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Production of toxic sodium azide (NaN3 ) surged worldwide over the past two decades to meet the demand
for automobile air bag inflator propellant. Industrial activity and the return of millions of inflators to
automobile recycling facilities are leading to increasing release of NaN3 to the environment so there
is considerable interest in learning more about its environmental fate. Water soluble NaN3 could con-
ceivably be found in drinking water supplies so here we describe the kinetics and mechanism of the
reaction of azide with hypochlorite, which is often used in water treatment plants. The reaction sto-
ichiometry is: HOCl+2N3;~=3N, +Cl- +OH-, and proceeds by a key intermediate chlorine azide, CIN3,
which subsequently decomposes by reaction with a second azide molecule in the rate determining
step: CIN3 +N3~ — 3N, +Cl~ (k=0.52+0.04M~'s~1, 25°C, . =0.1 M). We estimate that the half-life of
azide would be ~15s at the point of chlorination in a water treatment plant and ~24 days at some
point downstream where only residual chlorine remains. Hypochlorite is not recommended for treat-
ment of concentrated azide waste due to formation of the toxic chlorine azide intermediate under acidic
conditions and the slow kinetics under basic conditions.
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1. Introduction

The industrial production of sodium azide (NaN3) has surged
over the past decade to meet the demand for automobile airbag
inflator propellant. However it is highly toxic—even a cursory
search of the Internet reveals that sodium azide toxicity is compara-
ble to that of sodium cyanide when ingested [1]. The United States
National Highway Traffic Administration (NHTSA) mandated that
new passenger vehicles sold in the United States after 1996 have
both driver-side and passenger-side air bags. As a result, sodium
azide demand quickly rose to exceed 5 million kg in the U.S. by
1995 and has continued to rise, although the trend is now leveling
off with the advent of azide-free inflators [2,3]. An inflator module
typically contains compressed disks or pellets of ~60% (w/w) NaN3,
blended with other ingredients, and packed into a sealed metal can-
ister [4,5]. Each driver-side inflator contains approximately 50-80 g
NaNj3, while the larger passenger-side inflator contains approxi-
mately 250 g [6]. The actual amount depends on the specific inflator,
but the total installed in U.S. vehicles alone is now on the order of
50 million kg [7]. The smooth, rapid thermal decomposition charac-
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teristics, the high specific nitrogen content (65 mol%), and the long
shelf life make sodium azide an attractive propellant material [6,8].

NaN; — Na+ 3N, (1)

Sodium azide has other uses. In the 1970s, it was used in some
registered pesticide formulations, mainly for crops, and conse-
quently discarded commercial products, off-specification product,
container residues and spill residues were listed as hazardous
waste by the United States Environmental Protection Agency (EPA)
[9]. Lately, interest in sodium azide pesticide formulation has been
revived as a replacement for methyl bromide [10]. Accordingly,
sodium azide toxicity was recently on the agenda of an EPA Human
Studies Internal Review Board [11]. Sodium azide is used as a
preservative in certain laboratory reagents, samples and clinical
fluids, and in 1989, there was an alert from the Food and Drug
and Administration and the Center for Disease Control (CDC) con-
cerning the need to rinse out sodium azide preservative in certain
water filters prior to use [12]. Azide can also combine with metals to
form explosive metal-azide complexes. The accumulation of azide
in laboratory apparatus and drains, where it can react with lead
or copper-containing fixtures, has caused explosions when routine
maintenance work has been attempted [13].

The azide ion is readily protonated in aqueous solution
(pKa=4.65) to yield volatile hydrazoic acid (HN3), which is itself
toxic, so the atmospheric fate of azide substance is also of interest
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and has recently been described [5,14-16].

K3=4.65
HN;" "= HY 4 N3~ 2)

Sodium azide is highly soluble, which implies that releases into
the environment could potentially migrate into sewers, streams,
lakes and groundwater systems. And in fact, sodium azide has been
found in groundwater at three manufacturing sites in three states,
resulting in a multi-million dollar civil and criminal settlement[17].

Because of its ready availability and high toxicity, sodium azide
has become a chemical of interest for the Department of Homeland
Security [18], the CDC[19], and the EPA Water Supply Security Divi-
sion [20]. Since it is possible that azide could be found in drinking
water supplies it is of interest to know how it would behave in the
presence of hypochlorite, which is commonly used in potable water
treatment systems in the United States.

Oxidation by hypochlorite could also potentially be used as a
treatment for much more concentrated azide-containing waste, but
the results of this work lead us to recommend against such practice.

In a definitive series of mechanistic studies Margerum’s group
has shown that the reaction of hypochlorite with a range of nucle-
ophiles, including CN-, I-, Br—, Cl-and SO32-, appears to proceed
by way of CI* transfer, and not via oxygen atom transfer, as had
long been thought [21-27]. Ignoring the existence of acid catalysis,
the common rate law for reaction of hypochlorite with any of these
nucleophiles, X~, can be represented by:

—d[OCl™]
dt

Thus, oxidation can proceed via HOCl and OCI—, and the reaction
is first-order in both hypochlorite and X~. For all X~, except SO32-,
the ratio kyoci/koc- is greater than 10%. Therefore, the HOCI route
will dominate in all natural waters (pK; HOCI=7.31). In the case
of SO32-, the kyoc /Koo~ ratio falls to 10# and so the OCI~ route
could become significantat pH > ~11.3. The value of ko (M1 s71)
decreases with the nucleophilicity of X~: CN- (1.22x107) >
S032~ (7.6 x108)>1~ (1.4 x 108)>Br~ (1.55x 103)>Cl~ (<0.16)
[28]. Since azide, the subject of this paper, is a pseudohalide with a
nucleophilicity similar to that of bromide, it is of interest to com-
pare the behavior of these two species in particular [29].

The first step of the HOCI route involves CI* transfer to an anion.

= (knoci[HOCI] 4 ko [OCI™ ])[X™] (3)

HOCI + X~ Ho¢xcl 4 OH- (4)

whereas the first step of the much slower OCl~ pathway formally
involves an encounter between two anions, and so may be acid
assisted.

k
OCl™ + X~ + H,0-28XCl + 20H~ (5)
Nevertheless, both pathways lead to a common intermediate,
XCl, which may be quite stable, e.g., cyanogen chloride (CNCI)
or bromochloride (BrCl) [28,30]. XCl is subsequently lost through
either alkaline hydrolysis:

f.
XCl+ 20H" ='X0™ + CI” + H,0 (6)

or by reaction with a second X~ [30].

f:
XCl+ X~ 2%, 4 €I 7)

In the case of X~ =N5~, this would lead to (N3),, which would
rearrange to 3N,. In fact, we will show later that this path is the
dominant route for azide, unlike the halides, presumably because
the production of N, is thermodynamically so favorable.

Here we describe the kinetics and mechanism of the hypochlo-
rite/azide reaction in aqueous solution and propose a mechanism
to explain the observed rate laws. We use this information to esti-
mate the lifetime of azide in chlorinated drinking water and to

comment on the possible treatment of concentrated aqueous azide-
containing waste with hypochlorite.

2. Experimental
2.1. Materials

Water was first deionized (Calgon) and then distilled (Barn-
stead; conductivity <1 wScm~1). Three sources of sodium azide
were used (Aldrich 99.99+%; Mallinckrodt Practical; Acros 99%);
no difference was observed in their electronic spectra or their
kinetic behavior. We also tested two sources of sodium hypochlo-
rite, which was either purchased (Clorox, ~0.44 M) or prepared by
bubbling chlorine (Matheson, 99.99%) into 0.2 M sodium hydroxide
until Cl, could first be seen in the headspace. The excess Cl, was
immediately removed by purging with N, to yield 0.1 M hypochlo-
rite with pH ~7.8.

Cly + 20H" = OCl™ + CI” + H,0 (8)

Again, no difference was observed in the electronic spectra or
kinetic behavior of these two sources, which were stored in the
dark in a refrigerator. Hypochlorite was standardized iodometri-
cally with KI (Baker) or polarographically, with phenylarsine. The
concentration was conveniently checked spectrophotometrically
(£292=3.50 x 102M~1cm~1') [22]. The speciation of halogens in
water is governed by a complicated interplay between thermo-
dynamics and kinetics, which has been described in detail [31].
Molecular chlorine (Cl) is insignificant under our experimental
conditions (<10~ mole fraction total Cl).

Buffers with an ionic strength of 0.1 M were prepared from
the following reagents: CH3COOH, CH3COONa, NapHPO4-H,O,
NaH;PO4, NaHCO3, NaOH, from Baker; H3BOj3, from Fisher [32].
The pH was measured at room temperature using a Radiometer
TTT85 titrator and glass combination electrode (GK2401B) cali-
brated with Radiometer (pH 4.005, pH 10.012, pH 7.000, pH 12.450)
or Ricca (pH 7.00, pH 10.00) buffers. We did not convert the
measured pH values (proton activity) to —log[H*] values (pro-
ton concentration) so our experimentally determined constants
are “mixed”. We use K, HOClI=4.90 x 10~8 (pK,=7.31) and K,
HN3 =3.72 x 10> (pK, =4.43), both at 25 °C and an ionic strength,
1 =0.1 M[33]. These values were calculated from the available data
using the Davies equation (y = 0.8) [34]. Where necessary, the effect
of temperature on K,y and K, was calculated using the appropriate
enthalpies and the integrated van’t Hoff equation [33].

2.2. Methods

2.2.1. Kinetics

Kinetic studies were performed using Teflon-stoppered quartz
cuvettes (1-cm) in an HP 8453 UV-visible spectrophotometer with
89090A temperature-controlled cuvette holder. (Due to the opti-
cal arrangement in this instrument the entire spectrum, rather
than an absorbance at a single wavelength, is recorded each
time.) The fastest reactions (low pH) were initiated by inject-
ing the desired amount of azide into a cuvette containing the
hypochlorite and rapidly mixing by inverting. In this way the entire
spectrum could be recorded within 5s of mixing and every 0.5s
thereafter. For reactions requiring several days to complete (high
pH), sealed 40-mL vials containing the reactants were placed in
a temperature-regulated water bath and periodically sampled to
record the electronic spectrum. In most cases, the reaction was
monitored for at least 5 half-lives.

The rate of reaction was studied as a function of [N3r~]
and pH (4.67-11.95). Here, [N3r ]=[HN3]+[N3~] and
[OCl;~]=[HOCI] +[OCI"]. Experiments were performed under
pseudo-first-order conditions ([N3r~]>»[OCly~]), with [OClt~]
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Fig. 1. Selected examples of the kinetic data summarized in Table 1 (25°C,
1 =0.1M). (a) Linear pseudo-first-order plot at pH 5.93, 1.67 mM [OCl;~], 16.7 mM
[N3r~]; slope=7.07 x 103571, 1, =99 s; 12 =0.9992. (b) Linear second-order plot;
pH 5.93, slope=0.456 M~! s~1, intercept=2.19 x 10~4s~1, > =0.9950. (c) Linear plot
at high pH showing the second-order dependence on azide; pH 10.04, slope =1.83,
intercept=—0.865, 2 =0.975.

normally held constant at approximately 1.67 mM and the [N37~]
typically ranging from a 5-fold to a 50-fold excess. The pseudo-
first-order rate constant, kgpeq (S™1), was obtained from the slope
of a plot of In(A;—As) vs. time, which was linear (r?>0.99)
(see Fig. 1a, for example). Here, A;=absorbance at time, t, and
Ao =absorbance at the completion of reaction.

We chose to use two wavelengths: 292 nm where OCI~ absorbs,
and 256nm where an intermediate (N3Cl) absorbs (see Fig. 2
for example). Measuring the absorbance of the reactants individ-
ually before mixing (1.67 mM [OCl;~], 16.4mM [N3r~], pH 4.7)
showed that Ay56 = 0.547 due to azide alone and A5 =0.083 due to
hypochlorite alone so the expected initial absorbance of the mix-
ture was 0.630. However, A»5¢ was found to be nearly twice as high
(A256 ~ 1.2) demonstrating that an intermediate (presumably CIN3)
with a high extinction coefficient (€356 ~4.3 x 102 M~1cm~1) was
very rapidly formed.

The observed second-order rate constant (M~!s~1) was
obtained from the slope of a plot of kopeq (s~1) vs. [N3r~ ] (see Fig. 1b,
for example). At pH > 8.25 the reaction was second-order in azide.
In this case, the second-order rate constant was obtained from the
intercept of a plot of log kgsq Vs. log[ N3~ ] (see Fig. 1c, for example).

Fig. 2. A series of electronic spectra showing the effects of adding increasing
amounts of sodium azide to 2.5mM [OCl;~]. The initial OCI~ band at 292 nm disap-
pears as azide is added. The resulting CIN3 absorbs strongly at ~210 nm (which
is masked by azide absorption at this pH), and a shoulder appears to develop
at ~250 nm. CIN3 also absorbs weakly at ~380 nm (not shown). Isosbestic points
appear to develop at ~273 nm, and at ~256 nm but are not sharp due to unavoid-
able decomposition of CIN3 that occurs during this titration (1 cm quartz cuvette;
25°C, pH 8.2, 0.1 M borate).

Kinetic parameters derived from the linear plots were checked
using non-linear regression based on the differences between
observed and calculated absorbance at 256 nm and 292 nm. Mech-
anistic models were solved and fit to the observed data using the
statistical software package “R” [35]. Chemical systems were trans-
lated into a system of differential equations, which were solved
numerically using the package ODEPACK [36], which is an interface
to the Fortran solver Lsoda. The advantage of non-linear regression
was that it allowed different mechanistic models to be explored
and fit, but was complicated by the fact that Ay5¢ and A,g; are not
very specific (most of the reaction species show some absorbance
at these two wavelengths), and that the molar absorption coeffi-
cient of CIN3, which is unstable in aqueous solution, has not been
reported in the literature.

2.2.2. NMR

A JEOL 500 MHz nuclear magnetic resonance spectrometer, a
10mm low band probe, and 10 mm glass tubes (Norell 1008-UP
RB) were utilized to analyze solutions via N NMR for nitrogen
containing species such as Ny (—=67 ppm §), NO; (—143 ppm and
—227 ppm), CIN3 (—123 ppm),and N3~ (—127 ppm and —278 ppm).
Chemical shift é values are relative toa 1 M HNO3 (JT Baker) in D, 0,
the lock reference insert. Experiments were conducted with single
pulses with pulse angles of 30° and a relaxation delay of one second.
Between 128 and 32,768 scans were required for adequate signal
to noise ratios. Spectra were collected from 1200 to 400 ppm, and
400 to —400 ppm.

2.2.3. FTIR

Infrared spectra of the headspace above reaction solutions were
collected with a long-path gas cell (Gemini Venus 0.5L, 4.8 m path
length) mounted in a Midac M-Series 2201-1 Fourier Transform
Infrared Spectrometer using a deuterated triglycine sulfate detector
at ambient temperature, with Galactic Industries Midac-Grams/32
Version 4.11 software. A pump was used to circulate headspace
gas from a sealed glass reactor through an FTIR gas cell in a closed
loop. Spectra were collected with 5 scans from 650 to 4000 cm~!
at aresolution of 4 cm~!. Nitrous oxide was quantified relative to a
1000 ppm nitrous oxide in nitrogen gas standard (Scott specialties).

2.2.4. Polarography

A Princeton Applied Research Model 384C polarograph with a
Model 303A cell assembly in the static mercury drop electrode
mode was used to measure phenylarsonous acid for the indirect
determination of hypochlorite. Polarograms were collected from
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—0.3V to —0.8V vs. a Ag/AgCl reference electrode in the differen-
tial pulse polarography mode with a pulse amplitude of 0.1V at a
scan rate of 2 mV/s with a drop time of 1s and a scan increment
of 2mV. Phenylarsonous acid was measured at about —0.61V in
an electrolyte consisting of a pH 4 buffer (Radiometer) containing
0.0024 M potassium iodide.

2.2.5. Ilon chromatography

A Dionex 500 Ion Chromatography System (50 L sample loop;
AG9 guard column; AS9 analytical column; 0.9 mM Na;C03/0.9 mM
NaHCO3; 1 mLmin~!; conductivity detection) was used to deter-
mine azide, and certain possible reaction products such as nitrate,
nitrite and chloride [37].

3. Results and discussion
3.1. Stoichiometry

A series of experiments described below support the following
overall reaction stoichiometry.

HOCI +2N3~ = 3N, + CI™ + OH™ 9)

N, evolution was quantified by water displacement from two
sealed vials connected in series. A mixture of 0.132 mmol OCl;~
and 1 mmol [N37~] (40 mL; pH 7.0; 0.05 M phosphate) was allowed
to react in a 40-mL septum-sealed vial (zero headspace), which
was connected by a needle to an identical vial filled with water.
As N, accumulated in the second vial, water escaped through
another needle that reached to the bottom of the vial, and was
collected and weighed. The reaction was allowed to proceed until
gas evolution had ceased (>4h). N, volume was calculated at
local temperature and pressure. The N, yield was 101 44% of
the theoretical expectations (~12mL). 1N NMR and FTIR spec-
trometry showed that only small amounts of N,O (0.4%) and
CIN3 (~0.02%) were present. In separate experiments, azide loss
was shown to be quantitative within 90 min (as determined
by ion chromatography) when the pH was held constant in
buffered solutions (pH 4.7, 7.0, 9.0; initially [OClt~]=15mM,
[N3T7] =25 mM)

Chloride production was quantified in unbuffered aqueous
solution where it was found to be approximately 98% of the
expected yield (initially 1:3 [OClt~]:[N37—]). The pH of these
solutions increased substantially, but OH~ yield was not quanti-
fied.

3.2. Chlorine azide (CIN3) identification

Chlorine azide is the key intermediate in our system, and since
it has not been well documented in the aqueous phase it is worth-
while summarizing the evidence for its existence. Pure CIN3 is an
explosive liquid (b.p. 15 °C) that should not be isolated. It was first
prepared in 1908 by acidification of a mixture of aqueous azide
and hypochlorite [38]. It may also be prepared by chlorination
of aqueous azide [39]. CIN3 is reported to dissolve in water to
yield a “yellow” solution before decomposing [40]. The UV-visible
electronic spectrum of CIN3 in hexane shows three bands: 211 nm
(8.15x102M~1cm~1),252nm (2.40 x 102 M~ cm~1), and 380 nm
(8M~1cm1) [41].

Immediately upon mixing 1.67 mM NaN3 with 1.67 mM OClt—
buffered at pH 7.0, we observe a product with a spectrum similar to
CIN3 (in hexane): major bands at ~210nm (~1.6 x 103 M~'cm1)
and ~250nm (~4.3 x 102 M~1cm1); and much weaker band at
~380nm (~4 x 10! M~1cm~1). As will be become evident, we
expect ~100% CIN3 formation under these conditions, although the
compound decomposes quite rapidly. This compares favorably to

an estimate of €25, ~4.1 x 102 M~! cm~! obtained from non-linear
regression analysis of the kinetic data. The ratio of the extinction
coefficients at 211 nm and 252 nm in the pH 7.0 buffer solution
was ~3.7, which is comparable to the ratio of ~3.4 at the same
wavelengths in hexane.

Fig. 2 shows a series of electronic spectra obtained while titrat-
ing azide into hypochlorite. The general features of CIN3 can be
made out but they are difficult to quantify because of unavoidable
decomposition of CIN3 during the titration, which is seen in the
shifting isosbestic points.

14N NMR confirmed the existence of chlorine azide in the aque-
ous phase (33 mM NaN3, 108 mM OCI;~, pH 6 phosphate, 2048
scans in 54 min) by virtue of its characteristic shift at —123 ppm.
Only this peak and one for N, (—67 ppm) were observed.

FTIR analysis of the headspace showed the existence of
chlorine azide in the gas phase, i.e., it is volatile. An equimo-
lar mixture (55mM NaN3, 55mM OCl;y~, pH 6 phosphate)
resulted in the headspace spectrum with the following fea-
tures: chlorine azide (symmetrical N stretch near 1145cm~! and
asymmetrical N3 stretch near 2075 cm~1) [42], nitrous oxide (sym-
metrical N,O stretch near=1299 cm~!, asymmetrical N,O stretch
near=2236cm~!) and hydrazoic acid (symmetrical N stretch near
1168 cm~! and asymmetrical N3 stretch near 2150cm™1).

3.3. Kinetics and mechanism

Based largely on Margerum’s work on the reaction of hypochlo-
rite with the halides [22-24], we propose the following overall
mechanism in which CIN3 is generated by CI* transfer to N3~ in
the rapid first step that was too fast to follow by conventional
UV-visible spectrophotometry. CIN3 is subsequently lost by rate-
limiting reaction with free azide.

HOCI %01~ 4 HF (10)
f:

HOCI + N5~ " ECING 4+ oH- (11)

CIN; + N3~ ~13N, + €I (12)

Our kinetic data are summarized in Table 1. They are best under-
stood by considering the reaction in three pHregimes: acid (pH < 7),
base (pH > 9), and a transition regime (pH 8-9).

3.3.1. Acidic regime

Plots of In(A; — A ) vs. time were linear yielding the pseudo-
first-order rate constant kgpeq (s~1) from the slope (e.g., Fig. 1a). So
the reaction is first-order in [CIN3]. Plots of kypsq vs. [N3r~] were
also linear (i.e., the reaction is also first-order in azide) and passed
through the origin, within experimental error (e.g., Fig. 1b).

The overall mechanism proposed above yields the following rate
law for the observed loss of CIN3 under acidic conditions.

% — ki [N5~][CIN3] (13)
= a1k1[N377][CIN3] (14)

Here, a4 is the fractional concentration of N3~:

]\
ap = (KaHN3+1) (15)

So the reaction rate increases with pH as «q increases to 1, i.e.,
at pH~ 6 (see kopsq in Table 1; and Fig. 3).

The value of k; (M~!s~1) was calculated at each pH from the
observed second-order rate constant, k(=1 k1), which in turn was
obtained from the slope of the plot of kgpsq VS. [N3r—] (Table 1). The
average value for k; =0.52+0.04M~1s~1, and is pH independent,
as expected.



720 E.A. Betterton et al. / Journal of Hazardous Materials 182 (2010) 716-722

Table 1
Summary of experimental conditions and kinetic data (25°C; i~ 0.1 M). See text for definitions of kopsq, k1, K1 and n.

pH (buffer) [0Cly~ ] (mM) [N37~] (mM) Kobsa (s71) ki (M~'s71) nd
Acid?
4.00 1.67 17 (1.940.07) x 103 (5.62+0.17) x 10! 1.00
(Acetate) 33 (42+0.2)x 1073

50 (6.9+0.1)x 1073
4.67 1.67 17 (5.3940.3) x 103 (4.9940.17) x 10! 0.98
(Acetate) 32 (1.05+0.02) x 102

3.34 33 89x1073¢

5.93 1.67 17 (7.9640.02) x 103 (4.904+0.13) x 10! 0.96
(Phosphate) 25 (1.13+£0.02) x 102

33 (1.554+0.01) x 102
6.97 1.67 13 (5.21+0.1)x 1073 (6.91+0.09) x 10! 1.05
(Phosphate) 17 (7.704£0.5) x 103

25 (1.0940.02) x 102

33 (1.50+0.05) x 102

50 (2.33+£0.03) x 102
BaseP kiKy (M~1s71)
8.20 1.67 17 (7.744+0.3) x 103 - 1.2
(Borate) 25 (9.344+0.2) x 103

33 (1.3540.06) x 102

50 (2.10+0.07) x 102
9.11 1.67 5 (1.16£0.02) x 10~4 (7.72+0.69) x 103 2.11
(Borate) 8.3 (3.86+0.05) x 10~

17 (1.87+0.05)x 103

25 (3.87+0.08) x 103

33 (5.92+0.3)x 1073
10.04 1.58 13 5.11x107° (8.89+£2.40)x 103 1.83
(Carbonate) 17 7.14 x 10>

25 1.30x 104

33 31+06x10*

50 479 x 104

1.67 50 4.25%x 10-4¢
66 1.10x 103
100 1.74 x1073¢

11.95 1.76 60 <2x1077 - -
(Carbonate)

2 Loss of CIN3 monitored at 256 nm.

b Loss of OClI~ monitored at 292 nm.

¢ Mean of two identical runs.

d Slope of the plot of log kopsq VS. log[N3r~], i.e., reaction order in [N3r~].

Unfortunately, we were not able to determine kygc for azide
(Eq. (4)) because this step is too fast for our experimental
system. However, based on the observation of complete forma-
tion of CIN3 within the mixing time of 5s, we estimate kyog
for N3~ to be >102M~1s-1. This is consistent with kyoc for
Br-=1.55x103M-1s1,

Fig. 3. Effect of pH on the observed first-order rate constant shown at a fixed [N37~]
of 17 mM (each point represents the mean value + 1 standard deviation of between
3 and 7 replicates; 25°C, u ~0.1 M). Since the reaction proceeds mainly via N3~ and
HOCI (Egs. (11) and (12)), the rate increases from pH 4-6 as the HN3 = H* + N3~
equilibrium (pK, =4.43) shifts to the right thereby generating more N3~. The rate
then decreases as the pH increases further because reactive hypochlorous acid is
converted to inactive hypochlorite ion: HOCl = H* +ClO~ (pK, =7.31).

3.3.2. Basic regime

In base, formation of CIN3 is spectrophotometrically unde-
tectable because equilibrium 11 lies far to the left. So here we
monitored the loss of OCI~ (not CIN3) at 292 nm. Consequently, the
observed kinetic behavior changes: (a) it becomes second-order
in [N37~]; and (b) the reaction becomes inversely dependent on
[OH™].

Plots of log kgpsq Vs. log[N3r~| were linear with a slope of
2.0+0.2, i.e,, second-order in N3~ (e.g., Fig. 1c). Plots of kgpsq VS.
[OH-]-! were linear at fixed [Nsr~], i.e., reciprocal first-order in
[OH~] (Fig. 3).

At high pH, the amount of chloroazide that is present is small,
as the equilibrium is shifted far to the left. The overall mechanism
above then yields the following rate law in base.

% — kyKy[N3~ 2[HOCI][OH] ™" (16)
= aya2k; Ky [Nar~]*[OCly 7 J[OH ]! (17)

Here, o, is the fractional concentration of HOCI:

-1
Kanoci
_ 18
o ([H+]+ ] (18)
In well-buffered solution (fixed [OH™]) with excess [N3r~],
Kobsd =a1a2k1K1[N3*]T2/[OH’] (s71) so a plot of logkopsq Vs.
log[N37~] should yield a straight line with a slope of n=2

and an intercept of log(ajozk1K1/[OH™]) from which kiK; can
be evaluated at each pH and oo, (Table 1). The average
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value for this lumped second-order rate constant in base is
kiK;=7.6+1.4M-1s-1; and the average value of n was 1.97
(Table 1).

Since we have already obtained a value of
k1=0.52+0.04M-1s-1 we calculate K;=7.6/0.52=14.6. This
appears to be the first such estimate for an interhalogen (or
pseudo-interhalogen) equilibrium constant. It proved impossible
to directly determine K; by spectrophotometric titration because
CIN3 decomposed too rapidly under conditions where it could be
observed.

As mentioned above, the preferred pathway for destruction of
the interhalogens CIX is via reaction with OH~ (Eq. (6)) so it was of
interest to examine the possibility of reaction of CIN3 with OH™ to
form HON3 (hypoazidous acid), i.e.,

CIN; + OH™ — HON3; + CI™ (19)
N3~ +HON3 — (N3), + OH™ (20)
(N3); — 3N, (21)

A non-linear kinetic model that included the OH™ step (Eq. (19))

did not improve the model fit when added to our originally pro-
posed overall mechanism (Egs. (10)-(12)), and actually resulted in
a significantly worse fit when only the OH~ step (Eq. (19)) was in
the overall mechanism. This implies that alkaline hydrolysis of CIN3
(Eq. (19)) is not a major degradation pathway. However, this is not
to say that Eq. (19) is insignificant for the production of N,O and
ONOOH, as described below (Eq. (22)-(24)).

We also note that for the observed second-order dependence
on azide at high pH to occur, the reaction between azide anion and
HON3 would have to be the rate-limiting step, which would imply
that the HON3 intermediate should be observable in solution. How-
ever, it could not be detected by UV-visible or NMR spectroscopy,
lending credence to the conclusion that alkaline hydrolysis is not a
significant route.

Although it does not appear to be the major degradation path-
way in the hypochlorite/azide system, the production of trace
amounts of N, O suggests that an additional minor pathway might
exist under certain conditions. One possible mechanism begins
with hypoazidous acid (HONj3) to yield HON that rearranges to N, O
(and which also reacts with dissolved oxygen to yield peroxynitrous
acid, ONOOH) [43].

HONj3 — HON + Nj. (22)
2HON — N0 + H,0. (23)
HON + 0, — ONOOH. (24)

Evidence for this minor pathway should most easily be obtained
under conditions where the formation of chlorine azide consumes
most of the free azide and yet where there is sufficient hydroxide
for HON3 formation to proceed by Eq. (19), if only slowly. These
conditions are favored in an equimolar mixture of hypochlorite and
azide buffered at pH 6, where we indeed observed the formation
of N,O by headspace FTIR. UV-visible spectrophotometry of the
aqueous phase showed a product with a peak at ~308 nm, which is
consistent with that for peroxynitrite, ONOO~, the conjugate base
of peroxynitrous acid [43]. Using the published molar absorption
coefficient of 1.67 x 103 M~1cm~! for peroxynitrite, we estimate
that about 2% of the chlorine azide is lost by this route under these
conditions. This low yield is roughly consistent with the production
of N, O observed in the headspace.

Finally, we found no evidence for significant general acid catal-
ysis in the azide/hypochlorite system, although this does not
exclude the possibility of weak catalysis. For example, when
doubling phosphate buffer ionic strength at pH 7, 1.67 mM
[OCIT_] and 16.7 mM [N3T_]v kobsd =7.69x 10351 (,LL =0.05 M)

Fig. 4. Temperature dependence of the reaction between azide and hypochlorite
under acidic conditions (pH 5.93, phosphate, ;t=0.1 M). The pH decreases by 0.1
unit as the temperature increases from 5 °C to 35°C. Slope =(—7.70£0.13) x 103K,
intercept=2.08 x 10, 12 =0.9994.

and kypsg =7.70 x 1073 s~1 (11 =0.1 M). This is consistent with our
hypothesized overall mechanism, which has no anion/anion reac-
tion steps.

3.3.3. Temperature dependence

The temperature-dependence was determined from 5°C to
35°C at pH 5.93. The results are summarized in Fig. 4. The
rate-limiting CIN3/N3~ reaction has an activation energy of
59+ 1kJmol-1,

4. Discussion

Itis of interest to use our newly acquired kinetic data to estimate
the lifetime of azide in potable water treatment and distribution
systems. This is governed by the chlorine concentration, for which
two extremes exist. At the point of chlorination, the maximum free
chlorine is dictated by its solubility (~0.1 M) whereas further down-
stream, the residual chlorine level is normally about 1.5 LM [44,45].
Assuming pH 7, and an infinite supply of chlorine (that upon dis-
solution yields ~50% OCl;~; Eq. (8)), we estimate that the half-life
of azide would be ~15s at the point of chlorination, and ~24 days
at some point downstream where only residual chlorine remains.
In other words, azide would be quickly destroyed where chlorine
is actually injected into the water, but it could remain for several
weeks and become widely distributed through the system if intro-
duced downstream of the treatment plant. We note that our work
was performed with analytical grade reagents dissolved in deion-
ized water and so the kinetics might be different in actual drinking
water systems, which contain trace organics and metals such as
iron, manganese and copper that could act as catalysts. Further
studies using real drinking water should be conducted to verify
our estimates.

Although chlorination of dilute azide in drinking water might
be an effective treatment at the point of injection, chlorination is
not recommended for treatment of concentrated azide-containing
waste streams. Under acidic to neutral conditions, the toxic and
explosive intermediate CIN3 is formed, while under basic con-
ditions the destruction kinetics are very slow. Also, the mere
acidification of azide-containing waste solutions would lead to
the evolution of volatile and toxic hydrazoic acid. We note that
cyanide-contaminated wastewaters can be successfully treated
with chlorine under basic conditions, but this is due to the rapid
hydrolysis of the intermediate cyanogen chloride. By contrast, CIN3
appears to be resistant to alkaline hydrolysis. Instead of chlorina-
tion, ozonation would appear to be a superior treatment option for
azide-containing waste because it reacts very rapidly and avoids
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the generation of toxic or explosive intermediates, as described in
detail by one of the authors [44,45].

A detailed kinetic study of the formation of CIN3 would be of
great interest but would require rapid-kinetics techniques such as
stopped-flow spectrophotometry or pulsed-accelerated-flow spec-
trophotometry. Also, more research is needed on the chemical and
toxicological properties of CIN3. This compound is readily formed
in our system and at neutral pH its concentration is limited only by
the amount of azide or hypochlorite present. In particular, determi-
nation of the Henry’s constant of CIN3 would be particularly useful
to better evaluate its potential as a gas phase toxicant.
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