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presence of Pu(IV) ions. The influences of these hydroxamic
acids on the solvent extraction chemistry of Pu(IV) ions are
to be reported in a companion paper [12].

Summary. Simple hydroxamic acids such as formo- and
aceto-hydroxamic acids have been proposed as suitable
reagents for the separation of either Pu and/or Np from
U in modified or single cycle Purex based solvent extraction
processes designed to meet the emerging requirements of
advanced fuel cycles. The stability of these hydroxamic acids
is dominated by their decomposition through acid hydrolysis.
Kinetic studies of the acid hydrolysis of formo- and acetohydroxamic acids are reported in the absence and the presence
of Pu(IV) ions. The slow reduction of these plutonium(IV)
hydroxamate complexes to Pu(III) aquo-ions has been characterised by spectrophotometry and cyclic voltammetry. The
reductions of Pu(IV) in the presence of FHA and AHA are
consistent with a mechanism in which free hydroxamic acid
in solution is hydrolysed whilst Pu(IV) ions remain fully
complexed to hydroxamate ligands; then at some point close
to a 1 : 1 Pu(IV) : XHA ratio, some free Pu4+ is released from
the complex and reduction is initiated. Electrochemical and
kinetic data suggest that the reductant is the hydroxamic acid
rather than the hydroxylamine.

2. Experimental methods
2.1 Chemicals
A Pu(III) stock solution was generated electrochemically
from the stable Pu(IV) stock solution in nitric acid and
the purities of Pu stock solutions were checked spectrophotometrically before use (Pu stock solutions used Magnoxderived plutonium nitrate solutions). Uranyl nitrate solution
was prepared from the crystals and hydroxylamine nitrate
by the addition of stoichiometric amounts of AgNO3 to hydroxylamine chloride. Fe(III) was prepared from crystals of
Fe(NO3 )·9H2 O (Sigma-Aldrich). Analytical grade reagents
were used where available. FHA (custom synthesis, Tocris
Cookson) and AHA (Sigma-Aldrich) solutions were prepared from the solids, the purity of synthesised FHA was
verified from 1 H-NMR in combination with analytical data.
FHA and AHA crystals were stored in a refrigerator to minimise decomposition and all solutions were made up in distilled or deionised water when required.

1. Introduction

2.2 XHA hydrolysis

Hydroxamic acids (XHA) are a particularly interesting class
of organic ligands. They are O,O donor ligands of general structure [RCONHOR ], and as such can be considered as hard Lewis bases capable of interacting strongly
with a range of metal ions [e.g. see 1–5]. As well as
their complexing properties, hydroxamic acids are hydroxylamine derivatives and are easily oxidized by metal ions
such as Np(VI) [6, 7]. Consequently, applications of simple hydrophilic hydroxamic ligands (R = H or CH3 ) for the
stripping of actinides in much simplified Purex solvent extraction flowsheets for advanced fuel cycles have been reported [8–11].
This paper describes aspects of the redox chemistry of
formo- and aceto-hydroxamic acids (FHA, AHA) in the

The hydrolysis kinetics for FHA and AHA were measured
using a colorimetric method [13, 14]. HNO3 and XHA solutions were equilibrated at specific temperatures in a water
bath prior to mixing. At intervals, small samples were taken
and diluted in to excess Fe(III) solution (0.01 M HNO3 ).
This simultaneously forms the Fe(III)-XHA complex and
quenches the hydrolysis. The absorption spectrum of the red
coloured complexes formed were then recorded and used
to determine XHA concentration from a previously established calibration curve. The Fe(III)-FHA complex analysed
showed a broad peak centred at ∼ 489 nm whilst the Fe(III)AHA complex had a peak maxima ∼ 499 nm. Note that it
was important to sample the XHA-HNO3 solutions and to
add the Fe(III) reagent separately to each sample, as we have
shown elsewhere that the Fe(III)-XHA complex itself hydrolyses at a different rate than free XHA [15]. Standard
kinetic methods were used to analyse the data [16].
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2.3 Plutonium(IV) – XHA reduction experiments
Standard well established methods in plutonium chemistry
and chemical kinetics were used throughout this part of
our studies. Stock solutions were mixed in an optical cuvette and equilibrated at the desired temperature. (N.b. a last
set of 5 experiments were performed at a later date using
a Zeiss UV/Vis spectrometer coupled via fibre optics to
a dipping optrode for direct measurement of a reaction solution of 25 mL volume in a glovebox). The reducing agent
(hydroxylamine nitrate (HAN), XHA) was added last, the
solutions mixed and the absorption spectra recorded over
time. A water jacket connected to a thermostatically controlled water bath was used to maintain specific reaction
temperatures in the cuvette. The reduction reaction was followed over time using the growth of the Pu(III) absorption
band at ∼ 905 nm [17], because the intense Pu(IV)-XHA absorption peaks [18, 19] vary slightly depending on the actual
speciation. The procedures were checked initially by validation against the well known Pu(IV)-HAN reaction [20].
Certain difficulties encountered in these studies should
be noted. In particular, obtaining reproducible and selfconsistent sets of experimental data did not prove to be
straightforward. Particularly, in some early experiments reduction appeared to occur rather rapidly with FHA, often
with no induction period. This was ascribed to two potential problems in the procedures, (a) the use of ‘aged’ XHA
crystals which may have deteriorated during storage and
(b) the use of heating to accelerate dissolution of XHA in
concentrated stock solutions. These early experiments were
therefore disregarded and (a) new batches of FHA and AHA
were obtained and (b) less concentrated stock solutions were
prepared under mild ambient conditions only. Interestingly,
these failed experiments, however, do indicate the sensitivity of the system to XHA decomposition (hydrolysis), which
will be discussed in detail in Sects. 3.1 and 3.2.
Ultimately, 78 useful kinetic experiments were performed; these can be described in categories according to the
experimental parameters under investigation:
1. AHA experiments at ambient temperatures (∼ 20 or
25 ◦ C) with (i) variable AHA and (ii) variable HNO3 concentrations.
2. AHA experiments at elevated temperatures (40 ◦ C) with
(i) variable HNO3 , (ii) increasing ionic strength (added
NaNO3 ), (iii) added U(VI) ions and (iv) varying initial
[Pu].
3. AHA experiments in 1 M HNO3 at varying temperatures
(30–70 ◦ C).
4. AHA experiments with variable initial concentrations of
Pu(III) (40 ◦ C).
5. FHA experiments at 20 ◦ C with (i) variable HNO3 , (ii) increasing ionic strength (added NaNO3 ), (iii) added U(VI)
ions, (iv) varying initial [Pu], (v) varying FHA.
6. FHA experiments at an elevated temperature (50 ◦ C) and
constant [HNO3 ] with varying FHA.
7. FHA experiments in 1 M HNO3 at varying temperatures
(5–65 ◦ C).
8. FHA experiments with HAN initially present in the reacting solution (40 ◦ C).
9. A series of 4 FHA experiments in which the FHA concentration was followed using the colorimetric sampling

method described previously rather than the Pu(III) absorbance (experimental conditions as in Fig. 5).

2.4 Electrochemistry
Three stock solutions were prepared containing 5 M HNO3 ,
0.1 M AHA and 0.01 M Pu(IV), respectively. These were
then used to prepare 25 mL aliquots of solutions containing Pu(IV) for the electrochemical studies. Each of these
solutions contained 0.001 M Pu(IV) but had varying acidity and AHA : Pu ratios between 1 : 2–20 : 1 ([AHA] =
0.0005–0.02 M; [HNO3 ] = 0.1–3.5 M). A Pu only sample
at 0.1 M HNO3 was also prepared.
Compared to the ca. 1 g/L concentrations more typical
of Purex process solutions, 0.001 M Pu(IV) (0.24 g/L) solutions were used for the electrochemical measurements to
give lower current densities. The electrochemistry of the solutions was investigated by cyclic voltammetry (CV) using
an EG&G Princeton Applied Research (PAR) Potentiostat/
Galvanostat model 263A and a PAR three electrode cell incorporating an Ag/AgCl reference electrode (SSCE) and
a Pt auxilliary electrode. Vitreous carbon and Pt disc working electrodes were used for the measurements although the
carbon electrode generally showed less well defined waves
than the Pt electrode. However, on carbon the accessible potential range extended to − 0.8 V vs. SSCE whereas on Pt
reductive solvent breakdown occurred at − 0.2 V vs. SSCE.
The electrochemical cell was fitted with an argon supply to
allow solutions to be purged with Ar and maintained under
an Ar atmosphere while measurements were made. Aliquots
of K3 [Fe(CN)6 ] solution were added at the end of the measurements to provide an internal reference, noting that the potential of the [Fe(CN)6 ]3−/4− couple is dependent on the nature of the supporting electrolyte, including its ionic strength
and pH [21].
The waves in the cyclic voltammograms were described
by:
i) the peak anodic and cathodic currents measured by the
potentiostat with respect to the horizontal potential/
x-axis, i pa and i pc respectively,
ii) the peak anodic and cathodic currents within the cyclic
voltammogram i.e. the height of the peaks above their
prevailing background currents, i da and i dc respectively;
and
iii) the corresponding peak potentials E pa and E pc respectively.
No compensation for internal cell resistance, R, was applied during the measurement but plots of (E pa − E pc ), ∆E p ,
against (i pa − i pc ), ∆i p , or plots of E pa against i pa were used to
estimate R so that a correction for i R drop could be applied
where necessary. Although the values of the peak potentials
can be significantly affected by uncompensated cell resistance, the formal electrode potential, E f given by (E pa +
E pc )/2 for reversible/Nernstian systems, is usually much
less sensitive. In the examples studied here uncompensated
cell resistance might typically result in an overestimate of E f
by between 1 and 5 mV. To monitor Pu oxidation state, electronic absorption spectra (EAS) of the solutions were measured over the wavelength range 350–900 nm using a Perkin
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Elmer Lambda 900 spectrophotometer connected via fibre
optics to the glovebox.

3. Results and discussion
3.1 XHA hydrolysis
Hydroxamic acid hydrolysis produces hydroxylamine and
the parent carboxylic acid. It is an acid catalysed reaction
and in acid solutions the hydroxylamine formed becomes
protonated (Eq. (1)) [22]. This instability is a key feature of
XHA chemistry that must be accounted for in any process
flowsheet design [9]. Conversely, it is actually beneficial in
the downstream decomposition of the ligand after separation. It is also fundamental in understanding XHA redox and
complexation chemistry.
RCONHOH + H2 O + H+ → RCOOH + NH3 OH+

(1)

Miles and Temple [13] had previously shown that FHA
hydrolysis was a 2nd order reaction overall, 1st order with
respect to both FHA and HNO3 . Our data confirmed this,
with all experiments for both FHA and AHA conforming to
Eq. (2), where a0 = [FHA]0 , b0 = [HNO3 ] and x = [FHA]0 −
[FHA]t [16]. Results are given in Tables 1–2 for both FHA
and AHA.


1
b0 (a0 − x)
ln
= kt
(2)
a0 − b0
a0 (b0 − x)
The hydrolysis equation (Eq. (3)) was, therefore, determined for both FHA and AHA where rate constants at
25.0 ◦ C are 0.016 ± 0.001 dm3 mol−1 min−1 for FHA and
0.00205 dm3 mol−1 min−1 for AHA and activation energies were found to be 77.3 ± 1.6 kJ mol−1 (FHA) and
79.9 ± 2.9 kJ mol−1 (AHA) [19].1 The value for AHA is
close to that reported by Mane and Jagdale in HCl [24]
(82.4 kJ mol−1 ). Note that this equation is only valid up
to 3 M HNO3 as it is well known that at higher acidities
a maximum rate is reached. For a more detailed review of
the kinetics and mechanisms of the acid catalysed hydrolysis of hydroxamic acids, the interested reader is referred to
Ref. [22] and references therein.
−

d[XHA]
= k[XHA][H+ ]
dt

(3)

Little variation in the rate constants for AHA or FHA
hydrolysis was found on introducing either nitrate (as
NaNO3 ) or uranyl nitrate in to the solution (Table 2), although the nitrate data for FHA showed a weak dependency (∝ [NO3 − ]∼0.2 ). This appears to be consistent with
previous studies that showed a positive ionic strength effect. See, for instance, the data of Mane and Jagdale [23,
24] where AHA and hexanohydroxamic acid hydrolysis
rates at constant acidity show a chloride dependency of
1

More accurately, the order with respect to acidity in the AHA
case was actually 0.9. This is consistent with apparent orders
with respect to [H+ ] calculated from the data of Mane and
Jagdale between 0–3.0 M acid concentrations for: hexanohydroxamic acid [23] in HCl and H2 SO4 , isobutyrohydroxamic acid in
HCl and H2 SO4 [14] and aceto-, isobutyl- and hexyl- hydroxamic
acids in H2 SO4 [24].

Table 1. Kinetic analyses of free AHA and FHA hydrolysis rates
([XHA] = 0.05 M).

AHA
AHA
AHA
AHA
AHA
AHA
AHA
AHA
AHA
AHA
AHA
AHA
AHA
AHA
AHA
AHA
AHA
AHA
FHA
FHA
FHA
FHA
FHA
FHA
FHA
FHA
FHA

Acidity (M)

Temperature (◦ C)

Rate constant (min−1 )

0.5
1
1.5
2
2
3
3
3
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1
1

50
50
50
50
50
50
50
50
58
56.2
50.2
46.8
41.2
37.6
34.7
31
28.4
25
25
25.3
30.4
35.3
40.2
45
49.7
55.6
59.6

0.0157
0.0245
0.0334
0.06
0.0516
0.0391
0.0721
0.0735
0.04807
0.03689
0.02541
0.01885
0.00977
0.00615
0.00435
0.00411
0.00243
0.00211
0.000267 a
0.00025
0.00042
0.00075
0.00115
0.00186
0.00316
0.00455
0.00605

a: Miles and Temple [13].

ca. 0.1–0.2. Even less variation on the rate with added nitrate ions was observed in the AHA case. For all cases
between 1 and 7 M total nitrate the observed AHA hydrolysis closely followed the calculated curves for Eq. (3)
with the pseudo-1st order rate constant only increasing from
1.67 × 10−5 to 1.73 × 10−5 dm3 mol−1 s−1 across this range
at 20 ◦ C (Table 2). These findings differ from the conclusions drawn by Karraker [25], who observed a substantially
decreased AHA half-life on introducing both NaNO3 and
uranyl nitrate.

3.2 Plutonium(IV) reduction by simple hydroxamic
acids
3.2.1 Experimental results
It has previously been observed that in the presence of
aceto- and formo-hydroxamic acids in nitric acid, dark red
Pu(IV)-hydroxamate complexes are gradually reduced to
blue Pu(III) aquo-ions, with the corresponding changes in
the absorption spectra confirming such reduction [19]. In
order to more fully understand the hydroxamate chemistry
of Pu and to design robust separation process flowsheets,
we needed to better understand these reactions. It should be
noted that the data gathered during this exercise was mainly
under conditions relevant to the broad envelope of flowsheet
operations rather than being ideally suited to kinetic analysis. This has complicated subsequent data interpretation,
particularly at high [XHA]. At the high XHA (particularly
FHA) concentrations used in some of these experiments, we
note that it seems likely that activity effects will become
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Table 2. Comparison of experimentally determined and calculated rate constants for FHA and AHA hydrolysis with variable total nitrate and uranyl nitrate concentrations.
[XHA]0
(M)

X

[NO3 − ]
(M)

[U(VI)]
(M)

[H+ ]
(M)

T
(◦ C)

k(calc)
(dm3 mol−1 s−1 )

k(expt)
(dm3 mol−1 s−1 )

0.04
0.0333
0.0286
0.0125
0.0333
0.0242
0.0395
0.00512
0.00487
0.00490
0.00487
0.00485
0.00502
0.00485

F
F
F
F
F
F
F
A
A
A
A
A
A
A

1.6
2
2.86
3.5
1.00
2.27
1.81
1.00
1.99
3.00
4.00
5.04
6.00
6.99

0
0
0
0
0.165
0.126
0.099
0
0
0
0
0
0
0

0.8
0.67
1.14
1
0.67
2.02
1.61
1.00
1.00
1.00
1.00
1.00
1.00
1.00

40
40.3
40
40
24
21.1
21.1
20
20
20
20
20
20
20

0.00113
0.00117
0.00113
0.00113
0.00023
0.00017
0.00017
1.84 × 10−5
1.84 × 10−5
1.84 × 10−5
1.84 × 10−5
1.84 × 10−5
1.84 × 10−5
1.84 × 10−5

0.00106
0.00122
0.00117
0.00134
0.00018
0.00019
0.00018
1.67 × 10−5
1.66 × 10−5
1.67 × 10−5
1.68 × 10−5
1.72 × 10−5
1.70 × 10−5
1.73 × 10−5

Fig. 1. Growth of Pu(III) from the reduction
of Pu(IV) (1 g/L; T = 20 ◦ C) by 1 M FHA in
0.5–2 M HNO3 . Also shown is an additional
experiment at 0.32 M HNO3 with 0.3 M FHA,
i.e. [FHA] ≤ [HNO3 ].

increasingly important, causing deviations from simple behaviours expected on a concentration basis.
The reduction is characterised by a variable induction
period followed by an apparent near zero-order growth in
Pu(III) concentration, measured from the Pu(III) absorption
peak at ∼ 908 nm (example data for FHA at varying nitric
acid concentrations is shown in Fig. 1). The length of this
induction period is reduced with increases in acidity or temperature and decreases in FHA concentration. The addition
of uranyl or nitrate (NaNO3 ) ions had little discernible effect
on the induction periods in the FHA system but induction
periods did appear to decrease in the AHA system. Interestingly, in the experiment (coded “P3X41”) where initially
the concentration of FHA exceeded the nitric acid concentration ([HNO3 ] = 0.5 M; [Pu(IV)]0 = 1 g/L; [FHA] = 1 M;
T = 20 ◦ C; filled diamond data points in Fig. 1), no reaction
was observed over the duration of monitoring (> 570 min).
This is not a simple acidity effect as in another experiment at 0.32 M HNO3 reduction was observed. It appears
to be related to the [FHA] : [HNO3 ] ratio. The induction
period in these reduction reactions is most certainly related
to the hydrolysis of the hydroxamic acid. As the excess (free,
unbound) hydroxamic acid in the bulk solution is hydrolysed to hydroxylamine and the carboxylic acid (via Eq. (1)),

the Pu(IV) speciation changes and, when some threshold
is passed, de-complexed Pu(IV) becomes available for reduction (Eq. (4)). This was supported by later experiments
(P5X1-4), where the ratios of Pu(IV) and AHA concentrations were varied between 3.5 : 1–1 : 2, and which showed
very low inductions periods of a few minutes only.
fast

H+ , slow

−→ Pu(XHA)n 4−n ←−−−→ Pu(IV)
Pu4+
aq + nXHA ←−
XHA/NH3 OH+ , fast

(4)
+ XHA + NH3 OH+ + XCOOH −−−−−−−−→ Pu3+
aq
Other qualitative comparisons can be made between the
FHA and AHA data. Pu(IV) reduction is broadly similar for
both cases as might be expected (Fig. 2), although the AHA
reaction is markedly slower probably reflecting the greater
stability of AHA compared with FHA towards hydrolysis.
In some cases (at 40 ◦ C) the reduction appeared to stop before completion with even some re-oxidation of Pu(III) back
to Pu(IV) (e.g. Fig. 2 curve P3X23). Similarly, in experiments where [AHA] < [Pu(IV)] re-oxidation of Pu(III) back
to Pu(IV) occurs (see Fig. 3). Whilst we were unable to
directly measure any absorbance due to HNO2 due to the
Pu(IV)-AHA bands below 500 nm, it is well known that
Pu(III) oxidation in nitric acid is autocatalysed by nitrous
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Fig. 2. Comparison of 0.1 M AHA and FHA reductions of 1 g/L
Pu(IV) in 1 M HNO3 (T = 20 ◦ C). Also shown is experiment P3X23
where some re-oxidation of Pu(III) is observed at long times ([Pu] =
1 g/L; [HNO3 ] = 2 M; [AHA] = 0.1 M; T = 40 ◦ C).

acid that accumulates in the solution as a product of the reaction. Pu(III) can only be stabilised in HNO3 by interrupting
this cycle of reactions using a reagent, such as hydrazine,
that reacts rapidly with nitrous acid [26]. Hydroxylamine
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and hydroxamic acids also ‘scavenge’ nitrous acid in this
fashion so presumably visible Pu(III) re-oxidation only occurs at the point at which both AHA and hydroxylamine are
removed from the solution and are no longer available to
scavenge nitrous acid (Fig. 3). Temperature had a major effect on reduction of Pu(IV) by both FHA and AHA as illustrated in Fig. 4 which shows the FHA-Pu(IV) data between 5
and 30 ◦ C. At higher temperatures the reaction is completed
at even quicker timescales, with the induction period completely disappearing around 50 ◦ C (data not shown). This is
most probably a combination of effects due to the increased
rates of XHA hydrolysis and Pu(IV) reduction at higher temperatures and the increased generation of HNO2 . Clearly,
further specific experiments are needed to clarify the role
that HNO2 has, in particular at elevated temperatures and on
the later stages of the reaction.
Fig. 5 illustrates experiments P4X19–22 in which the
FHA concentration rather than the Pu(III) was followed (by
sampling and using the off-line colorimetric method). It is
clear that the decreases in FHA concentrations in the two
experiments, in the absence and presence of Pu(IV) with
1 M FHA in 1 M HNO3 , are essentially the same, i.e. the
presence of 1 g/L Pu(IV) has no effect on bulk (free) FHA
loss through acid hydrolysis. Also, when FHA is in excess
of the HNO3 (i.e. 1 M FHA; 0.5 M HNO3 ) in run P4X21,
the FHA hydrolysis reaches a steady state with 0.5 M FHA

Fig. 3. Pu(IV)-AHA reduction at low molar AHA : Pu ratios ([Pu] = 1 g/L; [HNO3 ] =
1 M; [AHA] = 0.0042–0.001 M; T = 25 ◦ C).

Fig. 4. Temperature dependence (5–30 ◦ C) of the
Pu(IV)-FHA reaction ([Pu] = 1 g/L; [FHA] =
1 M; [HNO3 ] = 1 M).
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Fig. 5. The hydrolysis of FHA in HNO3 at 20 ◦ C.
Where: P4X19, [Pu(IV)] = 0 g/L; [HNO3 ] =
1 M; [FHA] = 0.5 M. P4X20, [Pu(IV)] = 0 g/L;
[HNO3 ] = 1 M; [FHA] = 1 M. P4X21, [Pu(IV)] =
1 g/L; [HNO3 ] = 0.5 M; [FHA] = 1 M. P4X23,
[Pu(IV)] = 1 g/L; [HNO3 ] = 1 M; [FHA] = 1 M.

remaining. This is presumably due to protonation of the
hydroxylamine product causing a depletion of free acidity in the solution to the point where the FHA acid catalysed hydrolysis slows to negligible levels (i.e. see Eq. (1)).
In the reverse situation where [HNO3 ] : [FHA] = 2 : 1, the
hydrolysis proceeds normally to completion (P4X19). Finally, the similarity of all the FHA hydrolysis rate constants
for experiments P4X19–21,23 suggests a reasonable selfconsistency is attained in these experiments, although the
actual mean value of 2.14 × 10−4 dm3 mol−1 s−1 is somewhat
higher than the value calculated using the accepted kinetics, see Sect. 3.1 (1.51 × 10−4 dm3 mol−1 s−1 ). These observations explain the lack of Pu(IV) reduction observed in
P3X41 when [XHA] > [HNO3 ], as the ‘switching off’ of the
hydrolysis reaction means sufficient XHA always remains in
solution to complex the Pu(IV) and the threshold at which
de-complexed Pu(IV) becomes available for reduction is not
reached.
The addition of up to 1 M hydroxylamine nitrate (HAN)
solutions to the initial reaction mixture had little discernible
effects (Fig. 6); this appears to agree with an observation
made by Karraker [25]. It should be noted that Barney’s

Fig. 6. Effect of adding 0–1 M hydroxylamine nitrate to the Pu(IV)FHA reaction ([Pu] = 1 g/L; [HNO3 ] = 1 M; [FHA] = 1 M; T =
20 ◦ C).

Pu(IV)-HAN kinetics [20] could not be fitted to these runs
with HAN added. So these experiments with HAN added
to the Pu(IV)-AHA system appeared to suggest that not
only is HAN probably not the reductant for Pu(IV) in this
system but also in the presence of XHA it is actually prevented from reducing Pu(IV). It should be noted however
that the HAN : Pu(IV) ratios probably present in this system
at the end of the induction period are much higher than those
studied by Barney [20].
One other interesting observation made by Karraker [25]
was that AHA added to Pu(III) causes formation of the
Pu(IV)-AHA complex, but this apparent oxidising ability of
AHA is difficult to rationalise. We, therefore, spectroscopically followed three different solutions with initial Pu(III)
concentrations of 0.2, 0.5, 1.0 g/L (no Pu(IV) present) at an
AHA concentration of 0.1 M ([HNO3 ] = 1 M; T = 25 ◦ C).
No reaction was observed with Pu(III) being stable for time
periods of over 200 min. Similar experiments in the presence
of 1 g/L Pu(IV) were difficult to analyse due to spectral interferences but again there was little real evidence for any
oxidation of Pu(III). Fig. 3 shows Pu(III) re-oxidation can
occur once the AHA and HAN are fully oxidized and no
longer available in solution to scavenge HNO2 .

Fig. 7. Effect of variable FHA concentration (0.1–1.0 M) on the reduction of 1 g/L Pu(IV) by FHA at 20 ◦ C ([HNO3 ] = 1 M).
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Fig. 8. Effect of variable FHA concentration (0.1–1.0 M) on the reduction of 1 g/L Pu(IV) by FHA at 50 ◦ C ([HNO3 ] = 1 M).

Whilst most of the experimental runs showed a near linear growth in Pu(III) which could be interpreted as apparent
zero-order kinetics, some experiments at longer timescales
and at low FHA concentrations showed clear deviations
from this trend. Fig. 7 illustrates the experiments at variable
FHA concentrations showing such changes in the Pu(III)
growth curves between 0.6 and 1 M FHA. The effects of elevated temperatures on the reduction, described previously,
are further illustrated by the set of experiments with variable FHA concentration at 50 ◦ C (Fig. 8). It is also seen
from this figure that at low [FHA] the reduction appears to
reach a steady state around 60% completion, presumably in
these runs the reductant(s) quickly became exhausted either
through hydrolysis and/or reaction with HNO2 generated insitu. Accordingly, it does seem clear from these data that the
rate and extent of Pu(IV) reduction in the presence of XHA
is not amenable to simple kinetic treatments (i.e. zero, 1st or
2nd order kinetics).
3.2.2 Discussion
The potential complexity of this system which can involve hydrolysis of free and bound XHA, up to 4 Pu(IV)AHA complexes, two reducing agents for Pu(IV) (XHA
and HAN) and other ligands (XCOOH, NO3 − ) has been
discussed previously [27]. A preliminary analysis of the
reaction rates presented therein showed that ln – ln plots
of the apparent zero order rate constants, determined from
the kinetic runs, against [H+ ] at the end of the induction
period and against [Pu(IV)]0 gave linear plots of gradients ∼ +1.2 and ∼ +0.8 respectively, i.e. approximately
unity. It was noted that the relationship between reaction rate
and FHA concentration was difficult to interpret and that
U(VI) and nitrate ions had little discernible effect on the
reaction rates. An Arrhenius plot gave a reasonably linear
relationship between ln kobs and 1/T , indicating an activation energy of ∼ 90 kJ mol−1 and a pre-exponential factor
of ∼ 2.3 × 109 s−1 . Taylor et al. [27] then calculated reaction half-lives and rate constants for FHA hydrolysis and
compared these with experimental values for each kinetic
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experiment, showing reasonable concordance between hydrolytic and experimental values. It was proposed that this
analysis, which was admittedly of a very basic and empirical
nature, indicated that the reduction of Pu(IV) in the presence
of a hydroxamic acid was controlled by the rate of hydrolysis of the free hydroxamic acid. This was based on the
similarity of the activation energy and pre-exponential factor, reaction half-lives and orders of reaction with respect to
HNO3 and initial Pu.
Qualitatively, the experimental data presented here is
consistent with a situation in which Pu(IV) is strongly stabilised as the hydroxamate complex. Excess free hydroxamic acid in the bulk solution is being continually depleted
through acid hydrolysis. At some critical point the complex
starts to dissociate, releasing a reducible form of Pu(IV)
(most probably the free Pu4+ (PuNO3 3+ ) ion). This is represented experimentally by the end of the induction period
and the appearance of Pu(III) in solution as the ‘free’ Pu(IV)
is rapidly reduced either by the hydroxylamine formed from
XHA hydrolysis or the hydroxamic acid itself. A full kinetic
analysis of the AHA data has now been completed and will
be reported separately [28] but it is sufficient to note here
that the detailed treatment is generally consistent with the
overall scheme described herein.

3.3 Pu(IV)/Pu(III) redox potential shifts due to AHA
complexation
3.3.1 Cyclic voltammetry
The previous section described the reduction of Pu(IV) ions
by AHA and FHA. However, the nature of the actual reductant is uncertain in that whilst hydroxamic acids are reducing
agents, their hydrolysis product – hydroxylamine – is also
well known as a good reductant for Pu(IV), particularly at
low acidities [20, 29, 30]. Stoichiometric equations for HAN
and XHA reduction reactions are given in Eqs. (5)–(8), with
Eqs. (5) and (7) applying when the reductant (HAN, XHA)
is in excess and Eqs. (6) and (8) applying when the oxidant (Pu4+ ) is in excess (n.b. the XHA equations are derived
by direct analogy with HAN and accounting for our [12]
and Karraker’s [25] observations of a 2 : 1 stoichiometry in
the Ce(IV) + AHA reduction reaction when cerium is in excess). The presence of an induction period might suggest
that HAN is the reductant with reduction starting once HAN
reaches a significant level. However, in this case experiments with HAN initially present in solution should have
led to an elimination of the induction period. That they did
not suggests that Pu(IV) is stabilised by XHA complexation
either due to a consequent shift in the redox potential for
Pu(IV)/Pu(III) that then thermodynamically prohibits reaction with XHA and/or HAN or because reduction may be
kinetically hindered due to steric effects.
2Pu4+ + 2NH3 OH+ ⇔ 2Pu3+ + 2H2 O + N2 + 4H+
4Pu4+ + 2NH3 OH+ ⇔ 4Pu3+ + H2 O + N2 O + 6H+
2Pu4+ + 2XCONHOH ⇔
2Pu3+ + 2XCOOH + N2 + 2H+
4+
4Pu + 2XCONHOH + H2 O ⇔
4Pu3+ + 2XCOOH + N2 O + 4H+
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(5)
(6)
(7)
(8)
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Table 3. E f values for solutions of 0.001 M Pu4+ in 0.1 M HNO3 with varying AHA concentrations.
AHA : Pu ratio

0

0.5

1

2

3

4

6

8

10

20

E f Pu4+/3+
(mV Ag/AgCl)
E f Fe3+/2+
(mV Ag/AgCl)
E f Pu4+/3+
(mV adjusted) a

733

731

646

645

625

610

621

603

598

598

400

373

401

440

412

733

652

609

581

591

a: E f Pu4+/3+ adjusted to correspond with an E f of 400 mV for [Fe(CN)6 ]3−/4− .

Cyclic voltammetry was used to investigate the shift in the
Pu(IV)/(III) redox couple in the presence of AHA. In an
initial trial experiment the cyclic voltammograms (CVs) of
a solution containing 0.001 M Pu(IV) in 0.1 M HNO3 were
recorded using a Pt working electrode at scan rates of 50,
100 and 200 mV s−1 . Plots of measured peak currents, i pa and
i pc , against the square root of the scan rate, ν 1/2 were linear
indicating that the electron transfer was close to diffusion
controlled. Peak potentials were invariant with ν indicating that the reaction was electrochemically reversible under
these conditions. The ratios of the peak currents i da /i dc were
close to 1, again indicating that the process was chemically
and electrochemically reversible at the scan rates used. After
correction for internal cell resistance the value of E f for the
Pu4+/3+ couple was found to be + 0.733 V (vs. SSCE) or
+ 0.942 V (vs. NHE). This value lies between the values of
+0.885 and + 0.966 V (vs. NHE) that we have calculated
as the standard electrode potentials for the Pu(NO3 )2 2+ /Pu3+
and Pu(NO3 )3+ /Pu3+ systems, respectively (see Fig. 12, vide
infra). This suggests that the Pu(IV) is present as a mixture
of Pu(NO3 )3+ and Pu(NO3 )2 2+ species under the conditions
studied.
Adding 0.1 M AHA solution (AHA : Pu = 6 : 1) and
scanning at 50, 100 and 200 mV s−1 (Fig. 9) also gave linear
plots of i pa and i pc against ν 1/2 with a near zero intercept and
current ratios (i da /i dc ) close to 1. Peak potentials were again
invariant with ν, suggesting that the system is behaving reversibly under these conditions. After correction for internal
cell resistance the value of E f was found to be + 0.581 V
(vs. SSCE) corresponding to a shift on complexation by acetohydroxamate of 0.152 V from the value of E f recorded
for the Pu4+/3+ couple in 0.1 M HNO3 (Fig. 10). A solution of K3 [Fe(CN)6 ] was added and the value of E f for the
[Fe(CN)6 ]3−/4− couple under these conditions was found to
be + 0.4 V (vs. SSCE).
A series of CVs with 0.001 M Pu4+ in 0.1 M HNO3 but
with varying AHA : Pu ratios gave E f (vs. SSCE) values
for the PuIV/III couple given in Table 3. The value obtained
for an AHA : Pu ratio of 6 : 1 is ca. 40 mV greater than
that obtained in the preliminary experiment. However the E f
value for the [Fe(CN)6 ]3−/4− couple was also found to be
ca. 40 mV greater suggesting that the difference is due to
a junction potential or other changed feature of the experimental set up used. In some of the solutions the CV wave
of the added [Fe(CN)6 ]3− did not give clearly defined peak
potentials so that a similar adjustment could not be applied.
Where the potential of the [Fe(CN)6 ]3−/4− couple could be
determined, adjusted values for the E f of the PuIV/III couple

Fig. 9. CVs of a solution containing 0.001 M Pu4+ and 0.006 M AHA
in 0.1 M HNO3 .

Fig. 10. The shift in potential of the Pu4+/3+ couple on the addition of AHA to Pu in a solution of 0.001 M Pu4+ in 0.1 M HNO3
(AHA : Pu = 6 : 1).

are also shown in Table 3. Despite the problems with the
accuracy of the potential measurements, the general trend
suggests that the potential of the PuIV/III couple decreases in
the presence of AHA to reach an essentially constant value
when, or just before, the AHA : Pu ratio reaches 6 : 1. This
agreed with the EAS of 0.001 M Pu-AHA solutions which
showed absorbance at 441 nm (PuIV -AHA complex peak)
reaching a plateau at ∼ 6 : 1 AHA : Pu ratio (in 1 M HNO3 ).
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Table 4. The variation in E f with acidity for solutions containing
0.001 M Pu4+ and 0.01 M AHA.
Acidity

0.1

0.5

1.0

1.5

2.0

2.5

3.0

E f (mV) a

600

627

646

656

652

656

646

a: The E f values (vs. Ag/AgCl) quoted here were not corrected for
i R drop and this is expected to result in a high bias of between 1
and 5 mV in the values cited.

RT
ln K 1
F
RT
θ
ln K 2
= E Pu(AHA)
3+ /Pu3+ −
F
RT
θ
ln K 1 K 2 ,
= E Pu
4+ /Pu3+ −
F

θ
θ
E Pu(AHA)
3+ /Pu3+ = E Pu4+ /Pu3+ −
θ
E Pu(AHA)
2+
3+
2 /Pu

K1

K2

AHA + Pu(AHA)3+ ←−−→ Pu(AHA)2 2+ + H+ .

In order to assess the effect of acidity on the potential of
the PuIV/III couple in the presence of AHA a series of measurements was made on solutions containing 0.001 M Pu4+
and 0.01 M AHA in various concentrations of acid. Representative examples of the CVs obtained are shown in Fig. 11
and the numerical results in Table 4. Between 0.1 and 1.5 M
HNO3 there is a shift in the formal potential of the PuIV/III
couple with increasing acidity towards the value found in
the absence of AHA (i.e. + 0.733 V vs. SSCE). This reflects
decomplexation/speciation changes and correlates with the
EAS which start to show the presence of small amounts of
Pu(NO3 )3+ (peak at ∼ 476 nm) from an acidity of 1.5 M
HNO3 upwards. Between 1.5 and 3 M HNO3 there is no consistent change in potential, the values all being in the range
651 ± 5 mV.
3.3.2 Discussion
Preliminary speciation diagram calculations indicate that, at
0.008 M total AHA, Pu(IV) exists predominantly as the 1 : 1
Pu : AHA complex at 1 M HNO3 [28]. In the same system
at 0.1 M HNO3 , Pu(IV) exists as a mix of the 1 : 1 and 1 : 2
Pu : AHA complexes with the 1 : 1 complex being approximately twice the concentration of the 1 : 2 complex [28]. By
use of those equilibrium constants for formation of the 1 : 1
and 1 : 2 Pu(IV) : AHA species in nitric acid derived from
stability constant measurements in HClO4 [12] and Pu(IV)
nitrate complexation constants [31], it is possible through
use of Eq. (9) and the standard electrode potential for the
Pu4+/3+ couple [32], to calculate the standard electrode potentials for the Pu(AHA)3+ /Pu3+ and Pu(AHA)2 2+ /Pu3+
couples:

(9b)

where K 1 and K 2 are the equilibrium constants for the following systems:
AHA + Pu4+ ←−−→ Pu(AHA)3+ + H+

Fig. 11. Selected CVs of solutions containing 0.001 M Pu(IV) and
0.01 M AHA at varying acidities. Lines correspond to CVs at 0.1, 0.5,
1.0, 1.5 and 3 M HNO3 (data at 2.0 and 2.5 M HNO3 not included).

(9a)

(10a)
(10b)

This assumes that the complexes are labile and rapid ligand dissociation accompanies reduction. The apparently reversible character of the cyclic voltammograms obtained in
the absence of AHA and at AHA : Pu ratios above 5 : 1 suggest that the ligand dissociation reactions are rapid on the
cyclic voltammetry timescales studied here and do indeed
involve highly labile species. From these calculated standard potentials it is possible to estimate the formal potential, E f , of the Pu(AHA)3+ /Pu3+ and Pu(AHA)2 2+ /Pu3+ redox couples by writing the Nernst equation for each couple
(incorporating the standard electrode potentials as determined by Eq. (11) and setting [Pu4+ ], [Pu(AHA)3+ ] and
[Pu(AHA)2 2+ ] therein equal to 1 M). This gives:


E f Pu(AHA)3+ /Pu3+ =


RT
[H+ ]
θ
E Pu(AHA)3+ /Pu3+ +
ln
(11a)
F
[AHA]


E f Pu(AHA)2 2+ /Pu3+ =


RT
[H+ ]2
θ
E Pu(AHA)
,
+
ln
2+
3+
2 /Pu
F
[AHA]2
(11b)
from which can be calculated values of + 0.808 V and
+ 0.867 V (vs. NHE) for the reduction of the 1 : 1 complex
in 0.008 M total AHA solutions at 0.1 and 1 M HNO3 , respectively; and calculated values of +0.825 and + 0.943 V
(vs. NHE) for the reduction of the 2 : 1 complex in 0.008 M
total AHA solutions at 0.1 and 1 M HNO3 , respectively.
The measured and calculated formal potentials for the
Pu4+ /HNO3 /AHA system are summarized in Fig. 12. Electrochemical measurements on nitric acid solutions of Pu4+
containing the complexing agent AHA (Table 3) show that
the presence of AHA has a stabilising effect on Pu4+ with respect to reduction, this resulting from the complexation of
Pu4+ with hydroxamate. The measured shift in the PuIV/III
potential in 0.1 M and 1 M HNO3 when AHA was added in
an AHA : Pu ratio of 8 : 1 were 141 and 49 mV, respectively.
Fig. 12 also shows that, within experimental error, the
measured formal potential of the 8 : 1 AHA : Pu solution
( + 0.858 V vs. NHE) in 1 M nitric acid is barely distinguishable from the onset potential of + 0.861 V (vs. NHE) reported for AHA oxidation [19], although it should be noted
that the latter was obtained at a gold electrode [33], which
is not chemically inert under these conditions. Therefore, the
potential data summarised in Fig. 12 suggest that AHA itself
should reduce free Pu4+ to Pu3+ but cannot reduce either the
1 : 1 or 2 : 1 AHA Pu complexes.
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Fig. 12. Schematic potential diagram showing the measured (measured numbers in italic are extracted from this work, those in normal font are from
published data) and calculated formal potentials for the Pu4+ /HNO3 /AHA system.

Comparison of the experimentally determined formal potentials for the 8 : 1 AHA : Pu systems at 0.1 and 1 M HNO3
with the calculated formal potential values for those systems (vide supra and the right hand side of Fig. 12) indicates
that the experimentally determined values most closely correspond with the calculated values for the 1 : 1 complex at
both nitric acid concentrations. This is in agreement with
the preliminary speciation data cited at the beginning of this
section.
Thermodynamically, hydroxylamine should reduce
Pu(IV)-AHA complexes so the fact that it does not appear
to do so in our experiments implies some kinetic hindrance
perhaps due to steric constraints. The reductant for Pu(IV)
ions in this Pu(IV)/AHA/HNO3 system therefore seems
most likely to be the AHA. Whether this is a reaction between de-complexed Pu4+ (aq) and solution phase AHA or
whether it may be as a result of ‘internal’ electron transfer as
a bound hydroxamate ligand hydrolyses in-situ is currently
only speculation.

4. Conclusion
It is well known that simple hydroxamic acids such as FHA
and AHA are unstable in acid solution undergoing acid hydrolysis to form the parent carboxylic acid and hydroxylamine. We have determined the kinetic rate equations for
these reactions, including activation energies and nitrate dependencies. These are consistent with the general literature

on hydroxamic acid hydrolysis. Pu(IV) forms strong complexes with these hydroxamate ligands even in acid solutions
but these complexes are unstable with Pu(III) eventually
being formed in solution. The reductions of Pu(IV) in the
presence of FHA and AHA have been examined. They are
consistent with a mechanism in which free hydroxamic acid
in solution is hydrolysed whilst Pu(IV) ions remain fully
complexed to hydroxamate ligands; then at some point close
to a 1 : 1 Pu(IV) : XHA ratio, some free Pu4+ is released
from the complex and reduction is initiated. Electrochemical
and kinetic data suggest that the reductant is the hydroxamic
acid rather than the hydroxylamine.
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