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Ratt.aTive Varstis op Tite MovLAr ExTincrios Corrriciint
or Callal AT 42K AND 4000 A,
(k/ec) X 1074 (em, /ace.)

Cell 4200 4000 .
E 7.3 3.7 .M
r 7.0 3.0 i
¢ 7.1 H .
A3 6.6 3.1 3

A very small deflection was afso measured at
6000 A. indicating slight absorption by the com-
plex at this wave length but was too sinall to permit
the accurate calculation of £/ecom after the de-
flections were corrected for stray light of other
wave lengths transmitted by the filter

Discussion

The calculated extinction caeflicients in Table
[I, although lurge, arc to be expected from Mul-
liken's theory of intermolecular charge-teansfer
internction® The scveral simplifications of the
theory?® used to cxplain certain “régularitics
between the donization potential of the donor
mulecules and the observed snaximum of the charge:
trunsfer spectrum involving molecular fodine should
not hold with this system because the coustants
involved are considerably different for different
acceptors.?*  Qualitatively, though, the complex
involving 1 utoms might be expected to be more
stable than the corresponding {7 complex becuuse
of the larger clectron aflinity of the I atom, so that
emax Should shift toward longer wave lengths.
The data of Table 11T and the observed very slight
absorption at 6000 A., admittedly very scanty,
suggest that o maximumn exists between 4000 and
5000 A. This shift is quitt.- large compared to that
of ouly 200 A. f-r quite different acceptor niole-
cules.”?

(22) H. McCaanell, §. 8. lium aad J R, Platt, J. Chem, Phos., 21,
0 (1953),

(23) 8. H. Hastingy, J. .. Feanklin, J. C. Schiller and F. A, Matsen,

Tatis Juunnar, T8, 3901 110583),
{24} R, 8, Mulltken, Rec. trav. chim,, 18, 815 (105),
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Increased stubility of the comnplex theorctically
shoulid wlso load to an iscrease in the intensity of
the chirge-transfor spectrum, although the results
of Benest and  Sliklehrancd® dndicate Ukl ey,
decreases with increasing complex stahility in the
methylated benzene series.  (Orgel and  Mulli-
ken,® however, have suggested that the observed
intensities are composed of both “contact” and
“couniplex” charge-transfer spectra.  When an ap-
propriate division is “made between the two pos-
sibilitics, an increase in ¢ with increasing complex
stability can be calculated.) Thus the values
given in Table II for ¢ are reasonable, especially at
the larger values of @, cven though 4200 A, is
obviously not the wave length of maxisnum ab-
sorption.

Even the smallest passible value for the rate of
complex combination (de., 1.02 X 10" L mole- '
scc.~, when ¢ = 1) is about I8 times larger than
the recombination of todine atoms in carbon tetra.
chloride.? This is surprising, for if the rate of
combination is diffusion-contralled as presuned®
then £ should be smaller for the cosuplexed atom
{with its lurger diffusion cdiameter) than for the
free atom.  The fact that both e and £ are Lurge
at ¢ = [, and increase markedly to unreasonable
values with decreasing ¢, supports the view that
the formation of the complex stabilizes the |
atoms so that utost of them escape recombination
into the parent molecule in contrast to the caging
cffect and low degree of dissociation of s in inert
solvents.
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Kinetics and Mechanisms for the Oxidation of Trivalent Plutonium by Nitrous Acid'

Hoey1

The rute of oxidation of plutonium(111) by nitrous ucid was investigiated in nitric, iydrochloric and perehloric acids,

By K. K. Dukes
RecetvED Arrit, 3, 1050

The

rate expresaions ohtrined were in HCY or HCIO, — d[Pu(lID}/di = K(Pul{{II{H*IHNO] in N, — a[Pa(1ID1/

! =

Pu(II [ {H *JINO, " [ {HNOg] where Ky = 18 &= 3.6 moles=? mun. =} and Ky = 00 % 20 moles™® min. =4,

The

rmposcd mechanisms for the oxidation of Pu(1i{) by niteous acid iuvolve NyQuus an intermediate in HINOy and NO * as an
t

1itermedinte in HCI or HCIO,.

Activation energics of 14.0 % (.6 and 6.0 = (1.3 keal./imnole were found for Ky and K.

Studics were muade with solutions 104 to 10~¢ molur in plutonium uad the change in distribution coeflicient of plutonium
into 30 vol. 9, tributy! phosphate (TBP) was used to fullow the reuction,

Introduction

Nitrous acid oxidizes trivalent plutonium to
tetravalent plutoninm in acid solutions by the

(1) The Infusrmatlon contalaed In this repor? wun develuped during
the course of work umler cunteact A'T(07-2)-1 with the U1, 8, Atomlc
Hacexy Commtasian,

reaction
Pul{lll) 4 11+ 4 JINO; = Pul{iI\) 4+ NO 4 H,0

The rate of this reaction is mncasurable at tracer con-
centrations of Pu but no data have heen published.
This paper reports the results of n study of the
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Fig. 1.—Typical curve. Fig. 3.—Eflcct of hydrogen ion concentration.

1.0 Trivaleat Plutonium.—Solutions of trivalent plutonium
were prepared from solutions of Pu(1V) in HNO, or JICI by
the hydrogen reduction of plutonium(IV) with a strip of
platinized plitinum as a catalyst,? Analyses of these solu-
tions by solvent extruction showed that the plutonium(lil)
content averagad 04%. The low concentration of plute-

Slope nimn(EV) in these solutions was not importunt because each
205 solution was analyzed immedintely before tise,
- Tributyl Phosphate and n-Dodecane.—TBP wus purificd
e O ¢ HNO - hy crystallization of its ueanyl nitrate addition compaund
't 3 from n-hexane.? Thirty volmme per cent, (1.00 Al) solu-
. tions of TBE in g«dodecane were used throughout the study.
‘g The n-dexlecane, olefin free grade, was obtained from the
< . Humphirey- Wilkinson Coa. ‘and was usced withiout further
g treastment,

o Other Chemicals.-——All athier snlutions were prepared from
: reagent grade chomicals and were used without further

é 001 Slape purification.

‘ LR 128 \(S 101q7 Y\ Experimental Procedure
‘These studics were made at Pu concentrutionsof 107% to
10-¢ Al to minimize interferences from peroxide peoduced
by _g-purticles and froms disproportionation renctions that
NO- -~ 1Bx10"% M might occur ut high concentrations of Pu. An_excess of
R nitraus ucid was used in all experimients to dimini<h the im-
portance of un autocats lytic effcct that ariscs frua the pro-
tuction of 1,5 0les of HNO; for each mole of HNO; con-
°-°°|' o sumesd by the reaction.

Concaentration of Acld, mois/liter,
Fig. 2.—~Efleet of HCland 1IN0,

kinetics of the Pu(lI1)-HNO,; rcaction in HNO;,
HC! and HCIO,. )

Preparation of Reagents

Tetravalent Plutonium.~—Solvent extraction ar lon ex-
chunge wus used to purify solutions of Pu(1V), In the sol-
vent extraction snethexd, plutonfum(lV) was extracted from
4 M nltric ncid fnto n solutlon of 30 vol. % tributyl phos-
phate (TNP) in n<dndecune. The extract was scrubbed
theee timen with 4 Af nitric acld and the plutenhun(iV)
was back-extriucted Into 0.8 M nitric acld, In the anion.
exchange method, plutonfum(lV) was absorted from R A/
aitric acid on “Duawex’’ 21.K resin and wus cluted with
0.8 M aitric acid. The lon-exchauge procedure ulsn was

.used] to prepare solutions of phutonium(1V) in hydrochloric

acld, . ) A -

Mensuretnents of the reaction rute were made by deter-
mination of ti.e Pu(lll) in acidic solutions by solvent cx-
truction with 30 vol, % TRP. {'nder the experimental
conditions, only Pu(Ill) and Pu(IV) were present; the

frgction of
z:m) o Pullll) & Pullll),
Pu(lll)q + Pu{lll)erg + PullV), + Pu(iV)ue,
The distribution cocflicient (Eg) of a mixture of Pu(Ill)
and Pu(fV) is

PullV)ery + Pullllle
Pu(lV)eq 4+ Pu(lll)e,

The dixteibution cocflicients of purc Pu(lil) und pure Pu-
(1V) are

(2) Q. T. Scatiry, J. J. Katz and W, M, Manning, *The Teunsura-
nium Elemente,” (Natlunn! Nucteur Knergy Serfes (V. 141}, McCGraw-
HIN Book Cu,, New Yack, N, V., 1840,

{4 K. K, Duken, *The Furmution aad Kfects uf Dibuty! Phasplinte
In Solvent Bxtracilon,” K, 1. du Pont de Nemuours & Co., Suvannal
River Lalbuwntory, DI*-250, Novembher, 1057,

Ey =
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Simultnneous sofution and algebmic manipufation  yicld
an expresslem for the fraction, EULL). of Pu(lll) in n mix-
ture of Pu(lll) and Pu(lV)

-
ra e Btz Eal B + 1)
v “"ﬁ/ Fawn (Ex + 1XEw — Enr)

This exprexsion by valid when the volumes of the agueots and

orgnnic phuses are equal,  With this cquution, the deter-
n\'ﬁﬁmﬁ‘nﬁ‘lﬂ-ﬁl n mixture of Pu(1l) und PWIV) re-

quires determination of the distribution cocflicient of the
mixed Pu(lll) and Puf/I\), nnd knowledge of the distribu-
tlon cocflicient of pure Pu(ill) und puce Pu(1V) under the
siume conditions of acidity, temperature, ete.

Distributinng encflicicnts were determined in the following
manncr: A solution of Pu (1078 ta 10-¢ A7) and an equnl
volume of 309% TBP In ntidecane were mixed thoroughly.
Equilibriumn was reachied In less than 20 sceads of mixing.
‘The plhascs were repurated by centrifugation, and the plu-
tonfum conteut of cnch phase was determined by a-count of
un aliquot. This distribution cocflicicut was the eatin of
the a-nctivity in the nrganic phase to the a-activity in
the nquecous phase.  All ‘distribution cocflicicnts were de-
termined ut 0°. Tables 1 and I contain distribution co-
eflicients for pure Pu(l11) and pure Pu{IV) in solutions with

Tane 1
DisTranuTioN o¥ PuuroNiux(i1l) aT 0°
JINO, (M) conen,

(uq.) 1.06 1.57 2,70 3.60 4.00
Distribution coefli-
clent (urg./aq.) 0.042 0.062 0058 0,080 OHY
TanLe 11
DistrinutioN or PuutoNium{iV) at 0?
HNO, (A1)

cmen. (nq.) 1.0 1.40 2,16 3.10 3.80 5.90

Distributlon cuefficlent
(rrg./uq.) 2.20 3.00 0.60 11,00 15.50

compositions of Interest to the mite determination, The
raper valeace was cuanred by adding ferrous sullumate for
r’u(ll!) or NuNO, for Pu(1V),
-In the detenminntlon of reuctlon rutes, an aliquat of a
. stock sofution of Pu(1H) was ndded to the wcid solution of

25.00

OxIDATION OF TRIVALUNT PLuTONIUM pY Ni1TROUS ACID 11

the desired composition, and the solution wis annlyzcd by
solvent extruction to determnine the initid feaction of Pu-
{111). A mensured amount of sadium nitrite was added to
start the ronctlon,  Allquots of the salution were with-
drawn rt timed intervals, chilled at 01* to decrense the eate
of the reaction, nnd the fraction of Pu(1ll) determined by
sulvent extruction.

1.0 I
E
5
w Ol -
S A
[ ]
=
«
HY - um
NO; - 18x1074M
oot L
0.} ) 10
. Concenirotion of Nitrate lon, mols/liter,
Fig, 5. —Eflcct of niteate fon in 1{CL
1.0 A T
€
&
e O
Q
o
[
]
o
o
‘ HC1 - 3I0M
oot 1
1x107¢ 1x10™¢ 1x1073
x\ \( Concentration of HNO,, mols/liter,
Y .
N @k Fig. 6.—Efiect of HNO,.

The d{ﬁ.ﬁ_tgmm_dm nbtained with Pu in 1INO, also
were uscd to analyze for Pu(111) in 1{Cl or 3ICIO,. Aliquaots
of the samples were diluted in nitric acid before the equili-
brution with TBP. Low concentrations of HC or HCIO,
in nitric acld did not cuuse significant changes in the dis-
tributlon cocflicients for pure nitrie acid. The remainder
of the procedure was the suse us the procedure in nitric acid,
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Fig. 8.—Effect of temperature on oxidation of Pu(lil)
Results ) /7 l:'u(lv). P ’

Effect of Concentration of Plutonium.—The
oxidation of trivalent plutonium by nitrous acic
was first order with respect to plutonium. Rate
cons€ants were the sanic at 1.0 X 107 A as at 5.0
X 10-¢ A/ Pu. Typical data are shcwn in Fig. 1.

Dependence on HNO,, HCl and HClIO;—Thce
rates of oxidation of Pu(lll) depended on the
second_power of the concentration of HNO; and
the hirst power of the concentration of HCI (Fig. 2).
Rates were slower in HCI than in comparable
concentrations of HNO;,

The dependence on the concentration of HNO;
wus due to the combined effects of the hydrogen
und nitrate ions. Variations of the hydrogen ion
concentration, with NaNO; added to maintain a
constant mnitrate concentration, showed that the
hydrogen ion dependence of the reaction was ap-
proximmately  first power (Fig. 3). Rate deter-
minations in solutions of constant acidity, with
varied sodium nitrate concentrations, showed an
approximate first power dependence on the nitrate
ion (Fig. 4). Determination of the rates in mix-
turces of JICI—HNO,, al constant ionic strength,
showed an exact first power dependence of the rate
on nitrate concentrations above 1 M in nitrate.
At lower nitrate concentrations the reaction ap-
parently was less depéndent on nitrate concentra-
tion (Fig. 5). These data suﬁF‘(_:;;ed that at leust
two_mechanisins ‘were involved 1 the oxidation of
Pu(11I).

The rates of oxidation were identical in HCI and
HCIO, (Table 111); therefore, cither the chloride
ion and the perchlorate ion had the same effect on
the reaction rate, or ncither affected the reaction
rate. It was assumed in this study that neither
the chiloride ion nor the perchlorate jon-affected the
reaction rate.

Dependence on Nitrous Acid.—Ratcs of oxidution
depended on the-first power of the coneentration

- rates of oxidation.

@ 11 (i, 0
of HNO; in HNO; afid HCI (Fig. 6). Oxidation «f

Pu(I11) was autocatalytic in solutions of nitric acid
o_concentration ol FNOz was 1ess than or

equal_to the concentration of plutomium (Fig. 7).
Uniforin rats of oxidation were obtained by mnu:ﬁﬂ"

Taunte 11 H
Coustrarizax or Kares or Oxipatiox ix JICI axn HCLO,

Acid Conen,, M NGy, & flute, min, -t
HCI 3.60 5.4 X 10~ 0.034
HCIO, 3.60° 5.4 X 104 Ntk
HCI 3.u06 1.8 X 10 012
$1CIO, d.06 1L.NX 1 MR
HCl .60 H.4 X 10 KUK

© Q10 1.G0 5.4 X 10-¢ 019

taining an excess of HNO;.  In some experiments
nitrous acid was lost during the reaction; however,
the loss of nitrous acid was slow enough to allow
the detersnination of rate constants from initial

Discussion
The oxidation of Pu(I1l) by nitrous acid fits the
ratc expressions ,F!Y: - a
=) Y

in HCI or }1CIO,
K (PuCLLL) UL *J{IINOs] (1)

_ dlputuy) _
S S

il
in HNO;
e K (Pu(IE0)][H *)INO, " {[HNO: (2)

_ d{Puti11))
a2

The contribution of expression 1 to the rate of oxi-
dation is small ut concentrations of nitrate ion
greater than 1.0 A bul expressions 1 and 2 must
bie combined at lower concentrations of nitrate.

Observed rates were used in (1) and (2) to cal-
culitte an average value of 18 £3.5 moles~? min.~!
for Ky and 90 220 woles =3 min, =* for K.

s A e\ bt

?
My
Wyl
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From the dutu in Fig. 8 the activation energy
wus calculated to be 6.0 £ .0.3 kcal./susle for (1)
and 14.0 = 0.5 keal./mole for (2).

Diffcrent rute constants and activation energics
for the different acids suggest at least two mech-
anisms for the oxidation of Pu(111) by nitrous acid.
More complicated mechanisms may be involved
but two possible mechanisins that are in accord
with the results urc

JINOg 4 11 =% NO* 4 H,0; rapid reversible  (3)
NO* 4 Pu(ILL) = NO 4 Pu(IV); ratz conteulling
1INOy + HNO, =% N,O¢ + 11,0; sapid, raversible (1)

Ox1bATION OF CArTIVIE OUXALATE 13

Nilde 4 Pu(ill, = NO;= 4+ NO; 4+ 'allV); rre cone-
trolling

In (33) the oxidation of Pu(I1I) by NO* is unalo-
gous to the mechanism proposed by Abcl* for the
oxidation of Fe(1l) by HNO; in acid media. It iy
proposed that in solutions of nitric acid oxidation
occurs through both mechanisins.  Studies in HCI
showed that (3) becomes important ouly at low con-
centration of the nitrate jon,

(4) 5. Ahc), Monatsh., 80, 370 C15910),

AN, SouTis CAROLINA

{CantrinuTioN vROM Grukcr HerBRRT Joxts LABORATORY, ﬁmvmsnv ue Clreaca)
The Oxidation of Captive Oxalate

13¥ PATRICIA SAFFIR AND HENRY Tauns
Rrcrmvew Juse 20, 1050 -

The oxidation of (NHyLCoC04* by Ce(IV) takes place with ahnost perfect stoichiontetry, one Ce(IV) bring consumed

far each male of the Co{lll) cowplex, and one Co ** being foaned.

shnilurly,
Is formed.

Co*tt aq. uad $5:0." with Ag* as catalyst hehave

Hawever, HyOq catalyzct! by Mo{ V1), und Clyact ta peeserve the oxidution stute of Col HH s and { NH; ) CoOlly* * *
The diflcrence in behavior of the two classes of axidizing agents is ascribed to this: Ce(1V1, Co{{E) andd sumc

intermedintz In the $;0," + Ag* system act by extracting une clectran ut a time, while the ather two act in a manuner which-

is equivalent to extracting two electruns sismltancously.

In muny systems it has been ofiserved that
metal ions though present in small a nounts may
alter the kinctics and even the course of oxidation-

“reduction reaction.  Usually the studies have been
donc with metul jong whicl are subst:tution-lahile
and the interpretation of the resuits is made
difficult because the way the metal ion is combined
in the various stages of the reaction in vshich it is
active is not known. The experiments reported in
this paper, on the rcaction of oxidizing agents with
a reducing agent hound to a substitution-inert
metal jon center, are rclevant to this subject.
The reducing agent-metal ion complex we chose
for study is (NH;);CoC,0,*, and the feature of
purticular interest was to learn whether and when
the Ca(111) tukes part in the oxidation of the bound
oxalate brought about by external oxidizing agents.

Materials.—The (NH; hCoCrOJdI(ClU ) wes prepared by
wurming n solution of (NH,;)LCoH,0(CI0,;, with & slight
cxcess of oxalic ucikl. The solid which sepursted on cooling
was reerystullized and submitted for analysis (analysis re-
ported at 10.02% N und 18.36Y, Cl to he compured with the
theurcticul values of 10.21 and 16.41Y, respectively). The
solution contalning Co**+ aq. was prepared by the method
uof Weiser.!  The curbonato comnplex is prepared in saturnted
NuHCO, using 11,0, us oxidant on u cohaltous sult. The
solution is wdded slowly to a cooled solution of HCIO, aq.

All other reugents were stundard C.r. or ALK, chemiculs.

.Results

Reaction with Ce(lV) Perchlorate.—In u typicul experi-
ment, o solution was uscd which wus 0.025 Af in (Nii),-
CaCyOd(CIO )y, 0.047 M in Ce(IV) and 1 Af in HCIO,.
The progress of the renction was followed by titruting Ce(1V)
with Fet* (the cobalt] complex daes not reuct supidly with
thix reducing agent). The reactlon of Ce(lV) with the
cobulti coniplex is very much slawer than It Is with uncom-
pilexed oxalate, and u period of ca. 20 hr, §s requlred toa ensuce
camplete reaction at roonn temperature at the concentritions
obtalulng 3o onr present 'exrcrlmcuu; fur the uncomplexed
uxalute, u few minutes would suffice,

(1) D. W, Welser, U1.D. Disscriatiun, Unlyersity of Chienge, 1950

There is appa ently i slow loss of Ce(IV) even after the
axabito complex itas disuppenred; this fusw ix perhaps attreil-
utahie to the atidation of witer by Ce(IV), cutalyzed by
Co** The effe 2t is much reduced at 109, ancd wt this tem-
perature clear-cut resalts o the stoichicinetry aure abitained.
After 73 lir., the oxulato complex has disappearcd and the
rutio of Ce(lV) cunsitined ta totul axaluto complex is 1.01,
after 144 br. the eatio is 102 and after 250 he., LIH. Cor-
recting for the o atinucd slow Jose of Ce{1V), the conclusion
follows that the wuction of Ce{IV2) with the oxalato comples
takes plice with almost perfeet stoichiometey, ane Ce{1VY
heing raquired for ench oxalute. The cobult procduct is nent
{NH1ECoOH, ° * as would be expected if the cobilt oxida-
tion stute were nreserved, hut Co**. The net change can
be represented by the equation

(NHMWCoCOM ¢+ o Ce(IV) + 4H = Co** +
Ce*** 4 2C0; + 6NI,*

Reaction with Co ** ¥, ~Tlie auliscrvutions witl Co * * > uq.
us uxiclizing uagent ure cmnplicated by the reaction of Ca* *
agq. o liberute Oy frinn water hut the intrinsic stuichinmetry
i the reaction of interest cun nevertheless be fairly well es-
tublished,  Inan experiment with (NH,LCoCyO0,11{CIO, ) at
0L M, Co*** jnitially at Q.41 Af und HCIO, at 2 Af,
at 10° and in the dark, after 144 hr, the total amount of
Cao* * *uq. consutcd (as determined by titration) compared
to the L.itinl umount of the oxalate cumplex was 1.25.
After this thue, the extinctions of the solution at A= 02
and 6020 A, could be nceounted for quantitatively by the
residunl Co ** * shown by titration und the Co ** resulting
from the reduction of Cu*** and the Co(lIl) complex. If
(NHREC{O18)* ** ar (NIHTWCoCyO0f ** were present, it
would contribute uppreciubly to the extinction at 40120 A
aut mast §% of un ammning complex remaing, We conclude
that b this reaction alsa, the oxidution of the bound oxalate
by the external axidizing agent brings abaut the reduction of
Cu{111) iu the connplex. The consumption of Co*** aq. in
cxceay of thut prescribied by this staichinmetey is nttributable
to the spontuncis oxidution of H0O by Co*** nq., ruther
than to the 2e= oxidation of the oxalato complex by the
Cot*+qq,

The Ag* Catalyzed Reaction with S,0,~.—The reaction
aof 8,04~ with (NH%CaCy0), ¢ is very sluw, bhut when Ag!
ix present (~ 1.1 Af AgClO, was usil), renction takes place
Immedintely und Co* * iy furmed, A blunk experiment with
(NHGWCOOH; ** * in place of the uxulntocumplex shows that
the aquo fon survives this treatment.  We can conclude
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The Role of Nitrous Acid in the Reduction
of Plutonium(IV) by Uranium(IV) in TBP
Systems

P. BIDDLE, H. A. C. McKAY & J. H. MILES
Atomic Energy Research Establishment, Harwell, Berks., U.K.

‘A rotating platinum microelectrode has enabled plutonium(III) or
plutonium(IV') to be determined polarographically, tn either an agueous or
@ TBP-diluent phase, at very low levels (6 x 10~m in agueous phases,
10-*M in organic). It has also been used to make rough measurements
on the concentration of stabilizers in organic phases. The rate of reduction of
phutonium(IV') by uranium(IV) in organic phases has been measured at
0°C and 11°C and an expression has been derived for the overall rate in a
mixed phase system in terms of the rate in each phase. The rate of reduction
#n such systems containing nitric acid depends also on the autocatalytic rate of
reaction of plutonium(III) with nitrous acid and on the rate of reaction of
nitrous acid with stabilizers. Both of these rates have been measured in the
organic phase.

The separation of small concentrations of plutonium from much larger
concentrations of uranium in the aqueous reprocessing of nuclear fuels is

" usually effected by reduction of the plutonium to the trivalent state.

Ferrous sulphamate has been used almost exclusively for this purpose.
The possibility of using uranium(IV) and hydrazine in place of ferrous
sulphamate was suggested? in the days of the bismuth phosphate process
but has only recently been carefully investigated or used on a plant.2-®
The following advantages were expected:

(2) Both the reductant uranium(IV) and its oxidation product
uranium(VI) would be extracted into the organic phase and would
not add extraneous material to either product stream, ¢f. ferric and
sulphate ions. ‘

(b) The redox potentials indicate virtually complete reduction in a
single stage with only a small excess of uranium(IV) reductant,
even in presence of large amounts of uranium(VI). With iron,
on the other hand, the reduction is incomplete (say <9999,
complete) unless a sufficiently large iron(XI):iron(III) ratio is
maintained.
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In practwe“' in a multi-stage contactor the expectation (b) has not
been fulfilled. The highest decontamination factor® of the uranium
stream (organic) from plutonium so far achieved has only reached
14 x 10* whereas in theory a factor of the order of 10° should have
been obtainable under the conditions used.

McKay, Streeton and Wain® ascribed the low decontamination

factors they obtained to low stagc efficiencies in their mixer-gettlers, but

also drew attention to uncertainties in our knowledge of the rate of the =

plutonium(IV)-uranium(IV) reaction, especially in the orgamc phase.
The present work was undertaken to fill this gap.

RESULTS IN AQUEOUS SOLUTIONS

Newton” has studied the rate of reduction of plutonium(IV). by
uranium(IV) in aqueous perchloric acid in the range 0~30°C using a
spectrophotometric technique. He showed that the rate was approxi-
mately first order in uranium(IV) and plutonium(IV) concentrations
and that the variation with acidity (almost inverse square at high acid
concentration) was consistent with attack of UOH®* on PuOH3*. The
variation of rate with temperature gave a good Arrhenius plot, the
activation energy being 24-9 kcal/mole. The spectrophotometric technique
requires about 2 x 10~3m plutonium whichever species, plutonium(III)
or plutonium(IV), is followed; the reactions at low acidities are then too
fast to measure conveniently by conventional methods. It is also-difficult
to use a sufficiently lngh range of reactant concentrations to establish
the order of the reaction uneqmvowlly

We have therefore used a very sensitive polarographic-method based
on a rotating platinum wire microelectrode. The technique is sensitive
to 10~%m plutonium(1II) or plutonium(1V) in the aqueous phase and is
readily adaptable to thermostat and fume hood working. A typical rate
plot is shown in Fig. 1. Our results in aqueous phases will be published
elsewhere.® In aqueous perchloric acid we found rates 3-5 times faster
than those of Newton, and in aqueous nitric acid, about one-half of
those in perchloric acid. The most striking feature of the aqueous phase
work was the discovery of significant catalysis by chromium(III) and
other metal ions and pronounced catalysis by traces of phosphate ion.
The rate was doubled both by 7 x 10- "M chromium(I1I) and by
6 x 10~®m phosphate.

These results confirm that aqueous phase rates are sufficiently fast
to complete the reduction of plutonium(IV) within 2 normal mixer
residence time (ca. 1 min).
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Fia. 1—Reduction of Pu(IV) by U(IV) in Aqueous Nitric Acid st 0°C.
HNO; 2:24m
uaw) 85 x 10~3x
Initial Pu(IV) 2-53 x 10-*m
NgH, 0-05m

Tae PrutoNiuM(IV)-UranNruM(IV) REACTION IN
ORrGaNIC PHASES

Use of Rotating Platinum Microelectrode in Organic Phases

The rotating platinum microelectrode has been found to give useful
results in the organic phase (either pure TBP or 309 TBP in hydro-
genated propylene tetramer (HPT)). It is less sensitive than in the
aqueous phase (10~ ¢M plutonium must be used) and the proportionality
factor between current and plutonium(IV) concentration varies in an
unexpected way. Currents for 2 given plutonium(IV) concentration are
higher at 0°C than at 20°C and disappear almost completely at 25°C.
The current per unit plutonium(IV) concentration is higher at high
nitric acid concentrations. For the aromatic substituted hydrazine
stabilizers the proportionality factor between current and concentration
appears to remain constant for the few minutes of  rate study, but it has
not been possible to obtain reproducible currents for different samples
of the same solution or to plot current against concentration using

- separate samples of known concentration. Nitrous acid gave reproducible

results (a reduction current) but & non-linear current concentration curve.
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136 Solvent Extraction Chemistry of Metals
The aryl hydrazines gave oxidizing currents between 0-7 and 1-0 V -
against silver/silver chloride in 0-1m HCl in TBP. Nitrous acid and
plutonium(IV) gave reducing currents between 0 and 0-4 V against the
“same standard. Inability to distinguish between currents due to nitrous
acid and plutonium(IV) leads to difficulties in interpreting the results,
as will be discussed.

Runs at 0°C

At this temperature it was possible to carry out runs more or less as
in aqueous solution. All solutions were prepared by shaking the organic
phase with an aqueous phase so that the results were directly applicable
to consideration of a solvent extraction system. The effect of water
concentration was checked in one independent experiment. Nitric acid
solutions were used throughout and the solutions were stabilized by the
addition of pure hydrazine to 0-06M. Table 1 shows the results of these
runs and Fig. 2 shows the quality of the first run described.

It is seen that neither in 0-47M nitric acid nor in 1-60M nitric acid is
the rate proportional to the uranium(IV) concentration. In the runs in
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Fi1c. 2—Reduction of Pu(IV) by U(IV) in Pure TBP at 0°C.

047m

ca. 3-Sm

704 x 10~*m
117 x 10~*m
0-06m
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- 1-60M nitric acid curved plots were obtained. This is in all probability

due to failure of nitrous acid control (see below) and not to lack of
proportionality of rate to plutonium(IV) concentration in the range
considered (< 10~4m). The rate increases with decrease in acidity even
more than the inverse square relationship found in aqueous solution
would indicate. Comparing the fifth and sixth lines of the table one sees
a large decrease in rate (by a factor of 6-6) on lowering the water con-
centration by a factor of 2-3. This may be the cause of the very steep
increase in rate with decrease in nitric acid concentration, since in
TBP solutions in equilibrium with aqueous solutions, an increase in
acid concentration in the organic phase is, in the range considered,
accompanied by a decrease in the water concentration.®

The last lines in the table describe runs in 309% TBP. The rate is
about one order of magnitude slower than those in pure TBP and about
two orders of magnitude slower than those in aqueous solutions of the
same acid, uranium(IV) and plutonium(IV) concentrations.”®

In spite of this, the reduction in many mixed phase systems occurs
mostly in the organic phase. This can be demonstrated by calculating
the absolute rate of reduction of plutonium(IV) in the two phases of a
system at equilibrium. The composition of an aqueous phase in equilib-
rium with the solutions of Table 1 is first calculated from distribution
data, and then the rate of reaction in this aqueous phase calculated from

our aqueous phase results.® Multiplying the plutonium(IV) concen-

tration by the rate constant appropriate to the composition of the phase
then gives the rate of reduction per litre of phase. A solvent:aqueous
phase volume ratio of 10 has been used in calculating the absolute rate
of loss of plutonium(IV). The last column of Table 1 shows that between
50 and 370 times as much plutonium(IV) is being lost in the organic
phase as in the aqueous phase. This large factor derives partly from the
high phase volume ratio, and partly from the low distribution coefficient
for nitric acid which is effectively squared in the rate calculation.

Rates in @ Mixed Phase System

The results also enable us to calculate roughly the half-time of reaction
in an sctual mixer-settler system. It has to be assumed that, apart from
depressing the nitric acid concentration in the organic phase, the heavy
loading of uranium(VI) has no further effect on the rates.

Appendix 1 gives the derivation of the rate for a mixed phase system,

k = (DRk, + k)/(DR + 1)

where k, k, and k, are the pseudo-first order rate constants (uranium(IV)
in large excess) of the overall reaction, the reaction in the aqueous phase




‘TapLe 1—Orgaric Phase Reaction Rates at 0°C

All runs used 0-06M hydrazine as stabilizer and had an initial plutonium(IV) concentration of 1-17 x 10~ ‘M
Phase volume ratio (organic:aqueous) = 10

Mediuvm [HNOs]oes 10 MU V) oee [H3Olore Pseudo-First kot Rate '
(M) (M) (M) Order Rate (min~?1) Ratio for
Constant Two

(min~?)

(0 uonIPLE 710108

oIy Jo Laspus

TBP 0-47 0-704 0-245 048
TBP 0-47 6-99 3.5¢ 0-542 48 82
TBP 1-60 0-943 2:7¢ (944 x 10-%)1 0-063 53
TBP 1-60 903 2.7* (171 x 10-9¢ 0-61 100
TBP 0-80 373 1-34 ' 0-088 25 -
TBP 0-80 373 314 0579 25 —_
309 TBP/OK 067 100 . 0-0307 34 50
30% TBP/HPT 073 10-0 L - 00347 26 83
® Refers to solutions prepared by shaking with an aqueous phase. The values quoted for pure TBP are from Hesford and
McKay.?
1 kag refers to the first order rate which would have been obtained if the rum had been conducted with the same concentrations
of HNO;, Pu(IV) and U(IV) in an aqueous phase, These values have been obtained from the data in ref. 8.
1 The values for 1-60M acid have been placed in parentheses to indicate that they are initial rates of a curved plot.
1
o




‘TapLr 2—Calculation of Overall Reaction Rates for Representative Stages of a Typical Mixer-Settler System (Run IC2, ref. 4)
Stage [HNOc]u [UIV)]ee [UIV)esr Dpury [HNOslew 10k, k. ¥ (0°C) 7%(0°C) ¥ (20°C) 11(20")

No. (M) (™M) (M) min~* min~ min min~ min
1 o 5x10-¢ 8 x10-° 447 '
3 0-57 S§x10-* 13 x10-* 01 427 x 10-% 465 240 14 0-50 32 00218
5 095 8x10-* 25x10-* 04 665 x 10-* 3.77 1-34 0-56 1.25 12-8 0-0545
7 12 16 x 10-* 30 x 10-¢ 06 900 x 10-% 241 1-68 0-44 1-59 101 0-0690
' 9 1-8 17 % 10-* ‘40 x10-* 12 135 x 10-* 143 0-79 0-19 367 4-4 0-158
Batch* 20 3 - -. - -1 . ' ‘
. expt. x 10 36 x 10 20 57 x 10 0073 040112 00073 96 029 24

sop H T & 03P 0 Y CH e d

(») ¥, ks and k, are the pseudo-first order rate constants for the mixed phase system, the organic phase and the aqueous phase respectively.

(b)k.nobminedfrmntheuble in ref. 8, by means of the expression k, = HU(IV))oo/[H*I%.

© k.uobuinedbyapplymgtheexpmmon ko = 6-5S[U(IV)oe/TH * 13- This rate lawlsmfactkmwntobemeotmctmtheorgnmcphm
(see Table 1) but since the increase in rate with decrense in hydrogen jon is greater than a square Inw it is almost certain that the rates in the
table are underestimates.

(d) Distribution data are 25°C values. These are not strictly correct for the 0°C calculations but probably not seriously in error.

(e) The last line in the table refers to calculations on the batch experiment of McKay, Streeton and Wain in which no unmum(Vl) was
present. This explains the much higher Dpyav) value.

() The 20°C rates are calculated by assuming that the mixed phase system rate has an activation energy of 24-9 kcal/mole as shown by the

: aqueous phsase rate.
. (g) Values in columns 5 and 6 from Genry.!®




o LA T e e kb e
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and the reaction in the organic phase respectively. R is the phase volume
ratio and D the distribution coefficient for plutonium(IV), Table 2 shows
the application of this formula to determine the half-periods of reaction
in a typical mixer-settler system if run at 0°C (ref. 4, run I1C2). Finally b
with the same value of the activation energy for the overall rate as was ‘
found by Newton? for the aqueous phase, half-times of reaction at 20°C
are calculated. The half-times of reaction vary between 0-5 and 3-7 min
at 0°C and 0-02 and 0-2 min at 20°C. It will be noted that the 20°C
half-periods are adequate to provide complete reaction (say 10 half-
periods) in a mixer-settler system having a residence time for the
organic phase of 1 min. The use of the same activation energy for the
overall rate as for the aqueous phase alone is in general incorrect, but
appears by coincidence to be about right in this case, since Table 2 also
shows these calculations applied to the mixed phase rate experiments of
McKay et al* The agreement between the calculated half-period, -
2-4 min, and the experimental 1-5 min, is astonishingly good.

¢
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DrasTic EFFECT OF NI1TROUS ACID IN THE ORGANIC PHASE

General

The results for the run described in the penultimate line of Table 1
are presented in Fig. 3. The current readings corresponding to the
plutonium(IV) present levelled off, and then began to rise again, after
about 70 min. After 130 min the current corresponded to 46%, of the
plutonium being in the IV-state, after a minimum value of 29%,. At this
point further hydrazine was added and the current resumed its downward
trend. Examination of the cell showed precipitation of a emall quantity
of a semi-solid phase (probably hydrazine nitrate). Sulphamic acid and ﬂ
urea were also found to be insoluble in the organic phase. It would
therefore appear that failure to destroy nitrous acid sufficiently rapidly
is leading to re-oxidation of the plutonium.

Oxidation of plutonium(III) in nitrous acid-nitric acid mixtures has
been studied by Dukes?? in aqueous solution and found to be auto- ]
catalytic, i.e. in the presence of a large excess of nitric acid the reaction 4
produces more of the reactive species than it consumes. Dukes believes
that the principal reactive species in nitric acid media is N;O,, and
formulates the rate-determining reaction as follows:

. .

Pu(III) + N,0, — Pu(IV) + NO; + NO,-.
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The NO, and NO,~ then rapidly regenerate NgO, through the equilibria

2NO, = N,0,
H* + NO,~ = HNO,
HNO, + HNO, = N,0, + H.0

ong (GALYD. READING)

30 4 s e« 00 120 140 )
Time (M)
F16. 3—Reduction of Pu(IV) by U(IV) in 30% TBP in OK at 0°C.
HNO, 0-67m
uQav) 10 x 10-*m
Initial Pu(IV) 117 x 10-*m
N:H, 0-06Mm

In other acid media, NO* may be the reactive species (¢f. Abell?), but
since N;Q, may behave like NO* .NO;~ the difference is not of major
significance. An autocatalytic reaction scheme can also be formulated
with NO; as the reactive species. Whatever the details, it is to be expected
that in the absence of stabilizer these reactions will oxidize the whole of
the plutonium(III) in a nitric acid medium.

The rapidity of these reactions in the organic phase may be dem-
onstrated by the failure of uranium(IV) to reduce plutonium(IV) or
even to prevent oxidation of plutonium(III) in the absence of stabilizers,
even though nitrous acid is initially absent.

ARSI
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Polarographic Runs : .

Fig. 4 shows the current versus time curve obtained when pluton-
jum(III) (in very weak perchloric acid in TBP) is added to a 309,
TBP phase containing nitric acid and uranium(IV). Nitrous acid was

.

cusnent (ur no.‘9

Py ] | ] ! 1 L] [ 1 1 1
© 0 o L -] [ -} 0o 120 o wo 150 200

Time Gus)

Fic. 4—Oxidation of Pu(III) in HNO, in 30% TBP in HPT in Presence of
U(IV) at 20°C.
HNO, 073m
U(IV) 70 x 10-*m
Pu(IV) 94 x 10-*m

initially absent, the solution having been recently removed from an
aqueous phase containing hydrazine. Sections AB and EF of the curve
may be explained as due to production of nitrous acid by attack of
uranium(IV) on nitric acid. Woodhead!? has shown spectrophoto-
metrically that uranium(IV) reduces nitric acid in the aqueous phase,
producing one molecule of nitrous acid for every molecule of uranium(IV)
oxidized. The oxidation was 39%, complete after 20 h in 0-5Mm nitric acid
and 759, complete in 4M nitric acid. The uranium(IV) concentration
was 10 x 10~2m. We have shown independently that nitrous zcid gives
reduction currents at a platinum electrode. The reducing current is
probably due to the reaction NOg + ¢~ — NO;~. The current-voltage
curves and the sensitivity are very similar to those for plutonium(IV)
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but the current concentration curve is non-linear. The current at the
point F on the curve cotresponds to about 5 x 10~¢M nitrous acid
(allowing for the current due to plutonium(IV)). The increase in current
along BCD following addition of plutonium(III) at B is explained by

" production of plutonium(IV) and an equivalent quantity of nitrous acid.’

At F phenylhydrazine was added to make the solution 0-0185M in this
reagent. The current falls to the value given by the point G (not zero)
and does not approach zero over the section GH. The use of phenyl-
hydrazine and the emergence of steady states is discussed below. Owing
to the inability of the present method to distinguish between currents

due to plutonium(IV) and those due to nitrous acid the experiment was

repeated spectrophotometrically.
Spectrophotometric Runs
The following three solutions were shaken together in a conical flask:
(a) 15 m! of 1-008 x 10-2m plutonium(IV) in 30% TBP in presence

of 0-07 HNO;. :
(b) 15 ml of 1:005 x 10~2m uranium(IV) solution in 0-73m HNO; in
30% TBP.

(c) 0-3 ml of 1M HNOj, 0-1m NH,.HNO; in water.

The very large phase volume ratio is necessary to ensure that sufficient
plutonium(III) remains in the organic phase. The solution was centri-
fuged and separated and the organic layer placed in the spectrophoto-
meter as quickly as possible (5 min). The spectrum showed a plutonium
(IV) absorption band but no plutonium(III) bands.* The solution
still gave a reducing reaction to ferroin indicator to which a little 0-01m
ceric sulphate solution had been added. As a final test 0-3 ml of an
aqueous solution 5M in hydrazine nitrate and 1-0M in nitric acid was
placed in the bottom of the spectrophotometer cell. There was no
reduction in the plutonium(IV) peak and no appearance of pluton-
ium(III) peaks; the solution remained reducing to ferroin. This situation
is deliberately analogous to that of a solution in the settling compartment
of a mixer-settler. ’

Use of Phenylhydrazine as Stabilizer
At 20°C we found that hydrazine and sulphamic acid were precipitated
from TBP-diluent solutions containing nitric acid and it is already
known 2 that they do not extract appreciably from an aqueous to a TBP
phase. Attempts to conduct reductions at 20°C in presence of these
precipitated stabilizers failed; the current due to plutonium(IV) did not
¢ In TBP solution the principal bands shift to 492 my for plutonium(IV) and
556, 592 my for plutonium(III). The latter are no longer of equal intensity.
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144 . Solvent Extraction Chemistry of Metals
decrease. Obviously the problem of stabilizer insolubility can be solved

by the inclusion of an oleophilic organic substituent in the stabilizer
molecule and phenylhydrazine is readily available for this purpose.

togy 6ALVO. READING)

) ] 1 1 | 1 1

o3 2 P . s 1o 12 i« Th
TIME (MIN)
Fi1c. 5—Reduction of Pu(IV) by U(IV) at 11°C in 309 TBP in HPT.
HNO; 0-73m
oav) 10 x 10~

Initial Pu(IV) 117 x 10-*m
Phenylhydrazine 0-0185m

In presence of 0-0185M phenylhydrazine at 0°C a rate plot was
obtained in good agreement with that obtained in the presence of
hydrazine (which was probably at least partly precipitated).

Fig. 5 shows a first order rate plot for reduction of plutonium(IV)

initially 1:17 x 10~*) by uranium(IV) (1-002 x 10-2x) in 0.73m HNO;.

in 307, TBP at 11°C with 0-0185M phenylhydrazine as stabilizer. The
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graph shows fairly complete reduction and probably approximates to a

true first order plot.

If the other conditions were kept the same but either the uranium(IV)
concentration was increased to 0-1M,°or 0-1M uranyl nitrate (as crystals)
was added, no reduction occurred. This is attributed to an increased
rate of production of nitrous acid under these conditions. An additional
factor is the partial precipitation of phenylhydrazine nitrate.

Steady-state Behaviour at Temperatures near 25°.C

If plutonium(IV) is added to a solution containing uranium(IV),
nitric acid and phenylhydrazine in 309, TBP at temperatures near 25°C,

J
s.ol . © KO PHENYUHYORAZINE
X 74X M PHENYLHYORAZINE
O 2e6x162u PRENYLIYDRAZINE
/X/
-4 /‘/K
820}
=
g Q
1
10
D R T T
Tine (ko)

Fic. 6—Steady States in Pu(IV)-U(IV) Reaction with Stabilizer at 25-4° C in
30% TBP in HPT.
HNO, 073m
UIV) 10 x 10~
Pu(IV) 117 x 10~%u

a fairly steady current reading is obtained. The current is higher than’

would be expected for plutonium(IV) alone. Fig. 6 shows some of these
graphs as a function of phenylhydrazine concentration. The solutions
were initially free of nitrous acid.

The non-linear relation between current and concentration for
nitrous acid makes it difficult to analyse the situation further, but it
seems likely that the situation can be undcrstood by regarding nitric

6+
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acid, phenylhydrazine and uranium(IV) as the reactants and nitroso-
phenylhydrazine and uranium(VI) as.the products. Plutonium(III),
plutonium(IV) and nitrous acid may then be regarded as reactive inter-

mediates whose concentration remains relatively static until one of the

major reactants is used up. It is, however, clear from these results that
while the distribution of phenylhydrazine between aqueous and organic
phases is satisfactory (2 rough iodometric determination gave a partition
coefficient of 0-04 with 0-174M nitric acid in the organic pbase) the rate
of reaction with nitrous acid is not quite fast enough We have therefore
searched for a compound which will destroy nitrous acid more rapidly.

Rate of Reaction of Stabilizers with Nitrous Acid _

The literature® on the kinetics of reaction of nitrous acid with organic

amines shows that the mechanism involves attack by an electrophilic
inorganic nitrosating agent (NO*, HgNOz*, N;O;) on the free amine.
Either a first or a second order rate law may be expected according to
the mechanism.

Since phenylhydrazine is so nearly successful it was hoped that
o-methylphenylhydrazine might succeed, since substitution by methyl
in the ortho position usually increases the rate towards an electrophilic
reagent by a large factor.

Rates of Reaction of Phenylkydrazine and o-Methylphenylhydrazine

with Nitrous Acid

At potentials between 0-7 and 1-0 V against silver/silver chloride in
0-1m hydrochloric acid in TBP, phenylhydrazine and o-methylphenyl-
hydrazine are oxidized at the platinum electrode. The currents obtained
were not reproducible. We have nevertheless carried out runs in which
equimolar quantities of nitrous acid and substituted hydrazine were
mixed (in HNOy—TBP—HPT solution) and we followed the rate of

loss of current ¢ due to the aryl hydrazine. If { = f x stabilizer con-

centration (f is a constant), log s should be proportional to the time if the
reaction is first order; the rate constant can then be obtained directly
from the slope of the plot of log{. If the reaction is second order, 1/¢
should be proportional to the time; to obtain the rate from the slope
it is then necessary also to determine f, which can be done by extra-
polating the # against time curve to zero time,

The plots showed a certain amount of random curvature, probably due
to variations in f. Nevertheless rough rate constants can be calculated,
and Table 3 lists the values derived and also the rate of loss of traces of
nitrous acid in the 0-01m stabilizer solution. Also included is the rate
of production of nitrous acid by the sutocatalytic oxidation of plu-
tonium(III) when the latter is present at 2 x 10~5m. (This level is
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TABLE 3—Rates of Reaction of Stabilizers with Nitrous Acid in 30% TBP/HFT at

[HNOs)oe First Second Order  Destruction of  Autocatalytic
™) Order Rate Rate Constant HNO; by 0-0iM  Production of

¢ Derived from second order rate constant.
4+ Derived from first order rate constant.

. _ Constant (min~!mole=~1l) Stabilizer. Rate HNO; by ¥
{min-3) per unit HNO; 2 x 10-5m Pu(I1II). - :
conc. Rate per unit R 4
HNO; conc.
Phenylhydrazine o .
0174 0-092 200 =0-200¢ -— : -
0-399 0-337 582 —0-582¢ 0-076 L
0-738 481 —_ —4-81¢ 0-585 A
o-Methylphenylhydrazine B 1133
0174 0-0599 441 ~0-441% - S &
0-399 0-399 101-5 -1-01¢ 0-076 . 1
0738 0-971 —_ -0-97¢ 0-585 ]

it
appropriate to the organic phase of the feed stage of a mixer-settler EE !
contactor with plutonium fully reduced). The value is calculated from P H
the k* value (see p. 149). It is scen that o-methylphenylhydrazine reacts H b
about twice as rapidly as phenylhydrazine itself; this is less than was ’ ; 4
21481
o H i
A Fi « l .
! £
4738,
b .
- L
g Wi
i ;; '
£ i
L 1 .
20 22
. TiME (M)
Fi1G. 7—Rate Plot for Autocatalytic Oxidation of Pu(III)
at 20°C in 309% TBP in HPT.
HNO; - 0-286m

Initial Pu(III) 576 x 10~%m
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hoped for, but is in line with results in the literature on nitrosation.}¢
Table 3 also shows that the rate of removal of nitrous acid is about an
order of magnitude greater than its rate of production in a mixer-
settler. In our plutonium(IV)-uranium(IV) rate runs with 10-*m
plutonium(IV), at complete reduction the rate of format:on and rate of
loss must be almost exactly balanced.

Other Possible Stabilizers _

Amines for use as stabilizers in a mixer-settler system must be of
moderate base strength. A strong base will be entirely protonated in
acid solutions and will therefore not extract into an organic phase. A

Yo
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g o
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20}
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! ! f 1 ! 1 3 Lo
o1 o2 03 o4 OS5 ©O6¢ 07 o
[HNO, 1{n)

F1c. 8—Variation of Autocatalytic Pu(III) Oxidation Rate
with HNO; Concentration in 30% TBP in HPT.

weak base will not have sufficient electron density on the nitrogen atom
to react rapidly with the electrophilic nitrosating agent. A large number
of organic amines with.pK, in the range 0-5, listed in Appendix 2,
were tested without success. They were nearly all insoluble in the
HNO,-TBP-HPT phase. Hydrazoic acid was studied in more detail
since the azide ion is an extremely powerful nucleophile and the weak
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acid character of hydrazoic acid should lead to ready extraction into the
organic phase. Its distribution coefficient was found to be 2-33, 1-50
and 1-08 when the aqueous phase concentration of HNO; was 0-25,
0-5 and 1-0M respectively. The experiments were at room temperature
with 309 TBP. An attempted plutonium(IV)-uranium(IV) reaction
with 0-73M nitric acid, 0-05M hydrazoic acid at 11-95°C in 309, TBP was
however unsuccessful. The plutonium(IV) concentration was 1 x 10~ ¢m
and the uranium(IV) 1 x 10~3m.

1638 (LIMOLE. MIN)

. 1 ! 1
o 10 20 3G
ACTIVITY QUOTIENT {HNO3}/{H,0])

F16. 9—Rate Constant against Activity Quotient for Oxidation
of Pu(IIl) by HNO; in 30% TBP in HPT.

Rate of Autocatalytic Oxidation of Plutonium(IIl) in Nitric Acid in
30% TBP

We have examined the rate of oxidation of plutonium(III) when added
to a nitrous acid-free solution of nitric acid in 309 TBP in the absence
of stabilizer, Appendix 3 derives the rate law for the variation of current
with time and the variation of this rate constant with nitric acid con-
centration. Fig. 7 shows a typical rate plot, based on the rate law, and
Fig. 8 a plot of k* (defined in Appendix 3) against nitric acid concen-
tration. The curvature apparent in Fig. 7 shows that the.rate law is not

o S YT PTG i RS WG w4 so AU+ & M meeri vl G+

X Nalenl . S e

2 aank S¥ 3




" method of Woodhead.?® Titrations with ceric sulphate showed that

150 : Soloent Extractm Chemtmy of Metals

obeyed stnctly, 80 not all the assumptions made in deriving it can be
rigorously correct; nevertheless there is a fair period at the beginning
of the reaction when the law constitutes a good approximation. As
a:pected a plot of k* against {HNOa}/{H,O} gave a straight line as
shown in Fig. 9.

The steep fall in rate at the lower nitric acid concentrations is of
doubtful advantage tcchnologxmlly since the rate of reaction of stabilizers
with nitrous acid varies in the same direction. The evidence does suggest,
however, that below 0-4Mm nitric acid, the stabilizer rate decreases less
steeply with nitric acid concentration than the plutonium(III) rate. The
dependence on acidity of the production rates of nitrous acid in presence
of uranium(IV) and uranium(VI) must be determined before the techno-
logical significance of Fig. 8 can be assessed.

CONCLUSIONS

(a) The poor DFy, values which have been obtained on the uranium

stream when using uranium(IV) as reductant are due to nitrous

- dcid build up in the organic phase. This occurs mainly in the
settlers and is due to the fact that existing stabilizers do not
extract into the organic phase.

(b) Phenylhydrazine is a stabilizer which does dissolve to a limited
extent in the organic phase, but the relative rates are such that it
only functions at lowered temperatures. At this juncture, the only
confident recommendation is for operation with phenylhydra-
zine at 0°C. Residence times in typical mixer-settler systems

may then be only just sufficient for complete reduction of the

plutonium(IV).

(c) If a stabilizer could be found which is more soluble in the organic
phase than phenylhydrazine and reacts more rapidly with nitrous
acid it would be possible to obtain good decontamination factors at
ordinary temperatures.

(d) The indications are that choice of a flowsheet with low nitric acid
concentrations favours nitrous acid destruction.

EXPERIMENTAL

Materials _
Dicaesium Hexanitratouranate(IV). ‘This salt was prepared by the
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""" oxidation to the extent of about 10% per annum was taking place. Fresh

samples were prepared every three months and the compound was used

="\ gs a standard substance.

| TBP and Diluents. ‘TBP was purified by the method of Alcock et al.2”
HPT and Odourless Kerosene (OK) were used without pretreatment.
Except where stated otherwise, the diluent used was HPT.

Hydrazine. Pure hydrazine was prepared by distilling the hydrate
. from an excess of solid sodium hydroxide.

Phenylhydrazine. The commercial material was purified by distilla-
tion under reduced pressure. The distillate was sealed into glass ampoules
under nitrogen atmosphere.

o-Methylphenylhydrazine. This was prepared by diazotization of
o-toluidine and reduction of the diazonium salt with stannous chloride.
The method followed exactly that of Bullock and Hand.?® Fine white
needles of m.p. 63°C (literature 59°C) were obtained and were stable
when perfectly dry. Solutions of the material developed an orange-
yellow colour very rapidly, presumably by oxidation.

Plutonium Nitrate Solution and Plutonium Metal. 'These were supplied
by Windscale and Calder Works, UK.A.EA. -

Other reagents. A.R. grade material was used.

Preparation of Stock Plutonium(III) and Plutonium(IV) Organic
Solutions »
Plutonium(IV') in Pure TBP. 100pl of aqueous plutonium(IV)

solution (260 g/l plutonium(IV), 8 HNOj;) was dissolved completely
by 10 ml pure TBP.

Plutonium(IV') tn 30%, TBP[HPT. 1 ml of the aqueous solution (as
above) was first saturated with sodium nitrate. 100 pl of this solution
was then shaken with 10 m! 309, TBP and the organic phase removed.

Plutonium(III). Plutonium mtal (0-225 g) was placed in a boiling
tube with 1 ml water. 0-35 ml of 72% perchlonc acid was then added
dropwise, with cooling by immersing the tube in water. The product
was then made up to 100 m! with pure TBP.

All these solutions were.standardized by e-counting.
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Equipment e :

Potentiometer. Conventional potentiometric equipment was used with
the addition of a very sensitive Tinsley galvanometer (1800 mm/pA) for
use with 10~®M aqueous .plutonium and 10~%*M organic plutonium
solutions.

Rotating Platinum Microelectrode. The electrode consisted of a
0-010 in diameter platinum wire sealed at right angles to the axis of a
5 mm soda glass tube. About 2 mm of the wire projected. The glass tube
was sealed with resin on to a brass tube mounted vertically in ball races
and driven by bevel gears. The drive was taken horizontally from a
synchronous motor (Honeywell recorder chart drive type 362481-1).
Electrical contact was made through a column of mercury in the glass
tube. The rotation speed was 150 r.p.m.

Examination of polarograms showed that, in the aqueous phase, a
potential could always be found such that contributions from the acid,
hydrazine and uranium(IV) species cancelled and the current was
proportional to plutonium(IV) concentration. In the organic phase, it
was necessary to assume that the background current due to uranium(IV)
was constant.

Cell. A three compartment cell was used containing the reference
electrode, isolating solution and working electrode respectively, The
working electrode compartment contained 2 nitrogen inlet through a
no. 4 glass sinter of 1 cm diameter in the base of the cell. A P.T.F.E.
(Teflon) slecve was used round the rotating electrode so as to reduce
contact between the cell atmosphere and the exterior to 2 minimum.
Two side arms on this compartment allowed a nitrogen supply to be
brought in over the surface of the solution and the plutonium(IV)
sample to be added.

Method of Determining Rate Constant
Rate determinations were carried out in a thermostat,

Agqueous Solutions. The uranium(IV) solution was prepared by
weighing the dicaesium hexanitratouranate(IV) into previously standard-
ized acid. Nitrogen gas was passed through the solution during a 20 min
period of temperature adjustment. Rotation of the electrode was then
commenced and the potentiometer adjusted to a position of zero current
(usually about 0-2 V against S.C.E.). A small quantity (usually 10 ul) of
the stock plutonium(IV) solution was then added. The nitrogen supply
was then switched to flow over the surface of the solution. Since the
plutonium(1V) concentration was always less than 1%, of the uranium(IV)
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concentration the rate form is pseudo-first order and the rate constant is

" obtained by the slope of a plot of log (galvanometer reading) against

time. .

Organic Solutions. The organic phase was prepared for the run by
shaking with aqueous nitric acid. Uranium(IV) and stabilizer were then
added to this solution in the form of caesium hexanitratouranate(IV)
and stock solution of stabilizer in TBP in HPT. Caesium nitrate was
centrifuged off. The run was conducted in the same way as in aqueous
phase experiments.

Preparation of Solutions for Spectrophotometric Experiment

Solution (a) (p. 143) was prepared by extracting 0-25 ml of aqueous
plutonium(IV) solution (260 g/l in nitric acid) with 25 ml of 309, TBP,
a few crystals of sodium nitrate being added to salt out the plutonium(IV).
The mixture was centrifuged and separated.

Solution (b) was prepared by shaking 15 ml of 30%, TBP with a stock
aqueous nitric acid solution, centrifuging, separating and then shaking
with a weighed quantity of caesium hexanitratouranate(IV) and
decanting. :

Reaction of Stabilizers with Nitrous Acid

The reaction of o-methylphenylhydrazine with nitrous acid was
studied by mixing 250 pl of a 0-785M solution of the stabilizer with 25 ml
of the nitrous acid solution. In the case of phenylhydrazine however,
owing to the tendency to precipitate in 309, TBP containing nitric acid,
a solution of 0-02m phenylhydrazine in this medium was prepared and
mixed with an equal volume (10 ml) of 0-01M nitrous acid in the same
organic nitric acid solution.

The nitrous acid solution was prepared by weighing out AnalaR
sodium nitrite, dissolving it in the minimum quantity of water (3 drops)
and extracting with the organic nitric acid solution.
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APPENDIX 1. RATE OF REACTION IN &4 Two-PHASE SYSTEM

Notation: p plutonium(IV) concentration {molar)
V  volume (litres) '
k'  pseudo-first order rate constant (min~?)
Suffix 0 organic phase
Suffix a aqueous phase
P total quantity (moles) of plutonium(IV)
(=p.Vo + 2aV3)
R phase volume ratio (=V,/V,)
D  distribution coefficient for plutonium(IV)

An amount k,p,V.dt of plutonium(IV) will be lost from an isolated
organic phase by reduction in time df, and an amount k,p,V,dt from
an isolated aqueous phase. The total loss is therefore

- =dP = kop Vo dt + ko p V. dt.

The total loss will be the same if the two phases are in contact, because
any transfer between phases which may occur has no effect on the total

quantity of plutonium(IV).
If the rate of transfer is fast compared with the rate of reduction,

then at any instant

D= Polpu
and
po = DP[DV, + V,)

2. = PI(DV, + V).
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Hence - o
dPldt = —(Dk,V, + k.V.)P[(DV., + V,)

= —(DRk, + k,)P/(DR + 1),
i.e. the two-phase pseudo-first order rate constant is

k' = (DRk, + k)/(DR + 1).

APPENDIX 2: AMINES STUDIED AS POSSIBLE STABILIZERS

The following amines were insoluble in HNO;,—TBP—HPT:
Methyl anthranilate
1-Amino-2-naphthol-4-sulphonic acid
m-Aminobenzoic acid
Sulphanilic acid
2-Aminophenol-4-sulphonic acid
p-Aminobenzoic acid
sym-Diphenylguanidine
o-Phenylenediamine
1-Amino-8-naphthol-4-sulphonic acid
n-Octadecylamine
Guanidine
m-Aminophenol and diphenylamine were soluble, but neither of these
materials was successful in a U(IV)-Pu(IV) reduction at 11-95°C,
0-73m HNO;,, 0-01m U(IV), 1 x 10~*m Pu(IV).

APPENDIX 3. KINETICS OF THE AUTOCATALYTIC OXIDATION
oF PrutoNruM(III) 1n NiTRIC ACID

We assume the r&cﬁon scheme given on pp. 140-1, and for simplicity
ignore any slight ionization of N0, and HNO,.
For the rate of the Pu(III)}-N,0, reaction we have

d[Pu(lI))/dt = — k[Pu(IIT)][N;O,]

(% is the rate constant). For the equilibrium between HNO; and HNO,
we have

{HNO}{HNOg} = constant x {N,O{H,0},
which under the conditions of any one run (constant [HNOj;] etc.)

reduces to
’ [HNO;] = «[N,O]
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(¢ = constant). The extent of reaction x is given by
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x = [Pu(IID)], ~ [Pu(III)]
= [Pu(IV)]
= 2([N;0,] + [HNO,] ~ [N304], — [HNOg]o)

(suffix 0 denotes values at time ¢ = 0; [Pu(IV)], is assumed to be zero).

Writing
a = [PulID],
b = [N;O], + [HNO,],
we therefore obtain i
dx/dt = k{a — x)b + 2/2)/(1 + <)
= k%¥a — x)}b + x/2),
where k* = k[(1 + c). On integration this gives
In{a(d + x/2)/b(a — x)] = (a/2 + b)k*t.
Since & is very small, it can be neglected in comparison with ¢ and,
over all but the very early part of the reaction, in comparison with x.
The equation therefore simplifies to
In [ax/2b(a — x)] = dak*t
or
In(1fx — 1/a) = —3ak*t — In 2b.
Now the polarographic current ¢ is given by
¢ = fPu(IV)] + y[HNO,]
= px + ayx[2(a + 1)
(B and y are constants; b has again been neglected). ¢ is therefore propor-
tional to x:
{i=0x
(6 = constant). Noting that x — ¢ as ¢ — o0, we obtain finally
In (1fi — 1/i,) = —3ak®t — 1n 260

(i — i, as ¢ — o). The forni of this equation would not be affected by
assuming NO* as the reactive intermediate, instead of N,O,, nor by
assuming that NO+* or N,O, rather than HNO, contributes to the
polarographic current, nor yet again by allowing for ionization of N,0O,
and HNO, (though the meaning of the constants would then be different).
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The rate constant k* derived from the slope of plots of In (1/i — 1fi,)
against 2 is related to the absolute rate constant k by the equation

k= k‘(l -+ a) .
= k*(1 + constant x {H;Olyy,o,/{HNOg}yaxo,)

where the y’s are activity coefficients. Since N;O, and HNO, are dilute
and essentially unionized, yx,o,/¥ano, Probably does not vary greatly
from unity. Moreover in the aqueous phase the known value of the
equilibrium constant of the HNO,—HNOa reaction to give NQO‘ is
such that ¢ >» 1, and the same is probably true in the organic phase.
We should therefore expect k* to be approxunately proportional to

{HNOs}/{HaO}

DiscussioN ON PrReECEDING THREE PAPERS

E. Lépez-Menchero At Eurochemic we have done some work on the
stability of uranium(IV) in aqueous nitric acid, in 30%, TBP in Shellsol-T
containing nitric acid, and in emulsions of both phases. This work will
be described in a forthcoming Eurochemic report. I think that it is of
interest to mention that we have observed complete stability of the
uranium(IV) for 8 h either in an organic phase or in emulsions ((HNOg),,
ca. 2M) in the absence of light and under a nitrogen atmosphere. We
found a half-life of about 5 h for uranium(IV) when the solutions were
air sparged and all the other parameters were kept the same. It is
unportant to remember that the total nitrate concentration of the organic
phase is rather low (about 0-5M) and the acidity is 2 few tenths molar.
The partial hydrolysis of uranium(IV) in the organic phase leading to
UOH3* would favour an oxidation mechanism such as that proposed
by Halpern, J. and Smith, J. G. (Can. J. Ckem. 34, 1419 (1956)). Another
fact which seems to call for the intervention of oxidants other than nitrous
acid for uranium(IV) is that, as Streeton, R. J. W. and Jenkins, E. N.
showed in AERE-R 3938 (1962), the hydrazine in solution in the
aqueous phase destroys the nitrous acid present in the organic phase
when the two phases are intimately mixed.

A. Naylor A half-life of 5 h for uranium(IV) is of a similar order to
the values found at Windscale for solvent phases (209, TBP in kerosene)
in equilibrium with ca. 2™ nitric acid. The Eurochemic results further
substantiate the conclusion that there was no loss of uranium(IV) in
our preliminary counter-current trial (in which very little air was
present) other than by plutonium(IV) oxidation.
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J. H. Miles The stability of pure solutions of uranium(IV) does not
indicate stability in the presence of plutonium. As our paper shows,
the plutonium is in effect a catalyst.

X. L. R. Talbnont We too have observed that the rate of oxidation of

uranium(IV) in the solvent is faster at low acid concentrations, 2s would
be expected from the reaction:

Utt 4 2H;0 + 2¢~ - UO2+ + 4H*.

R. J. W. Streeton We have carried out experiments in which aqueous
solutions of uranium(IV) and nitric acid were shaken with 309, TBP in
kerosene in closed vessels under an atmosphere of air or oxygen. In the
latter case there was little or no oxidation of the uranium(IV) while in
the former case there was considerable oxidation which appeared to be
proportional to the available oxygen. The rate of oxidation was greatest
at low nitric acid concentrations.

H. A. C. McKay We found a catalytic effect in the oxidation of
uranium(IV) by air in TBP phases. When the uranium(IV) was pre-
pared electrolytically, oxidation at low acidities was quite rapid; but
when Cs;U(NO;g); was used, oxidation was negligible. Addition of
possible impurities failed to increase the rate in the latter case, so the
catalyst has not been identified. We do not, however, believe that aerial
oxidation plays any significant part under plant conditions.

C. S. Schlea It is interesting that the stage to stage decontamination
factor quoted by Dr. Naylor in his mixer-settler experiments is about
the same as we reported earlier (DP-809 (1963)) in the experiments with
centrifugal contactors in which contact times are much smaller,

A. Naylor Our stage to stage decontamination factors do rise to about
10 in some instances, but fall off towards the ‘top’ of the box (stage 1).
J. H. Miles 'The centrifugal contactor was operated at 30-35°C instead
of 20°C. This might counterbalance the shorter residence times.

C. S. Schlea When using hydrazine, hydrazoic acid will be present as a
result of reaction between hydrazine and nitrous acid. We do not know
if the hydrazoic acid and the nitrous acid react in the organic phase but
we do have information (given in DP-808 (1963)) that hydrazoic acid
reacts faster with nitrous acid than does hydrazine in the aqueous phase.
J. H. Miles We found that hydrazoic acid would not act as a stabilizer
for an isolated organic phase. This does not mean that it does not react
with nitrous acid in the organic phase but only that it does not react
fast enough to beat the autocatalytic reaction with plutonium(III).

B. F. Warner 1t should not be assumed that hydrazine is absent in the
organic phase of a scttler. The finely “dispersed aqueous phase can
represent some 5%, of the total aqueous phase, when averaged over the
depth of the settler.
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J. H. Miles Our case does not rest on the isolation of the organic from

- the-aqueous phase in a settler. Unless the rate of reaction of nitrous acid

with hydrazine is infinitely fast there must be a small standing con-
centration of nitrous acid in the mixer, since it is being produced by
some or all of the reactions I mentioned. This will lead to a standing
concentration of plutonium(IV) also, the rate of production by auto-
catalytic oxidation of plutonium(III) being balanced by the reduction of
plutonium(IV) by uranium (IV).

J. Rydberg 1In a mixer-settler it may be possible to control the redox
potential to some extent in the settler stages (e.g. concentration control
of the uranium(IV) by electrolytic reduction or oxidation) at each stage.
Could Dr. Naylor tell me if this possibility has been explored?

A. Naeylor We have not investigated this type of system but practical
difficulties may be encountered. If you were using electrolytic reduction
you probably would not require uranium(IV) as a reductant.

D. J. Crouse Could Dr. Naylor tell me if back-mixing due to entrain-
ment of aqueous phase in the solvent could be of importance in limiting
the decontamination from plutonium?

A. Naylor Back-mixing can affect decontamination factors but we do
not think it is the cause of the limiting DFy, values in our case. Our
stage by stage data from the contactors show high efficiency in each stage.
W. Baxter Could M. Talmont tell me what percentage of the original
plutonium is found in the solvent from the backwashing column in his
flowsheet? :

X. L. R. Talmont Less than 0-59,. It should decrease if the efficiency
of the backwashing column is improved. In mixer-settler runs the loss of
plutonium in the solvent was less than 0-1 mg/l.

B. Gaudernack 1 should like to make a comment on the paper presented
by Dr. Naylor. I found the results most interesting as we have had
similar experience in our reprocessing pilot plant at Kjeller. When we
started using uranium(IV) as a reductant for plutonium a couple of
years ago, we introduced the reductant close to the organic feed inlet in
our partitioning column. The solution was 5Mm nitric acid containing the
uranous nitrate and 0-1M hydrazine. We fed 0-5M nitric acid containing
0-1m hydrazine to the top of the column but we found that the plutonium
losses to the uranium product stream became about twice as large as'
they had been previously when using ferrous sulphamate as reductant.
In trying to improve this situation we found that by reducing the acidity
of the upper reductant stream to 0-1-0-2m and at the same time including
a small amount of uranium(IV), about 0-005M, in this stream, the
plutonium losses were restored to the ‘normal’ level. We have not studied
the problem systematically and consequently are unable to state how
much of the beneficial effect should be attributed to the reduction of
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the acidity and how much to the presence of uranium(IV) in the upper
aqueous stream. ' _

H. A. C. McKay With reference to M. Talmont’s paper, the in-
complete feduction of the plutonium in Fig. 5 (p. 112) is not due to slow
reaction and the amount left unreduced is too great to be explained by
the presence of plutonium(VI) or by an impurity in the solvent. The
only explanation left, of those so far put forward, is therefore the
competing reactions involving nitrous acid, discussed in our paper.
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Notes

Nitrogen Tracer Studies on the Decomposition of Hydroxylamine in

Nitric Acid

Michae! S. Garley, Kieran G. Phelan, and Geoffrey Stedﬁan *
Chemistry Department, University College of Swansea, Singleton Park, Swansea §A2 8PP

The reaction of low concentrations of ['*NH3;O0H]* with isotopically normal nitsic acid produces

singly labelled N,O with equal amounts of 1SNNO and N'SNO and very little 5N,0, but as ['SNH;O0H*]
increases there is an increasing amount of 1*N,0 formed, the highest observed yield being
['N,0]/[N,0):as = 0.23. This increase occurs as the system changes from one in which there is a

net increase in nitrous acid due to oxidation of hydroxylamine to one in which hydroxylamine acts as a

net scavenger of nitrous acid.

During a study of the oxidation of hydroxylamine by nitric
acid to form dinitrogen monoxide 4 nitrous acid, tracer
experiments were carried out ! using [''NH,;OH]* reacting
with isotopically normal HNO,. Mass-spectrometric analysis
of the N,O showed it to be singly labelled with 1*N, the tracer
being distributed equally between the two nitrogens, with
only a small percentage of doubly labelied N;O. This distri-
bution of tracer was very similar to that observed in the N,O
formed in the reaction between HNO, and {NH,OH]* and
clearly indicated that the N,O was formed by reaction (1).
The small proportion of **N,0 enabled us to reject mechanisms
involving the dimerisation of nitroxyl (HNO) of the type often
postulated as a pathway for the formation of N,0 such as
those shown in equations (2) and (3). However in two experi-

HNO, + [NH;0H}* —» N,O + H;0 + [H;0]*. (1)
{NH;OH}* — 2¢e —» HNO + 3H* Q)
2HNO —» N;0 + H,0 @)

ments some 20% of 1N,O was observed, and this has now been
investigated in more detail to see if it required the presence of
a nitroxyl dimerisation pathway. Recent work 2 has placed
emphasis on pathways of this type.

Experimental

Hydroxylamine hydrochloride, labelled with >N to 97 atom %,
(Prochem), was used without further purification. The pro-
cedures used were identical to those described previously.?
For some experiments at high [“*NH,OH*] the amount of
N,O liberated was rather small, and this reduced the accuracy
of the mass-spectrometric analyses. Experiments were carried
out at ambient temperature, 20 + 2 °C.

Computer simulations used a standard Runge-Kutta
numerical integration program to integrate the differential
equations corresponding to our published mechanism for
this reaction, This program has already been used to simulate
aspects of the kinetic behaviour of the hydroxylamine-nitric
acid-nitrous acid system and the results have been published.?
It was modified to distinguish between nitrogen atoms derived
from [*NH,OH]*, assumed 1007 isotopic purity, and from
the nitric acid and nitrous acid which were assumed to be 1007
N at the start of reaction. The calculations were made for
the same system studied previously, 4.28 mo! dm™ nitric acid

| i 1 ' 1 1
-3 -2 ) -1 0
log [NH,0H*)

Figure. Plot of the fraction of doubly labelled dinitrogen monoxide,
F, as a function of log [NH,OH*]. [HNO;I/mol dm™ = 2.5 (@),

* 3.5(3), and 5.0 (O). &, Earlier measurements described in ref. 1; A,

curve calculated for reaction in 4.28 mol dm™ gitric acid

containing initially 8 X 10™* mol dm™ nitrous acid at 25 °C,
with a range of different initial hydroxylamine concentrations.
The rate constants used were the same as those used previously
and gave the following expressions for the rate of reactions
(4)—(6) and (9): ¥V(4) = 2.28 [HNO,} mol dm™ s2; V(9) =
20.6 [HNO,JINH,OH*]) mo! dm™ s™; V(6)/V(5) = 0.187
[NH;OH*]™.

Results and Discusston

The most complete set of experiments covered the range
[*NH,;0H+] = 0.005~0.5 mol dm™ in 3.5 mol dm™ nitric
acid, and are shown in the Figure. At low [**NH,OH*] there
is only a small amount of ¥N,0, but as the hydroxylamine
concentration increased the ratio of the ion-current peaks
F = 46/(44 4- 45 + 46) rises, reaches a maximum, and then
decreases. Less extensive measurements in 5.0 mol dm™ nitric
acid showed a similar rise in F with [*'NH;OH*], but over the
more limited concentration range studied there was no evi-
dence for & maximum. The results for 2.5 mol dm™ nitric acid
are clustered, and the line drawn through them is only justified
by analogy with the results for the other two acidities. In-
cluded in the Figure are the earlier observations that stimul-
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‘Table. Computer simulation of the decomposition of [*NH,OH]* in 4.28 mol dm™ nitric acid at 25 °C

10["*NH,0H * k;/mol dm™ 1 2 4

100 F 4.5 79 12.5 16.5
10(HNO,]o/["NH,0H*L, - .19 438 3.4
10[N,0)/[“NH,OH * ) 6.39 6.51 6.7
10°['*NH,0H *)/mol dm™ 0.0 0.0 0.0

1.5 10 15 20 25 30 .
179 2.7 20.0 174 15.2 13.
230 1.86 0 0 0 0

0.
6.95 7.06 0.65 0.17 0.093 - 0.062 0
29

0.0 9.2 14.7 19.8 48

ated the present work. The results show some scatter, and this
may reflect problems in obtaining reproducible mixing.
Solutions of nitric acid and of the hydroxylamine salt were in
separate legs of a two-legged vessel. As reaction was sometimes
very rapid, it is doubtful if reproducible mixing conditions
were attained.

We base our discussion on the mechanism in equations
(1) and (4)—(8), discussed in detail in previous papers.!-?

H* 4+ HNO; + [NO;]- — N,0, + H;0 03]
N;O¢ + H,O0 —» H* + HNO,; + [NOs]~ (5)

N0, + NH,OH —» N;0; 4- HNO + H,0 (6)

N0, + HNO — N0, + HNO, )

N?O; + H,0 —» 2HNO, ®

For low [NH,OH*], ¥(6)>) V(5) and most of the N;O,
formed in (4) is hydrolysed back as shown in (5). The rapid
formation and hydrolysis of N,;O, by (4) and (5) provides a
pathway by which labelled nitrogen in HNO, is rapidly
exchanged with the large excess of isotopically normal nitric
acid. Thus although labelled HNO, is formed by oxidation of
NH,OH, the exchange reaction ensures that all the N,;O
formed in (1) is derived from normal HNO; and ['*NH; OH]*, +
giving rise to equal amounts of NNO and N'*NO.

As the concentration of hydroxylammc increases, an
mcreasmg proportion of the N,O, is trapped by hydroxyl-
amine, and V(6) >> V(5). Thus tlie route by which H*NO,
is exchanged with the large excess of nitric acid is removcd.
and the nitrous acid that reacts with [ NH,OH]* in(1)is a
mixture of isotopically normal HNO, and H*NO, derived
from the route (6) and (7), “NH,O0H —» H’NO —»
HYNO,. Thus the N,0O will be a mixture of *N*NO, *NNO,
and NNO. If there were no exchange of nitrogen between
HNO, and nitric acid, then a simple calculation shows that
one should get 33.3% of doubly labelled N,O and 66.67{ of
singly labelled N,0. This will be an overestimate, because even
if [NH;OH*] was sufficiently high to ensure complete
trapping of N,;O, at the start of the reaction, as the reaction

hydroxylamine will be consumed and ¥{(6)/¥(5) must
fall. In the last stages of reaction the value of [NH,OH]} will
be low and the exchange reaction (4) + (5) will proceed.

Further insight can be obtained by use of & computer
program to integrate numerically the differential equations
corresponding to (1) and (4)—(8), distinguishing between
nitrogen atoms derived from [**NH,OH]* and those from
HNO,; and HNO;. The integration was initially carried out
using a sct of rate constants for 4.28 mol dm™ nitric acid that
were used in calculations previously reported. This gave curve
A in the Figure. The maximum in the plot of F against log
{NH,;0H*] is reproduced satisfactorily, and the curve falls
almost midway between the points measured for 3.5 and 5.0
mol dm™3, The calculations show that the maximum in F is
associated with a change in chemistry. At low values of
[NH;OH *] the nitrite-generating reactions (6)—(8) dominate

. of doubly and singly labelled N;O depend on the amoun

‘curves ‘were similar to that of A, and were in the expected

- The present work was carried out with support from &

the nitrite-scavenging process (1) and reaction involves g
formation of the catalytic species HNO,. All the hyd
amine is destroyed, [HNO,), has a finitc value, and [NH
OH*], = 0. At higher values of [NH;OH*), the nitr;
scavenging process dominates, and all the HNO, is consun
before the [NH;OHI* has completely reacted, i.e. [HNO,
= 0 and [NH;OH*],, has a finite value. At these higher co
centrations of [“NH,OH)* only a small amount of
hydroxylamine is oxidised to H'*NO, and the relative amo

isotopically normal HNO, present initially and the amoun:
H“NO, gencmtcd by the oxidation of ["*NH;OH]*. The yield
of N;O formed in the reaction with high concentrations .of
hydroxylamine is calculated to be quite low, and this probably
accounts for the small amounts found in some of our cxpe
ments. .

Although this approach enables us to understand the shape
of the curve of F agamst log [NH;OH *], and the occurrence
of a maximum, its quantitative success depends upon the
values assigned to the rate constants. The curve for 4.28 mol
dm™ nitric acid fits well into the pattern of experimental
results, but attempts to extend the calculation to 2.5, 3.5, and
5.0 mol dm™ were less successful. The shapes of the calculated

sequence along the abscissa, but agreement with the experi:
mental points was not good. Agreement can be improved by
changing the values assigned to the rate constants, but we were
not able to predict accurately the appropriate value on a
chemical basis. The value for the rate constant for reaction
(1) in nitric acid was predicted from measurements on this
reaction in perchloric acid, and at a mineral acid concentration
of several mol dm™ there could well be substantial specific
salt effects. It has been shown* that there are marked
differences between perchloric and sulphuric acids. In predict-
ing the variation of V(S)/¥(6) with [HNO;] we nceded an
acidity function to describe the protonation of NH,OH. We
used the H, acidity function, but recognise that it may not
adequately describe the protonation of NH,OH, as it uses
indicator bases with a very different structure. With these un-
certainties, and the limitations of the isotopic results, we do
not think it worth pursuing these calculations further,

We conclude that the appearance of a substantial proportion
of doubly labelled N;O is a sign' that the hydroxylamine-
nitric acid-nitrous acid system is near the borderline where
the chemical role of hydroxylamine changes from an auto-
catalytic decomposition that forms nitrous acid to & process
whereby it scavenges nitrous acid. Although the dimerisation
of nitroxyl is 2 well established route for the formation of N,O
in many reactions there is no compelling evidence to include
it in the mechanism for the decomposition of hydroxylamine -
in nitric acid.
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in rationalizing the distribution of products.

The reaction of hydroxylamine with nitrous acid (eq 1) in
HNO, + NH,0H — N,0 + 2H,0 )

dilute concentrations of mineral acids has been extensively
vsngated. These studies include detailed kinetic mea-
surements in HCIO, solution? and product distributions by N
and '*Q isotopic labeling.?**3 At low pH and low concen-
tions of HNO,, the reaction in perchlorate and sulfate
media is postulated to proceed by O-nitrosation of the hy-
oxylammonium jon. This determination was made on the
basis of the rate expression for reactions of the N-methyl and
-methyl derivatives of hydroxylamxne,"’ the latter reagent
cts considerably slower in acidic solution by the traditional
dxazotlzanon path. Kinetics and stoichiometric studies of
caction 1 have been extended to nitric acid solutions in this
eport.
The oxidation of hydroxylamine by nitric acid becomes
ically important at HNO, concentrations greater than
2 M. A study of the reaction has been published by Pem-
bridge and Stedman.® The reported reaction products were
0, and N;O, and HNO, was identified as an essential
catalyst.‘ We find 2 difference in the yields of HNO, and N;0
from that observed by these workers, and we also find N, as
significant product at low initial concentrations of NH;OH*.
erimental Section
'stock solution of hydroxylammonium nitrate was prepared by
¢ following procedure. Reagent grade (NH;OH),SO, was dissolved
ter, and most of the SO~ was precipitated by the addition of
tly less than stoichiometric amount of Ba(NO,),. The solution
was filtered and the remaining SO replaoed with NO;~ by passmg
he solution through an anion-exchange resin bed (Dowex 2-X8) in
1¢ NO,™ form. The solution was analyzed for NH;OH* content
 BrO," titration method suggested by Vogel.” Analysis for SO
by the ORNL Analytlcal Chemistry Division indicated less than 2
02 M SO,* in 2 2 M NH;OH? solution. This (NH,OH)NO,
$oly tion was extremely stable; its titer changed by less than 5% over
»pcnod of 20 months. Solutions of HNQO, were generated immediately
before use by adding a weighed amount of NaNO, to the desired
kctrolyte or by adding an aliquot of a solution of NaNO, to the

:(1) Oga-ated by Union Carbide Corp. for the Department of Energy.

(a) Hughes, M. N.; Stedman, G. J. Ckem. Soc. 1963, 2824~2830. (b)
;dorgan T.D.B.; Stedman G.; Hughes, M. N. J. Chem. Soc. B 1968,
1 344-349,

;19|;ssam.M A.; Stedman, G.; Hughes, M. N. J. Chem. Soc. B 1968,
-603

‘Bothner-By, A; Fricdman, L. J. Chem. Phys. 1952, 20, 459-462.

(5) Clusius, K; Effenberger, E. Helo. Chim. Acta 1955, 38, 1834-1843,

Pcmbndgc, J. R.; Stedman, G. J. Chem. Soc., Dalton Trans. 1979,

1657-1663.

(7). “Voge!'s Textbook of Quantitative Inorganic Analysis”, 4th ed.; Long-

mans, Green and Co.: New York, 1978; p 394,

Oxidation of Hydroxylamine by Nitrous and Nitric Acids
R. BENNETT, GILBERT M. BROWN,* L. MAYA, and F. A. POSEY

The kinetics of the reaction of hydroxylamine with nitrous acid and with nitric acid were studied in an acidic nitrate medium.
The mechanism of the reaction with nitrous acid in an acidic perchlorate medium, proposed by previous workers, is'O-nitrosation
of the hydroxylammonium ion; our data are consistent with this mechanism at an ionic strength of 2 M. The data at higher
fonic strength (3 and 4 M), when compared to an extended treatment of the proposed mechamsm, indicate either a deviation
from this mechanism at high acid concentration or a change in one of the principzl species in solution. Raman and UV
spectrascopics were unable to verify a change in the species. In the reaction of hydroxylamine with nitric acid, we identified
HNO,, N,O, and N, as products. This reaction is autocatalytic in HNO,, and the distribution of products is dependent
on the initial concentrations of HNO;, NH;0H?, and HNO;. The product N,O derives from the nitrosation of NH;OH*.
The reaction of the intermediate N,O, with NH,OH produces HNO,, and N, is postulated to arise from the reaction of
HNO, with hyponitrous acid, which is an intermediate in the nitrosation of NH;OH*. A kinetic model is partially successful

reaction mixture. Solutions of NaNO, and HNO, were protected
from strong room light. Other chemicals (HNO, and LiNO;) were
of reagent grade and were used without further purification. Solutions
of HNO, were initially sparged with an inert gas to remove NO,.

The yiclds of gascous products were determined by gas chroma-
tography (Shimadzu GC5A) or by total gas volume with a 0-10 psia
pressure transducer. Helium was used as a blanket gas and carrier
gas for analysis of products by GC. Blank experiments indicated the
procedure was satisfactory to eliminate atmospheric contamination.
Samples for analysis were withdrawn with a pressure-lock syringe
through rubber serum caps. The yield of HNO, produced by the
reaction of hydroxylamine with nitric acid was determined spectro-
photometrically on a Pye-Unicam Model SP8-100, Cary Model 15,
or a Gilford updated Beckman DU spectrophotometer. Sample
compartments of the spectrophotometers were maintained at 25 °C
with circulating water baths. The majority of HNO, determinations
were carricd out with air-saturated solutions; several experiments with
Ar- or He-saturated solutions indicated no change within experimental
error. The presence of a gas space over the solutions was not a factor
since the HNQ, yields in the experiments described above and yields
in the stopped-flow spectrophotometer were identical. (The latter
instrument by its design does not leave a gas space above the solution.)
GC experiments indicated NO was not a significant product of the
reaction at ambient temperatures although evidence for NO was
obtained at temperatures above 65 °C. The experiments were con-
ducted under conditions such that 20.01 mol of NO/mol of NH;OH*
could be detected. We assume the origin of NO at higher temperatures
(>65 °C) was decomposition of HNO,.

Slower kinetic experiments to determinc the rate of appearance
or disappearance of HNO, (1, (2> 20 5) were carried out with one
of the spectrophotometers mentioned above at the 372-nm adsorption
maximum of HNO,. Faster reactions were monitored in a kinetic
stopped-flow spectrophotometer. This instrument consisted of a
thermostated (25 °C) Aminco-Morrow stopped-flow mixing apparatus
adapted to fit a Beckman DU monochromator. The tungsten lamp
was powered by 2 Hewlett-Packard Model 6264B dc power supply.
Changes in transmitted light were monitored with an RCA Model
6903 photomultiplier tube with standard operational amplifier cur-
rent-to-voltage conversion circuitry; these changes were recorded on
a storage oscilloscope or & conventional recorder. Changes in
transmitted light were converted to changes in absorbance by the
relationship 4, — A. = log (I./1,), where A is the solution absorbance,
I is the intensity of the transmitted light, and the subscripts ¢ and
o refer to any time ¢ and time infinity, respectively. (The subscript
0 will be used to refer to time zero.) Although this spectrophotometer
is an unreferenced single-beam instrument, the photomultiplier tube
and lamp-power supplies are well regulated; signals were stable for
more than 1 h after being warmed up.

The Raman spectra of solutions of hydroxyla.mnmum nitrate were
obtained with a Ramanor Model HG-27 spectrophotometer. An argon
jon laser (Spectra Physics Model 164) operating at the 514.5-nm line
was the excitation source.

Results and Discussion

Species Present in Solutions of Nitrous Acid and Hydrox-
ylamine in Nitric Acid. In aqueous solution, NH;OH* has a

0020-1669/82/1321-2461801 725/0 @ 1982 American Chemical Sacietv
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pK, of 5968 There is no evidence in the literature for further
protonation of NH;OH* in strong acid. The species present

in dilute HNO, solution is therefore the hydroxylammonium

ion. As noted in a later section, the results of kinetic studies
of the reaction of HNO, with NH;OH* suggest another
species of NH;OH* may be generated at high HNO;. Raman
spectra of hydroxylammonium nitrate solutions were examined
for evidence of association of NH;OH* with NO;~ or HNO,.
The solutions were 0.1 M in NH;OHY* in an electrolyte made
of varying proportions of LINO; and HNO,, with a total ionic

of 4.0 M. The solutions examined contained 0.2, 0.5,
2.0, and 3.0 M HNO,. In addition, a solution with no added
electrolyte was examined, as well as a 1.8 M (NH;OH)NO,
solution with no background electrolyte. The most prominent
bands in all the spectra are those due to the symmetric
stretching vibration of NO;~ at 1047 cm™ ? and the NH and
OH stretching frequenmes which appear as a broad band in
the 3500-cm™ region.

It was hoped that a band due to & higher order complex such
as HNO;"NH,;OH-NQO, could be observed. The spectra in all
cases showed a single symmetrical band for the »,(NOy)
vibration. Apparently if the postulated complex was present,
the change in the »,(NOj;") vibration was not different enough
from the free ion, which was present in a relatively larpe excess,
to be detected. The OH and NH stretching bands are too
broad to detect any change among the solutions examined.
Higher order complexes such as jon pairs therefore cannot be
ruled out. However, evidence for the association of molecular
HNO, with neutral molecules in nonaqueous media is well-
defined.10

" The species present in dilute aqueous solutions of HNO,

_have been discussed in a recent review.!! The pK, of HNO,
is 3.15,% and therefore no appreciable concentration of NO,~
is present in the acid solutions employed in this study. The
equilibria to be considered are given in eq 2-4. The equi-

HNO, + H* = NO* + H,0 3)
HNO, + HNO; = N,0, + H,0 0]

librium constant for reaction 2 is 3 X 1073 M~1.!2 The ab-
sorbance of HNO, solutions in perchloric acid is reported to
obey Beer’s law for concentrations of <0.05 M.}*  Similar
results were found in this study for NO;~ solutions.

The UV spectrum of HNO, in LINO,-HNO, solutions (4.0
M ionic strength) showsthcchamctcnsnc“fwrﬁngcr pattern
with well-defined maxima at 387, 372, and 359 nm, although
the high energy maximum at ~347 nm is distorted in very
dilute solutions by the NO;~ background. At the 372-nm peak,
there is no deviation from Beer's law in the HNO, concen-
tration range 4 X 10-3.2 X 102 M (3.0 M HNO;) with €72
5592 0.7 M cm™. Furthermore, a plot of 437, vs. Ay, is
lincar with a zero mtcrocpt. At the concentrations of HNO,
employed in this study, a negligible fraction of total nitrous
acid existed as N;O3. In the concentration range in which the
absorbance is directly proportional to [HNO;], we find no
systematic variation of the extinction coefficient with an in-
crease in [HNO,] at constant [NOy ). The average value
of &3in 1 M HNO; ([HNO,] =12 X 102 M) is 559 % 1.1
M cm™. In agreement with the results of Longstaff and

(8) The quoted values are at 25 *C and extrapolated to zero ionic strength:
Smith, R. M.; Martell, A. E. “Critical Stability Constants”; Plenum
Press: New York. 1976; Vaol. 4.

(9) Nakamoto, K. “Infrared Spectra of lnorgamc and Coordination
Compounds”, 2nd ed.; Wiley-Interscience: New York, 1970; p 98.

(10) Davis, W. Nucl. Sci. Eng. 1962, 14, 159,
(11) Stedmar, G. Adv. Inorg. Chem. Radiochem. 1979, 22, 113-170.
12) Markovns,G Y.; Schwartz, S. E.; Newman, L. Inorg. Cllem.1981 20,

5450.
(13) Bunton C. A; Stedman, G. J. Chem. Soc. 1958, 2440-2444.

Bennett et _

Table ]. Observed First-Order Rate Coefficients for the
Disappearance of HNO, as a Function of Hydroxylamine and
Nitric Acid Concentrations at 25 °C

e M [H,M . [NHOH'I,M  kgpea s
20 - 020 - 0.0 0.255
2.0 0.50 0.10 0.56
2.0 1.50 0.10 112
2.0 1.90 0.10 1.28
2.0 1.00 0.10 1.06
2.0 1.00 0.20 1.90
2.0 1.00 0.25 2.49
2.0 1.00 0.40 4.39
20 1.00 0.65 5.98
20 1.00 0.75 6.42
4.0 0.20 0.10 1.65
4.0 0.30 0.10 2.22
4.0 0.50 0.10 2.91
4.0 1.00 0.10 2.80
4.0 2.00 0.10 1.88
4.0 2.00 0.20 3.96
4.0 3.00 0.10 1.01
4.0 3.90 0.10 0.64 1 0.08

Singer, !4 there is no evidence for any appreciable conversio
of HNO, to NO* or N204 at [HNO,] <4 M. Therefore, tt

principal N(III) species present in the nitric acid solutions

employed in this study is molecular nitrous acid. Howeve

the species NO* and N;O, will be postulated as reactlvc in

termediates.

Reaction of Hydroxylamine with Nitrous Acid. The stox

chiometry of reaction 1 was confirmed at 1' M HNO; b

measurement of the N,O produced in the reaction of excess

NH,OH* with HNO,. The kinetics of reaction 1 were readil
scparated from other reactions at lower concentrations

HNO, (<2 M). At highcr concentrations of HNO,;, the ki

netics of the desired reaction were scparable by using relative
high initial concentrations of NH,OH*.

The disappearance of HNO, was measured ini the pmcm:e

of a tenfold or greater excess of NH;OH*. In all cases p!
of log (4, -
plots indicate the reaction is first order in [HNO,}n Althoug
the initial concentration of HNO, was not systematicall
varied, the observed rate constants are independent
[HNO:]O in the range 4 X 103-1.2 X 102 M. Rate mez
surements at a total ionic strength of 2.0 M (maintained
adding LINO,) and at a constant HNO; concentration of 1.
M were determined as a function of the initial NH,OH
concentration. These determinations indicate the reaction

akso first order in [NH,OH*]. The reaction kinetics were also

measured as a function of HNO; concentration at joni
strengths of 2.0 and 4.0 M. The obscrved first-order ra
coefficients as a function of [HNO,], [NH;OH*], and ion
strength-are summarized in Table 1.

A mechanism for reaction 1 in acidic solution has bee
proposed by Stedman and co-workers2 The reaction pathwa
involves O-nitrosation of the hydroxylammonium ion (eq 59,

HNO, + H* 322 NO* + H,0 G
NO* + NH,0H* ? NH,ONO* +H* (6
I

ky '
NH;ONO* — ONNH,0OH* g
ONNH,OH* — HONNOH (cis and trans) + H* (8

HONNOH (cis) — N,0 + H,0 ©a
HONNOH (trans) = N,0+ H,0 (b

(14) Longstall, J. V. L.; Singer, K. J. Chem. Soc. 1954, 2610~-2617.

A.) vs. time were linear for 3.5-4 half-lives. These

Q3
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Figure 1. Plot of 1/k’vs. 1/[H*] for the reaction of hydroxyl-
Ammonium ion with nitrous acid at 2.0 M ionic :trength (25 °C).

become the rate-lumtmg step at’ hxgh acid concentrations. A
mdy-statc treatment of NO* and intermediate (I) leads to
rate equatxon (10). In dcnvmg this equation, terms m

ksks/k_s[HNO,] [NH;OH*][H']
1+ kg/kq[H?]

he denominator containing [NH;OH*] were neglected since
the expermental results do not show rate saturation at high
NH,;OH*];. The data obtained at 2.0 M ionic strength are
n quantitative agreement with a rate expression of the form
f eq 10. The observed second-order rate coefficient, &/, is

tained by dividing the observed first-order rate cocfficient
y the concentration of NH;OH*. Figure 1 is a linear plot
f 1/k’vs. 1/[H*] as predicted by eq 10. The second-order
ate coefficient was equated to the expression a[H*]/(1 +
[H*]) where a is ksk¢/k_g and b is k_¢/k,. The calculated
fues of @ and b are 14.2 + 0.7 M257! and 0.54 &+ 0.08 M,

tespectively. The interpretation of the parameter b changes

F other approximations are used in deriving the rate expression.
»xswﬂlbednswssedmmorcdctailmalatzrsectxon

The experimental rate exprwsxon for reaction 1 is more
plicated at 4.0 M ionic strength. The first-order depen-
ence on [HNO,] and [NH,0OH?] is retained; however, the
bserved second-order rate coefficient, k’, reaches a maximum
xtween 0.5 and 1.0 M H"anddecxmssath:ghermmcacld
concentrations. This kinetic behavior was noted in earlier work
or reaction 1 in 2 perchlorate medium at 3 M ionic strength
aCl0, and HCIO,).? Equation 10 suggests that k’ may
ome independent of [H*], but it does not  predict a max-
mum. Previous workers? suggested a maximum might be
observed if k, decreased at higher ionic strength. The proposed
echanism (eq 5-9) involves the preequilibrium formation of
NO*. Therefore, the second-order rate coefficients were fitted
10 the calculated proton activitics. Water and proton activity
fficients in the mixed LnNO;—HNO; electrolyte were
calculated by the method of Pitzer et al.'>"17 ‘The appropriate
€quations were obtained from ref 16. The difference param-
Oandnllweremumcdtobe&onthcbamsofmmrsmth

A K. S. Acc. Chem. Res. 19717, 10, 371-371.
16) Pitzer, K. S.; Kim, J. J. J. Am. Chem. Soc. 1974, 96, 5701-5707.
1 | & orga, G. J. Phys. Clnem.l!73,772300—2308

(10)
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Figure 2. Plot of k’vs. ays, the activity of protons, for the reaction
of hydroxylammonium jon with nitrous acid at 4.0 M ionic strength
(25 °C). Solid linc is a nonlinear least-squares fit to eq 13. Dashed
line is & fit by the procedure given in the Appendix.

(H*, Li*) mixed electrolytes of C1- and ClO,", this is a valid
approximation.!® The appropriate constants for the LINO,
and HNO, system were those recommended by Pitzer and
Mayorga.!” The calculated activity of H,O is virtually con-
stant (1.232-1.235), and the proton activity is nearly directly
proportional to concentration for HNO; < 2 M. The calcu-
lated proton activities are included in Table 1.

A more exact treatment of the mechanism outlined in eg
5-9 can be used to generate a rate expression which predicts
a maximum in k’as a function of proton activity or concen-
tration. The approximations used in deriving the expression
are outlined in detail in an appendix. The first-order rate of
disappearance of [HNO,] is given by eq 11. The ratio

Kkotsa = kskeko[H*J[NH;OH*] /[(ks[H*] + k_5) X
(ks[H?] + k;) + k[NH;OH*](ks[H*] + k7)) (11)

Kobsaf [NH,OH*] is constant at constant [H*], and terms
inverse in [NH,OH*] will be neglected. The expressxon for
the second-order rate cocfficient, k’, can be arranged in the
form of eq 12. The important conclusions are that K5 (=

Ksks(an+)
1+ (K + (kg/ k) (an) + Ks(ks/k1)(ans)?

ks/k_s) is a rapidly established equilibrium and kg is the overall
rate-limiting step. The form of this rate expression is a result
of not requiring the species NO* and I to be at a steady state.
The second-order rate coefficients are shown as a function
of proton actmty in Figure 2. The solid linc is a fit of the
data to expression 13. A nonlinear least-squares fitting
¢
b= | (au+) 13
1 + d(ay+) + Rau+)? '

routine!® was used to evaluate the constants ¢, 4, and f which
have best fit values of 52.4 & 10.6 M2571, -0.88 £+ 0.35 M1,
and 1.53 £ 0.21 M2, respectively. The negative value for the
cocfficient d indicates the expression in eq 12 is inadequate
to describe the complete data set. The parameter 4 is ex-
tremely sensitive around the maximum. The data set is
somewhat limited and may indicate the parameter d is near
0. The rate-detcrmining step (eq 6) is cxpected to be highly
dependent on jonic strength. Nitric acid is not completely
dissociated at the higher concentrations employed in this study
(the degree of dissociation of 4 M HNO, is 0.866).!° The

’

(12)

as) um M. H. Report ORNL-3259; Oak Ridge National Laboratory:
Ock Ridge, TN, 1962.



3

&
o]

£
2

R T

Snnp b Ny, A W

' 2464 Inorganic Chemistry, Vol. 21, No. 6, 1982

constant ionic strength approximation will be less valid as the
HNO, concentration increases. Therefore, the method of
fitting the data outlined in the Appendix was used. This
method heavily weights the data at low acid concentrations
by using the initial slope, the maximum rate constant, and the
proton activity at which the maximum occurs. The fitting
parameters ¢ = 75 M257 k.. = 29 M 57, and (@g+)pas
= 0.8 M were employed; thc ea!culated curve isshownasa
dashed line in Figure 2.

The rate constants measured in this work can be compared
to literature data by examining the initial slopes of plots of
k’vs. {H*] at various ionic strengths and by identifying con-
ditions in which 8 maximum is observed in plots of k’vs. [H*].
The initial slope provides an estimats of Kskg (eq A17). The
second-order rate coefficients (k) measured in this work are
in good agreement with values reported in other mineral acids
at a similar acidity and ionic strength. Sccond-order rate
coefficients have been reported? as a function of [H*] at 0
°C in 2 mixed HCIO~NaClO, electrolyte at a constant ionic
strength of 3 M. These values were corrected to 25 °C with
an activation encrgy of ~65 kJ mol,¢ the value measured
in 4 M HCIO,. The corrected values for £’ (at [HCIO,] <
[HCIO.]M) fall between those measured in this work at 2
and 4 M ionic strcngth The second-order rate coefficient has
also been rcported inlOM HNO, at variable ionic strength
due to changw in [NH;OH*]O Extrapolation to infinite
dilution in [NH,OH o gives an estimated value for Kk, The
appropriate value in 0.1 M HCIO, can be obtained from lit-
erature data® after correction to 25 °C with an Arrhenius
activation energy of ~61 kJ mol™). The variation in Xk, with

" ionic strength is 2.5, 6, 14, 44, and 75 M2 57! for 0.1,

2, 3, and 4 M ionic strength, respectively. If we ignore the
ionic strength dependence of the activities of the species in-
volved in equilibrium 5, then K¢kg should increase with in-
creasing ionic strength because reaction 6 involves two posi-
tively charged reactants. This is the observed trend. The
maximum rate constant, k..., in the 3 M perchlorate elec-
trolyte occurs at an acid concentration of approximately 1.3
M.® The maximum in 4 M nitrate occurs at a proton activity
of 0.8 M. Maxima were not observed at 2 M and lower ionic
strengths. The approximate rate expression {eq 12) predicts
the maxima should occur at lower proton activities at higher
ionic strength due to the ionic strength dependence of kg (see
¢q Al18). In a qualitative scnse, the approximate expression
(eq 12) for the second-order rate coefficient is in agreement
with the data.

A comparison of the absolute values of the rate constants
and the variation of the rate constants with ionic strength
argues that the mechanism of this reaction is similar in per-
chlorate and nitrate media at lower acid concentrations. The
trends are in agreement with the mechanism outlined in eq
5-9. Our data, obtained at constant ionic strength and cor-
related with the proton activity instead of a Hammett acidity
function, and the literature data in 3 M perchlorate cannot
be interpreted quantitatively within the framework of eq 12.
The numerical values evaluated for K, k¢, and k_g/k; are
inconsistent. The value for K is too large, and this results
in a greater decrease in k' at higher acid concentration than
would reasonably be expected. The basic reaction scheme is
probably correct, but some changes appear necessary for
quantxtatwe agrecment to high acid. Either one of the prin-
cipal species in solution is changing or the acid dependence
of the steps following nitrosation is incorrect. Spectroscopic
measurements do not support a change of species. Previous
workers® have argued that the decrease in the second-order

(19) Davis, W.; DeBruin, H. J. J. Inorg. Nucl. Chem. 1964, 26, 1069-1083.
(20) Davis, W Maya, L.; Kelmers, A. D.; Valentine, K. Report ORNL-
TM-7264; Oak Ridge National Laboratory: Oak Ridge, TN, 1980.

Figure 3. The absorbance of 372 nm vs. time for an initia]
concentration of ~4 X 10°* M as a function of the initia
ylamine concentration (25 °C,3 M HNO 4 M ionic mm§fh)
2x 1072 M; B,3x10"M;‘C,4xl M; D, S X K

TX 102 M (€37, 50+ 2 M cm™).

T T T | 1

03}
A
w02
ot /
[} 100 ’ 200 :
t.s

of the initial hydroxylamine ooncentmuon with [HNO;} 4
M (25 °C, 3 M HNO;, 4 M ionic strength). Initial NH
concentration: A, 1.2 X 102 M; B, 6.0 X 107* M; C,

M. g

rate coefficient at lnghcr acid concentrations is due
crease in k; with i lncrcasmg ionic strength. Tl_:c exten
treatment of reactions 59 (eq 12) does not require this
terpretation.
Reaction of Hydroxylamine with Nitric Acid. A
concentrations greater than 2 M, the reaction of I
dilute solutions of hydroxylamine produces HNO.
product. As noted by Pembridge and Stedman,$ w
reaction to be autocatalytic. The relative rate of this
should be put in perspectxve with the rate of the reac
HNO, with NH,;OH*, which was discussed in the pr
section. Figure 3 shows the results of a series of &
at constant acid with approximately the same ini
tration of HNO, and various initial concentratio
NH;OH* (3.0 M H, u = 40 M). The time depcn._,._
[HNO,] shown in Figure 3 illustrates the transition fr:
reaction described in eq 1 to more complex behavi
decay of HNO, at the highest concentration of NH;OH
X 1072 M, is exponential, and the ratio ko./[NH;OH?}
identical with that determined at higher concentration
I). At lower initial concentrations of NH,OH" '[HNOJ
decreases at short times followed by an increase at long
times, resulting in a net increase in the concentration of
At sufficiently low initial [NH;OH*] (<2 X 102 M),
initial decrease in [HNO,] is not observed.
In the absence of deliberately added HNQO,, the appcaraﬂ
of HNO, is autocatalytic as shown in Figure 4 for [H*]
M. As previously indicated by Pembridge and Stedmar
HNO, is a necessary catalyst for the reaction of nitri
with hydroxylamine. The induction pcnod is highly
on the initial concentration of NH;OH*, and thxs is illustrats

on
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igure 6. Plot of the yields of the products as & function of the initial
‘concentration of hydroxylamine (25 °C, [HNO,], < 10 M, 3 M
g") Products: filled circles, HNO,; triangles, N,O; open circles,
Ny .
Figure 5. The induction period for this purpose is defined
s the time when dA;;,/d? is 2 maximum. Relatively con-
centrated solutions of hydroxylamine in nitric acid are stable
for long periods of time. This behavior is explained by ob-
servations (Figure 5) that the induction period tends to increase
t high hydroxylamine concentrations.
The observed products from the reaction of hydroxylamine
with nitric acid are HNO,, N;0, and N,. The yiclds of
products are dependent on both the initial NH,OH* and
HNO, concentrations as well as the HNO; concentration.
Figure 6 is a plot of the yields of these products as a function
g5t of the initial NH;OH* concentration in the absence of de-
g liberately added HNO, at a HNO, concentration of 3.0 M
42. (u = 4.0 M). The net yiclds of HNO, and N, reach a max-
g imum as the NH;OH* concentration approaches 0. The N,O
- yield increases rapidly as the NH;OH* concentration in-
g creases. Analogous results were observed at 4.0 M HNO,.
"The extrapolated maximum HNO, yields are not particularly
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Figare 7. Plot of the net yicld of HNO, vs. the initial NHyOH*
concentration for several initial HNO, concentrations (25 °C, 3 M
H*, 4 M ionic strength). [HNO,],: open circles, <4 % 1075 M;
triangles, 107 M; closed circles, 4 X 1073 M.

TableIL. Initial Rate of Net Formation of HNO, as 2 Function
of [HNO, ], and [NH,0H"*], at 25 °C (3.0 M H*,
4.0 M Ionic Strength)

Figure S. Plot of the induction period vs. the initial hydr%ghmine
M (25

10°[NH,0H*],, 10°[HNO,],, 10%y,
M M Mgs?
1.20 0.36 0.71
1.20 0.82 1.14
1.20 1.65 145
3.00 0.39 200
3.00 0.79 _ 34

dependent on HNO, concentration although the range of
[HNO,] investigated is limited. The dependence of the HNO,
yicld on the initial HNO, concentration was investigated in
some detail at 3.0 M HNO;. The results are shown in Figure
7 as a function of the initial NH;OH* concentration. The
maximum HNO, yield (net production of HNQ,) is obtained
at low initial HNO, concentration. As previously observed
by Pembridge and Stedman,’ the maximum yield of HNO,
for a fixed concentration of NH;OH* occurs at an HNO,
concentration of ~5.3 M. It is obvious from these data that
the yields of the various products are controlled by the kinetics
of competing reactions, Therefore, it scems inappropriate to
ascribe a stoichiometry to this process.

Many of the results obtained in this work are in agreement
with those previously reported.® However, one observation is
in sharp contrast. We observe N as a significant reaction
product at low initial [NH;OH*],. This product was ap-
parently missed because gas analyses were made at an initial
concentration of NH,OH* where N, is not a significant

uct. Second, we find no evidence for simple first-order
dependencies on the concentration of HNO, and NH,OH*
in kinetic experiments measuring the rate of appearance of
HNO, with low initial NH;OH*, At a constant NH;OH*
concentration, an increase in the initial HNO, concentration
does shorten the induction period. Although the previous
approach® is valuable as a first approximation, we obscrve that
an initial concentration of HNO, approximately equal to the
initial NH;OH* concentration is required to completely re-
move the induction period. Under these latter conditions, a
first-order rate of appearance of HNO, is not expected.
Typical data are shown in Figure 8 for reaction in 3.0 M
HNO,; (2 = 4.0 M). An analogous effect was also observed
in 4.0 M HNO;. The data in Figure 8 and other data at 3.0
M HY were treated by the method of initial rates. The ex-
perimental results are summarized in Table I1. The initial
rate divided by the product of the initial HNO, and NH;OH*
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Figure 8. First-order plot for the net appearance of nitrous acid at
372 om and an initial NHyOH* concentration of 1.2 X 1073 M (25
°C, 3M H*, 4 M ionic strength). Initial HNO, concentration: open
clrc315.38 X 107* M; triangles, 8.2 X 107* M; closed circles, 1.67 X
107° M.

concentrations provides a reasonable wﬁmate of the second-

order rate coefficient for the net appearance of HNO,, The
average value for the entries in Table ITis 13 M1 571, Al-
though the data show scatter, this analysxs indicates the rate
of nct appearance of HNO, is competitive with the rate of
disappearance of HNO, expected from reaction 1. The sec-
ond-order rate coefficient for reaction 1 at 3 M H* is 10 M™!
s (see Table I). The isotopic compositionS of N,O from the
reaction of *N-labeled hydroxylamine and isotopically normal
nitric acid supports reaction 1 as the origin of N,O.
Pembridge and Stedman® suggcsted the reaction given by
eq 14 is occurring in competition with eq 1 for the reaction

2HNO; + NH,0H — 3HNO; + H,0  (14)

of hydroxylamine. These workers suggested the reaction sc-
quence in eq 15-19 to account for the abserved autocatalytic

&
HNO, + H* + NO; 52 N,0, + H,0 (1)
13

. .
N,O, + NH,0H — HNO + N,0, + H,0 (16)

N,O, + HNO — HNO, + N,0, an
N203 + H;O - 2HN02 (18)
NH,0H* = NH,0H + H* 19)

appearance of HNO,. On the basis of a steady-state treatment
of N,O, (the equilibrium described by eq 15 lics far to the left)
and reaction 16 as the rate-determining step, the theoretical
rate of appearance of HNO, by reaction 14 is given by eq 20.

- (kys/ k_15)ky6K1s[HNO,] {NH;0H*] [NO;']

1 + (kis/ k1)K 5(INH;OH*] /[H*])
This mechanism appears reasonable since the inverse depcn-
dence on [NH;O0H?] is consistent with the relative stability

of more concentrated solutions of hydroxylamine. At constant
acid and nitrate concentrations, the general form of the rate

expression is eq 21.

(20)

g[HNO,)[NH;0H*) toa
| 1 + h[NH,0H"] 24
We suggest that an additional reaction is occurring b
HNO, and hyponitrous acid, H,N,0, (eq 8), to acon
the observation of N, as a product. Hyponitrous acid Thy
intermediate in the nitrosation of NH;OH* (eq 1 and ¢ €q's '
The reaction of HNO, with H;N,0, (eq 22) has becn
HNOz + HzNzOz - Nz + HN03 + Hzo
in some detail in aqueous perchleric acid by Buchho int
Powell?! and by Hughes and Stedman.22 The me¢ (N
suggested by these workers is given by eq 23-26, wh an
HNO, + H* = NO* + H,0
NO* + H,;N,0, — HONNONO + H*
HONNONO — NO, + N, + -OH M
NO,; + -OH — HNO, Lotre

is the rate-determining step. The experimentally obscrved_.
law is eq 27, where kg is the Hammett acidity functnon (

~d[HNO;] d
[d; e [Nz] =(k+ k.ho)[HzNzozl[HNOZ]

~25for3 M HNO,) At 25 °C in perchloric acid, the
perimentally determined values?! of k and k, are 0.4 M-
and 0.08 M2 7% thus, the  expected second-order rate constan
under our oondmons is given by eq 28. Thei xmportan

ki = (k+ kho) ~ 24 M1 st (21

this reaction depends on the relative stability of H,N,0,1i
this medium. Literature reports suggest that cis-H,N;0,
short-lived in solution whereas trans-HzNzOz is relati
stable. Spectroscopic detection of H,N,0, is 1mposs1blc du
to the interference of the electrolyte medium.

The observed product yields can be accounted for, at least
in a qualitative sense, by the competition of the four reacti
eq 29-32. A quantitative treatment will be attempted for tw:

HNO, + NH,0H* — H,N,0, + H,0 + H* (2
2HNO, + NH;OH* ~ 3HNO, + H* + H,0 (3
HNO, + H,N,0, - HNO, + N, + H,0 (31
H,N,0, — N,O + H,0 . @3

limiting cases; in both a constant excess of HNO; and a 1o
initial concentration of HNO, are present. (1) The yields of
HNO, and N, are maximized and the yield of N,O approaches
0 as the initial concentration of NH,OH* approaches 0. (:
At higher initial concentration of NHyOH?*, the yield of N;O"
is rclatxvcly constant, N, is a minor product, and the yield of
HNO, is approaching an asymptotxc limit.
In the first case, the rate of reaction 31 appears to be fast;-
compared to the other reactions. The net reactions to be.
considered are reactions 30 and 33. Reaction 33 is obtained

2HNO, + NH,OH* — HNO; + N, + 2H,0 + H* (33).

by combining reactions 29 and 31. Extrapolating the yields.
of HNO, and N, to an initial NH;OH* concentration of 0
allows the ratio of rate constants to be interpreted at constant
HNO, concentration. With reference to eq 10 and 21 and the.
appropnatc stoichiometric factors, the rate of net appearance
of HNO, is given by eq 34. An analogous treatment leads

d[HNO,] _
5 :
3g[HNO,][NH;0H*] - 2k THNO,][NH;0H*] (34)

apcQ -SSR R

e M AR D el O

(21) Buchholz, J. R.; Powell, R. E. J. Am. Chem. Soc. 1965, 87, 2350-2353.
(22) Hughes, M. N.; Stedman, G. J. Chen. Soc. 1963, 4230-4234.
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' toan nprssnon for the dlsappearancc of NH,OH" (eq 35).
d[NH,OH*]

dr
2[HNO,][NH,;0H*] + kTHNO,]{NH,;0H*] (35)

The elimination of time from eq 34 and 35 gives eq 36, and
d[HNO,] 3g-2k’
d[NH,OH*] g+k'

tegrations from the limits [HNO,},= to [HNO,],-.. and
[NH,;0H*], to [NH,OH™*].,, the latter quantity being 0, give
‘an expression for the yield (eq 37). The data in Figure 6 (3.0

'[HNO;). - [HNO,], _ 3g/k’-
[NH,0H*], g/k'+1

"M H*, 4.0 M ionic strength) show the limiting yield of HNO,
:is 0.93; the calculated value of the ratio g/k’is 1.44, A
treatment of the rate of appearance of N, (eq 38) lwds to

d[N,]
. dr
>pressxon 39 for the yield.

[N.]. = k’ - 1
[NH;OH*), g+k’ g/k’'+1

_ The ratio g/ k’ calculated from the yicld of N, in Figure 6
and eq 39 is 3.5, a value in poor agrecment with that calculated
-above. The initial rate of the net appearance of HNO, at low
(NH,;OH*] can be used to estimate the parameter g by using
‘eq 34. The value of k' measured in 3 M H* is 10 M1 571,
Thus the initial rate divided by the product of the mmal
ncentrations of HNO, and NH;OH" is 3g - 2k’. Although
. there is some scatter in these data, the calculated ratio g/k’
-is 1.2 in reasonable agreement with the value estimated from
net yield of HNO,,.
I;l the second lumtmg region, reactions 29 and 32 are rapid
parcd to reaction 31. Reaction 31 is ineffective in sca-
ging the HNO, produeed by reaction 30. We will, to a
approximation, ignore the small yield of N,. The reactions
be considered are thus (1) and (30). In reaction 30, the
er concentration of NH;OH* shifts the rate-determining
to the production of the reactive intermediate, N,O, (see
5). ‘The equations describing the time dependence of the
ncentrations of HNO,, NH;OH?*, and N, at constant {H*]
eq 4042. The yiclds of HNO, and N, are calculated

[HNO,]

_T.__ = 3g/h[HNO,] - kTHNO,][NH;0H*} (40)
. d[NH,0H*)
Tdt

(36)

(37)

= kTHNO,][NH;0H"*] (38)

(39)

= ¢g/h[HNO,] + kTHNO,][NH;OH*]
1)
d[l::ol = kTHNO,][NH,0H*] (42)

by integrating the ratios of eq 40 and 41 and eq 42 and 41,
espectively (eq 43 and 44). The ratio g/k is equal to

[HNOz]- ~ [HNO;), _

[, k%
m In [l + —g—[NH;OH"']o] -1 (43)

ol _

—— & kn N ]
FAINH.OM, In [1 + =~ [NH,0H"], | (44)
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kis[HY)[NOy), the first-order rate coefficient for formation
of N,O,. The rate constant k,s was measured by Abel,
Schmid, and co-workers® in a series of papers in which the
kinetics and equilibrium of HNQ, formation and decompo-
sition were studied (eq 45). The rate of formation of HNO,

3HNO, = HNO, + 2NO + H,0 (45)

was demonstrated to involve the intermediate formation of
N,O, (eq 15). The third-order rate constant, &%, has the
value 2.7 X 102 M2 5! at 25 °C and extrapolated to infinite
dilution. A numerical rate constant appropriate to the con-
ditions. of this study is obtained from the relationship k., =
k%s/(vimno,)2* where vy, is the activity coefficient of nitric
acid (sce Table I). The calculated ratio g/k is thus 3.2 X 107
51 at 3 M H*. This value, combined with the measured value
of 10 M~ 57 for k’in this medium, can be used to calculate
the yields of HNO, and N,O as a function of the initial
NH,0H* concentration (cq 43 and 44). The valuc of g/k
required to approximate the experimentally observed yiclds
of HNO, and N,O in Figure 6 is ~5 X 1072107 ™!, These
values are about a factor of 3—6 smaller than the value mea-
sured by Abel and Schmid.?* The data of the latter authors
were obtained in a dilute jionic medium, and the small amount
of data available suggests the rate constant ks decreases with
increasing ionic strength. The detailed mechanism for the
reaction 15 may be the reaction of the equilibrium concen-
tration of NO* with NO;~. The rate of the reaction of op-
positely charged ions is expected to decrease with increasing
ionic strength. An absolute comparison of the experimental
and calculated yields in this second limiting region does not
appear feasible. A single value of the parameter g/k’% will
not simultaneously fit both the HNO, and N,O yields, al-
though the shapes of the curves are in reasonable agreement
with eq 43 and 44. .

Conclusions

The reaction of nitrous acid with hydroxylamine in acidic
nitrate solutions follows the reaction scheme outlined by earlier
workers. The second-order rate coefficients in HNO, solutions

" are in good agreement with those reported in HCIO, solutions.

A more cxact treatment of the rate expression, based on the
proposed mechanism, is in better agreement with the exper-
imental data than correlations based on the Hammett acidity
function. However, a deviation of the experimental results
from those predicted by the model at high acid suggests some
modification in the steps following the nitrosation of NH;OH*
may be appropriate.

The reaction of hydroxylamine with nitric acid is more
ambiguous. Nitrogen is observed as a significant product at
low initial concentrations of hydroxylamine. This previously
unidentified product may result from the reaction of hypo-
nitrous acid with pitrous acid. It is cléar that several reactions
are occurring simultancously. A kinetic model is partially
successful in rationalizing the distribution of products as a
function of the initial hydroxylammonium ion concentration.
The treatment presented in this work is not completely sat-
isfactory, and other reactions may also be occurring. It seems
clear that a determination of the rates and equilibrium con-
stants of reactions 2-4 at relatively high nitric acid concen-
trations is essential for a better understanding of this complex
system.
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Appendix

The mechanism for reaction of hydroxylammonium ion with
nitrous acid (eq 5-9) can be expressed as the generalized
reaction scheme of eq A1-A3 since both protons and hy-

z B (A1)
ke ' :
c=p (A3

droxylammonium ion are used in swamping excess. The
differential equations describing the time dependence of the
concentrations of species A, B, C, and D are eq A4-A7. At

d[A(D])/dt = =k [A(D)] + ku[B(1r)] (A4)
d[B(1)]/d? = ky[A(D] — (kea + ks [B()] + ko [C(1)]

(A5)
d[C(1)]/d1 = ku[B(1)] - (ke + k[C(N]  (A6)
d[D(n)]/dt = k4[C(9)] (A7)

time zero and under the conditions of our experiments, the
specus A and B are initially present in the equilibrium con-
centrations [A]o and [Blo ({B]o = ku[Alo/ks = Kis[A)o) and
. the spccm C and D are initially absent.
transform is taken of eq A4-A7, resulting in a scries of four
equations in four unknowns (eq A8-Al1l), where s is the

(kp + 9)[A(S)] - k[B(s)] = [A)e  ~ (A8)

kplA(S)] — (s + ky, + k) [B(s)] + ka[C(s)] = —K[Ado

(A9)
ko[B()] = (s + ko + k) [C()] =0 (A10)
ka[C(s)] ~ s[D(s)] = 0 (Al1)

Laplace variable and dependence of a species on s indicates
the concentration of the species in the Laplace plane. Solution
of eq A8-All for the variable [A(s)] yiclds eq A12. The

[A()] = [All[s? + s(kyp + Kpa + Ky Hhop + ko) +
kK + kopkos + kigkey + kpakog + kyckal/[5° +
Sk, + kyg + Ky + ke + ko) + (kKo + kavke +

kasken + Fnakes + Kok + cker) + Kunkinckogl) (A12)

observed disappearance of fHNO,} is clearly exponential for
greater than 90% of the reaction. Thus we are searching for
a solution of the form of eq A13 which implies a Laplace

[A()] = (constant) explkuust]  (A13)
transform of the form of eq A14. We recognize that higher

The Laplace ¢ eq Al7.

[A(s)) = (constant)[ PrY
powers of s refer to the time dependence of the co
of species A at very short times. Therefore térms j
s in the numerator and terms in 5* and s? in the den;
will be dropped. The resulting equation for the concen;
of species A in the Laplace planc is then eq A1S. ' };
[A(9)] = [Alol(kipkes + kupkeq + Kok + kigkog
Kockoa) [ (Rupkc + kuvkey + Kipken + kiakey + Kok
kyck))/[s + [kapkuckoa/ (Kapkoe + kopkey + kgl
Kok, + Kuckogknckea)]]™

Laplace transformation gives an expression for [A( w
can be differentiated with respect to time (eq A16)

d
[df i, kaalA(D] Int
. I
Kotea = Kypkokea/ (kahr + Ky + Kohog + kuka. ' pai
am

use the definitions litt

k-b = ks [H+] chl

ky = ks[H,0]  kye = ks[NHJOH*l o
o u

ky, = k_[H*] ke = ky

and note the observed first-order rate coefficient .di
the initial NH;OH" concentration is a constant at cons
HNO; concentration. The resulting expression for the.
ond-order rate coefficient as a function of acid concen
(In deriving this expression, terms mv'

Kskg{H*]
1+ (Ks + ko/k)[H*] + Kk ([H*)2 /K,
[NH,OH*] were neglected). This ‘cquation predicts k’ '

an
dri

lat
di

:B

k= S

sil

]
[-})

function of acid should have a maximum. Experimental ob- l(:
servation of the initial slope (Sy,) in a plot of k’vs. [H], th it
value of [H*] at which the maximum occurs, and the ma sy
mum rate constant are required to evaluate the paramc p:
K, kg, and k_g/k,. The value of [H*] at which the maximu E

occurs is obtained by differentiating eq A17 with respect t
[H*], setting the derivative equal to 0, and solving for (H*]m

([H*)e)? = Ky / K5k g (A18
Substitution of eq A18 in eq A17 gives the value of th
maximum rate constant, k', _
, Kk
k.=
UKk )2 ky + Ky + kg/ Ky
sin[H+]mx

’

Koy = ,
2 4 [H¥gu(Ks + ke/k7)
No. NH,OH, 7803-49-8; HNO,, 7782-77-6; HNO;, *

LR NS N IL X - N X R -]

7697-37-2.



tlear fuel reprocessing for the reduction of
I} in nitric acid solution. Such solutions

eaction between nitrous acnd and
that involving the formation of dini-

thcr reaction could occur in which
cnerated rather than consumed (2)

atalytic process. It therefore seemed of
0 exa me the conditions which determined the
ce of reactions (1) and (2), and see if it
define conditions for which (1) dominates

). In our previous study we found[4]
hydroxylamine concentrations, <0.01 M, the
1ation of nitrous acid followed a simple
tion at a fixed nitric acid concen-

(dIHNO,}/d1)o = K[HNO,J(NH,0H"].

;3-8 M nitric acid k varied only slightly,
} was decreased below 3M a critical
. reached, below which & decreased
zero, This “critical” concentration of
 seemed to vary sllghﬂy with [NH;0H*), lower
min cogccntmtmns con'espondmg to slightly
ic acid concentrations. These obser-
ved as'a guide in the choice of what concen-
droxylamine and nitric acid to investigate in
‘borderhne conditions.
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KINETIC AND PRODUCT STUDIES ON THE
DECOMPOSITION OF HYDROXYLAMINE IN
NITRIC ACID

: RORY J. GOWLAND and GEOFFREY STEDMAN®*
Chemistry Department, University College of Swansea, Singleton Park, Swansea SA2 8PP, Wales

{Received 6 October 1980)

The kinctics and stoicheiometry of the decomposition of hydroxylamine in nitric acid have been
ted for the range of conditions where there is a change in function of hydroxylamine from acting as a
avenger to acting as & gencrator of mitrous acid. Borderline conditions for this change in function have
ntified. Formation of nitrous acid is favoured by increase in [HNOQ,), decrease in [NH;OH*] and increase
rature. Some unusual kinetic phenomena have been observed in the borderline region; the nitrous acid
tration can decrease in the initial stages of reaction, pass through a minimum and then autocatalytically -
se 1o & value greater than the initial value. The results are discussed in terms of the mechanism of reaction.

EXPERIMENTAL

Materials. All the materials used were AnalaR grade chem-
icals, and were used without further purification. Hydroxylamine
solutions were made up from the sulphate, in order to avoid any
possible complications due to chloride ion in nitric acid.

Kinetic methods. Reaction was followed by monitoring the
nitrous acid concentration spectrophotometrically at 370 nm in a
Unicam SP700 with a thermostatted cell holder. Previous
work[4] had shown that at this wavelength the only species with
significant absorbance is nitrous acid, Reaction was started by
adding a solution of hydroxylamine sulphate to a solution of
pitrous acid in nitric acid. Nitric acid normally contains small
(and variable) concentrations of nitrous acid, and we found it
desirable to standardise our work by starting with a known
nitrous acid concentration (generated from a solution of sodium
nitrite). We found the mixing technique used to start the reaction
to be a very important factor. Our early experiments involved
injecting the hydroxylamine solution with a hypodermic syringe
and ‘needle into the nitric and nitrous acids contained i a
spectrophotometer cell in the Unicam SP700, but this did not
give sufficient reproducibility. Most experiments used a simple T
piece mixing device made by drilling out a block of perspex: two
syringes could be fitted into the block, and when the plungers
were pressed simultancously the solutions were mixed ata T
junction and injected directly into the spectrophotometer cell.
Although this gave satisfactory mixing it was not possible to
obtain good initial rates of reaction over the first 10sec or so,
which partly reflects the limitations of our spectrophotometer.

Attempts to follow reaction by the stopped-flow technique
using 8 Canterbury SF-3A apparatus, where the efficiency of
mixing is known 1o be good were unsuccessful. Because of the
autocatalytic mature of the reaction it was found that decom-
position would spread from the mixing chamber back through the
coils in which the hydroxylamine solution was thermostatted into
the reservoir vessels, and decomposition would go to completion.
One complication in all the present work was that it was essential
to keep the hydroxylamine separate from the nitric acid until the
reaction solutions were mixed. In practice this meant that it was
necessary to start reaction by mixing aqueous hydroxylamine
sulphate with nitric acid +nitrous acid, and that there was &
temperature rise on mixing due to the heat of dilution of nitric
acid. This temperature risc was measured in independent
experiments, and has been allowed for in the results.

Computer calculations. Numerical mtcxrauons were carried out
with a standard Runge-Kutta programme, using an ICL 1904
computer.

RESULTS
 We have examined the transition between the reac-
tions (1) and (2) by carrying out groups of experiments in
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which one parameter (either [HNO;] or [NH;0H']) was
systematncally varied by small amounts. The change in
the nitrous acid concentration was monitored spectro-
photometrically, and a typical set of experimental curves
of % transmission vs time is shown in Fig. 1. The change
in kinetic behaviour with (HNO.] is very striking, and
the switch in behaviour from consumption to formation
of nitrous acid can be seen very clearly. A small change
in conditions can produce a drastic effect on the reac-
tion-time curve.

In order to study this system we need 2 criterion for
determining the “boundary conditions™ separating the
regions in which reactions (1) and (2) dominate as a
function of [HNO,), [NH,O0H"), temperature etc. (It is
important to remember that both (1) and (2) proceed in
parallel, and that when we write about a change from (1)
to (2) we refer to a change from (1) as the dominant
reaction to (2) and the dominant reaction; we do not
mean that reaction (2) replaces reaction (1)) Several
possible criteria have been considered. We could use (¢)
the initial rate condition (d[HNO,l/df);=0 for a fixed
value of [HNO.], or (b) the minima in the plots of
[HNO,] vs time, or (c) the conditions for which there is
no overal] change in nitrous acid concentration at the end
of the run, (HNO,L.— [HNO.L) =0. The advantage of
(a) is that it refers to known initial conditions, defined by
quantities of reagents added, but it suffers from the
experimental difficulty in measuring good initial rates.
Furthermore for this condition as reaction proceeds in-
variably (2) dominates (1) and [HNO,} increases. If one
is concerned with preventing an increase in [HNO,), then
(a) does not seem to be a useful, practical definition. The
same objection applies to (b), though in this case there
are other problems as well. For some runs the minimum
is very broad and flat and it is not easy to locate its exact
postion. Furthermore even when this is known, further
analysis are needed to obtain the value of [NH,OH"]
Criterion (c) is fairly straightforward to apply, and as in
practical systems it is usually desirable to prevent the
formation of nitrous acid it seems a useful definition with
which to work. In the early stages of a reaction meeting

2-94 M. HNO;

280 M. HNO;,

258 M. HNO,

% TRANSMISSION

230M HNO;

KmO 64 8 192 256 320 8L 448
TIME, SECS.
Fig. 1. Effect of nitric acid concentration on the decomposition
of hydroxylamine. Per cent transmission (370nm, Icm
cells)/time curves; light abosrption due only to HNO,.

R. ). GOWLAND and G. STEDMAN

(2) will dominate (1). Boundary conditions were’
plotting the yield of nitrous ac
(IHNO,).. - [HNO,},)/[NH;0H*}, against .
and extrapolating to ¥ =0. Such a group of ¢

groups of runs for varying initial conce
temperatures enabled the boundary con
mappcd out. Some extrapolations were obtamed};
ting Y vs T for constant (NH;OH"] and

plots were often more lincar than graphs
[NH,0H"], and the extrapolation to Y
straightforward. Figure 2 shows a plot of the
conditions fo a range of conditions; the a
[HNO,] and high T corresponds to reactxon

ing reaction (1).

DISCUSSION _
We can discuss these results in term
mechanism proposed for the reacuon of
paper[4].
H*+HNO,+NO,"-»N,0,+H,0
N,O(+H,0->H*+HNO, +NO,
N104 + NH:OH -HNO + N;OJ
Nz(_h +HNO-» HNOz + NzO;
N,0; + H,0-2HNO;

HNO, +NH;0H* -»N;0+H,0 +H,0*

The basic reason why the nitrous acid scavé;
tion (1) dominates at high values of [NH;0
rate of the nitrous acid generating mecha
be limited by a slow initiation step (3). Th
a weak nucleophile, and the rate of formatio
(3) is many orders of magnitude less than
formation of other nitrosyl compounds NO
of H*, HNO, and X~. When hydroxylam
suﬂicnently great concentranon, then es
molecule of N,O, formed is capture
(5)+(6). The rate of nitrous acid gen
controlled by the rate of formation of N
by 3k[H')JINO,"JIHNO,), which is in

©
Temperature, °C

Fig. 2. Boundary conditions for the dccomposit_iél_l of by
lemine in nitric acid; (a} [NH,OH*YM = 0.03. (b) 0.
0.005.




1) However the kinetics of the nitrous acid
enging reaction are given by kJHNO,J[NH,OH]
" this_ will continue to increase with increase in
i1,0H'), so that (I) dominates (2). The interesting
es where [HNO,] decreases, reaches a

jtions. At the start of the run [NH,OH] is
ciently large for (1) to dominate (2), but as reaction
s the hydroxylamine concentration falls, and the
enging falls off more than the rate of nitrite
on; This causes the system to cross the border-
now(2) dominates (1) and [HNQ,] increases.
f increasing the nitric acid concentration is
{y 10 increase the concentration of the oxidising
s ‘N;Ou, while increased acidity is known[3] to
case the rate of the scavenging reaction (8).
mcreased dominance of (2) over (1) at higher
‘concentrations is readily uaderstood. The
ergy for the generation of nitrous acid was
2 105kT mol™*,[5], while for nitrous acid
it is reported to be ca. 65kJ mol™*. Thus
¢ in temperature is expected to favour reaction (2)

can make this discussion more quantitative by
system by the steady state approximation
“aIN;0,J3t = J{HNOY St =0. The differential
(10) may readily be deduced.

. [HNO,JINH,OH*KGk [H*JINOs ]

((k-:lkz_) +2INH,OH Y )-k) @)

*Vdt = [HNO,)[NH;0H"}(k,[H*]JINO57]

(k_1Jk)+ 2[NH;OH*]) ") + k). (10
hydroxylamine exists essentially completely as
1e solutions we are discussing, the rate
' been expressed in terms of [NH;0H"], and
stant &, is calculated in terms of the stoi-
icentration of this species.

£ [H*][NO;"] have been reported by Schmid
hr[6) for 2 range of nitric acid concentrations
10 and 20°C. It is more difficult to assign
The kinetics of reaction (8) have been

conditions using the Runge-Kutta
3 shows the results of such 2 set of

c features that we observe experimentally.
ons show that it is possible under some
rthe nitrous acid concentration to fall very
.2e10, @nd for a very broad minimum in [HNO;)

bsqrved,fg:x]ich is followed by a relatively sudden

ipproach is to integrate equs (9) and (10)
by eliminating time as an independent vari-

Kinetic and product stidies on the decompositin of hydroxylamine in nitric acid

fium ‘and then increases arise close to the border .

Olations, and it is clear that the treatment reproduces

10

10%x [HNO)/M

1 1

0 10 20 30
TimelS

Fig. 3. Calculated curves for the formation of nitrous acid at

different hydroxylamine concentrations, at 25°C. {(a)

{NH,0H*I/M =0.070. (b) 0.075. (c)0.080. (d) 0.085. (e) 0.090. ()
0.100.

able,

~d[HNO,] _
d[NH,0H"]

3, [H*INO, ™)~ k(k_+/k;) — 2k, [NH,0H*]
K{HTINO, 1+ ka(k/kz) + 2k, (NH,OH™] -

Standard substitution procedures enable this to be in-
tegrated to yield (11)

[HNO:]: - [I'INOZ]O —
INH,0H*}, ~[NH,0H*].

2k,[H'TINO5"}in (N + [NH,OH" L.)/(N + [NH;0H "))
k([NH;0H"}, - [NH,OH"L.) |
+

0

where N = (0.5k,[H*)[NO,~1/k,) +0.5k_,/k.. Substitution
of the conditions for the complete destruction of
hydroxylamine, [NH,OH").=0, allows the yield of -
nitrous acid to be calculated. Calculations of ((HNO,).-
{HNO,],) for various values of [NH,OH"*], enables one
to obtain the hydroxylamine concentration correspond-
ing to our “borderline” condition [HNO,).-[HNO,}, =0.
The main difficulty with all theoretical approaches is in
assigning values for k,. An error in the assigned value of
k4 also results in an error in k.,/k,, because k, is used in
calculating k_/k, from the measured rates of generation
of nitrous acid. Qur procedure of taking values from
measurements in perchloric acid solution should give
values of the correct order of magnitude, but there may
be errors due to differences in medium effects between
perchloric and nitric acids. In our previous paper[4] we
combined product analysis data with kinetic results to
deduce values of k, for nitric acid solutions. These
values were somewhat lower (50-80%) than the cor-
responding numbers for k, deduced by comparison with
the perchloric acid data, and it seems likely that there are
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40
(HNO /M
Fig. 4. Effect of changes in the value assumed for &, in calculation
of borderline conditions at 25°C B is calculated from our best
values for k,; for A vduuo&ﬁ.nl;e 20% less, and for ¢ 20% greater
or B.

medium effects. In Fig. 4 we show plots of the “boun-
dary conditions™ for reaction at 25°C for our assumed
values of k,, and for sets of values that are 20% higher
and 20% lower, calculated from (11). The general shape
of the “borderline” remains the same, but its calculated
position shifts with changes in the values assumed for &,

In addition to this problem we must note 2 limitation to
the above treatment, the fact that it can only be applied
satisfactorily for fairly dilute solutions of hydroxy-
lamine, say [NH,OH*), <0.01 M. The difficulty is that
both reactions (1) and (2) are substantially exothermic,
and as the decomposition reactions are so rapid it is not

possible for the heat of reaction to he
thermostat sufficiently rapidly to m
temperature. For 0.1M hydroxylamm th
rise during reaction is ca.- 4
significant changcs inall of the'ra

the uncertainties about the value of k;
worth trying to refine out treatment"

this factor, and all rate constants
temperature only, 25°C. .

We conclude that our mechamsm_
semi-quantitative account of the behauo
of hydroxylamine in nitric acid. K the
other species that can generate or: ‘$ca
then additional equanons will be:
mechanism, and the posmon of thc
modified.
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‘Comparison of the Reactivity of Nine Nitrous Acid Scavengers

;lames Fitzpatrick, Thomas A. Meyer, Marion E. O’Neill, and D. Lyn H. Williams *
Department of Chemistry, University Science Laboratories, South Road, Durham DH1 3LE

Rate constants have been measured for the reaction of nitrous acid in aqueous solution at 25 *C with
urea, 24-dinitroaniline, hydroxylafine, sulphanilic acid, hydrazoic acid, sulphanilamide, hydrazine,
sulphamic acid, and 4-nitroaniline, as a function of acidity up to ca. 1.6M. The acid-rate profiles, which
are all consistent with mechanisms involving electrophilic nitrosation and various protonation equilibria,
give the order of reactivity at each acidity of these potential nitrous acid scavengers. The order of reactivity
varies with the acidity because of the different acidity dependences, e.g. the ‘ best * scavenger at 0.05m-
acid is 4-nitroaniline foliowed by sulphamic acid, whilst at 1.3M-acid the most reactive is the hydrazinium

" jon followed by hydrazoic acid. The effect of added halide ion, thiocyanate ion, and thiourea was also

examined. Nitrosation of urea, 2,4-dinitroaniline, hydrazinium ion, and sulphamic acid was not catalysed
by any added nucleophile, probably because of the importance, for these substrates containing electron-
withdrawing groups, of the reversibility of the initial nitrosation. For the remaining five substrates normal
nucleophilic catalysis was observed; analysis of the kinetic data enables the second-order rate constant
for attack by the nitrosyl halide, efc. to be evaluated. The reactivity sequence NOCI > NOBr > NOSCN >

N0§C(NH,), was found in each case.

Nitrous acid can readily be decomposed, often yielding gase-

ous products, by reaction with a number of species, mainly

amines and related compounds, where the rate-limiting step is

usually onc of N-nitrosation. These reactions are of some
interest from & mechanistic point of view where it is instruc-
tive to correlate the reactivity with structure, but also are of
;. practical interest in cases where it is important to remove

traces of nitrous acid from reaction solutions, e.g. for some
- mitration reactions in concentrated nitric acid,' and also in
- some nuclear fuel reprocessing reactions where reoxidation of
- plutonium(ini) to plutonium(iv) can occur.? Further, decom-
© position of nitrous acid is important in the prevention of
*. nitrosamine formation possibly iz vivo, and in the analysis of
< pitrosamine yields it is sometimes necessary to remove
* quantitatively, rapidly, and irreversibly excess of nitrous acid
.. from solution. A number of species such as urea, sulphamic
. .acid, ascorbic acid erc. have been used for this purpose and
- some have been examined kinetically from & mechanistic
. point of view, e.g. sulphamic acid,? hydrazine,** hydroxyl-
> .amine,* and hydrazoic acid.®' However, the reactions are

- ‘dependent on the acidity of the medium, in different ways,

this paper we have set out to examine the reactivity of nine
~ potential nitrous acid scavengers, urea, hydroxylamine,

sulphanilic acid, hydrazoic acid, hydrazine, sulphanilamide,

sulphamic acid, 4-nitroaniline, and 2,4-dinitroaniline, over a
_range of acidity, typically 0—1.5M-HCIO,. In addition we have

noted the effect of added nucleophiles such as halide ion and
“thiocyanate jon for each substrate since catalysis occurs in
_some cases and not in others. In this way it was hoped to
present data which enable the correct choice of scavenger to
be made under given experimental conditions. An indirect
method of establishing a relative reactivity scale has been
presented,® based on the rates of denitrosation of nitros-
. amines in the presence of such scavengers, but suffers from
- the disadvantage that it is useful only in the high acid region
necessary to bring about such denitrosations at convenient
rates. Clearly a series of direct measurements of the rate con-
stants over a wide acid range is the more desirable procedure.

_depending on various protonation equilibria, and so extra-
polation of data from one acidity to another is difficult. In

HNO, + H* 7> H,NO,*
HzNOz" + S —» Product
'S + H* 2> SH*

Scheme 1.

Results and Discussion

Acid-catalysed Reactions—Reaction rate constants were
determined for many of the substrates in the acid range 0—
1.5M-HCIO,. Under these conditions and with [substrate}roca:
> [HNOQ,] all the reactions were first order in [HNO,],
indicating that the pathway involving N,O; is not important
here. Reaction is believed to occur by the attack of the nitrous
acidium ion H;NO;*, present in very low equilibrium con-
centration, or possibly by the free nitrosonium ion NO*.
These two possibilities, which are indistinguishable kinetically
have been discussed fully recently *'° and this is not a point
which is at issue in this work. We shall assume the pathway
sct out in Scheme 1 involving H,NO,*. Under these acid
conditions we can neglect the jonisation of nitrous acid to
give nitrite ion, but need to consider the protonation equilib-
ria of many of the substrates S. The general rate equation
derived from Scheme 1 is that given by equation (1), where
K, is the acid dissociation constant of {SH*], [S]; is the total

K, + [H*]

stoicheiometric concentration of the substrate (=[S]+
{SH*]) and & is the product of the rate constant for re-
action of H;NO;* the equilibrium constaant for its formation.
Clearly two limiting forms are to be expected, (2) when K, >
[H*] and (b) when K, € [H*]); these are given by equations
(2) and (3) respectively in the form of the first-order observed

ko = k{H*)IS} )
ke = kK,[Shr : &)

Rate =
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Figure 1. Acid-rate profiles for the nitrosation of urea (O) and the
diazotisation of 2,4-dinitroanilinc (O)

rate constant ko defined by —d[HNO,)/df = k[HNO,). Acid-
catalysis is thus to be expected only when K, »> [H*). Wehave
used in this treatment [H*] as the measure of the acidity, and
at low {H*] this is in order, but at higher acidities, typically
>0.5M, this should be replaced by an appropriate acidity
function.

Throughout this paper we represent the reactivity of any
substrate towards nitrosation by the second-order rate con-
stant k; defined by ko/[Sh at each and every acidity. For two
substrates, 4-nitroaniline and 2,4-dinitroaniline, the experi-
mental conditions were different, because of solubility diffi-
culties. Again the reactions were carried out under first-order
conditions but with [HNO,] & [S} and so k; is given by
kJTHNO,). In both cases reactions were so rapid that the
spontaneous decomposition of nitrous acid was not a problem.

Urea—This has been extensively used as 2 nitrous acid
trap, particularly to cut out the pathway in nitration involving
nitrosation, usually in concentrated nitric acid solutions.
Previous work ® has indicated that urea is the least effective
trap, but has the advantage of a high solubility in water. The
reaction yiclds gascous products, as shown by equation (4),

CO(NH,); + 2HNO; —» €0, + 2N; + 3H, 0 (4)

but has never been studied kinetically, as far as we are aware.
We found the reaction to be first order both in [HNO,] and in
furea)] and to be acid-catalysed at low acidities, but this effect
levelled off at higher acidities 4s expected from equation (1) if
K, and [H*) are comparable. The acidity dependence of &,
is shown in Figure 1. The reciprocal form of equation (1)
allows K, to be determined from a plot of (ko)™ versus (ko)™
We find a pK, value of 0.14 compared with the literature value
of 0.18.1* We have used the Hammett acidity function &, bere

to represent the protonation equilibrium, which is indistin-

guishable from &,, the function appropriate to amide proton-
ation, under these acidities. It is clear from Figures 1—4 that
urea is by far the least effective trap for nitrous acid at all
acidities considered here. The k value [equation (1)] was de-
duced as 0.89 I* mol™ 571, :

2.4-Dinitroantline. Again reaction was first order in [sub-
strate] and [HNO,), &, is shown as a function of acidity in
Figure 1. Acid catalysis over the whole acid range is found
and is expected when [H*] <€ K, applies. The plot is_not
linear in [H*] because of the necessity to usc an appropriate
acidity function for the protonation of HNO,. So even though

" the other substrates. The results, shown in Figure 2, are of the

i L )]

)
18 20

A ') L s L 1
02 04 06 08 10 12 4 16
(HCIO )M

Figure 2. Acid-rate profiles for the diazotisation of sulphanilic
acid (O) and for the nitrosation of the hydroxylammonium ion (O)

2. 4-dinitroaniline is rather unreactive at low acidity, the form
of acid catalysis suggests that at very high acidities diazotis
ation should proceed rapidly, since no significant protonation
is likely to occur until very high acid concentrations are used
(pK, —4.5). A limiting value for & at low acidities (assuming
lincar H* dependence in that region) is 2.5 I* mol™ 5™, This
compares with a value* of 0.37 1* mol™ s™ reported b;
Larkworthy  for reaction at 0°, where a similar acid depen
dence was found. . '

Hydroxylammonium lon—~The nitrosation of hydrbxyi 7
amine has been extensively studied kinetically at 0°.% We.
have obtained &, values at 25° for comparison purposes with

same form as those reported for reaction at 0°, including 2 .
Jevelling-off of k; and subsequent reduction in k; at even higher
acidities (not shown in the Figure). The rate profile up to
1.8M-HCIO, is of the same form as that of 2,4-dinitroaniline, _
which is consistent with a mechanism proposed by Stedman
et al. %% involving nitrosation. of the hydroxylammonium

jon I:TH,OH. The limiting value of k [equation (1)] at low
acidities is 3.6 I1? mol™ s™! compared with the reported value
at0° of 0.24 P mol™2 ™1 :

Sulphanilic Acid—This has been much used as 8 nitrous
acid trap and also synthetically in the production of azo dyes.
The kinetics do not appear to have been examined previously.
Our results are shown in Figure 2. Here the amine is sig-
nificantly more basic than either 4-nitroaniline or 2,4-dinitro-
aniline, with a pK, value of 3.2. It is thus difficult to pick up
acid catalysis since [H*] » K, except at very low acidity.
Initially the graph shows the expected constancy of ko with
[H*] as expected from equation (3), but above ca. 0.2M-
HCIO, there is a further acid catalysis. This has been in-
terpreted * for aniline derivatives of basicity greater -than
pK, ca. 3, in terms of another mechanistic pathway involving
the nitrosation of the profonated form of the amine, possible
via some complex where NO* is bound initially to the aro-
matic ring. The limiting k value at low acidities (ignoring this
additional catalysis) is calculated as 7.3 x 10°* P mol™? s
[from equation (3)]. This is one of the largest values reported
at 25° and is quite close to the values reported for thiourea
and some alkylthioureas for S-nitrosation,’® and it is believed ®

. Thc value usually quoted is 3.7 1 mol™ 5™, but there is an error
in the original paper and the correct value should be 0.37 ¥ mot?s™?
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Figure 3. Acid-rate profiles for the diazotisation of 4-nitroaniline
(O), sulphanilamide (01), and the nitrosation of sulphamic acid (a)

thagkva!usinthisregionrcprsmtthediﬂ'usion—gontroﬂed

Sulphanilamide —This aniline derivative has also been
much used in diazotisation and coupling reactions but there
appears to be no data on the kinetics of diazotisation other
than a comparison between diazotisation by nitrous acid and
by an alkyl nitrite.'s Qur results are presented graphically in
FigureS and show the expected behaviour predicted by
uation (1) with K, ~ [H*]). The double reciprocal plot yields

the literature values " of 2.3, 2.06, 2.02, and 2.10. However
" this procedure yields good agreement for the pK, values of
- urea, 4-mtroanilme, and sulphamic acid (see later) so we have
--some confidence in the value of 1.3, The value of &, also de-
duced from the double reciprocal plot is 900 P mol s 2
- significantly below the value for sulphanilic acid as expected
for the less basic and less nucleophilic sulphanilamide. '

;- Sulphamic Acid—This is probably the most widely used
 trap for pitrous acid, reacting according to equation (5). The

NH:SO;H 4+ HNO,; = N, + HSO,~ + H,O0 + H* (5)

_ reaction was studied at 0° by Hughes,?> who showed that at
- low acidity reaction occurred viz the sulphamate jon. We find
-, & similar acid dependence at 25° as shown in Figure 3, the
“levelling off of &, bemg entirely consistent with the protonation
~ of the sulphamate ion to the less reactive sulpbamxc acid. We
find from these data a pK, value of 1.1, in reasonable agree-
ment with the value 098 of Hughes at 0°. Sulphamic acid
. thus behaves in a similar fashion to sulphanilamide showing
the intermediate behaviour of equation (1) when K, ~ [H*]
generally, but tending to a zero order H* dependence at
- higher acidity.

.4-Nitroaniline —~The acid-rate profile is also included in
Figure 3 and shows again the same pattern as for sulphanil-
. amide and sulphamic acid. Again rate constants have not
~ previously been reported at 25° but the rate law has been

established 2 at 0°, Analysis of thedata by a double re-
cxproeal plot yields a value of 1.0 for the pK, (literature value

1.0%) and a value of k [equation (1)} of 2.7 x 10* I* mol™2

5™ (below that expected for diffusion controlled reactions).

Hydrazoic Acid—Since the reactive species in acid solution
. HNj is not expected to undergo further protonation in the
acid range studied here, it is to be expected therefore that
the limiting rate equation (2) will apply. Figure 4 shows the

by mor g™

a value of 1.3 for the pK, which does not agree very well with

1600 |
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Figure 4. Acid-rate profiles for the nitrosation of hydrazoic acid

(O) and the hydrazinium ion (0)

expected acid catalysis, which is not linear in (H*] as for 2,4~
dinitroaniline and hydroxylamine (and hydrazinium ion later)
because of the activity effects which are not allowed for.
Hydrazoic acid is significantly more reactive than either 2,4-
dinitroaniline or hydroxylamine with a k value [equation
(2)] of 160 1* mol™s™ (assuming a linear [H+] dependence as
[H*]—> 0), which is compatible with the reported value?
of 33.7 * mol™? s at 0°.

Hydrazinium Ion.—The observed rate profile (Figure 4) is
consistent with the reaction of the protonated form NH,NH,*
as has been established by Stedman ez a/.43 The limiting value
of k as [H*] —»- 0 is 620 1* mol™ s~ which agrees well with
that reported by Stedman et al, (611 I* mol™ s™).

The overall efficiency of a nitrous acid trap thus depends
crucially on the acidity of the medium. Table 1 collects the
data (expressed as the second-order rate constant k; defined
by rate = k;[HNO,]J[Sk) for all of the substrates studied
kere at three different acidities (0.05, 0.5, and 1.3M-H*) so
that easy direct comparison can be made at each of three
acidities.

At low acidities (0.05M) the increasing order of overall
reactivity of the substrates examined is given by the order in
the first column, i.e. urea is the least reactive and 4-nitro-
aniline the most. At higher acidities however, the order changes
significantly as various protonation equilibria come into play
so that at 1.3M-H* the hydrazinium ion and hydrazoic acid
become the most efficient traps. The results are included (in
Table 1) also for three thiol-carboxylic acids examined in 2
parallel study.!” The k; values clearly show that these sub-
strates are indeed the most efficient of nitrous acid traps, and
although the acid catalysis was not extended to very high
acid concentrations, it is likely that protonation of the sulphur
atom (and consequent reduction in efficiency in nitrosation)
is not an important factor contrasting with many basic
nitrogen containing species.

If reaction occurs in these systems via H;NO,* then it is
not possible to evaluate the actual second-order rate constants
for the process H;NO,* + § —»- S+-NO, since the dissoci-
ation constant of H;NO,* is not known. However, other
arguments, notably the relauvc insensitivity of the third-
order rate constant k [equation (1)] to substrate structure for
some reactive species, have been used to put the case for dif-
fusion controlled processes here. A value of k of ca. 7 x 10°
1 mol™? 571 has been regarded? as this limiting value at 25°,
The only substrate studied in the present work with a value of
k in this region is sulphanilic acid (7.3 x 10° 12 mol™2 s
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Table 1. Data (expressed as second-order rate constants) for all
substrates studied, at threc different acidities

kit mol‘"As" at 25°

Substrate . 005-H* 0.5M-H* 13m-H*
Urea 0.03 0.36 0.59
2,4-Dinitroaniline 0.12 1.7 ~14*
Hydroxylammonium ion 0.15 2.1 9.6
Sulphanilic acid 4.6 5.5 11
Hydrazoic acid 8.0 105 680
Sulpha.mlaxmde 20 37 37
Hydrazinium ion k) | 390 1 820
Sulphamic acid 47 112 112+
4-Nitroaniline 72 207 250
Cysteine 26 ~200 *
Mercaptosuccinic acid t 64 ~600 *
Mercaptopropanoic acid 233 ~2000¢*

* Not measured directly at these acidities, but are extrapolated
values. ¢+ Measured in a paralle] study.?”

AN ks \+
NH + NOX 2> NHNO + X~
ks J/

N+ )
NHNO _%;_ Various products
7/
Scheme 2.

which suggests that diffusion control operates. As expected 4-
‘pitroaniline has a smaller £ value (2.3 X 10° 2 mol™2 7)., The
modsst overall reactivity of sulphanilic acid (Table 1) is of
course attributable to its relatively high basicity.

Nucleophile Catalysed Reactions.—A further complication
arises when comparing reactivities of various nitrite traps, if
non-basic nucleophiles such as halide ion or thiocyanate ion
(X~) are present, since these produce equilibrium concen-
trations of NOX species which can themselves effect nitros-
ation. Thus many cases of catalysis of nitrosation and diazo-
tisation by added halide ion and thiocyanate ion have been
noted. However this seems to be confined to amine substrates
and attention has been drawn®® to the fact that amide
nitrosation shows no such catalysis. This question has been
further examined and & pattern has emerged * in which sub-
strates containing a powerful electron-withdrawing group
{(such as the carbonyl group) show no catalysis. An explanation
has been put forward ® in terms of the reversibility of the
initial N-nitrosation (see Scheme 2); if X5[X"] > &k, no X~
catalysis should result. Scheme 2 should also include a mech-
anism for reaction vie H,NO,*, which could either be a
dominating or insignificant term. The same argument can be
(and has been) applied to the reverse reaction in the denitros-
ation of nitrosamines,?* nitrosamides,®# and nitrososulpho-
namides #* and lkads to the same conclusion that when
k_s[X~1» k. no catalysis by X~ of the denitrosation re-
action occurs.

We have in this paper examined each substrate given in
Table 1 for catalysis by added CI-, Br~, I, SCN-, and
SC(NH,),, and find catalysis for hydroxylammonium ion,
hydrazoic acid, sulphanilamide, sulphanilic acid, and 4-
nitroaniline, and no catalysis for urea, hydrazinium jon,
sulphamic acid, and 2,4-dinitroaniline. The results fit into the
general pattern that when there are powerful electron-

Table 2. Nucleophilic catalysis in the diazotisation of sulphanilic -
acid, [(H*] 4.8 x 107y, [NaNO;] 5.0 x 107, [sulphanilic acid) -
122 x 10™Mm, 25° .

[a-Iu ko/s™ [Br-}/m ks
0.025 0.382 0.025 72
0.050 0.708 0.050 115
0.075 0.963 0.075 14.6
0.100 126 0.100 169

1°[SCN-UN &/ 10°(1-I/m kofs
174 1.30 1.01 0.69
349 2.55 202 136
6.97 4.65 3.03 194
10.5 6.58 2.57

404

Table 3. Absence of catalysis in the nitrosation of hydrazinium joq
(10 x 1050, (H*] 0.21x, [NaNO,] 1.0 x 107, 25°

-l kofs™ (Br-lim kofs™
0.01 146 0.01 147
0.03 1.55 0.03 159
0.05 153 0.05 1.80
0.10 181 0.10 2.05

e kst
- o0l 0.38
0.05 0.37
0.10 041
0.20 0.40

* At 0°,

, N T

withdrawing groups present, C=O, ﬁH;. SO,H, and two
nitro-substituents, no catalysis occurs. These substn;té
should have a much larger value of k_y and so allow k_4[X~] >
k4 to be achieved more readily. The only apparcnt cxceptx

is the reaction of the hydroxylammomum ion NH,OH W]
it is believed that O-nitrosation is followed by rcarrangemen .
Thus the reactivity order is affected not only by the amdxty
of the medium but also by the presence of nucleophilic species.
This explains why hydrazo:c acid appears to be a better trap
than hydrazinium ion (as measured by the indirect method
carlier ¥ when the reaction medium was hydrochlonc acid
or contained added bromide ion. ey
TypwalsetsofdataarcmcludemeablesZand 3
respectively catalysis of nitrosation of sulphanilic aci and
the absence of catalysis in the nitrosation of hydnmne
Nucleophilic cata!ysxs has previously been reported for
hydroxylamine ion, hydrazoic acid,*? and 4-nitroaniline
whereas the absence of catalysis for the sulphamic acid
action has also been noted; ? the data for the other sul
are new. Contrary to a report in the literature ¢ we find it
catalysis in the nitrosation of the hydrazinium ion (sce Table
3)e|thcrat250t0° othcrthanavcrysmalleﬂ‘eetatmbu
to a salt effect. It is interesting to note the difference in'be
haviour between 4-pitroaniline and 2 4-dinitroaniline, where
the introduction of the second nitro-group is suﬂic:ep
remove eatalysxs completely. Presumably the inc
nucleophilicity is sufficient to ensure that £ [X"] > ke.
for 4-nitroaniline the reversibility is important as shown
by the curved plots of k; versus [X~). The full expression
the rate from Scheme 2 is given in equation (6), with

koK {SHHNO, X~ JH* JKnoxKs
(K. + H*)kSIXT1 + &)

Rate =
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Table 4. Values of k, (from Scheme 2) at 25°

Eafl mol ! 54

_ _Noal NOBr NOSCN NOSC(NH,),
NH;OH 59 x 10° 17 x 13: 12 x 107

13x 1
HN, 1.9 x 10° B
Sulphanilic acid 14 x 10° 099 x 10° 2.0 x 10 5.9 x 10°
Sulphanilamide 18 x 10° 44 x 107 73 x 10° 20 x 10°
4-Nitroaniline * 2.1 x 10¢ 4.3 x 107

* From ref. 24. § Two values were obtained, one at constant [HN;] and varying'[Br'] and the other at constant [Br=] and varying [HN,).

Table 5. Values of &, [equation (DY mo!™ s at 25°
SCN- 11 740
11 700
1 460
7091
7 200
6960

From measurements at different [SCN~}
From measurements at different [HN,])
Literature value at 0° (ref. 7)

From measurements at different [SC(NH;).}
From measurements at different [HN;)
Direct measurement (ref., 26)

SC(NH»),

additiona! term due to the uncatalysed reaction. Thus 4,
versus [X~] is linear if k_s[X~) <€ k, and k, is independent of
[X-)if k_s{X~] > k.. The intermediate situation can readily
be analysed by taking the reciprocal form of equation (6) and
plotting (ko)™ versus [X~J™. Values of k, are collected in
Table 4 for the five substrates for which we have found
nucleophilic catalysis. For most of the reactions k, versus [X ]
was linear over the concentration range studied but for some,
curved plots were found and analysis was carried cut by the
double reciprocal plot. The results show clearly the now
established trend * of reactivity NOC! > NOBr > NOSCN

+

> NOSC(NH,); with the values for both NOBr and NOCIl
approaching the diffusion controlled limit for the sulphanilic
acid case. The values for both sulphanilic acid and sulphan-
ilamide (again for NOBr and NOCI) fit reasonably well on the
log ks versus pK, plot (from ref. 24), illustrating that the
nucleophilicities of aniline derivatives towards electrophilic
nitrosation by a variety of reagents, show the same trend as
their basicities.

One further point of mechanistic interest emerges regarding
the nucleophile catalysed reactions of hydrazoic acid. Whilst
for [X~) = bromide the reaction was first order in {HN,],
for both thiocyanate and thiourea the reaction became zero
order in the substrate. This has previously been noted for
diazotisation at low acidities of aniline ** and nitrosation of
HN,’ at 0° for halide ion catalysed reactions. This has now
been extended to thiocyanate ion and thiourea catalysed
reactions at 25°. Zero-order dependence on HN, is to be

k .
H,NO, + SCN- =2 NOSCN + H,0
.

NOSCN + HN; _%_ Products
) Scheme 3.
expected when (Scheme 3) &J[HN,] » k_s and attack by
SCN~ (or thiourea) is rate limiting. The rate equation is then
given by equation (7). Values of k, are included in Table §
Rate = k,[HNO,J[H*[SCN-] (or [SCINH2:D (D)

and were obtained in two ways, (2) from the variation of k,
with [SCN -] (or [SC(NH;),;]) and (b) from measurements at

different [HN,]. There is good agreement between the two
methods. No rate constant for the reaction of an anion with
nitrous acid has been reported at 25°, but it has been argued *
on the basis of the similarity of values for different anions at
0°, that the reaction rate is close to diffusion limit. Our
value of 11 700 1> mol™ s™ is perhaps rather larger than ex-
pected, given the reported value at 0° of 1 460 I2 mol™ s, and
corresponds to an activation energy of ca. 56 kJ mol™* which
is significantly larger than that expected for a diffusion-
controlled reaction. For the thiourea reaction there is excel-
lent agreement between our k; values and that reported %
for the direct reaction between thiourea and nitrous acid in
acid solution. If both reactions are at the diffusion controlled
limit then the difference between 11 700 1> mol™2 s™* for SCN~
and 7000 12 mol? s for SC(NH,), may bc due to the dif-
ferent charge type of the reactants.

Experimental

All materials were of the highest purity grade available and
were used as such. Fresh sodium nitrite solutions were used
daily. All the kinetic experiments were carried out under
first-order conditions with [substrate] > [HNO,] except for
4-nitroaniline and 2,4-dinitroaniline where the nitrous acid
was in large excess. Most of the reactions were followed by
stopped-flow spectrophotometry noting the disappearance of
the absorbance at 360 nm due to HNO, or for the aniline
derivatives, the appearance of the absorption due to the
diazonium ion or the disappearance of the amine absorption.
The spectrophotometer was interfaced with an Apple 1I
Europlus microcomputer using Hitech stopped-flow data
acquisition software, The mean value of at least five separate
kinetic runs was taken. For the less reactive substrates, e.g.
urea and 24-dinitroaniline, reaction was followed in a
conventional spectrophotometer.
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Hydrazine is oxidized by hot nitric acid in a first-order reaction to
is =d In (N,H,)/d¢ = k(NO;")(H*)? where k = 5.8 % 105 M-
consistent with a reaction mechanism that involves HN;, HNO,, and the N,H; frec radical as intermediates and N,, N,O,
NH,* as products. The Arrhenius equation constants over the temperature range 70-100 °C were 4 = 1.2 X lO" M"
and E = 26 keal/mol. The reaction is catalyzed by Fe*, and the rate data are correlated by the semiempirical expression
[(N,HJ/(NZPL)‘,] = ~[a{Fe**) + b{Fe**))(H*)? where ¢’ = 0.114 M2 min™! and b= 0.065 M2 min™!, A reaction mechanis
is proposed for the ferric-catalyzed reaction whose major reactions involve the reduction of Fe** to Fe?* by hydrazine and the

oxxdanon of Fe?* to Fe** by nitric acid.

Introduction

Hydrannclsusedmnndwﬁxclrcproe&mgasbothuedumg
agent and a nitrous acid scavenger.? As a reducing agent,
hydrazine normally reacts slowly at room temperature but has
reaction rates at higher temperatures rapid enough to be useful
for the reduction of Pu(IV) and Np(V).? The rapid reaction of
hydrazine with HNO, is applied to the stabilization of U(IV)
nitrate, ferrous sulfamate, and hydroxylamine solutions in sol-
vent-extraction and jon-exchange processes for the separation of
uranium, actinides, and fission products. A recent application
is the usc of hydrazinium ritrate-HNO;—KF solutions for dis-
solving plutonium metal.* Hydrazine prevents the precipitation
 of plutonium(IV) oxides during the dissolving of plutonium metal.

Many of these applications involve temperature and acid
concentrations where the stability of hydrazine is unknown and
where the maintenance of a hydrazine concentration is critical
to the success of the process. This study was begun to provide
more detailed information on the reaction rates and products of
the hydrazine—nitric acid reaction. Since Fe(II) is used as a
reagent in the chemical processing, the effect of Fe(IT) and Fe(I1I)

- on hydrazine oxidation was also investigated.

Experimental Section

Reagents. Hydrazinium nitrate solution was purchased by the Sa-
vannah River Plant (SRP) from Fairmont Chemical Co., Newark, NJ,
as & 3.6 M solution. The solution for the study was obtained from the
plant stock. Nitric acid, sodium azide, sodium hydroxide, and ferric
nitrate were CP grade reagents. Ferrous nitrate solution was prepared
by dissolving iron metal in 3 M HNO;-0.5 M N, H -HNO,; at a tem-
perature below 50 °C.

Analyses. Hydrazinc was determined by the indirect iodate method.
The sample was added to & measured excess of standard KIO, solution,
scidified with 2 M H,SO,, and mixed for 1 min or more. Unreacted
KIO, was reduced to I, with an excess of 0.1 M KI solution, and liberated
I, was titrated with standard N2,S,0; solution.

Hydrazoic acid was determined by two methods. For small samples,
the solution was mixed with HNO,~Fe(NO;), solution and the concen-
tration of the FeN,** complex determined spectrophotometrically.’
When large amounts of sample (~5 mL) were available, HN, was
nitrogcn-sparged from an acid solution and collected by absorbing the
vapor in & measured volume of standard NaOH solution. A few drops
of Fe(NO;); solution were added to the sample before sparging; the
disappearance of the red-brown FeN,»* color indicated complete removal
o&?j, Hydrazoic acid was then determined by titration with standard

Nitric acid was determined by titration with standard base with a
methyl red indicator. Ammonium ion was detcrmined with an ammonia
electrode (Orion Associates, Cambridge, MA).

Gas samples were analyzed by 2 Hewlett-Packard Model §750 gas
chromatograph with a Carbosieve column. Results were corrected for
gir leakage from oxygen analyses.

Ferrous ion was determined by titration with standard ceric sulfate
solution in 2 M H,SO,. Tests found that interference from HN, or N,H,
was negligible under these conditions.

1 The information contained in this article was developed during the course
«of work under Contract No. DE-AC09-76SR00001 with the US. Department
of Eacrgy.
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FodnceN;. N,O, HN,, and NH,*. The rate law for the reaction
min™! at 100 *C in 5.44 M HNO; and & = 6. The data are -

.NaN, and Fe(Nf),)z were added afte_r the hydrazine additi

v Results

Contribution from the Savannah River La

Procedure. The reaction vesscl was & two-necked 100-ml -1
mersed in a thermostated oil bath. One neck of the flask '
reagent addition and liquid sampling; the other neck was fitte
reflux condenser that was connected at its upper end to a gas san
The gas sample bulb was in turn connected to & water-filled flas
ofution of gas during the reaction dlsplaced water into i
cylinder for mecasurement. The reaction mixture was magn
red. Gas volumes were determined in parallel expenmcn
disturbed by solution sampling. :

The initial solution volume in all experiments was $2 m
milliliters of concentrated nitric acid (15.7 M) and a com!
of 26 mL of water, 10 M NaOH, and 1.3 M Fe('NO,),
mixed and brought to the sclected temperature in the oil ba
action was initiated by adding 8 mL of 3.6 M N,HHNO.

strength (HNO; + NaNO; + HN; + NH,NO;) w

The concentration of NaNO, in this study is always ¢
between 5.44 M and the acid concentration. For example,
441 M HNO, in this paper is a reaction in 4.41 M ]
NaNO, .

A. Nitric Acid Oxidation of Hydrazine. Aci Depe
Experiments in 6.0 M NO;~ at 100 °C established ir tm!l
the reaction was first order in hydrazine. Figure 1
first-order plot for the concentration of hydrazine wit|
the initial conditions 4.38 M HNO,-0.55 M N,H I
reaction rate was also found to depend on the square of the acidity
(Table I).

Reaction Products. The products of the hyd _
reaction are Nj, N,;0, HN;, and NH,*; no NO
detected in any of the gas samples. Figure 2 sho
trations of N,H,, NH,*, and HN; during the reactio
rateofgasevoluhondunngtbcreacuon in 5.44 M HN
°C. The decrease in HN, concentration near th
reaction indicates that HN, is being destroyed as well
in the system. A I-h test in 6 M HNO, at 100
there was no change in the concentration of NH*
of error of the experiment, £3%. Ammonium
considered to be a final product. Data for the uf
of the reaction are presented in Table 1.

HN,; Volatility. Pure HN; is quite volatile (bp 3
is easily removed from acid solutions by a spargi

(1) Kelmers, A. D,; Valentine, D. Y. "SaarchforA!tcma Jolaing
ductants to Stabilize Plutonium(IIT) Solutions”, Report O 1
6521; Ok Ridge National Laboratory: Oak Rldge,

2 Perrott..lR.Stedman,GJInorg Nucl. Chem. 1 "

(3) Karraker, D.G. “H; neamofnp(wmruﬂvl
Report DP-1601; E. 1. du Pont de Nemours & Co.,'Sa
Laboratory: Aiken, SC, Nov 1981.

(4) Karraker, D. G. “Dissolution of Plutonium Metal in HNOy=
USDOE Report DP-1666; E. 1. du Pont de Nemours
River Laboratory: Aiken, SC, July 1983.

{5) Dukes, E. K.; Wallace, R. M. Anal. Chem. 1961, 33,

(6) Armold, J. M. Ind. Eng. Chem., Anal. Ed. 1945, 17,

(7) Yost, D. M.; Russell, H., Jr. “Systematic Inorganic Cl
tice-Hall: New York, 1946 p119.

(8) Maya, B. M; Stedman, G. J. Chem. Soc., Dalton Tmns

(9) Templeton, J. C.; King, E. L. J. Am. Chem. St
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fina! concn, M
(HNO,), M N,H, . HN, NH,*

reacn half-time, b half-time X (HNO,)? 10°.,* M2 min™

5.44 0.083 0.077 0.061
5.20 0.035 0.078 c

5.05 0.041 0.030 0.085
4.41 0.12 0.096 0.067
390 0.074 0.072 0.063
341 0.2 0.13 0.062
3.04 0.18 0.090 0.070
298 0.19 0.095 c

2.56 0.33 0.077 0.055

[N |

[

1. Typical rate data. Reaction conditions: 4.38 M HNO,, 1.24
aNO,. 100 °C.

B T

=min

0

I 1 1 1 1hid

d ,_2'4%lossmlhat80°Canda20%lossmlhat 100
The loss at 100 °C is believed due to the oxidation of HN,

1.08 320 6.00
12 324 5.96
L4 357 5.41
1.6 311 6.21
2.1 319 6.05
3.0 349 5.53
33 297 6.49
39 34.6 5.58
5.5 360 536
3324 1.9 (av) 583 £ 0.33 (av)

Initia) conditions: 0.55 M N;H HNO,, = 6.0. *k for d In (N;H,)/ds = k(NO;)(H*). “Not determined.
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Figure 3. Data for the N-sparged reaction for 4.35 M HNO5~1 22 M

NaNO; at 100 °C and 70 mL of N,/min.

by HNO;, and a calculated first-order rate constant for this loss
is ca. 4 X 107 min™?. Other workers have reported a first-order
rate constant of 5.1 x 10°? min™! at 97 °C for the oxidation of
HN,; by 6.1 M HNO,.* The HN;-HNO, reaction rate is strongly
acid-dependent,? so the agreement between values is quite good
and supports the assumption that oxidation by HNOj is responsible
for HN; loss at 100 °C,

In several experiments, HN, was continuously removed from
solution by & sparging nitrogen stream and collected from the N,
stream by scrubbing with 0.1 M NaOH. The effect of HN,
removal on the oxidation of N;H, is shown in Figure 3; the
continuous removal of HN; causes a deviation from a first-order
reaction. The HN, recovered in the NaOH-filled scrubber cor-
responded to a 90% yield for HN, from N,H,-nitrogen. Sparging
the solution is a simple preparation for HN; or NaN,.

The oxidation of hydrazine can be expected to have a free-
radical mechanism.!!"13  Several attempts were made to scavenge
free radicals by sparging the reacting solution with ethylene or
acetylene at flow rates up to 70 mL/min. The rate data were
indistinguishable from data obtained by N, sparging, so it was
concluded that the experiments were unsuccessful. Neither C,H,
or C;H, is a particularly good radical scavenger, but normal
radical scavengers are too unstable for usc in this system.

Gaseous Products. After a bricf induction period, N, and N,O
are evolved at a rate that decreases more slowly than the decrease

(11) Higginson, W. C. E. Spec. Publ.—Chem. Soc. 1957, No. 10, 95~112.
(12) Cahn, J. W,; Powell, R. E. J. Am. Chem. Soc. 1954, 76, 2568.
(13) Higginson, W. C. E.; Wright, P. J. Chem. Soc. 1955, 1551.
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Figure 4. Gas evolution rates at 100 °C for (A) 544 M HNO,-0.55 M
N;H HNO;-0.15 M NaN; and (B) 5.44 M HNO;-0.55 M N;H HN-

0,

Table II. Gas Evolution Data® at 100 °C

vol %
(HNO,), M {(NaN,;),M  gasyield, mmol N, N;O0
55 223 76 24
4.0 17.3 7 23
30 . 10.6 ¥ 21
55 0.15 306 72 28
30 0:15 IRIR! 3 27
#Initial (N,HHNO,) was 0.55 M.

in N,H, concentration (Figure 4). The gas evolved is 21~24%
N0, and the N,O content does not appear to be significantly
affected by acidity (Table II). The initial addition of HN, leads
to & rapid initial evolution of gas that is richer in N,O than normal
and to an increase in the total gas evolved (Table II, Figure 4).
A simple calculation indicates that about 40% of the gas evolved
from the HNj; addition is N0, suggesting that the reaction

HN3 + HNOz - Nz + Nzo + Hzo

is a major contributor to the production of N,O.

Temperature Effects. The oxidation of hydrazine by nitric acid
has a strong temperature dependence. Reaction half-times in 5.44
M HNO, at Jower temperatures (h, °C): 2.7, 90; 8, 80; 33, 70.
The corresponding values for k are shown graphically vs. 1/K in
Figure 5. The constants for the Arrhenius equation

k = A exp(~-E/RT)

are A = 1.2 X 10! M3 min™! and E = 26 keal/mol.

Net Reaction. The net reaction depends on the time allowed
for the reaction. For & reaction in 5.44 M HNO, at 100 °C that
was 75% complete, the net reaction is approximately

sz + 0.8HN03 -
0.19HN; + 0.17NH,NO, + 0.7N, + 0.2N,0 + 1.8H,0

B. Iron-Catalyzed Oxidation of Hydrazine. Nature of the
Reaction. The catalytic effect of iron ions was studied primarily
at 80 °C and with an initial iron concentration of 0.1 M. These
conditions were chosen to keep the reaction rate in 8 measurable
range for the sampling techniques used, to have iron concentrations
in a measurable range by titration techniques, and to ensure that
the main route of the hydrazine oxidation would be by the iron-
catalyzed reaction, rather than nitric acid oxidation. Preliminary
experiments found reaction half-times of 0.33, 2.7, and 8 h for
0.1 M, 102 M, and zero ferric nitrate, respectively, added initially
to the reaction mixture. From these data, it can be calculated
that 97% of the hydrazine oxidation occurs by the iron-catalyzed
route at 80 °C with 0.1 M Fe(NO;); initially present, but only

-evolution (Figure 7). The measured difference

10%%, M=3 min~?

1 t
27 28

WK x 10,
Figure 5. Temperature dependence of the reaction in 5.

= L} -
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T_

02}

=

Conc, M

I_rﬁ'

N
Minutes

6. Reactant concentrations. Initial conditions: 4

0.1 M Fe(NO;);, 0.55 M N,H,-HNO;, 80 °C,

55% of the oxidation proceeds through a catalytic
initial Fe(NO;), concentration is 1072 M. S
iminary experiments found that not only were th
oxidized and reduced during the reaction but also the
oxidation of hydrazine accelerated as the ferric
increased (Figure 6). Iron ions were added both as
and as hydrazine-stabilized Fe(NO,),. When 0.1
added initially, there was a rapid evolution of gas d
10 min of the reaction at 80 °C in 2.93 M HNO;;
initial iron addition was 0.1 M Fe?*, there was on

additions of Fe’* and Fe* was 2.3 mmol of gas. -1
reaction was expected from the results of earlicr investiga
and is due to

N,H,* + Fe** — N,H, + Fe?* + 2H

followed by
2N H; + 2H* — 2NH,* + N,
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1 1 - 1 1 I
* —
G
B)
1% 1 1 1 | 1
. Minutes s 12

as evolution from 2.93 M HNO;-0.55 M N,HHNO, at 80
1 an initial addition of {A) 0.1 M Fe(NO,); or (B) 0.1 M Fe(N-

| 4 | 1 |
HNO,, M ¢

nure 8. Fe** concentration 10 min after reaction initiation.

- Initial Fe** Concentration® and Reaction Half-Times

M T, °C (F*), M reacn half-time, min

80 0.040 16
80 0.030 18
80 0.027 2
80 0.010 26
80 0.014 28
80 0.005 43
70 0.038 60
70 0.039 62
90 0.039 14
90 0.01 9
%0 ¢ EX)
90 c 84

al concentrations: 0.55 M N,HAHNO,, (Fe*) + (Fe?*) = 0.1
Fe**) + (Fe?*) = 0.013 M. “Not dctermined.

reduction of the 5.2 mmol of Fe’* initially added could
2.6 mmol of N;. As the reduction of Fe** in the first
0'min is 87% complete, the expected yield of N, is 2.26 mmol.
;?ie .3-mmol experimental value agrees well with the calculated
The initial reduction of Fe** depends on both the acid con-
tration and the temperature. Higher acidities and higher
tures result in a higher Fe** concentration in the initial
ge of ‘the reaction. The concentration of Fe’* 10 min after
on initiation at varying acidities is shown in Figure 8; data
e"' concentration and initial reaction half-times are shown
[able III.
The Fe* concentration measured 10 min after the start of the
ction is normally the minimum concentration and increases
Luring the hydrazine oxidation. The Fe**/Fe?* ratio maintains
dy state between the reduction of Fe** by hydrazine and
intermediates and the oxidation of Fe** by HNO;. When

Inorganic Chemistry, Vol. 24, No. 26, 1985 4473

g
T
1

“in [INH,HINg )]
L)

L — 1 l 1 |

Figure 9. Data fit for 293 M HNO,;-0.1 M Fe(NO,);-0.55 M Ny
HHNO, at 80 °C. Points arec experimental; linc is a computer fit.

‘Table IV, Least-Squares Constants from Data Fit®

(HNO;),

M T,°C g, M'min? gf(H*) b MImin? b/(H")
544 80 0.656 £0.029 0.121 0348 £0.055 0.064
4.67 80 044820012 009 0311 £0026 0.066
390 80 041410008 0.106 02390010 0.061
3.30 80 04160017 0.125 0.243 £0.017 0.073
293 80 036440004 0.124 0.184 £ 0.004 0.063
1.99 80 04020015 0201 0.176 £ 0.003 0.086
544 70 0.1830 0005 0.033 0098 0008 0.018
3.9 90 1.02£0.05 0.262 098 £0.14 0.025
390 70 0.147£0.002 0038 0.073 £0.003 0019

*Initial conditions: 0.55 M N,H -HNO,, 0.10 M Fe*t, u = 6.3.
Constants for -In [(N;H,)/(N,H,)o] = [a(Fe**) + b(Fe?)]s.

the hydrazine concentration becomes small, the Fe?* concentration
increases and the reaction rate increases, as in Figure 6.

Reaction Rates, Table 11 shows the reaction half-times as
measured by the initial slope of a graph like Figure 6. Between
5.44 and 2.93 M HNO,; at 80 °C, the reaction has a first-power

nce on acidity, The reaction rate increases about a factor

of 3 for each 10 °C increase in the temperature.

A more detailed analysis of the data involved 2 computer fit
of the data to & two-path model. Of the several fits attempted,
the best fit was achieved for the model

=In [(N;H,)/(N;H,)o] = [a(Fe**) + b(Fe**))t

where (N;H,), is the initial concentration of hydrazine and the
values for (N,H,), (Fe**), and (Fe?*) are the experimental values
measured at time 7 (min).

The run data were fit with 2 nonlinear least-squares program
(PROC NLIN) in the SAS'* system on an IBM 3081 computer to
determine values for the coefficients @ and b. A sample of the
computer fit for onc data set (2.93 M HNO,, 0.1 M Fe(NO,);,
0.55 M N,HHNO,, 80 °C, initial conditions) is shown in Figure
9. The average deviation for this data set between the experi-
mental data and the computer fit was 1.4%. Values for a and
b for all data are shown in Table IV.

The values for both ¢ and b show & linear dependence on acidity
for the data at 80 °C at 2.93 M HNO, and higher acidities. (See
the first five entries in columns 4 and 6, Table IV.) At 80 °C,
a = 0.114(H*) and b = 0.065(H"*); the computer-fitted data can
be represented empirically by

-In [(N;H)/(NoHedo) =
[0.114(H*)(Fe**) + 0.065(H*)(Fe**)]t

where ¢ is in minutes.

Temperature Dependence. The temperature dependence of a’
= af(H*) and b’ = b/(H*) was determined from a graph of the
appropriate values from Table IV vs. 1/T (Figure 10). The

(14) SAS Institute, Inc., P.O. Box 8000, Cary, NC 25711.
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Figure 10. Temperature dependence of constants a’ and 4”,
Table V. Reaction Products for Fe’*/ Fe**-Catalyzed Hydrazine -
Oxxdamn
final
initial mmol %
(HNOy), M (F*),M T,°C NH;* HN;, N,+NO N, N,0
544 0.1 9% 161 26 20.9 76 23
0.1 80 166 25 19.0 7% 2
90 47 49 74 26
0.013* 90 130 32 20.4
0.076* 65 140 236 13.7 82 18
' 0.013 9% 135 32 18.5 69 31
4.67 0.1 80 15.1 29 193 72 28
3.90 0.1 90 140 20 80 20
0.1 80 16.6 19.9 72 28
0.01 9% 166 3.1
0.1 70
293 0.1 80 125 36 1 29
1.99 0.1 80 151 31 183 68 32

#Fe**, dReaction incomplete.

temperature dependence of b’ is about 30% greater than the
temperature dependence of a’.

Reaction Products. The reaction products (Table V) show
remarlcably little variation with temperature and acidity. There
is a slight increase in the N,O yield at lower acidity that may be
real. However, the percentages of N, and N,O change enough
during a reaction that the composition of the gas sample can be
affected by the time of sampling. In & reaction at 90 °C, 5.44
M HNO,, and 0.10 M Fe(NO;),, gas samples showed 89%, 74%,
and 65% N, at the beginning, middle, and end of the reaction,
respectively. Large gas samples were taken to obtain an average
value, but the gas samples did not include all the gas produced
during a reaction.

The major difference between the Fe”-eatalyud and the un-
catalyzed reaction is the large increase in NH,* produced in the
catalyzed reaction. The uncatalyzed reaction (Figure 2) produces
roughly equal amounts of NH,* and HN;; the Fe*-catalyzed
reaction produces about 5 times as much NH,* as HN;.

Net Reaction. The net reaction at 80 °C in 2.93 M HNO; with
0.1 M Fe** catalyst can be calcutated from the data of Table V
to be

N1H4 + 1.4HN03 -
0.56N, + 0.24N,0 + 0.15HN; + 0.70NH,NO; + 1.5H,0

" reaction products that were consistent with the experimer

Discussion s

A. Hydrazine Oxidation by Nitric Acid. Reaction V
The mechanisms for the oxidation of hydrazine ha '
subject of kinetic investigation for over 60 years, but no sty
the oxidation of hydrazine by nitric acid has been"
(Stedman and co-workers® indicate that they have a
progress.) Hydrazine can react with one-electron
(Fe**) to produce the hydrazyl radical, N,H,, or with'
tron-oxidizing agents (HNO;) to produoc the diazene
N,;H,.11"13 If one accepts the proposal!! that the initi
mcformanonofHNOzandmcdmmnc radical, the initial
is .

k :
N,H;* + HNO, — N;H, + H* + HNO, + H
followed by the very rapid'? reaction between N;Hg*

k
N,H;* + HNO, — HN;, + 2H,0 + H

The reactions with initial additions of NaN; showed
creased Ny-N,O yields and an increase in tch,O/Nzra
suggests the secondary reaction!’

HN3 + HNOz—’Nz + Nzo + Hzo

The N,H, radical reaches a steady state between its
in reaction 1 and its destruction by

N,H, + HN, + H* —= 2N, + NH;*

k .
N,H, + HNO, — N, + HNO, + H;0

HNj also reaches a steady state among reactions ;
reactions were found sufficient to derive rate laws for i

‘Other reactions were considered but ruled out as
with the experimental data or unlikely from reactant co:
tions. The reaction® between HN; and HNO, yields
ofN,, N.O, andNOasgascousproducts and was not
since no NO was found in nnalym of the product 2
radical-radical dis- and reapportionation reactions of N
been suggested!!

H* + 2N1Hz - Nz + N2H5+
H* + 2N2Hz — HN; + NH4+
but require reactions between two N,H, radicals, w
present in very low concentration. A reaction betwecn}w

radxcalsasthercfomunlikclytobcamaprmctxonm»
The reaction

N,H, + HNO; — ¥/,N,0 + ’/,H,O 3
appears plausible, but on detailed analysis leads to N;O/N
greater than 1, in disagreement with the experimental’
To describe the gystem conceptually, as hydrazine is ¢
the reactive specics HNO,, N;H,, and HN; are prod“ d 4
achieve a steady state between their production and des!
When steady-state conditions are established, the ox da
ceeds by & first-order rate law.

Rate Laws. From the equilibria described by
(N,Hs")
(NH)(H*)

(HNO,)
(NOy)(H*) :
and reaction 1, the experimental rate law is derived as

d(NH,) /dt = -k,(N,H;*)(HNO;) -

d(N,H,)/dt = -k, X, .Kz(N;}h)(NO,’)‘"(Hf)z,

K= = 8.5 X107 at 25 °C

) = =~ 228125 °CH .

(15) Phelan, K. G.; Stedman, G. J. Chem. Soc., Dalton Tmn;s." 1
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d In (N;H,)/dt = -k'(NO; W (H')? = —F (10)
k'= k|K]K1 F= k(N(),-)(H")z

corresponds to the experimental rate law.

e laws for the concentration with time of N;H,, NH,*, and
N; are derived in the Appendix from reactions 1~5. The de-
rations assume steady-state concentrations for N,H; and HNO,,
rms of lesser magnitude, and treat some slowly varying
as constants. The derived rate laws will be compared with
a sets for the acid range 3-5.44 M and illustrated for data

M (Figure 2 and Table VI).

(N;H))

(N:H),

2k (HN;) + 3k'(NO;y)
k(HN;) + k/(NO;)

value of n, considering HN, as a constant, was obtained
oompanng rate data for NH,* with the rate law for NH,*
ved in the Appendix. The rate law for NH,* is

k(HN;)[(N;H,)o — (N2H),
- +) =
(NH,*) 2k(HN,) + 3k/(NOy") (12)

graph (Figure 11) of (NH,?*) vs. [(N,Hy), - (N,H,),] for
ita of Figure 2 (tabulated in Table VI) shows a linear fit
the experimental data.

The slope of the straight line (Figure 11) had an average value
'0.155 2 0.010 for four sets of data over the acid range 3-5.44
Then

= —nFt 11

: k(HN;) :
0.155 = (13)
2ky(HN;) + 3k/(NOy")
‘which k,(HN,)/ks(NOy") = 0.67 and n = 2.60. The ex-
nental first-order rate constant k = nk’= 5. 83 x 1075 M3
hence, k' = kKK, = 2.24 X 1075 M3 min
rate law for HN; as derived in the Appendix is
=1 = ky(HN)H(NHO)o = (NaHL), _
 2k(HN) + 3k/(NO;)
FEENDI + kN
k) (H*)[k(HN;) + k5'(NO5))
igure 12 shows data from Table VI grapbed against [(N;H,),
Ho,] The initial slope of the graph is due to the first term
4, and the curvature at high values is approximated by the
term. Three other sets of data over the acid range 3-5.5
HNO, had an initial slope of 0.48 & 0.01, with no apparent

ith acid concentration. A lmst—squars program fitted the
.Tablc VI to eq 14 (Figure 12), yiclding

, 1 - k(HN;)
2k(HN3) + 3k/(NOy)

= 0.482 £ 0.015 (15)

FI3(HN,) (1 + ky(HN,)]

) k_a(l'ms) + ks'(NOy)]
15 combined with the ratio k(HN3)/k/(NOy) = 0.67
13 ynclds k(HN;) = 0.25 and k'(NO;™) = 0.37. From

values and eq 16, ky/(H*)/ky(HN;) = 8, which supports
mumptxon used for tlns approximation in the Appendix, eq

=84 (£0.5) X 10  (16)

An'estimate of the concentration of the N,H, free radical can
de from the rate law for nitrogen. This rate law

)/dt =
d(szo)/ dt + [2k(HN,) + k/(NO)I(H*)(NH,) (17)
0 be solved for the N,H, concentration from the values for
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Figure 12. HN, data at 5.44 M HNO, and 100 °C. Points are data;

line is calculated from (14).

k,(HN,) and ks'(NO;") and the data (Table VI) for the rate of
N; and N,O evolunon (Appendix). When thesc values are sub-
stituted, N,H, concentration is calculated to be ~2 X 1074 M
during the first reaction half-time. When average values for HN;
and N03- are subsﬁtuted, k4 = 3,1 M3 min™ and ks’ = kSKz =
0.062 M2 min!. As K, is of the order of 10, reaction 4 must
be at least 100 times faster than reaction S.

B. Ferric Catilysis. Reaction Mechanism. The proposed
mechanism for the Fe**-catalyzed oxidation of hydrazine proceeds
through the oxidation of hydrazine by Fe** and the oxidation of
Fe?* to Fe* by HNO,. These reactions compete to create 2
steady-state concentration of Fe’*, the pnmary oxidant for hy-
drazine. However, the detailed mechanism is considerably more
complex. Hydrazine normally reacts with one-clectron oxidants
to form hydrazyl (N,H,) frec radxuls." 1316 Reduction of HNO,
can lead to NO,, HNO,, and NO as intermediates.'”® The
reactions of the intermediates lead to the ﬁnal products N,, N;O,
NH,*; and HN,.

A plausible reaction mechanism begins with the primary re-
action between Fe*t and N H*:

FC}" + Nz“s — Fel* + 2H+ + NzHg (18)

(16) Higginson, W.C. E,; Sntton,D Wright, P. J. Chem. Soc. 1953, 1380,
(17) Stedman, G. Adv. 1 Chem. Radiockem. 1979, 22, 113.
{18) Epstan,LR.,Kusun.K. Wmhaw,l. J.J. Am. Chem. Soc. 1980, 102,
3751,
(19) Orban, M.; Epstein, L R. J. Am. Chem. Soc. 1982, 104, 5918.
(20) Kummer, J. T. Inorg. Ckim. Acta 1983, 76, L291.
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Fe?* is oxidized by HNO;, and under conditions where HNO,
is in large excess, the most probable reaction is

Fe** + HNO; + H* — Fe** + NO, + H,O  (19)

NO; must reduce rapidly to HNO,, since no NO, or NO was
found in any gas sample. Two paths are possible, reduction by
Fe?* or by N,H*, as

Fe** + NO, + H* — Fe’* + HNO, (20)
NH* + NO,—~ HNO, + N;H; + H  (21)

HNO, is rapidly scavenged by N,Hs* and HN,:1521
HNO; + N;H;* — HN;, + H* + 2H,0 (22)

HN; + HNO, - N,O0 + N; + H,0 (23)
The hydrazyl free radical reacts'! by

IN;H, + 2H* — 2NH/* + N, 24
N,H; + 2H* + Fe?* — N;Hg* + Fe** (25)
N,H, + Fe** — N,H, + Fe?* + H* (26)

The diazene free radical also reacts!! by
NH, + HN; + H* — 2N, + NH,* @n
N,H, + 2Fe* — 2Fe** + 2H* + N, 28)

The relative importance of reactions 18-28 can be estimated
from the data of Tables HI and IV. These reactions are largely
responsible for maintaining the Fe**-Fe?* steady state and oxi-
- dizing N;H,. Reaction 23 is the only reaction that produces N,O
and thus accounts for about 55% of the gascous products. Re-

- action 24 is most important in the carly part of the reaction. As
the N,H, concentration is depleted, the concentration of N,Hj;
radicals decreases and the bimolecular reaction becomes less
probable. Reactions 26-28 become more important as the reaction
nears completion.

Rate Law. Ideally, & rate law for the concentration of the
reactants and the products as a function of time could be derived
from a stcady-statc treatment of reactions 18-28. However, the
system is quite complicated and a number of approximations and
assumptions were necessary to solve the equations. The derived
rate law should have a form similar to the experimental rate law

In [(N;H)/(N;H)o) = ~[aFe*) + bF))(HY):  (29)

where ¢’ = o/(H*) and b’ = b/(H*)

With different approximations, three different rate laws for
hydrazine were derived. All three had the same lmdmg term as
the experimental rate law, —k,(Fe*")(H*)t (k," = a’= 0.114 M2
min™! at 80 ®C), but none agreed with the acid dependence of the
second term. Attempts to computer-fit data to the derived rate
laws were unsuccessful. .

Conclusion

The experimental data for the oxidation of hydrazine by nitric
acid are remarkably consistent with the rate laws derived from
a relatively simple set of reactions, 2 circumstance that may be
fortuitous. A change in experimental conditions that increases
the reaction rate (higher temperatures, higher acid mnccnu_'aﬁons)
could make some of the reactions that were not considered in this
analysis significant and render the approximations of the treatment
presented here inadequate. At lower acid concentrations and lower
acidities, this study is considered satisfactory and should provide
& useful basis for more elaborate studies, such as N experiments.

The rationalization of the data for the ferric-catalyzed hydrazine
oxidation is considered only partially successful. There is probably
some competition with the uncatalyzed reaction at low acidities,
and the relative importance of the reactions proposed for this

(21) Perrott, 1. R.; Stedman, G. J. Inorg. Nucl. Chem. 1977, 39, 325.

‘Réaction

A(N;H) /dr = -FN;H,) ~ koK) (N;H) (H*HNOy)

Table VI. Run Data for 5.5 M HNO, at 100 °C

time, (N,H.) (HN;)- ('NHo’).
min M
0 0,586

10 0.514 0.040

20 0.432 0.052 0.018

30 0.381 0.073 0.024

40 0.337 0.088 0.032

50 0.302 0.101 0.040

60 0.270 0.104 0.049

70 0.243 0.111

80 0.218 0.110 0.053
100 0.154 0.111 0.060
120 0.124 0.108 0.063
140 0.104 0.101 0.067
160 0.091 0.100 0.070
220 0.040 0.085 0.077
280 0.017 0.063 0.084

system changes during the course of an experiment. -
circumstances, it is difficult to estimate whether th
of the derived rate to be consistent even with the o
hydrazine is due to the complexity of the system, § th”
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Appendix. Derivation of the Rate Laws for the N k

The rate law for N,H, from reactions 1 and 2.

where F = k(NO;)(H*)2
The rate law for HNO, from reactions 1, 2, and
d(HNO,)/dr = F(N;H,) - k,'(N,m)(H*‘)(HNo,_)
ky(HN;)(HNO,) + ks’(NOJ-)(H+)(N1HZ)
where kz = kIKl and ks = kus
The rate law for N,H, is
d(N;H,)/dt =
F(N;H,) - [k((HN;) + ks’(NO )](H“)(NzA
Equatlons A2 and A3 can be solved for (HNO;) :

by assuming steady-state conditions, i.e., d(HNO,) /¢
(N;H,)/d¢ both equal to zero. Then

F(N,H,)
H,) =
MHa) = Ny + k7O

and

(HNO,) =
k(HN,) + 2k,'(No;)) FONHY.
k((HN;) + k/(NO;) ] k/(NH)(HY) + Ky

If it is assumed that k;'(N;H)(H*) >> ky(HN,) (a
defended in the Discussion), then '

k'(NH)(H*) + ks(HN;) = kz'(NzHJ(H"')
dIn (N;H)/dr = _r( 2k, (HN,) + 3""(N°’—)) -

k,(HN;) + k4/(NOy)



ation A7 can be integrated by considering the HN; concen-
ation constant. The result is

(NH,)
(N2Hy)o

= —nFt (A8)

_ 2k,(HN;) + 3k/(NOy)
k(HN;) + kJ/(NOy)

¢ rate law for NH,* from reaction 4 is

~ d(NH*)/dr = k(HN;)(H*)(N,H,) (A9)

tituting from eq A4 for (Nsz) gives

- k(HN;)(N;H)F

k(HN;) + k/(NOy")

replaced by (N,H,), exp(-nFt), and the mnltmg ex-
jon is mtegrated. After evaluation of the integration constant,
result is

d(NH,*)/dt = (A10)

" ky(HN,)
2ki(HN;) + 3k5/(NOy)
_ useful form is the equivalent expression
' ky(NH;)

‘v + - -
) = HINy) + 3k (N0 L e

)(N2H4)o[1 - exp(-nF1)] (All)

(N,H)/
(A12)

ere (Nzl'i.), is the N,H, concentration at time 2.
te law for HN,, derived from reactions 2—4, is

,/ ds = [k (N;H)(H*) - k;3(HN;)](HNO,) -
ky(HN;)(H*)(N:Hp) (A13)
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After equivalent expressions are subsututed for HNO, and N,H,,
¢q AlS5 becomes

d(HN;)/dt = FINJH)([ky'(N;HY(HYIL - ky(HNy)] -
ks(HN,)[1 + ky(HN,)]) / [k (N;H)(H?) + ky(HN;)] X
[k«(HN;) + ks'(NO;)) (A14)
The fraction enclosed in braces will be represented below as
m. The fraction m includes terms depending on HN; and N,H,,

which are mixed to the extent that the separation of variables does
not appear possible. The approach taken was to assume

ky’(N;H,)(HY) >> ky(HN3)
in the denominator of m. This leads, after substitution of
(N3H,)o[1 = exp(-nFt)] for N,H, and integration, to the ex-
pression
[1 - k(HN)I[(NaHe)o - (N2HW)
2k, (HN,) +.3ks/(NOy)
Fk;(HNy)[1 + k,(HN;)J¢
ky'(H*)[k(HN;) + ks'(NO57)]

In form, eq A1S is an exponential growth combined with a lincar
decay, although the data would be expected to have an exponential
decay. However, eq A15 does fit the data fairly well.

The rate law for N, from reactions 3-5 is
d(N,)/dt = k;(HN;}(HNO,) +

[2k(HN;) + ks/(NO;)J(H*)(N.H,) (A16)

Since the rate law for N,O from reaction 3 is
d(N;0)/dt = k;(HN;)(HNO,)

(HN,) =

(A15)

(A17)
then
d(N,)/dt = d(N,0)/d: +
[2k(HN;) + k/(NO;)J(H*)(N,H,) (A18)
Registry No. N,H,, 302-01-2; HNO,, 7697-37-2; Fe, 7439-89-6.
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cterization of o-Phenanthroline and 2,2’-Bipyridine Complexes by Laser Mass

A series of o-phenanthroline (o-phm) and 2.2'-bxpyndme (bpy) metal complexes has been studied by using laser mass

etry
(LMS). The molecular cation is observed in the positive jon spectra for the tetracoordinated complexes [Ag(L)z]NO;.. [Cu-
- (L)3):S0¢5H,0, [Cu(L),1SO,, and [TI(L),)(C1O,), where L = bpy or o-phen. Structurally significant fragment jons (ML,*,
. ML*, M*, LH") arc also observed. The hexacoordinate complexes [M(L),]Cl, and [Fe(L);)(ClO,);, where L = bpy or o-phen
-~ and M = Ni, Co, or Ru, show molecular cations in the positive ion spectra; [Mn(bpy),]Br, does not. Generally, fragment ions
" such as ML;*, ML,X"' ML,*, MLX*, ML*, and (L + H)" are observed, where X = halogen. Complexes such as [M(o-
* phen)2(H;0) J(CIO,)y20-phen, where M = Bz or Pb, show ions having four ligands, e.g. MLCIO,*. The effect of anion on the
. fragmentauon pattern of transition-metal complexes was studied with [Ni(bpy);]X, where X = Cl‘ Br-, I, CIO;", or SCN™.
"Molecular cations were observed for all nickel complexes. The fragmentation patterns were similar for balide analogues. Ions
grising from ion—molecule reactions from the dissociated products of ClO,~ and CNS™ are observed. The negative ion LMS spectra
- of all complexes provide information about the anion and the formal oxidation state of the central metal atom.

€ mass spectrometry of coordination compounds is of interest
s of their use in catalysis and chemical analysis.!® Because
Ny coordination compounds are involatile and thermally labile,
alysis by mass spectrometry has been limited. Conventional

‘spectrometry*® has been used with limited success; field

nt address: IBM System Products Division, Endicott, NY 13760.
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i ' desorption (FD) has been applied to some inorganic complexes.5?

Though fast atom bombardment (FAB) is widely used for the

(1) Schilt, A. A. “Analytical Applications of 1,10-Phenanthroline and Re-
lated Compounds™; Pergamon Press: Oxford, England, 1969.

(2) Hughes, M. C.; Macero, D. J. Inorg. Chem. 1976, 15, 2040-2044.

Q) Kepert, D. L. *Inorganic Stereochemistry®; Spnngcthlag: Berlin,
Heidelberg, 1982.

(4) Indrichan, K. M,; Gerbelen, N. V. Zh. Neorg. Khim. 1981, 26, 291-301;
Russ. J. Inorg. Chem. (Engl. Transl.) 1981, 26, 157-163.
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‘pDecomposition of Hydrazoic Acid in Nitric Acid

Chemistry Department, University College of Swansea, Singleton Park, Swansea SA2 8PP

Hydrazoic acid in solution in nitric acid at 97 °C decomposes to form a mixture of N2, N0, and NO.
The reaction is strongly acid catalysed and the kinetics of decomposition are first order with respect to
hydrazoic acid concentration. The mechanism proposed involves electrophilic attack by NO.* on
hydrazoic acid to form N;ONO, which can then fragment to N, + 2NO" or dissociate to N;3* + NO.".
Dinitrogen monoxide is thought to arise from the reaction sequence: 2NO;* —» N0, ; :
N,0, + HNg —» N3NO + HNO3; N3sNO —» Ny + NO.

PDuring the course of an investigation of the reaction of
hydrazine with hot, moderately concentrated nitric acid, it
became necessary to consider possible side reactions of one
of the products, hydrazoic acid. Very little work has been
done on this reaction. Caronna and Sansone! studied the
oidation by concentrated, fuming nitric acid, and found that
a mixture of dinitrogen, dinitrogen monoxide, and nitrogen
nionoxide was formed. As however there would probably have
been some nitrous acid or related species in concentrated
fuming nitric acid, these results may have been complicated
by the presence of products formed by the well known nitrous
dcid-hydrazoic acid reaction. Masek 2 has reported a very
brief study of the reaction of hydrazoic acid and nitric acid in
sulphuric acid solution, and proposed the stoichciometry (1).
¢ postulated the mechanism in equations (2)—(4).

HN, 4+ 2[NO,}* —~ 4N, + 3N;0 + H,0 4+ 2H* (1)
HN; + [NO,}* —»=2NO" + N, + H* @
2NO" + fNO,)* + 2H* —» 3[NO]* + H,0 (3)
[NOI* + HN; —N;O+ N, + H* 4

This paper describes an investigation of the kinetics and
icheiometry of the decomposition.

'was necessary to investigate the decomposition of hydrazoic
d in nitric acid at the same temperature as had been used
In a study of the reaction between hydrazine and nitric acid.
CAUTION: At this temperature, 97 °C, hydrazoic acid is
latile and as it is both explosive and toxic special care was
ed. Reaction vessels were thermostatted in an oil-bath,
hich was placed in a fume cupboard. Reactions were carried
out using closed reaction vessels; in most cases there was an
alkali trap connected between the reaction vessel and the

timosphere. The explosive properties of hydrazoic acid are
known * to be significant at concentrations above ca. 4 mo!
dm3, but the present experiments involved solutions approx-
imately two orders of magnitude lower in concentration.
" Measurements of the vapour pressure of hydrazoic acid in
solutions of NH; in nitric acid were made by the technique of
,]‘:.mg' and Templeton,* passing a stream of fine bubbles of
dinitrogen carrier gas through an aqueous solution, and
analysing for the amount of hydrazoic acid carried away in the
€3s stream by absorbing it in sodium hydroxide solution.
Azide concentrations were determined by the standard
Cerium(iv) sulphate method of analysis.*

“Product analyses were carried out by allowing degassed
$olutions of sodium azide and nitric acid to mix in an evacu-

ated vessel, with a large vapour:solution volume ratio. A
sample of the evolved gas was transferred to another vessel,
and its pressure was measured with the vessel immersed to &
fixed mark in (q) liquid N,, (6) in a solid-liquid n-pentane
slush-bath, and (c) at ambient temperatures. The analysis
basically assumed & mixture of N,, NO-, and N,0, and at
these temperatures the gas phase should be (@) N;, () N, +
NO’, and (¢) N; 4+ NO- + N;O respectively. We checked
our calibration by analysing the equimolar mixture of N,
and N,O obtained from the azide-nitrite reaction, and found
that 1 mol of HNO, produced on average 0.96 mol N, and
1.02 mol N,0. Thus, slthough this is & very simple method of
analysis, it seems to produce reasonable results; the analysis
for NO" is probably ® not as good as that for N, and N,O.

" Kinetic measurements were made by removing aliquots and
quenching them in a solution containing a known excess of
cerium(iv) sulphate. The excess of cerium(iv) was back-
titrated with ammonium fron(i) sulphate solution using an
iron(ir) phenanthroline indicator,

Results and Discussion

The results of our measurements of the gaseous products of
the reaction between hydrazoic acid and 9.18 mol dm™
nitric acid are summarised in Table 1. We find close to 2 mol
of gas formed per mol of 2azide consumed, although no signi-
ficance is attached to this integral number. The only other
familiar compound of nitrogen that might be stable under
our reaction conditions of hot, moderately concentrated
nitric acid is the ammonium ion. We treated samples of the
infinity solutions with excess of sodium hydroxide, and dis-
tilled the alkaline solution into a known amount of standard
acid. We could find no evidence for the presence of ammonia.
Any nitrous acid or dinitrogen tetroxide would be destroyed

TFable 1. Gas analysis measurements of the decomposition of
HN, in 9.18 mol dm™ HNO, at 97 °C: number of moles of product
per mol of HN, reacted

X
————

HN, N; NO N:O Total a b

-1 1.22 0.22 045 1.89 0.424 0.56
-1 1.15 0.25 0.45 1.85 0.48 045
-1 1.23 0.27 0.50 2.00 0.508 0.73
-1 146 0.30 047 223 0.508 116
-1 1.20 0.13 0.58 191 0.484 0.69
-1 1.23 0.20 047 1.90 0.468 0.60
-1 1.29 0.34 0.46 209 0.52 0.84
-1 1.32 0.29 0.42 203 0.4384 0.77

* Calculated from redox balance, * Calculated from mass balance.

wd

&3 wu-
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Table 2. First-order rate constants for the decompcsition of
hydrazoic acid at 97 °C

{HNO;}/mol dm* 6.12 7.65 9.18 10.7
10°%,/min™* 51 45 84 249

by reaction with hydrazoic acid; hydrazine and hydroxyl-
amine decompose much more readily in nitric acid than does
hydrazoic acid. Thus we think the stoicheiometric equation is
given by (5). If our assumption that there are no other

x HNO; + HN; —»
127 N; 4+ 0.27 NO + 046 N,O + y H,O (5)

nitrogenous products is correct, then values of x and y can
be obtained either from the material balance or the redox
balance of equation (5).

Calculation of x by redox balance gives x = 0.49, while
mass balance yiclds x = 0.73. When we examine the cal-
culations based upon the individual experiments it is apparent
that the redox-balance calculation (in which the N, formed
disappears from the equation, as it has & formal oxidation
number of zero) is much more self-consistent than the mass-
balance calculation as can be seen from the sixth and seventh
columns of Table 1. If we take the x value from the redox
balance as correct, then the analysis for dinitrogen would have
to yield a factor of 1.15 instead of 1.27 in equation (5) to give
a mass balance. There are certzinly much better analytical
systems for N,/NO/N;O than our method which could
probably improve on our results. For the present we will
use equation (6), assuming our analysis for dinitrogen to
have been high.

0.486 HNO; + HN, — .
1.15 N, + 0.27 NO + 0.46 N,O + 0.73 H,0 (6)

The kinetics of reaction, followed by the disappearance of
hydrazoic acid, obeyed a simple first-order rate law with
respect to hydrazoic acid concentration. The first-order rate
constant increased markedly with increase in [HNO,] as can
be seen from Table 2. A plot of log &, against H, was linear
over the range 6.1—10.7 mol dm™ nitric acid at 97 °C with
a slope of 1.71. Mecasurements over the temperature range

" 50—70 °C in 12.2 mol dm™ nitric acid gave an Arrhenius

activation energy of 89 kJ mol™.

Measurements of the interaction of hydrazoic acid with
the solvent aqueous nitric &cid were made by measuring the
Henry’s law constant. The results are shown in Table 3. The
results for solutions in water are in good agreement with the
carlier studies of Feitknecht and Sahli,” of D’Orazio and
Wood,* and of King and Templeton,* and do not require
further comment. Salt effects on the solubility of non-
electrolytes have been reviewed by Long and McDevitt.?
They are usually rather small, and those observed for nitric
acid are commonly unusually small, when compared with
other 1 : 1 electrolytes. Thus, the small decrease in the Henry’s
law constant for HN; with increase in [HNO,] is reasonable.
It might be argued that the results in Table 3 refer only to
relatively low nitric acid concentrations, and that the effects
might be different in more concentrated solutions. However,
other volatilisation experiments over the range 4.65—7.75
mol dm™ nitric acid at 97 °C showed no detectable variation
in rate of volatilisation with acidity. Hydrazoic acid can
interact with strong mineral acids and protonate to form
H;N;* in relatively concentrated sulphuric acid, and a pk,
of —6.2 for this species has been proposed.® There would be

Table 3. Henry’s law constants for hydrazoic acid in aqueg;
solution

6./°C 25 25 25 45 45

[HNO,}/mol dm™ 0 1.58 316 .0 =K

10°K/atm 8.5 80. 170 20.0 17
dm® mo!

0./°C 45 60 60 60

[HNOs)/mol dm™ 3.16 0 1.58 3.16

10°K jatm 1725 30 27 26 "
dm® mol™! ”

no significant amount of protonation in our solutions
which the highest acidity corresponds to Hy = —3.3,
Turning to the interpretation in terms of mechanism,; th,
most striking features of the kinetics is the rapid increase'ji
rate with acidity. This does not seem to involve any inter:
action of the medium with hydrazoic acid. The effect
acidity on the rate of reaction must be due to an increas
the concentration of the active nitrogen(v) species. The o1]
likely candidates are the nitronium ion, the nitrate-acidiu
ion, and covalent nitric acid. The slope of a plot of log
versus H, is very similar to the value of 1.80 observed 1t fo;
reaction between nitric acid and sulphamic acid at 70 °C, &
in this reaction the nitronium ion was considered to be the
active species. :
Certainly the increase in rate with stoicheiometric conce
tration of nitric acid is far too great for the active species’to
be covalent nitric acid. The nitrate acidium ion, [H;NO,J*
is a possible electrophile, but has never been identified as an
active species. We assume that our active species is [NO,]*:
The most likely reaction would appear to be an electrophili
substitution to form N,NO; {equation (7)). Two isomeri

[NO,]* + HN, —-N,NO, + H* (7

species may be envisaged, NNNN<O and NNNONO. Th

latter offers an obvious route to the nitrogen monoxide pro-
duct by a fragmentation reaction (8), the same overall process
as postulated by Masek.? The formation of N,O is less easil

NNNONO —» N; + 2NO* @)

accounted for without postulating a rather complex re-
arrangement. Masek’s suggestion, equations (3) and (4)
appears plausible. However, the reaction between NO and
HNO; to form HNO, is normally considered !? to occur as”
in equations (9)—(12). The reaction of NO* basically requires -

H* 4 HNO, + [NO;J ==N,0, + H0 (5
N,O, === 2NO,* (10)

NO,* + NO" === N,0, (1)

N,0; + H,0 === 2HNO, (12)

NO;", which is derived from N,0, and its precursor HNO;.
It seems doubtful whether in the presence of a powerful
nitrite scavenger such as hydrazoic acid there would be &-
sufficient concentration of HNO, for reaction by this route.
Exchange of N between NO- (g) and dilute nitric acid
certainly requires the presence of traces of HNO, as a
catalyst.™ ‘

An alternative pathway whereby NO, can be generated
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without HNO, as a precursor is set out in equations (13)—
(16). This mechanism leads to a stoicheiometry (17). A

N,ONO —» N,* + NO,* a3
2N;* —> 3N, 4
2NO;* —» N;O, as

N;O. + HN; —= [N,NO] + HNO; —
N; + N, O + HNO, (16)

ccmbmanon of (8) and (17) cannot, howcvcr, account for the
observed stoicheiometry. If we had 77.8% reaction by (8)
and 22.2% by (17) we could account for the ratio of HNO, :

HN, of 0.486: 1; this would, however, predict 0.259 mol of
N;0 and 0.444 mol of NO per mol of HN,, almost the oppo-
te of what is observed.! However, we have not allowed for
interaction between these two mechanisms, and one possi-
bility that must be considered is shown in equations (18) and

a3)
a19)

NO* + NO;' —» N,0,
NzO; + 2HN3 b 2N1 -+ 2N20 + H;O

£19). If this reaction occurred to some extent, then it would
increase the proportion of N,O, and decrease that of NO-.
It is possible to attempt a.more quantitative treatment by
assuming that an amount « reacts by equation (8), an amount
by equation (17), and that an amount B of the NO formed
(8) reacts with NO, formed as an intermediate in (13) as
shown in (18) and (19) Our stoicheiometric equations can
then be written as in (20) and (22).

aHNo,+aHN,—>aN,+2¢No+ « H;O (20)
'y HNO; + 3y HN; —»4y N; + ¥ N;O + 2y H,0 (21)

B‘HNO,+ 3 HN, +  NO —»
358N; + 2B N,O + 28 H,0 (22)

259

By fitting (20)—(22) to the numbers in (6) one can show
that /T = 0.229, B/T = 0.118, and y/T = 0.084 gives a fair
fit to (6) (T = « + 3B + 3y). We do not lay any emphasis on
these numbers, other than poting that a combination of
these two mechanisms can account for the product distribu-
tion. Other explanations are possible; clearly equation (23)
would account for an increase in N,O and a decrease in NO

NO® 4+ Ny* —» N;NO —»N; + N,O 23)
and N,. A similar mathematical treatment shows that the
interactive pathway could also account for the results.
Clearly both paths (18) + (19) and (23) might occur, and
there may be other alternative explanations also.

There is no evidence at the moment to distinguish between
these possibilities.
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