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HYDROXYLAMINE AS A POTENTIAL REAGENT FOR
DISSOLUTION OFF GAS SCRUBBING IN NUCLEAR SPENT

FUEL REPROCESSING: KINETICS OF THE IODINE
REDUCTION

C. Cau Dit Coumes1, F. Devisme1, J. Chopin2, S. Vargas2

1) Commissariat a l'Energie Atomique - Marcoule - DCC/DRDD/SPHA - BP 171 - 30207
Bagnols-sur-Ceze Cedex - FRANCE
2) Laboratory of Inorganic Electrochemistry - ENSSPICAM -

ABSTRACT

Iodine, which can be released inside the containment building when an accident occurs, can be
traced, in normal operating conditions, at the back end of the fuel cycle. Hydroxylamine has
been selected as a reagent of potential interest to trap iodine in the dissolution off gas
treatment. The kinetics of the reaction between hydroxylamine and iodine has been studied in
a narrow range of pH (1-2), with hydroxylamine in excess (ratios of hydroxylamine to iodine
initial concentrations varying from 2 to 40), at constant temperature (30°C) and ionic strength
(0.1 mol/L). Spectrophotometry and voltammetry have been coupled for analytical
investigation. The problem of the rapid mixing of the reactants has been solved using a
continuous reactor. Triiodide has been shown non reactive towards hydroxylamine. An initial
rate law has been proposed, pointing out the first order of the reaction with respect to
hydroxylamine and iodine, and the inhibitory effect of iodide and hydrogen ions. Nitrous acid
has been identified as a transitory product. Nitrous oxide and nitrogen monoxide have been
detected by gas chromatography, the ratio of the amounts of products formed depending on
acidity. The complexity of the overall reaction has been ascribed to the competition of four
reactions ( I 2 + I <=> I3"; NH3OH+ + 2 I2 + H2O -» HNO2 + 4 1+5 H+

; NH3OH+ + HN02 ->
N2O +2 H2O +H+; 2HNO2 +2 r +2 H+ -> 2 NO +1 2 +2 H2O).

1. INTRODUCTION

Our contribution intends to emphasize the link between reactor safety and spent fuel
reprocessing, special fields in which similar difficulties are encountered in the framework of
iodine chemistry. Iodine, which can be released inside the containment building when an
accident occurs, can be traced, in normal operating conditions, at the back end of the fuel
cycle mainly as cesium iodide and partly as metallic iodide (such as silver iodide). Small
amounts of cesium iodide are volatilized in the first step of reprocessing when shearing off.
However, the major part of iodine is released in molecular or organic form (iodoalkanes
generated by reaction with impurities from the recycled nitric acid) into the gaseous phase at
the time of fuel dissolution in nitric acid, whereas insoluble metallic iodide remains in the
solution. Iodine trapping is a serious problem to cope with during the dissolution off gas



treatment to avoid scattering in the extraction cycles, which would make iodine recovery quite
impossible. Iodine recovery from the metallic precipitates is out of the scope of this paper.

The current process for the dissolution off gas treatment takes place in two main steps:
- continuous trapping of gaseous iodine and nitrogen oxides in sodium hydroxide at 20 °C;
- batch degassing of iodine from the scrubbing solution by acidification with nitric acid,
heating at 60°C and air bubbling. Some sulfamic acid is added to reduce the residual nitrous
acid into nitrogen.

The Puretex program run by the French Atomic Energy Commission aims to reduce the
amount of wastes generated by reprocessing according to the Purex process. One of the
objectives is the vitrification of the LA-MA effluents, which requires a significant reduction
of their saline load. Sulfur is prohibited because it leads to severe corrosion in the vitrification
crucible. Sodium amounts must be reduced so as to ensure a low leachability of the FP glass.
Our objective is thus to find new reactants to trap iodine in agreement with these
requirements.

As shown by preliminary studies [1], hydroxylamine (HA) is a reagent of interest since it can
reduce both iodine and nitrous acid in acidic medium. A more detailed investigation on the
kinetics of the iodine reduction by HA has thus been carried out, the results of which are
presented in this paper.

2. INVESTIGATION FRAMEWORK

In weakly alkaline medium [2], the reaction between iodine and HA takes place smoothly and
rapidly according to reaction (1).
2NH2OH + 2 l 2 - > N 2 O + 4I- + H2O + 4 H + (1)
On the contrary, the reaction is rather slow in acidic medium and the stoichiometry depends
on the pH and the ratio of hydroxylamine to'iodine concentrations [3-5]. Nitrogen monoxide
and nitrous acid have been detected as additional reaction products.

In our whole study, pH was maintained below 2 so that the reaction be slow enough. We used
a continuous reactor to ensure a pre-mixing of the reactants. The reaction was initiated by
stopping the feeding. The initial composition of the reactive medium was given by the
analysis of the stationary state settled before the onset of the reaction. Two independent
analytical techniques were used: UV-visible spectrophotometry and voltammetry.

3. EXPERIMENTAL

3.1 Products and solutions.

All chemicals were of analytical grade. The solutions were prepared using demineralized
water. Stock solutions of sulfuric acid (2.5 M) were prepared from dilution of 95% sulfuric
acid (Prolabo Rectapur 20692324). HA solutions were obtained by dissolving crystalline
hydroxylammonium sulfate (Fluka 161397). Bisublimated crystalline iodine (Fluka 57650)
was dissolved in 0.3 M sulfuric acid. Acidity was adjusted with sulfuric acid/potassium sulfate
buffers. The ionic strength was constant (0.1 mol/L) in all the experiments.



Nitrous acid was spectrophotometrically analysed using the Griess Dosvay reaction. Two
reagent solutions were prepared:
A: sulphanilic acid (0.5 g) dissolved in 30% acetic acid (150 mL);
B: a naphtylamine (0.1 g) dissolved in hot water (20 mL) and poured in 30% acetic acid (180
mL);
Equal volumes of A and B were mixed immediately prior to measurement. Samples (0.5 mL)
were taken from the reaction mixture and added to A+B solution (10 mL). The absorbance
was recorded at 530 nm 20 minutes later. A calibration curve was obtained according to an
analogous procedure using sodium nitrite samples of known concentrations.

In the study of the gaseous products of the reaction, iodine (2.103 M) was directly generated
in the reactive medium using the Dushman reaction (reaction (2)).
IO3" + 5 r + 6 H+ <=> 3 I2 + 3 H2O (2)
Potassium iodide (Prolabo 26 846.292) and potassium iodate (Prolabo 260840.292) in
stoechiometric proportions were dissolved in water acidified with sulfuric acid at pH 1 or 2.5.

3.2 Outfit.

Spectrophotometric measurements were carried out with a Varian Cary I spectrophotometer.
Two types of Hellma cells were used:
- a 80 uL circulating flow cell for kinetics experiments in the continuous reactor;
- a 3.8 mL cell which was magnetically stirred and stoppered with teflon for long time kinetics
experiments in batch.

A Princeton Applied Research N° 273 potentiostat was used for the voltamperometric
measurements. The electrochemical cell was a glass vessel with lateral indentations, 4 supply
pipes and a discharge tube which provided a constant volume for the reaction mixture (40
mL). The reactants were pumped from 4 stock flasks with a Gilson Minipuls HP4 peristaltic
pump. The flow rates could be adjusted from 0.5 to 1300 mL per min. The incoming flows
were magnetically stirred at the entrance of the reactor. Temperature was maintained at 30°C
with a Bioblock Scientific thermostated bath. Three electrodes were used:
- working electrode: Solea Edi 76979 rotating platinum disk electrode (rotation speed: 2000
revs per min.)
- auxiliary electrode: platinum wire
- standard electrode: mercurous sulfate electrode prepared in the laboratory.

The assembly is described in figure 1.

The gaseous products of the reaction were analysed using gas chromatography. The gas
y> chromatograph (Varian GC Star 3600 CX) was fitted with a gas sampling loop (vol?), a
^ Porapack Q column (c^rac^eristigues^and a thermal conductivity detector; the carrier gas was

helium. Calibration was carried out for N2, N2O and NO in He from standard gas mixtures in
p cylinders (ref?). The reactor was a bubbling flask ( mL). The gas inlet was connected to a

*> r> high purityTiefium cylinder via a pressure regulatorjref?) and a mass-flow controler (ref?); the
gaseous products were carried by the helium flow from the reactor to the sampling~lbop
through a 3/8" OD stainless steel pipe.



Figure 1. Assembly diagram for kinetics study using a continuous reactor
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3.3 Procedures.

Kinetics studies with the continuous reactor:
The experiments were performed in the following order:
-1- flow rates measurement and calculation of the average residence time in the reactor;
-2- reactor feeding and wait for the stationary state to settle;
-3- analysis of the solution in the reactor;
-4- spectrophotometric titration of iodine in the stock solution;
-5- spectrophotometric kinetics initiated by stopping pump Ps;
-6- voltamperometric kinetics initiated by stopping pump Pr;

Long time kinetics in batch:
The evolution of the iodine, triiodide and nitrous acid concentrations was recorded during two
hours. Iodide and triiodide were spectrophotometrically titrated. The experiment was carried
out in the 3.8 mL magnetically stirred and thermostated (25 °C) cell. The reaction was
initiated by adding 100 uL of concentrated HA solution to the 3.7 mL iodine solution
previously introduced in the cell. The absorbances at 460 and 354 nm were recorded every 1.5
min. The experiment was then repeated in batch with larger amounts of reaction mixture (50
mL). Samples of 0.5 mL were regularly taken and nitrous acid was spectrophotometrically
analysed using the Griess Ilosvay reaction.

Gas chromatography analyses:
An acidic solution (250 mL) of HA (2.102 mol/L) was introduced in the reactor. High purity
helium was bubbled through the flask during two hours (flow rate = 150 mL/min). The reactor
was then fed with a solution of potassium iodide and potassium iodate with an automatic
piston burette during 60 minutes at a rate of 1 mL/min. Analyses were performed every twenty
minutes once the reaction started.



3.4 Iodine, triiodide and iodide concentrations calculation.

Spectrophotometric analysis:
;- if :>•-. The iodine and triiodide concentrations were deduced from the absorbances at 353 nm (I3"

absorbance peak) and 460 nm (I2 absorbance peak) according to equations (3) and (4) derived
from the Beer Lambert law.

rT 1 *-A354ei3,460^A460e
I-,354

[I2 J = -^=—=^— — ., _ A; = absorbance at 1 nm (3)

ex,i = absorptivity coefficient of species x at i nm
^354 £l2,460 ~~ "^460 e i2 ,354

p p — p p —,
H.354 fci-i460

 fcI2,354 fc,-j460 7

The oxidant concentration was thus given by equation (5):

The absorptivity coefficients of iodine and triiodide were taken from literature [6].

^354 = 2 6 4 0 ° e , 3 5 4 = 1 8
e,-,^o =915 6 ^

Equation (6) was used to calculate the iodide concentration: [l~ ] = . (6)

K was defined as the equilibrium constant for reaction (7).
I2 + r o I 3 " K = 625L.mol' at 30°C [7] (7)

Voltamperometric determination.
The Levich law was applied to the limit currents recorded at -200 mV (iodine and triiodide
reduction) and + 350 mV (iodide and triiodide oxidation). The triiodide concentration was
taken from the spectrophotometric analysis. The iodide and triiodide concentrations were
calculated from equations (8) and (9).

- I L

[I2] = —^f= —[V3] with Ij= intensity at i volts (8)
Ll2Vco Lj2

Lj = Levich coefficient of species j

The oxidant and reductant concentrations were thus deduced from equations (10) and (11).

(10)

i.ij (11)

The Levich coefficients had been previously determined at 30°C [8].
iodine reduction I2 + 2 e" <=> 2 I" L, =5114



triiodide reduction

iodide oxidation

triiodide oxidation 2I 3 "<=>3I2 +

L =4370
ii

L r =3314

L 2 r =2185

The presence of iodine and iodide in the reactive medium inhibited both the oxygene
reduction and hydroxylamine oxidation signals at the platinum electrode. Figure 2 illustrates
the alteration of these signals when adding increasing amounts of potassium iodide to the
solution.

Figure 2: i-E curves of HA (12.10"4 moI/L) in 0.075 moI/L H2SO4 at platinum disk
electrode (2000 rpm) after addition of increasing amounts of potassium iodide to the
solution.
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4. KINETICS EXPERIMENTS IN CONTINUOUS REACTOR.

The oxidant ( [ y + t t ] ) and reductant ([r]+[I3]) concentrations resulting from
spectrophotometric and voltammetric determinations were in good agreement. Both
techniques were used for kinetics experiments.
Because of the complexity of the reaction, any attempt to underscore an unique order with
respect to the reactants during all the progress of the reaction was a failure. The initial rates
were consequently analysed.

4.1 The role of triiodide in the reaction.

During the twenty minute kinetics study, the triiodide concentration either monotonically
increased, or began to increase, reached a maximum and then decreased, or monotonically



fd[rA) r .
decreased. No correlation could be found between ——- and [I3 J., thus suggesting that

V /i

triiodide did not directly react with HA.

Triodide is very rapidly generated in the presence of iodine and iodide, or dissociated when
iodide or iodine is removed (reaction 12). The rate law can be described by equation (13).
I2 +1 <=> I3 (kf,k.f) (12)

kf = 6.2.109 L.mol.s"1 at 25°C [9]

k. f=8.5.106s'

(13)

The equilibrium was achieved in the stationary state settled before any kinetics experiment, as
proven by the good agreement between the iodide concentrations calculated from equations
(6) using equilibrium constant K and equation (9) resulting from direct voltammetric
measurement (figure 3).

Figure 3: Initial iodide concentrations. Comparison between values resulting from
voltammetry (current measurement at +350 mV - equation (9)) and from calculation
assuming equilibrium between h, I" and I3' (equation (6)).
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The equilibrium was no longer established during the kinetics studies since the rate
dt was

usually different from zero.
The question then arose whether the rate of the I2-HA reaction should be calculated from the
concentrations of iodine or from the ones of iodine plus triiodide (since iodine complexed as
triiodide could be immediately released in case of iodine consumption).
Let's assume that the inhibition by iodide ions (as will be shown in section 4.2) is due to a
reoxidation of iodide into iodine by reaction product P and consider reactions (14), (12) and
(15)



NH2OH +12 -> 2 r + products v, 3
r + I2<=»I3' (kfjcf)
2 r + P -» l2 + Q -'•"vis — -
The rates are given by equations (16), (17) and (13)

(14)
(12)
(15)

= 2 v 1 3 - k , +k_f[lj].-2vI4 M (17)

.,- v .

thus resulting in equation (18):

The initial rate of reaction (14) is given by (with [Ox]=[l2]+[l3"]) or

— — (with [Red] = [r]+[l3"]), provided that the reoxidation of iodide is negligible.
H d t )i

, . (
The relation -—- =

correlation was established between

was checked experimentally whereas no consistent

\rV\
——-d J

and ——- (slope superior to 2, ordinate fordt A { dt J,

*• 2-* = 0 significantly different from zero) as illustrated in figure 4. It thus confirmed the
V d t h
necessity to take into account the variation of the Ox and Red concentrations.
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Figure 4: -± l versus — - — - (a) and
v dt I, dt versus

J\
dt

(b).
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Î
 2.00E-06

s
1.50E-06

1.00E-06

5.00E-O7

O.OOE+00

y = 2,117x-2E-07 ,
R2 = 0,978 S

i 1 1 1 1 1 1 1

0.00E+00 2.00E-07 4.00E-07 6.00E-07 8.00E-07 1.00E-06 1.20E-06 1.40E-06 1.60E-06 1.80E-06

(b)



4.2 Kinetics constants for the HA-I? reaction.

The search for the initial order with respect to Ox and HA was carried out varying both the

HA and I2 initial concentrations while maintaining the ratio r_ , to a fixed value. The rate

was given by equation (19): - (19)

In spite of a rapid feeding of the reactor, the initial reactive medium always contained variable
amounts of the reaction products. That's why the pseudo-second-order rate constant kapp was

calculated from extrapolation to zero of the slope of the curve plotting — - — - versus
V dt ){

[HA]i[Ox]j, as shown in figure 5. The following values were obtained at pH 1.05 and 1.9:
pH1.05 2.2<kapp<2.6L.mor1.s1

pH1.9 15.2<kapp<17L.mor1.s1

Figure 5: Initial rate -
d[Oxf

dt .
versus [HAMOxLat pH = 1.05
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The inhibitory effect of hydrogen ion was depicted by equation (20).

(20)

Given the uncertainty on the pseudo-second order rate constant, k[ and k2 were in the range:
0.06<ki<0.26mol.L1.s"1

0.18<k2<0.22s - l

10



Iodide also had an inhibitory effect which was responsible for the inflexion from linearity for

high values of [HA]i[Ox]j of the curve giving — - — - versus [HA]j[Ox]i (figure 5). Indeed,

the initial iodide concentration increased with [HA];[Ox]i (figure 6).

Figure 6: Initial iodide concentration versus [HA]j[Ox]j - pH 1.05
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The inhibitory effect of iodide was described by equation (21).

f d[O*n = k [HA], [Ox],
I dt J. appl + b[Red]m+c[Red]n

Three polynomials provided a satisfactory correlation of the experimental values.

(21)

1/21 + b [Red]1" + c [Red]
1/2 -,3/21 + b [Red]1" + c [Red]

1 + b [Red]1'2 + c [Red]2

b = 81 ;c = -2100
b = 59 ; c = -58600
b = 52 ;c = -2.106

We finally propose equation (22) as a rate law for the I2-HA reaction at 30°C with an ionic
strength of 0.1 mol/L.

_d[OxT| J { k2

d J [l [Hdt Ji [ [
k, = 0.196 mol.L-'.s1

k2 = 0.196 s"1

T = 30 °C

[HA],[Ox], (22)

b = 81 mol1/2.L1/2

c = -2100mor'.L
ionic strength = 0.1 mol/L

11



4.3 Discussion

The pseudo-second-order rate constant kapp was compared with the values proposed in
previous studies (table 1).

Table 1: Pseudo-second-order rate constant kapp proposed in previous studies.

Authors

Rabai et al. [3]
Wang et al. [4]
Liu et al. [5]

studied
pH range
0.6-1.6
3.4-5.5
2-6.8

ionic
strength
0.2 mol/L
0.5 mol/L
0.5 mol/L

temperature

25 °C
25 °C
25 °C

kapppH1.05

3.09 L.mol'.s '
7.29L.mol~'.s'
0.61 L.mol'.s"1

kapppH 1.9

7.64L.mor'.s1

51.6 L.mor'.s"1

4.3 L.mol'.s"1

The value of 2.4 L.mor'.s1 is in good agreement with the result of Rabai et al. at pH 1.05
(only study carried out in the same pH range as ours). The results are however highly
dispersed for pH 1.9. The value of 15.8 L.mol .s"1 is higher than the two kapp values obtained
from the rate laws of Rabai and Liu. The rate law proposed by Wang et al. for pH between 3.4
and 5.5 doesn't seem to be valid for higher acidities. We intend to resume the kinetics study at
pH around 2 using a stopped-flow technique which is more appropriate to fast kinetics studies.

5. STUDY OF THE REACTION TO ITS END-POINT.

5.1 Products in solution.

The reaction between iodine and HA was studied until it reached its end-point with a ratio
[HAyttL equal to 10. Figure 7 shows the curves giving the evolution of the iodine, triiodide
and nitrous concentrations acid with time.

During the first two minutes, iodine disappeared fastly while the concentrations of iodide and
triiodide increased; they reached their maximum value at the end of this step. During the next
18 minutes, iodine was consumed more slowly; the triiodide concentration decreased while
the nitrous acid concentration remained constant. The third step was characterized by a slow
decrease of the nitrous acid concentration. After 90 minutes, none of the three analytes could
be detected in the reaction mixture.
Nitrous acid being a transient product, the overall reaction should then result from the
competition of reactions (12), (23), (24) and (25).

h +1 <=> h'
NH3OH+ + 212 + H2O ->• HNO2 + 41 + 5 H+

NH3OH+ + HNO2 -> N2O + 2 H2O + H+

2 HNO2 + 21" + 2 H+ -> 2 NO +12 + 2 H2O

(12)
(23)
(24)
(25)

Reaction (23) was dominating in step 1, reaction (12) being shifted to the right from the
equilibrium state. In step 2, reaction (12) was shifted to the left. The production of nitrous acid
according to reaction (23) was counterbalanced by its consumption according to reactions (24)

12



and (25). The iodine removal was slowed down not only because a part of HA reacted with
nitrous acid (reaction (24)), but also since some iodine could be regenerated by reactions (12)
and (25).
Reaction (24) was the predominant way of nitrous acid consumption in step (3).

Figure 7: Reaction between iodine and HA. Evolution of the iodine, triiodide and nitrous
acid concentrations with time. Operating conditions: [I2]i = 5.4.10"4 mol/L; [I3']j = 1.1.10"6

mol/L; ionic strength = 0.217 moI/L; pH 1; T= 25 °C; [HA]j = 10 [I2]j.
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5.2 Gaseous products.

Figure 8 shows the variation of the nitrogen, oxygen, nitrous oxide and nitrous monoxide
concentrations in the gaseous phase above the reactive medium when reaction performed at
pH 1 and 2.5. At pH 2.5, a nitrogen peak was recorded at the beginning of the experiment;
nitrous oxide was the major product by far. On the contrary, at pH 1, the major evolved gas
was nitrogen monoxide, the nitrous oxide concentration being three times smaller.

Figure 8: GC analysis - Concentrations of N2, O2, NO and N2O versus time at pH 1 (a)
and 2.5 (b) for the HA-I2 reaction (with [HA]o/[I2]o>lO)
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At pH 2.5, most nitrous acid produced by reaction (23) must have been consumed by reaction
with hydroxylamine (reaction/l^Ulncreasing the acidity must have caused a more important
acceleration of reaction (25) than reaction (24). This result is consistent with the fact that
reaction (24) is first order with respect to hydrogen ions [10] whereas the order with respect to
H+ for reaction (25) is fractionnary, varying between 1 and 2 [11]. The nitrous oxide
concentrations may however be underestimated since N2O is much more soluble in water than
NO. At 0°C, the respective solubilities of N2, O2, NO and N2O are 2.33, 4.89, 7.34 and 130
cm3 per 100 cm3 [12].

As for nitrogen, the concentration peak recorded during the first ten minutes at pH 2.5
(without any variation in the oxygen content) can not be explained by the previously proposed
mechanisms for the I2-HA reaction. It would not be inconsistent with an overall reaction
scheme like (26) similar to the one proposed for the reaction between iodine and hydrazine.
4 NH3OH+ + 3 I2 -> N2 + N-,0 + 6 1 + 3 H2O + 10 H+ (26^
However, it could also be assumed that nitrogen results from the reduciion by HA of residual
iodate, one of the starting products. Indeed, in the experimental conditions, the Dushman
reaction starts very rapidly, consumes most iodide and iodate, but then slows down and
several days are required to eventually reach the end-point.

6. CONCLUSION

It was shown that in the I2-HA reaction, triiodide had no oxidizing or reducing reactivity. It
only represented a supply for iodine or iodide. Equilibrium (12) was not achieved during the
kinetics experiments. Consequently, the rate of the reaction had to be calculated from the
variation of the sum of the iodine plus triiodide concentrations. An initial rate law was
proposed, pointing out the first order with respect to iodine and HA and the inhibitory effect
of hydrogen and iodide ions. Nitrous acid was identified as a transitory product. Nitrogen
monoxide and nitrous oxide were produced by the reaction in amounts varying with acidity.
The complexity of the overall reaction was related to the competition of reactions (12) and
(23)-(25).

Spectrophotometry and voltammetry were coupled for analytical investigation. Only
spectrophotometry provided all the information required for kinetics experiment (i.e. iodine +
triiodide concentrations). The triiodide concentration couldn't be infered from
voltamperometric determination, unless approximating the Levich coefficient of triiodide to
the one of iodide.

The continuous reactor technique bypassed the problem of the rapid mixing of the reactants,
which is essential for any kinetics investigation based on the initial rates. The disadvantage
was however the presence of small amounts of the reaction products in the initial reactive
medium. Iodide acting as an inhibitor for the reaction, any kinetics constant had to be
calculated from extrapolation of the measured values to a concentration of iodide equal to
zero. Using a stopped-flow technique will be a way to solve this difficulty and kinetics studies
at higher pH will be conceivable.
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