurs at a potential about 0.4 V
more negative that that of O2, in good agreement with theoret-
ical prediction (Table 1).

These irreversible voltammograms (Fig. 1) demonstrate that
the reduction of NO occurs at significantly lower potentials than
that of O2, but cannot quantitatively identify the potential for
reduction of NO nor allow for mechanistic interpretation. Pre-
vious voltammetric or polarographic investigations of the reduc-
tion of NO in aqueous solution on Hg or C electrodes reported
half-waves between �0.5 and �1.10 V (23, 38) but none have
directly assessed the reversibility or mechanism of reduction.
Direct measurement of the one-electron reduction of NO re-
quires a fast technique amenable to low NO concentrations, first
achieved by Benderskii et al. (24) in a little-cited series of reports.
Electron photoemission from Hg into a solution of NO2

� solution
was used to form NO in low concentrations at the Hg electrode
surface, and the resulting photocurrents were analyzed at varied
potentials. By varying the frequency of the alternating photo-
excitation, reduction currents were obtained attributable to
short-lived intermediates of NO2

� decomposition, including NO.
By this method, a reversible reduction of NO was reported at

Table 1. Experimental and calculated electron affinity and reduction potential values for O2, nitrogen oxides
NOx, (x � 1–3) and CO2

Species
Experimental electron

affinities (gas phase), eV*
Calculated electron

affinities (gas phase), eV
Experimental reduction
potential (1 M, H2O), V

Calculated reduction
potential (1 M, H2O), V

O2�O2
� 0.451 (� 0.007) 0.450 �0.16† �0.16†

NO�3NO� 0.026 (� 0.005) 0.0254 �0.39‡ �0.76
�0.3§

�0.7¶

�0.81�

NO�1NO� �0.35‡ �1.67
NO2�NO2

� 2.273 (� 0.005) 2.26 �1.04** �1.19
NO3�NO3

� 3.91 (� 0.22) 3.92 �2.5‡ �2.66
CO2�CO2

� �0.600 �0.463 �1.8†† �1.68

*Ref. 31.
†Reduction potential of O2 (�0.16 V at 1 M versus NHE) used as calibration standard, ref. 17.
‡Ref. 25.
§Ref. 19.
¶Ref. 23.
�Ref. 24.
**Ref. 32.
††Refs. 33 and 34. A similar value of �1.9 V has been determined.

Fig. 1. Cyclic voltammograms for reduction of NO and O2. (a) Background.
(b) 10�4 M ferrocene (FeCp2�FeCp2

�, E1�2 � �0.400 V). (c) Saturated O2, about
3 � 10�3 M (O2�O2

�, E1�2 � �0.65 V). (d) Saturated NO, about 3 � 10�3 M
(Eirrev � �1.02 and �1.41 V).

Fig. 2. Linear sweep voltammograms for pH-dependent reduction of NO. (a)
Background. (b) Saturated O2, about 3 � 10�3 M (O2�O2

�, E1�2 � �0.320 V).
(c–f ) Saturated NO, about 3 � 10�3 M, in buffer at (c) pH 4, (d) pH 7, (e) pH 10,
and ( f) pH 13 (NO�NO�, E1�2 � �0.686, �0.684, �0.768, and �0.797 V,
respectively).
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�0.81 V (Table 1). Our electrochemical results described herein
lend semiquantitative support to this highly negative reduction
potential for NO.

Chemical Reduction Experiments. The reductive capacity of NO�

was further characterized through chemical means. Alkyl and
aryl sulfohydroxamic acids are relatively stable at physiological
pH, but rapidly liberate HNO and�or NO� under basic condi-
tions (Fig. 3) (39, 40).

NO� was generated from MSHA at high pH, and its redox
chemistry was investigated by observing electron transfer from
NO� to a series of viologen acceptors (Fig. 4). Although
reduction of MV2� and V12� were found to be facile, formation
of the V2�� chromophore at 516 nm upon reaction of V22� with
NO� was slow, indicating that the reduction potential of NO� is
close to �0.7 V. The resultant viologen radical cations arise via
reduction by NO�, and not by the putative intermediate, hy-
ponitrite (N2O2

2�), as the latter possesses a reduction potential
of about �0.4 V versus NHE.

Conversely, reduction of methyl viologen MV2� was not
observed upon reaction with HNO�NO� generated from a
decomposing solution of Angeli’s salt at pH 7. This observed
difference in reactivity suggests that only nitroxyl (HNO) is
generated from Angeli’s salt at pH 7, whereas 3NO� is generated
from MSHA at pH 12.

Discussion
Biological Implications. It is well established that NO is capable of
binding to a variety of proteins which otherwise bind and reduce
O2. For example, NO forms stable nitrosyl complexes with
cytochrome c oxidase (16, 41) and cytochrome P450 (42–44),
two primary O2-binding and O2-reducing proteins, and forma-
tion of these complexes has been implicated in the inhibition of
their activity. Up to now, it has been difficult to reconcile the
observation that NO was capable of binding at the O2 binding
site of these redox proteins and yet was not readily reduced, as
(i) NO binds with high affinity to the O2-reducing proteins; and
(ii) based on its previously reported reduction potentials, the
reduction of NO should be thermodynamically more facile than
that of O2.

From a physiological perspective, it is important that NO is
resistant to reduction via the electron transport chain or, in
general, via electron transfer processes compared with O2. The
substantial thermodynamic barrier predicted for the conversion

of NO to NO� suggests that, under physiological conditions,
direct reduction of NO to NO� does not occur to a significant
extent. Other mechanisms for in vivo generation of HNO and�or
NO� in biological systems do exist (14, 45–47); however, direct
one-electron reduction of NO to form NO� is improbable.

An important question now arises from these findings: does
this thermodynamic barrier to reduction, compared with O2,
represent a chemically important aspect of NO biochemistry�
physiology? Clearly this barrier to reduction may increase the
lifetime of NO by eliminating reduction as a mechanism of NO
degradation. There are now profound physiological implications
of this resistance to reduction.

(i) Previous reports indicate that HNO is cytotoxic (8, 9). If the
reduction of NO to HNO were facile, the utility of NO as a
physiological messenger molecule would be greatly compro-
mised and, indeed, organisms would not have evolved to use NO
in so many diverse and important ways. (ii) A specific example
involves the opposite effects of HNO and NO in ischemia-
reperfusion injury (8). NO protects against postischemic injury,
whereas exogenously delivered HNO greatly exacerbates injury.
The barrier to reduction allows NO to exert its protective effects
and prevent the endogenous formation of this potentially toxic
reduced species. (iii) The ability of NO to regulate or inhibit
mitochondrial activity depends on the stability of the cyto-
chrome c oxidase-nitrosyl complex. Because NO is stable with
respect to reduction and has high affinity for cytochrome c
oxidase, it readily inhibits and regulates mitochondrial respira-
tion by competition with O2.

NO reduction to nitrous oxide (N2O) can occur with cyto-
chrome P450nor, and perhaps even with the heme protein
cytochrome c oxidase, although this has been disputed (48). Our
results make it very unlikely that this could occur by direct
reduction of NO and subsequent reaction of HNO, namely 2
HNO 3 N2O � H2O. The reduction of NO by cytochrome c
oxidase appears to occur at only high concentrations of NO
(1–2 � 10�3 M), and under these conditions the reduction likely
occurs through a bis-NO-cytochrome c oxidase complex (49).††

Instead, it is likely that a reduction of an (NO)2 complex is
occurring, rather than of a free NO or a monomeric adduct.
Cytochrome P450nor, an enzyme specifically used by denitrify-
ing fungi to convert NO3

� and NO2
� to N2O, is also capable of

reducing NO to N2O (50). In this reaction, a reduced iron-NO
complex is proposed to react with another NO to generate N2O.
Thus, as with cytochrome c oxidase, it is unlikely that NO
reduction to free NO� occurs directly. Generation of N2O
requires the interaction of two NO molecules at the active site
of the enzyme, an unlikely event given the low concentration of
NO under physiological or even pathophysiological conditions.
Thus, our contention that NO is much more difficult to reduce
compared with O2 pertains strictly to the monomeric species and
remains consistent with other studies that likely involve reduc-
tion of multiassociated NO complexes.

Consequences of NO Reduction Potentials on Nitroxyl Acidity. Just as
the reduction potentials for NO were originally derived from the
literature pKa value of 4.7 for HNO, the pKa of HNO may be
derived from the reduction potentials of NO. Stanbury (25) has
estimated a value of �3.3 kcal�mol for the aqueous solvation
energy of HNO; a similar value of �4.6 kcal�mol is predicted by
our polarized continuum model calculations. From the respec-
tive gas phase 	fG0 values for HNO and NO of 29.4 and 20.7
kcal�mol and the aqueous solubility of NO of 1.9 � 10�3 M�atm
as provided in the Stanbury review, a pKa of 11.6 (�3.4) is
derived for 3NO�. From the singlet-triplet gap of 20.9 kcal�mol
predicted for NO� (12), a pKa value of 23.0 (�3.4) is predicted
for 1NO�. These revised values based on reduction potentials are
significantly higher than previous theoretical and experimental
estimates, but are in accord with a recent theoretical prediction

Fig. 3. Generation of nitroxyl anion (NO�) from an alkyl sulfohydroxamic
acid at pH 12.

Fig. 4. Viologen electron acceptors. Experimental reduction potentials of
each acceptor (versus NHE) are given in parentheses.
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by Dixon of a pKa range of 10 to 13 for 3NO� (D. A. Dixon,
personal communication). Thus, HNO is now implicated to be
the nearly exclusive species present in the acid�base equilibrium
of HNO�NO� in biological systems.

It is important to note that the actual observed potential for
reduction of NO to 3NO� will be a function of NO concentration,
as well as of the pH of the solution in which 3NO� is generated.
Our calculated reduction potential of �0.76 V corresponds to a
standard state of 1 M NO. The concentration of NO under
physiological conditions is substantially lower, typically within
the nanomolar to micromolar range (51, 52). A decrease in the
concentration of NO will give rise to a more negative reduction
potential.

Protonation of 3NO� to HNO will be thermodynamically
favorable in aqueous solution and result in a positive shift in NO
reduction potential as the pH of the solution is lowered. This
effect can be clearly seen in curves c–f in Fig. 2. From the pKa
value of 11.6 for 3NO�, a potential of about �0.5 V (1 M versus
NHE) can be estimated for the reduction of NO to 3NO� and
subsequent protonation to HNO at pH 7.2. Despite the favorable
thermochemistry of protonation, direct reduction of NO to
3NO� under physiological conditions is still energetically
prohibitive.

Conclusion
Clearly, the reduction potential of NO is significantly more
negative than has been widely reported. Our measured half-wave
potential for the reduction of NO at pH 7 is �0.68 V (versus
NHE), and our observation that only species with reduction
potentials more positive than approximately �0.7 V are reduced
by a decomposing solution of the HNO�NO� donor, MSHA,

support our calculated value of �0.76 V for the reduction of free
NO to 3NO�. At significantly higher concentrations, reduction of
dimers or higher-order adducts of NO becomes possible. The
reduction potential of the metastable (NO)2 is predicted to be
quite favorable, �0.33 V (1 M versus NHE) (M.D.B. and K.N.H.,
unpublished results).

The establishment of the resistance of NO toward biological
reduction represents a fundamental change in understanding of
NO biochemistry. Although NO reduction was previously con-
sidered to be a probable biological occurrence, satisfactory
explanations were lacking for the absence of NO reduction even
when O2 was reduced. We have established that NO is relatively
inert to direct, one-electron reduction processes that can occur
under physiological conditions. This process allows O2 to be
reduced exclusively in the presence of NO and represents a
significant demarcation in the physiological chemistry of these
two important diatomics. The high thermodynamic barrier for
conversion of NO to HNO via a direct reduction pathway may
allow for the distinct physiological effects observed for these
redox-related species.
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