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1. General Intr oduction

The development of aqueous radiation chemistipd especially the pulse radiolysis technidues provided chemists
with a very simple and clean method of generating and studying the reactions of unstable species in aqueous solution s
organic and inorganic free radicals and metal ions in unusual oxidation states. This review comprises a critically evall
compilation of the rate constants which have been measured for the reactions with solutes of the hydratedeglecthen,
hydrogen atom, H the hydroxyl radical, OH, and its basic form, the oxide radical ioi". A knowledge of these data
enables the chemist to choose the appropriate conditions for generating the species of interest starting with these free re
and this knowledge has many applications in the whole field of chemistry in aqueous solution.

Many reviews, data compilations, and monographs have been published on the reactivity of transients fréiwate
This compilation contains data published through 1986 and is a complete reevaluation and update of the earlier NSRDS
report$10.
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1.1. Properties of e,;", H", 'OHand "O"
The properties of these species are listed in Table 1 and their optical absorption spectra are shown in Fig. 1.

1.1.1. The Hydrated Electron

The hydrated electron may be visualized as an excess electron surrounded by a small number of oriented
molecules and behaving in some ways like a singly charged anion of about the same size as the iodide ion. Its intense a
tion band in the visible region of the spectrum makes it a simple matter to measure its reaction rate constants using
radiolysis combined with kinetic spectrophotometry.

As expected from its standard reduction poteRfial of —2.9 V, the hydrated electron reacts rapidly with many species
having more positive reduction potentials. Its mode of reaction can be generally represented as the one-electron transf
cess

e;q +93 . 81_1 (1)

where n is the positive charge on the solute, although in some cases the electron adduct immediately dissociates. Its ra
stants range fromm0' L mol™ s up to the diffusion controlled limit but the activation energies are invariably small and lie
in the range 6-30 kJ mdl. This suggests that the dominant kinetic parameter is the availability of a vacant orbital of t
solute into which the electron can transfer.

The hydrated electron acts as a nucleophile in its reactions with organic molecules, and its reactivity is gre
enhanced by electron-withdrawing substituents adjacent to alkene double bonds or attached to aromatic rings. Increase
tivity is also observed when organic molecules contain substituent halogen atoms, in which case the negative ion form
Eq. (2) rapidly eliminates the halide ion.

gt RX - RXT =R + X @)

1.1.2. The Hydrogen Atom
The hydrogen atom is the conjugate acicegf, and it is the major reducing species in acidic solution, Eg. (3).
€aq t+ H;O" - H 3)
It absorbs only weakly in the ultraviolet so that its reactions are not readily measured by obseritsgjfHWith a reduction
potentiaf>?° of —2.3 V the hydrogen atom is a slightly less powerful reducing agentefanbut its chemistry is often quite
different. It readily reduces inorganic ions having more positive reduction potentials than itself, but often at slower rates

€, - IN some cases, in highly acidic solution, it effectively reacts as an oxidant, forming a hydride intermediate which dec
poses to molecular hydrogen and the oxidized sé&fftefor example,

+
H +Fé* o Fé'H T _Fe + H, (4)
H+

H +17 - HI" I—_>H|2_ -Hy + 15 (5)

The hydrogen atom reacts with organic compounds by abstracting H from saturated molecules and by adding to ce
of unsaturation, for example,

H + CH;OH - 'CH,OH + H, (6)
H + CH,=CH, - 'CH,CH; @)
In this respect it resembles the hydroxyl radical, although the latter is more reactive and less selective in abstaatioos.r

A good illustration of the different chemistry of linde, is provided by their reactions with chloroacetic acid, as shown by
Egs. (8) and (9),

H' + CICH,CO,H — ‘CHCICO,H + H, ®)
€3q + CICH,CO,H — "CH,CO,H + CI. 9)
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1.1.3. The Hydroxyl Radical

The hydroxyl radical is a powerful oxidant, having a standard reduction pot&fttaif 2.7 V in acidic solution and 1.8
V in neutral solution where the free energy of neutralization of ®H" is not available. The reaction 6©H with ions is
often represented as a simple electron transfer,

‘OH+9S - S+ OH (10)

where n is the charge on the ion, but such a simple step is unlikely because of the large solvent reorganization e
involved in forming the hydrated hydroxide ion. Instead, it is suggé8tédit an intermediate adduct is formed. Such an
adduct is observed in the oxidation of halide and pseudo-halide ions,

"OH + X~ = HOX™ (11)

Although there are several examples OH reacting with inorganic ions at the diffusion controlled rate, rate constant
for oxidation of many aquated metal cations seem to be no moreliBan10® L mol™ s*. A suggested reasdhfor this is
that ‘OH abstracts H from a coordinated water molecule and this is followed by electron transfer from the metal to the
dized ligand.

"OH + M"™"H,0 - M™OH - M"D* + OH (12)

An alternative proposé&t is that"OH adds to the metal ion to increase its coordination number and oxidation takes place
an inner-sphere mechanism in the equilibrium stage.

[M(H,0)]™ + "OH « - [(HoO)M-OH]™ - [M(H,0)] ™" + OH (13)

It is known that M"OH is indeed the initial product whenM= TI*, Ag®, C/**, Srf*, Fé* and Mrf*, and ligand substitution
by "OH is ruled out because there is no correlation between rates of substitution and oxidation.

In strongly alkaline solutionOH is rapidly converted to its conjugate base,
‘'OH+OH «— 'O +H,0 (14)

with k;, = 1.2x 10°° L mol™ s, k_;, = 10° s and g, ('OH) = 11.9. Thus equilibrium betwee®H and O is established
whenk[S] < 10’ s™* for "OH reactions. O~ reacts much more slowly tha®H with several inorganic anions, and the rate is
immeasurably slow with By CQZ‘ and Fe(CNa4‘ although these ions are all rapidly oxidized IgH.

In its reactions with organic moleculé®H behaves as an electrophile wher&@asis a nucleophile. ThusOH readily
adds to unsaturated bonds BaX" does not. Both forms of the radical abstract H from C-H bonds, and this can result in tl
formation of different products when the pH is raised to whdbdg, rather than'OH, is the reactant. For example, if an
aromatic molecule carries an aliphatic side chaf, attacks there by H abstraction whil$DH adds preferentially to the
aromatic ring. As mentioned in section 1.1.2., hydroxyl radicals and hydrogen atoms undergo similar types of reaction
organic molecules, but in abstraction from C-H bon@$1 is more reactive and less selective thanbdcause the formation
of the H-OH bond is 57 kJ mo! more exothermic than the formation of the H-H bond.

2. Methods of Generation of e, , H’, "'OH, and 'O

All of these radicals are most readily generated in the radiolysis of water, which is described in section 2.1. Altho
this is by far the most commonly used method, some of the radicals can also be generated in one or more of the follc
ways: (i) photolysis of an appropriate solute, (ii) production ¢fly electric discharge in hydrogen gas, (iii) sonolysis of

water, and (iv) Fenton-typesactions.

2.1. Radiolysis of Water

This is summarized in the scheme given in Fig. 2 where the numbers represé&itiee of each species in neutral
water.
no. of molecules formed

= 15
G 100 eV (15)

This scheme represents the sequence of events initiated by a fast electron either injected from an accelerator orirgenel
situ by ®°Coy-rays. Fast electrons are by far the most commonly used type of ionizing radiation.



The initial radiolysis products are generated in isolated volume elements called spurs. As the spurs expand thi
diffusion a fraction of the species react together while the remainder escape into the bulk solution. In wateis ft life-
time of a radical reacting at the diffusion-controlled rate with a solute S, whose concentratiof isdl@. 2, i.e. k[S] = 10
st wherek is the bimolecular rate constant. Thus, under these conditions the y@)as €.q - H and’OH available are as
shown in the scheme at 10s. Whenk[S] < 10’ s™* the available yields scarcely change provided [S] >> [radicals], but wher
K[S] > 10" s the yields can increase by 0.3-0.5 for each 10-fold increasgSh This is an important consideration when
evaluating, for example, the extinction coefficient of a reaction product.

In pure water there is scarcely any net decomposition because the radiolytic products undergo very efficient back
tions. The reactions which occur in pure water are listed in Table 2.

The great advantage of the radiolysis method over other methods for generating reactive intermediates lies in thi
that the amount of energy absorbed by any component of the system is proportional to its electron fraction. This means
moderately dilute< 0.1 mol L) aqueous solution essentially all the energy is absorbed by the water so that the yields of
primary radicalsg,, , H" and"OH are always well known.

2.2. Other Met hods
These do not have wide applicability in the context of this review but can be useful in certain circumstances, for ex
ple in providing corroborative evidence for a particulaaction.
2.2.1. Photolysis
Examples of solutes which can be photolysed to generate some of the primary water radicals are listed below.

Fe(CNE™ - Fe(CNE +e;, (16)
17 - 1+ e (17)

H,0, -~ 'OH + OH (18)
FeOH™" _ F&* + OH (19)
BrOz; - BrO, + 'O~ (20)

2.2.2. High Frequency Electric Discharge

This method can be used to producedibms in pure Hgas which is then pumped through the vigorously stirred solu-
tion. Mass transfer of Hirom the gas phase into solution has to be taken into account in the kinetic affalysis.

2.2.3. Sonolysis

Like the electric discharge method, sonolysis of water saturated with an inert gas generates radicals in the gas phi
this case due to decomposition of the water vapor at the very high temperatures and pressures generated in the gas bul
the ultrasound? Direct evidence has been obtained receéfitligat the decomposition reaction is

H,O — H' + OH. (1)

2.2.4. Fenton-Type R eactions
These are used to genera€eH, the main reactions used being
Fe* + H,0, — "OH + Fé* + OH (22)
Ti®* + H,0, - "'OH + Ti** + OH™ (23)

The first of these was widely employ¥defore the development of radiation chemistry; the second, being a much faster re:
tion, provides a convenient method for generating secondary radicals for study by e.s.r. using flow Afethods.

3. Kinetic Features of Reactions of Transient Species

By their very nature, transient species can only be measured using fast reaction techniques. These involve
methods in which either absolute rate constants are obtained by direct observation of the decay of the transient or the ¢
of its product, or, where only relative rate constants can be deduced, from measurements of product yields usin



competition method. The latter method is also used in continuous radiolysis, but here it is inherently less accurate unle
mechanism by which the measured products are formed is known completely.

3.1. Direct Method

Ideally conditions are chosen such that only one primary radical is present and the concentration of the reactive ¢
is high enough to ensure that pseudo-first order kinetics are obeyed. As noted above, the reaction may be followed by
toring the decay of the primary radical, which is generally the case.fptbecause of its very suitable absorption spectrum
(see Fig. 1), or by monitoring the growth of the product, which is usual fof ®H and O™ because their spectral properties
are quite unsuitable for monitoring their decay. In all cases the concentration of the reactive solute should be varie
demonstrate that the pseudo-first order rate constant is proportional to the solute concentration. This eliminates error
reaction of the primary radicals with themselves or with impurities in the solvent.

3.1.1. Sources of Error

One source of error arises when the conditions specified above are not, or cannot be, fulfilled. Reasons for this in
limited solubility of the reactive solute, or poor observability of the prodwtessitating a higher than ideal dose per pulse,
both of which can result in a fraction of the primary radicals reacting with themselves in competition with their reaction w
the solute. These conditions are not always recognizable from the kinetics alone and so one should demonstrate that th
of the reaction product matches the yield of the primary radical.

In most cases the reaction product is itself a free radical and so is an unstable species. Therefore, when the gro
such a transient product is being measured, corrections for its simultaneous decay should be applied. Again, it is not &
obvious from the growth kinetics alone that such corrections are necessary, but measurements of the yield of the produ
its relative stability will clarify the situation.

Sometimes there can be more than one step involved in the formation of the observed reaction product from the pri
radical so that the rate of formation of this product is not a measure of the rate of reaction of the primary radical. Well kn
examples of this are the reactions’@H with halide and pseudo-halide ions {MXvhere the first product is HOX although
the measured product iX,".

"OH + X - HOX'~ (11)
HOX' ™ o X' + OH (24)
X+ X 5X5 (25)

Instrumental errors can arise in the kinetic spectroscopic detection and analysis of transient species, from the g
adequate calibration of the detection equipnf@@scilloscope, digitizer or streak camera time-base calibration, in particula
is essential for accurate half-life or decay rate determinations. In computer-automated or manual computation of trar
decay curves or other kinetic results, the adequacy and validity of computer programs or analytical methods design
assess kinetic order parameters, and curve fitting, goodness-of-fit criteria or regression curve analysis, will also influen
overall accuracy obtained. Other practical considerations include an assessment of the stability of the solute under
radiolysis conditions in particular by the intense illumination from the analyzing light source and any deleterious effects f
the machine dark current or from multiple pulses of ionizing radiation to the solution.

3.2. Competition Kinetics

This method is used in pulse radiolysis when neither the primary radical nor the reaction product can be obse
directly. The general scheme is shown below whereeRresents the primary radical, S the solutes and P the products,

kg

R+S —— P, (26)
ko

R+S— P, 27)

so that if R is the observable product

G(R) 1_@%]

G(P) kS (28)
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Ideally, concentrations of;&nd S are chosen so that reaction is complete during the pulse ghif[$is varied over a suit-
able range, but witltk[S;] kept constant so th@b(R) does not vary (see Section 2.1).

3.2.1. Sources of Error

Generally, conditions can be chosen to eliminate reactions of the primary radicals with themselves, but this shou
checked by measurin@(P;) in the absence of . Sand by showing thaG-values are independent of dose per pulse. Care
should be exercised in the choice of the reference solytén Some cases wherg B not formed in a single step, e.g.

R+S -XoP (29)

the intermediate species X may react withi&ading to an erroneous evaluationkgf This situation has been identified when
SCN is used as the reference soldfeand can be revealed by the use of more than one reference solute to measure
Indeed, it is good practice to use more than one competitor to measure the same rate constant. This also helps to rev
errors in the reference rate constant.

Errors can arise, of course, through misinterpretation of the experimental data. This can happen particularly when
tions of 'OH and/or' O™ are being measured in alkaline solutions where both forms are present in equilibrium, Eq. (14), ur
normal conditions* A typical fault is to assume, for example, that in 1 maof IOH™ solution the equilibrium in Eq. (14) lies
wholly to the right and to attribute any measured rate constant to the reactio@ .ofHowever, in reality, the system
comprises 1% 0H so that if the observed rate constant is 100-fold lower than that known for the reacti@Hofith the
same solute, it means th&@™ must react at an even slower rate, if it reacts at all.

3.3. Steady-state Method

In principle the competition method can be used in steady-state experiments and, in fact, much reliable data has
obtained in this way. It is an inherent weakness of the steady-state method, however, that only the permanent reactio
ducts can be measured and so considerable reliance has to be placed on an exact knowledge of the reaction mechanis
ing to their formation from the primary radicals.

The most reliable systems are those where the measured product is formed in a single step from the primary radic:
is itself unreactive towards other radicals. Thus relative rate constants cdrHgenerally be measured reliably by steady-
state methods by choosing a pair of competing reactions where one produaed the other does not, for example,

H+RH-H, + R (30)
H +S-notH (31)

where RH is a saturated organic molecule with a single kind of C-H bond and S is the solute whose rate constant is soug

3.3.1. Sources of Error

Without doubt the greatest source of error in the steady-state method is the lack of mechanistic information. Becau
the very much longer timescales and lower dose rates as compared with the pulse method (see Section 3.2), relatively t
tive secondary species can interfere, whereas they are essentially inert on the timescales of the pulse experiments.

4. Reaction Rates for the Hydrated Electron
4.1. Methods
4.1.1. Direct Method

Because of its intense optical absorbance in the visible and near infrared regions of the spegfrismost con-
veniently and reliably observed directly using pulse radiolysis, and the majority of rate constants included in Table 6 |
been measured by the method of decay kinetics (d.k.). When the hydrated electron is formed radiolytically it is produced
comitantly with the other radiolysis species &hd'OH. Therefore care must be taken to ensure that competing esations
involving other reactive intermediates or impurities are minimized. One way commonly used to achieve this is to ac
scavenger that removes, or converts to unreactive products, all but the reactive species under study. In thg, céise ose
of tert-butyl alcohol is generally accepted as an effective means of remo@Hhgand, to a lesser extent, the lower yield of
H.

(CH3)3COH +°OH - "CH,C(CH3),0OH + H,0, k=6 x 1¢ (32)
(CH3)3COH + H - "CH,C(CH;),0OH + H,, k= 1¢° (33)



It must be remembered that any experimental determinatieg,ofate constants, based on observigg decay or the
appearance of transient product species is subject to experimental errors and uncertainties, and necessitates certain
tions and needs the correction of observed data for potential errors.

Corrections must be made for competing reactions, Egs. (34-36), involving soki¢ &d any impurities | (including
H" and Q for example).

S+e S~ (34)

€aq + €aq (+ 2 H0) -~ Hy + 2 OH (35)
| + €3¢ — products (36)

H +OH - ey 37)

The differential equation for the hydrated electron reaction is:
d[ST] E_d[e;q]
dt dt

= kaa[S][€aq] + 2Kas[€ag]” + kasll][ €aq] — kaz[H I[OH"] (38)

which can be integrated, but does not yield simple exponential decay of the hydrated electron. If reaction (34) is the don
reaction, the decay approaches simple exponential and corrections for the “observed” rate constant can be derived f
limiting cases ([I] - 0), ([H'] - 0) and (Byq] - 0).

In order to minimize errors associated with the radiation chemical conditions and design of the experiment, it is ne
sary to reduce the contribution from reactants other than the solute reactingyvithe. by using pH buffers to control A
and degassing solutions to remove oxygen), reduce the contribution from other primary radicals by use of scavengers, ct
ling the temperature and/or ionic strength, reducing impurities, and operating at low doses to minimize the bimolecular |
tion, EqQ. (35). Each experimental rate constant determination should preferably be derived from results obtained for a
of different doses and solute concentrations.

4.1.2. Competition Kinetics

Data are also included in Table 6 in which the rate constants are obtained by steady-state or pulse radiolysis cor
tion kinetics (c.k.). Less than 5% of the hydrated electron rate constants in Table 6 have been determined by this meth
competition kinetics, the rate constaator the reaction of,, with a solute is determined relative to that with a competing
solute whose rate consta is known. This is generally done by monitoring the decrease in the yield of the product P of t
reaction betweem,, and competitor with increasing solute concentration: See section 3.2, Egs. (26-28). Compattagts
which have been succesfully used to determine relative rate constants are listed in Table 3a.

4.2. Evaluation of the Data

Rate data were selected as suitable for inclusion in this listing on the basis of the best available direct determina
preference being given to data derived from pulse radiolysis or other kinetic or time-resolved methods capable of monit
either thee,, decay or the formation of the transient product of its reaction with the solute. Also, high priority was given
those entries derived from publications containing the most comprehensive information concerning the experimental m
dology, errors, conditions of the experiment, details of parameters needed for the unambiguous indentification and char:
zation of the reactive species and nature of the reaction, and those factors influencing or controlling the reaction kin
Consideration was given to the date of publication and the consequent developments in physical and chemical techniq
production, detection and kinetic analysis of transients, and the uncertainty and errors associated with computing rate
stant data.

4.2.1. Selected Rate Constants for e,

Reactants and their rate constants selected as reference values for competition kinetic studies are shown in Tal
those values have been listed in bold face at the head of the entries in Table 6. The reference values have been obtaine
pulse radiolysis determinations and selected on the basis of internal consistency with values obtained by direct method
selected rate constant for the reactioregf with H* is only strictly applicable at low ionic strength. Aoz 0.05, the authors’
values fork(e,, + H*) have been used and are included in the Comment.

All rate constants measured relative to these reactants have been renormalized to the selected valueactatiter r
that have been used with less reliable results in competition kinetic studies reported in Table 6 are: acetone, copper(ll)
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and peroxydisulfate ions. Data judged acceptable for inclusion in the compilation, in the case of multiple entries for a g
solute, have been averaged and the average is listed at the head of the values used to obtain the average. No average
for multiple values that diverge by more than a factor of two nor those where different ionic strengths can lead to diver
values.

4.2.2. lonic Strength Effects
Sincee

.q IS @ negatively charged species, it will be influenced by electrostatic charges on the solute, eactilgy
will be dependent upon the ionic strengdtbf the solution:

| =%3 ZEC; (39)

whereC; andz, are the molar concentration and the number of charges of the solute components i, respectively.
According to the Bfasted-Bjerrum equation:

kK 1.02Z]7”
log—=——7— 40
g Ko 7 (40)

wherek andk, are the rate constants at ionic streng#nd zero, respectively.

Rate constants corrected for ionic strength have been quoted when reported by the authdrs@nébt 1” has been
added to the commentk,,. is also given in the comment, if available. The reviewers did not attempt to make corrections
ionic strength because of uncertainties such as actual charge on the ions, concentrations, etc.

5. Reaction Rates for the Hydrogen Atom
5.1. Methods
5.1.1. Direct Met hods

Because the Hatom absorbs light only in the ultra-violet region of the spectrum, mainly below 200 nm, direct obsen
tion of decay of the transient using kinetic optical spectroscopy is not a suitable technique. Directly determined rate con:
listed in Table 7 include those obtained from direct observation of the absorbing transient products oatbeHeaction
with the solute by optical methods. Rate constants have also been determined by direct observation aticimegidnerated
by pulse radiolysis by esr or by competitive reduction of the esr signal due to the addition of $dfit&¥=s30Observation of
the hydrogen atom esr signal is possible because of its enhancement by spin polarization effects and its decay is folloy
give a pseudo-first order rate in the presence of a solute.

5.1.2. Competition Kinetics

Many H atom rate constants have been determined indirectly by steady-state or pulse radiolysis using compe
kinetic methods. Here the rate constant for the reaction’aftbins with a solute Ss compared with the rate constdqtfor
the reaction with a competitive solute,. $n competition kinetics, the relative yield of a product is monitored as a function o
the ratio of solute to competitor concentration: See section 3.2, Egs. (26-28). In addition to competition kinetics by pro
analysis, rate constants have been determined by the comparison of the decrease in the esr signal for the hydrogen atol
presence of competing solutes in a steady-state experiment.

Competing reactants used to determine relative rate constants are listed in Table 3b. Other reactants, considered
able, that have been used in competition kinetic studies reported in the main table are: glucose, hydrogen peroxide, si
ion, copper(ll) ion, iron(ll) ion, iron(lll) ion, nitrate ion, nitrite ion, allyl alcohol, benzoquinone, methagpR-methyl-1-
propanol p-nitrobenzoic acid and phenol.

5.2. Evaluation of the Data

The criteria used for evaluating’Hitom rate constants for inclusion in this compilation are substantially the same
those outlined foe,, data.

Emphasis is placed on recent determinations containing comprehensive information covering a wide range of ¢
tions, quoting errors, and a consideration of the experimental design including the use of appropriate scavengers and
tions for secondary reactions and other complicating circumstances. Other requirements considered important are tf
dence supporting first-order kinetics, the establishment of conditions for a single reaction between reactants and supr
evidence for or a means of identifying the species involved and the reaction scheme, rate data given for a range of
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concentrations with matrix corrections for impurities, oxygen and selétions or secondary reactions (dose and dose-rat
dependent), and the selection of appropriate chemical conditions (pH, dose, concentration, etc).

Rate constants for reactions of With metal complexes where atomized hydrogen was produced by electric dischar
(see section 2.2.2) were included whenever other data were not available; the rate constants should be considered |
error limits of a factor of two.

5.2.1. Selected Rate Constantsfor H -

Several reactants and their valueskphave been selected as reference values for competition kinetics and are showt
Table 3b. These values have been obtained by pulse radiolysis using either optical or esr detection. Additional refe
values have been selected for several reactants with rate constants determined relative to the primary reference valu
rate constants measured relative to these reactants have been renormalized to the selected values.

6. Reaction Rates for the Hydroxyl Radical and the Oxide Radical lon

6.1. Methods
These have already been described in general terms in section 3.

6.1.1. Direct Method

In principle, the most reliable data are to be obtained using pulse radiolysis and observing directly the d&dy of
and/or the formation of product,

‘OH+§ - P, (41)

In practice, the decay oOH generally cannot be followed because of its weak ultraviolet absorption spectrum, and of cou
the formation of R can only be measured when it has a suitable absorption spectrum. This is the so-called method of prc
build-up kinetics (p.b.k.), and it generally requires the use of rather low concentrations of selltés Bnportant, therefore,
either to choose conditions where reaction'©H with itself is negligible and the product, ®loes not react further, or to
make appropriate corrections when these conditions cannot be realized.

6.1.2. Competition Kinetics

This method (c.k.) is quite widely used to measud# reaction rate constants by pulse radiolysis. A number of suitable
standard competitors are available (see Table 3c), and it is desirable to measure the unknown rate constant relative t
than one of these standards. The competition method has the advantage that higher concentration of solutes can be en
thereby eliminating the possibility 6OH reacting with itself, and also shortening the timescale of observation and so minir
izing the extent of reactions of the product. In using the competition method it is obviously important to state what valu
the reference rate constant has been selected.

6.1.3. Steady-State Method

The steady-state method most frequently involves eiffradiolysis or the use of the Fenton reaction to generate.
In either case rate constants are deduced from measurements of stable products. As mentioned earlier, thecesthdtyn
requires that the mechanism of product formation be known completely, and whilst there are numerous examples to sho
the steady-state method does give reliable results, there are many others that show just the opposite.

6.2. Evaluation of the Data

All reported values ofOH and’ O™ rate constants have been examined with the aim of obtaining a set of valid data. F
reasons discussed above, the more reliable data are considered to be those obtained by pulse radiolysis, and of these
reliable are those concordant values which have been obtained by more than one method. Where concordant data ha
obtained by both pulse radiolysis and steady-state methods, the latter have been omitted from Table 8 but are retai
Appendix C. In many cases only a single determination of a rate constant has been made and its value is listed in T
regardless of the method of its measurement, provided that the value can be judged to be a reasonable one, for exan
comparing it with data for similar compounds.
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6.2.1. Selected Rate Constants for "OH

Certain rate constants have been measured many times by various methods and their values are considered to |
established (Table 3c). These are recommended for use in the pulse radiolysis competition method.

To obtain a self-consistent set of selected values the following procedure has been adopted. The rate constant fol
tion (42) has been chosen as the primary standard because it is measureable by direct observation of the formation
stable product Fe(CN.

"OH + Fe(CN}™ - Fe(CNE™ + OH (42)

Moreover, this reaction is almost certainly diffusion-controlled, so that if an intermediate addi©Hoénd Fe(CI\g“‘ is
formed it must be very short-lived. Secondary standards were then chosen on the basis that their rate constants can be
directly or indirectly tok,,. Consider methanol as an example. The valule,for reaction (43)

"OH + CHOH - "CH,OH + H,0 (43)

has only been determined by the competition method, but the same value is obtained, within the usual error limits for kin
measurements, using eight different competitors. It follows, therefore, that the rate constants for these eight compound:
be correct. In this way a set of selected rate constants has been built up whose values are mutually consistent.

6.2.2. Selected Rate Constantsfor O~

The same procedure has been followed as @i. The chosen primary standard in this case is the rate constant ft
reaction (44) betweerO™ and 3-hexene-1,6-dioate ion which has been carefully mea¥urgthe p.b.k. method.

'‘O” +"0,CCH,CH=CHCH,CO; - product (44)

6.2.3. Comments on Data for 'O~

In general, reactions 6f~ are measured in alkaline solution (pH > 13), although reaction (45) has been expltited
make such measurements in neutral solution.

In all cases it is important to remember that the equilibrium betw@thand O™ is rapidly established so that corrections for
the presence 6fOH will generally be necessary. For the reaction scheme

‘oH+OoH K, ‘0" +H,0 (14)
oH+s5E p (46)
o +sNT p (47)
the observed rate constant is given by Eq. (48),
K-on
Kag +Ka7 ]
Kobs = K. (48)
1 4—~OH
[H]

so that by choosing conditions where equilibrium (14) is maintained, and by varying the pH, one can evalukigdmtk,,
unambiguously, provided that the reactivity of the solute S does not change in the pH range of interest.

Care is needed in obtaining rate constants @rwhen the corresponding rate constants @H are an order of magni-
tude larger. A clear example of this is provided by the system “OH” and,O4l' in alkaline solution, where K, ("OH) =
11.9, Eq. (14), andk,(H,0,) = 11.7, Eq. (49).

H,0, + OH K, HO; + HyO (49)
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For the reactions,

‘OH + H,0, - O™ + H,O (50)

'OH+HG, - O,” + H,O (51)

‘O +H,0, - 0,” +H,O (52)

‘O +HG;, - 0,” + OH (53)

the observed rate constant,
Kops = kso . ks1
S, Ko [, Ko ] [, Kon [, 1]

H1) 7 T 1) [ Ko,

+ sz - s : (54)
S 1 I PRI B O (s B PO

K-oH [H] K-oH Kh,o,

Fig. 3 shows the experimental valueskgf from five investigation®>"8°9¢The solid lines show the contributions
of the terms in Eq. (55) foks; andksg using the parameters taken from Table 2. The dominant term is thks,for 10 <
[OH] <10 mol L™ The term inks, is negligible ifks, < 5% 10® L mol™ s and the term irks, is also small, negligible for
[OHT] = 107 mol L™ The contribution from the term iks; becomes significant at [OM= 10 mol L™ and dominant at
[OH] =210 mol L. Above 10" mol L™ OH, the effect of ionic strength is illustrated using Rabani’s valigle,s’ = 2.74x
10° atl = 0). The calculated dotted line shows the contribution figg.0"" in this region where,

72
f(I)=1.021|+7 (55)

assuming the ionic strength is the same as the hydroxide concentration.

A number of reported rate constants f@~ reactions have been omitted from Table 9 because their values becor
negligibly small wherk,,sis corrected for the contribution fron®H.

7. Data Fitting and Statistical Analysis

As is the case with recent compilations of extinction coefficients for triplet-triplet absofptml reactivity of singlet
oxygen in solutiof?, the data in this compilation have been analysed mathematically as part of the effort to find the best v:
for each rate constant. For these data several different algorithms have been tried to find “best” values from a netwo
relative data, the values intercompared, and found to be in statistical agreement. The method has been used first tc
attention on cases in which there is disagreement between values, thus indicating that further evaluation is requirec
second to recalculate rate constants from relative measurements bringing a measure of internal consistency to the
reported.

The method of data fitting used for these data is not a true least squares method, rather it is a restricted form of a\
ing. Primarily, the distinction is that values that are widely accepted or that are known to have been determined with uni
care and attention to details are not subjected to the random vagaries of the fitting procedures. Thus a set of reference
(see Tables 3a, 3b, and 3c) was fixed apart from the fitting procedure. The true least squares fitting would require that tf
constants for both competitors in relative rate measurements be adjusted; the designated reference rate constants, h
were not adjusted. Thus the fitting procedure used adjusts only the subset of rate constants that can not be objectively c
The fitting procedure gives a value for each rate constant, an average, and for reactants with more than one measured r:
stant a standard deviation that gauges how well the measurements agree with each other. For all four fitting algorithms
the results were similar.

The first use of these fittings was to flag problems that required resolution. One problem resulted when a global fi
gave a rate constant for a reaction that did not match the value that is widely accepted. Another problem occurred
measured values were far apart. After fixing several reference values, and omitting measurements thought to be less re
the fitting proceedure gave acceptable results. These results were subjected to the same statistical tests as used by Ca
et al®! The deviations of the measurements relative to the fit values may be considered to be normally distributed suct
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95% of the measurements will be within about 50% of the fit value. Specifically, 51% for hydrated electron rate const:
46% for directly determined hydrogen atom rate constants, 62% for relative determinations of hydrogen atom rate cons
63% for directly determined hydroxyl radical rate constants, and 47% for relative determinations of hydroxyl radical rate
stants. These values suggest that the differences between rate constants reported from different laboratories exceed t
cal quoted error estimates. This also forms the basis for not reporting an average if measurements differ by a factor of tw

For rate constants known to be determined relative to another rate constant, the ratio of the two rate constants, re
or implied, was used with the selected or averaged rate constant for the designated reference rate constant to recalcu
value reported in these tables. Recalculated rate constants have been rounded to two significant figures unless the
authors report only one significant figure, in which case we report only one. In some cases this leads to reporting an av
which seems to be in error. The reason for that is the following. When we recalculate relative rate constants using our se
or averaged values, the rounding is not done waftiér the average is calculated. An example is the reaction of Hydrogel
atom with 2-Methyl-1-propanol with two reported values, both relative to Benzoic acid, one value obtained by the esr me
and the other value by the method of product yields in gamma radiolysis (see Table 7, entry 441). The vallig’ 6vas
reported by the esr method assuming a value o#110° for Benzoic acid, thug(H" + (CH3),CHCH,OH)/k(H" + BzOH) =
0.06400. The value % 10’ was reported by the product yields method, also assuming 1@, thus the ratio is 0.05000.
These ratios are multiplied by our selected valuekfet' + BzOH) = 9.2x 10°. The calculated values, 5.888L0" and 4.600
x 107, give an average of 5.24410’. These round to 5.8 10" and 5x 10’ with the average rounded to 5x210’. tables.

8. Activation Energies

Kinetic spectroscopy is a convenient direct method to measure activation energies of the reactions of water radic
species, particularlye,,. Such determinations are important not only in mechanistic sttifieut also in such diverse
areas of applied radiation chemistry as nuclear reactor coolant chethat/ hyperthermia treatment of canter

Activation energies og,,, "OH and H reactions have been measured by pulse radiolysis and competition kinetics fo
wide range of reaction rate constants (Table 4). Diffusion controlled reactions of most solutes in water have activation
gies E,) between 3 and 4 kcal mdl(10 to 18 kJ molt). In slower reactions, the measured activation energy approximate
the enthalpy termH = E, + RT).

The most common method of determining activation energies is to measure a rate ckristaatgiven reaction at
several temperature3)(and to calculate the slope of the so-called Arrhenius plot &fdgainst IT to fit the equation:

Ea
In k=InA—FT (56)

whereRis the gas constant amRiT at room temperature is 2.4 kJ rbl

Some Arrhenius plots such as the one for the decag, oih 10 mol L™t OH™ are non-linedt’, and it is necessary to
obtain rate constant data over a wide temperature range in order to detect these anomalies. Some reasons for the non-|
may be associated with steric factors, viscosity changes, complications from secondary or competing reactions, and tun
or inhomogeneous diffusion kinetics. It may be possible to determine activation energies under such non-ideal conditio
using the modified Eq. (57):

Ea

Ink=InA-——m— (57)
R(T - Tiixeq)
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Table 1. Properties of the primary water radiolysis species in aqueous sokytjoi}’, "OH and'O”

€

'OH

o

Absorption maximurfi(nm)
Extinction coefficient, € (L mol™ cm™)
dhv/dT (0 to 100C) (eV K™ x 1¢°)
Half-width (eV)

Oscillator strength

ESR g-factor

ESR line width (gauss)

ESR hyperfine coupling constant (gauss)

Charge
Radius (cnmx 10°)

Primary yield® (molecules per 100 eV), pH 7
Diffusion coefficient (crAs™ x 10°)

Equivalent conductivity (mho cf
Mobility (cm?V™s?x 10%

Reduction potential (V)

pKa

AH (ionization) (kJ mol?)
Electron affinity (eV)
AGP (kJ mol?)

AHP (kJ mor?)

S°,08 (J MO K™

AG(hydration) (kJ moft)

AH(hydration) (kJ moft)

AS(hydration) (J mol* K™

720
19000 (720 nm)

<200

1620 (188 nm)

25
540 (188 nm)

0.93°
0.71
2.000% 2.00210%°
2.00033%®
2.0002, 2.0003*
<0.08
<0.15%
508.0
503.2%
-1 0 0
2.5<r<3.0° 2.2
2.981'13
2.6 0.6 2.7
4.903.18 837 23 6,23
4.751.14 7 38 2 16
2.137
1903.18
1.983'18
18 14
-2.7F3 -2.191 1.77 3%
_260 1 _2foﬂ 22,29 18? 32
_2g: 22 1916 33
-2.87F2° 2.593%
2.72%
2.74%
9.6"% 1194
42 21
0.77¢° 1.83% 272
27629 222 29 13 31,34
277% 2221 253%
-157% 273
19 29
35.7%
277% 213% =77
-136.4"% 214% -42°
-153%
13 13 38 15 96 27
65' 35
69.9"%
65.2%¢
-156% 18% -10%
_21 31
-159% -42%
_167 1,12 _3 29
-142"%
_79 13
4gn 35

240
240 (240 nm)

16@ 31,34
1.76 %
1.79 %

96 29

92 32

95 33

93 21
81.231'34
103%
38 21

13 29

-438%
-418%°
-473%

aSee Fig. 10
bSee Section 2.1., Fig. 2.

(H' +H,0 - H;0" + &)
i(COH + HO - H,0" +°0)

C(HZO +te - eaqi)

YH0+e +H" - Hy)

fCOH+e - OH)

fCOH+e + H" - H,0)
(O +e +H" - OH)

IGas phase.
k5.8 eV calcd. for aqueous phddmsed on gas phase value of 2 eV.
'Based on convention thaH°, AG?, andS’ for H,;" = 0.
™Based on values for ff: AH, = 413 kJ mol*,
AGP =434 kJ mol*, andS’ = -4.89 J mol* K™,



Table 2. Reactions in the radiolysis of pure water

Reaction k(L mol™s?)
€q +H,O - H +OH 1.9% 10

€q +6q —Hy,+20H 2k=1.1x10%?
€q +H - Hy+OH 2.5x10%

€4 + OH - OH 3.0x10%

€q +'0 - 20H 2.2x10°
€q +H - H 2.3x10°2
€, +H,0, - OH + OH 1.1x10%
€4 +HO, - 20H + OH 3.5x10°

€q +0, - 0;" 1.9x 1002

6q +0, 7 -0 1.3x10%

H +H,0 - H,+ OH 1x10

H +H -H, 2k=1.55x10% 2
H +'OH - H,0 7.0x10°

H +OH - ey 22%10°2

H + H,0, - "'OH + H,0 9% 10

H + 0, -~ HO, 2.1x10%?2

H + HO, - H,0, (mo*

"OH +"'OH - H,0, 2k=1.1x10"?
"OH+'0" - HO,” <2 x10%
"OH+H, - H +H,0 4.2%x 10
"OH+OH - 0O +H,0 1.3x10%
"OH + H,0, - H,0 + HO,’

2O, +H 2.7x10
"OH + HQ,” - OH + HO,’

2O, +H 7.5x10°
"OH + H,0," - H;0" + 0, 1.2x10%
"OH+HO, -H,0+0, 6x10°
‘'OH+0,” - OH +0, 8x10°
'O"+H,0 ~ OH + OH 1.8x 10°
‘O +°0 -0 b
'O +H, - H +0H 8.0x 10’

‘0" +H,0, -~ 0, + H,0 <5x10°
'O +HO, -0, +0OH 4x10°
‘0O +0, -0y 3.6x10°2
‘O +0,” -20H +0, 6.0x 10°

2Selected value.

®No reliable measurement.
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Table 3a. Selected,, rate constants

Reactant

Rate Constant

Hydrogen ion
Oxygen
Nitrous oxide
Nitrate ion
Chloroacetate
Bromophenol

2.% 1012
1.9x 10%
9.1x 10°
9.7x 10°
1.810°
7.x10°

2Low [H*]orl - 0.

Table 3b. Selected Hate constants

Reactant

Rate Constant

Hydrogen atom
Ferricyanide ion
Hydroxide ion
Oxygen
Benzoic acid (BzOH)
Ethanol
Methanol
2-Propanol
Formate ion
d-Formate ion
Formic acid
2-Propanol-2
2-Propanold,

7.810°
6.%10°
2.2¢ 10
2.1x 10%°
9.X10°
1.7x 10
2.6x10°
7.410
2.x1082
2.%102
4.410°°
9.6x10°2
8.9x 102

“Fitted values derived from a
comparison with those values

selected above.
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Table 3c. Selected rate constants f0H and O~

Reactant Rate Constant

'OH Reactions

Bicarbonate ion 8.5 10°
Thiocyanate ion 1.x10%
Carbonate ion 3.81¢°
Ferrocyanide ion 1.05 10%°
lodide ion 1.1x 10%
ABTS 1.2x 10"
Benzoate ion (BzQ 5.9x10°
N,N-Dimethyl-4-nitrosoaniline (RNO)  1.28 10
Ethanol 1.9 10°
Formate ion 3.x10°
Methanol 9.7x 1¢°
2-Methyl-2-propanoltert-BuOH) 6.0x 1¢°
Nitrobenzene (NB) 3.510°
4-Nitrobenzoate ion (PNBA 2.6x10°
2-Propanol 1.%10°
Thymine (5-MeU) 6.4x 10°

'O Reactions

Oxygen 3.6x10°
Ethanol 1.2 10°
3-Hexene-1,6-dioate ion (3-HX) 6:310°
Methanol 7.5¢10°

2-Propanol 1.x10°
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TABLE 4. Activation energies

Reactant E,? log A® ke ASt?  Ref.® No. '
e, reactions
€y + € 23 5. 86A009 5.1.1
22 7 85A373
22 55 80A187
81A370
18 5.0 76A250
22 6.3 670109
Bromate ion 19 7.8 690567 6.31
Chlorate ion 13 0.22 690567 6.63
Cobalt(Il) ions 24 12. 650044  6.65
Co(NH,)s* 18 90. 650044 6.81
Co(NH,)s* 13 58. -3 670098 6.82
Hydrogen ion 11 22. 710580 6.230
690567
10 28. 700243
13 640046
16 22. 650044
13 25. -9 670098
Manganese(ll) ions 32 0.038 650044  6.265
Mn"EDTA 17 0.0015 670299  6.269
Permanganate ion 13 44, 690567  6.279
Nitrite ion 7 3.4 690567 6.294
14 34 -26 670098
Nitrate ion 10 9.3 690567  6.295
16 11. -16 670098
Ni"NTA 22 0.6 690277  6.319
Ni"EDTA 18 690277 6.321
Oxygen 13 12.5 18. 771174  6.331
Hydrogen peroxide 15 11. 690567  6.332
Water 19 -130 670532 6.334
19 640046
-109 85A373
Thiosulfate ion 16 0.6 690567  6.420
Thallium(l) ion 10 28. 710580 6.453
690567
Acetamide 15 0.035 -63 670098 6.493
Acetone 11 11.9 8.0 -18 85A282 6.498
12 11.9 6.6 -16  79A117
Acetonitrile 23 11.6 0.044 -22  79A117 6.500
Acrylamide 16 33. 690567 6.534
Allyl alcohol 24 11.8 0.072 -18 84A357 6.571
14 9.7 0.020 -60 79A117
2-Aminopyrimidine 15 7.6 -14 670098 6.584
Benzenesulfonate ion 15 1.2 -36 670098 6.625
Benzoate ion 15 3.6 -26 670098 6.630
Benzyl alcohol 15 0.18 -50 670098 6.644
4-Bromophenol 13 12. 690567 6.685
13 12. -15 670098
5-Bromouracil 16 19. 690567 6.694
Carbon tetrachloride 15 24. 771041 6.716
Chloroacetate ion 12 0.89 670299 6.721
16 11 -36 670098
2-Chloroethanol 13 0.33 670299 6.739
3-Chloropropionate ion 15 0.44 670299 6.755
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Cyclobutanone 15 8.2 761103 6.784
Cycloheptanone 16 6.0 761103 6.785
Cyclohexanone 15 7.8 -19 670098 6.789

15 7.2 761103
Cyclooctanone 15 4.3 761103  6.792
Cyclopentanone 15 7.4 761103  6.793
Ethyl acetate 16 10.5 0.046 -44  79A117 6.923
Formamide 13 0.033 -64 670098 6.953
5-lodouracil 10 17. 690567  6.1107
Nitrobenzene 18 13.6 38. 16 85A282 6.1256

19 13.9 40. 20 84A357

18 13.6 25. 15 84A200

15 13.3 42. 9 79A117

9.1 28. 690567
4-Nitrophenol 11 36. 690567 6.1273
Phenol 15 10.0 0.021 -53 85A282 6.1315

20 10.9 0.025 -36 84A200

15 9.8 0.016 =57  79A117
Phenylacetate ion 14 0.032 -65 670098 6.1319
Phenylalanine 14 0.14 -51 670098 6.1321

15 0.3 80A064
3-Phenylpropionate ion 15 [0.04 80A064 6.1337
Phthalate ion 13 4.6 -24 670098 6.2???
Propargyl alcohol 18 114 0.21 =27 79A117 6.1351
Pyridine 19 3.7 690567  6.1365

16 34.6 -25 670098
Toluene 20 10.6 0.014 -42 85A282 6.1466
Tryptophan 21 12.3 0.32 -10 84A200 6.1489
Urea 14 0.00032 -105 670098 6.1496
"H reactions
Silver(l) ion 90 19 27. 751197 7.1
Iron(ll) ion 14 10.2 [D0.05 760011 7.76
Manganese(ll) ions 20 12.3 0.66 751197  7.99
Hydroxide ion 26 0.045 -25 85A373 7.117
a-Methylstyrene 10 0.45 751198  7.446
2-Propanol 16 11.0 0.14 751197  7.493
2-Propanold, 20 10.8 760011  7.495

23 104 760011
"OH reactions
"OH + 'OH 8 81A370 5.3.1
Bicarbonate ion 21.2 12.8 0.01 870901 8.18
Carbonate ion 23.6 10.8 04 870901 8.19
Thiocyanate ion 11 9.6 84A349 8.26

13 84A349
Copper(ll) ions 13 0.31 80A187 8.67
Deuterium 28 0.017 590028 8.83
Iron(Il) ion 9 0.43 81A370 8.85
Ferrocyanide ion 13 10 84A349 8.90
Hydrogen 19 0.035 83A015 8.104

13 0.040 771079

20 0.032 590028
lodide ion 12 12. 84A349 8.109
Hydrogen peroxide 14 0.027 82A096 8.159
Formate ion 8.5 3.8 84A349 8.672
2-Methyl-2-propanol 10 0.66 84A349 8.954
2-Propanol 5 2.3 84A349 8.1090
aJ mor™. ‘Entry numbers in Tables 5-8.
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PAin L mol™s™. 9Dependent on pH.
°In units of 10 L mol™ s, at room temperature. "A=16+6 rel. toA( OH + F€").
43 Kt mol™ 'A=14+6rel. toAC OH + F&").

°See Section 13 for reference list following Tables 6-10.



