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ABSTRACT

By employing stopped-flow techniques, rate constants were determined
for the reactions of hypochlorous acid with bromide and ammonia in

solutions at different pil's and salinities. Values for the specific

rate constants at 25"C are k = 3.8 X 10 and k = 3.1 X 10 liters /y 2
mole-sec respectively for the following reactions:

IIOCl + Br- II0Br + Cl~
k,

HOCl + NII +HO*
3 2 2

Using the dif ferential rate equations for each reaction, the relative

formation rates were computed for a range of pH's, salinities and

ammonia nitrogen concentrations. The results should be useful in

predicting the nature of halogen substitution on ammonia nitrogen in
estuarine waters.

As a complement to the kinetic runs, speciation experiments were

done with full strength chlorinated sea water enriched with ammonia.

The resultant solutions were analyzed by UV spectroscopy, amperometric
itration and a membrane electrode. At low ammonia nitrogen and high

initial chlorine concentrations, hypobromous acid and tribronamine formed.
As the ratio of C1 to N was decreased, some dibromamine was observed

2

and at ratios less than 1:1, monochloramine formed and eventually

predominated.

Preliminary experiments were also done to determine a rate constant

for the oxidation of bromide by monochloramine. Results showed that

even in full strength sea water the reaction was quite slow (t %
1/2

28 hours for [ Nil Cl]* < 5.0 mg/l as Cl ). The reaction was found to be
2 2

pli dependent and yielded an unidentified product with a UV absorbanct
peak near 220 nm.
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SUMMARY

Chlorination of ammonia-rich estuarine waters may produce monochloramine,

the bromamines or a mixture of the haloamines depending on pH, tempera-
ture, salinity, chlorine dose and ammonia concentration. Monochloramine

is toxic to aquatic life primarily because of its persistence and is a

poor fouling control agent. The bromamines, though intrinsically no
less toxic, decay rapidly and are effective antifoulants. The predomi-
nance of either bromamines or monochloramine is detemined by the
competitive reactions of free chlorine with ammonia and naturally occur-

ring bromide. The bromide concentration of saline waters nomally
follows the salinity, therefore the rate of hypobromous acid fomation

and also bromamine formation is enhanced by high salinities. Lower
salinity estuarine waters generally contain more ammonia and favor the
fomation of monochloramine. It was the objective of the proposed
research to precisely determine the ammonia-to-saliriity ratios required
to f avor either bromanines or monochloramine. This was accomplished by
determining rate constants, using stopped-flow techniques, for the
respective reactions of hypochlorous acid with bromide and ammonia

under a variety of experimental conditions. Rate equations have been
derived and values found for the specific reaction rate constants are k ~

l
3 63.8 X 10 and k = 3.1 X 10 liters / mole-see for the respective

2

reactions:

HOCl + Br~ HOBr + Cl~'

HOC 1 + NH NH Cl + H 0+
3 2

Using the differential rate equations for each reaction, the relative

fomation rates were computed for a range of pH's, salinities and ammonia
nitrogen concentrations. A plot was then constructed which would enable

one to predict the probability of bromamine formation versus mono-

chloramine formation at a given salinity, ammonia-nitrogen concentration

and pH.

In order to determine the major components of the total residual

oxidant concentration in sea water containing ammonia, a number of

qualitative speciation experiments were carried out. Filtered sea water
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obtained from the North Carolina coast was enriched with different
amounts of ammonia and chlorinated with 2.5 and 5.0 mg/l as C1 f

2

sodium hypochlorite. The resultant solutions were analyzed by UV
spectroscopy, amperometric titration and a halogen membrane electrode.
At very low ammonia concentrations, tribromanine and hypobromous acid
formed and at high ammonia concentrations a mixture of monochloramine
and dibromamine was observed. The monochloramine component was stable

throughout the 45 min observation period, whereas tribromamine de-
conposed rapidly. The threshold ammonia concentration for monochloramine

e formation appeared to be at 0.4 to 0.5 mg/l NH -" #vers : 3
-

a cnior a.e dose of 2.5 mg/l in full strength sea water. This observa-

tion was in qualitative agreement with predictions based on rate
constants determined from our stopped-flow kinetic runs.

Preliminary experiments were also done to determine a rate constant for
the oxidation of bromide by monochloramine by monitoring the UV
absorbance at 245 nm, A for NH C1. Results indicated that in full

max 2
strength sea water the reaction would be quite slow with an estimated
half-life greater than 20 hours. The reaction was found to be pH
dependent and yicided an unidentified product with a UV absorbance peak

near 220 nm.

vi



TABLE OF CONTENTS

Page

Abstract........................................................... 111

Summary...............................................................y

List of Figures..................................................... 1x

List of Tab1es.......................................................xi

Acknowledgements....................................................xiii

I. Introduction 1

A. B a c k g r o un d . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 1

B. Re s e a rc h Obj e c t ive s . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 2

II. Experimental

A. Reagents.................................................... 4

B. Methods..................................................... 6

C. Procedures.................................................. 9

1. Chemical Speciation in Chlorinated Sea Water. . . . . . . . . . . . 9
2. Bromide Oxidation by Hypochlorous Acid................. 10
3. Monochloramine Formation............................... 11
4. Bromide Oxidation by Monochloramine. . . . . . . . . . . . . . . . . . . . 12

III. Results and Discussion

A. Chemical Speciation in Chlorinated Sea Water. . . . . . . . . . . . . . . 13

B. Bromide Oxidation by Hypochlous Acid....................... 24

C. Mono chlo ramin e Fo rma t ion . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 2 6

D. Bromide Oxidation by Monochloramine. . . . . . . . . . . . . . . . . . . . . . . . 35

IV. Conclusions and Future Plans

A. Chemical Speciation in Chlortnated Sea Water............... 44

B. The Compe*itive Reactions of Hypochlorous Acid with
B romid e a..d Ammon ia . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 4 4

C. Bromide Oxida t ion by Monochlo ramine . . . . . . . . . . . . . . . . . . . . . . . . 4 8

References................................. ......................... 49

vii



Appendices

A. Concentration-Time Data for Chemical Speciation
Experiments................................................ 53

B. Kinetic Data for the Oxidation of Bromide by Hypo-
chlorous Acid.............................................. 58

C. Kinetic Data for the Formation of Mono-
chloramine in Art if icial Sea Water. . . . . . . . . . . . . . . . . . . . . . . . . 60

D. Temperature Dependence of K , L , K and f................. 62
a b w

Supplemen tal Dist r ibut ion Lis t . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 64

viii



FIGURES

Figure Page

1. Calibration curve of the membrane electrode response
to NHBr ....................................................... 8

2

2. Time dependence of the UV spectrum of chlorinated, ammonia-
enriched sea water. The initial chlorine and ammonia
nitrogen concentrations were 5.0 and 0.16 mg/l respectively. . .14

3. Concentration-time curves for NBr , HOBr + obr- and total
3

oxidant for an initial chlorine dose of 5.0 mg/l in sea
water containing 0.16 mg/l ammonia nitrogen. The cicctrode
response (meter reading X 28 X 10-6) is also shown............ 15

4. Time-dependence of the UV spectrum of chlorinated sea water
for an initial chlorine dose of 5 mg/l and 2.0 mg/l ammonia
nitrogen......................................................16

5. Concentration-time curves for NH,Cl, total oxidant concen-
tration and electrode response fBr an initial chlorine dose
o f 5.0 mg/l and 2.0 mg/l ammonia nitrogen . . . . . . . . . . . . . . . . . . . . . 17

6. Composition of the total oxidant concentration at 1 min as

a function of ammonia concentration. The chlorine dose is
a constant 5 mg/1............................................. 19

7. Composition of the total oxidant concentration at 30 min as

a function of ammonia concentration. The chlorine dose is
a constant 5mg/1.............................................20

8. Composition of the total oxidant concentration at 1 min.

as a function of ammonia concentration. The chlorine dose
i s a c o n s tan t 2 . 5 mg /1. . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 2 2

9. Composition of the total oxidant concentration at 30 min
as a function of ammonia concentration. The chlorine dose
is a constant 2.5 mg/1........................................ 23

10. A typical plot of amplifier output voltage versus time for
the_ formation of hypobromous acid. The concentration of
OC1 is proportional to V-V, where V , is the voltage at
t= in f in i t y o r c omp l e t e r eac t io n . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 2 7

11. A plot of the natural logarithm of V-V, versus time for
the disappearance of OCl where the slope = -k ... 28.........

obs
~

[Br }/(1 + K f/A y ) where the slope12. A plot of k versus
isk,theOh!tfitreactionrate$onsNant for the formation
ofHbBrat 25'C. K'=Kf/y.................................29

c a

ix



13. Temperature dependence of k , the reaction rate constant
lfo r the fo rmat ion o f hypobromous acid. . . . . . . . . . . . . . . . . . . . . . . . . 30

14. A plot of in (4 A) versus time where A A = A,-A for the
appearance of monochloramine. The slope = -kobs.............. 33

15. A plot of k ve r:. N,/B for all kinetic runs at 25 C

and salinit3bE 1 to 20*f oo. The slope is k,, the reaction

rate constant for the f ormation of monochlotamine. . . . . . . . . . . . . 34

16. The decomposition of monochloramine versus time. . . . . . . . . . . . . . . 36

17. The concentra t ion o f dibromasine versus t ime . . . . . . . . . . . . . . . . . . 37

18. A plot of in [NH,Cl] versus time at 25 C where slope =
obs...........t............................................. 38-k

19. A UV spectrum of a mixture of monochloramine and bromide
at pH 7.1 at 20 minutes....................................... 40

-320. The UV spectrum of 0.80 X 10 M potassium bromide
solution......................................................41

21. A UV spectrum of a mixture of monochloramine and bromide
af ter 20 minutes. The dashed absorbance curve results
when the bromide correction is applied. . . . . . . . . . . . . . . . . . . . . . . . 42

22. A plot of ammonia nitrogen and salinity values that give
R = 1 or an equal probability of forming HOBr or NH Cl

2a[ a particular pH. Combinations falling above a pH
line produce conditions f avorable to the formation of

NH,C1 whereas combinaticas below a line are conducive to
HO B r f o rma t io n . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 4 6

x



TABLES

Table Page

1. Composition o f Ar tificial Sea Wate r Stock. . . . . . . . . . . . . . . . . . . . . . . 5

2. Membrane Electrode Sensitivities to Various
lla l o g en Co m p o un d s . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 9

3. Observed Rate Constants for the Oxidation of Bromide
Ion b y Mon o c h 1 o ram in e . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 3 9

xi



ACKNOWLEDGEMENTS

This work was supported by the United States Nuclear Regulatory

Commission under Contract No. NRC-04-77-119, Dr. Philip R. Reed,

Contract Monitor. We are grateful to Dr. Tom Meyer and Bruce Moyer
of the Chemistry Department for valuable assistance and the use of
their stopped-flow equipment. We are also indebted to Tim Trofe for
his work on the oxidation of bromide by monochloramine and for his
help in the preparation of this report. We are especially grateful
to Stella Powell for her patience and typing skills.

xiii



TILE KINETICS OF CHLORINE-AMMONIA REACTIONS

IN SEA WATER

I. Introduction

A. Background

Chlorine is commonly used as a biocide in the condenser systems

of power plants employing either fresh or saline water as a coolant.

The chemical mechanisms involved in this process and the products formed
are of interest because of the potential toxicity ' of the chlorinated

ef fluent and from the standpoint of fouling control efficiency. Most

of the reactions are rapid and the mechanisms complex, particularly so

if amino-nitrogen and organics are present. If estuarine or sea water

is chlorinated, the f ree chlorine, primarily HOC 1, will react rapidly

with naturally occurring bromide to produce hypobromous acid, HOBr, and

- 4*5bypobromite ion, obr . If ammonia is present it may compete for the

f ree chlorine and form monochloramine, NH C1. Ammonia, commonly present
2

in estuarine waters, has a low molecular weight compared to chlorine

such that only 0.2 mg/l ammonia nitrogen is equivalent, on a 1:1
molecular basis, to 1.0 mg/l chlorine. Hypobromous acid may also react
with ammonia to form the bromamines, where the degree of bromine substi-

tution on nitrogen will be determined primarily by pH and the chlorine

to ammonia ratio. The following schematic diagram shows the major

reaction pathways and possible products in chlorinated ammonia-rich

sea water.
1 OCl

Br~ NH
3

_

#I! obr NH Cl ; products unknown
2

HOBr
NH HOC ; products unknown

3
- o

NI(Br NHCl
2

HOBr

NHBr

HOBr
w

NBr
3



Monochloramine is the least desirable of the above products because of
its persistence and high chronic toxicity to various forms of marine

life. Because it is a relatively weak oxidant it is also a poor fouling

control agent. The bromamines, though not intrinsically less toxic,

are not persistent because of their greater reactivity towards redrcing

agents and an ability to undergo autodecomposition. Bongers et al have

demonstrated the ef fectiveness of bromanines as condenser antifoulants
in low-salinity high ammonia estuarine water disinfected with bromine

chloride. They also observed that the residual oxidants or broaamines

formed f rom bromine chloride and the ammonia present decayed more rapidly
than those produced by chlorination of that same water. Similar results

were found by Hergott et al in a survey of chlorination practices at

five power plants around the San Francisco Bay area. The slowest decay
of residual oxidant was observed in the cooling waters of lowest salinity .
The most rapid decay occurred in high salinity waters where most of the
oxidant was identified as a bromine residual. Bongers concluded that
bromine chloride may be a desirable alternative to chlorine in many
situations. However, depending on the chlorine dose, pH, ammonia con-
tent and salinity of a cooling water, it may not be necessary to employ
the more expensive bromine chloride since chlorine may produce identical
results.

B. Resea ch Objectives

The above work and calculations based on past laboratory kinetic studies '

12
indicate that there is a critical ammonia-to-salinity ratio uhere

monochloramine formation begins to predominate over hypobromous acid and

subsequent bromacine formation. In order to predict this point for a
given coolant water, a reliable set of rate equations must be known that
can, as a minimum, account for changes in salinity, pH, temperature and
ammonia concentration. Therefore, the primary objective and a logical
first step in developing a kinetic model for sea water chlorination has

been to determine rate constants for the formation of HOBr and NH Cl under
2

a variety of pH and salinity conditions. Further research objectives

have been to determine the chemical speciation of chlorinated ammonia-

2



enriched sea water samples and detemine the stability of monochloramine,
the most persistent and toxic product.
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11. CXPERIMENTAL

A. Reagents

Chlorine Demand-Free Water,

The procedure for preparing demand-free water is described in detail
elsewhere. This water was used to rinse all glassware, to prepare

stock solutions and as a diluent in all aqueous solations.

Sea Water

All sea water used in these experiments was obtained from Onslow Bay
near the sea buoy, 3 miles south of Morchead City, North Carolina, at

flood tide on July 16, 1977. Samples were taken in acid-washed

polyethylene containers and immediately returned to Chapel Hill, stored
at 4*C and filtered through 0.45 um Millipore filters. The pH was 8.10

+ 0.05, total organic carbon 2.2 mg/l and the salinity 33*/... the

ammonia concentration was less than 0.01 mg/] ammonia nitrogen as

determined by adding -2 mg/l bromine solution and observing the UV

absorbance at 258 nm, A, for NBr3 (c = 5000).
Artificial Sea Water

A concentrated stock solution of bromide-free artificial sea water was
prepared according to the formula of Kester et al. The composition

and concentration of each component are given in Table 1. This stock

was used in the preparation of reactant solutions for kinetic runs

involving the formation of monochloramine. Fischer Certified A.C.S.-

grade reagents were used with the exception of sodium chloride which was

biological grade containing less bromide and other impurities. The

stock was filtered (.45 um), chlorinated to 5 mg/l as C1 nd then ir-
2

radiated with UV light to eliminate any reducing agents.

Ammonia Chloride Solutions

Stock ammonium chloride solutions were prepared by the addition of

appropriate amounts of Fisher Certified A.C.S.-grade ammonium chloride

in demand-free water and diluting to volume.

4



Table 1

Composition of the artificial sea water stock solution used

to prepare reactant solutions of different ionic strengths.

u (formal) = 0.99, chlorinity - 27.8 "/,,, salinity - 50.3

*/,, and specific gravity = 1.06 at 25*C.
Component Mass (g) Molarity (at 25*C) Molality

Nacl 70.50 0.638 0.602

Na SO 11.36 0.0423 C.03992 4
MgC1 611 0 31.38 0.0816 0.0771

2

CaC1 2110 4.20 0.0151 0.0143
2 2

Nal!CO 0.593 0.0037 0.0006
3

11 0 1882. ---- ----

2

Sodium Ilypochlorite Solutions

llypochlorite stock solutions were prepared by diluting Fisher Reagent-
grade sodium hypochlorite (5%). Their titers were determined by
amperometric titration.

Dibromamine Solutions

Solutions of NilBr us d to calibrate the halogen membrane electrode were
2

prepared by adding 150 ml of 80.5 pM II0Br to 150 ml of 400 pM Nil Cl
4

buffered at pil 7 with 0.01 M_ phosphate. The concentrations of NHBr w re
2

determined from the absorbance at 232 nm, A for NIIBr , (c = 1900).
2

Under these conditions all of the total oxidant consisted of dibromanine
as confirmed by amperometric titration and UV absorbance.

Buffer Solutions

A potassium phosphate buffer stock (-0.1011 in P0 ) was prepared by
4

adding enough 0.2 M KH P0 to 500 ml of 0.2 M K 11PO until the desired2 4 2 4

pil was obtained. The reagents were Mallinckrodt Analytical Reagent-
grade K IPO 3110 and fisher Primary Standard Kil PO . The stock was

2 4 2 2 4
filtered (0.45 pm), chlorinated and irradiated with UV light in order

to eliminate trace amounts of reducing agents.

Sodium Chloride Solution

A 2.0011 stock solution of Nacl was prepared from Fisher Biological-

5



grade sodium chlnride and demand-free water. The solution was filtered,
chlorinated and irradiated. This stock was used in the preparation of

reactant solutions for all kinetic runs to measure the rate of hypo-

bromous acid formation.

Potassium Bromide Solutions

All KBr solutions were prepared f rom Fisher-Certified A.C.S.-grade
potassium bromide.

Monochloramine Stock Solutions

Stock solutions of monochloramine (25 mM) were prepared by mixing an

appropriate amount of Na0Cl stock to a solution of NH Cl buffered at pH
4

8.75, and diluting to 100 milliliters. The ammonia to chlorine ratio

was maintained at 2.0:1. Stocks were prepared in this manner prior to

each experiment and the NH Cl concentration determined spectrophoto-
2

metrically from the absorbance at 245 nM. Stock concentrations prepared

in this manner were consistently 25 nqi.

Sodium Hypobromite Solutions

Hypobromite solutions were prepared by mixing stoichiometric amounts
of Na0Cl stock with potassium bromide stock and allowing 24 hours for

the reaction to go to completion. The pH was adjusted to 11.2 with

0.25 N sodium hydroxide and the stock stored in the dark. The resulting

concentration was determined spectrophotometrically from the absorbance
-

at 329 nm, A, for obr .

B. Methods

Total Oxidant Concentrations

Total oxidant concentrations were determined by amperometric titration

using phenylarsine oxide as a titrant according to a procedure in

Standard Methods.15 However, the K1 was always added first to the diluent

water and the pH 4 buf fer added immediately prior to adding the sample

aliquot.

6



Tribromamine and llypobromous Acid-llypobromite

The concentrations of NBr and II0Br + obr- were determined from the UV
3

absorbance at 258 nm, A for NBr , and from total oxidant concentra-
3

tion in a manner described elsewhere.13

Dibromamine

The concentration of NHBr in solutions containing no excess bromine

was measured with an amperometric membrane electrode. A detailed

description of the construction, properties and use of this device are

given by Johnson et al. When +350 mV is applied across the probe's

gold working electrode and Ag/AgCl reference electrode, a number of

halogen compounds are selectively reduced and will produce a current

proportional to their concentrations. The sensitivities (mil-'

liamperes-liter / equivalent) are given in Table 2 for a number of halogen
compounds. If no excess halogen is present in sea water containing

ammonia, only NH Br, NHBr , Nll Cl and NHCl are likely to be encountered.
2 2 2 2

l6Since NH Cl produces no reduction current at +350 mV, the membrane
2

electrode may be used to measure the sum of NHBr , NHCl and NH Br
2 2 2

concentrations. For the amonia: halogen ratios employed in this study,

the major contribution to the electrode response was expected to come

from NHBr . Dichloramine was a possible interference but produces a
2

very small response and is normally only present at low pH.19 The

probe is also 17 times more sensitive to NHBr than to an equivalent
2

amount of NH Br.
2

A Delta Scientific Model 8324 " Chlorine" Analyzer was modified so that
+350 mV could be applied to the electrode. The electrometer output of

the Analyzer was then calibrated using NHBr solutions. The calibration
2

curve shown in Figure 1 was obtained from data taken before and af ter

the sea water chlorination runs. The NHBr c ncentrations were
2

determined spectrophotometrically by monitoring the absorbance at 232

nm, A for NHBr,,.max s

Monochloramine

The concentration of NH Cl (c = 455) was determined from the absorbance2

at 245 nm by correcting for the contribution of NHBr2 (c = 1300 at

7
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245 nm).'O When the NIIBr e ncentration s large in comparison to
'

2

NII Cl, the IN method was found to be inadegaate. In this case the

NII Cl concentration was calculated as the difference in the equivalent
2

NIIBr e ncentration and the total oxidant concentration.
2

Table 2. Membrane Electrode Sensitivities" to Various IIalogen Species
Compound X = Cl X = Br

NX 0
3

NIIX 0.2 27
2

Nil X 0.0 1.6
IIOX 6.6 5.0

"In milliamperes-liter / equivalent at an applied potential of 337 mV vs
Ag/AgCl with a Millipore Fluorcpore microporous-type FC047 membrane.

C. Procedures

Chemical Speciation in Chlorinated Sea Water

Two sets of experiments were carried out wherein sodium hypochlorite was
added to filtered Onslow Bay sea water spiked with ammonium chloride.
In the first set the initial chlorine dose was held constant at 5.0 mg/l

as C12 (70.5 peq/1 as oxidizing halogen) and the initial ammonia concen-
trations were varied f rom 0.075 to 3.16 mg/l as ammonia nitrogen. In

a second set of experiments the initial concentrations of chlorine and

ammonia were halved. The initial conditions and results of these sixteen
experiments are summarized in Appendix A. The ea water pH of 8.1 was

unaltered by the addition of either hypochl( r .te or ammonia chloride.

Prior to each run a baseline scan from 300 to 220 nm was run on a Cary

14 recording spectrophotometer with sea water in both sample and
reference beams. The response of the electrode was also zeroed using

sea water. A run was begun by adding an appropriate amount of concen-

trated hypochlorite stock (-250 mg/1) to 300 ml of sea water containing

:he desired ammonia concentration. During this addition the solution

was stirred rapidly with a magnetic stirre.r. An aliquot was immediately

removed into a 10-cm quartz cell and a scan done from 300 to 220 nm.

9



The spectral scan was repeated at 3, 5,10, 15, 20, 30 and 40 min.
Immediately af ter removing a sample for UV analysis, the membrane
electrode was lowered into the stirred solution and current response

recorded every minute for 10 min and every 5 min thereaf ter. At 1, 5,

10, 20 and 40 min, 10-ml aliquots were withdrawn for determination of
total oxidant concentrations. The electrode response, total oxidant
values and absorbances at the wavelengths of interest were plotted as

a function of time. The concentrations of individual compounds were

calculated as described above under Methods.

Bromide Oxidatiot by Hypochlorous Acid

Twenty-three sets of stopped-flow kinetic runs were carried out to

determine the ef fect of pH, ionic strength and temperature on the rate
of hypobromous acid formation. All runs were done under pseudo-first
order conditions where the bromide concentration was fifteen times the
initial hypochlorite concentration. The experimental data for these
runs are tabulated in Appendix B. Reactant solutions were prepared in

the following manner. All bromide solutions were prepared by diluting
to 100 ml a mixture of encugh 2 M Nacl to obtain the desired ionic
strength, 10 mi of 0.10 M_ phosphate buffer and 10 ml of 0.05 M KBr.
When necessary the pH was adjusted to the desired value by the addition

of dilute (0.025 N) NaOH or hcl. Runs were done at five salt concen-
trations, 0.05, 0.10, 0.20, 0.35 and 0.50 molar.

In a similar manner, all hypochlorite solutions were prepared by
diluting to 100 ml a mixture of Nacl,10 ml of 0.10 M_ phosphate buffer
and 10 ml of 3.2 X 10- M,hypochlorite solution. Portions of these
solutions were then introduced into the reservor syringes of an Aminco-

Morrow Stopped Flow apparatus and allowed to equilibrate at the run
temperature. A run was initiated by pressing a drive button which
simultaneously activated the drive syringes and initiated the data
acquisition process. A detailed description of the stopped-flow appara-
tus and its operational procedures are given by Reich and Morrow.

The reaction of HCCl with Br- to produce HOBr was monitored by observing
-

the change in light intensity at 292 nm, A for 0C1 . Hypochlorite,

10



~

OC1, was in equilibrium with HOCl and therefore the rate of bromide
~

oxidation was proportional to the loss of OCl . The source and detection

system consisted of a Becknan DU monochromator, a Power Designs Model

1565 photomultiplier tube, amplification circuitry and a data acquisition

system associated with a Raytheon 706 computer. Light intensity

changes were converted to current changes, voltages and finally digitized

by an analog-to-digital converter. A more detailed discussion of the

relationships between light intensity, current, voltage and absorbance

are given by Braddock. Because absorbance changes were always less

than 0.10, observed rate constants could be computed from linear regres-

sions on in (V-V,) or In (A-A,) versus time.~3
7

Kinetics of Monochloramine Formation

Twenty-five sets of runs were done to determine the ef fect of pH and

ionic strength on the rate of monochloramine formation in artificial sea

water. The results are tabulated in Appendix C. Since there is some

rate data available on the fresh water kinetics of this reaction, it

was decided to proceed directly with experiments employing an artificial

sea water medium. However, because of discrepencies between our initial

findings and the earlier work of Morris'2 it was decided to repeat some1

,

fresh water runs under conditions similar to those employed by Morris.

Runs were also done using phosphate buffers as had been done with the

bromide work. However, due to problems with Mg(HPO ) precipitation at
4

high pH, phosphate was eliminated. Buffers proved to be unnecessary as

the pH's of reactant solutions could be adjusted prior to mixing with

only dilute NaOH and hcl. Reactant solutions were prepared in a manner

identical to that used for the bromide oxidation runs with three

exceptions. Artificial sea water stock was substituted for the Nacl

stock, 10 ml of 0.05 M NH Cl were substituted for the KBr and no phos-
4

phate buffer was added. Five salt concentrations were used resulting in

total ionic strength values of 0.031, 0.056, 0.106, 0.206 and 0.406.

This covered a salinity range from 1 to 20 */... The reaction was

monitored by following the appearance of monochlora2ine at 245 nm.
observed rate constants were calculated from linear regressions on in

( AA) versus time, where AA = A, - A for an appearance. These calcula-

11



tions and those for the formation of hypobromous acid were performed

by a computer program written in PL-1 for the IBM system 370 at the

University of North Carolina at Chapel Hill.

The Decomposition of Monochloramine in the Presence of Bromide

The oxidation of bromide ion by monochloramine was studied under pseudo-

first order conditions by mixing buf fered solutions of monochloramine

and potassium bromide where the bromide was present in large excess.

Solutions were maintained at pH's from 7.1 to 7.9 with phosphate buffer
and the spectrometer cell holders were thermostated at 25'C with a

constant temperature bath. The excess ammonia concentration 'n the

reaction solutions varied f rom 0.69 mM to 0.91 mM. Initial concentra-

tions of NH C1 and Br~ for all runs were 0.75 mM (53 mg/l as C1 ) and
2

16.0 mM (1280 mg/1) respectively which gave a 22:1 molar ratio of
~

[ B r ] * : [ N11 Cl ] * . The ionic strength, 0.020 + 0.004, of the reaction
2

solutions was determined by the phosphate buf fer. The reaction was

initiated by adding an appropriate volume (usually 3 to 4 ml) of 25 mM

monochloramine stock to a stirred and thermostated solution of 16 mM
KBr and buffer. A 4 ml aliquot was withdrawn into a 1 cm quartz cell
and a series of repetitive scans made from 350 to 200 nm using a Cary
Model 219 dual-beam spectrophotometer. Absorbance data was then taken

at two wavelengths, 245 and 232 nm, which are A ,x for NH Cl and NHBr2 2'
A computer program was used to calculate the concentrations of mono-

chloramine and dibromamine by solving two simultaneous equations in two
unknowns.

12



III. Results and Discussion

A. Chemical Speciation in Chlorinated Sea Water

Raw data for a given speciation experiment consisted of a series of UV
spectral scans, total oxidant concentrations and the response of a
halogen membranc electrode all obtained at times ranging from 1 to 40
minutes. For the sake of brevity, only the more representative

absorbance and concentration-time curves are presented here.

Figure 2 shows the time-dependence of the UV absorbance of chlorinated

sea water for an initial chlorine: ammonia colar ratio of 6.25 and 0.16

mg/l ammonia nitrogen. The peak near 250-260 nm is due to NBr3" "

slight contribution from HOBr. The formation and rate of disappearance
of NBr a pH a g n cMo&e. ammonia rado an in pamah.

3
13

agreement with results obtained previously in freshwater. Figure 3

shows the time-dependence of total oxidant concentration, electrodt

response and concentrations of NBr n H r + obr ~ for th w
3

~

The concentration of f ree bromine, HOBr + obr , increases in aily since

it is a product of NBr d c mPosition. The relatively high electrode
3

response is produced because the electrode is calibrated to NHBr while
2

the solution onsists almost entirely of NBr , which has a greater
3

sensitivity than either HOBr or NHBr s shown in Table 2.
2

An example of data from a run in which ammonia was in excess and also

present at a high concentration (2.0 mg/1) is given in Figures 4 and 5.
In Figure 4, the peak near 240-250 nm becomes more pronounced with time
and suggests the oresence of monochloramine (A = 245 nm) and also one
or more le',s stable compounds. DJ bromamine '.s the only known haloamine

capable rf producing the observed electrode response when ammonia is
n'esent in excess at high pH. However, the lack of a distinct peak at

232 nm. A for NHBr . Prevents a positive identification based solely
2

on the UV data. Monobromanine (A = 278 nm) can be present only in
lmw concentrations since the absorbance near 280 nn. is small relative to
that near 245 nm. It is also observed only at higher ammonia: bromine

'ratics. The decay curves attributed to NH Cl and NHBr r shown in
2 2

Figure 5. Af ter an initial decrease in the concentration of NHBr , both
2

13
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Figure 2. Time dependence of the UV spectrum of chlorinated,
ammonia-enriched sea water. The initial chlorine and ammonia
nitrogen concentrations were 5.0 and 0.16 mg/l respectively.
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Figure 3. Concentration-time curves for NBr , IIOBr + obr ~
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and total oxidant for an initial chlorine dose of 5.0 mg/l in
sea water containing 0.16 ng/l ammonia nitrogen. The elec-
trode response (meter reading X 28 X 10-6) is also shown.
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Figure 4. Time-dependence of the UV spectrum of chlorinated sea water
for an initial chlorine dose of 5 mg/l and 2.0 mg/l ammonia nitrogen.
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halogen species appear to be stable with Nil Cl comprising 75% of the
3

total oxidant present. In estuarine water containing weak reducing

agents, the bromasine portion would likely disappear leaving the more

inert monochloramine.

The concentration-time data from each run were used to construct the

plots shown in Figures 6 and 7 wherein the concentrations in mg/l as C1
2

of each component at e plotted against the logarithm of initial ammonia

concentration. These plots show the composition of the total oxidant

concentration for a particular initial ammonia concentration at 1 and

30 minutes af ter chlorination. The chlorine dosage is constant and
the ammonia: halogen ratio increases from lef t to right. The left-hand

portion of each plot represents the condition of excess halogen added

beyond that required to completely oxidize ammonia while the right-hand
side represents a situation with ammonia in excess. At a 1.5 - 1.7

molar ratio of halogen to ammonia, conditions are favorable for redox

rather than substitution reactions. Near this point, of ten referred to

as the breakpoint, the total oxidant concentration decreases rapidly
with time. The figures show that at low ammonia concentrations and

halogen: ammonia ratios greater than 3, NBr is the principal bromanine
3

present. Tribromamine is stabilized by acid pil and an excess of hypo-
bromous acid. At pil 8.1 it is unstable even at a relatively high halogen:
ammonia ratio (12.5) and af ter 30 min has decreased to 0.42 mg/l from

-

an initial 3.5', og/1. At this point Il0Br and obr , which are also

products of NBr decomposition, are the major constituents of the total
3

oxidant concentration. At higher ammonia concentrations there is less

f ree bromine and NBr decomposes more rapidly. This is evident by
3

noting the NBr e nun ra ns at 1 and 30 & when d e W al M or h :
3

ammonia molar ratio is about 3:1. Af ter 30 min, NBr was undetectable
3

by its UV absorbance.

At a relatively high ammonia concentration, -0.5 mg/1, and a 1:1 molar

ratio of chlorine: ammonia,dibromasine forms and decomposes rapidly as
shown in Figures 6 and 7. At 1.0 mg/l ammonia nitrogen, monochloramine

was detected from its UV adsorbance at 245 nm. At ammonia nitrogen

18
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levels less than 1.0 mg/l it was difficult to measure NH C1 because of
2

interferences from dibromamine absorbance. This limitation was the
determining factor in choosing chlorine dosages and nitrogen levels for
these experiments. At higher nitrogen levels monochloramine was easily
observed and was also stable.

An additional experiment was performed to confirm the presence of

monochloramine in chlorinated sea water. Two sea water samples con-
taining 1.0 mg/l ammonia nitrogen were dosed with equivalent amounts
(70.5 ueq/1, 2.5 mg/l as C1 ) f hypochlorite and hypabromite and their

2
UV spectra scanned from 210 to 290 nm. The chlorinated sample gave a

broad and stable maximum near 240-250 nm after several hours whereas the

brominated sample produced a maximum near 230 nm that decreased rapidly

in a manner characteristic of dibromamine solutions.

These data show that monochloramine will form and eventually predominate
in full strength chlorinated sea water when the ammonia nitrogen level

is at least 1 mg/1. However, this does not answer the question of
whether or not monochloramine would be formed at lower ammonia concen-

trations and lower chlorine doses more typical of cooling water chlorina-

tion practices. In order to answer this question and to determine the

current limits of sensitivity of our present analytical methods, another

set of runs were carried out at half the initial ammonia concentrations
and chlorine dose. The major characteristics of UV absorbance and

concentration-time curves were not substantially different from those of

the previous experiments wich the possibic exception of a slower initial

decomposition rate. Specis tion plots are shown in Figures 8 and 9 at the

respective times of 1 and 30 sinutes. Eceause the nitrogen levels were

lower for these runs, the concentration of labile oxidant or what was

thought to be dibromamine, comprised a greater percentage of the total

oxidant concentration than in the earlier runs. This happened simply

because there was less ammonia to compete with bromide for the hypo-
chlorous acid. However, all of the total oxidant could not be accounted

for solely by the presence of dibromamine. In each run there was a

fraction (10-20 peq/1 or 0.3-0.7 mg/l as C1 ) ft tal xidant that did
2

not vary greatly during the course of a particular run, but did increase
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when the ammonia concentration was increased. This fraction's
observed stability is consistent with the known properties of mono-
chloramine. Only at the highest initial ammonia concentration (1.6
mg/l ammonia nitrogen) could monochloramine be detected by its UV

absorbance. The concentrations of dibrouamine and monochloramine
measured during these runs are near the limits of selectivity and

sensitivity for our present detection methods. UV spectral measure-
ments in chlorinated sea water were particularly difficult because of

a high and changing background absorbance. The effect was more notice-
abic at higher halogen: nitrogen ratios, when there was excess halogen
over that required to form a monohaloamine. The baseline shift was
always negative with the effect of underestimating concentrations. A
possible explanation is that excess halogen was reacting with some
organic components of sea water and changing the UV absorption charac-
tteristics. We hope to minimize this problem in the future by using

cleaner Gulf Stream sea water for some of the speciation experiments.

B. Bromide Oxidation by Hypochlorous Acid

The proposed mechanism for the oxidation of bromide ion by hypo-

chlorous acid is: g
HOCl N OCl- + H+ (1)

HOCl + Br~ HOBr + Cl~ (2)+

In order to test its validity an expression must be derived for the

observed cate constant in terms of the reaction rate constant k and

all reaction variabley. The rate of bromide disappearance is also
equal to the rate of disappearance of total oxidizing chlorine and the

rate of appearance of total oxidizing bromine. Therefore,

~

dBrT = -d[Br ] -dCl
T=k1 [HOCl][Bc ] T*

-

(3)
~

,
,

dt dt dt y
Br

~ -

[HOCl] + [0Cl ], Br = [HOBr] + [0Br ], and yo and yBr "#where CI =
T T

the respective activity coefficients for HOCl and the activated complex.

The activity coefficients of the single charged species, Br- and OCl- are
~

assumed to equal yt. Since we monitor the disappearance of OC1, it is
~

desirable to express Cl and HOCl in terms of OCl . This may be done by
T
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using the thermodynamic acid dissociation constant, K for
*

hypochlorous acid where,

[0Cll [Hb yt y
K g (4)=

a [HOCl] y. '

OCG [Hb y y
[rf0Cl] = ll (5)

K, yo

and C1 = [0Cl ] (1 + [11+] vi Yg/K y.). (6)
-

T a

Substituting (5) and (6) into (3) and also making these simplifying

assumpticas that y. = 1 and y =y yields the f 11 wing merentialar
rate equation:

--

[0Cl-] [Br ]-d[0Cl ] , k i g)
dt 1 + K /[H*] Y Y!H

A further subttitution is necessary since [H ] is monitored using a pH

electrode with a saturated calomel reference. The hydrogen-ion activity
is given by a = [H+]y and is related to the operational activityg H

measured with a pH electrode by f:

S = ja = jyH[H+], (8)g g

where j depends upon the dif ference in liquid junction potentials between
standard buffer and the saline solution. If [H+] is related to d theH,

rate equation then becomes

- - -

-d[0Cl ] ki [0Cl ][Br ]
dt " 1 + K f/d YH

Under a given set of run conditions at constant pH, temperature, ionic

strength and a large excess of bromide, the integrated form of (9) is

in [0Cl ] = - [0 l -

(10)
-

- In [0Cl ]*,
K '/ ;y

-

where [0Cl ]* = the initial hypochlorite concentration. A plot of
-

in [0Cl ] versus time should yield a straight line with a slope equal
to -k where,es

-

k1 [Br ]k =

obs 1 + K j/d yt
H

In practice, a voltage proportional to the concentration of hypochlorite
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was measured as a function of time (see Figure 10) and the slope

determined by performing a linear regression on the logarithm of AV,

V-V,, versus time. A sample plot is shown in Figure 11, where the

regression was done for 807. completion.

As conditions are varied from run to run, k ecomes a function of
obs

brucide concentration, temperature, pH and ionic strength. Temperature
primarily af fects k accordino to the activation energy of the reaction.

g

The dissociation constant, K , the activity coef ficient, y!, and j also

change with temperature. (See Appendix D for temperature dependence of

K and j) A change in ionic strength af fects y! and this has been
* *

accounted for in our calculation by Davies' equation'7 where,

A -0.3% (12)log y! '

1+p,

and A = 1.825 X 106 (78.3 X T) 3/2 and u is the formal solution ionic
-

strength. A test of the validity of equation (11) is a plot of kobs

versus [3r ]/(1 + K,j/d y)asshowninFigure12,whereK]=K,j/y
~

.g
3The slope, 3.8 X 10 liters / mole-sec, or chis plot is equal to k , they

reaction rate constant for the formation of hypobromous acid at 25*C.
This value is somewhat higher than the 3.0 X 10 liters / mole-see obtained
by Farkas et al n' high pil. A possible explanation for this is an

increased rate of bromide oxidation by the ion pair, Na0C1, which should

react as rapidly as 110C1.

The temperature dependence of k was determined by plotting in k versusy

1/T for four different temperatures as shown in Figure 13. There was a

small dependence with an Arrhenius activation energy of approximately
1.5 kcal. A complete expression for the rate constant is,

-1500/RT4.7 X 10 e liters / mole-sec, (13)k =

7

where the Arrhenius factor, Z = 4.7 X 10 , was determined from the

in tercep t , in (Z), of Figure 13.

C. The Kinetics of Monochloramine Formation

lMorris and Weil studied the kinetics of monochloramine formation in

low ionic strength solutions and concluded that the following mechanism

was most consistent with their data:
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HOCl d OCl- F H+ (14)
#

k,
~

HOCl + NH NH C1 + H O (15)3 2 2

The rate of monochloramine appearance is equal to the rate of disap-

pearance of total uncombined chlorine according to the equation,

T=
=k2 [HOCl][NH3 N g,Yo Y /Y (16)d

-

where Cl = [HOCl] + [0Cl ] and M = [NH Cl]. Since our reaction
T 2

variables are total chlorine, total ammonia nitrogen, pH and ionic

strength a differential rate equation containing only these variables

must be derived. The concentration of hypochlorous acid may be expressed

in terms of CI ' K and [H+] by using the equilibrium expression (4) to
T a

give:

[HOCl] = CI /(l + K Yo/[H+] Y Y) (17)
T a g

and a similar equation for the acnonia concentration is:

-

[NH ] = N / (1 + Y /[0H 1 y y
3 T N 0H '

were d termined by Bates and Pinching.28where values of K Substi-
b

tuting (17) and (18) into (16) and using the expression for K ,29 the

ionization constant of water, gives

k N Cl Yo Y /YdM 2 T T N a
E ~ (1 + K y /[I?]y Y )(1 + [lF]Y /K Y) (19)H g y

Again the simplifying assumptions are made that the activity coef ficients

of uncharged species are unity (y = y =y = 1) and the activityg M
coefficients of singly charged species are equal (y =y "YOCl }'NH+4

-

If the hydrogen-ion activity, [H+] y . is expressed in terms of
H

operational activity according to equation (C) the differential rate

equation becomes:

=k N CI /B, (20)2 T T

where, B = (1 + K //5 ( +bH I * * "E*

H w
chlorine is conserved then at any time during the reaction M = [NH Cl] =

2

Cl* - CI , where Cl* is the initial chlorine concentration. The final
T

monochloramine concentration should also equal Cl*. Therefore
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Cl = M,- M = AM, (21)
T

where, M, is the monochloramine concentrttion at t= in f inity . By

substituting (21) into (20) the rate equation becomes

U'
dM 2 T
y= B

~

=
,

Integrating this equation over the limits t to t and M to M iE"*y 2 y 2

the integrated form of the rate equation
k,, N

T (tin (M,- g ) = B 2 y) + in (M ,- M ), (23)'
-t y

provided N Cl* as was the case for all of our kinetic runs. Since
7

and B are all constant for a given set of run conditions
y y, M,, k2

M, t

and AM is proportional to AA or AV, a plot of in AA versus at will give

a value of k fr m its slope where slope = -k = -k N /B. Aes g 2 T
sample plot is shown in Figure 14. The best value for k ay be deter-

2

mined by plotting k versus N /B s shown in Figure 13. In all cases
T

the ionic strength medium was artificial sea water wherein the salinity

was varied from 1 to 20*/. . The pH range covered was relatively

narrow (7.4 to 8.2) but is probably typical of estuarine conditions.

Data was not included from runs were phosphate buffers had been used.
6

A linear regression on the data of Figure 15 gave a value of 3.1 X 10

liters / mole-see for k,. Since this is considerably less than the 6.2 X
'

6 12
10 value obtained by Morris and Weil for low ionic strength solutions

containing no extra salts, we decided to replicate Morris' original

ionic strength conditions as closely as possible in some stopped-flow

runs. Values for k btained from three runs at pH 9 and 10.0 ranged
2

6from 1.9 to 2.3 X 10 liters / mole-sec or about one-third of Morris and
Weil's value. At this point, the. stopped-flow apparatus was " calibrated"

by determining a rate constant for the well known carbonate reaction

employing the initial conditions of Berger and Stoddart. A rate constant

of 18.5 see was measured at 22.9"C. This fell between the 16.6 sec-
calculated from the thermal data of Berger and Stoddart and the 19.3

~

sec from optical data of Dalyiel. Clearly the stopped-flow apparatus

was functioning well within an experimental error of 10%. Morris and

Weil worked at lower concentratiot.s and apparently used no injection

system to control the mixing process. Their mixing procedure cc,nsisted
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of simultaneously pouring the solutions together into a beaker. There-

fore one would expect substantial variation among their observed rate

cor.stants, but this was not the casc. They also monitored hypochlorite

disappearance and monochloramine appearance by their UV absorbances

as well as total and uncombined chlorine using a modified orthotolidine-

arsenite procedure. There was agreement among these methods on the
measured values of k H wever, they were unable to carry out runsbs.
in the pH region between 6.5 and 10.0 due to the rapidity of the

reaction. Another major point of difference between both procedures was

that Morris and Weil worked at a much lower concentration of initial

hypochlorite and a lower ratio of nitrogen to chlorine. TheirN{:Cl{
ratio was about 2:1 where ours was 15:1. Assuming no error L. .ther

procedures implies that there may be a heretofore unnoticed ammonia

concentration effect on the kinetics of monochloramine formation. The

simple mechanism of equations (14) and (15) may be insuf ficient to
completely describe the rate of monochloramine formation. Clearly, more.

experiments are needed wherein the initial ammonia concentrations

gradually approach the initial hypochlorite concentration. A variation

of k with excess ammonia concentration would mean that the reaction is
2

not exactly first order with respect to NH *
3

D. The Decomposition of Monochloramine in the Presence of Bromide

Initial experiments have been done to investigate the oxidation of bro-

e tdc ion by monochloramine. Typical plots of NH Cl versus time, NHBr
2 2

versus time, and the natural logarithm of NH Cl versus time are shown in
2

Figures 16, 17, and 18, respectively. A linear regression on the log

plots gave the observed rate constants where slope = -k Table 3bs.
summarizes the results of these initial experiments. From Table 3, it

can be seen that the rate of oxidation of bromide ion by monochloramine
is highly dependent upon pH. At pH 7.89, the half-life if 63 minutes

whereas at pH 7.10 the corresponding half-life is reduced to 10 minutes.

It is not known at this time whether hydrogen ions act catalytically to

increase the rate of the reaction or that lower pH conditions favar the

formation of an bitermediate that in turn reacts with monochloramine.
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Table 3: Observed Rate Constants for the Oxidation of Bromide
T,a by Monochloramine

k
[N )xs bs t'iExperiment TPIINumber mM (min 1) (min)

2M-Br-2 7.89 0.69 1.1 X 10- 63

2M-Br-3 7.34 0.91 4.3 X 10- 16
-22M-Br-4 7.35 0.80 4.6 X 10 15

n
2M-Br-5 7.36 0.82 4 . 6 X 10 ' 15

2M-Br-6 7.10 0.86 6.9 X 10- 10
- -

(Temperature = 25*C, [NH C1]* = 0.75 n3, [Br ]* = 16.0 mM, [Br ]
NH Cl]* = 22:1)y

These preliminary runs indicate that the oxidation of bromide by

monochloramine may be very slow in sea water. For full strength see

water at pH 8.1 where the monochloramine concentration is less than

5 mg/l as C1, the half-life would be greater than 20 hours nssuming no
2

loss through demand reactions.

During the course of these early experiments the spectral scans of

the low pH solutions (pH 7.1 to 7.3) showcd a peak between 220 to 225 nm
as illustrated in Figure 19. A peak in this region could not be readily

explained by the presence of dibromamine since its A occurs at 232
2 0, 3~'

Other hsloamines that absorb in this region are dichloraminenm.

(NHCl,) and trichloramine (NCl ) which have absorbance maxima at 206 nm
3*

and 22(' nm, respectively.33 The formation of these two compounds was

not probable since the total ammonia: halogen molar ratio (N *X ) was
T T

greater than one during the reactions. Also the formation kinetics of
,19

NHC1 " are slow in the pH region 7.10 to 7.90. ,

2 "" 3

Another possible explanation for the apparent absorbance peak at 220 nm

may be a bromide ion ef fect. As the monochloramine reacts with the

tromide ion the concentration of bromide in the sample cell decreases

while the bromide concentration in the reference cell remains constant.

At the end of the reaction the net decrease in bror:de ion is equal to

the amot.nt of monochloramine reacted. Figure 20 shows a spectrophoto-

metric scan of a 0.80 m3. bromide solution. Bromide ion absorbs strongly
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in the lower UV where a large change occurs between 210 and 225 nm.

This absorbance, if not blanked out, may affect the spectrum of the

reaction solution. The absorbance at any wavelength due to the dif-

ference in bromide ion between the reference and sample cells can be

expressed as follows.

AA ~c
Br Br 2

where:
'Br lar absorbtivity at wavelength A,=

b = cell path length

and a[NH Cl] = amount NH Cl reacted (moles / liter)
2

This absorbance correction was made on two runs and Figure 21 shows the

results as applied to the spectrum obtained for run number 2M-Br-6. When

correcting for the bromide ion effect the peak apparently disappears.

One discrepancy still arises af ter correcting for the bromide ion

dif ference between the reference and sample cells. If dibronamine were

the only reaction product one would expect to see a noticeable shoulder

in the spectrum near 230 nm. A typical spectrum, illustrated in Figure

19, shows a valley cround 230 na rather than a shoulder which would

ccnfirm the presence of dibromanine. At this stage of our investigation,

NHBr cannot be precisely identified as a principle reaction product

of the reaction between monochloramine and bromide.
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IV. Conclusions and Future Plans

A. Chemical Speciation in Chlorinated Sea Water

A mixture of bromamines and monochloramine formed in full-strength

chlorinated sea water when the ammonia nitrogen was greater than 0.5

mg/l and the chlorine dose less than 2.5 mg/1. UV absorbance data
and membrane electrode response suggested that dibromamine was the

predomina_c bromanine present. However, at this time, the presence of

dibec aamine in chlorinated ammonia rich sea water cannot be confirmed

due to the lack of a well-defined peak at 232 nm, A f # ?nlB#
ax 2'

tbnobromam:ne could not be detected in any experinerts by its UV absor-

bance at 278 nm. At very high ammonia concentrations (> 0.5 mg/l NH -N)
3

and af ter thirty minutes to an hour, monochloramine was detected as the

major component of the total oxidant concentration. This is in agree-

ment with the initial results first reported to us by Morris Roberts of

the Virginia Institute of Marine Science on the chlorination of estuarine

water. Substantial NH Cl formation may also occur at lower nitrogen
2

levels, ~0.3 mg/1, provided ammonia remains in excess. For ammonia

nitrogen levels less than 0.4 mg/l and suf ficiently large chlorine

doses, tribromanine and hypobromous acid were the major products. Tri-

bromamine was unstable at the sea water pH of 8.1 and decorposed rapidly.

Future experiments will be carried out with both clean sea water and

saline water samples taken in the vicinity of operational power generating

s ta t ion s . For some of these experiments the initial chlorine dose will

be 1 mg/1. The principal research tool will be the Cary Model 219
spectrophotometer which of fers an order of magnitude increa se in sensi-

tivity over the Model 14 used in our earlier speciation runs.

B. The Competitive Formation Kinetics of Hypobromous Acid and Mono-
chloramine in Ammonia-Rich Sea Water

The respective rate equations, (3) and (16), for the formation of HOBr
and NH C1 share a first-order dependence on HOCl, the hypochlorous acid

2

concentration. Therefore, the relative initial rates of HOBr formation

or bromide oxidation and NH Cl formation are independent of initial
2
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chlorine dose provided the molar ratio of ammonia to chlorine is greater

than one. As shown previously by Gorchev and Morris, the relative rate

may be expressed by the following equation which is a result of dividing

(3) by (16):

'dBr dM' ,k [HOCl][Br'] Y. Y /Y r-i 3 (25)R T= -

r , dt ,d t , k2 [HOCl} [NIi ] Y. Y
*

Y
3 N g

which reduces to

(1 + K, a /K j y ), (26)R =

r k2 [N ] l "
T

where each variable has been defined in previous sections. For R

values greater than one, hypobromous acid formation is favored and for

values less than one, monochloramine formation is most probable. R is

affected by pH, temperature, salinity and ammonia nitrogen. At 25*C

values for k and k are 3.8 X 10 and 3.1 X 10 liters / mole-sec asy 2

determined in the past year's study. The bromide concentration of ocean

and estuarine waters typically follows the sall'ity and therefore may be
~

expressed as [Br ) = (0.24 X 10~ moles / liter - g/kg) X salinity since
sea water of salinity 35 */.. contains 6.8 X 10 ug/ liter bromide. The

activity coefficient, Yt, of singly charged OCl- orNH[maybecalculated
from the Davies equation if the ionic strength is known. The ionic

strength, p, of sea water (chlorinity 19*/..) is 0.7 and based on this,

the ionic strength of diluted sea water can be related to salinity by

u = 0.0204/g/kg X salinity where salinity = 1.80655 X chlorinity.

Using these relationships with equations (26) and (12) it becomes possible

to calculate values of R at dif ferent pH's, temperatures, salinities and

total ammonia nitrogen concentrations. A useful way of presenting the

ef fect of dif ferent variables on R is to hold two variables, pH and

temperature, constant. Consider one variable, say salinity, as an inde-

pendent variable and determine ammonia nitrogen values that give R = 1.

An exampic of such a plot is shown in Figure 22. Each line represents

combinations of ammonia nitrogen and salinity values that give R =1

or an equal probability of forming hypobromous acid and monochloramine

at the particular pH at 25*C. Combinations that fall below a line

produce conditions favorable to the formation of hypobromous acid and
hence the bromamines, whereas a combination f alling above a line is likely
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to produce monochloramine. An additional assumption regarding the graph

is that the chlorine dose cannot be so large that a 1:1 molar ratio of

Cl:N is exceeded. On a weight basis this corresponds to a chlorine

concentration of 5 times the ammonia nitrogen concentration. A plot

such us Figure 22 should prove useful in predicting in a very qualita-

tive way the type of substitution, either chlorination or bromination,

that would occur in a elven saline water. As an example, for full

strength sea water s* pH 8.1 with approximately 0.3 - 0.4 mg/l ammonia
nitrogen, one would predict on the basis of Figure 22 that a mixture

of monochloramine and bromamines would occur. Indeed this is in

qualitative agreement with our earlier speciation experiments. At

higher ammonia nitrogen concentrations, 0.5 to 1.0 mg/1, monochloramine
would be expected to predominate as was also observed in previous

experiments.

The next logical step in the development of rate equations and a model
for the chlorine-amrania-bromide system is to determine rate constants

for the bromamine farmation reactions. However, before this can be done,

the following questions must be answered about the monochloramine and
hypobromous acid formation kinetics:

(1) Why is there a discrepency between our results and those of

Morris and Weil? If both results are to be believed,

then the reaction is not purely first order with respect to

ammonia.

(2) What is the rate of hypobromous acid formation in real

ammonia-free sea water? Since our first kinetic runs

were carried out in a phosphate-buffered system, it is

desirable to obtain data from a more realistic system.

This will be relatively simple for the bromide oxidation

reaction since there should not be any interfering reactions

provided no ammonia were present. It would also be de-
sirable for monochloramine, but unfortunately the naturally

occurring bromide precludes this.

Therefore our future plans are to carry out the experiments necessary to

answer the above questions and then proceed to gather data on the
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bromanine formation kinetics.

C. The Decomposition of Monochloramine in the Presence of Bromide

Initial experiments to investigate the oxidation of bromide ion by

monochloramine show that the rate of the reaction is pH dependant. At

pH 7.0, the reaction is approximately six times f aster than at pH 7.9.

In general, the monochloramine oxidation of bromide ion is much slower

than the oxidation of bromide ion by hypochlc rous acid. If the chemical

conditions of the cooling waters are such that the formation of mono-

chloramine is favored then the subsequent oxidation of bromide ion by
the monochloramine may become impo r tan t .

Future work will include a comprehensive study of the kinetics of the

reaction, including the ef fects of pH, ionic strength, temperature, and

initial concentration of re etants. We will also carry out runs with

real seawater and attempt to better qualify and quantify the reaction
products resulting from the reaction. Finally, we will try to develop

an adequate description of the reaction mechanism based both on a

theoretical and empirical basis and incorporate the mechanism into our
overall scheme of important chlorination reactions taking place in sea
water.
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Concentration-Time Data For

Chemical Speciation Experiments
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Table A-1

0xidant Spaciation in Ammonia-enriched Chlorinated Sea Water

pH = 8.10, T = 25*C, Salinity = 35*/.., Total Organic Carbon = 2 mg/l
Chlorine Dose = 2.5 mg/l added as NaOC1

Run C1/N | N/Cl [NH -N], initial Time Oxidant Concentration (mg/l as C1 )

Number (Molar ratio) (mgfl) (u molar) (min) T0X HOBr + obr' NBr NHBr
3 2

1.0 2.02 1.24 0.79 -

2.5 1.60 0.87 0.72 -

FS-25-1 11.4 0.088 0.043 3.08 5.0 1.06 0.48 0.59 -

10.0 0.95 0.54 0.41 -

20.0 0.73 0.46 0.28 -

30.0 0.58 0.36 0.22 -

1.0 2.17 1.14 1.02 -

2.5 1.98 1.15 0.84 -

FS-25-2 6.25 0.160 0.079 5.64 5.0 1,72 1.13 0.59 -

v,
#' 10.0 1.40 1.06 0.34 -

20.0 1.06 0.89 0.16 -

30.0 0.85 0.74 0.10 -

1.0 1.31 <0.01 0.92 0.38
2.5 1.11 0.06 0.46 0.58

FS-25-7 3.13 0.319 0.158 11.3 5.0 0.87 0.17 0.28 0.42
10.0 0.60 0.18 0.09 0.33
20.0 0.42 0.19 - 0.23
30.0 0.30 0.07 - 0.24

1.0 1.01 0.17 0.63 0.20

2.5 0.78 0.23 0.35 0.20

FS-25-8 2.48 0.403 0.198 14.2 5.0 0.46 0.18 0.16 0.13
10.0 0.34 0.28 0.01 0.05
20.0 0.27 0.27 - -

30.0 0.15 0.15 - -



Table A-1 continued
Run C1/N | N/C1 [NH -N], initial Time Oxidant Concentrations (mg/l as C1 h3 2Number (Molar ratio) (mg/l) (p molar) (min) T0X NHBr2 NH Cl (d if ference)3

1
1.0 1.61 1.29 0.32
2.5 1.38 1.04 0.34
5.0 1.11 0.63 0.48

FS-25-3 1,58 0.63 0.313 22.3 10.0 0.73 0.23 0.50
20.0 0.46 0.05 0.41
30.0 0.29 - 0.29

2
1.' O 1.98 1.74 0.25
2.5 1.86 1.52 0.33

FS-25-4 0.99 1.01 0.498 35.5 5.0 1.70 1.20 0.50
10.0 1.40 0.92 0.46
20.0 0.89 0.57 0.32

, 30.0 0.70 0.39 0.32w

1.0 1.98 1.45 0.53
2.5 1,91 1.20 0.71

FS-25-5 0.496 2.02 0.995 71.0 5.0 1.81 o.99 0.82
10.0 1.63 0.78 0.85
20.0 1.31 0.60 0.71
30.0 1.13 0.50 0.64

1.0 1.70 1.25 0.46 0.78
2.5 1.65 1.12 0.50 0.60FS-25-6 0.313 3.19 1.58 113 5.0 1.61 0.86 0.74 0.39

10.0 1.46 0.71 0.74 0.32
20.0 1.23 0.57 0.67 0.42
30.0 0.89 0.50 0.39 0. 5 _0

(1) Dibromamine concentration calculated from absorbance data.
(2) Dibromamine calculated from electrode data.
(3) Calculated from the absorbance at 245 nm.



Table A-2

Oxidant Speciation in Ammonia-enriched Chlorinated Sea Water

ChlorineDose=5.0mc/1asC4ad_d_ed_as!Ia0C1
[NH -N), initial Time Oxidant Concentrations (me/1 as C1 )-Run C1/N N/Cl 3 2

Number (Molar ratio) (mg/1) (u molar) (min) T0X HOBr + obr NBr "#
3 2-

1.5 4.49 3.35 1.15 -

5.0 3.91 3.08 0.83 -

FS-5-1 12.5 0.080 0.075 5.35 10.0 3.56 2.92 0.64 -

20.0 2.40 3.07 0.33 -

40.0 3.30 3.16 0.14 -

1.5 4.37 2.52 1.84 -

5.0 4.11 3.09 1.02 -
v,
o FS-5-2 6.25 0.160 0.160 11.4 10.0 3.73 3.07 0.66 -

20.0 3.35 3.01 0.33 -

40.0 2.48 2.33 0.15 -

1.0 3.40 0.13 1.63 1.64
5.0 2.64 0.69 0.58 1.38

FS-5-3 3.13 0.319 0.315 22.5 10.0 2.30 1.00 0.22 1.32
20.0 1.80 - - -

40.0 1.50 - - -

1.0 2.20 - 1.04 1.19
5.0 1.10 - 0.19 0.99

FS-5-9 2.47 0.405 0.400 28.6 10.0 0.90 - 0.01 0.79
20.0 0.85 - - 0.58
40.0 0.64 - - 0.51
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Table A-2 continued
-,,

Run C1/N | N/C1 [NH -N], initial Time Oxidant Concentrations (mg/l as C19 ),3 '
Number (Molar ratio) (mg/l) (p molar) (min) T0X NHBr NH C1_2 2

1.0 3.73 3.46 -

5.0 0.67 0.52 -

FS-5-4 1.57 0.637 0.63 45.0 10.0 0.63 0.31 -

20.0 0.37 0.11 -

40.0 0.25 - -

1.0 4.90 3.08 0.74
5.0 4.22 1.75 1.51

FS-5-5 1.00 1.00 1.00 71.4 10.0 3.48 1.57 1.03,
-J 20.0 2.60 1.23 0.80

40.0 1.64 0.75 0.92

1.0 5.50 1.74 3.19
5.0 5.32 1.29 3.46

FS-5-6 0.500 2.01 2.00 143 10.0 5.00 1.18 3.30
! 20.0 4.40 1.05 3.02
f 40.0 3.90 0.81 3.25
i

1.0 4.50 0.84 3.66
5.0 4.23 0.63 3.71

FS-5-8 0.313 3.20 3,16 226 10.0 4.11 0.48 3.59
20.0 3.86 0.44 3.36
40.0 , 3.40 0.30 3.00

. . . . . . . . _ _ _ _ _
-



Appendix B

Kine'ic Data for the oxidation of

Bromide by llypochlorous Acid
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Table B-1

Bronide oxidation by HOCl

[Br ]* = 2 5 X h3(h g/l as Br)
-

[HOCl]* + [0Cl-]* = 0.158 X 10 3 1 (11.2 mg/l as C1 )
2

-

Average k Error Total
I obsT s.d. from pH Error ()Set pjl [Cl ](Molar) (see

6-A 8.07 0.05 1.58 0.02 0.08 0.10
B 8.06 0.10 1.71 0.04 0.09 0.13
C 8.09 0.20 1.51 0.04 0.08 0.12
D 8.08 0.35 1.41 0.04 0.07 0.11
E 8.07 0.50 1.43 0.03 0.07 0.10

7-A 7.82 0.05 2.87 0.18 0.11 0.2's
B i.83 0.10 2.86 0.15 0.11 0.26
C 7.83 0.20 2.60 0.10 0.10 0.20
D 7.85 0.35 2.85 0.05 0.10 0.15
E 7.86 0.50 2.41 0.13 0.10 0.23

8-A 7.52 0.05 4.16 0.11 0.12 0.23
B 7.52 0.10 4.04 0.15 0.12 0.27
C 7.54 0.20 4.01 0.24 0.12 0.36
D 7.56 0.35 3.79 0.11 0.11 0.22
E 7.57 0.50 3.54 0.40 0.11 0.51

9-A 7.21 0.05 5.75 0.15 0.12 0.27
B 7.22 0.10 5.87 0.21 0.16 0.37
C 7.24 0.20 5.44 0.23 0.11 0.33
D 7.24 0.35 5.40 0.45 0.11 0.56
E 7.24 0.50 5.37 0.81 0.11 0.92

l10-A 8.16 (T=20.6*C) 1.19 0.02 0.06 0.08
B 8.15 (T=14.4*C) 1.09 0.02 0.05 0.07
C 8.16 (T=30 8 C) 1.36 0.02 0.07 0.09

-

(1) [Cl ] = 0.10 Molar
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Appendix C

Kinetic Data for the Formation of Monochloramine
in Artificial Sea Water
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Table C-1

Monochloramine Formation

T = 25.1 0.1 C, [NH C1] = 2.5 X 10- M, [0C1 ] = 0.16 x 10~ 3
~

4

Salinity u Average k pH Total

Set pH g/kg (molal) (sec~1) bs s.d. Error Error

ll-A 8.93 1.76 0.035 70.6 1.9 0.7 2.6
"

B 8.96 3.01 0.060 65.2 1.0 1.7
"

C 9.00 5.52 0.110 59.8 1.3 2.0
"D 9.02 10.5 0.210 57.2 0.5 1.2
"E 8.46 20.6 0.410 56.6 3.2 3.9

"12-A 7.49 1.51 0.031 50.1 0.3 1.0
"

B 7.57 2.81 0.056 43.9 2.5 3.2
"

C 7.42 5.32 0.106 41.0 0.9 1.6
"D 7.44 10.4 0.206 31.1 0.1 0.8
"

E 7.46 20.4 0.406 28.8 0.7 1.4

"13-A 7.80 1.51 0.031 63.3 1.3 2.0
"

B 7.83 2.81 0.056 59.0 1.0 1.7
"

C 7.85 5.32 0.106 55.4 0.8 1.5
"

D 7.87 10.4 0.206 50.7 2.4 3.1
"

E 7.88 20.4 0.406 48.2 1.2 1.9

14-\ 8.17 1.51 0.031 71.2 1.2 0.3 1.5
8.17 2.81 0.056 - -

"
-

"8.20 5.32 0.106 65.9 2.0 2.3
"o 8.20 10.4 0.206 57.3 1.7 2.0
"

E 8.21 20.4 0.406 51.8 0.8 1.1

15-A 10.88 no added 0.003 1.97 0.05 0.04 0.09
"B 10.02 salts 12.2 0.3 0.7 1.0
"

C 8.89 66.5 2.9 0.7 3.6
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Appendix D

Temperature Dependence of K,, K ' K "d Ib w

Values for K , the dissociation constant for hypochlorous acid, we:e

calculated from the following equation which was derived empirically

by Morris.'4'

pK = 300.0/T - 10.0686 + 0.0253 T,

where pK, = -log K . An equation for K , the dissociation constant forb
ammonia, was derived by fitting the data of Bates and Pinching ~ to the
following cubic equation:

prg = 28.2937 - T (0.21263 - T (6.?9648 X 10- T X 6.4175 X 10- ))-

An equation for K , the dissociation constant for water, was derived in
W

a similar manner from the data of Harned and Geary."9
9

pK = 59.6786 - T (0.3420 - T (8.6388 X 10- - T X 7.7315 X 10- ))

The temperature dependence of f was determined from the relationship,

log j = -(Ej - Ejb) F/2.303 RT = -aEF /T,

where E. and E.b are the calculated junction potentials for sea water
solutions and phosphate buffer solution against a saturated kcl reference

electrode filling solution. '
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GLOSSARY

Units for Oxidant Concentrations - The concentrations of oxidants such
as Cl ,110C1, HOBr, NBr , Nil Cl, etc. are typically expressed as mil-

2 3 2

ligrams/ liter , moles / liter, equivalents / liter and microcquivalents/
liter (peq/l). Since all oxidants mentioned ir. this report are derived
from chlorine or hypochlorite doses, they are always expressed as
milligrams / liter (mg/1) as C1 . One mg/l of C1 is quiv 1 nt to 14.1

2 2-6X 10 moles / liter of tIOC1, becsuse 1 mole of C1 hydrolyzes to give 1
2

mole of Il0Cl according to the reaction;

HO+Cl2@ HOCl + Cl~ + H+2

The molar concentration of HOCl equivalent to 1 mg/l of Cl is calculated
2

as follows:

1 mgC1,, X 1 mole C1 1E 1 m le HOC 1
~ mole HOC 1/ liter2X X = 14.1 10liter 70.913 C1 103 1 mole C1

2
mg

2

One mole of HOCl is also equivalent to one mole of HOBr so that 14.1 X
-6

10 moles / liter (14.1 uM) HOBr is also equivalent to 1 mg/l of C1 "
2

a molar or equivalent basis. Equivalents / liter is a measure of a2

compound's potential oxidizing ability. The halogens in C1, Br , HOC 1,
2 2

HOBr, NBr , HEr ' "2Cl, etc. are in the +1 oxidction state and are3 2

typically reduced to the -1 state when a redox reactioa occurs. Because

a 2 electron change takes place, there are 2 equivalents per mole of
Cl+ or Br+ . Therefore, 1 mg/l of C1 is equivalent to 28.2 <. 10-6

2
equivalents / liter. One mole of NBr "" "" "9"I""I*" '" "'#" "

3

times its molar concentration since there are 3 Br+1 atons per molecule.
In this report the oxidant concentrations were usually expressed as mg/l
as C1 f r the chemical speciation experiments and as molarities for the2
kinetic runs.

63

- - -

- - . . . .



Distribution Category RE

SUPPLEMENTAL DISTRIBUTION LIST

J. Donald Johnson Dept. of Environmental Sciences 10
and Guy W. Inman and Engineering

School of Public Health, UNC
Chapel Hill, N.C. 27514

George R. Helz Dept. of Chemistry 1

University of Maryland
College Park, MD 20742

M. H. Lietzke Oak Ridge National Laboratory 1

Oak Ridge, Tennessee 37830

R. L. Jolley Oak Ridge National Laboratory 1
Oak Ridge, Tennessee 37830

James H. Carpenter Rosenstiel School of Marine and 1
Atmospheric Science
University of Miami
4600 Rickenbacker Causeway
Miami, FL 33149

..sger Jorden Electric Power Research Institute 1
P.O. Box 10412
Palo Alto, CA 94304

Ralph Perhac Electric Power Research institute 1
P.O. Box 10412
Palo Alto, CA 94304

Roger D. Sung TRW l

Environmental Engineering Division
One Space Park
Redondo Beach, CA 90278

Leonard H. Bongers Martin Marietta Corporation 1

Environmental Technology Center
1450 South Rolling Road
Baltimore, MD 21227

W. P. Davis EPA 1

Gulf Breeze Envir. Research Laboratory
Bears Bluff Field Station
P.O. Box 368
Johns Island, SC 29455

Allen H. Filber Ethyl Corporation 1
1600 W. Eight Mile Rd.
Ferndale, MI 48220

64



. . . . . . . _ _ _ _ . _ _ _ _
_

Jack F. Mills Halogens Research Laboratory 1
768 Bldg.
Dow Chemical
Midland, MI 48640

P. Regunanthan Everpure Corporation 1
- 660 North Blackhawk Dr.

Westnont, IL 60559

J. A. Davidson Environmental Systems Laboratory 1
Woods Hole Oceanographic Institution
Woods Hole, MA 02543

Judith M. Capuzzo Biology Dept. 1

Woods Hole Oceanographic Institution
Woods Hole, MA 02543

'

Donald L. Macalady Dept. of Chemistry 1

Northern Michigan University
Marquette, MI 49355

J. Carrell Morr:.s Division of Applied Sciences 1,

Harvard University
Cambridge, MA

David Jenkins Sanitary Engineering Research 1

Laboratory
University of California
Berkeley, CA 94720

Eric A. Crecelius Battelle Pacific Northwest 1

Research Laboratory
Route 5, Box 1000
Sequim, WA 98382

R. W. Eppley Institute of Marine Resources 1

University of California, San Diego
Lalolla, CA 92037

Morris H. Roberts Virginia Institute of Marine Sciences 1

Gloucester Point, VA 23062

E. K. Duursma Delta Instituut voor Hydrobiologisch 1

Onderzoek
Vierstraat 28
Yerseke, Zeeland
Pays-Bas (Netherlands)

H. B. Flora Tennessee Valley Authority 1

Commerce Union Bank Bldg.
7th and Chestnut
Chattanooga, TN 37401

65

. . .



e-., ,

.

s

R. K. Kawaratani Environmental Assessment Group 1

Electric Power Research Institute
P.O. Box 10412
Palo Alto, CA 94303

k

.

S

'

[ ,



_ .. . _. - _ _
-

'O #U IU.S. NUCLEAR REGULATORY COMMISSION
NUREG/CR-oS28BIBLIOGRAPHIC DATA SHEET

4. TITLE AN D SU8 TITLE (Add Vdume No., of wprmnen) 2. (Leave b/mk)

The Kinetics of Chlorine-Annonia Reactions in Seawater
3. RECIPIENT"S ACCESSION NO.

7. AUTHOR (S) E. DATE REPORT COMPLETED
J. Donald Johnson , G. 4. Innan , Jr. MON TH hY1 ' M

9. PERFORMING ORGANIZATION NAME AND MAILING ADDRESS ttacswar Zw Code / .) ATE REPORT ISSUED
""" "Dept. of Environnental Sciences and Encineerino

School of Public Health
e. ft, u,,,

University of North Carolina
Chanel 'lill, North Carolina 27514 s. st,- um*>

12. SPONSORING ORGANIZ ATION NAME AND MAILING ADORESS (/nclude 2p Codel g
Environmental Effects Pesearch Branch
Divi ~sion of Safeouards, Fuel Cycle and Env. Research u. CONTRACT NO.
Huclear Penulatory Pesearch

,FC - OL77-119

13. TYPE OF REPORT PE RIOD COVE RE D (/ncluswo dams /
Annual June 1,1977 to Fay 31,107C

.

15. SUPPLEMENTARY NOTES 14.(Le m u mal

16. ABSTRACT O00 woros or / avl By ennloyino stopped-flow techniques, rate constants were de-
termined for the reactions of hyoochlorous acid with t;ronide and annonia in solutions
at different pH's and sajinities. Values for the specific rate constants at 25 C are
k =3.8x103 and ko=3.1x10 liters /nole-sec respectively for the following reactions:l
(1) HnCl +Br- k HOBrtCl ' (2) H0C1+NH3 2computed for a r[ anne of oH's , salinities and annonia nitronen concentrations.

k MH Cl+Hg0. The relative formation rates wert2

The re-
sults should be useful in predictino the nature of halocen substitution on annonia
nitropen in estuarine waters. As a connlenent to the kinetic runs, speciation experiner ts
were done with full strencth chlorinated sea water enriched with annonia. The restitant
solutions were analyzed by l!V spectroscopy, anneronetric titration and a nenbrane
electrode. At low annonia nitronen and hioh initial chlorine concentrations, hyoobrorot s
acid and tribronanine forned. As the ratio of Cl2 to N was decreased, some dibromanine
was observed and at ratios less than 1:1, nonochloranine formed and eventually pre-
dominated. Preliminary experiments were also done to determine a rate constant for the
oxidation of bronide by nonochloramine. Results showed that even in full strenath sea
water the reaction was ouite slow (ty2' 20 hours for [NH Cl] <5.0 no/l as Clp). The2
reaction was found to be DH dependent and yielded an unidentified nroduct with a llV
absorbance peak near 220 nn.

17. KEY WORDS AND DOCUMENT AN ALYSIS 17a. DESCRIPTORS

Chlorine, bromine, chloranines , bronanines ,'

marine waters, chemical kinetics

17b. IDENTIFIERS /OPEN4NDED TERMS

le AVAILABILITY STATEMENT 19. SE CURITY CLASS (Thas * sort / 21. NO. OF PAGES

71 :c: !o,

Unlimited 20. SECURITY CLASS (This pasel 22. PRICE
unclaw fled s

NRC FORM 338 (7-77)

_ . _ . . . . .



. ... . _ . . . _ . . _

UNITED ST ATE S
NUCLEAR REGULATORY COMMISSION f 7

W ASHINGTON, D. C. 20%5
POST A G E AND F E E S P AID

U L NUCLE A pr R E GUL ATON YOF F ICI A L BUSINES$
20kM'5580NPE N ALT Y F OR PRIV A T E USE. $300 (18 MAJL

k d

_ ___


