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developed in this study (Fig. 1) clearly 
demonstrate the advantages of mono- 
specific samples for: (i) eliminating the 
errors (scatter) generated by the variabili- 
ty in foraminiferal assemblages, and (ii) 
providing a high degree of dating pre- 
cision through rapidly epimerizing spe- 
cies, for example G. tumida (50,000 to 
400,000 year range). If intercore correla- 
tions now being studied are successful, 
the G. tumida curve for V28-238 (Fig. 1) 
could be used as an empirical calibration 
curve for dating marine sediments at any 
location. Species curves, with their mini- 
mal scatter and linear segmented nature, 
provide a promising basis for future em- 
pirical and modeling studies of isoleucine 
epimerization in deep-sea sediments. 
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Chlorine and its compounds have been 
used for water disinfection and as gener- 
al aqueous biocides in increasing quan- 
tities since the turn of the century. The 
popularity of these materials stems part- 
ly from the remarkable apparent toler- 
ance of mammals to them (1) at concen- 
trations that produce mortality of orga- 
nisms ranging from bacteria to fish; that 
is, it kills them, not us. Recent estimates 
(2) indicate that more than 100,000 tons 
of chlorine are used annually for the par- 
tial disinfection of effluents from waste- 
water treatment plants, and such use 
may be expected to increase substan- 
tially as the secondary treatment sys- 
tems mandated by Congress in Public 
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Law 92-500 begin operation. An addi- 
tional major use of these compounds is 
as antifouling agents in the cooling wa- 
ters of electric generating plants. Some- 
what more chlorine is used for this pur- 
pose than for wastewater treatment, 
based on a cooling water flow of 300,000 
cubic feet per second (8400 m3/sec) (3) 
and a dose of 0.5 mg of Cl2 per liter. 

The release of chlorinated waters is 
producing effects that are slowly being 
better documented as a result of contin- 
uing research. Summaries of current 
knowledge (4) show avoidance behavior 
and reproductive failure in many fresh- 
water invertebrates and fish at chlorine 
concentrations of 0.003 to 0.005 mg/liter. 
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Federal and state regulations have been 
based on measurements of "residual 
chlorine" for both control of wastewater 
treatment (in the state of Virginia, chlo- 
rine is added until the concentration in 
effluent is 2.0 mg/liter) and effluent limi- 
tations on power plants. Considering the 
strong sensitivity of aquatic organisms to 
"residual chlorine" and the present lev- 
els of chlorine use, substantial damage to 
aquatic resources may occur. For ex- 
ample, the present releases of chlorine 
to Chesapeake Bay and its tributaries 
would sterilize the whole system if there 
were not environmental degradation of 
the added chlorine. However, transfor- 
mation of chlorine to persistent, but less 
acutely toxic, compounds may be hy- 
pothesized to produce slow changes in 
the abundance and diversity of aquatic 
species in such situations. 

Degradation is operationally defined 
as the disappearance of the analytical 
signal for "residual chlorine." As point- 
ed out by Eppley et al. (8), different ana- 
lytical methods produce very different 
estimates of "residual chlorine." In fact, 
the products from chlorination of waste- 
waters and natural waters are a mixture 
of chlorine, hypochlorous acid, hy- 
pochlorite ion, inorganic and organic 
chloramines, and other compounds. A 
better term is "residual oxidants," and 
we use this in the remainder of this re- 
port. 

Since a large fiaction of the U.S. pop- 
ulation resides in coastal areas, much of 
the chlorine is discharged to saline natu- 
ral waters. There is an extensive litera- 
ture (4) on chlorination of freshwater 
systems, but coastal and estuarine wa- 
ters have not been studied extensively. 
Research programs are under way at 
several federal and university marine 
laboratories to alleviate this situation. 
The work on freshwaters, unfortunately, 
does not have much application to ma- 
rine environments, because seawater has 
a bromide ion concentration of 65 mg/lit- 
er and the added chlorine reacts with it 
to produce hypobromous acid and hy- 
pobromite ion. Bromamines and chlora- 
mines may be formed in the presence of 
ammonium ion (5). 

For normal seawater of pH 8, the ini- 
tial products of chlorination are a mix- 
ture of hypobromous acid and hypobro- 
mite ion. Both of these compounds are 
unstable with respect to decomposition 
and disproportionation. 
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2HOBr -> 2H+ + 2Br- + 02; 

20Br- -> 2Br- + 02 

3HOBr -- 3H- + 2Br- + BrO3; 
30Br- -> 2Br- + BrO3 

1335 

2HOBr -> 2H+ + 2Br- + 02; 

20Br- -> 2Br- + 02 

3HOBr -- 3H- + 2Br- + BrO3; 
30Br- -> 2Br- + BrO3 

1335 

(1) (1) 

(2) (2) 

Sunlight-Induced Bromate Formation in Chlorinated Seawater 

Abstract. Chlorinated waters are being introduced into estuarine and coastal areas 
in increasing quantities. In such systems, the chlorine reacts with the natural bromide 
and ammonia to produce the highly toxic hypobromous acid, hypobromite ion, and 
haloamines. Sunlight causes up to 50 percent conversion to bromate ion, which is 
persistent in natural waters and has an unknown toxicity. 
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Fig. 1. Differential pulse polarographic veri- 
fication of sunlight-induced bromate produc- 
tion in chlorinated seawater. (Curve a) Polar- 
ogram from untreated seawater, seawater im- 
mediately after chlorination to 4.9 ppm, or 
chlorinated seawater kept in the dark for 4 
hours at 40?C. (Curve b) Polarogram from 
chlorinated seawater exposed to full sunlight 
for 70 minutes. (Curve c) Standard: 1.0 x 
10-'M sodium bromate in seawater, offset 
with respect to curves a and b. Polarograms 
were recorded at 25?C andpH 8.35; SCE, sat- 
urated calomel electrode. 

The rates of these reactions have not 
been measured in seawater. The decom- 
position of HOBr-OBr- solutions has 
been considered most recently by Lewin 
and Avrahami (6) and by Engel et al. (7). 
Both groups conclude that the decompo- 
sition is to bromate plus bromide, with 
the disappearance of HOBr-OBr- fol- 
lowing second-order kinetics. The rate 
constant for this disappearance is shown 
to increase slightly with increasing 
HOBr-OBr or bromide ion concentra- 
tion and to decrease strongly with in- 
creasingpH (7). It is observed to be inde- 
pendent of the chloride ion concentra- 
tion up to 0.5M (6). No photolytic effects 
were investigated. 

Previous investigators (4, 8) consid- 
ered only the rates of disappearance of 
residual oxidants in chlorinated seawater 
and did not identify the products. The 
initial rapid decline was ascribed to reac- 
tions with organic compounds and the 
ensuing slower decline to "decompo- 
sition." No attention was given to pho- 
tolysis by laboratory lighting or, more 
important, by natural sunlight. We re- 
port here our observations of residual 
oxidant disappearance and bromate for- 
mation, with particular reference to the 
significance of photolysis. 

Chlorinated seawater was exposed to 
sunlight in open beakers placed in a bath 
of running seawater. In each experiment, 
six 400-ml beakers, each containing 300 
ml of filtered (Millipore, 0.22 t/m) Flor- 
ida Current water, were placed in a bath. 

After temperature equilibrium was 
reached, sufficient NaOCI solution (buf- 
fered to pH 8.1 with Na2CO) was added 
to each beaker to give an initial OCI 
normality equivalent to approximately 
4.5 mg of Cl2 per liter. Actual initial OCI-- 
concentrations varied somewhat (4.2 to 
4.9 mg of Cl2 per liter) among experi- 
ments because of varying OC1- concen-- 
trations in the stock solution. Florida 
Current water contains less than 1 gM 
NH3, so formation of haloamines cannot 
take up more than -- 5 percent of the 
added C12. 

Light intensities were estimated with 
a Yellow Springs Instrument-Kettering 
model 65A radiometer, operated with the 
focusing head removed from the sensing 
element. This made it possible to mea- 
sure relative light intensities from day to 
day without the extreme angular depen- 
dence caused by the focusing head. Ex- 
periments were conducted under full 
sun, partial sun, and heavily overcast 
conditions. 

After chlorination, beakers were re- 
moved from the sunlight at regular (usu- 
ally 30-minute) intervals, placed in a 
dark box, and analyzed for bromate and 
residual oxidants without delay. Residu- 
al oxidants analyses were performed by 
the 13- spectrophotometric titration pro- 
cedure described by Carpenter (10) with 
apH of 2 and a KI concentration of 4 g/ 
liter. Bromate analyses were made by 
differential pulse polarography at 25?C 
and apH of 8.35 (after 02 stripping with 
N2), using a Princeton Applied Research 
model 174A polarographic analyzer. 

A typical polarographic recording is 
shown in Fig. 1. Curve a is the polar- 
ogram obtained for chlorinated seawater 
analyzed immediately after chlorination. 
Identical traces were observed for non- 
chlorinated seawater and for chlorinated 
seawater kept in the dark for periods up 
to 24 hours at temperatures up to 40?C, 
which indicates a lack of bromate forma- 
tion under these conditions (BrO-- 
< 10-7M, less than 0.5 percent con-- 
version of Cl2). Addition of copper sul- 
fate to give a Cu2+- concentration in the 
seawater of 100 parts per billion did not 
induce measurable bromate production 
in the dark. Curve b was obtained from a 
chlorinated [4.9 parts per million (ppm)] 
seawater solution that was exposed to 
full sunlight for 70 minutes. Curve c, 
which is offset by 0.4 ,ua with respect to 
curves a and b, shows 1.0 x 105M so- 
dium bromate in seawater. 

Figure 2 illustrates kinetic data for the 
appearance of bromate (Fig. 2A) and dis- 
appearance of residual oxidants (Fig. 2B) 
in chlorinated seawater exposed to sun- 
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Fig. 2. (A) Disappearance with time of residu- 
al oxidants and (B) concomitant appearance 
of bromate (Eq. 2) in chlorinated seawater 
(4.2 to 4.9 ppm of Cl2) as a function of expo- 
sure to sunlight. The conditions were: (curve 
a) full midday sunlight, (curve b) 65 percent of 
full sunlight, and (curve c) overcast, 20 per- 
cent of full sunlight. Curve d shows residual 
oxidant disappearance in the dark at 40?C. 
No bromate production was observed in the 
dark. 

light. Curves a were obtained from solu- 
tions exposed to full midday sunlight for 
the duration of the experiment; curves b 
are for exposure to partial sunlight (the 
average light intensity was approximate- 
ly 65 percent of full sunlight); and curves 
c are for overcast conditions (average 
light intensity, 20 percent of full sun- 
light). Curve d in Fig. 2A shows the dis- 
appearance of residual oxidants with 
time at 40?C in the dark. The ordinates 
are calibrated as the percentage of the 
added chlorine recovered as residual oxi- 
dants (Fig. 2A) or as bromate formed ac- 
cording to Eq. 2 (Fig. 2B). 

The lack of observable bromate pro- 
duction in the dark is not inconsistent 
with the report of Lewin and Avrahami 
(6) that substantial bromate was formed 
in their 0.05M hypobromite solutions. 
Our solutions, which correspond to cur- 
rent chlorine use, were 1000 times more 
dilute. Using their rate constants, we cal- 
culate in our solutions a conversion to 
bromate of less than 1 percent after 24 
hours. 

The loss of residual oxidants does not 
correspond exclusively to bromate for- 
mation, and other reactions, including 
oxidation of organic matter and perhaps 
those in Eq. 1, also take place. The rate 
and extent of bromate formation depend 
on the intensity of sunlight. 

Solutions of 10- ,W s;odium bromate in 
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seawater were also titrated by using the 
residual oxidants procedure. The results 
show that only about 5 percent of the 
added bromate appears as residual oxi- 
dants. Thus, the apparent residual oxi- 
dants remaining after exposure to sun- 
light could be completely due to bro- 
mate. 

In another experiment, 1.0 x 10-'M 
solutions of sodium bromate in seawater 
were exposed to full midday sunlight for 
periods up to 4 hours and the residual 
oxidant and bromate concentrations 
were monitored. No measurable decline 
in bromate concentration or increase in 
residual oxidant was found. 

Thus, the production of substantial 
amounts of bromate ion will cause er- 
roneous results when standard analytical 
procedures are used for residual oxi- 
dants, especially procedures involving 
reaction of the oxidants with iodide ion. 
Bromate reacts sluggishly with iodide 
ion and the rate is dependent on factors 
such as reactant concentrations, pH, 
temperature, light, and content of transi- 
tion metals. More important, it appears 
that large amounts of bromate have al- 
ready been produced in estuarine and 
coastal waters with unknown effects. 
Extremely limited information is avail- 
able on the direct toxicity of bromate ion 
(4). Further, the formation of bromate 
may provide a persistent source of low 
levels of known toxicants (such as hy- 
pobromite and bromamines) and bromi- 
nated organics through the reverse of the 
formation reactions. In summary, pre- 
sent knowledge is totally inadequate to 
assess the environmental impacts of our 
discharge of chlorine to saline waters. 

DONALD L. MACALADY* 
JAMES H. CARPENTER 

CYNTHIA A. MOORE 
Rosenstiel School of Marine and 
Atmospheric Science, University of 
Miami, Miami, Florida 33149 
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were exposed to full midday sunlight for 
periods up to 4 hours and the residual 
oxidant and bromate concentrations 
were monitored. No measurable decline 
in bromate concentration or increase in 
residual oxidant was found. 

Thus, the production of substantial 
amounts of bromate ion will cause er- 
roneous results when standard analytical 
procedures are used for residual oxi- 
dants, especially procedures involving 
reaction of the oxidants with iodide ion. 
Bromate reacts sluggishly with iodide 
ion and the rate is dependent on factors 
such as reactant concentrations, pH, 
temperature, light, and content of transi- 
tion metals. More important, it appears 
that large amounts of bromate have al- 
ready been produced in estuarine and 
coastal waters with unknown effects. 
Extremely limited information is avail- 
able on the direct toxicity of bromate ion 
(4). Further, the formation of bromate 
may provide a persistent source of low 
levels of known toxicants (such as hy- 
pobromite and bromamines) and bromi- 
nated organics through the reverse of the 
formation reactions. In summary, pre- 
sent knowledge is totally inadequate to 
assess the environmental impacts of our 
discharge of chlorine to saline waters. 
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The realization that pesticides and oth- 
er chemicals derived from 2,4,5-tri- 
chlorophenol could contain the highly 
toxic and teratogenic 2,3,7,8-tetrachlo- 
rodibenzo-p-dioxin (TCDD) has caused 
more than 7 years of continuing public 
anxiety. More than 4 x 107 kg of Agent 
Orange (more correctly, Herbicide Or- 
ange) defoliant (1), representing a mean 
of more than 1.9 and a maximum of 47 
parts per million (ppm, mg/kg) of TCDD, 
was sprayed over jungle in Southeast 
Asia (2), and a number of pesticides 
commonly used in the United States also 
were found to contain TCDD at ppm lev- 
els (3). However, despite the large-scale 
application of these materials, and exten- 
sive dioxin analysis and monitoring (3, 
4), there is little evidence of widespread 
occurrence of TCDD in the environment 
(5). 

While pure TCDD is unstable toward 
ultraviolet light when dissolved in organ- 
ic solvents such as methanol or benzene 
(6), it otherwise has the reputation of 
being very stable and persistent (7). 
However, opportunities for it to occur 
environmentally in pure form are negli- 
gible; its more probable behavior as a 
trace contaminant dissolved in pesticide 
mixtures would seem to have much more 
significance but, remarkably, has not 
been reported. 

Thin films of pure TCDD on glass 
plates previously were found to be stable 
to sunlight for at least 14 days (6). In or- 
der to compare its stability in a formula- 
tion, thin layers (5 mg/cm2) of Agent Or- 
ange containing 15 ppm of TCDD were 
exposed in borosilicate glass petri dishes 
to summer sunlight in Davis, California. 
The irradiated mixtures were subjected 
to alkaline hydrolysis, and the benzene- 
extracted TCDD was determined by 
gas-liquid chromatography (GLC) (8). 
Identical treatments, masked from sun- 
light, served as dark controls. Loss 
of the dioxin was rapid in sunlight 

The realization that pesticides and oth- 
er chemicals derived from 2,4,5-tri- 
chlorophenol could contain the highly 
toxic and teratogenic 2,3,7,8-tetrachlo- 
rodibenzo-p-dioxin (TCDD) has caused 
more than 7 years of continuing public 
anxiety. More than 4 x 107 kg of Agent 
Orange (more correctly, Herbicide Or- 
ange) defoliant (1), representing a mean 
of more than 1.9 and a maximum of 47 
parts per million (ppm, mg/kg) of TCDD, 
was sprayed over jungle in Southeast 
Asia (2), and a number of pesticides 
commonly used in the United States also 
were found to contain TCDD at ppm lev- 
els (3). However, despite the large-scale 
application of these materials, and exten- 
sive dioxin analysis and monitoring (3, 
4), there is little evidence of widespread 
occurrence of TCDD in the environment 
(5). 

While pure TCDD is unstable toward 
ultraviolet light when dissolved in organ- 
ic solvents such as methanol or benzene 
(6), it otherwise has the reputation of 
being very stable and persistent (7). 
However, opportunities for it to occur 
environmentally in pure form are negli- 
gible; its more probable behavior as a 
trace contaminant dissolved in pesticide 
mixtures would seem to have much more 
significance but, remarkably, has not 
been reported. 

Thin films of pure TCDD on glass 
plates previously were found to be stable 
to sunlight for at least 14 days (6). In or- 
der to compare its stability in a formula- 
tion, thin layers (5 mg/cm2) of Agent Or- 
ange containing 15 ppm of TCDD were 
exposed in borosilicate glass petri dishes 
to summer sunlight in Davis, California. 
The irradiated mixtures were subjected 
to alkaline hydrolysis, and the benzene- 
extracted TCDD was determined by 
gas-liquid chromatography (GLC) (8). 
Identical treatments, masked from sun- 
light, served as dark controls. Loss 
of the dioxin was rapid in sunlight 

opment Administration. D.L.M. was supported 
by an NSF Faculty Science Fellowship. * Present address: Department of Chemistry, 
Northern Michigan University, Marquette 
49855. 

26 July 1976; revised 12 November 1976 

opment Administration. D.L.M. was supported 
by an NSF Faculty Science Fellowship. * Present address: Department of Chemistry, 
Northern Michigan University, Marquette 
49855. 

26 July 1976; revised 12 November 1976 

(Fig. 1), and less than half remained 
after 6 hours. 

The same Agent Orange also was ap- 
plied evenly in droplets over excised 
leaves of a rubber plant (Hevea brasi- 
liensis) (6.7 mg/cm2) and on the surface 
of sieved Sacramento loam soil (10 mg/ 
cm2) and exposed to sunlight. TCDD was 
lost even more rapidly firom the illumi- 
nated leaf surface than from glass (Fig. 
2), while loss from soil was somewhat 
slower, presumably because of shading 
of lower layers by soil particles. 

When a commercial Esteron brush- 
killer (9) containing TCDD (10 ppm) was 
exposed to sunlight in the glass dishes (5 
mg/cm2), the TCDD was lost at about the 
same rate as in the Agent Orange (Fig. 1) 
(10). However, when the Esteron formu- 
lation mixture, without any herbicides 
but containing TCDD at 10 ppm, was ex- 
posed to sunlight, the dioxin disappeared 
almost completely within 2 days. Analyt- 
ical difficulties precluded further experi- 
ments with Esteron. 

The disappearance of TCDD could be 
due to any of four factors: volatilization, 
absorption, mechanical loss, or photode- 
composition. Pure TCDD does not vol- 
atilize appreciably from either a glass 
surface or a leaf under ambient condi- 
tions (7); however, if volatilization from 
a thin pesticide film were important, sig- 
nificant losses from the controls held in 
the dark at approximately the same tem- 
perature should have been observed. Im- 
paired extraction due to sequestration in 
leaves or soil should not have permitted 
the efficient recoveries of TCDD from 
controls, and unforeseen mechanical 
losses are precluded for the same reason. 
Isensee and Jones (11) reported more 
than 90 percent recovery of pure TCDD 
from soybean leaves after more than 48 
hours but assumed what loss there was 
to be due to volatilization, whereas it ac- 
tually may have been due to photode- 
composition. 
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Environmental Degradation of 

2,3,7,8-Tetrachlorodibenzo-p-dioxin (TCDD) 

Abstract. Herbicide formulations containing known amounts of 2,3,7,8-tetrachlo- 
rodibenzo-p-dioxin (TCDD) and exposed to natural sunlight on leaves, soil, or glass 
plates lost most or all of the TCDD during a single day, due principally to photochemi- 
cal dechlorination. Despite the known persistence of pure TCDD, it is not stable as a 
contaminant in thin herbicide films exposed to outdoor light. 
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