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1. The Dredged Material Research Program (DMRP) is a broad, multifaceted
investigation of the environmental impacts of dredged material disposal
and includes consideration of the development of new or improved disposal
alternatives. In the early stages of the DMRP's problem definition and
assessment and research program development phases, it became apparent
that an understanding of the actual pollution potential of dredging and
discharging of sediments required substantial state-of-the-art improve-
ment in a number of fundamental aspects. Particularly critical were
basic matters of sediment chemistry relating to physicochemical parameters
such as pH, redox potential, and dissolved oxygen. These are dominant
factors regulating the mobilization of chemical constituents or pollutants
from dredged material discharged into aquatic or terrestrial environments.
Contaminated sediments are often involved in dredging projects and
during the discharge activity changes in the physicochemistry of the
system can significantly enhance or retard release of contaminants from
the sediment.

2. The contract report transmitted herewith represents the results of
one of several research efforts completed as part of Task IC (Effects of
Dredging and Disposal on Water Quality) of the DMRP. Task IC is part of
the Environmental Impact and Criteria Development Project of the DMRP.
Among other considerations this project includes determining on a regional
basis the short- and long-term effects on water quality due to dredging
and discharging bottom sediment containing contaminants.

3. This research was conducted (as Work Unit IC05) to study the trans-
formations of heavy metals and plant nutrients in dredged sediments as
affected by oxidation-reduction potential and pH. Specific objectives
were to review thoroughly the scientific literature concerning
cause-and-effect relationships and to conduct specific laboratory
investigations where data and evaluations were not available.

4. The first volume of this two-volume report includes an extensive
bibliography and thorough discussion on the occurrence and chemistry of
selected heavy metals and plant nutrients in relation to expected
physicochemical changes during discharge of dredged material into various
environments. The second volume contains reports on laboratory investi-
gations of the effects of pH and oxidation-reduction conditions on the
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distribution of toxic heavy metals and plant nutrients among selected
chemical forms in sediment-water systems from four geographical locations.
Particular emphasis was placed on how these physicochemical parameters
might affect the chemical availability of these nutrients and toxic
substances and thus reflect changes in their bioavailability.

5. From the literature review, it was concluded that changes in the
physicochemical nature of sediments could enhance release of toxins or
biostimulants; however, too few investigations have been conducted to
draw broadly applicable conclusions regarding the effects on water
quality. The laboratory investigations demonstrated that physicochemi-
cal changes during aquatic disposal resulted in little change and sub-
sequent release of chemical constituents; however, when upland discharge
methods were used, long-term and gradual changes in the physicochemical
parameters occurred that could significantly affect toxic metal availa-
bility. It was further concluded that a thorough evaluation of the
physicochemical nature of a dredging and discharge activity should be
conducted prior to selection of a discharge alternative.

6. The information and data published in this report are contributions
to the further understanding of the complex nature of sediment, water,
and chemical/biological interactions and establish a baseline from which
to develop meaningful evaluations for the selection of an environmentally
compatible disposal alternative. It is expected that the methodology
employed in this study and the resultant interpretation of the chemical
interactions will be of significant value to those persons concerned
with CE dredged material permit programs.

?JOH L.CANNON
V Colonel, Corps of Engineers

Commander and Director
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of various selective chemical fractionation procedures developed to determine
the chemical forms of trace metals and nutrients in soil and sediment-water
systems. --

This review determined that many laboratory studies simulating the trans-
port of reduced sediments to an oxygenated environment have reported some re-
lease of toxic metals and biostimulants and others have shown no release of many
elements. However, too few studies of actual dredging and dredged material
disposal operations have been completed to draw broadly applicable conclisions
regarding the effects of dredging on water quality. Where dredging activities
have resulted in minimal change in metal ion concentration, it may be that some
regulating processes influenced by oxidation-reduction reactions tend to be
activated as others are inactivated. ,Because of the numerous potential inter-
actions of dredging and dredged material disposal with surrounding ecosystems,
it is suggested that some site-specific evaluation of possible adverse environ-
mental impact should be conducted for each proposed dredging project.

Though adsorption and release reactions in disturbed sediment-water sys-
tems are frequently not of the magnitude predicted from metal-ligand solu-
bilities and thermodynamic considerations of simple aqueous systems, it is
apparent from the literature that pH and redox potential do influence the
availability of metals and plant nutrients by affecting regulatory processes.
Studies of the effects of redox potential and pH in sediment-water systems
should therefore be useful in determining the nature of the regulatory process
involved and the sediment-water characteritics which may contribute to signifi-
cant release of metals and nutrients to bet'thic and aquatic organisms.
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EXECUTIVE SUMMARY

Trace metals and plant nutrients in sediment-water systems are present

in a number of forms. These forms vary widely in bioavailability. Some

forms are readily available to aquatic and benthic organisms while others

are essentially unavailable, regardless of the environmental stress applied

to the system. Thus the tot-l elemental composition of a particular sedi-

ment, as determined by a bulk chemical analysis, is not indicative of the

pollution potential of a given sediment.

In general, undisturbed sediments and the natural sedimentation process

have a net scavenging effect on most chemical pollutants added to waterways

such that the content of metals and other pollutants in sediments is Preater

than their levels in the overlying water column. This pollutant accumulat-

ing capacity of sediments has been used to identify sources of some pollut-

ants after the natural or background levels of a particular pollutant in an

areahave been determined. Some sediment-bound materials, such as nitrogen,

phosphorus, and some metals, have been shown to diffuse from the intersti-

tial waters of sediments into the overlying water columi, particularly when

the chemical environment of the water column is favorable for the presence of

the metals or nutrients in a soluble form. Thus a dynamic equilibrium is

established which may result in the maintenance of low levels of certain ma-

terials in the water column as a result of their release from undisturbed

sediments. However, there may be a much greater exchange of potential pollut-

ants between sediments and the water column when sediments are disturbed as
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during dredging and dredged material disposal.

Several factors have been shown to influence the exchange of materials

between sediments and the overlying water column. These factors include

the solid-liquid ratio, the degree of agitation, particle size, time of con-

tact, chemical characteristics of the water and sediments, pH, and the de-

gree of oxidation or reduction (redox potential) of the sediment-water system.

It is the purpose of this report to review some of the literature available

on the chemistry of selected trace metals and plant nutrients in sediment-

water systems with particular attention given to the effects of redox po-

tential and pH on the exchange of these materials between sediment and water.

The toxic and nutrient elements included are lead, cadmium, mercury, ar-

senic, selenium, copper, zinc, manganese, iron, nitrogen, phosphorus, and

sulfur.

Though both dissolved oxygen and redox potential have utility in de-

scribing the oxidation or reduction status of an aqueous system, the concept

of redox potential is in many ways more applicable to sediment systems in

quantifying the degree of oxidation. In the presence of measurable dissolved

oxygen, most chemical species subject to oxidation-reduction type reactions

are found in the oxidized state and a redox potential measurement would in-

dicate oxidizing conditions.

In the absence of measurable dissolved oxygen, an aqueous system may

be only moderately reduced or very reduced. The degree or intensity of re-

duction is indicated by the redox potential. Over the range of potentials

found in nature, redox potential haq been found to play an important regula-

tory role in the chemical forms and oxidation states of many metals and plant

nutrients in soils and sediment-water systems. In nature, both sediments

li



and surface waters are found to range from well oxidized to very reduced.

Some aqueous systems are subject to seasonal changes from one extreme to the

other. In general, the sediments of large waterways, such as used for nav-

igation, tend to be depleted of dissolved oxygen and thus reduced while the

overlying water is oxidized as dissolved oxygen is usually present. During

dredging and dredged material disposal, redu-ed sediments containing metals,

nutrients, and other potential toxicants become well mixed with oxidized

surface waters at the site of dredging and dredged material disposal. The

transfer of sediment material from a reduced sediment environment to an oxi-

dized water column could strongly influence chemical transformations of tox-

icants and nutrients affecting their bioavailability. In the literature,

models based on both thermodynamic calculations and experimental data from

soil, sediment, and water systems have demonstrated the importance of redox

potential in regulating the solubility and speciation of metals and nutrients

such as lead, mercury, iron, phosphorus, manganese, and nitrogen. In sedi-

ments exhibiting a wide range of oxidation-reduction levels with depth, many

other metals have shown a tendency to accumulate in various horizons repre-

senting different oxidation-reduction intensities. From the literature avail-

able, it is apparent that a reducing environment, as indicated by a low re-

dox potential, tends to favor the reduced, ionic form of many metals. In

the reduced ionic state, some metals are considerably more soluble and thus

more mobile than in their oxidized states.

The pH of sediment-water systems also plays an important regulatory role

in the forms and chemical transformations of trace metals and plant nutrients.

In general, the solubility and mobility of metals are enhanced as a system

becomes more acid. As either acid or alkaline eroded soil material becomes
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incorporated into sediments and is reduced, there is a tendency for its pH

to approach neutrality. The tendency for sediment material to become buf-

fered around neutrality is due to substances produced as a result of the

reduction process. Iron and manganese compounds are thought to be involved

in the pH buffering of submerged soils and sediments. Upon reoxidation of

sediments as a result of their resuspension in an oxygenated water column or

perhaps other methods of disposal, a temporary or permanent pH change may

occur which could influence the mobility and bioavailability of some sediment-

bound pollutants.

The literature described how pH and redcx potential are not entirely

independent properties of aqueous systems. All important reduction reactions

that occur in natural systems involve the consumption of hydrogen ions. Thus

a change in either of these properties induces a change in the other. The

interdependence of pH and redox potential is complex and the redox potential-

pH slope of a given aqueous system is determined by the chemical components

of that system. Consequently, a detailed study of the effects of redox po-

tential and pH on the chemical transformations of metals and plant nutrients

must describe or consider both of these parameters.

As previously mentioned, low pH and redox potential in sediment-water

systems tend to favor the formation of soluble species of many metals, where-

as in oxidized, non-acid systems, slightly soluble or insoluble forms tend

to predominate. However, pH, and particularly redox potential, may regulate

other processes which counter these generalities. There is considerable evi-

dence in the literature that sulfide is important in this respect. In a re-

duced environment, slow mineralization of the ample organic material usually

present in sediments results in the formation and accumulation of sulfide.
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The extremely low solubility of divalent metal sulfides in aqueous systems

is well documented in the literature. Where considerable sulfide is present,

sulfide precipitation is thought to be'a very effective process for immobi-

lizing trace metals in reduced sediments. Thus, a reducing environment which

causes a metal to be present in a soluble, ionic form may also contribute to

its being effectively immobilized by sulfide precipitation. However, in the

case of mercury, there is some evidence that sulfie- may polymerize and form

a soluble compound which maintains a somewhat greater level of mercury in

solution in the interstitial waters than would be predicted from solubility

product calculations.

Sparingly soluble metal sulfides which are stable in reduced environments

may oxidize to relatively soluble metal sulfates in aerobic environments. The

resuspension of reduced sediments in an aerobic water column as a result of

dredging and open water disposal probably results in minimal release of sulfide-

bound metals. The released sediment material will rapidly settle out and

again become part of the anaerobic sediment phase at the disposal site before

significant oxidation of the bulk solids occurs. However, upland application

of dredged material for either disposal or resource utilization purposes may

offer considerably greater opportunity for metals release by sulfide oxidation

since the dredged material may be subject to long--term oxidized soil environments.

Conversely, another redox potential-pH regulated process occurs in sediment-

water systems which is thought to be effective in removing soluble metals from

an oxidized water column. The resuspension of reduced sediments in the over-

lying water results in the release of soluble iron and manganese in quantities

considerably greater than that of trace metals. The reduced forms of iron

and manganese oxidize quickly in aerated water columns to form solid hydrous
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oxides of large surface area and sorptive capacity for trace metals. These

hydrous oxides are known to be effective scavengers of many trace metals.

The resulting particulate material settles out of suspension to become rein-

corporated with the sediment. The literature suggests that t&- scavenging

effect of hydrous oxides may be particularly effective in dredging situations

due to the considerable quantities of manganese and iron released, and the

relatively rapid oxidation of these elements. It has also been suggested in

some reports that freshly formed hydrous oxides of iron and manganese, such

as would be found during dredging and dredged material disposal, may be more

effective scavengers than aged oxides.

There are several reports available indicating quantitatively or quali-

tatively the effects of redox potential and/or pH on the forms and transfor-

mations of metals in simple aqueous systems and the calculations for devel-

oping redox potential-pH diagrams. Also, there are laboratory data available

indicating the importance of these parameters on the chemistry of some metals.

In simple aqueous systems consisting of a limited number of elemental com-

ponents, the regulation of chemical form by pH and redox potential is char-

acterized by distinct redox potential-pH boundary conditions between the

various forms. However, in natural sediment-water systems typically consist-

ing of a heterogeneous mixture of both inorganic and organic compounds, the

factors influencing the immobilization or release of potential pollutants is

much more complex. Thermodynamic calculations based on simple systems cannot

yet- be extrapolated to natural systems. Additional factors which complicate

the understanding of metal chemistry include cation exchange and other surface

adsorption reactions as well as complexation with organic matter.

The reactions of metals with organics is particularly important in sediment
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chemistry as indicated by studies in which selected organics are used to

simulate the complexation effects of certain naturally occurring organic

components. Such studies cannot accurately simulate a natural system, but

are useful in demonstrating the importance of organics in trace metal regu-

lation in sediment-water systems. Recent work has shown that soluble natural

organics may form a sufficiently stable complex with the reduced soluble form

of some metals such that the metal is maintained in a water-soluble form for

several hours or days in an oxidizing environment.

Due to the diversity of organic materials capable of binding metals

in sediment-water systems, the fixation or release of metals in natural sed-

iments does not exhibit the rather precise, predictable redox potential-pH

boundary conditions shown by simple aqueous systems. However, redox poten-

tial and pH have been shown to influence metal-organic complex formation and

stability. The effects of redox potential and pH on trace metal transfor-

mations in natural systems must therefore be studied empirically.

Plant nutrient transformations are also affected by redox potential and

pH. The mineralization of organic nitrogen and the biological oxidation and

reduction of its inorganic nutrient forms affecting vitrogen availability are

particularly responsive to the oxidation-reduction status of sediment-water

systems. Recent work has shown that the presence of an oxidized water column

or thin oxidized surface horizon over a reduced sediment is conducive to the

removal of potentially bioavailable nitrogen from sediment-water systems.

Organic nitrogen within a sediment is slowly mineralized to the reduced am-

monium form. Ammonium nitrogen thus formed may move due to a concentration

gradient to the oxidized environment at the sediment surface where it may be

oxidized to nitrate. The nitrate thus formed is quite mobile. Some may move
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into the reduced portion of the sediment by diffusion in response to a con-

centration gradient where it is subject to denitrification and removal from

the sediment-water system as nitrogen gas. During dredging, a considerable

amount of ammonium nitrogen which accumulates in the i-terstitial waters of

reduced sediments may be dispersed into the water column.

The sorption and release of phosphorus from sediments is also affected

by redox potential-pH influences. There is a considerable amount of infor-

mation in the literature on the chemistry of phosphorus in soils and sedi-

ments and some information on the effects of pH and the oxdation-reduction

environment on phosphorus. In general, reducing conditions have been found

to favor the desorption of phosphorus from soil and sediment materials, while

an oxidizing environment favors phosphorus immobilization or fixation. How-

ever, under some conditions, the oxidation of reduced material has been found

to contribute to some release of adsorbed phosphorus. The chemistry of phos-

phorus is as complex as the sediment chemistry of trace metals, if not more

so, and many interacting factors appear to regulate phosphorus availability

in sediment-water systems.

A number of selective fractionation procedures have been developed to

determine the chemical forms of trace metals and nutrients in soil and sedi-

ment-water systems. The purpose of selective chemical extraction of sediments

has been to determine either the origins of sediment-bound material or its

bioavailability. Only a portion of the total toxicants or biostimulatory ma-

terials in sediments are potentially available to aquatic and benthic organ-

isms and the chemical forms actually available are subject to regulation by

several factors including redox potential and pH.

Though certain limitations exist in the use of selective extraction
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procedures, these methods have been found useful in characterizing chemical

forms which are either readily available or potentially available to organ-

isms after some transformations. However, the utility of chemical fraction-

ation procedures may be impaired by some of the techniques used to characterize

sediments. For examp.e, drying and grinding some soil and sediment samples

prior to chemical fractionation has been shown to influence the quantity of

elements measured in some chemical forms. When studying reduced sediment-

water systems, sample contact with air or oxygenated extractants may also in-

duce transformations of metals and nutrients affecting their release by chem-

ical fractionation procedures is presented in order to identify an appropriate

procedure for the sequential chemical extraction of sediments. Attention is

focused on the potentially bioavailable forms of sediment-bound materials

and on the influence of sample preparation and chemical extraction techniques

which may affect the interpretation of data.

In conclusion, many laboratory studies simulating the transport of re-

duced sediments to an oxygenated environment have reported some release of

toxic metals and biostimulants. Other studies have shown this release to be

minimal. At the present time, too few studies have been completed of actual

dredging and dredgedmaterial disposal operations to make final conclusions

concerning water quality degradation as a result of dredging which are broadly

applicable to most waterways. In the few good studies which have been con-

ducted in recent years, a large release of toxic metals from dredging activi-

ties has not been found. However, a relatively small but temporary increase

in some toxic metal levels in surrounding surface waters has sometimes been

noted. In certain cases, dredging activities have apparently reduced the

toxic metal content of surface waters which contact the disturbed sediments.
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Where dredging activities have resulted in a minimal change in metal

concentration upon dispersion of reduced sediments in surface waters, a pos-

sible explanation may be that certain regulating processes likely influenced

by oxidation-reduction reactions tend to be activated as others are inacti-

vated. A suggested explanation in the literature is the release of metals

by sulfide oxidation in an oxygenated water system being compensated for by

metal precipitation with freshly formed hydrous oxides of iron and manganese.

More research should be done using a three-dimensioql sampling nev:7ork around

the dredging and dredged material disposal sites at many locations covering

a wide range cr sediment-water characteristics to determine possible nutrient

or toxic metal release during dredging.

Though adsorption and release reactions in disturbed sediment-water sys-

tems are frequently not of the magnitude Predicted from metal-ligand solu-

bilities and thermodynamic considerations of simple aqueous systems, it is

apparent from the literature that pH and redox potential do influence the

availability of metals and plant nutrients by affecting regulatory processes.

Studies of the effects of redox potential and pH in sediment-water systems

should be useful in determining the nature of the regulatory process involved

and sediment-water characteristics which may contribute to significant re-

lease of metals and nutrients to benthic and aquatic organisms.
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PREFACE

Volume I of this report presents a literature review of transforma-

tions of heavy metals and plant nutrients in dredged sediments as af-

fected by oxidation-reduction potential and pH. Volume II describes a

laboratory study designed to determine how changes in pH and oxygen-

reduction conditions, such as may occur during dredging and dredged ma-

terial disposal, might affect the chemical availability of certain

nutrients and toxic substances and thus reflect possible changes in their

bioavailability. The report was prepared by personnel of the Laboratory

of Flooded Soils and Sediments, Agronomy Department, Louisiana Agricul-

tural Experiment Station, Louisiana State University (LSU), Baton Rouge,

Louisiana. This investigation was conducted under Contract No. DACW39-

74-C-0076, entitled "Research Study of Eh, pH, and DO Effects on Chemical

Constituent Migration During Open-Water Disposal," dated 6 March 1974,

between the U. S. Army Engineer Waterways Experiment Station (WES) and

the Agronomy Department, LSU. The project was sponsored by the Office,

chief of Engineers, and was monitored by the Environmental Effects

Laboratory (EEL), WES, as part of the Dredged Material Research Program

(DMRP) study on effects of dredging and disposal on water quality under

Work Unit lC05, "Study of Eh, pH, and DO Effects on Chemical Consti-

tuent Migration During Open-Water Disposal of Dredged Material."

The principal investigator was Dr. W. H. Patrick, Jr., LSU.

Drs. R. A. Khalid, R. P. Gambrell, and M. G. Verloo, LSU, also partici-

pated in the study. This report was written by Drs. Patrick, Khalid,

Gambrell, and Verloo.

The authors wish to express their appreciation to Dr. K. R. Reddy

for determining organic carbon content and relative oxygen consumption

rates on the sediment samples and to Mr. C. N. Reddy for measuring the

particle size distribution and cation exchange capacity of the sediment

materials, as well as assisting in ammonium nitrogen and orthophosphate

analyses on sediment extracts. The authors wish to thank Mr. R. D.

DeLaune for helpful suggestions contributed during the study and for

review comments during manuscript preparation. The authors are
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especially indebted to Ms. Judy Henderson for typing and editorial

assestance. Also, grateful acknowledgements are extended to the U. S.

.oast Guard (Mobile, Alabama), U. S. Army Corps of Engineers (New Orleans

District), and to the Calcasieu Parish Sheriff's Department for their

help in sample collection.

The Contract Manager was Mr. Ronald E. Hoeppel, Environmental Impact

and Criteria Development Project, DMRP. The Project Manager was

Dr. Robert M. Engler, Chief, Environmental Impact and Criteria Develop-

ment Project, DMRP. The study was conducted under the general super-

vision of Dr. John Harrison, Chief, EEL.

Contracting Officer was COL G. H. Hilt, CE, Director of WES.

Technical Director was Mr. F. R. Brown.
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TRANSFORMATIONS OF HEAVY METALS AND PLANT NUTRIENTS IN DREDGED

SEDIMENTS AS AFFECTED BY OXIDATION REDUCTION POTENTIAL AND pH

VOLUME I: LITERATURE REVIEW

INTRODUCT ION

Approximately 380 million cubic yards* of sediment are dredged each

year in the United States.' Maintenance dredging accounts for about 80 per-

cent of this total while new projects account for the remainder. Disposal

of such large volumes of dredged sediment is generally accomplished by one

of two methods. The dredged sediment is either transported to and disposed

of in selected open-water sites away from the shipping channel, or it is

transported onto land. Either method of disposal may present a threat to

the surrounding envirorment.

Mining activities, municipal and industrial waste discharges, as well

as agricultural drainage, may result in undesirable levels of biostimulants,

toxic metals, pesticides, and organic waste entering waterways, either in

solution, or associated with suspended solids. In a waterway, these chemical

contaminants, particularly toxic metals and biostimulants, are partitioned

between the overlying water column and the accumulated sediments beneath the

water column. Many of these contaminants can enter into various combinations

with the sediment such that most of added pollutants are associated with the

sediment phase.

Sediment-bound pollutants range in availability from chemical combina-

tions that are unavailable to the aquatic and benthic populations of the

waterway to forms that are readily available. For example, toxic metals

bound within the crystal lattice of a mineral particle are considered un-

available, while materials dissolved in interstitial water, or surface-adsorbed

ions which may be easily displaced into solution by ion exchange reactions,

metric (SI) units is found on page xvii.



X2
are considered available. Between these two extremes, a considerable amount

of toxins or biostimulants may be present in chemical combinations potentially

available to organisms. This sediment-associated reservoir of potentially

contaminating substances is in dynamic equilibrium with material in the over-

lying water column. Sediment-bound toxic or biostimulatory substances may

be effectively removed from the water column such that there is no deleterious

effect on the water quality. Or, reactions in the sediment phase may main-

tain levels in the water column that will have a beneficial or harmful influ-

ence on the biological population. When sediments are disturbed, such as

during dredging, transformations possibly affecting the bioavailability of

the toxh. substances and biostmulants may result from both physical and

chemical changes in the sediment which occur during transport and disposal.

Currently, relatively little is known about the transformations of

sediment-bound toxic metals and biostimulants resulting from their being

disturbed, transported, and disposed of in an environment that may differ

from that of the undisturbed sediment at the bottom of a waterway. A strik-

ing change in the chemical environment of dredged material may occur as the

reduced bottom sediments are dispersed in an oxygenated water column or

deposited on land for disposal. Transformations in the chemical forms of

environmental contaminants which affect their bioavailability may occur due

to changes in pH or in the oxidation-reduction status of the dredged material.

It is the objective of this study to determine the influence of sedi-

ment pH and oxidation-reduction conditions on the chemical and biological

transformations of selected toxic metals and plant nutrients in sediments.

From this study, it is hoped that a better understanding will be gained of

the effects of dredging and dredged material disposal on the chemistry of

these substances affecting their bioavailability. The results should give

2



some insight into the importance of considering the influence of pH and redox

potential on sediment chemistry when developing sediment disposal criteria.



CHARACTERISTICS OF SEDIMENTS

Sediments are primarily detached soil particles transported by water,

ice, wind, or gravity, and deposited at a new location.2 The overall pro-

cess of detachment, transportation, and consolidation is called sedimenta-

tion.3 Suspended solids also result from the detachment and transportation

of mineral and organic particles by water and constitute a part of sediments.

Dredged material is basically composed of solids and liquids which con-

sist of a wide range of constituents, many of which may be classified as

pollutants. Dredged material solids consist of soil particles, rock, wood,

pieces of metal, broken glass, and other debris. The main constituents of

the dredged material are soil particles, organic matter, and water.

The sediment in water may be a major pollutant as it interferes with

the beneficial use of water.4 Water characteristics such as turbidity,

taste and odor, temperature, and abrasiveness may be influenced by the phys-

ical presence of sediments.

Turbidity is the optical property of water causing light to be scat-

tered and absorbed rather than transmitted. It is caused by silt and clay

particles, organic matter, bacteria, plankton, and other finely divided ma-

terial. Turbidity results in reduction of light penetration, which may re-

strict or eliminate photosynthesis, causing a reduction of primary produc-

tivity at various levels in the aquatic food chain.2 ,5 Turbidity also di-

rectly affects fish production, spawning, and gill 
functioning.

6

Temperature fluctuations due to suspended sediments are of little sig-

nificance to aquatic organisms.7 Substantial seasonal variations in temperature
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in estuarine and coastal areas in the temperate regions, however, may in-

fluence the distribution of aquatic life.
8

Mineralogy

Particle size distribution of sediments is important because of sur-

face area exposed for chemical reactions. One of the dominant features of

the sediments in reservoirs, lakes, and the sea is the presence of fine-

size particles. Clay- and silt-size fractions dominate, and there is an

alrost complete absence of sand-size particles.4 A physical analysis of

303 sediment samples, representing 32 lakes, conducted by te Illinois Ex-

periment Station, showed that 90 percent of the samples had a sand content

of less than 10 percent. In 65 percent of the samples, the sand content

was less than 2 percent.4 Particle size analysis of sediments collected

from various locations in San Francisco Bay9 gives a range of various frac-

tions as follows:

Sand 5.6 - 27.5%
Silt 30.1 - 45.8%
Clay 42.0 - 55.8%

The variation in the distribution of various size fractions in lakes and

estuaries is mainly due to the mode of sediment transport in the streams

and the textural composition of the soils eroded. However, the proportion

of coarse particles in sediments generally decreases as the sediments are

transported. Frequent large variations of the textures in the Lower Nile

sediments are considered typical of delta sedimentation where meandering

rivers continually sort and redeposit the sediments.
1 0

The clay fraction has a profound effect on the hydrological performance

and the erodability of soils.11 Clay is an active mineral ingredient of soil,

and the various clay minerals differ in their capacity to hold nitrients and
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other chemicals which may be carried into the lake with the sediments.

Clays differ in their dispersion properties and thereby in their trans-

portability by water.

Lund et al. compared the mineralogical composition of soils

to sediments within a watershed and found that only small differences ex-

ist between the soil clay of the watershed and that of the resulting sedi-

ment clays. The common clay minerals observed were montmorillonite, vermic-

ulite, mica, kaolinite, and amorphous alumina. M)ntmorillonite occurred

in larger proportions in the sediment clay whereas quartz was found in abun-

dance in the soils. Montmorillonite, chlorite, and hydrous micas were re-

ported in the San Francisco Bay sediments with montmrillonite being the

largest contributor to ion exchange capacity of the bulk sediment.9 How-

ever, studies conducted on sediments of Lake Superior showed that the bottom

sediments were composed largely of chemically inert quartz (SiO2) grains with

small (10 percent) amounts of black magnetic ilmentte.1 2 The clay fraction

of Nile sediments was dominated by expanding clay minerals - smectite and

smectite-illite with minor amounts of kaolinite.1 0 The clay minerals in the

Nile delta show strong similarities with soil clays and do not appear to

have been altered following burial or deposition in saline water.

Clay minerals play an important role in the sorption reactions control-

ling the exchange of nutrients, heavy metals, pesticides, and other materials

between sediment and water. Sorbed substances may be held or fixed in forms

that reduce their availability to plants and water and thus may be transport-

2
ed with mobile sediments to a new location. Some clayminerals, such as

montmorillonite and vermiculite, have a cation exchange capacity (CEC) on

the order of 100 meq /100 and adsorb more nutrients than do clay minerals

6

-44. - .



like kaolinite with a low CEC. Kennedy,13 in a study of the clay minerals

present in rivers of the United States, found that typical CEC values of

the particulate matter present in most rivers ranged from 10 to 75 meq/100 g.

By comparing the concentration of various alkali and alkaline earth metals

in the river water with those present on the surface of clays, Kennedy
1 3

concluded that significant cation transport in rivers occurs via sorption

of these species on the surface of particulate matter.

Toth and Ott14 determined that the CEC values of the bottom sediments

from rivers and bays were considerably higher than those of soils which

ranged from 1-15 meq/100 g. The CEC values of the sediments, which in-

cluded rivers, bays, and freshwater impoundments, ranged from 7 to 100 meq/

100 g, with more variation occurring in the freshwater impoundments. These

investigators also observed that the organic matter content of the sediments

accounted for about 80 percent of the CEC, which signifies the importance

of sediment organic matter in sorption reactions. Barnegat Bay, New Jersey

sediment samples had the highest CEC values (85 to 100 meq/l00 g) and also

had the highest organic matter content, 13 to 24 percent. Toth and Ott1 4

suggested that sediment exchange properties could be utilized in determin-

ing saltwater intrusions and pollution effects.

The sorption of organics by clay minerals has also been reported in

the literature. Bader15 found that various kinds of clay minerals could

sorb large amounts of organics and that this sorption correlated with the

CEC of the clay. The amount of specific organic compounds that was removed

during a 20-minute contact period with each mineral decreased in the order

montmorillonite > illite > kaolinite > quartz. This sequence was identical

with the CEC of the minerals tested (montmorillonite, 80-150 meq/l00 g;
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illite, 10-40 meq/ 100 g; kaolinite, 3-15 meq 100 g; and quartz, negli-

gible). Bader' 5 also found that a significant part of this adsorption

(about 80 percent) was irreversible, that is, the material could not be

leached from the clay minerals. The proposed mechanisms to account for

the observed retention were the formation of a clay-organic complex, en-

trapment of organic molecules or the alteration of organic molecules.

An important aspect of the Bader 1 5 investigation is that the formation

of an organic-mineral complex would increase the rate of influx of dissolved

organic matter into the sediments. Since the association reaction is not

reversible, the sediments would tend to be a sink for organic matter rather

than a source. This clay-organic complex may serve as a sink for nutrient

elements, toxic metals, and organic contaminants and thereby remove them

from solution.

The deposition of sediments and the nutrient sorption and release by

sediments are important to lake eutrophication. Their physical presence in

the waterways necessitates dredging of the depositedmaterial, which increases

tremendously the cost of maintaining these waterways for navigation. The

chemical composition of sediments, which includes chemical toxicants as well

as growth stimulants, may cause water-quality problems, especially when sed-

iments are disturbed as during dredging anddredged material disposal. The

chemical reactions taking place in the sediments and the exchange of various

ions between sediments and overlying water will be discussed in other sec-

tions of this report.

Organic Matter

Mbre and more scientific disciplines are becoming interested in the study

of naturally occurring organics in the environment. Though the original interest
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came from soil chemists, oceanographers, geochemists, biologists, and on

vironmental specialists are now convinced of the important influences humic

materials have on inorganic substances occurring in water-sediment systems.

An important property of the naturally occurring organics is their

ability to form stable combinations with metal ions. In addition to affect-

ing soil genesis processes, soil or sediment structure, and the availabil-

ity of plant nutrients, organo-metallic complexes may also influence the

transport and fixation of toxic elements, which are important phenomena in

sediments and dredged materials. Many chemical compounds are able to in-

teract with metal ions. However, the most abundant class of compounds in

soils and sediments are the humic substances known as humic and fulvic acids.

Proteins, amino acids, and other biochemically synthesized compounds are ex-

amples of naturally occurring nonhumic substances that might be found in

natural systems and are also capable of complexing metals in soluble forms.

Mbre complex insoluble forms of organic matter are also capable of interact-

ing with metal ions.

The most probable reaction mechanism between humic compounds and metal

ions is the formation of complex bonds with carboxyl and phenolic groups.

According to Van Dijk, 6 the following mechanisms may be involved in the bind-

ing of copper by humic acids:

) (COO-C\ H+
+ Cu 2 c u+H

X OHX0

or

0 O-Cu-OH

OH OH

9



These reactions are favored by low pH levels. At higher pH levels,

hydroxyl complexes may be formed according to the reaction:

) coo \ 0, O
CU(H 2 0)x eCOO U OH +H +) )u(O0 - ) Cu" (2)_

It is assumed that other metals behave in the same way.

For ferric ions, the following hypothetical structure is given:

Coo-2+.. coo OH+

+ [Fe(OH)(H 20) j 2J \(H20)

CM. 0(OH - +

Fe- (H 0)J
0 "OH 2x2

The equilibrium reaction between b molecules of a cation Mx+ and c

molecules of a ligand, LY-, can be given as: bMx+ + cLY- (M.Lc)bXcy

and the stability constant of the complex is:

K . (MbLc
) b x- cy

(Mx+) b (Ly-) c

The values of these stability constants depend on the pH and the ionic

strength. In general, the stability of humic complexes increases with pH

due to the ionization of more functional groups of the humic-polyelectrolyte

molecule. Increasing ionic strength results in a decrease in the measured

stability.

17
According to Schnitzer and Hansen, the value of log K for fulvic acid

complexes with different divalent cations varies Letween 2.9 for divalent

manganese and 4.7 for divalent copper at pH 3 and zero ionic strength. For

comparison, the log K value for copper-ethylenediaminetetraacetate(EDTA) at
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pH 3 is 8.3, which means that metal-fulvic acid complexes are some 105 times

less stable than the copper EDTA complex.18 Ong and Bisque19 have shown that

the humic acids in a solution behave as negatively charged hydrophilic colloids

that are coagulated by cations, thus forming insoluble heavy metal-organic

compounds. For optimumextraction of these insoluble complexes, polar sol-

vents with high dielectric constants at a high pH have to be used.20 These

solvents favor the dispersion and solubilization of the humic compounds by

disrupting the hydrogenbonds between the humic molecules. Accordingly, solu-

tions of alkali in water seem to be the most useful extractants.

The concentration of organic materials in sediments is highly variable.

A concentration range between 0.09 and 3.22 percent (organic matter - organic

carbon X 1.8) with a median of 2.5 percent has been reported for San Francisco

Bay sediments.9  In Mobile Bay, Lindberg and Harriss2l found concentrations

between 10.2 and 19.3 percent in the 0- to 10-cm sediment layer, while in

Everglades sediments, values up to 68.8 percent have been determined.

Even though only a small percentage of this organic matter may be dis-

persed in the overlying water column during dredging operations, it may af-

fect the heavy metal chemistry in natural systems.

The levels of dissolved organic carbon in natural waters range from

22
several parts per billion to several hundred parts per million. Most of

the soluble humic substances occurring naturally in water will be fulvic

acids because of their higher solubility. Fulvic acids also contribute to

the yellow color of interstitial water, as well as some lake waters. Fulvic

acids are generally considered to be degradation products of the more insol-

uble humic acids,

More information on the nature of humic materials and their effects on

the environment may be found in Schnitzer and Khan.
23
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Sediment pH

24
Krauskopf defined the pH of a solution as the negative logarithm of

the hydrogen-ion concentration, [e)], where concentration is given in Mles/

liter. This relationship may be expressed as:

pH - -log [H+ ]

Stiun and Morgan2 5 discussed the concept of pH in terms of hydrogen-

ion activity, {H+}, and showed how this is approximated by the hydrogen-

ion concentration:

pa. - -log {H I -log (+] _ log f H

where pall is the negative log of the hydrogen ion activity and the activity

coefficient, f - {H+}/[I+].

It was suggested that since the activity coefficient in a constant ionic

medium remains very close to one, hydrogen-ion concentration (-log [It+]) may

be used as an estimation of hydrogen-ion activity (-log {H+}). Solution

pH is normally determined in relation to a standard buffer whose pH has

been estimated in terms of PaH. Some of the problems related to activity-

concentration relationships, pH measurements, and operational scale are dis-

cussed by Krauskopf,24 Stumm and Morgan,25 Bates,2 6 and Sillen.
27

The pH of an environment is also a measure of the availability of protons

for reaction with a base and is thus analogous to redox potential, which is

a measure of the availability of electrons for oxidation-reduction type re-

actions. The relationship between pH and redox potential will be discussed

in another section of this report.

The pH levels of sediments and submerged soils are normally buffered

around neutrality (pH 7). Aerobic, acid soils tend to increase in pH upon

flooding and subsequent reduction, while aerobic soils with a pH greater than
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seven tend to decrease in pH as they become reduced, Upon reaeration,

the pH of reduced soils and sediment materials will tend to return to le-

vels exhibited prior to flooding. This buffering action of flooded soils

and sediments is due to substances produced as a result of reducing condi-

tions. Hydroxides and carbonates of iron and manganese and carbonic acid

may be involved in buffering the pH of waterlogged soils.28 Ponnamperuma29

related the increase in pH of acid soils to the reduction of iron in the

system where ferric oxide hydrate (Fe3(OH)8 ) was a dominant solid phase

and ferrous iron and carbonic acid were dominant dissolved species. Yamane30

proposed that ferric carbonate (FeCO3) instead of ferric oxide hydrate was

a dominant solid species. Yamane30 also suggested that ferrous iron, cal-

cium ions, and carbonic acid were important components of the system influ-

encing pH after submergence.

The pH of sediments and overlying waters is also affected by deposi-

tion of ions of the various buffer systems, gaseous exchange with the atmos-

phere, temperature and salinity changes, and photosynthesis and respiration.

The pH of the sediments may vary considerably from point to point in one

area and from area to area. In general, for freshwater bodies, the pH of

the overlying water is more uniform and is lower than that of the surface

layer of sediment, especially during the day when photosynthetic activity

is high. 31

The pH in sediments of lakes and estuaries normally decreases with in-

creasing depth, especially in the presence of sulfides.31 ,32 , 33 The pH

values generally recorded for surface sediments range from 7.9 to 9.2, and

from 6.1 to 9.0 at some depth within the sediment. 8 ,31 The pH of seawater

normally lies between 7.8 and 8.3 in the surface waters, the range being
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34

confined to these limits by the natural buffer systems present.

Vanderpost 33 found an average pH of 7.6 in the top 3 cm of sediments in

Lake Ontario. The pH decreased with depth to 7.1 at 15 cm. Kemp and Mudrochova,3 5

working with Lake Ontario sediments, found a similar decrease in pH with

sediment depth. This decrease of pH with depth is thought to be the result

of the bacterial production of CO2 during decomposition of organic matter.
36

Input of waste materials from surrounding industrial areas and the

loading of nutrients, chemical fertilizers, and suspended soil particles

from cultivated lands can be a significant source of pollutants entering

streams and lakes which eventually alter sediment chemistry. Such changes

have been observed in the Great Lakes in the last few years.37 Schelske

and Roth 38 conducted a survey of pollution problems of the Great Lakes and

reported that higher pH values in Lake Erie were due to an outflow of pol-

lutants from Lake Huron. The sequence of flow in these lakes is: Lake

Superior to Lake Huron and to Lake Erie, and the pH values observed were

8.03, 8.50, and 8.77, respectively. The pH of sediment samples from three

different locations in San Francisco Bay were reported to vary between 6.6

and 7.4. The differences were attributed to industrial effluents entering

the bay.
9

The pH of sediments is an important factor in exchange reactions be-

tween sediments and water as it influences the solubilities of various com-

pounds. In general, the solubility of metals tends to increase with decreasing

pH. 3 j The pH of sediment and overlying water modify oxidation-reduction re-

actions, and thus the transformations of various nutrient elements and trace

metals.4 0'41'4 2'4 3 Sediment pH can also influence the sorption and desorption

of organic molecules.4 4,4 5 Lee4 6 indicated that minor changes in the pH, in
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the neutral pH range, could have a pronounced effect on the contaminants

released from dredged material. Lee and Plumb3 9 recommended that the pH of

all elutriate test solutions should be measured and recorded, and that the

tests be conducted at essentially the same pH that prevails in the environ-

ments under consideration.

Redox Potential

The redox potential of soil, water, and marine systems is a measure

of electrochemical potential or electron availability within these systems.

Electrons are essential to all inorganic and organic chemical reactions.

A chemical species which loses electrons is said to become oxidized. Al-

ternately, reduction is described as the gain of electrons. Thus 0 measure

of the redox potential (electron availability) of a system refler the de-

gree of oxidation or reduction of the various chemical species in the system.

In an aqueous system, the degree of oxidation is limited by the elec-

trochemical potential at which water becomes unstable and is oxidized to

molecular oxygen. Similarly, the limit of reducing conditions in an aque-

ous system is the potential at which the hydrogen in water is reduced to
47

Molecular hydrogen. Within these limits imposed by the stability of water,

the oxidation states of hydrogen, carbon, nitrogen, oxygen, sulfur, and

many metals ma- be affected by redox potential, though the measured redox

potential is largely determined by a few of the more abundant of these ele-

48ments in the system.

In theory, redox potential measurements are to be made with electrodes

inert to the chemical species in the sample. In practice, no electrode ma-

terial is completely inert. However, gold or platinum electrodes have been

used successfully in making redox potential measurements. Redox potential
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measurements can quantitatively describe the ionic distribution only be-

tween chemical species which may interact with the transfer of electrons.

such as ferrous and ferric iron in an aqueous system or nitrite and nitrate

nitrogen. In a natural system, there are usually many redox couples pres-

ent, and not all redox couples are chemically interactive with others. Un-

less the concentration of a given redox couple is relatively high, inert

electrodes (generally platinum) used for redox measurements are not specific

for a single redox couple. Thus the electrode responds to the electrochem-

ical potentials of all redox couples present.

If an equilibrium were assumed in a system containing many redox couples,

the tendency for some chemical species to donate electrons is balanced by

the tendency for others to accept electrons. The measured redox potential

would be a mixed potential which reflects a weighted average of the potentials

contributed by each of the redox couples present in the system.49 Due to the

almost continuous addition of organic matter, which may be oxidized and thus

serve as an electron donor, a redox equilibrium is almost never attained in

a natural system.48 Laitinen50 has described how several redox couples,

each having greatly different potentials as separate redox systems, may be

added together to produce a mixed potential which differs several hundred

millivolts (my) from the potential of the individual couples.

The previous discussion briefly described some of the problems associ-

ated with redox potential measurements. However, the problems should not

mask the utility of these measurements. In spite of the theoretical limi-

tations involved in the use of redox potentials to quantitatively describe

a specific ionic distribution in a mixed system, these measurements have

been successfully applied in soil and sediment chemistry to characterize

16
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the oxidation-reduction transformations of many metals and plant nutri-

ents. 51,52, 53, 54,55

Sediments generally contain a considerable amount of residual organic

material. This organic matter is derived primarily from the death and decay

of plant and animal tissue from the aquatic and benthic organisms in the

sediment-water system. Additional organic carbon is added from soluble and

particulate organic material associated with surface and subsurface soil

drainage and waste discharges into receiving waters. As a result, there is

usually an ample supply of substrate for the large population of anaerobic

and facultative anaerobic bacteria within the sediments, and biological ac-

tivity is high.

As this predominately heterotrophic bacterial population utilizes the

available oxidizable organic matter as an energy source, some reducible sub-

stance in the sediment environment must be available to accept the electrons

resulting from oxidation of the organic food source. This process is res-

piration. Where oxygen is available, bacterial populations adapt to use it

as a terminal electron acceptor. When the demand for oxygen exceeds the sup-

ply, anaerobic and facultative anaerobic organisms become active. Under these

conditions, reducible compounds such as nitrate, the oxidized forms of irca

and manganese, and other inorganic or organic species are reduced by micro-

bial respiration to the extent that these reducible substances are available.

In such a sediment where the demand for oxygen exceeds the supply, oxygen is

rapidly depleted as are the oxidized forms of many of the redox couples within

the sediment. The degree of sediment reduction is then indicated by a low

redox potential,

The dissolved oxygen content throughout the water column in most shal-

low bodies of water remains high due to: (1) the exchange of oxygen at the
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air-water interface and subsequent downward diffusion of oxygen or mixing

of the water by currents resulting from temperature gradients or wind,

(2) oxygen production by photosynthetic algae, and (3) the relatively low

demand for oxygen within the water column. At the sediment-water inter-

face of a sediment supporting considerable biological activity, an oxygen

concentration gradient will exist between the interstitial water and the

overlying water. This results in oxygen diffusing from the water column

into the surface layer of sediments and the maintenance of an oxidized layer
56

at the top of the sediment. The rate of oxygen diffusion through the in-

terstitial water in the sediment pores is about one-tenthousandth of the

rate of gaseous oxygen diffusion. Due to this slow diffusion of oxygen

into the sediment, the oxidized layer at the surface is usually very thin.

Beneath this thin oxidized layer, the sediment may be highly reduced.

Redox Potential in Soils and Sediments

In order to have some concept of the degree of oxidation or reduction

indicated by redox potential measurements, one must be able to associate

numerical redox values with the chemical transformations occurring. Patrick

and Mahapatra 58 suggested four general ranges of redox conditions in soils

and indicated the approximate critic.l reducing potential for several chem-

ical species. At pH 7, oxidized soils are characterized by a redox poten-

tial of > +400 my; moderately reduced soils, from +400 to +100 my; reduced

soils, from +100 to -100 my; and highly reduced soils are characterized by

a redox potential between -100 a fi -300 my. At pH 7, as the redox potential

decreases below about +225 my, nitrate-nitrogen is reduced. Manganic man-

ganese is reduced at about +200 mv, ferric iron at about +120 mv, and sulfate
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is reduced to sulfide at about -150 my.

In some early studies of the redox potential of marine sediments,

7oBell59 reported data on over 1,000 sediment samples. Redox potential

values ranging from +350 to -500 my were measured. He found that well ox-

idized sediments generally had a coarse texture and contained little or-

ganic carbon. Reduced sediments were characterized by the presence of

considerable organic carbon in fine-textured sediments.
60

Hallberg reported the metal distribution, redox potential, and other

characteristics in a sediment profile of an intertidal area of an island

off the coast of Holland. The redox potential at 0.5 cm was about +300 mv

but decreased to about -220 my at the 10 to 15 cm depth.

Berryhill, Swansonand Love 61 reported that the sediment redox poten-

tial of five selected sites in the Pamlico Sound, North Carolina, range

from about -100 to -300 mv while the water just above the sediment at these

sites ranged from < -100 to > +100 mv.

Weiler6 2 reported the sediment redox potential and interstitial water

composition of several sites in western Lake Ontario. At all sites, the

overlying water was well oxidized (> +400 my). Beneath 10 cm, the redox

potential of three sites was found to be strongly reducirg (< -100 my).

However, the subsurface redox potential at one site containing almost no

organic carbon was only moderately reduced (> +200 my at 30 cm).

Ho and Lane6 3 reported that the redox potential of Barataria Bay,

Louisiana, sediments averaged -220 my.

Mortimer64 reported the redox potential profile across a sediment-water

interface for 3ites in Lake Windermere, England. In the overlying water

column, the measured potentials were about +200 to +300 my. Four to 5 cm
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below the sediment-water interface, the redox potential had decreased to

strongly reducing levels of about -200 my. In the 0- to 4-cm increment

beneath the interface, the redox potential" decreased abruptly from +300

to -200 my with most of the potential drop in the upper 2 cm.

Windom 32 reported redox potential profile measurements of an estuarine

waterway channel along the southeastern Atlantic coast and an adjoining

marsh area afterdredged material deposition. The redox potential of two

channel sites ranged from about -50 to -150 my from the surface to a depth

of 80 cm. One study area in a n,.arby marsh prior to dredged material dis-

posal was generally more reduced than the channel sediments beneath the

20 cm depth (-200 to -300 my), but was less reduced at the surface (approx-
(

imately +100 to 0 mv). Another nearby marsh study area showed a similar

redox profile. Measurements taken a few months after dredged material

deposition on these marshes showed that the upper part of the marsh, which

was composed of the added dredged material, had a redox profile very similar

to the channel sediments. Beneath the added material, a redox potential

profile characteristic of the marsh prior to disposal was noted (with the

exception that the better oxidized horizon representing the former surface

of the marsh became more reduced).

Vanderpost 3 3 reported the redox profile of overlying water and sedi-

ments from a site in western Lake Ontario. During a summer measurement,

the redox potential decreased from greater than about +300 mv, 1 meter

above the sediment-water interface, to +200 mv in the water at the interface.

Within the sediment, the redox potential showed a gradual decline from about

+50 my at the 0-to 3-cm depth to -250 mv at the 9-to 12-cm depth. During

the winter months, the redox profile shifted to levels approximately 100 mv
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higher than measured in July. Seasonal fluctuations in redox potential

profiles have also been reported by Mortimer 6 4 and are likely a reflec-

tion of the temperature influence on biologic i activity. In climates

where the temperature of water and sediment layers changes considerably

during the year, it is likely that temperature-induced changes in biologi-

cal activity may contribute to redox changes within the sediment which

seasonally affect the exchange of trace metals and plant nutrients with

the overlying water column. This temperature effect could possibly be of

importance in influencing transformations resulting from dredged material

disposal such that some dredging operations should be planned for specific

seasons.

From the redox potential profiles presented, it is seen that the redox

potential of sediments generally ranges from oxidized to somewhat poorly

reduced at the sediment-water interface to very reduced well beneath the

surface. Thus the chemical environment affecting transformations may vary

considerably within a sediment profile or between the sediment and the over-

lying water column. When these two environments are mixed, as during dredg-

ing and disposal, it is possible that transformations affecting the bioa-

vailability of sediment-bound toxins and biostimulants will occur.

Relationship between Redox Potential and pH

As previously discussed, the redox potential of soil or sediment is

often the determining factor in regulating the chemical form a nutrient or

toxic metal may take. In a similar manner, pH has an influence on the sta-

bility of these forms. Thus, to predict a chemical environment in which a

particular chemical species may be found, one would have to describe the
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range of both the redox potential and the pH at which that species is

stable. 24 There is an interaction between pH and redox potential of many

chemical species such that a change in one of these parameters will result

in a shift in the other. Thus the redox potential describing the stabil-

ity boundary between an oxidized and reduced species at one pH level may

differ if the pH of the system is altered. The relationship between re-

dox potential and pH is usually (but not necessarily) linear.6 5 Thus

the slope of the change in redox potential per unit change in pH may be

used in defining the stability boundaries of a chemical species over a

range of redox potentials and pH levels.

Baas Becking et al.4 7 pointed out that there are four general types

of chemical reactions in natural systems. The type reactions and examples

presented were:

a. reactions involving neither electrons or protons,

i.e., Fe203 + H20 2FeOOH

b. reactions involving protons, i.e., H2 CO3  + + 1CO3 -

c. reactions involving electrons, i.e, Fe+ +  Fe+++ + e-

d. reactions requiring both electron and proton transfer,P i.e., FeSO4 + 2H20 ' S04 ' + FeOOH + 3HT + e-

Reactions of the first type are not influenced by, nor do they have

an effecton, the redox potential and pH of natural systems. Reactions of

the second type were said to be associated primarily with the dissociation

of acids, while reactions of the third type are related to the oxidation or

reduction of metal ions resulting in a change in their valence state. Re-

actions of the fourth type, involving both electrons and protons, were said

to be typical of most reactions in the natural environment. Therefore, most

reactions depend upon both the redox potential and the pH of their environment.
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As a consequence of involving both electrons and protons, there is a def-

inite relationship between the influence of redox potential and pH on nost

reactions.

Baas Becking et al. 4 7 expressed the relationship between redox poten-

tial and pH with the following equation:

Eh = Eo - 59(a/n)pH

where Eh is redox potential, Eo is the standard potential at equal activi-

ties of the oxidized and reduced species, a is the number of protons in-

volved in the reaction, and n is the number of electrons. This equation

described the slope or gradient of the equilibrium line between the stable

forms of a chemical species involved in a redox type reaction. These authors

pointed out that many researchers have assumed that a-n, which always re-

sults in a redox potential slope of -59 mv per pH unit. However, they

state that the ratio of a to n may vary from 0 to 0% and present a table

involving four comn reactions of iron in which the a/n ratio is 1, 2, 3,

and 4. The resulting redox potential-pH slopes for these four reactions

varied from -59 my per pH unit to -237 my per pH unit.

Ponnamperuma29 also discussed the relationship between redox potential

and pH. A table of important reduction reactions in nature was presented

which indicated that all involved protons as well as electrons. An equation

was developed describing the relationship between redox potential and pH for

the equilibrium of a typical oxidation-reduction reaction:

Ox + ne'" + mH+ - Red

Where protons are not involved in a redox reaction, the redox potential (Eh)

is given by:

Eh - E + RT In (Ox)
nF (Red)

23



where E0 is the standard potential, n is the number of electrons, and Ox

and Red are the activities of the oxidized and reduced species, respectively.

In a reaction involving protons, H + , an additional term is included which

indicates the relationship between redox potential and pH in oxidation-

reduction reactions involving protons:

Eh - Eo + RT In (Ox) + mRT in H+
nF (Red) nF

where H+ is the hydrogen ion activity and m is the number of hydrogen ions.

Expressing redox potential as the negative log of electron activity,

pE, and the activity of the oxidized and reduced species as their negative

logs, p(Ox) and p(Red), the above equation may be expressed as:

pE = pEo - 1 p(Ox) + 1 p(Red) - mn pH
n n n

Thus, as a reduction reaction progresses, the change in pH is not regulated

solely by the number of hydrogen ions consumed or hydroxyl ions produced.

Instead, the change in pH is determined by the ratio of hydrogen ions con-

sumed to electrons consumed.

As discussed above, it is possible to determine the redox potential/pH

slope of simple systems theoretically. Krauskopf24 has illustrated this

with the ferrous-ferric iron equilibrium in an aqueous medium (Figure 1).

The redox potential/pH slopes of both the 02 - H2 0 and H2 0 - H2 stability

boundaries is -59 mv/pH unit. The slope between ferrous and ferric iron

is -177 mv/pH unit. In simple chemical systems such as just described, the

experimentally derived redox potential/pH slope may coincide closely with

values predicted theoretically.6 6 However, in soil and sediment systems

containing many redox couples in widely varying concentrations, there is lit-

tle, if any, basis for expecting the redox potential/pH slopes to coincide
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with the slopes found in the more simple, mono-elemental systems. Bohn6 5

explained that the expected dissimilarity in redox potential/pH slopes in

different systems is due to the fact that both redox potential and pH in

natural systems are controlled by many complex reactions and that these

reactions are not necessarily the same. For example, many carbonates, in-

soluble hydroxides, and silicates are important to pH buffering but are

not sensitive to changes in redox potential.b5

As a result of the interacting effects of pH and redox potential on

chemical transformations, it is apparent that: (1) both pH and redox poten-

tial should be considered in any experimental study in determining the in-

fluence of redox potential and pH on sediment chemical transformations and

(2) it is necessary to experimentally cover the expected range of redox po-

tential and pH encountered in sediments and dredged material. Predicting

the effect of pH and redox potential on chemical forms of metals found in

sediments and water by extrapolating beyond the experimental range may result

in invalid conclusions.

Biological Activity

Concern over environmental pollution of waterways has historically fo-

cused on aquatic organisms living within the water column. However, another

important community of organisms, both plant and animal, is the benthos which

live within, on the surface of, or closely associated with the sediment and

other material at the base of the water column. Benthic organisms may be

8
categorized by a number of systems. Perkins, in an extensive discussion

of benthos, conveniently groups these organisms by size. Other classifica-

tion considerations, such as tolerance to salinity, depth range in which the

organism is found, imbility, surface or subsurface habitat, feeding habits,
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nature of substratum, and others are also discussed.

Bella 67 advocated a classification of benthal systems based on the

amount of iron available to react with free sulfide, and the hydrogen accep-

tors in the sediments available for decomposition of deposited organic ma-

terial. Since the amount of free sulfide and hydrogen acceptors is closely

related to redox potential, it is apparent that sediment redox conditions

are important to the kind and distribution of benthic organisms present.

Any changes in the redox characteristics of a sediment occurring at a dredg-

ing or disposal site may affect the benthic community. Thus, dredging and

disposal may affect bottom-living organisms physically by destroying or

smothering their substratum habitat or chemically by changing the redox

environment of the sediment, which can alter benthic respiratory activity

es well as affect the chemistry and availability of biostimulants and toxins.

Although dredging and dredged material disposal may hove short- and

long-term influences on both aquatic and benthic life, the eenthic organisms

require special consideration due to their generally much slower mobility

and potentially slower repopulation rate after their habitat has been de-

stroyed or altered.

The biology of benthal communities involves complicated interactions

of chemical, physical, and biological factors, and it is beyond the scope

and intent of this discussion to present a detailed picture of this system.

However, an overall perspective of the diversity of roles of these bottom-

living organisms is sufficient to indicate their importance and the reason

concern is given Lhem with regard to detrimental changes in their environ-

ment resulting from waste disposal.

Bottom-rooted plants and algae (benthic organisms) attached to the
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substratum contribute to varying degrees to the overall primary produc-

tivity of a waterbody. These photosynthetic plants serve as a food source

for heterotrophic benthic and aquatic organisms. Green6 8 discussed the im-

portance of benthos in the food web. Although some plant material is di-

rectly consumed by estuarine animals, most of the vegetation is converted

to detritus before it is utilized as a food source. This detritus, much

of which becomes intimately associated with the sediment, forms the sub-

stratum for benthic bacteria which provide an important source of food for

many benthic and aquatic fauna in an estuary. It was suggested that the

total organic nitrogen available to the estuarine community may be increased

by these bacteria since many are capable of nitrogen fixation. Thus ben-

thic bacteria are an important food source to many species of benthic fauna,

which are, in turn, the food source for predators higher up the food chain.

Darnell 6 9 presented a tropic spectrum of the most important fish in Lake

Pontchartrain, an estuary in Iouisiana. Of 30 or so consumer species stud-

ied, over half were found to depend substantially on benthos as a food

source. Man is also a direct consumer of several benthic species such as

oyster and crab.

In addition to their participation in the food web, benthos contribute

to important chemical changes in their sediment environment which may regu-

late the bioavailability of toxic metals and biostimulants. The relatively

abundant organic energy source in sediments results in a high level of bio-

logical activity, especially in benthic microbial populations. 56 Their

respiratory requirements for a hydrogen acceptor result in the rapid util-

ization of dissolved oxygen in the interstitial water. Thus oxygen and oxi-

dized forms of other ionic species, such as nitrate nitrogen, ferric iron,
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and manganic manganese, may be depleted in all but a thin layer of sediment

material just beneath the sediment-water interface. 56'70 The resulting re-

duced environment of the sediment, as indicated by a low redox potential,

can contribute to chemical changes within the sediment and interstitial

water which affects the water solubility and mobility of certain toxins and/

or biological stimulants.

Complex organic decomposition products resulting from the biological

decay of plant and animal tissue are formed in sediments. These organic

compounds can form a variety of organo-mineral complexes with trace metals

and plant nutrients. The chemistry of these chelated metals is complex

and poorly understood. These organo-mineral complexes may have a signif-

icant influence on the bioavailability of toxic metals and plant nutrients

in sediment-water systems by serving as sources or sinks for these materi-

als, or by affecting their mobility. The nature of these complexes is dis-

cussed more fully elsewhere in this report.
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CHEMISTRY OF TOXIC METALS AND PLANT NUTRIENTS

IN SEDImENTS AND DREDGED MATERIAL

The following section is a review primarily of the chemistry of se-

lected trace metals and plant nutrients in soil and sediment-water systems.

A brief discussion of their effects on environmental quality is also included.

Though sediments and soils are quite different in n"!., respects, the report-

ed chemistry of these elements in soils, especially flooded soils, may be

similar in many respects to their chemistry in sediment-water systems.

Thus literature concerning trace metals and plant nutrients from both of

these systems has been used in the following discussion.

Lead

The average concentration of lead in the earth's crust is about 15 ppm

by weight. Lead is the most abnndant of the heavy elements having atomic

numbers greater than 60. The relative abundarce of lead is due to its three

predominant isotopes being end products of naturally occurring neutron cap-

ture processes which result in the formation of lead from the radioactive

71
decay of other elements. The slow radioactive decay of uranium and tho-

rium is reported to account for about a third of the lead currently found

in the earth'3 crust.

Though about 20 lead-containing minerals are known, galena (PbS) is

the cost economically significant mineral, as jit aa unts for about 80 to

90 percent of the lea: mined.7 1 '72 f f

Lead in the Environment

Le~ad was one of the earliest used metals because of its resistance to
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corrosion and the relative ease with which it could be smelted, worked,

and incorporated into alloys. Man was first exposed to potentially harm-

ful levels of lead over 4,000 years ago as a result of smelting metal ores.7 3

Lead continues to be one of man's most important metals and has been used

extensively since the Industrial Revolution.

Goyer and Chisolm, 7 4 reporting the data of Lutz, stated that lead pro-

duction in the United States was around 500 ,000 tons in 1969, but that the

total used amounted to' about 1,500,000 tons. Secondary recovery and im-

ports accounted for the difference in production and consumption. Lead is

used in a diversity of manufacturing processes and products. About 20 per-

cent of the lead was rep6rted to be used in the production of storage batter-

ies, and 40 percent was used as an additive to gasoline.
74

The combustion of lead-containing fuel is reported to be the primary

source of lead in the atmosphere, resulting in a release of approximately

180,000 tons into the environment each year. This source is thought to ac-

count for about 98 percent of all known atmospheric lead emissions.

Much o? the lead emitted by automotive exhaust falls on or near tL:

roadway. Singer and Hanson 7 6 reported that about half of the automobile

lead emission is deposited within 30 meters of the highway. Cannon and

Bowles7 7 found up to 3000 ppm lead in plants growing beside a highway.

Much of the lead is in a fine particulate form and is dispersed as an

aerosol over a wide area by wind. This lead is eventually removed from the

atmosphere by precipitation or aggregation and falls to the earth's surface.

Thus soils serve as an intermediate recipient of airborne lead deposits.

Soil lead may cycle through plants and enter food webs, or it may enter wa-

terways through surface and subsurface drainage. This is in addition to lead
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entering waterways via indastrial and municipal waste discharges and

direct fallout into water from lead-containing aerosols. As for many

other potentially toxic materials, the sediment-water system is the fi-

nal recipient of much of the lead discharged into the environment.

Due to the diversity of uses for lead1 the quantities utilized, and

the considerable period of history that lead has been a part of man's

technology, it is somewhat difficult to determine what background or nat-

ural levels of this element should be in many soils, organisms, or sedi-

ments. Lead in arctic snow deposits has shown a steady increase since

about 1750 an] a sharp increase in the last 20 years as a result of air-

borne lead contamination.78 Thus current reported levels tend to include

lead that has accumulated in the environment for decades and perhaps a

century or more.

Concentrations of lead in a typical urban atmosphere are reported to

range from 1 to 'i ug/m 3 and up to 40 pg/m 3 in air near heavily travelled

roadways. 79 An average of 1.2 pg of lead is estimated to fall per square

centimeter of earth annually.
7 5

Unless there is a nearby source of contamination, surface waters gener-

ally contain little lead. In areas near limestone deposits and galena ores,

natural waters have been found to contain up to 0.8 mg of soluble lead per

liter. A survey of 876 surface water samples tested between 1962 and 1964,

reported by Kopp and Kroner,80 showed that only five water samples contained

more than 50 pg lead/l. They reported the lead content of U. S. waters

ranged from 2 to 140 Pg/l with a mean concentration of 23 pg/l. Of repre-

sentative drinking water samples collected from 1963 to 1965, about 14 per-

cent contalned more than 10 jig lead/l, but fewer than 1 percent contained
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more than 30 Vg lead/i. The U. S. Public Health Service has set 0.05 mg

lead/i (50 pg/1) as the safe limit of lead in drinking water.
81

Due to the large quanti.i.!s of particulate lead emitted into the at-

mosphere annually, it is likely that the soil levels of lead could be in-

creasing. Snyder et al.8 2 reported that the lead content of agricultural

soil in Illinois has increased from about 12 pg/g to 25 1g/g in the last

40 years. Typical soils contain about 10 pg lead/g, but the range commonly

found in soils is 2 to 200 pg/g. 8 3

The average American ingests approximately 300 pg lead/day in his

diet. 75 About 10 percent of this amount is absorbed and the remainder is

excreted. The quantity of lead inhaled by a person working and living in

a large city may be an additional 50 to 60 pg lead/day and 30 to 40 percent

of this amount may be retained.

A daily body absorption of about 100 pg lead/day is required before

the blood lead concentration exceeds 40 pg lead/100g. This level of lead

is associated with measurable and possibly adverse metabolic effects,
7 5

and has been suggested as a maximum safe threshold level of lead in blood.

Goyer and Chisolm 74 reported that the blood level of lead in a healthy pop-

ulation ranges from 15 to 40 pg/1Og with the mean level around 20 pg lead/

100g. They presented survey data showing a correlation between environ-

mental lead exposure and blood levels and concluded that the lead content

of blood in the general population falls below that known to affect the body.

However, a National Academy of Science report84 indicated that the suggested

maximum safe level in blood is only about 2.5 times that found in the blood

of a typical suburban male working in a city.

In man, organs and systems mvst affected by lead are the nervous system,
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red blood cells, and the kidneys. Goyer and Chisolm 74 presented a review

of the pathology of lead on the human body and the clinical effects as-

sociated with the lead toxicity. This aspect of lead intoxication is well

known and need not be discussed in this report. They concluded that with

the exception of urban children in deteriorated housing (lead-based paint

threat), drinkers of lead-contaminated illegal whisky, and those occupa-

tionally exposed industrial workers, most people are not absorbing suf-

ficient lead to adversely affect their health.

There is no evidence that lead concentrations in livestock and aqua-

tic animals currently used for human consumption pose any threat to human

health. 84 The concentration of lead in surface waters which has been shown

to adversely affect aquatic organisms appears large relative to the con-

centrations normally found in surface waters.

From literature reports, it seems that most studies on the effects of

lead on aquatic organisms have been short-term studies using relatively

high concentrations of lead. By comparison, few studies have looked for

chronic effects due to long-term exposure to low lead concentrations. Both

types of studies are useful and may be applicable to specific environmental

lead pollution problems. The following discussion will consider results

and interpretations from a few short- and long-term studies.

Dorfman and Whitworth 8 5 reported that a lead dosage of 25 mg/l reduced

growth of brook trout, but, no effect could be detected on growth at lower

lead levels. Malacea and Gruia 8 6 , 8 7 concluded that a maximum permissible

level of 0.1 mg lead/l was adequate for the protection of aquatic organisms.

Uoyd88 reported that the toxicity of lead, zinc, and copper salts to

rainbow trout increased as the dissolved oxygen content of the water decreased.
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Rather than a change in the nature of the toxic material due to a redox

potential type transformation of the toxicant, an increase in exposure

due to increased respiratory flow was suggested as the cause.

Pickering and Henderson 89 studied the acute toxicity of some heavy

metals to several species of fish. The 96-hour median tolerance limit

for the most sensitive of the species was 7.33 mg lead/l.

Teulon and Simeon90 reported that two species of carp tolerated lead

in water up to 9.6 g/l.

Ayling91 studied the uptake of several metals including lead in the

Pacific oyster, taken from the Tamar River in Australia. Of the five

metals studied, lead uptake mechanisms appeared to differ from the other

metals studied. Zinc and cadmium accumulation depended primarily on their

levels in the sediment while copper and chromium uptake was related to the

size of the oyster. However, lead seemed to be "randomly incorporated"

or independent of the two correlations noted for the other metals.

Buhler9 2 summarized the data of several investigators pertaining to

the relative toxicity of metallic ions to fish. The experimental lead

concentrations reported to produce toxicity in fish ranged from 0.2 to

7.3 mg/l. Different experimental conditions such as species of fish and

length of exposure likely contributed to the wide range reported to be toxic.

Buhler9 2 also discussed a report prepared by the American Fisheries Society

in 1970 which indicates that as little as 10 ppb of lead in water may be

toxic under some conditions.

Davies and Everhart 93 reported the toxicity of lead to rainbow trout

in short- and long-term studies. The occurrence of abnormal black tails

in trout due to chronic lead exposure was used as an Indicator to determine
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the maximum acceptable toxicant concentration ("MATC") in both hard and

soft waters in long-term studies. Also determined was the median tolerance

limit (TL5 0), the level at which half of the organisms show acute tox-

icity symptoms during a specified time interval. In hard water, the 96-

hour TL5 0 and "MATC" levels of total lead were reported to be 471 mg lead/l

and 0.12 to 0.36 mg lead/l respectively. The corresponding values for

free or soluble lead in the same water was 1.38 mg/l and 0.018 to 0.032

mg/l. In the soft water experiments, all lead was considered to be free

lead, and the 18-day TL5 0 and "MATC" levels were 140 ug lead/i and 6.0 to

11. 9 pg lead/l, respectively.

Unlike many short-term studies in which concentrations must reach rel-

atively high levels to show an effect of lead on fish, this study indicated

that a long-term lead exposure of around 10 1g lead/l in some waters may

produce chronic physiological symptoms.

Lead Levels In Surface Waters and Sediments

In order to get an idea of the quantities of lead potentially involved

in transformations affecting its bioavailability, it is necessary to know

the levels typically found in water and sediments in unpolluted systems as

well as in those that have received considerable lead from waste discharges.

Sediment samples collected from several sites in the San Francisco Bay

were analyzed for selected heavy metals and showed lead levels ranging from

just over 100 ppm from the Oakland Inner Harbor to levels considerably less

than 50 ppm in sediment samples taken away from the shoreline.
9

Bischoff and Sayles94 reported the lead content of deep ("4000 meters)

sediment samples in the eastern Pacific Ocean. On a calcium carbonate-free
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basis, the levels reported were 0.05 and 0.07 percent for samples 751 and

585 cm beneath the sediment-water interface. These sediments were only

moderately reducing as the redox potential was just over 100 mv.

Preston et al. 9 5 conducted a survey of selected heavy metals in sea-

water and biological indicators in coastal waters around the British Isles.

The mean lead content of filtered water from several sites ranged from <0.05

to 0.21 pg/l. The mean lead content from filtered water from two sites

near the shoreline in the Irish Sea was over 1 pg/l. Comparison of their

1970 data with similar 1961 data indicated that there was no increase in

the metal content in these waters during the intervening time, even in

contaminated areas.

Iskandar and Keeney9 6 reported the heavy metal content of sediment

cores from selected Wisconsin lakes. Of all the metals studied In these

sediments, the concentration of lead showed the most marked decrease with

sediment depth in all lakes. This was thought to be the result of lead

fallout resulting from the combustion of lead-containing fuels in internal

combustion engines. The lead levels below the 50-cm depth were believed

to indicate precultural concentrations and showed a considerable range from

<0.1 to 20 jg/g sediment. The top 5 cm of four lakes in forested water-

shed basins contained 3, 10, 33, and 20 jig lead/g sediment. In contrast,

the surface 5 cm of sediments from four lakes influenced considerably by

man's activities contained 51, 124, 44, and 32 Vg lead/g sediment.

The soluble and particulate levels of heavy metals in streams and lakes

of the Cayuga Lake Basin of upstate New York were determined.9 7 Although

the average lead content of soil samples from that region was 7.9 ppm, the

lead content of suspended particulate matter in the streams was around
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480 ppm. Thus the lead content of the suspended particulates was around

60 times the level in soils of that area.

Berryhill et al. 61 reported the elemental lead content of sediment and

organic extracts from sediments for two small estuaries of the Pamlico

Sound area of North Carolina. The lead content of the whole sediment sam-

ple from several sites in both estuaries ranged from 0.0015 to 0.007 per-

cent (15 to 70 ppm).

Oliver 9 8 found the mean background level of lead in sediments from

the Ottawa and Rideau Rivers near Ottawa, Canada, to be 26 and 42 ppm. res-

pectively. Lead levels of 390 ppm were found in sediments near a sewage

plant. Where snow had been dumped in the Rideau River, sediment lead lev-

els up to 1344 ppm were reported. The source of this lead was thought to

be automobile exhausts which contaminated the snow.

Chester and Hughes 99 reported the trace metal distribution from a

5220-m-deep sediment core sample in the North Pacific. In this sample,

the measured lead content of the sediment to the 860-cm depth rangeod from

12 ppm to 36 ppm with little or no trend with depth. The concentration of

lead in seawater is G.004 mg/l.1
0 0

WindomI 01 determined the content of trace metals in water and sediment

samples in relation to a dredged shipping channel in Mobile Bay, Alabama.

The lead content of the sediments ranged up to 40 ppm with most samples con-

taining between 20 and 35 ppm. The lead content of the overlying water

ranged to 12 Wg/l with most reported values considerably less than 10 Pg/l.

Lead Chemistry in Surface Waters and Sediments

Lead Inorganic Chemistry. The chemistry of trace metals in natural

systems is immensely complex. For most metals, it is not possible to
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predict quantitatively the concentrations of the numerous possible forms

of a particular metal in a typically heterogeneous natural qystem based on

the behavior of the metal in pure systems. Lisk1 0 2 presents a literature

summary of selected chemical data for several trace elements. The solu-

bility product constant (Ksp) of lead carbonate, hydroxide, phosphate,

sulfide, and sulfate were listed as 10 - 1 4 , 10 - 1 5 i0- 4 2 , 10-28, and 10-8

respectively. Thus in the presence of these ligands, lead is only spar-

ingly soluble. However, in natural systems, it is usually not possible

to explain trace metal levels by a straightforward application of solubil-

ity data. To project or speculate on the predominant regulatory mechanisms

affecting trace metal chemistry and its concentration in natural systems,

one must first consider what is known about metal chemistry in pure or simple

chemical systems. Then onemust try to explain how other complex factors,

such as trace metal-sediment organic matter associations, interact with the

known chemistry of the metal. Understanding trace metal chemistry in a

static natural system is difficult, to say the least, but inadequate since

sediment-water systems are dynamic, especially when disturbed as during

dredging. The chemical environment affecting the complex trace metal reg-

ulatory mechanisms is subject to considerable variability when a sediment

is disturbed.

Krauskopfl 0 3 presented a discussion of the factors regulating the con-

centration of several trace metals in seawater and results of precipitation

and adsorption studies. The current seawater concentrations of the metals

are generally several orders of magnitude less than the calculated levels

based on their estimated supply to the sea during geologic time. It was

concluded that precipitation reactions with other comvn constituents of
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seawater such as carbonate, chloride, hydroxide, sulfate, and even the

less comon ions such as flouride, bromide, iodide, phosphate, etc., are

not the factors limiting the concentration of these elements in normal,

aerated seawater. Due to the low solubility of the metal sulfides, it

was suggested that precipitation with sulfide may control metal solubility

under some local reducing environments, but that sulfide was not thought

to be the chief control mechanism in nost of the oceans. However, sulfide

precipitation reactions could be an important mechanism for immobilizing

lead within a reduced sediment. Due to the extreme insolubility of lead

sulfide as indicated by its solubility product of 10728, lead should be

effectively removed from the interstitial water and unavailable to organ-

isms in reduced sediments containing sulfide.1 0 2

It should be kept in mind that only a portion of the total amount of

any metal in natural water is present in true solution. Metals bound in

living organisms, present as suspended colloidal particles, or adsorbed on

suspended colloidal particles likely account for much of the total metal

available;and these forms may be in equilibrium with metal in solution.

In seawater the principal ionic form of lead is lead chloride (PbCl+),

and divalent lead is the next most abundant ionic species.1 0 3 Lead car-

bonate is thought to be the compound in aerated seawater limiting the

concentration of lead in solution.

KrauskopfI0 3 also conducted studies on trace metal interactions with

selected adsorbents in seawater to get some information on the importance

of various adsorption reactions in immobilizing trace metals. It was ac-

knowledged that the reactions with adsorbents used under laboratory con-

ditions may not correspond closely with reactions in nature, but his data
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certainly indicate which type of adsorption reactions are likely signifi-

cant concentration controlling factors. The absorbents and amounts of

absorbents used were ferric oxide (0.03 g/l), apatite (0.1 g/l), mont-

mDrillonite clay (20g/l), and peat moss (20 g/l). In tree days or less,

the ferric oxide and apatite adsorbed 86 and 90 percent of the initial

0.5 mg lead/i added, respectively. Clay and peat miss each adsorbed more

than 96 percent of the lead added. In this paper, the possibility of or-

ganic processes being active in regulating the concentration of trace metals

is acknowledged, but not discussed in detail since it was thought to be

impossible to even qualitatively evaluate the role of organic processes in

trace metal regulation. Literature data were presented which showed that

trace metals may be enriched by a factor of several hundred to many thou-

sands in living organisms. Upon the death and settling of the organisms,

it was suggested that a portion of the metal may remain with the organic

fraction during decay. Eventually, the organic-bound metal would be buried

where it may form relatively stable complexes in a reduced sediment envi-

ronment, thus enriching the trace metal levels of sediments at the expense

of levels in solution in the overlying water column.

Hallberg60 investigated the horizontal and vertical distribution of

acid soluble metals in an intertidal area. In addition, data were obtained

on particle size, organic matter content, carbonate level, and redox poten-

tial. Among the metals examined, lead was significantly correlated with

cobalt, zinc, iron, magnesium, and potassium. Lead was also significantly

correlated with the <60-U size fraction and the organic matter content.

No correlation existed between redox potential and lead levels. Redox po-

tential was strongly dependent on depth, as expected, while it was suggested
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that differing geologic factors over geologic time may have contributed

to the metal content of the four horizons studied.

A weak but significant correlation has been found between surface

area and lead in sediments from two Canadian rivers.
98

Netzer et al.104 studied the removal of heavy metals from simulated

wastewater by using lime to increase pH and thus induce precipitation of

metal hydroxides. Before addition of lime, a solution of 102-ppm lead as

lead nitrate in distilled water had a pH of 5.2. Increasing the pH to 7.05

by the addition of calcium oxide removed 63.7 percent of the initial lead.

Subsequent pH levels attained and the percent of lead removed by precipi-

tation andflocculation were: pH 7.95 (88.3 percent), pH 9.2 (89.5 percent),

pH 10.55 (97.2 percent), and pH 10.8 (98.6 percent). Additional increases in

pH resulted in a slight decline in the amount of lead removed, but pH ranges

above this would have little applicability to natural sediment-water systems.

Hahne and Kroontje,10 5 using a mathematical approach, assessed the

significance of lead and other metal complexes with hydroxide and chloride

ions on the mobilization of soluble inorganic forms of these trace metals

in the environment. The effects of pH and chloride ions were first con-

sidered separately since both of these ions exhibit considerable range in

nature. In chloride-free water, as pHwas increased, divalent lead (Pb+2)

predominated up to pH5, at which point a charged hydroxide of lead (PbOH+)

increased as divalent lead decreased. These two forms accounted for equal

proportions of the total lead at pH 6. Between pH 6 and 10, the positively

charged hydroxide of lead (PbOH+) was the dominant form in this simple water

system. Where the fraction of total lead was plotted against chloride con-

centration, divalent lead (Pb+2) predominated up to about 3500 mg chloride/l.
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At greater chloride levels, up to that of seawater (19,000 mg/i), posi-

tively charged lead chloride (PbCl+) was the chief ionic form. Their cal-

culations indicated that uncharged lead chloride (PbCl 2 ) accounted for

most of the total lead only at chloride concentrations approached in sea-

water.

When the influence of both anions was considered together at pH 8.5,

the positively charged hydroxide of lead (PbOH+) was the dominant form at

all chloride levels comronly found in natural fresh waters.

Though this system is certainly simplified in comparison to natural

waters, as only hydroxide and chloride were available to react with lead,

these mathematical calculations would suggest that in natural systems, in-

organic lead tends to form cationic monovalent and divalent species which

are subject to surface adsorption reactions and electrostatic bonding to

functional groups. At the low chloride levels encountered in most fresh

waters, divalent lead would appear to be the predominant ionic species up

to pH 6, above which most of the lead is found as the positively charged

hydroxide (PbOH+).

If this mechanism for determining the form of inorganic lead is active

in nature, it may have important implications on the fate of lead in sedi-

ment-water systems. For instance, below pH 6, soluble divalent lead may

be much more subject to removal by organic chelating reactions than the mono-

valent form of lead found above pH 6 due to the formation of much stronger

complexes between organic matter and divalent metals.1 06

The previous two literature reports dealt with lead chemistry in simple

systems. Though numerous and complex factors regulate lead in a natural

system, evaluating the effects of selected factors individually, where data
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are available, may add to our knowledge about the chemistry of lead in sediment-

water systems.

Bloomfield, Kelso, and Piotrowska,1 0 7 in a simulated soil system, have

shown that metal oxides, including lead, are released in a soluble form when

incubated with anaerobically decomposing plant material. Previous work indi-

cated that much of the mobilized lead was complexed with soluble organic ma-

terial produced by the decomposition of the added plant material.
1 0 8

A similar experiment under aerobic conditions indicated that approxi-

mately one-third as much lead is mobilized per gram of plant material by de-

composition in oxygenated systems.1 09 When reduced soil systems were re-

oxidized, soluble lead tended to be immobilized.
11 0

Studies by Bloomfield and others1 07 ,10 8 ,109 ,11 0 seem to suggest that

the soluble metal organic complexes formed under anaerobic conditions are

more stable than complexes formed under aerobic conditions. Under anaerobic

conditions, the stability of the metal complexes and thus their mobility

may be enhanced by the absence of ferromanganese oxides, which compete for

trace metals and tend to immobilize them.

Redox potential gradient is one of the most important factors influenc-

ing the exchange of substance between sediment and water.lll1l1 2 Gorham

and SwaineI13 studied the distributiaiof metals in oxidate crusts (enriched

in iron and manganese oxides), oxidized surface sediment, reduced subsurface

sediment, and glacial clays from lakes in the English Lake District of

Canada. The redox potential in these four horizons would be expected to

generally decrease with depth. Lead appeared correlated with sediment or-

ganic matter. Sediments containing considerable organic deposits contained

more lead than did white glacial clays which contained little organic carbon.
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Several distinct patterns were noted when the prdportional concentrations

of the 27 elements in each sediment horizon were plotted. Lead, zinc, and

cobalt exhibited similar patterns. Their concqntrations were lowest in

the white clay (the deepest sediment) and generally increased with decreas-

ing depth up to the surface oxidized layer. The greatest levels of

lead were found in the oxidized crust and were thought to be due to the

scavenging effect of ferr~manganese minerals, though lead showed less cor-

relation with iron and manganese than did several of the other metals.

Stumm ard Mbrgan 2 5 presented redox potential-pH diagrams for simple

lead systems. The following two diagrams for lead-water and lead-water-

carbonate systems were derived from their figures (Figures 2 and 3). In

the lead-water system, lead was shown to exist in the divalent soluble

state (presumably, this includes the charged hydroxide of lead, PbJkl+. dis-

cussed by Hahne and Kroontje 05 ) up to a pH of about 8. Above pH 8, the

insoluble lead oxide (PbO) would form in this system. When the simple lead-

water systemwas expanded to include a specified concentration of carbon

dioxide, there was a pronounced reduction in the stability field for diva-

lent lead. At a total carbon concentration of 10- 2 M lead precipitated to

form lead carbonate (PbCO3) above a pH of about 5.0. In addition to indi-

cating the importance of carbonate to the aquatic chemistry of lead, this

example illustrates the complexity of trace metal chemistry as more and more

regulatory factors are considered.

Redox potential-pH diagrams can be expanded to cover more complex sys-

tems when the concentrations of allcomponents are known. For instance,

chloride, sulfate, phosphate, and other ions may complex with lead under

specified redox potential-pH conditions. Thus the forms of lead in complex
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water systems can be determined where the concentrations and chemistry of

all the components are known. However, in natural sediment-water bystems,

the factors affecting lead chemistry may be in a dynamic state and the

chemistry of all the components is not known. Such is the case with in-

teractions between organic matter and metals.

In a study of San Francisco Bay sediments incubated under oxidizing

and reducing conditions, it was concluded that the redox potential was the

most important of several environmental parameters tested in controlling

the solubility of lead as well as several other metals.9 Significantly

higher lead levels were generally found under oxidized conditions. It was

thought that this was due to the release of lead from sulfides in aerated

sediments and the inability of components in oxidized sediments to complex

with lead as effectively as sulfide.

Lead Reactions with Organic Materials. The chemistry of the organic

component of sediment-water systems is poorly understood, and little quan-

titative information is available about its complexing properties except

that stable organo-metallic combinations do form. As an indication of the

strength of these complexes, Lisk I0 2 presents information from Sillen and

Martell on the stability constants of metals with EDTA, an organic che-

lating agent which is known to form very stable complexes with divalent

metals. The magnitude of the stability constant indicates the strength or

stability of the complex. Several metals and their accompanying stability

constants were listed as follows: barium (7.8), cadmium (16.6), lead (18.3),

lithium (2.8), mercury (21.8), nickel (18.6), and silver (7.3). Thus lead is

shown to form quite strong complexes with synthetic chelating agents.
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Stevenson and Ardakani114 summarized the studies of Schnitzer and

Skinner in which the scability constants for nine divalent metal ion-fulvic

acid preparations were determined. Though the organic matter was derived

from a soil, the data from sediment-derived organic material would likely

show similar results. The values presented by Stevenson and Ardakani are

shown below:

log K, pH 3.5
Cu > Fe > Ni > Pb > Co > Ca > Zn > Mn > Mg
5.8 5.1 3.5 3.1 2.2 2.0 1.7 1.5 1.2

log K, pH 5.0

Cu > Pb > Fe > Ni > Mn > Co > Ca > Zn > Mg
8.7 6.1 5.8 4.1 3.8 3.7 2.9 2.3 2.1

From ttese data, two general conclusions can be made. First of all,

it is apparent that lead forms relatively stable complexes in comparison

to most other divalent metals under the conditions specified. Secondly,

it is apparent that the stability constants increased as pl: increased from

3.5 to 5.0. This was attributed to the greater number of functional groups,

such as carboxylic acid groups (-COOH) which ionize as pH increases. In

reducing sediments where the pH tends to approach 7, it follows that even

nore stable organo-metallic complexes may be present as a result of greater

ionization of the organic material.

On the other hand, calculations by Hahne and Kroontje,I 05 discussed

previously, indicate that at a greater DH, especially above pH 6.0, inor-

ganic lead available for complexing with organic matter may be in a monova-

lent form. This may reduce the complexation of inorganic lead at higher

pH levels, as Rashid1 0 6 has shown that marine humic acid complexes are more

stable with divalent metals.

Verloo115 reported the influence of pH on the stability of lead with

48

I



extracts of soil organic matter over a wide pH range. Below p 4, free

cationic lead was the predominant form. At pH 4.0, 63 percent of the lead

was in cationic form and 26 percent was precipitated as an insoluble or-

ganic complex. At pH 5.0, lead was divided almost equally between the free

cationic, soluble organic, and insoluble organic fractions. The insoluble

organic lead fraction reached a maxima at pH 6 (35 percent of the total),

while the soluble organic fraction accounted for 50 percent of the total

at this pH. From pH 7 to 10, the soluble organic fraction contained most

of the lead. Thus over a wide pH range, two stability maxima were noted

for lead-organo complexes. The first was in an acid environment where

mostly insoluble complexes formed and the second was in an alkaline range

where soluble lead-humates predominated.

Bloomfield and PrudenI1 6 studied the availability of indigenous levels

of trace metals in sewage sludge incubated anaerobically for three months

followed by aerobic incubation for three months. As with other published

reports, it was apparent that different trace metals frequently show widely

different trends. With lead, there was a marked increase in the water-

soluble and acetic acid-extractable fraction after anaerobic incubation

for one month. Subsequent changes in lead levels were relatively small

during the remaining two months of anaerobic incubation and three months

of aerobic incubation. There may have been a slight trend for these frac-

tions to continue a slow increase under aerobic incubation. The EDTA extract-

able lead increased continuously during anaerobic incubation, but showed an

even greater rate of release during the three-month aerobic incubation pe-

riod. This may suggest that there is some loss of stability of the organo-

metallic complexes upon oxidation, or that the organic material itself is
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less stable and subject to more rapid decomposition under aerobic condi-

tions, resulting in a decrease of the naturally occurring chelating agents.

In general, liming sludge soil mixtures was shown to increase acetic acid

and EDTA-extractable lead.

Effects of Dredging on Lead Transformations

Some studies have been done in recent years on the effect of dredging

on trace metal levels in waterways. Windom3 2 reported the effect of dredg-

ing on water quality for cwo sites adjacent to the Tntercoastal Waterway

in Georgia. The lead content of filtered river water upstream from the

dredge was essentially the same as the lead content of effluent from a weir

outlet where the sediment had been disposed of by confinement behind a dike.

The lead content of the filtered water collected from the dredge discharge

pipe was considerably lower (<2 pg/l) than measured in the upstream water.

From subsequent laboratory experiments, it was concluded that some of the

reduced iron within the sediment may have oxidized rapidly to ferric hy-

droxide which has a well known scavenging effect on trace metals in solu-

tion.117

Windom10 1 noted that the north-south distribution of sediment iron and

lead levels in Mobile Bay were similar, increasing toward the southern end

of the bay where contact is made with seawater. It was suggested that

the chemistry of these metals could be similar or that lead tended to ac-

cumulate with iron because of the scavenging activity of precipitated ferric

hydroxide. The decreasing level of lead in the overlying water also cor-

responded to patterns of soluble iron in the water going down the bay. Sam-

ples obtained from around an operating dredge showed that the water content
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of lead and other metals downstream from the dredge was about the same or

possibly lower than levels upstream from the dredge. It was suggested again

that this may have been due to iron scavenging. Where dredged material was

disposed of in open water, only in very localized areas downstream from the

dredge was any increase in metals noted.

In a study of the effects of dredging on several water quality factors

in the Calcasieu River, louisiana, the dissolved lead concentration of the

dredge discharge supernatant was slightly less than the lead content of the

nearby surface water.I1 8 Though lead release during dredging at this site

did not apparently occur, the river is somewhat atypical since the reported

soluble lead content of the surface water (230 pg/l) is much greater than

normally found in surface waters. Supernatant from an on-land dredged ma-

terial disposal site also contained slightly less soluble lead than found

in nearby surface waters.

Cadmium

Cadmium is a relatively rare metal and its abundance in the earth's

crust is estimated at only 0.5 gram per ton. 119 Cadmium is closely related

to zinc in its chemical properties and in nature is always found associated

with zinc. It is a divalent metal, readily forming halides of which the

chloride is nost reactive. It is soluble in most inorganic and some organic

acids, but insoluble in alkalies. Cadmium is soluble in ammnium nitrate,

forming a cadmium-ammonium complex. In the presence of sulfide, cadmium pre-

cipitates out of solution as cadmium sulfide (CdS). The sulfide can be re-

dissolved in sulfuric or hydrochloric acid for quantitative determinations.

Cadmium metal is primarily used as a protective coating for iron and
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steel, and to a smaller extent, for copper. It is also employed in small

amounts in bearing metals used for high-speed automotive, aircraft, and

marine engines that operate at high temperatures. Cadmium is also a con-

stituent of solders, alloys, and storage batteries.
11 9

Cadmium is toxic to man and to other living organisms in virtually all

of its chemical forms. Chronic exposures to small dosages of cadmium have

been related to kidney disorder, lung damage, bone and cardiovascular dis-

eases, reduced longevity, and a host of other human maladies. 7 3 ' 1 2 0 ' 1 2 1 ' 1 2 2

The most severe and classical clinical symptom of chronic exposure to small

quant.'ties of cadmium is exemplified by itai-itai disease in people living

in the Jinto River Valley of Japan. 1 2 3 ' 1 2 4 This unusual renal disease may

lead to secondary softening of bones and eventual multiple spontaneous

fractures. This disease occurred as a result of ingestion of rice irrigated

with cadmium-contaminated water from the Jinto River. The cadmium source

was waste discharges from zinc and lead mines 
and smelting plants.

12 3

In the United States, the primary environmental concern over cadmium

has been its possible relation to the development of cardiovascular dis-

eases, particularly hypertension. Cadmium levels in the air of 28 American

cities have been closely correlated with the incidence of death from hyper-
122

tension and arteriosclerotic heart diseases. The subject of cadmium

toxicology has been extensively reviewed by Friberg et al.,
1 25 Schroeder,73

and Sandstead et al.
84

Cadmium in the Environment

The environmental presence of cadmium is normally linked to that of

zinc because of their geochemical kinship and incomplete technical separation.
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The recovery of cadmium from sphlerite (ZnS) ranges from 1 to 50 kg per

ton, averaging 5 kg per ton. The cadmium content of the resulting techni-

cal zinc may still be as high as 0.5 kg per ton.1 26 Cadmium also enters

the environment from smelting of metals other than zinc; attrition of au-

tomobile tires; and the combustion of petroleum products, coal, wood, paper,

and urban organic trash. The cadmium concentration of four brands of

tires ranged from 20 to 90 ppm. The cadmium concentration in diesel and

heating oil samples has been found to range from 0.07 to 1.0 ppm and from

0.42 to 0.54 ppm, respectively.1 2 7 The cadmium concentrations of five sam-

ples of rotor oil were found to average 0.48 ppm, and the total U. S. aer-

ial discharge of cadmium from motor oil in 1968 was estimated at 850 kg.
12 8

Since cadmium is primarily released into the atmosphere as airborne par-

ticulates, cadmium will eventually be deposited on the surface of soils,

plants, and water by rain, snow, or dust fallout. Lagerwerff and Specht1 2 7

found that the concentr.tion of cadmium in soil and vegetation along a

highway decreased with distance from traffic. The cadmium concentration

was related to the concentration of motor oil and automobile tires and their

residues deposited along the roadside.

In Japan, levels of 1 to 50 ppm have been found in rice fields in areas

under observation for suspected cadmium contamination causing itai-itai.
1 23

Cadmium is also added to the soil as an impurity with superphosphate fer-

tilizers, as a constituent of fungicides, and in sewage sludge applied to

land.1 20,1 29 The metal is easily absorbed through the roots of importdnt

food crops, especially grain crops such as wheat, corn, rice, oats, and mil-

let.
1 3 0
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Cadmium Levels in Surface Waters and Sediments

The cadmium concentration of seawater is reported to vary from 0.075

to 0.32 ig/l. 1 31 Goldberg et al.13 2 found an average of 0.1 ig/l of cadmium

in seawater. The principal species reported were divalent cadmium (Cd2+)

and cadmium sulfate (CdS04).

The average cadmium concentration in the main streams and lakes drain-

ing 16 major U. S. watersheds, measured between 1962and 1967, was 9.5 lig/l,

and ranged from 0 (Tennessee, Missouri, and lower Mississippi Rivers) to

50 ig/l in Lake Erie.8 0 Drinking water from New England municipal systems

analyzed in 1962 and 1963 had the lowest concentration, and water from 21

south-central systems, the highes. concentrations of cadmium, averaging 0.12

and 11.2 pg/l, respectively.1 33 Where ground water is the source of munici-

pal water, the cadmium content is normally high. Older piping in private

dwellings may cause the cadmium content of drinking water to be even higher.1 20

The U. S. Geological Survey1 34 recently found that 4 percent of the surface

waters measured in the United States contained levels of cadmium that ex-

ceed the 10 pg/l drinking water standard of the U. S. Public Health Ser-

vice.81  Forty-two percent of the samples measured contained between 1 and

10 pg/l, and 54 percent were found to contain less than 1 Vg/l.

Kubota et al.9 7 analyzed trace elements in the water and suspended particu-

lates in the water of the Cayuga Lake Basin, New York. These samples were thought

to be indicative of the natural levels due to soil weathering and geochemical

processes. The mean concentration of cadmium in Cayuga Lake water was higher

(0.54 vig/l) than in waters of the tributary streams (0.17 jig/l) feeding the

lake. Also, the mean concentration of cadmium in the stream particulate

matter was appreciably greater than that in soils of the area surrounding
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the streams (15.6 vs. 0.2 mg/l, respectively). They suggested that the

cadmium content of particulates in the streams may represent inputs from

industrial, autonotive. and household waste. The levels of cadmium found

in the Cayuga Lake Basin were low in comparison with the levels in major

rivers of this country,80 and well below maximum permissible levels safe

for municipal drinking waters.
81

Windom 32 found soluble cadmium to range from 0.05 to 0.49 pg/i in the

Savannah River. These levels were thought to be relatively low consider-

ing the water is heavily polluted with industrial and municipal waste.

The average concentration of cadmium, expressed in jig/l, in the north-

ern half of the Southeastern United States continental shelf waters was

0.11, compared to 0.06 in the southern half.1 35 This slightly higher con-

centration of cadmium in the north was probably caused by the continental

runoff, the effects of which were evident across the entire shelf. The

concentration of cadmium in the Northwest Atlantic Ocean appears to be rela-

tively uniformly distributed with a mean value of 0.11 lig/l. 1 3 6  Similar

values have been reported between the English Channel and the Irish 
Sea.1 3 7

138Taylor conducted a study to provide information on the distribution

of trace metals in the sediments of relatively unpolluted coastal area of

Tor Bay, England; to establish a baseline for any future investigation re-

lated to the discharge of polluted effluents. The cadmium concentration

ranged from 0.2 to 0.7 pg/g with an average value of 0.37 pg/g, a value much

lower than found in the estuarine sediments.

96
Iskandar and Keeney compared the heavy metal concentrations of pre-

cultural sediment deposits (140 to 400 years old) with that of recent sedi-

ment deposits (0-10-cm depth) in 10 Wisconsin lakes to evaluate the rate
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and extent of accumulation of heavy metals due to man's activities. The

results showed that the cadmium concentration decreased with depth, es-

pecially whensthe surficial sediment levels were compared with those below

the 50-cm depth. Surficial sediments of all lakes contained cadmium rang-

ing from 2.1 to 4.6 pg/g sediment, whereas levels in sediments below 50 cm

ranged from 0.7 to 2.7 pg/g. The study indicated that the lakes are re-

ceiving significant quantities of cadmium, the sources of those additions,

however, were not discussed. Pacific Northwest Laboratories9 conducted

a similar study in the San Francisco Bay area and reported the cadmium con-

centration in the O-to 30-cm deposits ranged from 0.81 to 1.56 pg/g sedi-

ment. The concentrations of cadmium in the 30- to 60-cm depth were slightly

lower.

Bloom et al.22 have reported comparable concentrations ranging from

2.5 to 9.2 Vg/l of cadmium in the interstitial waters of Great Lakes

and New York Harbor sediments. However, the total cadmium contentrations

in the sediments collected from New York area were appreciably higher than

those collected from the Great Lakes (mean levels of 22.5 and 10.1 Vg/g

sediment, respectively). The high concentrations of total cadmium in the

New York dredging area reflect the influence of industrial effluent dis-

charges into the bay, and also the capacity of sediments to incorporate

heavy metals into the solid phase.

Surveys of cadmium concentrations in surface waters and sediments of

the United States and elsewhere reveal that the effect of cadmium contamina-

tion from industrial and other sources is reflected by greater cadmium levels

in the solid components of sediment-water systems. Thus sediments act as

a sink for cadmium; and the magnitude of this scavenging action of sediments
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depends not only on the concentration of the element in the effluent, but

also on the physical, chemical and biological properties of the sediments.

To appreciate the complexity of heavy metals transformations in sediment-

water systems, one must understand the various kinds of exchange reac-

tions taking place between water and sediments and the factors affecting

these reactions.

Cadmium Chemistry of Surface Waters and Sediments

Solubility calculations made by KrauskopfIO 3 indicate that seawater

is greatly undersaturated with respect to cadmium. The estimated amount

of cadmium added to seawater over geologic time from the weathering of

terrestrial materials far exceeds the quantity presently found in solution,

the latter amount being 0.04 to 0.08 percent of the former.1 39,140  The

literature cited in the preceding section also indicates that the inter-

stitial and overlying waters represent a very small fraction of the total

cadmium present in the sediments. As the technological use of cadmium in-

creases, an increase in the amount introduced into the environment is as-

141
sured. Thus there is a need for a thorough understanding of the mechanisms

responsible for the net removal of this element from solution.

Cadmium generally exists in the aquatic environment in four different

forms: (1) as a part of living organisms, (2) as colloidal particles, (3)

adsorbed on the mineral and organic complexes, and (4) in true solution.
10 3

Based on the mathematical models and experimental data, Krauskopfl0 3 advo-

cated that the low cadmium concentration in seawater could possibly be the

result of: (1) local precipitation of sulfides, (2) adsorption by various

adsorbents present in the sediments, and/or (3) organic concentration by
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livng rgaism. Pesly e al 142
living organisms. Presley et al.1 attributed the various degrees of metal

enrichment in the interstitial waters of a reducing fjord to organic com-

plexing and equilibration with unidentified solid mineral phases. Price14 3

reviewed the existing literature on the aistribution of cadmium in the var-

ious sediment components and established five tentative sites for control-

ling the equilibrium concentration of cadmium in the marine environment:

a. In solution
b. On exchange sites of clays and organic debris
c. As a carbonate
d. As a sulfide
e. As organically fixed by the micro-organisms

Some of these phases will be discussed in more detail in the following sec-

tions.

Solution. The principal species of cadmium present in seawater are

divalent cadmium ions (Cd2+) and cadmium sulfate (CdSO4 ).
34 Gardiner 1 4 4

presented experimental evidence that a substantial proportion of the total

cadmium in river and lake water is usually present as the free cadmium ion

and that this portion will be larger the lower the pH value and the lower the

sewage effluent present in the water.

In addition to the free ions, cadmium is also present in solution com-

plexed with a variety of inorganic and organic ligands. 144,145 Hem14 5 sug-

gested that the concentrations of cadmium in fresh water were lower than the

maximum permitted by the solubility products of carbonates and hydroxides.

Complexation of cadmium with carbonate in river and lake water has also been

144
reported by Gardiner.

Although both inorganic and organic ligands can chelate cadmium, the

organic complex has several times the metal binding capacity of the inorganic

constituents. The soluble organic fraction is composed of various types of
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chemical compounds such as humic acids, fulvic acids, carbohydrates, pro-

teins, hydrocarbons, etc., some of which can complex metallic ions.
14 6

Studies conducted by Gardiner144 showed that humic substances account for

most of the complexation, followed in importance by carbonates. The au-

thor repcrted that complexing abilities of extracted humic acid and natural

humic material in sewage effluent were comparable. This study also sug-

gested that the ratio of complexed to uncomplexed cadmium depends only on

the stability constant and the concentration of the ligand and not on the

total cadmium concentration, provided the ligand remains in excess.

Rashid and Leonard1 4 7 have shown that metal ions remain in solution in

the chemical environment in the presence of humic substances which should

otherwise precipitate if not complexed. No information is available at

present on the role of complexation in cadmium toxicity to aquatic life.

Although humic materials found in soils and sediments are recognized as che-

lating agents, the nature and chemical composition of these materials is not

well understood. For a detailed account of the nature and chemistry of humic

materials, the reader is referred to Schnitzer and Khan
2 3 and Jellinek.1

4 6

Sorption on the Solid Phase. Since concentrations of cadmium in the

overlying waters are usually far lower than the maximum permitted by the

solubility product of the carbonate, the least soluble salt in most natural

waters, sorption on the solid phase of sediment is a major factor in influ-

encing the net removal of this element from solution.14 5 The rate of ad-

sorption and desorption depends mainly on the type of solid, its state of

subdivision, the concentration of the metal ion present, the time of contact,

and the concentration of ligands present. Humic materials appear to be the
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most important c% iponent of marine sediments respons'ble for adsorption.
14 8

Price 14 3 studied the etfects of adsorption, precipitation as a sulfide

or carbonate, and organic fixation by micro-orgenisms on the relative mo-

bility of cadmium in a salt marsh. The results show that cation exchange

processes adsorb cadmium from interstitial water in increasingly signifi-

cant am nts as the solution conrantration of cadmium approaches those found

in nature (less than 20 pg/l).

Hydrous manganese and iron oxides in soils and sediments are strong

scavenging agents for heavy metal ions. Geochemists have utilized the heavy

metal scaven4ing properties of t , ese hydrous oxides in mineral exploration

;:.udies.1 1 7,14 9 Krauskopfl03 proposed that hydrated manganese dioxide and

hydrated ferric oxides were the most efficient adsorbents for removing trice

metals from the seawater. Kopp and Kroner8 0 suggested that cadmium, like

zinc, was largely adsorbed from solution on hydrolyzate sediments or pre-

cipitated as a carbonate in the rivers and lakes in the United States. How-

ever, nn experimental evidence was provided to substantiate this mechanism

for cadmium.

Jenne11 7 suggested that adsorption on clays, concentration by organic

matter, and prec.pitacion as carbonates or discrete oxides and hydroxides

as mechanisms governing the concentration of heavy metals in soils and fresh

water are inadequate to explain the fixation of cobalt, nickel, copper, and

zinc (no direct reference to cadmium). Surface and nonsurface sorption of

these metals by ubiquitous hydrous manganese and iron oxides better explains

the reported data in literature. Morgau and Stumm1 5 0 found that freshly pro-

ripitatel manganeec- atio:ide h-.3 a very significant sorption capacity for

.-.. vv metals. They reported that the distribution coefficient for heavy
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metals on freshly precipitated manganese dioxide was greater than the dis-

tribution coefficient for alkaline or alkaline earth metals, suggesting a

preferential sorption of heavy metals on hydrous metal oxides even in the

preqence of large anounts of other cations. Lee1 51 reviewed earlier work

on the role of hydrous metal oxides in the transport of heavy metals in

the environment and strongly supported Jenne's proposalI 1 7 that these oxides

act as sink for heavy metals.

Hydrous metal oxide coatings on the surface of mineral particles also

play a dominant role in the chemistry of heavy metals. Plumb and Lee1 5 2

have reported that taconite tailings derived from iron ore mining in the

Mesabi Range in northern Minnesota show significant sorption capacity for

various metal ions such as copper, zinc, and cadmitm and also for phosphate.

ThOs capacity was manifested even though the tailings, which were composed

primarily of quartz end of an iron-magnesium silicate (cummingtonite), were

a fraction of 1 percent of the total sediment under Lake Superior conditions.

The iron released from the taconite particles would precipitate on the sur-

face as a ferric hydroxide and would tend to remve phosphate and heavy

metals. A significant part of this removal was associated with surface

coatings of the mineral fragments. Unfortunately, most of the work reported

in this paper had only an indirect reference to cadmium, and the literature

on the cadmium adsorption phenomenon is meager and inconclusive.

Adsorption of cadmium on clay also plays an important role in cadmium

fixation. Using samples of 30 surface soils equilibrated with three cadmium

concentrations (5, 10, and 50 jig/g), John1 5 3 reported 98.7, 98.0, and 88.2

percent of added cadmium adsorbed, respectively. Haghlri 1 5 4 found that soil

organic matter plays an important role in retaining soil cadmium. However,
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it was suggested thar the effect of organic matter in adsorbing large quan-

tities of cadmium was predominantly through its CEC rather than chelatii.g

ability. Lagerwerff and Brower 1 26 likewise found significant amounts of

cadmium adsorbed by soils, and noted that the adsorption of cadmium in-

creased as the proportion of exchange sites initially holding sodium ions

increased. Since the divalent cadmium ion was thought to be preferentially

adsorbed, they concluded that the effect of different sodium levels on cad-

mium sorption indicated an exchange mechanism was active in cada.ium reten-

tion.

Bittell and Miller1 55 investigated the adsorption of cadmium and lead

on various clay minerals and found that in the presence of calcium ions,

lead was preferentially adsorbed as compared to cadmium. They concluded

that more cadmium will be in soil solution and thus available to plants.

Since cadmium uptake is related at least partially to solution concentra-

156
tion, this may imply that clay may not tie up as muchi cadmium in the pre-

sence of lead.

Hahne and Kroontje I0 5 developed mathematical models based on metal sol-

ubility products to study the complexation of several heavy metals with hy-

droxyl and chloride ions at concentrations found in the environment. They

reported that cadmium will be present in the divalent ionic form at pH 6

to 7; and, assuming that no other precipitation reactions occur, cadmium

will be available for adsorption on suspended mineral colloids and complex-

ation with organic matter. The formation of Cd(OH) 2 was reported to begin

at pH 9.0 and peak at pH 11.0, though, as the authors stated, such high pH

values are not normally encountered in the environment. Based on the dis-

tribution of chloride and hydroxyl species in seawater of about pH 8.5,
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they predicted that chloride complexes will predominate over hydroxy com-

plexes such that the main inorganic cadmium species in seawater are CdCl 2

and CdCl3 . However, no experimental data were presented to substantiate

the theoretical formations.

The studies discussed above indicate that the presence of mineral col-

loids, organic matter, carbonates and sulfides may have a tremendous effect

on modifying the exact distribution and speciation of cadmium in natural aqua-

tic systems.

Reaction with Sulfide. Sulfate reduction is known to take place in the

presence of sulfate-reducing micro-organisms (Desulfovibrio desulfuricans),

in submerged soils, lake and river sediments, and marine deposits depleted

of dissolved oxygen, but containing an ample organic energy source.1 5 7'1 58 ,

159,160 Harter and McLean1 61 determined that sulfate-reducing micro-

organisms function best at redox potential of -75 mv o- less and that at

redox potential levels below -75 mv, sulfate reducers were extremely active.

Connell and Patrick1 5 9 ,16 0 demonstrated that the critical redox potential

for the inception of sulfate reduction was about -150 my.

Heavy metals are reported to form sulfide complexes in a reduced en-

vironment which regulate their concentration in solution. 103,
1 62 Krauskopf1 0 3

speculated that the concentration of cadmium in seawater could be controlled

at least in part by the precipitation of sulfides in locally reduced envi-

ronments, provided that circulation of ocean water was sufficiently rapid.

Holmes et al. 1 63 suggested that the cadmium introduced into Corpus Christi

Bay Harbor from industrial effluent in the summer when the harbor was

stagnant, reacted with the sulfide ions present below the surface water and
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precipitated accoraing to the following reaction:

CdCl+(aq) + HS- ---- ) CdS(s ) + Cl-(aq)

This precipitation process is accelerated as the low redox potential bound-

ary rises and more metal diffuses into the reducing layer, resulting in a

cadmium sulfide-rich sediment. In the winter months, however, the increased

flow of oxygen-rich water into the bay results in the desorption of some of

the precipitated metal. During mixing, cadmium is adsorbed on suspended

sediment and transported through the bay. They warned that this transport

of metals previously deposited on the floor may be detrimental to the aquat-

ic environment long after the effluent from industrial process is stopped

and that this should be taken into account in coastal management.

Gardiner148 suggested that when sediments carrying adsorbed cadmium are

buried under succeeding layers and become anaerobic, cadmium sulfide will

probably be produced and the metal become fixed. About 92 percent of the

total cadmium was found in the organic and sulfide phases in the San Francisco

Bay diedged sediments. 9 This study concluded that the most important geolog-

ical phases for all metals in terms of total metal content appeared to be

the organic, sulfide, and mineral lattice phases.

Studies also indicate that solution concentrations of cadmium may be

reduced by incorporation into plant and micro-organism tissues. Certain

plants are capable of accumulating large amounts of cadmium when grown in

a medium containing a few tenths of a ppm of cadmium.
156 Ferrell et al. 164

reported that the concentration of cadmium in the shell material of modern

oysters (Crassostrea virginica) was considerably higher than the concentra-

tion in ambient seawater. Similar findings were reported for the soft tissue

165of this species by Kofler and Mayer. An investigation of the heavy metal
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uptake by Pacific oyster (Crassostrea Zigas) from the contaminated sediment

of Tasmar River, Tasmania, revealed that the concentration of cadmium, zinc,

and copper found in the oysters were 10 to 40 times the concentrations in

inhabited mud.91 Ayling 91 reported that cadmium was accumulated in the oys-

ters by a process that depends primarily on the concentration in the mud.

The mean concentrations of cadmium in oysters and mud samples ranged from

4.2 to 134 ug/g and 0.4 to 5.7 pg/g, respectively.

Price14 3 indicated that ingestion and fixation of cadmium by micro-

and macrofauna represent a significant immobilization of this metal, par-

ticularly under anaerobic conditions. Fixation of cadmium by organic ma-

terials in the sediments has also been reported by Krauskopfl0 3 and

Gardiner.144 ,148

Price1 4 3 studied the influence of redox potential and pH on the trans-

formations of cadmium in Barataria Bay marsh sediments and reported that

cadmium in solution decreased with increasing pH and redox potential due to

cadmium carbonate (CdCO3) formation. Likewise, cadmium in solution decreased

with decreasing redox potential due to sulfide formation. However, the ex-

perimental data indicated that the solution phase was supersaturated with

respect to both salts such that the lowest measured cadmium level in solu-

tion was over 200 jig/l. Thus these discrete cadmium solid species could

hardly exert control at cadmium levels found in nature (20 pg/1).

Although the literature reported here is indicative of the different

forms of cadmium existing in the sediment-water systems, it does not offer

much information on the behavior of this element under conditions where re-

dox potential or sediment pH is altered during dredging and disposal opera-

tions in navigable waterways. Chemical equilibrium models discussing the
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influences of oxidation-reduction potentials and pH on the theoretical spe-

clation of cadmium have been extensively discussed, 25 10 5'1 62 but the ex-

perimental evidence of these reactions in the aquatic environment is lacking.

Mercury

Geochemistry and Cycling in the Environment

Mercury is a naturally occurring metallic element and is one of the

least abundant elements found in the earth's crust. One estimate ranks mer-

cury 74th in abundance in a list o2 90 elements.1 66  It is found in the at-

mosphere, water, soil, rocks, and biological ecosystems of the earth in a

number of chemical forms. In the elemental state, it exists as a liquid

at the surface of the earth and as such will vaporize into the atmosphere

and condense as determined by its vapor pressure and the barometric pressureI 167
and temperature of its environment. It may also exist in a cationic form

which results in its electrostatic adsorption to minerals and humic substan-

ces such as found in soils, rocks, and water. In addition, mercury is found

in several organic combinations. Some organo-mercurial substances are man-

ufactured because of their commercial importance, and some are known to be

produced in natural ecosystems. Organo-mercurial compounds are environmen-

tally important because of their mobility and well-known toxicological prop-

erties.

The U. S. Geological Survey1 6 7 reported that the range of mercury in

a broad category of rocks was from 10 to 20,000 Pg/kg. Although greater

than background levels are found in many ores, only cinnabar ores contain

sufficient mercury to serve as a commercial source for this metal. Rocks

near ore deposits or organic-rich shales contained the most mercury. In
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soils, the U. S. Geological Survey16 7 found an average concentration of 71

Pg/kg mercury. Mercury is found in the atmosphere because of its tendency

to vaporize. In most areas surveyed, the concentration of mercury in air

ranged from 0.003 pg/m3 to 0.009 pg/m 3 . Concentrations ranging up to 20

pig/m 3 were found in the air over mercury, copper, and other precious metal

167
mines. Precipitation washes mercury out of the atmosphere into soil

and surface waters. Mercury washed into soil from the atmosphere may be

bound tightly to the mineral and humic material in the upper few centimeters

of soil. Mercury is naturally distributed in ground and surface waters as

a result of contact with water in the atmosphere, soil, and rock during sur-

face and subsurface drainage. The natural levels of mercury in surface wa-

ters, except where influenced by special geologic conditions, is generally

less than 0.1 Vg/l. Higher concentrations of mercury are likely to occur

in underground water because of groundwater's longer contact time with mer-

cury-containing mineral and organic material and certain environmental fac-

tors.

Because of its tendency to be sorbed readily by a variety of earth ma-

terials, bottom sediments and suspended particulate matter in weter are more

likely to contain higher concentrations of mercury than the associated over-

lying water, regardless of the source of the mercury.

Suspended material in surface waters may contain from 5 to 25 times

the mercury found dissolved in the surrounding water in areas of industrial

pollution. Although normal stream water with a p1l of 5 to 9 can contain up

to about 25 pg/l of mercury when saturated, the concentration downstream from

a mercury source is generally much lower because of dilution, vaporization,

precipitation, sorption, and chemical reactions.
1 67
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Mercury occurs in the environment as a result of natural processes,

but man-made sources of this element have added substantially to the total

load of mercury in the ecosystem.

The principal forms of mercury pollutants commercially discharged into the

environment and the primary sources of these compounds are the following:

(1) metallic mercury, Hgo (chloralkali and instrument plants); (2) inorganic

divalent mercury, Hg2+ (chloralkali plants); (3) phenylmercury, C6H5Hg+ (paints,

pulp, and paper plants); (4) methylmercury, CH3Hg+ (agriculture); and (5)

methyoxyethyl-mercury, CH3OHgC2H5 (agriculture).
1 68 Losses to the environ-

ment of mercury and mercury compounds from industrial processes in this coun-

try are estimated at 600 tons per year and superimpose a significant amount of

man-made pollution upon the pattern established by nature.1 67 Recent studies

by an Interior Department task force revealed mercury contents of many in-

dustrial outfalls and sludge banks to range froma trace to 100,000 hg/kg.
1 6 7

The single largest source of mercury pollution during 1968 was derived

from inventory losses suffered by the chloralkali plants.1 69 Mercury cata-

lysts employed for acetaldehyde and vinyl chloride manufacture and mercury

formulations used as seed dressings have also promoted serious consequences,

even though such usage represents a small percent of the total mercury con-

sumption.170 The dissipative uses of mercury include paints, agriculture,

dental fillings, catalysts, paper and -ulp manufacture, and pharmaceuticals,

a total of 26 percent of the mercury demand of 1968.167 Other man-made sources

include unsalable outputs as mine tailings and vapor released by the mining

and smelting of mercury. Although these sources are difficult to quantify,

nevertheless, high stream and lake water levels of mercury have been attributed

to dump material and tailings. Also during the refining process, ore is heated
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to liberate mercury as a vapor, which is then collected in condensers.

Stack losses during the process should not exceed 2 to 3 percent, although

much higher losses have occurred. A stack loss of 3 percent would mean

that about 31 tons were emitted into the atmosphere from smelting during

1968.171

Klein and Goldberg 72 estimate that the annual worldwide production of

mercury is over 7,000 metric tons and that fror 25 to 50 percent of this may

be discharged into the environment. This quantity of mercury from man's

activities compares with 230 tons estimated to reach the world's oceans from

natural weathering of mercury-containing rocks and minerals and 36,000 tons

emitted into the atmosphere by natural evaporation.1 73 Thus mercury pol-

lution from technology should probably be considered a problem, not so much

from total quantities discharged, but from the standpoint that man-made in-

puts of mercury into the environment tend to be concentrated in relatively

localized areas, particularly In water courses near large industrial or metro-

politan areas.

From results of various tests throughout this country, some believe that
169

mercury is present in excessive amounts in all segments of the environment.

Mercury is subject to many complex transitions and pathways between

its source (mined cinnabar ores) and the surface waters and underlying sedi-

ments which generally serve as sinks for this metal. Waterways have histor-

ically been the recipient of industrial, municipal, and agricultural waste

discharges containing mercury as well as other metals. This is the basis

for concern over trace metal transformations induced by dredging and dredged

material disposal which may affect the bioavailability of these metals.
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Mercury and Environmental Quality

Mercury has been known to be detrimental to human health for a long time.

But only in this century, or perhaps more accurately since the midpoint of

this century, has the mercury threat to man and his environment become under-

stood sufficiently well for mercury pollution to receive the attention it

deserves. In the early 1950's a mysterious disease appeared in Japan, which

seriously affected scores of people, many of them fatally.1 74 The disease

occurred most frequently in fishermen and their families and was linked at

first to fish in their diet and ultimately to industrial mercury-containing

waste discharges into Minamata Bay. Since then, the occurrence of a few

similar episodes in various parts of the world and the discovery of signifi-

cant levels of mercury in some fish in many countries have resulted in much

research into the bffects of mercury on environmental quality.

Goldwater and Clarkson1 7 5 have compiled data from several sources avail-

able on mercury levels in food from the mid-1930's to the mid-1960's. While

acknowledging the possibility of variation due to differing analytical pro-

cedures, they concluded that mercury levels in food probably did not change

significantly during this period, but that the mercury concentrations in

certain foods may have increased some in the last few years. However, it

was suggested that inorganic mercury in food and water currently poses little

threat to human health.

Though mercury is not known to be an essential element in the biosphere,

it is assimilated by all organisms in environments which contain it. Fruit,

vegetables, and grain have been shown to contain mercury up to a few hun-

dredths of a ppm.
1 7 6'1 77'1 78

The mercktry cowent of marine algae ranges from 0.023 to 0.037 jig/g,
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which is several hundred times the accepted concentrations for seawater.
179

The degree of toxicity of environmental mercury is very much depen-

dent upon its form and how it enters an organism. Metallic mercury can be

swallowed without adverse effects, while inhalation of metallic mercury

vapors, usually as a result of occupational exposure, has long been known

175to have an adverse effect on human health. Inorganic mercury salts as

well as certain organic mercury compounds are known to be only moderately

toxic. The greatest danger to human health is from certain alkylmercury

174
compounds. Though several are known to be extremely toxic, methylmercury

has received the most attention as it was apparently the form responsible

for the Minamata Bay incident. Methylmercury has been found to be the pre-

dominant form of mercury in the biological cycle.1 79 Since most of the mer-

cury released into waterways is in the inorganic form and most mercury in

fish is present as methylmercury, there is much interest in the mechanisms

and location of mercury transformations in sediment, water, and biological

systems resulting in its accumulation in the food chain.

Inorganic mercury has been shown to be methylated biologically from

micro-organisms isolated from sediments.1 68 ,18 0 Once formed, methylmercury

may complex with anions and diffuse to surface sediments or the cverlying

water column and be assimilated by organisms.

Harriss et al. 1 81 have reported the effects of several organo-mercury

compounds on phytoplankton. The degree of toxicity was indicated by the

compounds' effect on photosynthesis as measured by fixation of carbon-14--

labelled sodium bicarbonate (NaHCO3). The four compounds tested gave sig-

nificant reductions in photosynthetic ability and cell growth in concentra-

tions as low as 1 pg/kg. A concentration of 50 pg/kg completely inhibited
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carbon-14 fixation and cell growth. The authors concluded that the maximum

permissible concentrations for mercury in drinking water (5 pg/l in the

U. S.) are well above the levels which would have adverse effects on phyto-

plankton.

Lagerwerff1 82 reported that the average daily intake of mercury in the

United States is 40 to 100 pg per person, depending on the amount and kind

of meats (particularly fish) in the diet; and that the work in Sweden suggests

that a daily intake of 300 pg mercury per day is associated with minimum

blood levels at which toxic symptoms have been found.

The previous discussion of the effect of mercury in the environment,

though brief and incomplete, indicates that mercury is a potentially serious

environmental contaminant, and that the sediment-water system and associated

organisms are important to the chemical and biochemical transformations affect-

ing its availability and toxicity. Wallace et al. 17 9 and Lagerwerff1 8 2 pre-

sent a more complete review of mercury in the environment, and the clinical

aspects of mercury in man thatbeen reviewed by Goldwater and Clarkson.
17 5

Mercury Levels in Sediment-Water Systems

Since water and sediments are recipients of much of the waste mercury

in the environment, it is important to know something of the levels of mer-

cury found in the sediment-water system. Goldwater and Clarkson 1 75 stated

that little attention was given to mercury in water in the United States

prior to 1970. Therefore, it is difficult to determine what background or

natural levels were prior to the widespread use of mercury for industrial

and agricultural purposes during the last 20 years.

167In 1970, the U. S. Geological Survey reported the results of a survey
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of the mercury content of selected streams in the U. S. and found a range

of values from <0.1 to 6.0 jg/l. Most streams contained less than 1 Pg/l

and many less than 0.1 )jg/l. Walters e al.18 3 reported the mercury con-

cent with depth in water samples from the western basin of Lake Erie and

found the sample means ranged from about 0.10 to 0.15 lig/l.

The mercury conteat of seawater is 0.03 jig/.
10 0 Chau and Saitoh1 8 4

reported that the mercury levels of all of the Great Lakes are similar and

range from 0.13 pg/l to 0.18 ug/l. Most of these reported mercury levels

in surface water are for total mercury and do not distinguish between mer-

cury in solution and that adsorbed on finely divided, suspended particulate

matter.

Though it appears that only low levels are found in most waters, much

higher concentrations are found near the sources of mercury-contaminated

discharges into waterways.
1 67

Several recent reports are available on the mercury content of sedi-

185ments. Syers, Iskandar, and Keeney determined the vertical distribution

of sediment mercury in several hard- and soft-water lakes in Wisconsin and

found that background levels in sediment deposited prior to the time of

cultural uses of mercury ranged from 0.01 to 0.24 jg/g. In lakes contam-

inated by cultural uses of mercury, the measured concentration was higher

in surface horizons and decreased with increasing depth. This indicates

that mercury is relatively imobile in undisturbed sediments. Thomas1 8 6 re-

ported background levels of mercury in Lake Ontario sediments to be 0.03 to

0.06 ig/g. Andren and Harriss 18 7 reported data for total mercury and methyl-

mercury in Mobile Bay, Mississippi River Delta, and Florida Everglades sed-

iments. Of the samples collected, the total mercury in each of the sediments
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ranged from 0.21 to 0.60 pg/g, 0.08 to 0.57 pg/g, and 0.12 to 0.49 Vg/g, re-

spectively. Oliver 98 reported the background levels of selected trace metals

in Ottawa and Rideau River sediments near Ottawa, Canada, and found 0.28

and 0.20 pg/g mercury, respectively. However, sediment samples collected

near three known discharges of mercury-contaminated wastes were around 2

pg/g, and this level dropped to about 0.75 Vg/g approximately one mile down-

stream from each discharge site. In contrast, a sediment sample obtained

near a sewage treatment plant contained over 200-ug/g mercury.

From seven sediment sampling sites in the Florida Everglades, Lindberg

and Harriss 21 found that mercury ranged from 0.28 to 1.50 gg/g in the sur-

face 10 cm. They found 0.50 and 0.22 pg/g total mercury in the surface

10 cm from two sites in Mobile Bay. This was of interest since Mobile Bay

was thought to receive considerably more mercury in effluents from anthro-

pogenic sources. The mercury content of the interstitial water ranged from

0.26 to 3.60 vg/l in the top 10 cm of the Everglades sediment samples and

was around 1 Ug/1 for the same depth interval in the Mobile Bay samples.

This was reported to be 2.6 to 36 times the concentration of dissolved mer-

cury in the overlying surface waters at these sites.

Skoch and Turk1 88 reported the sediment mercury content at sites in

Lake Erie as a function of different sampling techniques and time during

the 1964 to 1968 period. Sediment levels of mercury generally ranged from

0.5 to 1.0 pg/g and varied considerably with time. Fluctuations in the mer-

cury content generally followed chpnges in other sediment components such

as iron and organic carbon.

From the previous references, it is apparent that the total mercury con-

tent of sediments is three orders of mantude or greater than the concentra-

tions reported in natural waters.
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This reservoir of mercury in sediments and the greater soluble mercury

in the interstitial water fraction make it important to understand the

chemical and physical factors which are involved in the exchange of mercury

between sediments and the overlying water. It is also important to under-

stand the effects of altering the physical and chemical environment of sed-

iments, as occurs during dredging and disposal, on the levels of mercury in

water.

Chemistry of Mercury in Sediments and Overlying Water

From the previous discussion it is apparent that most of the mercury

associated with undisturbed sediments is not in a soluble form. Since the

physical and chemical behavior of mercury in the environment is dependent

upon the species with which mercury complexes, the forms of mercury in

sediment-water sy;tems must be characterized.

LiskI0 2 summarized several literature reports on the physicochemical

data for selected metals. The solubility product constant (Ksp) for mer-

cury with carbonate, hydroxide, and sulfide reported were 10-16, 10-25,

and 10 - 5 3 , respectively. The reported stability constant (log K) with EDTA,

an organic chelate, was 21.8, indicating a strong bonding with organic mat-

per. These values indicate that mercury forms strong, stable bonds with

many of the components found in natural water systems. For co.,arison, the

solubility product constant and stability constant for mercury ,dth every

species mentioned abovc was greater than for lead, cadmium, ni..:'el, and silver.

Hahne and Kroontje I 05 calculated the effects of chloride anzJ pH on the

forms of mercury in aqueous systems from formation and solubilit. product

constants. In a pure water system, the mercuric hydroxide (Hg(OhW))
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precipitate complex predominated at pH levels common to sediments and soils.

Unlike zinc, cadmium, and lead, mercury was shown to form several chloride

complexes at low chloride concentrations. For a mercury-chloride system,

the predominant species reported as chloride concentration increased were

HgCl+, HgCl 2 , and HgCl. The chloride concentrations at which each of these

compounds predominated were reported to be 0.0035 mg/l, 3.5 mg/l, and 3,550

mg/l, respectively. Above 3,550-mg/l chloride, the HgCl 4 2- form predomin-

ated. When chloride and pH were considered in a mixed system at pH 8.5,

mercuric hydroxide (Hg(OH)2) was the dominant form expected at chloride con-

centrations normally found in freshwater systems. It should be kept in

mind that in a natural system, there are many other species with which mer-

cury can complex.

Morel, McDuff, and Morgan4 3 also used models to predict the forms of

various metals found in mixed inorganic systems in the pH range from 5 to

9.5. They listed mercuric chloride (HgCl2) and mercuric hydroxide (Hg(OH)2)

as the predominant mercury species expected in an aerobic system. Mercuric

chloride (HgCl2) was more important at the lower pH levels computed, and

mercuric hydroxide (Hg(OH)2) predominated at a higher pH. In a reduced en-

vironment, the predominant species expected as pH increased over the range

of 5 to 9.5 were HgS, Hg0 , HgS2"2, and Hg(SH)2.

Mercury may interact with organic matter to form combinations which

are soluble or insoluble. These reactions are important in influencing the

bioavailability of mercury. The formation of soluble mercury compounds is

generally expected to increase its bioavailability whereas mercury complexa-

tion with insoluble organic material decreases its bioavailability. Mercury

is generally found to be positively related to the organic carbon content of
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the sediments. 1 8 6 , 1 8 8 However, a good correlation is not always found.

Syers, Iskandar, and Keeney 1 8 5 have shown that the mercury and organic car-

bon profiles of selected Wisconsin lake sediments can bear a close resem-

blance or almost no similarity.

In a study of mercury-organic matter associations in sediments, Lindberg

and Harriss21 reported that interstitial dissolved mercury is much greater

than is dissolved mercury in the overlying surface water. They presented

evidence that this may be due in part to formation of soluble mercury-organo

complexes. For samples from both the Everglades and Mbbile Bay, total mer-

cury was significantly related to the total organic matter content (r-0.80).

In addition, they found a good correlation between dissolved mercury and

dissolved organic carbon in the surface interstitial waters (r-0.81), but

a poor correlation in subsurface layers in the Everglades sediment.

The total mercury content was greater in the relatively unpolluted

Everglades sediment, most likely because of the much greater total organic

matter at these sites. However, the ratio of total and dissolved mercury

to total and dissolved organic carbon respectively, was greater for the mori

polluted Mobile Bay sediments, indicating the importance of organic matter

complex formation with mercury added from waste discharges.

The strong correlation between mercury and dissolved organic carbon

suggests that soluble organo-metallic complexes are involved in the mercury

and other trace metal enrichments in the interstitial water. These re-

searchers21 fractionated the dissolved organic carbon into four molecular

weight fractions (>100,000; 100,000-50,000; 50,000-500; and <500) and

found a good correlation (r-0.94) between dissolved mercury and dissolved

organic carbon in all four molecular weight fractions for both sites studied.
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For the Everglades samples, most of the soluble mercury (and thus dissolved

organic carbon) was found in the <500 molecular weight fraction while the

>100,000 molecular weight fraction contained most of both interstitial water

components from Mobile Bay.

From this report, it appears that much of the interstitial soluble

mercury may be present as organo-metallic complexes rather than as free

ions. It is likely that this would be true of the low soluble mercury levels

found in surface waters. Also, based on the general relationships reported

for total mercury and total organic carbon, a large proportion of the total

sediment mercury load may be present as an insoluble organo-mercuric com-

plex in some sediments. However, other sediment constituents, such as sul-

fide precipitates, which may or may not be correlated with total organic

matter, may be important complexing agents for mercury and should also be

considered. The availability of mercury complexed with insoluble organic

matter would depend greatly upon the stability of the complex and little in-

formation is available on the topic. Lindberg ard Harriss 21 reported that

increasing salinity tends to have a negative effect on mercury-organic mat-

ter complexation, which suggests that some mercury may be released from or-

ganic complexes if a sedimevt is transported to a more saline environment

for disposal. Also, they found a decreasing correlation between dissolved

mercury and dissolved organic carbon with increasing depth, which may suggest

a lack of organo-metallic complex stability with time.

There are numerous chemical and biological transformations of mercury

which affect its oxidation state and availability. Baughman et al.1 8 9 rec-

ommended that research should be done to determine the influence of the redox

properties of sediments on the oxidation-reduction reactions of mercury.
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In a strongly reducing environment, mercury may be present in the ele-

mental form as (Hg0) or as the sulfide (HgS). Under oxidizing conditions,

the sulfide complex may be slowly transformed into mercuric sulfate (HgSO4),

which dissociates rapidly, releasing inorganic mercury into the web of geo-

chemical and biological interactions. An oxidizing environment will also

promote the conversion of metallic mercury to ionic mercury, particularly

if there is soil material present with which the resulting inorganic mer-

cury can firmly bind. Mercuric conpounds which are transported to the earth's

surface will generally degrade to metallic mercury and may volatilize under

the action of sunlight. 1 71 However, mercury compounds which are washed

into anaerobic river and lake bottoms may be converted to the insoluble

and unavailable sulfide form (if hydrogen sulfide is present) or to metal-

lic mercury, depending somewhat on the pH.
4 3

Alberts, Schindler, and MilleA 90 report the reduction of the mercuric

ion to elemental mercury in the presence of humic acid. In the study de-

scribed, about 33 percent of the initial mercuric ion was reduced to metal-

lic mercury in 290 hours. The process was thought to occur chemically rather

than biologically.

According to Hem (Jonassonl71), under the usual conditions of temper-

ature and pressure that occur in river, lake water, and water-saturated

sediment, mercury can be present in one or more of three different oxida-

tion states. The most reduced of these forms is the metal which is a liquid

at ordinary temperatures. The metal has a high vapor pressure and is there-

fore very easily volatilized. The other two forms are ionic. The more re-

duced of the two ionic forms is the mercurous ion (Hg2 +), where the valence

of mercury is +1. Under oxidizing conditions, especially at low pH,
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the stable form is the mercuric ion (Hg2+ ). At the conditions of pH and

redox potential likely to occur in aerobic or anaerobic sediments (pH 5 to

9 and redox potential less than 500 my), metallic mercury (Hg0 ) and mer-

curic sulfide (HgS) are the principal species likely to enter into an equi-

librium affecting the solubility of mercury. Mildly reducing conditions,

as are likely to occur in many lake and streambed sediments, can cause mer-

cury to be precipitated as the sulfide. Very strongly reducing conditions,

however, may increase the solubility by converting the mercuric ion to free

metal. In solutions that are high in chloride, the solubility of mercury

in oxygenated water may be greatly increased by the formation of the un-

charged HgCl 2 complex, or anionic complexes such as Hg1 4
2 .

Even though it has been shown that the greatest amount of pollutant

mercury is in the inorganic form, the predominate form found in the biolog-
179

ical cycle is methylmercury. As previously discussed, organo-mercury

compounds, especially methylated forms, are by far the more toxic forms of

mercury.51  Inorganic mercury can apparently be easily converted to methyl-

mercury. The mercuric (Hg2+ ) ion is converted to methylmercury in rotting

fish and by micro-organisms.1 68 Where mercury is present in anaerobic

sediments, as the insoluble sulfide, methylation does not occur. However,

if the sulfide is incubated in an aerobic sediment, methylation may occur

as mercuric sulfide (HgS) is oxidized to mercuric sulfate (HgSO 4 ). 1 9 1

Andren and Harriss18 7 studied levels of methylmercury in estuarine

sediments from Mobile Bay, the Mississippi River, and the Everglades. They

found that methylmercury accounted for an average of only 0.03 percent of

the total sediment mercury and never uore than 0.07 percent in the sediments

studied. They concluded that methylation of mercury plays only a small role
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in influencing levels of dissolved mercury in interstitial water and sug-

gested that the future studies of the toxicological nature of methylmercury

should emphasize the biological production of this form of mercury from

inorganic mercury. Presumably, they mean methylmercury production within

the consuming organisms or perhaps in the organisms used as food by other

species.

Sorption-Desorption Reactions of Mercury. There is relatively little

quantitative data on the sorption and desorption reactions of ionic mercury

by soils and sediment material in the literature. Possible binding mech-

anisms are: (1) sorption by hydrated metal oxides, (2) surface sorption or

ion exchange on soil minerals, and (3)sorption or chemical bonding with or-
192

ganic matter. Sorption-desorption reactions of mercury with sediment

minerals may result in mercury removal from water or a net release into water.

Bothner and Carpenter19 3 reported sorption-desorption laboratory stud-

ies of mercury with suspended matter in the Columbia River. From 60 to 75

percent of the total naturally occurring mercury in unfiltered water was

associated with the particulate materials.

In sorption studies using inorganic radiotracers, they found about 50

percent of the added mercury was taken up by the suspended matter in 10 hours

with. a small additional uptake between 10 to 60 hours. Methylmercury was

sorbed at similar rates and concentrations. They also reported that about

half of the inorganic mercury was loosely held as it could be removed or de-

sorbed by filtered river water containing low levels of mercury. Following

a series of freshwater rinses, a seawater rinse resulted in small additional

amounts of inorganic mercury being removed. More (60 to 75 percent) of the
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methylmercury could be removed by filtered river water, but again, subsequent

washes with filtered seawater removed only a small additional amount.

Though this work suggests that the transition of suspende4 matter from

fresh to salt water results in little increase in desorption of mercury,

it should be kept in mind that the study was conducted in a continuously aer-

obic environment. In a dredging situation, - dispersal of anaerobic fresh-

water sediments into an oxygenated water column with subsequent reduction

upon settling may result in greater release due to an interaction between

the increased ionic strength or salinity and a change in the oxidation state

of the sediment material. These authors mention the work of DeGroot using

suspenaed matter from river and offshore sediments in Europe in which salt

water did significantly increase desorption. Unlike the Columbia River study,1 93

DeGroot's material was likely reduced before it was placed in suspension.

Feick et al.1 92 showed that calcium chloride (CaCI2) and sodium chloride

(NaCl) used for deicing roads can greatly increase the release of mercury

from highly contaminated sediments.

Reimers and Krenkel194 reported an extensive study on the kinetics of

mercury adsorption and desorption on selected sediment mineral components and

simulated organic components in well-oxidized environments. They used mont-

morillonite, illite, kaolinite, three sand fraction sizes, and three organic

functional groups (carboxyl, amine, and mercaptan attached to long aliphatic

chains) to represent sediment components. Using the sediment components de-

scribed, they studied the effects of three pH levels (5, 7, and 9) and three

chloride levels (=0, =100, and =10,000 pg/g) on mercury adsorption. Both

inorganic and methylmercury were studied. The capacity of the clay miner-

als to adsorb inorganic mercury was reduced by an increase in the chloride
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concentration. Kaolinle exhibited the greatest reduction in mercury ad-

sorption as chloride concentration was increased. Clay mineral type could

therefore play an important role in determining trace metal release from

freshwater dredged material disposed of in salt water. Since little pH

effect was noted and because a mercury chloride complex does not exist at

high pH, the authors suggested the reduction in mercury sorption with in-

creasing chloride concentration might be due to a competitive ion effect

between mercury and sodium. This suggests that ion exchange with clay min-

erals may be an important regulatory mechanism for mercury. The carboxyl

functional group (stearic acid) showed a similar response to chloride lev-

els while the other functional groups showed no chloride effect. Although

there was no pH effect with kaolinite, sand, and stearic acid, illite and

montmorillonite did show a pH effect with highest sorption capacity occur-

ring at pH 5 at the lower chloride levels. They concluded that desorption

of inorganic mercury was slight for all components investigated except for

illite at high chloride concentrations and pH levels greater than 7, and in

sands when the chloride concentration was high.

Lockwood and Chen1 9 5 examined the adsorption of the mercuric ion (Hg2+)

by hydrous manganese oxides. Considering the influence of pH, ionic strength,

and sodium chloride levels on this process, they concluded that hydrous ox-

ides of manganese may be important in scavenging mercury in fresh or brack-

ish natural water systems. It was pointed out that mercury differs from

many other divalent metals used in adsorption studies since the dominant

species above pH 3 is the uncharged metal oxide hydrate (Hg(OH)2). When

the chloride in solution is considerably less than that in seawater, mer-

curic chloride (HgCI2) may also adsorb to a considerable degree. The presence

83



of chloride at concentrations approaching that of seawater retards mercury

adsorpti3n up to pH 10. They noted a pH effect on adsorption rates.* Where

the pH was lower than 7, the rate of adsorption up to apparent equilibrium

values was much faster than when the pH was above 7. In addition to the

rate of adsorption decreasing as pH increases, they presented data indicat-

ing that the total mercury adsorbed decreases as pH increases above 4.

Mercury Precipitation with Sulfide. Mercuric sulfide (HgS) is an ex-

tremely insoluble compound. Dissolved sulfide typically found in reduced

soils and sediments should effectively remove mercury from solution by pre-

103,179 196cipitation. Engler and Patrick's work with several metal sulfides

indicated that mercuric sulfide was more stable in reducing soils than sul-

fides of manganese, iron, zinc, and copper, as measured by labelled sulfur-

35 uptake by rice plants (Oryza sativa L.). However, they pointed out that

mercury toxicity may have been a factor in this particular experiment.

Lindberg and Harriss 21 found that the measured mercury content of in-

terstitial water from Mobile Bay and Everglades sediments was 10 1 3 to 1031

times greater than the concentration calculated from the solublity of mer-

curic sulfide. It was suggested that mercuric sulfide may be present in a

relatively soluble polysulfide complex which might account for much of the

dissolved mercury observed in these samples. They refer to previous calcula-

tions by Lindberg supporting the contention that polysulfide complexes may

be involved in producing mercury enrichment of interstitial water.

Effects of Dredging on Mercury Transformations

Windom 32 conducted a study to evaluate how a Georgia salt marsh sediment

responded chemically to dredged material disposal. Sediment samples were
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analyzed before and after deposition for sulfide and selected metal concen-

trations, redox potential, and pH. Samples collected from the dredge dis-

charge pipe and allowed to settle after collection showed that dissolved

mercury, unlike the other metals studied, did not show an initial lowering

followed by an increase to near normal upstream river levels. Instead, the

dissolved mercury content in this simulated settling experiment showed lit-

tle change from upstream levels during the six-day settling study. The dis-

solved concentration in effluent water from a diked disposal area showed no

increase over the mercury content of the river water upstream from the dredge.

In a later report, Windom1 01 investigated changes in heavy metal con-

centrations as a result of dredging in the Mobile Bay ship channel. Dis-

solved mercury showed no clear increase in samples collected from around an

operating dredge. A subsequent sampling network was set up around the dis-

charge end of a disposal pipeline. Although the discharge may have had

some influence on the concentration of other metals studied, there was lit-

tle indication of any influence on the dissolved mercury level. In a simu-

lated dispersion study in which the dissolved metal content of a water-

sediment system was determined periodically after an initial dispersion,

there was little change in the level of mercury relative to its initial con-

centration in the water.

In another stady of mercury chemistry as influenced by dredging in Mobile

197Bay, Lindberg, Andren, and Harriss concluded that mercury deposited into

Mobile Bay is effectively removed by sediments. They reported the results

of a study in which pH, redox potential, dissolved mercury, salinity, and dis-

solved organic carbon were measured in well-mixed sediment-surface water sys-

tems of marsh sediments near Mobile Bay as well as dredged material from the
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bay. Upon resuspension and continuous mixing, they observed an initial in-

crease in dissolved mercury in both systems which corresponded to a drop in

redox potential and a change in pH. However, a subsequent decline in mer-

cury levels and the appearance of a second me ctry concentration peak did

not seem related to redox potential in either system. In the marsh sediment,

dissolved mercury corresponded fairly well with fluctuations in dissolved

organic carbon, but this was not the case for the dredged material suspen-

sions. After the initial increase in mercury concentration upon suspension

of the sediment, it was suggested that the subsequent decline in dissolved

mercury levels might be attributed to the scavenging effect of iron and man-

ganese oxides likely formed upon suspension of the sediments in an oxygen-

ated water column. However, Windom1 01 has presented evidence suggesting

that hydrous ferric oxide may have little influence on the dissolved mercury

concentration in Mobile Bay. Mercury levels did not follow the changes in

iron concentration in Mobile Bay as did some other metals such as lead ano

cadmium.

Arsenic

Arsenic is a toxic metal in all of its cnemical forms, and, in suffi-

cient concentration, it will cause death or injury to humans, animals, and

plants. The chronic clinical symptoms due to ingestion and inhalation have

been described by Dinman, 1 9 8 and, unlike symptoms of acute arsenic intoxi-

cation, early manifestations include subjective complaints and such non-

specific symptoms as weakness, malaise, abdominal complaints, and pains in-

volving the extremities. The most common ailments of those occupationally

exposed to arsenic are dermatitis, perforation of the nasal septum, and even
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ulceration of the skin. Penrose and Woolson1 99 reported that chronic arsenic

poisoning frL2 highlevels in drinking water has been observed in Taiwan,

Ontario, Minnesota, Chile, and elsewhere. However, in their review of the

occurrence of arsenic in the environment, no instances of poisoning by ar-

senic accumulated naturally by food organisms were discovered.

Arsenic and cancer, especially skin cancer, have been associated for

over 100 years, but the objective validity of the association has not been

established.1 9 9'20 0 The belief that arsenic can cause human cancers is

supported by epidemiological data showing correlations between incidences

of cancer and high levels of arsenic in water supplies and by industrial

studies of occupational exposure to arsenic.20 1,2 02 Tseng et al.2 03 estab-

lished a strong geographical correlation between arsenic levels in water

in the "black-foot disease" area of Taiwan and the skin cancer rate. They

also established a statistically indisputable association between skin cancer

and hyperpigmentation, hyperkeratosis, and the black-foot syndrome. However,

attempts to induce cancer in animals under controlled conditions have been

unsuccessful.2 04'205 Although the relationship between arsenic and cancer

remains unclear,199,20 0,206 the potential carcinogenicity of arsenic is

perhaps the single most important aspect of concern with arsenic in the

environment.

Occurrence and Sources of Arsenic in the Environment

Though present in small quantities, arsenic is considered to be ubiqui-

tous in the upper lithosphere. Concentration in rocks ranges from 1.5 to

10 pg/kg.200 It is frequently found in combination with sulfur, selenium,

telurium, and as sulfosalts and arsenides of various heavy metals such as
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copper, iron, nickel, and cobalt. Arsenopyrite (FeAsS) is the most abun-

dant and widespread mineral of arsenic found in nature.

Arsenic for commercial use is recovered as a by-product from the treat-

ment of sulfidic lead and copper ores. It is mainly used in herbicides and

insecticides. Other uses of arseniL include the manufact re of alloys,

semiconductors, pigments, medicine, and chemical warfare agents, such as

the nerve gas lewisite.

The natural weathering of arsenic-containing rocks is the main source

of the trace amounts of arsenic commonly found in unpolluted waters. The

major sources of arsenic pollution related to civilization include indus-

trial wastes, increased land erosion, mining processes, burning of coal, and

the use of arsenic-based insecticides and herbicides.

Concentrations of arsenic in seawater range from 2.0 to 6.0 jig/l.34

Arsenite is the main inorganic form of the arsenic present in seawater.
199

Arsenic levels in freshwater vary depending on the source of contamination

and geological processes. Levels ranging from 1 to 10 pg/l are generally

found in the uncontaminated waters. However, levels of 0.4 to 10,000 1g/l

arsenic have been reported in the literature.199 The U.S. Public Health

Service recommends a maximum of 10 Ug arsenic/l in the drinking water and

states that values exceeding 50 pg/l would indicate water unfit to drink.

Sediments from Lake Michigan analyzed for arsenic contained levels irom

2 to 43 Ug/g, with most containing between 4 and 9 Ug/g.207 Portmann and

Riley208 found 6.6 .g/g in a red clay sediment from a sampling site in the

western Atlantic. Levels as high as 290 to 980 g/g have also been reported

in the sea bottom near a smelter. Although significant amounts of arsenic

have been found in sediments, very little is known of the significance of
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sediment-bound arsenic to the arsenic cycling in the environmental cycling

of this element.

Arsenic Chemistry of Soils ai.2 Sediments

Arsenic exists in three oxidation states: metallic (As0); trivalent

(As3+); and pentavalent (As5+). The reduced state of arsenic (As3+ ) is

considerably more soluble than the oxidized state (AsS+).20 9 Reed and

Sturgis,210 working with rice soils, provided conclusive evidence that re-

duced arsenic compounds were specially toxic to plants. They were unable

to account for all of the arsenic lost in their field experiments and sug-

gested that some may have been reduced to As3- and lost as arsine (AsH3).

Keaton and Kardos 211 demonstrated that the arsenate (As03 3-) form of

arsenic was fixed to a much greater extent than the arsenite (AsO) form

and proposed that the "arsenic fixing power" of the soil was influenced by

its state of oxidation. They found that additions of iron oxides to soils

with high arsenic concentrations increased the redox potential of the soil.

This resulted in a greater arsenate/arsenite ratio and subsequently an in-

crease in the fixation of arsenic by the soil.

The studies cited above indicate that arsenic solubility in the soil

solution is increased under reduced conditions, which implies that arsenic

will be more available for micro-organisms and higher plants in a reduced

aquatic environment. The effects of redox potential on the solubility of

native and added arsenic in soils has been recently investigated by Deuel

209and Swoboda. They showed that a reduced environment resulted in a greater

water-soluble arsenic content. They also found that under reduced conditions,

water-soluble arsenic was highly correlated to the total aluminum content in

the soil. This study indicated that more arsenic was converted to soluble
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form when the samples were equilibrated at 38*C as compared to those equili-

brated at 25°C, and this difference was attributed to the more reduced con-

dition at 38°C. These researchers proposed that the increase in the soluble

arsenic at lower redox potentials was due to the reduction of iron and not

the reduction of arsenic itself. This conclusion was based on the observa-

tion that the amount of water-soluble arsenic became corstant at about 3

percent of total arsenic in the equilibrated soil samples when all the ferric

iron that was reacting with arsenate was reduced to the ferrous form and

the arsenic was solubilized in the equilibrium with the reduced system. Had

the arsenic been reduced, the total arsenic/soluble arsenic ratio would have

decreased much more rapidly as the redox potential decreased, since arse-

nite isvery soluble in comparison to arsenate. However, it should be pointed

out that the lowest reduction potential obtained under the condition of the

experiment was +25 my, which represents only moderately reduced soil.

In addition to the redox potential, clay fraction and sesquioxides

play a governing role in the sorption and desorption of arsenic in soils.

Arsenic toxicity to plants decreases as the clay and iron oxide contents of

soils increase, 21 2 presumably due to the lower levels of arsenic maintained

in the soil solution. Several investigators have shown that soils higb in

reactive iron components, either native or added, sorb larger amounts of

arsenic than soils of a similar texture low in iron.
21 1'21 3

Jacobs et al. 214 conducted a series of laboratory experiments to study

the possible mechanisms of arsenic sorption in soils. They reported that

the amount of arsenic sorbed from solution increased as the free ferric oxide

content of the soils increased. The preferential sorption of added arsenic

by amorphous iron and aluminum components was evidenced by the quantitative
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removal of added arsenic from equilibrated soils by a single oxalate ex-

traction, and the essentially complete recovery of added arsenic by aumvn-

ium fluoride (NH4 F) and sodium hydroxide (NaOH) reagents during chemical

fractionation. Removal of amorphous iron and aluminum components by treat-

ment with oxalate 2 1 5 eliminated or appreciably reduced the arsenic sorption

capacity of the soil, which indicated that these components provide the sites

for arsenic sorption, and thus should control the amount of arsenic that

is readily soluble and available to plants.

The role of clay fraction in arsenic sorption has been investigated by

several workers. For example, Johnson and Hiltbold 2 1 6 analyzed the arsenic

content of the sand, silt, and clay fractionsin soils and found that about

90 percent of the total arsenic content of the soil occurred in the clay

fraction. They concluded from this that the clay fraction is the reservoir

for arsenic accumulation and release. Similar results have been reported

by Deuel and Swoboda 20 9 who recovered only 5 to 10 purcent of the added ar-

senic in the water solution fraction in the Houston black clay. Inactivation

of arsenic in soil as a function of clay content has also been shown by

Crafts and Rosenfels.
21 7

Because the size and molecular configuration of arsenate parallels

closely that of phosphate, it has usually been assumed that the same mech-

anisms are involved in the sorption of arsenic and phosphorus by soils.
218

Rubins and Dean 2 1 9 showed that arsenate and phosphate could be alternately

adsorbed and mutually replaced on sail colloids. Hingston et al. 21 8 obtained

similar adsorption maxima for the sorption of arsenic and phosphorus on goe-

thite. Other studies, however, have shown that phosphorus will displace

arsenic much more readily than arsenic will displace phosphorus.
2 20'221
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Johnson and Hiltbold2 1 6 extracted soil samples containing disodium

methanearsonate (DSMA) with nine successive extracting solutions to deter-

mine the possible similarity of arsenic to soil phosphorus with regard to

its distribution among various forms. The results indicate a considerable

difference between arsenic and its distribution aong chemical and mineral-

ogical forms in the soil. Arsenic was much more extractable by mild salt

solutions, suggesting a greater water solubility and a lower extent of ad-

sorption, precipitation, or occlusion. While most of the soil phosphorus

was associated with iron, either as precipitated iron phosphate or occluded

with iron oxides, much of the arsenic riot readily removed was associated

with aluminum. These studies also showed that little, if any, of soil ar-

senic was in an organic form, while approximately 68 percent of the phos-

phorus in the surface soil appeared in organic combinations.

Although organic arsenic may constitute a small portion of total arsenic

present in the soil, the amount of organic arsenic in sediments could be of

significant proportions. Ruch et al. 20 7 observed a positive correlation

between arsenic and organic carbon in the Lake Michigan sediments. Penrose

and Woolson1" suggested that arsenic present in sediments may have been

derived from dead organic matter that had accumulated arsenic during life,

or the complexing properties of the decomposing organic matter may have sim-

ply resulted in the nonbiological accumulation of arsenic from the water.

No data were presented to support these hypotheses. Penrose and Woolson1 99

reviewed the existing literature on the significance of arsenic in the aquatic

environment and concluded that whereas high levels of arsenic in commercial

marine species are a widespread phenomenon, very little is known about the

arsenic cycle in the marine environment.
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Based on the literature available, it may be summarized that the trans-

formation of arsenic in the sediment-water system may be a function of redox

potential and the composition of the sediments, which include mineral colloids,

compounds of iron ano aluminum, and the organic matter contents of the sed-

iments. More work is needed to ascertain these assumptions.

Selenium

Selenium (Se) has been historically recognized as a toxicant associated

with "alkali disease" and "blind staggers" in animals. 2 2 2  In both of these

diseases, selenium toxicity results in myocardial necrosis, cerebral edema,

and liver and kidney damage. Langer and Mackler 2 2 3 related selenium dust to

severe irritation of nose and e,.:s, gastrointestinal disorders, and dental

caries in men working in ore processing plants. The investigations have also

been conducted on the carcinogenic and teratogenic effects of dietary selen-

ium levels in animals, but the results are controversial. The incidence of

these diseases and their possible relationship with selenium havebeen recent-

ly reviewed by Oldfield et al.2 22

In addition to being a toxicant, selenium has also been identified as

an essential trace metal in animals. The critical level for dietary selenium

below which deficiency symptoms are observed is reported to be 0.02 Ug/g

for ruminants and from 0.03 to 0.05 pg/g for poultry.224  Minimum levels of

0.01 and 0.05 mg/l selenium in drinking water have been recommended by the

U.S. Public Health Service and World Health Organization, respectively,

to abate deficiency problems in human beings.22 5 The subject of selenium

deficiency in animals and human beings has been extensively reviewed by several

workers. 83,2 22,2 24
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Sources and Occurrence of Selenium in the Environment

Selenium is most frequently found as an accessory metal in base metal

ores of lead, copper, and nickel, and it occurs with native sulfur. Its abun-

dance in the earth's crust is estimated to be 0.05 g/g, and the selenium

content in igneous rocks ranges from 0.004 to 1.5 g/g. 226 The concentra-

tion of selenium in seawater is reported to be 3.0 Vg/l.34 The commer-

cial source of selenium originates in the anodic slime from electrolytic

copper refining.

Environmental pollution by selenium comes from burning of fossil fuel

and trash, mining, and also as a contaminant in the air with sulfur diox-

ide (S02)- However, Oldfield et al.222 have indicated that airborne se-

lenium may not b- a major factor in environmental contamination by this ele-

ment.

Selenium concentration in the river water in the United States is normally

less than 0.5 Vg/l. 22 2 Certain alkaline streams draining seleniferous lands

in the western United States may, however, contain as much as 0.5 mg/1 se-

lenium.2 27 Selenium content of sediments from 11 Wisconsin lakes and one

South Dakota reservoir are reported to range from 1.3 to 3.5 jg selenium/g

dry weight.2 28 Wiersma and Lee 2 28 compared the selenium contents of lake

sediments with the content reported in soils from different areas of the United

States2 29 and indicated that sediments contained considerably higher concen-

trations of selenium. This may imply that sediments serve as reservoirs for

selenium. However, these workers found that most of the sediments from lakes

in northern Wisconsin, a sparingly populated area with little industrial ac-

tivity, contained high levels of selenium as did the sediments from the three

Dane County lakes, an area of much higher population density and industrial
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activity. Based on their results, these investigators concluded that there

were no signs of selenium buildup in sediments of these lakes as a result

of environmental contamination. No attempt was made in this Atudy to as-

certain the mechanism whereby selenium cycles through the aquatic ecosystem.

Selenium Chemistry of Soils and Sediments

83
Most of the selenium added to soils is generally unavailable to plants.

Allaway83 indicated that in some low-selenium soils, over 90 percent of the

added selenium remained in the soil after three years of continuous crop-

ping and plant removal. The low solubility of selenium in soils has been

attributed to its presence as selenite in combination with ferric iron.229'230

The studies of Cary et al.229 indicated that selenite is a major

form of residual selenium in selenium-treated acid and neutral soils.

Some form of hydrous iron oxide was suggested as the adsorbing solid phase.

The other immobilization products of added selenium consisted of elemental

selenium or selenide. They suggested that organic selenium compounds could

also account for some residual selenium.

Geering et al.230 constructed solubility diagrams to study the nature

of iron complexes involved in the retention of soil selenium. Based on the

plots of calculated ion activity values, these workers indicated that the

selenium concentration in the soil solution was governed primarily by a

ferric-oxide-selenite-adsorption complex (selenium oxidation state +4). They

ruled out the possibility that crystalline ferric selenites were involved in

governing the observed selenium solubility in the soils under study. They

also reported that selenium may exist in the oxidation states of +6, 0, and

-2, under certain conditions.
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The efZ-t of pH on the availability of selenium to plants was also

investigated by Geering et al. 2 3 0 They reported that in acid soils (pH 4.5

to 6.5), selenium is usually bound as a basic ferric selenite of extremely

low solubility and is essentially unavailable to plants. In alkaline soils

(pH 7.5 to 8.5), however, selenium may be oxidized to selenate ions and be-

come water soluble.

Hingston et al. 2 31 studied the adsorption of selenite on goethite and

found that the specific adsorption of selenium increased the pH of the sus-

pension and the negative charge of the oxide surface. They proposed that

the mechanism of adsorption involved the release of water molecules from the

surface when the selenite ion is adsorbed.

These findings may suggest that the forms and concentration of selenium

in the soil solution are governed by various physical-chemical factors ex-

pressed in terms of chemical ligands, pH, dissociation constants, solubil-

ity products, and oxidation-reduction states. However, the current knowledge

of the transformations of selenium in the sediments is very obscure. Wiersma

and Lee228 conducted a preliminary survey of the selenium concentrations

in various lake sediments and discussed the adsorption of selenium by lake

sediments in the light of the results reported by Cary et al. 2 29 and Delfino

et al.232 They interpreted the high correlation of selenium with iron,

manganese, and phosphorus in the lake sediments to be due to sorption char-

acteristics of sediments rather than to interrelated chemical reactions such

as the precipitation of selenium with ferric hydroxide. Further studies are

required to determine the mobility of the chemical forms of selenium in the

sediments and the quantity of sediment-bound selenium directly available to

the aquatic and benthic organisms.
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Copper

Copper in the Environment

Copper is an essential element, being active in many enzymes and hemo-

cyanin.92 The average concentration of copper in the earth's crust is about

70 jig/g. 234 Soils contain about 20 pg/g, and 16 to 71 vg/g have been re-

ported in some lake sediments. 96 The normal concentration in plants is be-

tween 5 and 20 pg/g.235 The copper concentration in plants associated with

good growth falls within narrow limits as <4 j'g/g may be a deficient level

while >20 Ug/g may be toxic. Wilber236 gives a copper concentration of 2.3

mg/l in seawater as the tolerance limit for several species of marine fishes.

Chemistry of Copper

The chemistry of zinc and copper seems closely related, although in gen-

eral, copper compounds are less soluble. The stable form in natural condi-

tions is the cupric ion (Cu++). The cuprous ion (Cu+) is unstable at ordin-

ary temperatures. The adsorbed form in soils is the cupric ion (Cud+), and

this ion and various complexes are found in soil solutions.

Copper sulfide is a relatively stable compound in reducing environments,

but yields cupric ions and sulfate (S02-) when oxidized.24

The copper solubility in soils, as given by Lindsay,233 can be expressed

by the equation:

[CU2 + ] 103.2 (H+ ) 2

or

pCu - 2pH- 3.2

This indicates that at pH 5, the concentration of Cu in a soil solution is

approximately 10 - 6 8 M or 0.01 mg/l. This level is far below that maintained

by the solubility of Cu(OH)2, CuC0 3, and Cu3 (P04)2.

The chemistry of copper is more complex than zinc chemistry because it

97



is found in two valence states in nature. The cuprous ion (Cu + ) is gener-

ally more common in minerals formed at a considerable depth, while the cupric

ion (Cu2 +) is more abundant in compounds formed near the surface; however,

many exceptions exist.
24

Cupric ions can persist in acid to slightly alkaline oxidizing condi-

tions, thus making copper one of the more mobile elements in the environment,

though adsorption on both organic and mineral colloidal material may reduce

its mobility.

In systems that are not acid and oxidizing, copper is much less mobile.

Copper sulfide (CuS) is known to be insoluble, and the concentration of

cupric ions in equilibrium with solid copper sulfide at a neutral sediment

pH is too small to be of any significance in the transport of copper.

The solubility of copper is increased by complex formations. Although

mineral complexes such as CuCl+, CuCI2, or Cu(CO 3)2
2- may be formed, these

contribute relatively little to soluble copper levels.

Organic complexes may play a more important role in the solubility of

copper, and copper has been shown to form more stable complexes with fulvic

acids than other metals.17 The importance of organic material in control-

ling the solubility of copper in natural water systems is not really clear.

Although copper has been shown to form stable complexes with organic mat-

ter, in a recent study Sanchez and Lee2 37 found that in Lake Monona,

Wisconsin, the soluble organic complexes play a very minor role in the chem-

istry of copper in the lake water. The concentrations found could be readily

explained by either the basic carbonates in an aerated system or the jul-

fides in an anoxic system. This lake had received 1.5 million pounds of

copper sulfate (CuSO 4 ) for algae control during the past 50 years.
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Jenne11 7 has proposed that the hydrous metal oxides of manganese and

iron are the principle control mechanisms for copper in soils and freshwater

sediments. The regulatory properties of these hydrous oxides have been dis-

cussed in other sections of this report.

Zinc

Zinc in the Environment

Zinc is an essential element to life and is required for the activity of

many enzymes.92 The average amount in the earth's crust is about 132 Ug/g
23 4

and it averages 50 Ug/g in soils. In sediments, the reported concentrations

are variable and have been found to range from 12 to 195 pg/g. 96 Man's ac-

tivity seems to bean important factor in the increase of zinc in the environ-

ment. Plants generally contain between 25 and 150 .g/g zinc. 235 Concentra-

tions >400 Vg/g are toxic. Toxicological effects of zinc to man are relatively

unimportant because there is a wide range between the usual environmental lev-

els of zinc and levels known to be toxic. However, high concentrations of

zinc may be detrimental to fish and other aquatic life.
2 38

Chemistry of Zinc

Zinc is known to be the most mobile of the heavy metals. The zinc com-

pounds formed with the common anions of surface waters are soluble in neutral

and acid solutions. In reducing environments, zinc sulfide (ZnS) is a rel-

atively insoluble and stable compound which may oxidize in the presence of dis-

solved oxygen as shown below:

ZnS + 202 + 2HCO3 - ZnCO3 + H2CO3 + S04 (Reference 24).

Zinc carbonate (ZnC03) is thought to be less stable than zinc sulfide, though

still relatively insoluble.

The zinc solubility in soils, as given by Lindsay,2 33 can be expressed
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by the equation:

[Zn+ + ] = 106 [11+]2

or

pZn - 2pH - 6

which indicates that at pH 5, the concentration of zinc in solution is approx-

imately 10- 4 M or 6.5 mg/l.

Zinc ions are dominant up to pH values of about 9 in simple aqueous sys-

tems. In basic solutions, zinc hydroxide (Zn(OH)2) precipitates if the con-

centration of zinc is 10-4 M. Zinc hydroxide shows minimal solubility at

pH 9.5 and dissolves at higher pH values as the zincate anion.24 Zn(OH)2-.
4.

The redox potential-pH stability diagram given by Hem1 4 5 indicates that be-

tween pH 7 and 8, zinc carbonate (ZnCO3) will be formed when the concentra-

tion of dissolved carbon dioxide (C02) is 10- 3 moles/l. At low redox values,

zinc sulfide is the most stable combination. Jenne1 17 has proposed that pre-

cipitation by the hydrous metal oxides of manganese and iron is the princi-

pal control mechanism for zinc in soils and freshwater sediments. The oc-

currence of these oxides as coatings on clay and silt enhances their chem-

ical activity in excess of their total concentration. The uptake and release

of the metals is governed by local conditions, including the concentration

of other heavy metals, pH. and the amount and type of organic and inorganic

compounds formed in the system. According to Jenne,117 the aqueous environ-

mental chemistry of zinc, copper, nickel, and cobalt cannot be explained

without taking into account the hydrous oxides of iron and manganese as dom-

inant regulating factors, although organic matter, clays, carbonates, and

precipitation as discrete hydroxides are also involved.

100



Manganese

Manganese in the Environment

Manganese is an essential element and activates a number of enzymes

nonspecifically. Two manganese-specific enzymes are arginase and pyruvate

carboxylase.9 2 It is also thought to be essential in photosynthesis.
2 40

The total manganese concentration in soils has been found to range from

20 to 6000 pg/g. In sediments, levels between 11 and 1260 Pg/g have been

reported.24 1,242 Plants can take up considerable amounts of manganese, and

concentrations between 20 and 500 Ug/g in dry matter are typical.23 5 Levels

in excess of 500 pg/g are probably toxic to mLny plants.

Manganese toxicity to man has been well documented in the scientific

literature.24 3 Almost all cases of manganese-caused diseases may be related

to airborne manganese from industrial sources, by iron and steel industries

in particular. It was stated that as much as 4 percent of the fumes pro-

duced by an electric arc furnace consisted of manganese oxides.
2 44

Chemistry of Manganese

Manganese is one of the transition elements and may exist in a number

of oxidation states (1+. 2+, 3+, 4+, 5+, 6+, and 7+). In nature, only the

2+, 3+, and 4+ oxidation states are found. In aqueous systems, the 2+ and

4+ states are of greatest importance since trivalent manganese is subject

to autooxidation-reduction as shown by the following equilibrium reaction:
2 5

2Mn3+ + 2H20 2 MnO2(s) + Mn
2+ + 4H+ (log K - 9 at 250C)

The general chemistry and geochemistry of manganese are complex due to the

fact that nonstoichiometric oxides with mixed valences may be found. More

than 150 oxides ranging from MnO1.2 to MnO2 have been described.
2 39 Also,

the marked tendency to form coprecipitates, particularly with iron, contributes

101



to the complexities of manganese chemistry. One of the most stable forms

of manganese is manganese dioxide (Mn02), which is solubilized according

to the following equation:

MnO2(s) + 2H
+ . Mn2+ + 1/2 02 + H20

In soil solutions. divalent manganese (Mn2+) is the predominant species and

its theoretical concentration increases 100-fold for each unit decrease in

pH.
233

The soluble form of manganese is the divalent cation (Mn2+). It is the

predominant form in aqueous environments depleted of dissolved oxygen. It

has been reported that most of the soluble manganese in soil solution may be

present as an organic complex.245 However, Olomu et al.246 recently reported

that manganese either not complexed or weakly complexed with organic ma-

terial in reduced extracts from six Manitoba soils. Most of the divalent

manganese compounds present in natural water systems are very soluble, even

at pH values greater than 7.

Under oxidizing conditions, manganese cannot exist as simple ions and

theoretical predictions of solubility based on thermodynamic data become ex-

tremely difficult, especially if other cations are present in the solution.

Lindsay 233 reported that the soluble manganese in soils exceeds the

solubility of manganese dioxide (Mn02) but is considerably less than the

solubility of othermanganese compounds such as Mn(OH)3, Mn(OH) 2, MnCO3, and

MnSiO3•

The complexation of manganese by soil fulvic acids is rather weak. Ac-

cording to Schnitzer and Hansen,1 7 the stability constant (log K) of these

complexes varies between 2.2 at pH 3 to 3.7 at pH 5 at a constant ionic

strength of P - 0.1. Although there may be some similarity between soils
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and sediments, it is risky to assume the behavior of one particular element

is the same in both systems. The low complex stability of manganese may be

the reason for the lack of information in literature on the specific be-

havior of manganese in sediments.

The plant response to soil-applied manganese-EDTA seems to be poor. It

has been shown that while manganese sulfate (MnSO4) is effective in correct-

ing manganese deficiency in plants, manganese-EDTA applications may reduce

plant yields. 24 7 A reason for this may be due to the substitution of iron

for manganese in the weakly stable chelate molecule and a subsequent in-

crease in iron uptake.

Gotoh and Patrick4 0 showed that exchangeable manganese in waterlogged

soil increased with decreasing pH and redox potential. Organic complexes of

manganese are less stable than for many other metals, and it has been demon-

strated that divalent manganese is less strongly adsorbed on soil particles

and fine-grained sediments than most other heavy metal ions. 24 8

More important seems to be the role of manganese oxides on the adsorp-

tion of other elements. Morgan and Stumm24 9 found that freshly precipitated

manganese dioxide has a very significant sorption capacity for heavy metals.

This sorption had a marked pH dependence in the neutral to slightly alka-

line pH range with sorption increasing as pH increases. Aging of the pre-

cipitates likely reduces sorption capacity.

Murray et al. 2 5 0 reported that sorption of cations on manganese dioxide

is pH-dependent only at low concentration of the cations. They proposed that

in dilute solutions, the adsorption occurs as counter ions in the diffuse

double layer while at higher concentrations, the sorption occurred within

the mineral lattice. The sorption of cations is due to the presence of a
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pH,dependent change2 51 above the zero point of charge. The manganese hy-

droxides are negatively charged and sorb cations. The zero point of charge

is between pH 2 and 7 for manganese dioxide, depending on its structure and

age. Below this point, the oxide acts as an anion exchanger. In neutral

solutions, the surface charge is mixed with both positive and negative char-

ges such that there is a limited capacity for adsorption of cations and anions.

Iron

Iron Geochemistry

Iron is the most abundant element in the earth. It is the fourth most

abundant element in the earth's mineral crust and is a constituent of all.

mineral classes.24 8  The iron content in rocks generally ranges from several

tenths of 1 percent in sedimentary rocks to several percent in igneous rocks,

averaging 5 percent in the earth's crust.
2 52

Because of the numerous stable compounds formed with sulfur, oxygen,

and silicon, it is a chemically active metal in most geochemical environ-

ments. It is an essential element in the biochemistry of both plant and ani-

mals. Due to its widespread distribution and its two common valence states,

elemental and combined iron are useful indicators of the degree of oxidation

of natural environments.
248

In mineral soil and sediment material, iron is found in several forms

ranging from relatively inert to chemically active. Iron may be associated

with clay minerals as: (1) an essential constituent, (2) a minor constituent

within a mineral crystal as a result of isomorphous substitution, or (3) as

an oxide coating on the surface of a mineral particle.2 53 Changes in redox

potential and/or pH may affect the association of iron with clay minerals by
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dissolution of surface iron oxide coatings, by influencing ion exchange re-

actions, or perhaps by decomposition of the crystal lattice under extreme

conditions.

Iron and Environmental Quality

Iron is not generally considered to have deleterious effects on environ-

mental quality. The U. S. Public Health Service and Environmental Protec-

tion Agency consider 0.3 mg/l the maximum permissible level of iron in

drinking water.8 1 ,254 This standard was selected primarily for esthetic

rather than health reasons. Other than in waters affected by the mining and

processing of ore, iron has been implicated in only a few instances as having

an adverse effect on water quality. Morton and Lee255 found that the con-

centration of iron under some conditions may regulate the predominate type

of algae growth if not the total algae biomass. In the laboratory study

reported, total iron levels between 0.1 and 1.0 mg/l were thought to con-

tribute to the preponderance of scum-forming, blue-green algae over a less

objectionable algae type. In concentrations normally found in unpolluted as

well as polluted waters, iron is not known to be toxic.

Although some waste discharges into waterways may contain considerable

amounts of total iron, high levels of iron in wastewater do not generally

present environmental problems. This is because of natural processes which

keep the inorganic, soluble, biochemically active iron content of most sur-

face waters low as well as the large levels of total iron already present

in the environment from natural sources.

Iron in the Sediment-Water System

The iron content of seawater is around 10 pg/l.lO0 In fresh oxygenated
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waters, the soluble iron content is somewhat greater. The soluble iron

content of surface water in upper Mobile Bay ranges from around ten to a few

hundred V'g/l. 10 1,25 6 In a reducing environment, much more iron may be sol-

uble as a result of the formation of ferrous iron. While oxygenated in-

terstitial water of Lake Ontario sediments contained less than 100 Vg dis-

solved iron/l, the iron levels increased to about 2000 .g/l in interstitial

water of underlying reduced sediments.
62

The total iron content 'of sediments is high as indicateu by a few ex-

amples. The iron content of sediment samples from two Wisconsin lakes were

determined to be 1.9 and 6.6 percent. 257 The total iron content of numerous

sediment samples collected over a wide area of Mobile Bay generally ranged

from about 1.5 to 4 percent.

Surface soils typically contain about 2.5 percent iron and comimnly

range from 0.5 to 5.0 percent. Hallberg60 reported relatively low levels

ranging from 0.09 to 0.36 percent in sediment layers of a tidal marsh in

Holland while levels from 2 to more than 10 percent were reported for sedi-

ments from the Pamlico Sound, an estuary in North Carolina.
61

Though iron is not considered to be a toxicant in sediment-water sys-

tems, its chemistry is important because of its interaction with metals which

are considered toxic. The following discussion will first consider some

aspects of the chemistry of iron; then iron chemistry will be related to the

regulatory role of iron in the sediment-water chemistry of heavy metals.

Iron Chemistry in the Sediment-Water System

Though the levels of total iron in soils and sediments just discussed

include iron which is an essential constituent of clay minerals and is thus
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unreactive in sediment-water chemistry, there is generally much potentially

reactive iron present in sediments.

In nature, reactive iron commonly exists in two oxidation states: fer-

rous (Fe2+) and ferric (Fe3+). Low pH and redox potential levels favor the

ferrous (reduced) form of iron, while high pH and/or redox levels result in

a stable chemical environment for ferric (oxidized) iron.4 1 ,104  Ferric iron

reacts to form highly insoluble oxides or hydroxides which precipitate from

solution forming discrete colloidal particles or coatings on clay minerals.

In a reducing environment, oxidized chemical combinations of ferric iron

are unstable and may reduce to ferrous iron, which is the soluble form of this

metal. This soluble ferrous iron may be mobilized in response to a concen-

tration gradient in a reduced environment.

Gorham and Swaine11 3 determined the distribution of several metals in

an oxidate crust, oxidized surface sediment, reduced subsurface sediment,

and glacial clay in two Canadian lakes. The four horizons listed are in order

from top 'to bottom, and the redox potential of these horizons would generally

be expected to decrease with depth. The oxidate crust contained the great-

est concentration of total iron. The surface oxidized sediment layer con-

tained only 40 percent as much iron as the oxidate crust, and the reducing

subsurface layer only 30 percent as much. This distribution suggests that

soluble, ferrous iron may diffuse upwards toward the surface due to a concen-

tration gradient. The oxidate crust and surface oxidized layer likely act

as a sink for the ferrous iron where it becomes oxidized, precipitates, and

is effectively removed from solution. This corresponds with the data of

Weiler 2 who found that the soluble iron in interstitial waters of Lake Ontario

increased with depth.
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Working with a swamp soil in developing models of oxygen consumption,

Howeler and Bouldin 2 58 found that ferric iron was present only near the sedi-

ment surface where the total iron content was also greatest. Ferrous iron,

on the otherhand, was found to inrease with depth.

Lindstr~m25 9 discussed iron cycling in sediment-water systems and de-

scribed how iron can accumulate at the sediment-water interface by diffusion

and oxidation-reduction processes.

A simplified redox potential-pH diagram for iron in water (Figure 1, p. 25)

shows the influence of pH and redox potential on the stability of ferrous

and ferric iron.24 The figure shows that the stability boundary between fer-

rous and ferric iron is generally in the middle of the redox potential-pH

conditions found in nature. Also apparent from the figure is the interaction

of redox potential and pH on the stability boundary between oxidized and re-

duced iron.

This illustrative figure for a relatively simple aqueous iron system

indicates the solubility of ferrous iron is controlled primarily by carbonate

and sulfide formation. For example, in the presence of considerable carbon-

ate, as in an alkaline environment, soluble iron can increase only to a cer-

tain level before precipitating as ferrous carbonate (FeCO3). In the presence

of sulfide, ferrous carbonate formation is limited by the much lower solu-

bility of ferrous sulfide (FeS). Berner 2 6 0 concluded from theoretical con-

siderations as well as sulfide and redox potential measurements that the

chemical environment of interstitial waters generally fallsoutside the stabil-

ity field for ferrous carbonate. Thus, in flooded soil and sediment systems

containing considerable organic material, it is likely that ferrous sulfide

will be the predominant inorganic form of iron. This form of iron contributes
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to the black color of reduced sediments.24 8 Sulfide is reported to form

frojL..ulfate (SO42-) when the redox potential drops below -150 my at pH 7.159

The sulfides of most divalent metals are very insoluble. In the pres-

ence of excess sulfide, most metallic toxins may be effectively immobilized

and unavailable to aquatic organisms. However, the formation of ferrous

sulfide may, in some instances, reduce the effectiveness of sulfide immobi-

lization of toxic metals. If the ferrous iron concentration is sufficiently

large to precipitate most of the sulfide, then other metal ions my be kept

from forming sulfide precipitates. 4 3

Gotoh and Patrick41 studied the effects of redox potential and pH on

the transformations of iron in a waterlogged soil. The effects of redox poten-

tial levels from -250 to +300 mv and pH levels from 5 to 8 on the distribu-

tion between the water-soluble, exchangeable, and reducible forms of iron

were determined. These fractions represent chemically reactive or potential-

ly reactive forms of iron.

Water-soluble and exchangeable iron levels increased as both redox po-

tential and pH decreased. The concentration of water-soluble iron ranged

from undetectable at the higher pH and redox potential values to over 3,600

Pg/g at pH 5, and a redox potential of -250 mv. At a given pH, a decrease in

redox potential was accompanied by an increase in soluble iron. Where iron

was measurable, there was an increase in soluble iron at each stepwise de-

crease in redox potential at a given pH. This was also true where pH was

lowered and a constant redox potential was maintained. Thus, it was demon-

strated that changes in the soluble iron concentration occurred sequentially

over most of the pH-redox potential range studied. Similar results were

found for iron exchangeable with I N ammonium acetate. The iron levels ranged
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from undetectable at high redox potential and pH levels to over 1,000 Vg/g

at low redox and pH levels. Reducible iron was thought to consist of ferric

hydroxides and oxides and was also influenced by redox potential and pl.

In a well oxidized suspension, reducible iron was around 11,000 Ug/g at all

pH levels. As the redox potential was decreased, less iron was found in

this fraction at pH 5 and 6, indicating that this form of iron became re-

duced and solubilized at low redox potential levels. At -250 my, the reduc-

ible iron decreased from around 11,000 Vg/g to 6,800 and 8,200 pg/g at pH

5 and 6, respectively.

These data indicate that as insoluble oxides and hydroxides of iron

become reduced, they are transformed into the chemically reactive water-

soluble and exchangeable fractions. Likewise, as a soil or sediment system

becomes oxygenated, as during dredged material disposal in open water, the

water-soluble and exchangeable fractions are precipitated as iron oxides and

hydroxides. In this particular soil, almost one-fourth (:4,000 pg/g) of the

total iron was subject to transformations with the reducible fraction under

the range of pH and redox potentials studied. This sizable fraction is im-

portant to the well-known scavenging effect of iron for trace metals in

sediment-water systems.

Iron Organic Matter Interactions

Iron and organic carbon have been found to be correlated in sediment-

water systems. 60,24 2 Both oxidized and reduced forms of iron may complex

248with organic matter. Krauskopf suggested that iron-organic matter com-

plexes may be responsible for the enhanced solubility of ferric iron in some

oxygenated natural waters where the measured soluble iron concentration has
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been found to be several orders of magnitude greater than that predicted

from solubility product calculations.

Theis and Singer2 61 have demonstrated that considerable quantities o-

ferrous iron can be maintained in solution in aerobic aquatic systems due to

the complexation of reduced iron by naturally occurring organic matter. The

complex is sufficiently strong to completely prevent the oxidation of fer-

rous iron for several days under normal atmospheric oxygen levels. In ad-

dition, this metal-organo complex reduced the rate of oxidation of the com-

plexed organic compounds. The stability constant for a ferrous iron-tannic

acid complex was reported to be about 10, 4 indicating the relative strength

of these metal-organo complexes. The stability of reduced metal-organo com-

plexes such as discussed in this report could be important to transformations

aff.cting trace metal bioavailability during dredging and dredged material

disposal.

Stevenson and Ardakan I 14 presented some data of Schnitzer and Skinner

showing that the stability constant for a ferrous iron and fulvic acid prep-

aration was about 5.8, which is just under that of lead, but greater than

that for nickel, manganese, cobalt, calcium, zinc, and magnesium at pH 5.0.

Iron as a Scavenging Agent for Trace Metals

It has long been established in sediment chemistry studies that there

is a relationship between trace metals and oxides of iron and manganese. 1 0 3'

262,263 Sorption of heavy metals by these compounds is thought to be an im-

portant mechanism in regulating heav metal concentration. It has been sug-

gested that manganese crusts and subsequent nodules in marine sediments, which

are known to accumulate trace metals, may start their development on primary

111



264 66
iron accumulations. Some laboratory data support this contention. The

literature on the scavenging effect of hydrous oxides frequently includes

both iron and manganese since it is the oxidized form of each involved in

trace metal adsorption and since the reduction chemistry of these active

forms is somewhat similar in response to redox potential changes. The role

of hydrous iron and manganese oxides in the transport and regulation of trace

metal concentrations in the environment has been reviewed by Jenne11 7 and

Lee.151

In reduced flooded soils and sediments, iron and manganese subject to

pH and redox potential transformations exist as soluble ions or compounds.
70

As such, they are not effective trace metal scavengers. However, as a re-

duced soil, sediment, or water becomes aerated, the reduced forms of both of

these ions will oxidize within the range of redox potential normally encoun-

tered in going from a reduced to an oxidized environment. Ferric hydroxide

(Fe(OH) 3) is considered to be a comon form of oxidized iron, but ferric

iron may also exist in several other structural forms such as ferric oxide

hydroxide (FeOOH) or ferric oxide (Fe203).259

Ferric oxide may form colloids of its own which polymerize and mayI! precipitate as discrete particles. It may also form a coating on other col-

loidal-sized or larger particles such as clay minerals.24 8 As precipitated

colloidal particles or surface coatings, these materials are characterized

by high surface area and are effective in adsorbing ions such as heavy metals

from solution.
2 5

There seems to be relatively little detailed information in the liter-

ature on the mechanism by which ferric oxides adsorb ions. Surface adsorption

processes have been proposed and discussed based on the general chemical nature
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of ferric oxides. Surface charge of the coatings is likely important in ad-

sorption reactions. In an acid environment, positive charges would tend to

predominate on ferric oxides and would favor the adsorption of anions. As

pH is increased above 4.8 to 6, colloidal ferric oxide particles tend to be

248
negatively charged, favoring the adsorption of cations, though both cations

and anions show a strong tendency to interact with hydrous oxides over a con-

siderable pH range.

Stumm and Morgan 2 5 describe the sorption of metal ions to iron and man-

ganese oxides as ion exchange or surface complex formation reactions since

hydrogen ions (H+) or other cations are released during heavy metal adsorp-

tion. Heavy metals are thought to attach to specific sites at the surface

while other cations such as sodium or potassium (Group I and II cations) are

thought to adsorb in the diffuse region of the electric double layer near the

surface. 2 5 0 An example of complex formation with zinc using -Me-OH to rep-

resent the surface active group of a hydrous metal oxide was given as follows:

-Me-OH + Zn
2+ + -Me-O-Znl+ + H+

A more detailed discussion of these sorption mechanisms can be found in Stumm
25

and Mrgan.

Although there are data on the stability constants for the complexes

formed by some metals with organic matter fractions and certain specific or-

ganic compounds, there are no such stability constant data for metals bound

to hydrous oxides.
1 1 7

In considering the relative importance of heavy metal complexation by

hydrous oxides of iron and manganese vs. organic matter, JenneI11 concluded

from a survey of the literature that hydrous oxides may be the dominant control

mechanism for heavy metals in environments wherf these oxides are found. It
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was suggested that complexation with organic matter may be the primary con-

trol mechanism only in environments where hydrous oxides of iron and man-

ganese are not stable, such as in reduced sediments. Organic matter was

thought to contribute indirectly to heavy metal scavenging by hydrous oxides.

Periodic reducing conditions which would develop in soils of high organic

matter content upon intermittent flooding would result in the dissolution

of the hydrous oxides. Subsequent oxidation of the soil would result in the

reformaticn of the hydrous oxides. It was suggested that this cycle favors

the maintenance of the iron and manganese oxides in a state of high surface

area, which is critical to maximizing its adsorption properties.

Lee1 51 summarized several reports regarding the effect of hydrous metal

oxides age ontheir heavy metal scavenging properties. It was concluded

that the sorption capacity was dependent on age of the hydrous oxides in

many instances and that the greatest interaction with heavy metals might occur

if heavy metals were present at the time the hydrous metal oxide was formed.

Structural changes that occur with time which improve the crystallinity of

the hydrous oxide precipitates were thought to be responsible for the aging

effect. Mackenzie and Meldau 265 have shown that aging of iron oxide gels re-

suits in the clumping together of primary particles into larger particles,

which, in effect, results in a decrease in surface area with time.

Several examples were given by Lee1 51 in which the higher sorption of

freshly precipitated hydrous metal oxides could be significant in natural

water systems. If this effect is real, then it could also be of consider-

able importance is -% dredging situation during which there is mixing of re-

duced sediments with an oxygenated water column. Hydrous metal oxides formed

at this time could be important in regulating the concentration of trace
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metals mobilized during dredging and disposal. In most sediments, iron and

manganese subject to redox potential-and pH-induced transformations would

be present in a reduced state. Upon dredging and dredged material disposal,

these ions would rapidly oxidize as they were mixed with and dispersed in

oxygenated water. Windom3 2 suggested that oxidation of ferrous iron during

dredging is almost immediate. Thus, it would be expected that the freshly

formed hydrous oxides of iron and manganese produced during dredging and

disposal would be most effective in complexing with heavy metals and remov-

ing these ions from solution. The solid complexes formed with potentially

toxic metals will tend to settle out of suspension. Once the metals are re-

turned to the sediment, they may be held tightly by the hydrous oxides as

long as they are stable. In an aerobic sediment or water system, the metal

bonding may be considered almost irreversible. However, if the hydrous metal

oxide becomes buried by other sediment material, it will dissolve as the

buried horizon becomes reduced. Thus, the adsorbed metals will be released

and may become mobile unless subjected to some other regulatory mechanism,

such as complexation with insoluble organic matter or sulfide precipitation.

Sanchez and Lee, 23 7 working with copper in Lake Monona, Wisconsin, found

that as hydrous metal oxides became reduced, sulfide precipitation immobilized

the copper. This process might occur in most sediment material subject to

cycles of oxidation and reduction.

There is some danger in making generalizations about sulfide precipi-

tation of heavy metals becoming an effective sink as hydrous oxides are reduced.

Patrick and DeIaune 70 have shown that oxidized forms of iron and manganese

become unstable at considerably greater redox potentials than is required for

sulfide formation. Thus in some sediments in which only mildly reducing
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environments are attained, or in oxidized sediment material that becomes

reduced very slowly, redox potential levels could be intermediate between the

critical potentials for hydrous oxide reduction and sulfide formation. In

such an environment, organic matter complexation would likely be the primary

mechanism regulating heavy metal concentration.

In a study of the effects of dredging and disposal on the solubility of

trace metals in an estuarine area, Windom3 2 reported sorption on ferric hy-

droxide was an important scavenging mechanism for several trace metals. The

water-soluble levels of metals at the outlet of a dredge discharge pipe were

less than the concentration upstream in the river or at a weir outlet from

a diked disposal area. It was postulated that reduced iron within the sed-

iments oxidized immediately to iron hydroxide when the sediment was suspended.

This freshly formed material then removed the metals from solution such that

the trace metals accumulated with the precipitated iron in the impounded

sediments. In a subsequent lab study, it was shown that the iron hydroxide

decomposed as the sediments again became reduced, releasing some metals to

the overlying water column. It was believed that the iron precipitated with

sulfide during reduction. This cycle of an initial lowering of water-soluble

metals followed by an increase in concentration to levels normally found in

the river occurred within a one-week period. Since most heavy metals form

sulfides of lower solubility than ferrous sulfide, the release of some metals

upon sediment reduction suggests that a time lag occurs between the reduction

of hydrated ferric oxides and the production of sulfides by sulfate reduction.

Such a time lag may have been involved in the release of metals from the sed-

iment.

Another possibility previously mentioned is that where ferrous iron is
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present in large quantities, it may tend to tie up the sulfide to an extent

that insufficient sulfide is available for precipitating with heavy metals.
4 3

In a later study of the effects of dredging on the heavy metal content

of water in Mobile Bay, Windom1 01 suggested that iron precipitation played

a role in decreasing the concentration of cadmium, copper, lead, and zinc,

though levels of mercury did not seem to respond to the changes in iron con-

centration.

In a laboratory dredging study of Mobile Bay sediment samples, Lindberg

et al.1 97 reported that mercury levels in water initially increased. However,

in this study, it was suggested that freshly formed colloidal hydrous oxides

of iron my have played a role in the observed reduction of soluble mercury

levels that occurred within a few hours of its release.

Nitrogen in the Environment

Nitrogen is a common element in the earth's lithosphere, atmosphere,

hydrosphere, and biosphere. Nitrogen-containing organic compounds are in-

volved with the biochemistry of all living organisms. Of the earth's total

nitrogen, 98 percent is in the lithosphere, and nitrogen in the atmosphere

accotints for most of the remainder.266 Thus, most of the earth's nitrogen

is tied up as stable compounds in the lithosphere and is not readily availa-

ble for interaction with the biosphere. The most significant biological ex-

change between these spheres is the cycling of nitrogen between the atmos-

phere and biosphere. Both inorganic and organic nitrogen are important to

living organisms. Atmospheric nitrogen gas (N2) is not biologically active,

but does serve as a reservoir and a source for certain organisms which may
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fix or transform atmospheric nitrogen into mineral forms that can be assimi-

lated by other living organisms. This process is termed nitrogen fixation.

Hutcinso 267

Hutchinson 2 states that few, if any, eucaryotic organisms are capable of

biological nitrogen fixation. However, a large number of procaryotic organ-

isms may reduce atmospheric nitrogen, either symbiotically (as with leg-

umes) or independently. Hutchnson26 7 also points out that chemical fixation

by man is now approaching the rate of natural fixation.

Biologically active forms of nitrogen can be catagorized as: (1)organ-

ically combined nitrogen in living organisms and in organic detritus and

(2) inorganic nitrogen compounds which are derived primarily from the biologi-

cal degradation of organic matter. This mineralized inorganic nitrogen may

again be assimilated by organisms either directly, or after some readily

occurring biological transformations. The amount of inorganic nitrogen in

this last category and the rate of transformation between the inorganic and

organic bound fractions is significant in terms of water quality.

There are two primary causes for concern over excess nitrogen in the

environment. Nitrogen in the nitrate form in food and drinking water may,

under certain conditions, cause health problems for animals 268 and humans,

particularly for infants. 26 9'270 The U. S. Public Health Service has estab-

lished a somewhat arbitrary level of 10 mg/l of nitrate-nitrogen in water as

the maximum concentration safe for human consumption.81  In addition to pos-

sible health problems, inorganic nitrogen may contribute to eutrophication

as many interacting nutrient and environmental factors are involved in deter-

mining both the total biomass production and the predominate algae species

present in the water.2 67,271 Much of the available evidence indicates that

phosphorus is frequently the single most limiting element for algae growth
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in surface waters, especially for freshwater lakes. Hutchinson 26 7 con-

cluded this in a general review of eutrophication, and many experiments have

shown phosphorus to apparently be the mvst limiting nutrient in freshwater

lakes. 2 72,2 73 However, nitrogen has been shown to be the controlling fac-

tor for algae growth in some freshwater lakes,274 '2 75 and recent evidence

indicates that nitrogen may be the limiting growth factor in many coastal

waters. 
2 76, 277,278

Although natural processes result in nitrogen as well as other nutrients

entering surface waters, man is implicated when the trophic status of surface

waters begins to change rapidly. Cultural activities may influence the amount

of bioavailable nitrogen in lakes in two ways. Available nitrogen levels

may be increased because of increased nitrogen entering a water body or as

a result of changes in the sediment-water system which increase the availa-

bility of nitrogen to aquatic organisms. Examples of increasing nitrogen lev-

els include industrial, municipal, and agricultural discharges of nitrogen-

containing waste into waterways as well as increased nutrient load in surface

runoff from agricultural and nonagricultural land. Nitrogen availability

may be increased either by transport processes which move the nutrient to the

habitat of the consuming organism or by chemical transformations which in-

crease its bioavailability. Resuspension of sediments containing inorganic

and organic nitrogen compounds from a reducing environment to an oxygenated

water column, as would occur during dredging and dredged material disposal,

may be important to the overall nitrogen budget of some surface waters.

Nitrogen Chemistry of Flooded Soils and Sediments

Most sediment nitrogen is in the organic form. Thus, total nitrogen tends

to correlate with the total organic carbon content of sediments. However,
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the carbon : nitrogen ratio in sediments depends somewhat on the sources of

the organic material incorporated into sediments. Decayed plant material

generally has a carbon : nitrogen ratio of about 10.1, and a ratio near this

may generally be expected when plant residues constitute much of the organic

material entering the sediment. Finger and Wastler 279 studied the use of

the organic nitrogen content and the carbon : nitrogen ratio to characterize

the source of sediment organic material with regard to industrial and domes-

tic waste discharges in the Charleston Harbor estuary. The organic nitrogen

content from unpolluted sites above the waste discharge points and in the

outer harbor were 0.0027 and 0.050 percent, respectively. The organic nitro-

gen in benthic deposits near points of industrial and domestic waste dis-

charges ranged from 0.124 to 0.237 percent. Thus, the non-uniformity of

organic nitrogen levels within one estuary indicates that sampling site se-

lection is important in evaluating the consequence of altering the nitrogen

cycle within a waterway. Lake sediment nitrogen contents ranging from a small

fraction of a percent to several percent have been reported in the litera-

ture, 257,280,281 and these levels may decrease with sediment depth. 282,283

That the total sediment nitrogen content is far greater than the aquatic ni-

trogen levels in even the most eutrophic waters indicates the significance

of sediment nitrogen as a potential source and/or sink for nitrogen in the

overlying water column.

A considerable amount of information has accumulated over the years on

the forms and cycles of nitrogen in soils.284'285  In many respects, this

information is applicable to sediments. There have been several recent re-

views of the sequence of nitrogen chemical transformations in sediments and

flooded soils.
28,2 9,28 6
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Most of the nitrogen in sediments is present in organic combination,

280which is only slowly made available to the biotic community. Though the

process is slow, it may be important to water quality because of the large

reservoir of nitrogen in the sediment. Biochemical processes can transform

organic-bound nitrogen to inorganic nitrogen compounds which are readily

available for plant or algae growth. Thus the nitrogen in sediments may be

an important source of this nutrient for the biotic community in the over-

lying water column.

Mineralization is the term that refers to the transformation of organic

nitrogen to an inorganic form. Ammnium-nitrogen (Nt4-N) is the first in-

organic product of mineralization. The ammonium ion may be assimilated by

organisms directly or may be further transformed to other bioavailable ni-

trogen forms. Although mineralization will occur in anaerobic as well as aer-

obic soils and sediments, the oxidation status of the sediment has an influ-

ence on the rate of mineralization. Several reports have been published

indicating that alternate aerobic and anaerobic conditions tend to maximize

nitrogen loss from soils. 287'288 Mineralization of nitrogen is the first

step in this process.

In a 128-day soil incubation study in which the number of complete aer-

obic and anaerobic cycles was varied, Reddy and Patrick28 9 found that nitrogen
loss was greater as the cycling frequency between aerobic and anaerobic incu-

bation periods increased. Even a single cycle of 64 days each of aerobic

and anaerobic incubations resulted in a greater total nitrogen loss than did

either continuous aerobic or anaerobic incubations. Continuous anaerobic

treatments resulted in the smallest total nitrogen loss. Although dredging

may subject a sediment to only one cycle of aerobic and anaerobic conditions,
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and the duration of the cycle would be on the order of hours or days instead

of months, the results of Reddy and Patrick's study28 9 suggest that a change

in the sediment redox environment during dredging and dredged material dis-

posal may induce more rapid nitrogen transformations.

Austin and Lee 2 5 7 measured the influence of aerobic and anaerobic con-

ditions on nitrogen release in sediment suspensions from two Wisconsin lakes.

In deep-water sediments from Lake Mendota, a 200-day aerobic incubation re-

sulted in 44 percent of the total hydrolyzable nitrogen290 being released

as dissolved inorganic nitrogen. In contrast, the anaerobically incubated

sediment from the same site released only about 6 percent of its initial

hydrolyzable nitrogen. The aerobic nitrogen release from this sediment was

shown to continue for the duration of the 200-day experiment, but anaerobic

release after 20 days was negligible. While it was acknowledged that con-

tinuous sediment mixing in the laboratory may enhance nitrogen release over

that occurring in a natural environment, this study does indicate the influ-

ence of the oxidation-reduction environment on sediment nitrogen minerali-

zation. Theresultsof this and other studies suggest that resuspension of

anaerobic sediment in an oxygenated water column, as would occur during open-

water dredged material disposal, could increase the inorganic nitrogen content

of the overlying water column. This would especially be triv if some sed-

iment material remained in suspension for a considerable period of time or

if upon resettling of a suspended sediment which became oxidized during dis-

posal, a relatively thick oxidized sediment layer formed which persisted

for some time before again becoming anaerobic.

Anmonium-nitrogen produced in sediment-water systems is subject to one

of several possible fates. Due to its cationic nature, it may be adsorbed
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by ion exchange mechanisms to mineral or organic material in the sediment

where it may be retained or subsequently released. Ammonium-nitrogen is also

available as a nutrient for microbes and plants where it is again organically

combined. In an anaerobic flooded soil or sediment, ammonium-uitrogen may

accumulate in theinterstitial waters to concentrations that exceed the ca-

pacity for retention by cation exchange mechanisms due to the low assimila-

tory demand. Thus, the soluble ammonium ion in the interstitial water may

diffuse across the sediment-water interface into the overlying water.
29 1 If

the soil or sediment environment becomes oxidized or if ammonium-nitrogen dif-

fuses from a reduced sediment into theoverlying oxygenated water column,

ammonium-nitrogen will be readily oxidized by chemoautotrophic bacteria,

first to nitrite and then to nitrate.2 92

The nitrate anion (NO-) is not subject to retention by ion exchange

processes and is relatively mobile. Nitrate will move readily with the mass

flow of water, or it may be mobilized by diffusion in response to a concen-

tration gradient. Nitrate-nitrogen is an available nutrient for most plants

and algae and can therefore be removed from water by incorporation into plant

or algae tissue. Should an oxidized soil or sediment containing nitrate be-

come reducing or should nitrate diffuse into an anaerobic sediment environ-

ment, it maybe utilizedas the terminal electron acceptor in microbial res-

piration resulting in its reduction to nitrous oxide (N20) or nitrogen gas.

This process is known as denitrification. The gaseous products of denitri-

fication can escape a flooded soil or sediment-water system and move into

the atmosphere.
28 5

This brief description of the general transformations of nitrogen, though

simplified and somewhat incomplete, gives an introduction to the possible

fate of sediment-derived nitrogen and the processes affecting its availability
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to the biotic community. From the previous discussion, it is apparent that

the bioavailability of nitrogen in a sediment-water system may be influenced

by an interaction of transport processes and factors affecting chemical

transformations. When considering one of these influences, one must keep

in mind the contributing role of the others in determining the overall fate

of nitrogen. Certain aspects of the nitrogen cycle in sediments are

covered more fully in the following discussion.

The ammonium-nitrogen content of interstitial water within a reduced

sediment may accumulate to high concentrations relative to that of the over-

lying, aerobic water.2 93,2 94 ,29 5 Nissenbaum, Presley, and Kaplan29 3 reported

that ammunium-nitrogen reached concentrations of 250 mg/l in interstitial

water in a reduced fjord in British Columbia, but could not be detected in

the overlying water column. In one unusually well-oxidized core sample in

which the redox potential ranged from +340 to +380 mv (an oxidizing environ-

ment for nitrogen), no ammonium could be found. These researchers suggested

that sulfide controls the cedox potential of interstitial water since they

always found negative redox potential values in the presence of sulfide and

positive values where sulfide was not present. Though sulfide may indeed

have a strong influence on the redox potential where it is present in consid-

erable quantities, it is probably inaccurate to suggest that sulfide controls

the redox potential. It is more likely that each influences the other and

that several factors which contribute to a strongly reducing environment, as

indicated by a low redox potential, also contribute to an environment which

favors the formation and stability of sulfides.

Graetz, Keeney, and Aspiras2 94 also found that the ammonium content of

interstitial water was greater than found in an oxygenated overlying water
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column in simulated sediment-water systems. They noted that ammonium-

nitrogen which did accumulate in anoxic overlying water during periods of

density stratification was almost completely nitrified upon aeration of the

water column. The loss of ammonium-nitrogen and subsequent appearance of

nitrate-nitrogen in the water column upon aeration corresponded to changes

in redox potential.

The probable increase in mineralization rates and thus bioavailable ni-

trogen when reduced sediments are dispersed in an oxygenated water column

has been previously discussed. However, the greater dissolved ammonium-

nitrogen content of interstitial water when mixed with overlying water during

dredging and disposal may represent a significant source of nutrient nitro-

gen which is rapidly released in the water column.

Dredging and disposal of dredged material are certainly not the only

mechanisms by which ammonium-nitrogen formed within sediments may be mobilized

and move into the overlying water column to subsequently become oxidized to

nitrate. Diffusion of interstitial dissolved ammonium-nitrogen into the

thin oxygenated surface sediment horizon or across the sediment-water inter-

face is also an important source of amonium- and nitrate-nitrogen in the

water column.5 6'28 2'2 94 Kemp and Mudrochova28 2 found that the upward dif-

fusion of ammonium due to a concentration gradient in the interstitial water

was active to a depth of approximately 150 cm. They also reported that the

ammonification and nitrification of organic nitrogen in the top 6 cm of the

sediment resulted in about 20 percent of the nitrogen loading into Lake

Ontario sediments being lost to the overlying water, either in a nutrient form

or as molecular nitrogen (N2 ) or nitrous oxide (N2 0) gas, which would escape

into the atmosphere. Chen et al 2 96 showed that ammoniumi exchange with the
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overlying water column was considerable in the top 4 cm of the sediment

studied, but was negligible beneath the 8-cm depth. Graetz, Keeney, and

Aspiras 294 extrapolated laboratory data to determine the relative signifi-

cance of nitrogen mineralization and upward diffusion on the total nitrogen

input into Lake Mendota. They estimated that this process contributed ap-

proximately 30 percent of the nitrogen entering the lake from external sources.

From these literature reports, it would appear that a considerable amount of

sediment-bound nitrogen is released into the overlying water column from un-

disturbed sediments. This contrasts with the relatively permanent retention

of heavy metals in undisturbed sediments. Though dredging and dredged mate-

rial disposal may increase nitrogen release from sediments, the ad,'Itional

mineral nitrogen release may be relatively small compared to the quantities

released by natural processes in many sediment-water systems.

Although mineralization, ammonium diffusion to the sediment-water inter-

face, andnitrification contribute considerable amounts of nitrogen in a nu-

trient form to the overlying water, the role of sediments as a nitrogen sink

may be more significant in the overall sediment-water nitrogen balance. Ni-

trate, which diffuses beneath the sediment-water interface and the thin oxi-

dized sediment layer into a reduced sediment horizon, is subject to deni-

trification. Denitrification refers to the biological reduction of nitrate-

and nitrite-nitrogen to volatile gases which may escape into the atmosphere.

Nitrous oxide and molecular nitrogen are the usual products of denitrifica-

51 53
tion. Patrick51 and Bailey and Beauchamp have shown that nitrate is re-

duced by denitrification when the redox potential drops below about 340 mv at

pH 5 or below about 225 my at a pH of around 7. Many soil or sediment factors

influence denitrification. However, this process will generally occur in a
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sediment or flooded soil where an ample energy supply (available organic

matter) is supporting a high level of microbial activity such that the rate

of oxygen replenishment is inadequate to meet the oxygen demand for microbial

respiration.

There are many literature reports indicating that nitrate is readily

reduced within sediments. 296,29 7 Engler and Patrick 56 have shown that the

active site of nitrate reduction is at the sediment-water interface or just

beneath this interface in the underlying reduced sediment. They concluded

that nitrate in the overlying water moved into the sediment as a result of

a concentration gradient. Extrapolated laboratory data indicated that deni-

trification in the saltwater marsh from which the sample was derived could

remove about 7.4 kg nitrate-nitrogen/ha per day from the overlying water.

A freshwater swamp removed about half this amount by the downward diffusion

and subsequent reduction of nitrate.

From the previous discussion of the transport mechanisms and chemistry

of nitrogen in sediment-water systems, it is apparent that the levels of

inorganic nitrogen in water are determined by many complex processes which

are occurring simultaneously. Dredging and dredged material disposal do not

necessarily change the processes naturally occurring in t t. nitrogen cycle

of sediment-water systems. However, they may significantly affect the rate

of some of these processes and the resulting balance between processes that

act as sources and sinks for inorganic nitrogen, particularly in a localized

area. The influence of locally altering the natural nitrogen cycle in a water

body on the overall nitrogen balance of that water would be difficult to eval-

uate, and the conclusions drawn from one area may or may not apply to a dif-

ferent water course. However, due to the large amounts of sediment material
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moved during dredging and the greater nitrogen content of sediment material

relative to the amounts implicated in health and eutrophication problems,

it is apparent that changes in nitrogen availability induced by dredging

and dredged material disposal could possibly have an adverse effect on water

quality.

Ritchie and Speakman 2 98 determined the influence of settling time on

the quality of dredged material supernatant in simulated upland dredged ma-

terial disposal facilities. The concentration of nitrate was less than

1 mg/l in all samples. The large amount of Kjeldahl nitrogen in the super-

natant was reduced to about 8 percent of its initial level after one hour

of settling and to about 3 percent after 18 hours. Three percent of the

initial Kjeldahl nitrogen represented about 14 mg nitrogen/l in the sample

reported. From a figure presented in this paper, it appears that the addi-

tional decrease in total Kjeldahl nitrogen after 40 hours of settling was

not substantial.

Total dissolved Kjeldahl nitrogen of dredged discharge supernatant was

increased by a factor of about 9 relative to that of nearby surface water in

a study in the Calcasieu River, Louisiana.
29 9 The total Kjeldahl nitrogen

of the supernatant from an enclosed disposal area was about twice that of

the surface water in that area. In these two studies, dredged material dis-

posal apparently did increare the total nitrogen potentially available for

transformation into a nutrient form.

Due to the many interacting factors influencing eutrophication, it is

not possible to set a threchold value of inorganic nitrogen applicable to most

surface waters above which water quality will significantly deteriorate. How-

ever, based on the literature available, the suspension of several mg/l of

Kjeldahl nitrogen removed from a reducing environment to an oxygenated water
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column could potentially increase the rate of ammonium and subsequent nitrate

formaticn to levels well above those found to contribute to excessive algae

growth.

Phosphorus

Phosphorus is present in the earth's crust in concentrations ranging from

0.23 to 0.26 percent, expressed as P205, and is found in the biosphere almost

exclusively in a fully oxidized state.3 00 Phosphorus is most concentrated in

igneous rocks. Mining is the primary source of increasing phosphorus quanti-

ties in soilg and sediments. The concentration of phosphorus in seawater is

very small, averaging 0.07 mg/l,and it mainly occurs as an inorganic ortho-

phosphate ion, P03-.301  The most abundant species in seawater listed in

order of increasing magnitude are H3PO4, H2PO, and HPO2 - . Traces of poly-

phosphates have also been reported, 30 2 which are considered possible indi-

cators of pollution.

Phosphorus plays a governing role in the life cycles of the inhabitants

of the earth. It is present mainly as a structural component of the nucleic

acids, DNA and RNA, and plays a fundamental role in the very large number

of enzymatic reactions that depend on phosphorylation. Phosphorus is a con-

stituent of the cell nucleus and is essential for cell division and the devel-

opment of meristematic tissue. It is also critically involved in all energy

transfer steps in the cell since phosphorus is a component of compounds such

as ATP which control energy transformation.

Although phosphorus is essential for food production, the presence of

excess levels of this element in surface water may contribute to the deteri-

oration of water quality. Because the rate of mining exceeds the rate of
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transport to the sea, an ecological imbalance may result causing pronounced

pollution of inland and coastal waters. 3 0 3

Phosrhorus in the elemental form is toxic and subject to bioaccumula-

tion in much the same way as is mercury. 37 Colloidal elemental phosphorus

will poison marine fish, causing skin tissue breakdown and discoloration.

Also, phosphorus is capable of being concentrated and will accumulate in

organs and tissues.304 Concentration of phosphorus by marine fish from water

containing as little as I 1jg/l has been reported.
3 7

Role of Phosphorus in Eutrophication

Eutrophication is a natural process of lake aging that progresses re-

gardless of man's activities. It may be defined simply as the process of

nutrient enrichment. However, the problem of eutrophication has become one

of the major concerns of water-quality management of our day. The rate of

eutrophication of streams and lakes in the United States is often enhanced

by nutrient discharges from urban, industrial, and agricultural activities.

One of the most important results of excessive nutrient input into the nation's

waters is the development of an undesirable biological population which is a

nuisance to man and also serves as a physical impediment to the use of water

resources.

The normal nitrogen concentrations of most lakes are generally suffi-

cient to support the vigorous biological growth observed in eutrophic lakes,

while small quantities of naturally available phosphorus are not. 305 Al-

though the relative importance of nutrients required for phytoplankton growth

is a subject of recent controversy,277'306'307 the supply of phosphorus to

streams and lakes and its availability to the biota may be a prime factor
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controlling the rate and extent of eutrophication.4 6'308'2 72

Lee4t studied the role of phosphorus in lake eutrophication and con-

cluded that phosphorus wasa key element in causing the excessive fertili-

zation of natural waters. This conclusion was justified from several points

of view. First, phosphorus is one of the elements present in natural waters

at concentrations which limit algae growth in many lakes. Secondly, phos-

phorus is one element that is often derived from sources related to man's

activities and is thus amenable to control. The third reason for the im-

portance of phosphorus control as a means of reducing excessive fertilization

is that a significant input reduction may be achieved by removing phosphorus

from domestic wastewaters. Schindler2 72 suggested that in most lakes, re-

ducing the phosphorus input could cause a proportional abatement in phyto-

plankton bloom. Syers et al. 30 9 also suggested that since phosphorus is often

the limiting nutrient in lake waters, measures implemented to retard or re-

verse eutrophication through nutrient control are most likely to succeed

with phosphorus than with other nutrients.

Phosphorus Levels in Surface Waters

The total phosphorus content in surface water may be divided into sol-

uble phosphorus and suspended insoluble phosphorus, The soluble phosphorus

is composed of soluble inorganic orthophosphate, hydrolyzable polyphosphates,

and organic phosphorus. The suspended insoluble phosphorus includes insol-

uble inorganic phosphorus compounds, sorbed or fixed phosphorus, and phos-

phorus in micro-organisms. Phosphorus levels reported in the literature for

surface waters generally are soluble inorganic orthophosphate, unless other-

wise specified.
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As mentioned in the previous section. the phosphorus content of surface

waters is frequently the limiting factor for the growth of algae and aquatic

plants. Hutchinson3 00 states that most relatively uncontaminated lake dis-

tricts have surface waters containing 0.01 to 0.03 mg/J phosphorus. Holt

et al. 310 have collected data on phosphorus levels of several lakes and

streams as reported by several investigators. The concentration of dis-

solved inorganic phosphorus ranges from 0.018 to 0.18 mg/l and that of total

dissolved phosphorus from 0.02 to 1.4 mg/l. They suggested that if the fig-

ure of 0.01 mg/l soluble inorganic phosphorus is taken as the point above

which algae can flourish, most of the surface waters surveyed had the poten-

tial for supporting undesirable growth.

Schelske and Roth 3 8 conducted a limnological survey of Lakes Michigan,

Superior, Huron, and Erie and reported a range of 2.7 to 22 pg/l phosphate-

phosphorus in these lakes. They found higher phosphorus concentrations in

Lake Erie than in Lake Huron, indicating an output of pollutants downstream

from Lake Huron.

Sources of Environmental Phosphorus Pollution

The quantity of phosphorus present in the surface waters and sediments

of streams and lakes is dependent on the human and livestock population den-

sity, the methods and intensity of fertilization, the land management prac-

tice (e.g. forests, grassland, cropland), the pedological characteristics of

the soil, and on the type of sewage and waste treatment involved. The sources

of phosphorus which enter streams and lakes may be described as either point

sources or diffuse sources. Point sources of phosphorus include effluent

from municipal sewage treatment plants, combined sewer overflows, storm severs,
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and industrial effluent outfalls. In general, point sources consist of

relatively small volumes of flow containing relatively high concentrations

of phosphorus.

Diffuse sources of phosphorus consist of numerous low-intensity, widely

distributed sources. A major source of phosphorus of diffuse origin is a

consequence of erosion, since the soil particles that become part of the

sediment load of streams retain much of the phosphorus that was originally

bound to them. Selective erosion of finer soil particles can even result

in higher phosphorus contents within the sediment than in the parent soil.3 0 8

Thus, all land areas susceptible to erosion, such as cultivated fields,

stream banks, and construction sites, represent potential diffuse sources of

phosphorus. In addition to sediment-bound phosphorus, surface runoff water

will also contain dissolved phosphorus. Drainage tile effluents, rural sep-

tic tanks, feed lots, and ground water are also considered diffuse sources

of phosphorus. In contrast to point sources, diffuse sources of phosphorus

generally yield large volumes of flow containing relatively low concentra-

tions of phosphorus.

The sources of phosphorus in surface waters may also be divided into

those coming from industrial, municipal, and agricultural endeavors. Pollu-

tion from industrial sources mainly depends on the type of output and the

chemicals involved in the production. Municipal sources are mainly related

to sewage and the phosphate loading from detergents. Agricultural sources

include precipitation, animal waste, discharges, and land runoff of native

soil and fertilizer phosphorus.

The control of phosphorus loading from various sources needs separate

planning; some of the problems in decreasing the phosphorus load from these
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sources are discussed by Lee, 4 6 Baker and Kramer, 3 0 8 and Klausner et al. 3 1 1

Phosphorus Chemistry of Sediments and Submerged Soils

The forms and amounts of phosphorus in lake and estuarine systems are

a function of the phosphorus input from rural and urban sources, the phos-

phorus output from the lake through surface streams and ground water seepage,

and the interchange of phosphorus among the various sediment and water phos-

phorus components. Interchange between the dissolved and solid phase (par-

ticulate) phosphorus components occurs both through chemical and biochemical

reactions. The biological incorporation of dissolved inorganic phosphorus

into insoluble organic phosphorus, and the subsequent settling of insoluble

inorganic and organic phosphorus gradually remove phosphorus from the sur-

face water. 3 0 9 The direction of net transport of phosphorus is thus from

the overlying water to the sediments. Although sediments act as a sink for

phosphorus, release to the overlying water of dissolved inorganic phosphorus

can occur if the concentration of interstitial phosphorus exceeds that of

the overlying water, 312 and/or if anaerobic conditions exist in the sedi-

ments. 313

Stumm3 0 3 contended that phosphorus is deposited mainly through: (1) ad-

sorption of phosphorus on clays, (2) chemical precipitation of phosphorus

compounds like apatite, (3) incorporation of dissolved inorganic phosphorus

into the detrital phosphorus, and (4) diagenetic replacement of calcite by

substitution of carbonate by phosphate. The dynamics of availability of sed-

iment phosphorus to the overlying water depends on the phosphorus concentra-

tion of interstitial water, which in turn, depends on the redox intensity and
303

the affinity of the solid sediment phases of pnosphorus. Phosphorus behavior
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may be conveniently subdivided into the following components to better under-

stand phosphate chemistry of sediments and submerged soils:

a. Distribution of phosphorus in sediments and submerged soils as

determined by chemical fractionation.

_b. Sorption and desorption of inorganic phosphorus by sediments.

_. Role of redox potential and pH in the exchange of phosphorus

between water and sediments.

d. Chemical precipitation of phosphate compounds in the sediments.

e. Status of organic phosphorus in sediments.

Forms of Phosphorus in Sediments and Submerged Soils as

Determined by Chemical Fractionation. The phosphorus content of most

mineral soils is low, ranging between 0.2 and 0.4 percent phosphorus pent-

oxide. 58 As an important soil constituent, phosphorus is present in organic

and inorganic forms of which the inorganic forms are more mobile under water-

logged conditions. According to Chang and Jackson,314 inorganic phosphate

in the soil can be divided into four main groups: calcium phosphate, alumi-

num phosphate, iron phosphate, and reductant-soluble phosphate extracted after

the removal of the first three forms. Calcium phosphate exists mainly as

apatite; but dicalcium, monocalcium, and octacalcium phosphate exist in small

amounts as transitional forms. The reductant-soluble phosphate plus the in-

soluble phosphorus fraction, which includes occluded iron and aluminum phos-

phate fractions3 1 5 described by Bauwin and Tyner 31 6 as nonextractable

phosphorus, are not important in the fertility of well-drained soils, but

are believed to be of economic importance in waterlogged soils.

The reducing conditions caused by waterlogging activate forms of phosphate
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that are normally insoluble in well-drained soils. 5 5 For example, ferric

phosphate is reduced to ore soluble ferrous forms. Using multiple regres-

sion analysis, Mahapatra and Patrick 31 7 showed that iron phosphate, calcium

phosphate, and aluminuaphosphate accounted for most of the phosphate ex-

tracted under waterlogged conditions, while water-soluble and loosely bound

phosphate, aluminum phosphate, and calcium phosphate were the important fac-

tors in determining extractable phosphate in previously air-dried samples.

Several forms of phosphate which are coprecipitated with ferric oxide

are also released as a result of reduction of ferric oxides in the soil.

Using labelled APO4 $2H2 0, FePO4 2H 2O, and NaH2 PO4 , Patrick et al.318

have observed that most of the added phosphorus was present in the aluminum

and iron phosphate fractions with little phosphate finding its way into the

calcium phosphate or reductant-soluble iron phosphate fractions. Flooding

the soil increased the movement of all three phosphorus sources to the iron

phosphate fraction at the expense of aluminum phosphate fraction. The chem-

ical transformation of aluminum phosphate to iron phosphate may be due to

the lower solubility product of iron phosphate.
31 9

In acid sediments, phosphorus is combined largely with iron and aluminum;

and in neutral and alkaline sediments, calcium phosphate predominates.
31 9

Frink, 3 2 0 investigating the forms and amounts of phosphorus in the sediments

of a eutrophic lake, found that phosphorus combined with aluminum and iron

increased in amount with depth of overlying water, whereas calcium phosphate

decreased with water depth. Aluminum and iron were associated with the finer

soil particles and were thus transported as suspensions to the deeper parts

of the lakes before settling. Calcium phosphate was associated with the coarse

particles and was therefore deposited in the shallow water. Frink also found
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that there was an overall shift from aluminum phosphate to iron phosphate

in the acid, waterlogged soils, but that in the neutral lake deposits, alumi-

num phosphate tended to convert to calcium phosphate. Frink thus concluded

that not all the calcium phosphate found in the mud had been transported

in as a part of the sand fraction, but that some of it was formed by chemi-

cal transformations within the mud.

Association of phosphorus with iron compounds in the sediments has been

suggested by several workers.309,313, 321 ,322,323, 3 24  This relationship will

be further discussed later in the section.

The fractionation scheme of Chang and Jackson,14,315 which was designed

for soilshas been widely used to study the forms of inorganic phosphorus

in sediments and submerged soils. 317,320,325,326,327 This scheme was based

on the ability of certain reagents to solubilize inorganic phosphorus con-

tained in synthetic phosphates and phosphate minerals such as variscite,

strengite; and apatite. According to this scheme, the ammnium chloride

(NH4Cl) extraction, the first step in the procedure, removed dissolved in-

organic phosphorus in the interstitial water and the phosphate ions weakly

sorbed by soil components. The sequential extraction with ammonium fluoride

(NH4F) and sodium hydroxide (NaOH) reagents selectively removed aluminum

phosphate (variscite) and iron phosphate (strengite), respectively. Calcium

phosphate, reductant-soluble phosphate, and occluded aluminum phosphate were

then sequentially extracted as outlined in the scheme. 314'315

Recent researchers have indicated that problems can arise when the Chang

and Jackson 314,315 scheme is used to characterize lake sediment. For example,

328 322Fife and Williams et al. have shown that ammonium fluoride is not se-

lective for aluminum-bound phosphorus in a variety of materials. Bromfield 329
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reported that 50 to 75 percent of the inorganic phosphorus of "phosphated

iron oxides" was removed by extraction with 0.5 MU ammonium fluoride. Be-

cause of the lack of a relationship between inorganic phosphorus and alumi-

num in ammonium fluoride extracts of a wide range of surficial, non-calcareous

sediments taken from Wisconsin lakes, Williams et al. 322 concluded that am-

monium fluoride-extractable inorganic phosphorus was largely iron-bound.

The problem of resorption of inorganic phosphorus released from both the

calcareous and non-calcareous sediments during the same extraction further

complicated the interpretation of the data.
321 ,3 22

Williams et al. 32 2 proposed a fractionation scheme for calcareous ma-

terials, excluding an ammonium fluoride extraction and employing single ex-

tractions with sodium hydroxide (NaOH), citrate-dithionite-bicarbonate (CDB),

and hydrochloric acid reagents. They reported that the proportion of iron

plus aluminum-bound inorganic phosphorus in calcareous sediments ranged from

54 to 75 percent of total inorganic phosphorus. This indicated that, con-

trary to the results obtained with a scheme using ammonium fluoride, cal-

careous sediments may contain appreciable amounts of inorganic phosphorus in

noncalcium-bound forms.

The acid oxalate solution has also been widely used to characterize the

phosphorus retention capacity of soils and sediments. Saunders33 0 obtained

a very close relationship between oxalate-extractable iron plus aluminum and

phosphorus retention in a variety of New Zealand soils. He suggested that

this reagent extracts only amorphous compounds of iron and aluminum and the

attack on the crystalline oxides and the crystalline clay minerals is very

small. According to Saunders, the aluminum and iron extracted by oxalate

solution were derived from a complex gel, a phospho-silico-hydroxy humate of
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iron and aluminum, the type envisaged by Mattson et al. 3 31  The gel complex

is considered to be an isoelectric amorphous precipitate formed by the pre-

cipitation of ionic forms of aluminum and iron after they have been re-

leased by weathering from primary and secondary minerals.

St'ulka et al. 324 reported a close relationship between the ability of

surficial Wisconsin lake sediments to sorb added inorganic phosphorus and

the amount of iron removed by oxalate extraction. This finding, in con-

junction with the elimination of inorganic phosphorus sorption capacity when

the sediments were treated with oxalate, indicates that the sediment com-

ponents which are responsible for the sorption of added inorganic phosphorus

are oxalate-extractable. McKeague and Day215 have shown that the oxalate

reagent extracts short-range-order oxides and hydroxides, whereas crystal-

line iron oxides and hydrous oxides and iron-containing primary silicates

are little attacked.

Williams et al. 32 3 reported that the levels of inorganic phosphorus

in 16 non-calcareous and 9 calcareous surficial sediments from 14 Wisconsin

lakes were closely related to the amounts of short-range-order hydrated iron

oxides extracted by acid ammonium oxalate or neutral CDB. They indicated

that CDB iron was directly proportional to oxalate iron and suggested that

both reagents attacked the same form or forms of iron in the sediment. Re-

search conducted elsewhere (McKeague and Day 21 5 ), however, has shown that

CDB extraction dissolved a large proportion of the crystalline iron oxides

in addition to the amorphous materials. Bascomb332 compared the extracta-

bility of various solutions and reported that CDB extraction also dissolves

crystalline oxides in addition to the amorphous hydrous oxides.

Wentz and Lee 333 developed a dilute hydrochloric-sulfuric acid (pH 1.1)
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extraction procedure for the removal of available phosphorus from lake

sediments. According to the authors, this procedure allows the extraction

of relatively loosely bound forms of phosphorus, which include sorbed phos-

phorus, apatite (and presumably calcium phosphate also). and certain organic

forms. In a later study, Wentz and Lee 334 found that available phos-

phorus, which comprised one-half of the total phosphorus, was most likely

associated with the carbonate portion of the sediment.

Upchurch et al.3 35 studied the distribution of available phosphorus,

using the procedure developed by Wentz and Lee,33 3 in sediments from the

Pamlico Estuary. They reported that a high correlation (r-0.99) existed

between available phosphorus and oxalate-extractable iron in the Pamlico

Estuary. The amounts of iron extracted by dilute hydrochloric-sulfuric acid

solution and the oxalate procedure were similar, with the oxalate values

generally 15 to 20 percent higher than the acid values. Based on these re-

lationships, they suggested that phosphorus is held to suspended sediments

by some type of iron-inorganic phosphorus complex of limited solubility.

Sorption and Desorption of Phosphorus in Sediments. The ability of

sediments to sorb added inorganic phosphorus has been studied in recent year3

with the objective of understanding the role of sediments in the removal of

dissolved phosphorus from, or the release of dissolved phosphorus to, intersti-

tial waters. The term sorption used in this section includes both adsorption

(retention at the surface of the retaining component) and absorption (pene-

tration into the retaining component). It has been shown that inorganic phos-

phorus, added at concentrations considerably greater than those present in

the interstitial waters of sediments, is retained by oxides and hydrous oxides
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of iron and aluminum and calcium carbonate by a sorption rather than a pre-

cipitation mechanism.218,336 '3 37 The sorption is influenced by pH, redox

potential, and the concentration of ions such as HP02- and HCO in the sys-
4 3

tem.338 Another system for adsorption and desorption of phosphorus involves

the clay minerals such as kaolinite and montmorillonite,320,327,338.339,340,341

and this system is pH-dependent, as discussed by Golterman.
33 9

The role of aluminum-containing components in the sorption of inorganic

phosphorus by lake sediments has been little studied in inorganic phosphorus

fractionation studies. Harter32 6 concluded that aluminum components were

itivolved in the sorption of inorganic phosphorus by sediments from Bentam

Lake, Connecticut. However, Frink3 20 reported that the removal of aluminum

interlayers from 4xpandable layer silicates in the lake environments may have

resulted in the formation of short-range-order alumino-silicates capable of

sorbing inorganic phosphorus. Shulka et al.3 24 reported evidence which sug-

gests that aluminum-containing components, other than the small amount of

aluminum in an iron-rich gel complex, are of little significance in the sorp-

tion of inorganic phosphorus by surficial Wisconsin sediments.

The role of iron components, such as ferric hydroxide, ferric oxyhy-

droxide, ferrous compounds, and amorphous oxides and hydroxides of iron, in

controlling the levels of dissolved inorganic phosphorus in soils and sedi-

ments has been studied by several workers.3
09.313321.322,323,

3 24,34 2

Shulka et al.3 24 and Williams et al. 3 23 postulated that a gel complex of the

type proposed by Mattson et al., 331 largely consisting of hydrated iron oxide

along with smaller amounts of organic matter, aluminum, and associated Si(OH)4

and inorganic phosphorus, was the major contributor to the sorption of inor-

ganic phosphorus by non-calcareous and calcareous sediments from Wisconsin
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lakes under laboratory and field conditions. Patrick and Khalid3 13 sug-

gested that the conversion of ferric oxyhydroxide to the more soluble and

highly dispersed ferrous forms, under reduced conditions, increases the ac-

tivity and the surface area of the iron compounds reactive with phosphorus.
342

Singer concluded that stoichiometric additions of ferrous iron can achieve

efficient removal of orthophosphate from wastewater as ferrous phosphate.

Singer3 4 2 also suggested that ferrous phosphate may be of significance in

influencing phosphorus transport during seasonal transformations in limno-

logical systems.

The concept of a sediment functioning as a phosphate buffer in regu-

lating dissolved inorganic phosphorus has been recognized by many work-

era,3 13 ,3 26 ,3 43 ,34 4 ,345 ,34 6 ,347 with the ratio of relative phosphorus sorbed

onto the solid phase vs. that in solution determining whether inorganic

phosphorus is sorbed or desorbed.

Carritt and Goodga1343 reported that the sorption (adsorption) of in-

organic phosphorus is initially rapid, but that additional inorganic phos-

phorus is sorbed by a much slower, diffusion-controlled reaction (absorption).

The model proposed to explain these two processes predicts that during de-

sorption, both the amount and the rate of inorganic phosphorus removal from

the complex would be dependent on the length of time the complex had to form.

They supported this hypothesis with experimental evidence.

Pomeroy et al. 344 investigated the exchange of phosphate from estuarine

sediments and found that the transfer was a two-step ion exchange process be-

tween clay minerals and water with half times of 15 seconds and approximately

30 minutes. The addition of formalin decreased the amount of exchanged phos-

phate by 50 to 100 percent, and this was thought to indicate the magnitude of
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biological fixation. They estimated the amount of phosphate transferred

through the surface of submerged, undisturbed cediment to be on the order

of 1 I mole phosphate/m2/day. Biological exchange in undisturbed sediment

was minimal; but in suspended sediments, almost as much phosphate was bio-

logically exchanged as was chemically exchanged with clay minerals.
34 4

348
Li et al. suggested that exchange rates were the combined effects

of three separate first-order reactions. Reaction one, however, was much

faster and accounted for 45 to 87 percent of the total exchangeable sediment

phosphorus. Although the inorganic phosphorus was released into solution

in anaerobic systems due to reduction of iron from the ferric to the ferrous

state, the total pool of exchangeable phosphorus (sediment phase plus phos-

phorus in solution) was not greatly altered.34 8 They also showed that sorbed

added inorganic phosphorus showed approximately the same degree of exchange-

ability as native inorganic phosphorus in non-calcareous sediments, but was

more exchangeable in calcareous sediments. These findings indicate that a

large pool of sediment inorganic phosphorus has a high potential for inter-

action with the overlying water and for biological assimilation.

Adsorption isotherms have been widely used to study the rate and extent

of phosphate sorption and desorption in soils and sediments. Equations such

as the Freundlich and Langmuir adsorption isotherms describe the relation-

ship between the amount of inorganic phosphorus adsorbed by the sediment and

the equilibrium concentration in solution. The Freundlich equation predicts

that sorption will continue indefinitely, with no saturation point, whereas

the Langmuir equation is based on the assumption that a sorption maximum

should be approached as concentration increases. The derivations of these

equations will not be discussed, but some of the applications of these
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equations as an aid in nterpreting the phosphorus sorption behavior of sedi-

ments will be given.

Olsen 34 9 determined simultaneously the two opposite processes of sorp-

tion and desorption between water and sediments in well-defined oxidation

and reduction states using phosphorus-32. For the oxidized sediments inves-

tigated, the phosphorus equilibrium was described as the difference between

a gross adsorption and a liberation. Mathematical descriptions were given of

the liberated amount (B) of phosphorus from the mud to water:

B = Kb• C
w

and of the gross adsorbed amount (A) of phosphorus:

A-K" Cv

The latter expression follows the Freundlich adsorption isotherm. They cal-

culated the net amount of phosphorus adsorbed as a difference between A and

B. When experimenting with muds in the red.;ced state, the reduction of ferric

iron to the ferrous form complicated the process, and a direct mathematical

description was thought impossible to derive.

In another study, Olsen and Watanabe3 50 found that although the phos-

phorus sorption data followed the Freundlich equation, the Langmuir equation

gave a better fit over a limited concentration range. Despite the concentra-

tion limitation, Olsen and Watanabe 35 0 considered the Langmuir equation pref-

erable because (1) the Langmuir equation predicts a sorption maximum and (2)

the Langmuir equation permits calculation of a constant which is related to

the bonding energy between soil and phosphate.

351
Bache and Williams determined phosphorus sorption isotherms covering

a wide range of solution phosphorus concentrations (10-6 to 5 X 10 - 3 M phos-

phate) for 42 soils by a standardized technique modified from the Langmuir
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equation. The slope of a plot of the sorption (X) against the logarithm

of the equilibrium solution phosphorus concentration (log c measured at

c = 10-4M) proved a suitable reference index to characterize phosphorus-

sorbing properties of the soils. The quotient, x/log c, as the authors sug-

gested, was a simple, yet adequate way of indicating a fundamental soil prop-

erty, its phosphate sorption isotherm.

Kuo and Lotse34 7 reported that the rate of phosphorus adsorption by

sediments could be described by the equation:

X - KC t I / m

where X - amount adsorbed in mg/g, Co = initial phosphorus concentrate ion in

ppm, t is reaction time, and K and I/m are constants.

The calculated activation energy of adsorption was 2.7 kcal/mole. The

rate of phosphorus adsorption was rapid initially, and decreased with prolonged

reaction time. The initial rapid adsorption was probably a high energy ad-

sorption associated with low surface saturation. The slow reaction was as-

sumed to be a result of increased negative surface change, increased inter-

action energy and decreased adsorption energy. The authors 34 7 maintained that

the relatively low activation energy was indicative of phosphorus adsorption

being a diffusion-controlled process. This aquation was developed from the

Freundlich equation taking into account the fact that the slope of the plot

is independent of reaction time.

The authors347 also reported that while phosphorus adsorption by lake

sediments could be described by the Freundlich equation over a large phos-

phorus concentration range, the Langmuir equation provided a good fit to the

experimental data only at low phosphorus concentrations. The deviation from

the Langmuir isotherms at high phosphorus concentrations was explained by an
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increase in total negative potential of the surface due to phosphorus adsorp-

tion and increased interaction between adsorbate molecules.

Kuo and Lotse 3 4 7 also reported that freshly adsorbed phosphorus was

much more exchangeable than native phosphorus. This large difference in

phosphorus release between untreated and phosphated sediments was attributed

to an aging effect making adsorbed phosphorus more strongly bound by rear-

rangement of phosphate ions on the surface particles. This desorption study

showed that EDTA2- was more effective in extracting adsorbed phosphorus than

fluoride (F-), bioxalate (HC20), and hydroxyl (OH-) ions. The phosphate-

replacing power of these anions was probably related to their ionic poten-

tial and complexing ability. It was suggested that phosphate released by

EDTA2- and fluoride solutionsmost likely included phosphate held to the sur-

face by electrostatic attraction ("specifically adsorbed" phosphate) and that

held to the surface with coordinate covalent bonds (colloid-bound phosphate).

These authors also concluded that desorption was diffusion-controlled and

thus could be described by the proposed kinetic equation.

Role of Redox Potential and pH in the Exchange of Phosphorus between

Water and Sediments. The cycling of phosphorus between the overlying water

and sediments is a dynamic, steady-state system in which changes in the levels

of phosphorus in the various components are rather small and slow under con-

stant environmental conditions. The interchange of phosphorus between vari-

ous components, however, can be extremely rapid 34 3,344,34 7,348 even though

the phosphorus levels in the respective components remain unchanged.

The direction of phosphorus transfer is generally from the water to the

sediment, presumably due to particle settling and sorption processes. However,
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the direction of transport of dissolved inorganic phosphorus will often be

from the sediment to the overlying water due to direct biological uptake,

the higher levels of inorganic phosphorus in the sediment interstitial water

than in the overlying water, and the oxidation-reduction status of the sedi-

ments. 309

Lee352 conducted an extensive review of the factors involved in the vari-

ous kinds of exchange reactions between water and sediments. According to

Lee,3 52 the direction of phosphate transport is a complex function of physi-

cal, chemical, and biological interactions in the environment.

It is well established that the oxidation-reduction potential controls

the oxidation state of iron and thus affects the ability of sediments to re-

tain or release inorganic phosphorus. Mortimer 111, 112 showed that the dis-

appearance of dissolved oxygen and the subsequent reduction of a sediment

resulted in a severa.'.fold increase of dissolved phosphorus and ferrous iron.

Oxygenation of the sediment reversed the process and decreased the phosphorus

concentration in solution.

Mortimer 64 conducted a quantitative study of the effect of dissolved

oxygen in surface sediments on the chemistry of overlying water. The re-

sults show that a progressive decline in oxygen concentration from 2 mg/l

to analytical zero at the interface was accompanied by a fall in electrode

potential and this correlated with mobilization and transfer into the water of

first manganese and then iron. There was a concurrent release of substantial

quantities of phosphorus previously held in a complex form.

The high level of ferrous iron and dissolved inorganic phosphorus char-

acteristic of deoxygenated lake bottom waters may be attributed in part to

release of dissolved inorganic phosphorus from the sediments and suggest that
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ferric iron is invived in the immbilization of inorganic phosphorus in

sediments. Other processes also occur in anaerobic environments which can

release phosphate to the water column. Sulfate reducing bacteria reduce sul-

fate to sulfide, which can react with ferrous iron and form ferrous sulfide.
353

This reaction promotes the release of phosphorus.

Patrick3 5 4 studied the state of extractable iron and phosphorus at con-

trolled redox potentials in a submerged soil. The data indicated that ex-

tractable phosphorus increased over threefold between redox potentials +200

and -200 mv. Ferric iron predominated at potentials greater than +200 my

whereas extractable iron was present largely in the ferrous form below +200 my.

The sharp break in the phosphate release curve at +200 my, the same po-

tential at which ferric iron began to be reduced, indicates that the con-

version of phosphate to an extractable form was dependent on the reduction

of ferric compounds in the soil.

In a recent study, Patrick and Khalid31 3 observed that anaerobic soils

released more phosphate to soil solutions low in soluble phosphate and sorbed

more phosphate from solutions high in soluble phosphate than did aerobic soils.

The difference in behavior of phosphate under aerobic and anaerobic condi-

tions was attributed to the change i.:ought about in ferric oxyhydroxide by

soil reduction. They suggested that a probably greater surface area of the

gel-like reduced ferrous compounds in an anaerobic soil results in more soil

phosphate being solubilized where solution phosphate is low, and more solution

phosphate is being sorbed where solution phosphate is high.

Contrary to the popular belief discussed above, appreciable release of

orthophosphate may also occur under aerobic conditions. Working with Lake

Mandota sediments, Spear 35 5 reported that approximately 1 to 2 mg/l of
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orthophosphate was released when nitrogen gas was passed through the mud-

water system. When oxygen or air was used in place of nitrogen in the same

experiment, about 1 mg/1 of orthophosphate was released. Similar results

were obtained by Sridharan 3 5 6 and Bortleson. 3 5 7 They found that the amount

of aerobic release was highly dependent on sediment type, which may vary con-

siderably depending on the location sampled. These studies, however, indi-

cate that phosphorus release under aerobic conditions was very slow as compared

to the rate of release under anaerobic conditions.

In discussing these studies, Lee352 has pointed out that these experi-

ments were conducted in a well-mixed sediment-water system, and that the

rate of release was controlled by the exchange reactions rather than the hy-

drodynamics of the system. An understanding of these exchange reactions is

important in the dredging process, whichconsists of moving accumulated sedi-

ment from navigation channels and harbors and disposing of the sedimentary

material at designated open-water sites or selected on-land disposal sites.

The mixing of the sediments and sediment interstitial water with the overlying

water at the dredging site may result in the release of potentially signifi-

cant amounts of nutrients to aquatic ecosystems. Also, problems may arise

primarily from the contamination of surface or ground waters from water that

has contacted the dredged material at the on-land disposal sites.

The changes in pH of sediments may also effect the exchange of phos-

phorus between sediments and overlying waters. MacPherson et al. 358 found

that the release of phosphorus from lake muds was minimum between pH 5.5 to

6.5. Four types of lake sediments -acid bog, productive, moderately produc-

tive, and unproductive-yielded similar release patterns. Acid bog and highly

productive sediment released the most phosphate w:'th lesser amounts leached

149



from moderately productive and unproductive sediments. However, it is not

possible to tell from their figures whether they measured changes in the

sorption reaction caused by a pH effect or an effect caused by changing the

ionic strength. 338 Hayes3 59 obtained a maximum adsorption of phosphorus by

mud at pH values between 5 and 7 when H2PO4 ions were dominant. Lee and

Plumb39 have reported that adsorption phenomenon is highly pH-dependent with

maximum sorption occurring at pH values of 4 to 7. As the pH is increased

or decreased, there is a rapid loss in sediment sorption capacity.

Burnsand Ross 3 6 0 studied the effects of oxygenation on phosphorus re-

lease in Lake Erie sediments and stressed the importance of regeneration of

phosphorus in the anoxic sediments. They suggested that in the case of over-

turn of anoxic water to the surface, the pH of the mixture containing both

iron and phosphorus will rise and that iron will precipitate out as the hy-

droxide and not as the phosphate. The ferric hydroxide could then react with

some (but not all) of the phosphate molecules, resultingin a decrease of sol-

uble phosphorus. These theoretical assumptions were verified experimentally

as soluble reactive phosphorus decreased by only 10 percent during an over-

turn, whereas the decrease would have been 55 percent if all the anoxic solu-

ble reactive phosphorus in the hypolimnion had converted to the particulate

form. The proportion of soluble reactive phosphorus to particulate phos-

phorus within the water column thus increased rather than decreased with the

overturn. These results demnstrate that the phosphorus regenerated under

anoxic conditions may become bioavailable, possibly contributing to the de-

velopment of eutrophic conditions within the lake.

For a detailed account of the factors influencing the transfer of toxic

metals and nutrient elements of ecological importance between sediment and
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overlying water, the reader is referred to Mortimer,
1 11'11 2 Lee,352

Lee and Plum, 39 and Stumm. 3 0 3

Precipitation of Phosphorus Compounds in Sediments. The precipitation

and dissolution of aluminum, iron, and calcium phosphates in sediments are

considered an important buffer mechanism which regulates both the levels of

phosphorus in the interstitial waters and the release of phosphorus to the

overlying waters. An understanding of the geochemical processes involved

in the formation of these compounds in freshwater environments is of con-

siderable interest in eutrophication abatement programs.

The phosphate minerals known to exist in soils and sediments are varis-

cite (AIPO4 ), strengite (FePO4), vivianite (Fe 3 (PO4 ) 2 * 8H2 0), anapaite

(Ca2Fe(PO4 )2 ' 4H20), and hydroxyapatite (Calo(PO4)6(OH)2) 42,309,361,362

However, the evidence for the existence of most of these minerals in the sed-

iments has been based primarily on the solubility product criteria.

According to Stumm and Morgan,2 5 the minimum solubility of variscite is

at pH 6. At this pH, the precipitation of aluminum phosphate is theoretically

possible if the level of dissolved inorganic phosphorus exceeds 3 X 10-6M

(approximately 1 pg/ml). At pH 6, strengite, which has a minimum solubility

at pH 5.5, sustains a level of phosphorus of approximately I pg/ml. Stumm3 6 3

reported that the dissolved inorganic phosphorus concentration in lake waters

rarely exceeds 0.3 Pg/ml. Because sediment components can apparently regu-

late dissolved inorganic phosphorus levels to considerably less than 1 Pg/ml

(except under anoxic conditions where strengite instability is expected), it

is unlikely that strengite would persist even if it existed initially in sed-

iment. 309 Strengite and variscite are unstable at pH values > 1.4 and 3.1,
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respectively, based on ion product measurements. 36

Patrick et al. 54 studied the dissolution of strengite in flooded

soil under controlled redox potentials and pH. The results showed that

strengite undergoes partial dissolution under the reducing conditions found

in a flooded soil. The greatest release of phosphorus and iron occurred at

a redox potential of -250 my at pH 5.0. At pH 6.0, a more realistic value

for a flooded soil, 21.5 percent of the total 59Fe was extracted at a redox

potential of -250 xv. Nriagu3 61 suggested that the requirements for streng-

ite formation include a high redox potential, large phosphorus concentrations,

and low pIT.

The occurrence of vivianite has been reported in the postglacial sedi-

ments from Lakes Superior, Erie, and Ontario. 3 6 2' 3 6 5 Dell36 2 reported that

vivianite was formed authigenically within sediments and is thus a component

of the phosphorus cycle in these lakes.

Nriagu361 constructed solubility isotherms for synthetic vivianite in

the three-component system, Fe3(PO4)2 - H3P04 - H20, and defined boundary

conditions depicting the stability fields of vivianite. According to the

diagrams constructed, vivianite is stable only at very high phosphorus con-

centrations, and the vivianite field would disappear if activity of HS > 10-1.5

and activity of HPO42- < 1.0. This indicates that iron phosphate minerals

are unlikely to be formed in sulfide-generating anoxic environments unless

abnormally high concentrations of phosphorus are present.

In a recent study, Nriagu and Dell4 2 combined thermodynamic data with

measurements on the interstitial waters of Lake Erie to define the chemical

requirements for the formation of vivianite and other iron phosphates in Great

Lakes sediments. They reported that for a range in pH values of 6.5 to 9,
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where redox potential < 0 my, vivianite is the most stable mineral in the

natural geochemical environment. They suggested that ferrosoferric hydroxy-

phosphates were most stable at the redox potential and pH likely to be en-

countered at the mud-water interface. However, below the mud-water inter-

face, the lower redox potential environment may cause these complexes to

dissolve incongruently to form vivianite or a mixture of vivianite with red-

dingite or anapaite.

Contrary to the mechanism of phosphorus regeneration in limnetic environ-

ments discussed by Mortimer, 64,111,112 Nriagu and Dell suggested that the

solubility of ferrous phosphate rathet than the reduction of ferric oxyhy-

droxides controls the phosphorus concentration in the interstitial water,

and indirectly regulates the release of phosphorus to the overlying water.

Most of these findings are still based on the solubility product considera-

tions, and the experimental data to substantiate these hypotheses are lacking.

The formation of hydroxyapatite in sediments has been suggested by StummI312322532hvin
and Leckie and Williams et al. 3 2 1  Stumm and his coworkers2 5 ,3 1 2 have in-

dicated that hydroxyapatite precipitates in sediments by the interaction o

dissolved inorganic phosphorus with calcium or calcite. Calculations based

on the equilibrium constants and the free energy relationship for the conver-

sion of calcite into apatite2 5 indicate that at pH 8, [HCO3] _ 10- 3 M, a so-

lution containing 10-4M HP04
2- should theoretically convert calcite into apatite.

Sutherland et al.366 concluded that the dissolved inorganic phosphorus

concentration in the Great Lakes could be explained by a simple equilibrium

model involving hydroxyapatite. Although the concentration of dissolved in-

organic phosphorus in lake and interstitial waters is often considerably

higher than the equilibrium constants sustained by hydroxyapatite (0.03 vig/ml
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at pH 7.0),363 this does not mean that this mineral will precipitate. For

example, the Wisconsin lakes are supersaturated with hydroxyapatite,

and yet small amounts of apatite are present in the surficial sediments of

these lakes. 352

Nriagu and Dell 4 2 report that for the pH and calcium and phosphorus con-

centrations likely to be encountered in many freshwater sediments, anapaite

(Ca2Fe(PO4) 2 • 4H20) rather than hydroxyapatite would be the stable calcium-

bearing mineral. This observation conflicts with the suggestion of Sutherland

et al. 3 66 that hydroxyapatite is the most stable dialeneticcalcium phosphate.

352
According to Lee, there is little or no evidence that hydroxyapatite plays

a major role in the chemistry of phosphorus in the sediments.

Organic Phosphorus in Sediments. Organic phosphorus constitutes 10 to

320,670 percent of the total phosphorus in lake sediments, 20 367 and thus con-

stitutes a major reservoir of phosphorus. Organic compounds of phosphorus

originate in the sediments, partly from plant and animal remains and partly

from microbial synthesis from inorganic phosphorus compounds. Organic matter

that enters the lake also deposits phosphorus largely as organic compounds that

mineralize very slowly. Also, the biological incorporation of dissolved in-

organic phosphorus into particulate organic phosphorus which subsequently

settles removes phosphorus from the surface water and deposits it at the sed-

iment surface.

Reported literature data show that organic phosphorus is correlated with

organic matter in certain sediments.3 20'3 23'368 In addition to organic matter,

oxalate-extractable aluminum has been found to correlate significantly with

total organic phosphorus. 323'368 Jackman 369 also reported a similar organic
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phosphorus-aluminum relationship for some soils which may indicate that alu-

minum stabilized organic phosphorus against decomposition in soils.

Specific organic phosphorus compounds found in sediments include adeno-

sine triphosphate (ATP), and inositol penta- and hexa-phosphates. 36 8 The

presence of nucleic acids, phospholipids, and phytin in waterlogged soils has

also been indicated.3 19 An extraction-fractionation procedure employed by

Sommers et al.3 68 to characterize lake sediments indicated that, although

some differences exist, sediments in general contain similar forms and amounts

of organic matter. The observed positive correlations between the organic

matter and major organic phosphorus fractions of sediments suggest that dif-

ferences in the organic phosphorus status were more a function of general or-

ganic matter transformation dynamics than of differences in the nature of

the specific organic compounds and complexes constituting the sediment or-

ganic phosphorus fractions.

Sommers et al.36 8 reported that much of the organic phosphorus (48 to

60 percent) was composed of high molecular weight humic-fulvic complex.

Wildung and Schmidt, 305 working with sediments from the Upper Klamath Lake,

Oregon, also found that approximately 50 percent of the total organic phos-

phorus was recovered in the fulvate and humate fractions with the remaining

phosphorus present in the silicon fraction, as nonextractable sediment residual.

Selective extraction procedures for the identification and fractionation

of organic phosphorus in soils and sediments has been proposed by several

workers.30 5'367,370,371 The details of these procedures will not be con-

sidered in this report. However, it should be pointed out that the rationale

in the study of organic phosphorus compounds in sediments is such that the
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r 4 rneralization-immobilization balance is related to the types of organic

phosphorus cimpounds present, and to the nature of the association between

the organic phosphorus and other sediment parameters. The solubility and

release of organic phosphorus increases with reduction and chelation and is

directly proportional to the amount of utilizable organic matter.372 There-

fore, the study of the organic fraction of total sediment phosphorus is im-

portant to understanding the mechanism of phosphorus release to the over-

lying water and the aquatic organisms.

Sulfur

In most of t.e earth's crust, sulfur is a minor constituent and its

concentration rarely exceeds 0.03 percent in common rock types.24 Although

not abundant, sulfur is widely distributed as a principal constituent of

minerals that have formed throughout a broad spectrum of geologic environ-

ments which are representative of diverse physicochemical conditions. This

chemical versatility of sulfur may be attributed to its activity in oxidized

as well as reduced environments and its ability t. combire with both metals

and nonmetals by either covalent or ionic bonds. 373 Thc common sulfur-

bearing minerals include sulfides, sulfosalts, and sulfates. A d-talleu ac-

.ount of these minerals is given by Staples3 74 and Field.373  The sulfide

minerals are found in reducing environments.whereas the sulfates are repre-

sentative of oxidizing conditions. The minerals pyrite (FeS 2) and gypsum

(CaSO4  2H20) are the most abundant of these two forms.

The principal geologic sources of sulfur include native sulfur deposits

assocl',t.A with salt domes, sedimentary rocks, and volcanic exhalations.

Thot. ,a some s J fa is obtained as by-product recovery from the roasting or
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smelting of sulfide ores or from "sour" natural and refinery gases, deposits

of native sulfur in salt domes and in sedimentary rock are quantitatively

more important in domestic sulfur production.
3 73 According to Ambrose,37 5

approximately 85 percent of the domestic sulfur production is converted to

sulfuric acid for use in agricultural, chemical, and related industries.

Sulfur in the Environment

The potential pollutants of sulfur in the environment include sulfur

oxides and hydrogen sulfide. Sulfur oxides (SO2, SO3, H2so3, H2S04) and

sulfide and sulfate salts in the atmosphere are derived principally from the

combustion of fossil fuels used to generate electricity, to heat buildings,

and to power machines.20 0 A survey conducted in 1966 indicated that the

burning of coal, oil, and gasoline for power and heat accounted for 80 per-

cent of the atmospheric sulfur dioxide emitted in the United States. 2 00 The

remaining 20 percent of the total is ?enerated by industrial processes--

smelting, petroleum refining, and sulfuric acid manufacture. According to

this study, the automobile and natural gas do not contribute significantly

to sulfur oxide emissions. The background concentration of sulfur dioxide

in the air is about 0.5 pg/m 3, but the average annual concentration in cities

has been found to range from 27 lag/m 3 (Denver, 1966) to about 470 Iag/m 3

(Chicago, 1964).200 The U. S. Environmental Protection Agency 3 76 has set

80 lIg/m 3 as the maximum permissible concentration of sulfur oxides for health

reasons, and many cities in the United States exceed this limit. High con-

centrations of sulfur oxides are toxic and may cause injury to both plants

and man. Some of the injurious effects of atmospheric sulfur oxides have

been discussed elsewhere.200 '377,378
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Hydrogen sulfide can be toxic to soil micro-organisms and plants in

flooded soils and to fish and other aquatic animals in marine environments.

The production of hydrogen sulfide results from the reduction of sulfate by

sulfate-reducing bacteria under oxygen-deficient conditions. The inhibition

of enzymatic activity in soil and the reduced uptake of several plant nutri-

ents have been attributed to the influence of hydrogen sulfide.
3 79'380' 381'38 2

Fish and other aquatic animals have been killed in the deep water of the Caspian

Sea; the Sea of Azov; Walvis Bay, South Africa; and Norwegian fjords as a re-

sult of high levels of hydrogen sulfide produced 
in sediments.

8

The concentration of sulfur is estimated to be about 885 mg/i in sea-

water whereas freshwater contains only 5.5 mg/l sulfur.
24  Deep-sea sedi-

ments contain about 1300 11g/g sulfur, and pyrite (FeS2 ) is the most impor-

tant species found in marine sediments. The high enrichment of sulfur in

the oceans results froi volcanic activity ard leaching of surface igneous

and metamorphic rocko. The sulfur is transferred into the ocean either by

streams or rain where it may be reduced in sediments and anoxic waters by

bacteria and converted to pyrite. The other sources of sulfur in water in-

clude industrial, agricultural, and sewage discharges into waterways.
38 3

Sulfur Chemistry of Sediments

The geochemistry of sulfur, like iron and manganese, involves oxidation-

reduction reactions. Its nost conion valences in sedimentary environments

are -2 (sulfides), 0 (elemental sulfur), and +6 (sulfate). Sulfate is read-

ily reduced to sulfide in sediments and submerged soils containing decom-

posable organic matter. Under conditions of oxygen deficiency, the sulfate-

reducing bacteria, e.g. Desulfovibrio, use sulfate as a hydrogen acceptor to
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produce hydrogen sulfide.284'379 The bacteria are widely and abundantly dis-

tributed in the sediments. They are obligate anaerobes which, though not

rapidly killed by oxygen, cannot reproduce in the presence of oxygen.8 In

reduced sediments, hydrogen sulfide combines with certain metal ions to form

metal sulfide precipitates. The precipitation of metal ions such as iron, man-

ganese, zinc, copper, mercury, and other trace metals as sulfides in sediments

and submerged soils is an important mechanism regulating the solution con-

centration of both sulfide and the metal ion, either of which could be toxic.

However, an increase in dissolved oxygen concentration by currents or through

dredging activities may result in the oxidation of sulfide to sulfate or

to elemental sulfur, possibly mobilizing the toxic metals. It is evident

that the nature of sulfide transformations and the chemical and biological

conditions affecting these transformations must be characterized in order to

appreciate the metal-sulfide association in sediments.

Effect of Redox Potential and pH on Sulfur Transformation. The major

controlling factors related to reduction process in the sediments and sub-

merged soils are the microbial population, organic matter content, redox po-

tential and pH. Although Desulfovibrio desulfuricans is the mst widely

distributed sulfate reducer in nature,3 84 Desulfotomaculum, Clostridium nitri-

ficans, and Bacillus megaterium are also reported to reduce sulfate under

certain conditions. 38 5'386'38 7 Organic matter acts as a substrate for the

sulfate-reducing organisms, and a positive relationship between the accumula-

tion of sulfide and the soil organic matter has been reported in the litera-

ture.157,388

Redox potential and pH are known to control the activity of sulfate-reducing
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organisms and thus limit the production of sulfides in the environment. 4 7'

159,160,161,284,389 The boundary conditions for sulfide stability in terms

of redox potential-pH limits have been described by Baas Becking and associ-

ates,4 7'390 Garrels and Christ,
16 2 and Krauskopf.24

Baas Becking and his associates 4 7 , 3 9 0 studied the chemical and physical

conditions controlling the activity of Desulfovibrio in the natural environ-

ment and found that it cannot occur at a pH under 4.2, but can be found at

greater pH values to well over pH 10. The highest redox potential at which

sulfide may be produced is +110 my, and it may be generated at potentials as

low as -500 my. They also reported that the intensity of sulfate reduction

depends upon the sulfate content of the water and on the available hydrogen,

both organic and inorganic. The iron concentration is also important as

iron sulfide is the principal sulfide species formed.

Harter and McLean16 1 determined that sulfate-reducing micro-organisms

functioned best at Eh potentials of -75 my or less. Their work was based

on the relatively rapid rate of sulfide accumulation in soil at redox potentials

of less than -75 mv. Connell and Patrick 1 59'1 60 demonstrated that the crit-

ical oxidation-reduction potential in an incubated soil for the reduction

of sulfate was about -150 my. They also reported that in aerobic soil, the

oxidation of sulfide was rapid, with one-half of the sulfide being oxidized

after 8 hours.

Alexander 2 8 4 found that the lower pH limit for the microbial evolution

159of hydrogen sulfide was 5.5. Connell and Patrick showed that under con-

trolled conditions, little or no sulfide accumulated with a pH outside the

range 6.5 to 8.5. The maximum sulfide accumulation was found to be at pH 6.8

to 7.0. Bloomfield 391 reported that wre free hydrogen sulfide was generated
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under alkaline conditions, but he added that iron was less mobile under al-

kaline conditions and that iron chemistry governed the distribution of sulfide

in a reduced soil.

Chemical Forms of Sulfur in Sediments. The biological reduction of

sulfates results in the production of hydrogen sulfide, which combines with

any of the available metallic ions capable of forming stable sulfides under

the prevailing conditions. Kaplan et al.3 92 presented experimental evi-

dence that the product of sulfate reduction is free sulfide, which is

transformed in sediments to elemental sulfur, organic sulfur,and iron sulfide,

the latter being the dominant form of sulfur and comprising mainly pyrite

(FeS2). They studied the distribution of various sulfur compounds in recent

marine sediments off southern California and showed that the quantities of

different compounds varied with environment and depth in the sediments.

They also found that pyrite occurs in oxidizing as well as redrcing sedi-

ments and constitutes up to 90 percent of the total sulfur. Using isotopic

sulfur, they demonstrated that the sulfide released by biological reduction

is first converted to hydrotroilite and then to pyrite. A similar pathway

of pyrite formation was suggested earlier by Harmsen et al. 393 who stated

that pyrite forms by the direct reaction of hydrotroilite and elemental sul-

fur:

FeS + S - FeS2

Stanton 394 has discussed in some detail the occurrence of sulfides in sedi-

ments. He stated that the iron sulfide and pyrite (cubic FeS 2) is by far

the most common, and that pyrrhotite (Fel_,S), sphalerite (ZnS), chalcopyrite

(Cu2Fe2S4 ), and galena (PbS) are not so abundant or widespread, but are
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sometimes locally prominant and may attain quite high concentrations over

restricted areas.

Research by Harter and McLean16 1 demonstrated that in a soil producing

considerable quantities of sulfide, almost all of the sulfide was precipi-

tated as ferrous sulfide. The soil under study was high in extractable fer-

rous iron wnen flooded, and the extracted ferrous iron decreased with an in-

crease in sulfide. The production of free hydrogen sulfide under flooded

conditions has also been reported by several workers.
1 60' 389

The amount of sulfides present in the sediment may vary with the type

of sediment and the physical, chemical, and biological conditions prevailing

in the environment. Kaplan et al. 39 2 reported a value of about 1 per-

cent total sulfide in Santa Barbara Basin sediments and 0.5 to 0.7 percent

in the Santa Catalina Basin sediments. A study of the seasonal variations

in the total sulfide content of marsh sediments at two sites in Barataria

Bay gave a range of values for the two locations from 40 to 310 vg/g and from

16 to 240 jig/g during a 12-month period. 3 9 A sharp rise of total sulfides

observed during the spring was attributed to the increased reduction as-

sociated with the heavier flooding of the marsh. The analysis of Los Angeles

Harbor sediments showed that sulfide contents varied from 163 to 1673 mg/kg

dry weight. 396 Chen et al.3 96 indicated that silty clay sediments, rich

in both organics and sulfide, exhibited a higher level of release during

the quiescent settling tests. The presence of oxygen, however, was shown to

oxidize the sulfides quickly. The sulfide content of San Francisco Bay dredged

sediments has been folnd to range from 1000 to 3000 j.g/g with the sulfide

content increasing significantly with depth.9 No free sulfides were detect-

ed in the overlying water.
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May256 has determined the presence of hydrogen sulfide in the Mobile

Bay sediments and in the effluent during the dredging operations. No hydro-

gen sulfide was detected in water leaving a diked disposal area, indicating

that oxidation of sulfide to sulfate or to elemental sulfur occurred in the

supernatant water.

Effect of Sulfides on Heavy Metals in Sediments. The high concentration

of sulfides in sediments plays an important role in limiting the release of

toxic metal ions to the overlying water. The metal ions -iron, manganese,

zinc, copper, lead, mercury, and cadmium-readily form insoluble and relatively

stable sulfide compounds in soils and sediments where reducing conditions

are intense and sulfide is present.21,24,102,1,9,162,163,196 Some of these

metallic sulfide precipitation mechanisms have been discussed earlier in the

report in the discussions of the indivdual metals.

Lisk1 0 2 described a relationship between metal toxicity and properties

such as their electronegativities, the insolubility of their sulfides, and

the stability of their chelates. For example, metals like mercury and cop-

per, which are more electronegative, form sulfides of very low solubility.

and have greater chelate stability, will be more toxic. The insolubility of

various metallic sulfides was reported in the order of:

Hg > Cu > Pb > Cd > Co > Ni > Zn > Fe > Mn > Sn > Mg > Ca

Engler and Patrick1 96 evaluated the effects of aerobic and anaerobic

moisture conditions on the reactions of manganese, iron, zinc, copper, and

mercury sulfides using 3 5S. The results indicate that under anaerobic con-

ditions, the metallic sulfides were very stable with little or no dissolution

of the 35S from the metal. Where there was release of 35S under anaerobic

conditions; the release was only slightly correlated with the calculated
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solubilities of the metal sulfides. The metal sulfides were relatively un-

stable under aerobic soil conditions and the degree of sulfide oxidation was

related to some extent to the solubility product constant. The authors1 96

also reported that the degree of oxidation of the metal sulfides and the up-

take of 35S by rice plants (Oryza sativa L.) were directly related to the

solubility of the sulfides. The uptake of added 35S was in the order of:

MnS > FeS > ZnS > CuS > HgS

For the metal ions involved, the toxicity to plants appeared to be inversely

related to the solubility of their sulfide salts with divalent mercury being

the rost toxic and manganous manganese and ferrous iron being the least toxic.

KrauskopfI 0 3 suggested that local precipitation of sulfides in a re-

ducing environment was a possible control mechanism for copper, zinc, mercury,

silver, cadmium, bismuth, and lead concentrations in seawater. The con-

centration of these metals, however, had no discernible relation to the cal-

culated solubilities of their sulfides, indicating that this mechanism is

not a majnr controlling factor. The sulfides of nickel, cobalt, tungsten,

molybdenum, and vanadium, on the other hand, were far too soluble to explain
242

the concentration of these metals. Piper showed that the concentration

of zinc in the suspended matter in the sulfide-bearing water of a Norwegian

anoxic fjord was controlled by sulfide precipitation. A sevenfold increase

in the concentration of zinc in the suspended matter below 40 m indicated

that zinc was prec ,itating as a sulfide. This observation was confirmed

by the fact that the activity product for zinc sulfide exceeded its solubil-

ity product (10- 2 0 . 6 vs. 10- 2 2 . 9 , respectively). The distribution of iron,

manganese, cobalt, nickel, and copper in the sediments, on the other hand,

was dominated by the mineralogy of the lithogeneous material and the abundance

of organic matter.
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A selective extraction of San Francisco Bay dredged sediments determined

that 92 percent of the cadmium, 45 percent of the lead, 43 percent of the

copper, 39 percent of the zinc, 23 percent of the mercury, 19 percent of the

manganese, and 6 percent of the iron was associated with organic and sulfide-

like phases.9 Significant correlations were also observed between the total

heavy metal contents and the total sulfur. Based on these results, the

study concludes that sulfides play an important role in the movement of

trace metals within San Francisco Bay.

Hallberg60 measured the vertical distribution of several metal ions

(acid soluble) in sediments collected from an intertidal area on the island

of Ameland, off the coast of Holland and studied interrelationships between

different sediment parameters. The data indicate that the heavy metals in

the reduced hydrogen sulfide-rich layers of the sediment may not necessarily

be present only as sulfides. The adsorption and absorption by clay minerals

and organic matter may account for some of the metal concentrations, as was

evidenced by a high correlation between the metals, the organic matter,

and the finest sediment fraction. The results of the study also suggest that

there may be a competition for the heavy metals between the naturally occur-

ring chelating agents and hydrogen sulfide. For example, if a metal-chelating

compound has an upward diffusion rate in the sediment which is greater than

that of hydrogen sulfide, the chelated metal will be withdrawn from the hy-

drogen sulfide zone. The chelating and complexing effect of decomposed or-

ganic matter was very striking in the case of copper,which was twice as con-

centrated in the oxidized layer as in the reduced layer. Iron, zinc, lead,

and nickel were slightly more abundant in the reduced zone than in the oxi-

dized zone, which suggested a greater influence of sulfide precipitation.

165



It is evident from these studies that the stability of metal-sulfide

complexes in sediments-is greatly modified by several sediment parameters

and especially by the organic matter. The chelating and complexing proper-

ties of the organic ligands may keep the trace metals in solution which

would be precipitated otherwise. The presence of organic material influences

the transformations of heavy metals in sediment-water systems such that the

metal-organic interaction is often greater than the interaction between met-

als and inorganic ligands.4 3 This means that metal solubility predictions

based on thermodynamic calculations must consider metal interactions with

organic as well as inorganic substances for a meaningful interpretation.

The complexity of thermodynamic equilibrium in sediment systems is shown

by Lindberg and Harriss,21 who found mercury concentrations in the Everglades

interstitial water to be 2.6 to 36 times higher than the average levels in

the overlying waters. They reported that the calculated solubility of mer-

curic sulfide under pH and sulfide concentration levels measured in these

cores was 1013 to 1031 times too small to account for the dissolved mercury

concentrations. This high enrichment of mercury was thought to be due to

the formation of soluble organo-metallic complexes and/or polysulfide com-

2-plexes of relatively high solubility such as HgS2H- and HgS (HS)

Chen et al.3 96 investigated the transport of heavy metals under

oxidized and reduced conditions in Los Angeles Harbor sediments. The

experiments were conducted in plexiglass columns set up in a dark, controlled

temperature chamber (10 ± 20 C). The sediment-seawater columns were main-

tained at oxidized and reduced conditions for two months and samples analyzed

at appropriate intervals. The results show that all metals except silver.

-hromium, and mercury were released under oxidized conditions. Cadmium,
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manganese, nickel, and zinc were released in high concentrations, with copper,

iron, manganese, and lead released to a lesser extent. The authors3 96 have

speculated that this release was mainly due to carbonate, chloride, and or-

ganic complex formation.
396

Chen et al. reported that iron and manganese were released to very

high levels under reduced conditions and that sulfides of iron and manganese

uere not the controlling factors under reduced conditions. The concentrations

of other trace metals were decreased to extremely low values curing the ini-

tial contact period. As time passed, the concentrations of cadmium, copper,

mercury, nickel, lead, and zinc were again increased. Under these experi-

mental conditions, the increased cadmium concentration was close to the solu-

bility of cadmium predicted from pH and the solubility of cadmium sulfide.

The concentrations of copper, mercury, nickel, lead, and zinc in the inter-

stitial water after 60 days of contact were higher than chose predicted from

the formation of sulfide complexes. The decrease in the soluble metal con-

tent for several metals during the initial contact period was explained by

metallic sulfide formation. The metallic sulfide species are more stable

compared to most of the chloride, carbonate, or organo species. The subse-

quent increase in trace metal levels under reducing conditions was attributed

to desorption from iron and manganese or clay minerals, formation of More

soluble sulfide complexes, formation of organo-metallic complexes, or slow

kinetics of metal sulfide precipitation, which, as explained by the authors,

is not clearly understood.
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FORMS OF TRACE METALS IN SEDIMENTS AS

DETERMINED BY CHEMICAL FRACTIONATION

It is necessary to know the chemistry of trace metals in sediments in

order to understand the cycling of metals in both undisturbed and disturbed

sediments. This knowledge is indispensable in evaluating the fate of these

metals that are introduced as pollutants into the aquatic system as a by-

product of modern civilization. With regard to water quality, it is impor-

tant to determine whether the trace metals are (1) in solution or loosely

adsorbed on solids, where they are readily available, (2) complexed with in-

soluble organic or inorganic substances where chemical or biological changes

are required before they are released so that they are less available, or

(3) in the crystal structure of deposited or suspended mineral particles where

they are essentially unavailable. In recent years, there has been much in-

terest in establishing the distribution of trace elements among the various

components of the sediment-water system. The geochemistry and occurrence of

these metals havebeen discussed in previous sections. In this section, the

existing literature on the selective extraction of heavy metals will be re-

viewed in order to identify an appropriate procedure for the sequential chemical

extraction of sediments. Such a procedure should help explain the transfor-

mations these metals undergo when sediments are subjected to different envi-

ronmental conditions, especially during dredging and disposal operations.

264
Goldberg and Arrhenius used a technique involving the chelation action

of ethylenediaminetetraacetic acid (EDTA) to examine the distribution of trace

metals between the components of marine sediments. According to the authors,
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this treatment completely dissolves manganese nodules, leaving the minerals

as intact as possible. The use of EDTA was criticized on the grounds that

the adsorption process was slow and that EDTA interferred with the elemental

analysis of so:7e trace metals in the solution.
39 7

Arrhenius and Korkiscd 9 8 used 1 M hydrochloric acid to separate the iron

oxide fraction of the ferromanganese nodules. The results show that the fer-

romanganese nodules contain a reducible fraction, consisting of oxides of

manganese, which can be separated using a reducing solution, hydroxylamine

hydrochloride. Later studies, however, showed that the reagent will not only

dissolve manganese oxide phases of ferromanganese nodules, but will also dis-

solve up to 50 percent of iron oxide present.
397

Chester and Hughes 399 studied the distribution of nickel, manganese,

and iron in North Pacific pelagic clay using dilute hydrochloric acid and

EDTA. Fifty-six percent of the total nickel was bound in the manganese nod-

ules,and44 percent was in the clay lattices. There was no nickel present

on the exchange sites. The distribution of manganese was such th3t 88 per-

cent was recovered in the marine-derived nodules and 12 percent was bound to

clay lattices. Ninety-five percent of iron was determined to be in the clay

lattices; and only 5 percent was associated with iron oxides and manganese

nodules. The investigators indicated that unless the various sediment frac-

tions were considered separately, the relationship between trace metals and

major elements could be masked in pelagic sediments.

In later studies, Chester and Hughes 99 ,3 97 advocated the use of a mix-

ture of I M hydroxyalamine hydrochloride and 25 percent acetic acid in de-

termining trace elements in marine sedimentary environments. Iron, manganese,

copper, lead, cobalt, nickel, chromium, and vanadium in the North Pacific
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pelagic clay were chemically separated into three types: land derived (litho-

geneous), nodular marine derived (hydrogeneous), and non-nodular marine de-

rived. The lithogeneous contributions represented materials weathered from

the continental areas, and, in most cases atoms bound in the clay lattices.

The hydrogeneous nodular fractions were comprised of manganese-rich nodules

whereas the non-nodular material represented metals bound in hydrous iron-rich

oxides. However, these wrkers cautioned that selective chemical attack does

not permit a distinction to be made between trace metals removed from the sea-

water and those incorporated in preexisting mineral phases. The conclusions

were based on the fact that the quantitatively important hydrogeneous phases,

opal and authigenic clay minerals, could not be separated from minerals of

the lithogenic origin.

Presley et al. 14 2 studied the distribution of iron, manganese, nickel,

cobalt, copper, molybdenum, zinc, lithium, and strontium in a reducing fjord

of British Columbia. The sequential extraction procedure employed was as

follows:

a. Leaching with acetic acid in hydroxylamine hydrochloride.

b. Leaching with hydrogen peroxide.

c. Dissolution in hydrofluoric-nitric-perchloric acid mixture.

They stated that the first extraction removed metals bound to carbonates, hy-

drous oxides, and some sulfides. The second extraction removed metals bound

to the sulfides and organic matter, and the third, residual dissolution, re-

moved the lithogeneous mineral-bound metals. They also suggested that the

trace metals that were chemically leachable were bound with amorphous oxides

of iron and manganese and as sulfides with a minor contribution from exchange-

able ions.
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Nissenbaum4 0 0 reports on the chemical fractionation of iron, manganese,

strontium, copper, nickel, and zinc in a sediment core from the sea of Okhotsk

in the North Pacific off the coast of Siberia. The sediment was leached suc-

cessively with water, hydrogen peroxide, acetic acid, and hydrochloric acid and

finally fused with sodium carbonate. The metals removed by these extractants

were respectivtit, designated as (1) water soluble; (2) organic- and sulfide-

bound ions; (3) carbonate-bound, exchangeable, and some hydrous oxide-bound

ions; (4) the remainder of the hydrous oxide-bound ions plus some metals in

the clay lattice sites and silicate minerals; and (5) the remaining fraction of

the silicate materialswhich included resistant clays and detrital silicate min-

erals transported from the neighboring land area.

Although there is a considerable overlapping in the chemical and minera-

logical makeup of the different extractants used by Nissenbaum,4 00 these

data do indicate the diagenetic transformations occurring in the sediments.

For example, a gradual decrease in the acetic acid fraction combined with an

increase in the hydrochloric and residual fractions along the entire length

of the sediment core may occur by the recrystallization of the poorly crystal-

line ferromanganese oxides into more stable forms, or by diagenetic transfor-

mations of clay minerals in the silicone-rich environment. The appearance of

iron in the hydrogen peroxide fraction was attributed to the probable lower

redox potential values facilitating the formation of iron sulfide.

The studies cited above have been mainly concerned with the sedimentary

geochemistry of pelagic sediments. The classification of various sediment

components was related primarily to their origin into lithogeneous, hydrogene-

ous, biogeneous, and related categories. Studies of this kind are important

in determining the origin of deposited sediment and the processes by which
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different chemical elements have been incorporated into the sediments with

time. The purpose of this investigation, however, is to use an extraction

procedure which should indicate those phases which participate in chemical

and biological transformation in oxidized and reduced sediments. The selec-

tive extraction studies discussed earlier do not account for oxidation-reduction

reactions which may cause phase differentiation of elements within the sedi-

ment. Host of the partitioning of elements in these studies has been done

on dried and ground samples, which obviously changes the nature of amorphous

materials, organic matter, and certain clays, resulting in a modification of

exchange properties and other surface characteristics of the sediment.

The effect of drying on the cation exchange capacity (CEC) and exchange-

able iron and manganese of sediments is demonstrated by Toth and Ott. 1 4 Air

drying of the bottom sediments resulted in a 21-percent decrease in the CEC

whereas ovendrying resulted in a net loss of 35 percent in the CEC values.

During ammonium acetate extraction of dried sediment sample, organic matter

exhibits a hysteresis effect and some sites become unavailable for ion re-

tention. Another factor responsible for reduction in CEC values during the

drying process is the oxidation of ferrous and manganese ions to ferric and

manganic ions which tend to precipitate as insoluble oxides, thereby blocking

exchange sites. The data indicate that drying bottom sediments reduces the

exchangeable iron and manganese contents from very high to almost trace lev-

els. Since heavy metals are related to iron and manganese compounds, phase

differentiation of these compounds will alter the distribution of heavy

metals in the sediments.
11 7 '14 9

The effects of atmospheric oxidation on chemical transformations in the

interstitial water and sediments are well known. 40 41 '55 ' 6 6 313 Thus, the
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selection of an extraction procedure aimed to study the chemical and biologi-

cal transformations in the sediments should preclude any atmospheric oxidation

at certain operational steps.. One of the main goals of this investigation

is to predict the effects of dredging and disposal operations on the possible

migration of toxic metal ions and plant nutrients from insoluble forms to

soluble and exchangeable forms in dredged material sediments. Dredging usually

results in the transport of bottom sediments from an oxygen-deficient, anaer-

obic environment to an environment in which oxygen is at least temporarily

available. Some aerobic sediments are also mixed with anaerobic sediments

by dredging. The changes in the physicochemical properties induced by dredg-

ing affect the activity of toxic metal ions and plant nutrients in lake and

river sedimenta. The chemical fractionation procedure should be sensitive

enough to register such changes, which are easily masked by oxygen contamina-

tion during extraction.

This laboratory has developed a selective extraction procedure applicable

to many sediments and which takes into account the functional properties of

various sediment components, rather than the traditional sedimentary geo-

chemistry. This extraction procedure is based on the work of Patrick and

55 54 4/0 ,41  Enlre l 401
Turner,5 5 Patrick et al., Gotoh and Patrick, and Engler et al.

with modifications incorporated as deemed necessary to make the proce-

dure more reproducible as well as practical.

Patrick and Turner55 studied the distribution of various forms of man-

ganese in waterlogged soils and the influence of redox potential on these

forms. The fractionation scheme involved sequentially extracted (1) water-

soluble fraction, (2) exchangeable fraction, (3) easily reducible fraction,

and (4) residual forms of manganese. Water-soluble manganese was rapidly
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filtered through a 0.45-4m membrane filter under argon, and exchangeable

manganese was then extracted with 1 N ammonium acetate under argon. Easily

reducible manganese was then remved by five successive extractions with I

N ammonium acetate containing 0.2 percent hydroquinone. A mixture of nitric

and perchloric acids was used for digestion of the residual fraction. A

significant finding of this study was the conversion of easily reducible man-

ganic compounds to the exchangeable manganous form upon reduction. Residual

manganese was not affected by flooding the soil.

In later studies related to manganese and iron transformations in a

waterlogged soil, Gotoh and Patrick4 0 ' 4 1 extracted the water-soluble plus

exchangeable fraction by three successive extractions with 1 N ammninum ace-

tate adjusted to the pH of the soil suspension. The water-soluble fraction

was determined on a separate sample by filtration through a 0.45-pm mem-

brane filter. These two extractions were made under a nitrogen atmosphere

to protect iron and manganese from atmospheric oxidation. The reducible frac-

tion was extracted with a sodium dithionite-sodium citrate solution bu fered

with sodium bicarbonate according to the procedure proposed by Mehra and

Jackson.4 02 This procedure has been shown to be effective in removing free

iron oxides from soils without appreciable dissolution of iron silicate clays.

Kilmer 4 0 3 also employed a sodium dithionite solution to remove free iron ox-

ides from soils. A modification of Mehra and Jackson's method and Kilmer's

procedure was suggested by Holmgren,40 4 which eliminated the use of the

sodium bicarbonate buffer. This modification was found to improve the effec-

tiveness of the extractant as well as reproducibility for Oxisols and Ultisols

containing much iron.

McKeague and Day 21 5 have demonstrated that dithionite-citrate-bicarbonate

174



extraction dissolved a large proportion of the crystalline iron oxides in

addition to amorphous materials. They presented experimental data indicating

that oxalic acid and ammonium oxalate was a better extractant for amorphous

iron and aluminum as very little was removed from crystalline materials.

Gibbs4 0 5 evaluated the transport of iron, nickel, copper, chromium, co-

balt, and manganese in the Amazon (Brazil) and Yukon (Alaska) Rivers: (1) in

solution, (2) by adsorption, (3) as metallic coatings, (4) in solid organic

material, and (5) in detrital crystalline material. The fraction of these

elemer, present in a solution form was determined in filtered water samples

acidified with distilled hydrochloric acid to pH 1.5. The adsorbed cations

on the suspended material were extracted with a 1 N magnesium chloride solu-

tion adjusted to pH 7. The metallic coatings on the suspended material were

removed with a sodium dithionite-citrate solution, and the solid organic ma-

terial was oxidized by sodium hypochlorite, pH 8.5. The residual suspension

was then fused with lithium metaborate and dissolved in nitric acid for metal

analysis.

Gibbs4 05 showed that ammonium acetate, a widely used extractant for

adsorbed ions, also dissolved or complexed the metallic coatings of the sedi-

ment particles and was thus not a good measure of adsorbed cations. Magnesium

chloride, on the other hand, did not dissolve the metallic coatings. Results

of this study indicate that the transport mechanism for various metal ions

was similar in samples collected from the Amazon and Yukon Rivers. Copper

and chromium were transported mainly in the crystalline solids; manganese,

coatings; and iron, nickel, and cobalt were distributed equally between pre-

cipitated metallic coatings and crystalline solids. The amounts of metal ions

related to the soluble and adsorbed phases were generally very small, except
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for chromium and manganese where more than 10 percent of the total was pres-

ent in solution. Gibbs concluded from his data that the chemistry of metal-

lic ions under study varied such that no sweeping generalizations can be made

regarding the incorporation of these metals into various sediment fractions.

Engler et al. 401 recently have developed a selective extraction scheme

to separate metals bound in various sediment phases based on their chemical

and biological transformations in aerobic and anaerobic sediments. The se-

quential extraction procedure proposed includes separation of various metal

ions into:

a. Interstitial water phase (centrifugation followed by vacuum fil-

tration under a nitrogen atmosphere).

b. Exchangeable phase (extraction with 1 N ammonium acetate buffered

to the sediment pH).

c. Easily reducible phase (extraction with acidified hydroxylamine hy-

drochloride according to the method of Chao 149).

d. Organic phase (digestion at 950C with 30 percent hydrogen peroxide

acidified to pH 2.5 followed by extraction with 1 N ammonium ace-

tate buffered to pH 2.5).

e. Moderately reducible phase (extraction with sodium citrate-dithionite

404according to the procedure developed by Holmgren4).

f. Residual phase (the dissolution of residues from previous extraction

with hydrofluoric, perchloric, nitric, and hydrochloric acids as

suggested by Smith and Windom
40 6).

Engler et al.40 1 suggested that the proposed extraction should be done on

relatively undisturbed sediments avoiding drying or atmospheric oxidation.
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FIXATION AND RELEASE OF TRACE METALS

AND PLANT NUTRIENTS

DURING DREDGING AND DISPOSAL OPERATIONS

The exchange of potentially toxic metals and plant nutrients between the

solid and the liquid phases during dredging and disposal operations is a func-

tion of several processes such as complexation, ion exchange, adsorption and

desorption reactions, mineralization and imobilization, precipitation, and

other reactions which may occur simultaneously in the same system. Redox po-

tential of the sediment-water system is a major factor known to influence these

processes, and a discussion on the relationship of fixation and release to

redox potential has been presented in earlier sections. The purpose here is

to point out that the lack of understanding of the interacting effects of cer-

tain of these processes stems from two opposite views of the effect of oxidation-

reduction potentials. One view is that the presence of sulfide under reduced

conditions will precipitate toxic metals, resulting in a very low solubility,

and that the conversion of sulfide to sulfate will release these metals under

oxidizing conditions. The opposite thought is that toxic metals will be more

soluble under reduced conditions due to the reduction of iron and manganese

hydrous oxides which tend to sorb or coprecipitate toxic metals under oxidized

conditions.
117

Evidence supporting the fixation of trace metals under reduced conditions

is presented by Holmes et al. '53 who found the oxygenated water of Corpus

Christi Bay, Texas, to be more enriched in zinc and cadmium than the reduced

bottom waters. In summer, when the harbor was stagnant, cadmium and zinc

precipitated in the anoxic sulfide-bearing waters. However, in winter, the
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presence of dissolved oxygen resulted in the debirption of sulfide-bound met-

als. Similar results were reported by Lu and Chen4 0 7 under laboratory con-

ditions. Sediment samples from the Ins Angeles Harbor were mixed with sea-

water and equilibrated in columns under a range of conditions from oxidized

to very reduced. The trace metals cadmium, copper, nickel, lead, zinc, iron,

and manganese were found to be released under oxidized conditions compared

to the concentrations in the original seawater. Under reducing conditions,

large amounts of iron and manganese were released into the water column. The

authors concluded that metal release under oxidizing conditions was the result

of soluble complex formation, most likely of metal carbonates, chlorides, and

organic compounds. Under reducing conditions, iron and manganese were re-

leased as a result of dissolution of previously insoluble hydrous oxides, but

other trace metals were immobilized by the formation of sparingly soluble

sulfides. The desorption of trace metals associated with sewage effluents

upon mixing and dilution with the seawater under aerobic conditions was shown

by Hendricks and Young. They attributed these releases to the oxidation

of organic particulates containing the metals, the oxidation of metal sulfides,

surface desorption of the metals upon dilution, and soluble complex formation

of both inorganic and organic compounds.

Evidence indicating that trace metals are more soluble under reducing

conditions has been shown by several workers. Brooks et al.40 9 found iron

and nickel to be enriched in interstitial waters taken from reduced sediments

in comparison to oxidized interstitial waters at the sediment surface. WindomI01

interpreted the observed decrease of iron, copper, and zinc at a dredge dis-

charge pipe to be the effects of immediate oxidation and precipitation of iron

and the scavenging effects of iron on trace metals resulting in their precipita-
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tion along with the freshly precipitated iron. The subsequent increase in

trace metal concentrations in the water with time was explained by the reduc-

tion of ferric hydroxide precipitates and the production of ferrous sulfide

thus releasing trapped metals to the water.

Dredging of waterways (rivers, bay areas, and lakes) normally results an

the transport of bottom sediments from an oxygen-deficient, reduced environ-

ment to an environment in which oxygen is at least temporarily available. The

changes in physicochemical and biological conditions if the sediments induced

by dredging may influence the activity of toxic metal ions and plant nutri-

ents. Since the behavior of various ions in the sediments is simultaneously

affected by a variety of processes, the direction of change will largely de-

pend on the dominating processes.

The distribution of various metal ion species in natural fresh waters

is generally governed by oxidation-reduction reactions, pH, and the solubility

of their carbonates, oxides, hydroxides, and sulfides.4 3 Silicates may also

exert some influence on the concentration of metal ions at high pH. The ef-

fects of these systems on the equilibrium speciation of various trace elements

are summarized in Table 1. The computations indicate that under oxidi:l-g

conditions, free ions tend to dominate at low pH, and carbonate, oxide, hydrox-

ide, and silicate solids precipitate at higher pH values. In reducing environ-

ments, insoluble sulfide species dominate. From Table 1, it is apparent that

trace metals are either present as free ions or precipitated with superabun-

dant ligands where the solubility of the precipitates regulates the concentra-

tion of free ions. The exception to this general rule under the conditions

of the computations is the presence of soluble complexes of copper carbonate,

mercuric chloride, and mercuric sulfide, which may exist in natural waters.
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Table 1

Predominant Trace Metal Species under All Conditions
of Computation in the Models (Morel et al. 4 J)

Species Accounting for Species Accounting for
Metal more than 90% a few percent

Fe Fe(OH)2 +, FePO4 (s), Fe(OH) (s)
FeCO 3(s), FeS(s), FeSiO3 s

Mn Mn++, MnCO3 (s), MnO2(s) ++
MnS (s) MnHCO3 , MnSO4, MnCl

4

Cu Cu++, Cu 2CO. (OH) (s)

CuCO3, MuOHi2(s) CuSO4

CuS(s)

Cd CdS+s) CdCO3(s), Cd(OH)q(s) Cd+,C~

Zn Zn++, ZnCO3(s), ZnSiO3(s)ZSOZl4
ZnS(s) ZS4 nl

Hig HgC12, Hg(OH)2 (s) SSI
ligS(s) Hg(liq), HgS2 , Hg(SH)2

Pb PbS+s) PbCO 3(s), PbO2(s)PbObl
4

Notes:

The species of each metal are listed in the order they are
found with increasing pH. The species listed in the top line
for each metal are for oxidizing conditions and the bottom

line refers to a reducing environment.
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Morel et al.43 computed the equilibrium concentration of various

trace metals for a well-oxygerated model and a reducing model for average

concentrations of ligands found in natural waters (See Tables 2 and 3, res-

pectively). It should be pointed out that the calculations were based on a

pure inorganic system where organic complexation of metal ions was not consid-

ered. They studied the interactions between vacious metal ions and concluded

that the inorganic constituents of fresh natural waters were relatively in-

dependent of each other.

Morel et al.4 3 also investigated the effects of selected organic li-

gands introduced into a pure inorganic system on the solubility of various

metal ions. Table 4 illustrates the addition of four organic ligauds -citrate,

glycine, nitrilotriacetate (NTA), and cysteine - to an inorganic system where

computations were made under o-idizing conditions (See Table 2). A compari-

son between Table 2 and Table 4 emphasizes the importance of organic ligands

in keeping metals in solution. Carbonates of cadmium and copper which precipi-

tated in the pure inorganic system were not present as solid species after

the introduction of organic ligands in the system. Also, the addition of or-

ganics partitioned the total metals into a larger number of relatively impor-

tant complexes. The total concentration of various metal ions used in com-

putations was the same for both inorganic system (Table 2) and for the system

containing organic ligands (Table 4), the concentration of free ions in solution

for certain metals decreased as a result of adding organics to the system.

This phenomenon of decreasing concentration was more pronounced in the case of

mercury, lead, and copper. The concentration of free zinc and cadmium in so-

lution was only slightly affected byorganics, and no effect was observed in

manganese, iron, calcium, magnesium, and sodium. A decreased concentration of
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Table 3

Results of an Equilibrium Computation
for Reducing Conditions:

PC -4. pH = 7 (Morel, et al. 4
3)

Metal CO3  S Cl P04  OH

Total- *3.00 4.50 3.50 5.00 --

Conc. Free
+ Conc. 6.41 7.23 3.50 11.84 7.00

Ca 3.00 3.01 4.81 7.95 -- 7.56 8.51

Mg 3.50 3.51 5.40 8.34 -- 7.55 7.81

Na 3.50 3.50 8.61 9.93 .-- --

Fe 5.00 8.17 -- 13.10 10.67 24.21 9.77S

Mn 5.50 5.52 6.93 10.45 7.82 8.46 8.72

Cu 6.00 27.07 26.77 32.00s  29.87 29.61 28.07

Cd 6.00 14.87 18.17 19.80s 15.76 23.31 16.97

Zn 7.00 15.07 -- 20.00 17.27 18.51 17.67
5

Hg 9.00 42.47 -- 35.27 .--

Pb 7.00 19.47 -- 24.10 21.17 -- 19.67
s

Notes:
Numbers are negative logarithms of molar concentrations in
solution. The presence of a solid is indicated by s. A
blank signifies the absence of a computable species. Numbers
underlined indicate species or solids that amount to more than
1% of the total metal.
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soluble sulfide and chloride complexes of some metals were also observed

after the addition of organics to the system. These authors suggested that

under reduced conditions, a large concentration of ferrous iron may precipi-

tate nost of the sulfide and keep other trace metals from precipitating. Sev-

eral other researchers 21,25,60,14 4,14 8,39 6 have also discussed the important

role that organics play in complexing trace metal ions and keeping them in

solution in natural waters. These reports have been discussed earlier under

appropriate metals.

It is possible that the interaction of various ionic species present in

a sediment-water system disturbed by dredging may result in minimum changes

in the concentration of trace metals. Numerous studies reported in the lit-

erature on the effects of dredging on trace metal availability indicate that

the damage to water quality or biological life is minimal or nonexistent in

most of the cases.

May2 56'4 10 has studied the effects of dredging operations on water qual-

ity in Alabama estuaries. In the study reported in 1973,410 hydraulic and shell

dredging and open-water dredged material disposal had little significant immedi-

ate effect on Mobile Bay water quality. About 96 percent of the sediment dis-

charged by dredges settled very rapidly and was transported by gravity along

the bottom as a separate flocculated density layer. Potentially harmful com-

ponents of the mud such as heavy metals and pesticides were not released to

the water column. May suggested that under such conditions, biological up-

take of potentially deleterious components of the mud would not be expected.

256
In a second study, May found that dredging, by confined dredged

mater ial disposal, did not degrade water quality in Chickasaw Creek, Alabama.

The quality of water returned to the waterway was better than that in
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the stream before or during dredging due to an increase in dissolved oxy-

gen and removal of solids and hydrogen sulfide. There was no significant

increase in trace metals in the return waters from the confined dikes. Be-

fore and during dredging, bottom waters in the area had zero dissolved oxygen

and surface waters ranged from 0 to 2.6 mg/I. At the dredged material area

overflow where the supernatant water was returned to the creek, dissolved oxy-

gen ranged from 4.2 to 5.2 mg/l. Trace metals present in the dredged sediment

included lead coucentrations up to 180 1ig/g, zinc up to 1900 Pg/g, cadmium up

to 6 pg/g, copper up to 293 pg/g, and mercury up to 2 1ig/g. However, these

metals were not released into the water in a soluble form as levels in the

return water were no% significantly different from levels in the stream. Val-

ues reported for the concentration of trace metals in the stream were: lead,

20 to 200 hg/i; zinc, 20 to 40 jIg/1; cadmium, <10 to 20 hg/1; copper, 10 to 5C

1g/1; and mercury, <1.0 to 1.6 Pg/l. May 2 5 6 proposed that the lack of signif-

icant changes in water quality following dredging and dredged material disposal

may be due to the following possibilities: (1) although chemicals in the

mud are influenced by redox conditions, the processes are either too slow or

too quickly reversible to allow sediment c'.nstituents to become dissolved where

dredged material is deposited in confined areas or in open water; (2) the ma-

terials (trace metals and other ions) are so strongly adsorbed to inorganic

or organic matter that reducing conditions have little effect on their re-

lease; and (3) the materials are largely in refractory forms such as lignins,

sulfide compounds, organic complexes, hydroxides, or in the elemental state,

which are not readily soluble under conditions created by dredging. May sug-

gested that these possibilities should be examined under rigidly controlled

laboratory conditions.
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Ritchie and Speakman298 studied the effects of settling time of dredged

sediments on the quality of wdLer in Ashtabula and Fairport Harbors in Ohio

and in confined disposal facilities. A settling time of I to 40 hours pro-

duced95-to 99-percent reductions in the concentrations of most pollutants

tested. Total phosphorus and Kjeldahl nitrogen were reduced from 10 and 700

mg/l, respectively, to less than 1 and 75 mg/1 after 1 hour. Heavy metals pres-

ent in potential toxic levels of up to 260 mg/1 were reduced to below 0.3 mg/1

after 1 hour and to 0.01 mg/I after 40 hours. Heavy metals studied were cad-

mium, chromium, zinc, mercury, lead, arsenic, copper, and nickel. The levels

of zinc, cadmium, and chromium in the initial dredging sample were potentially

toxic to aquatic organisms.

Windom101 reported that the concentrations of heavy metals (iron, cad-

mium, copper, lead, mercury, and zinc) in upper Mobile Bay sediments appeared

to be primarily a function of natural processes such as runoff which may re-

sult in the greater concentrations of metals southward. Dredging activities

tended to accelerate this process to a small degree. Dispersion of dredged

sediments from the Mobile Bay ship channel was not followed by metal release

of any significant quantity except possibly a slight release of zinc and iron.

Of the six metal levels studied, cadmium, mercury, and zinc were reported to

be above EPA criteria in bay sediments, reflecting possible input from indus-

tries in the area.

Windom found in his work on the environmental effects of dredging,

that the only place where water quality problems are likely to occur during

pipeline dredging was at the point of discharge from the dredged material

area. He reported that the slurry taken from the pipeline initially showed

lower soluble heavy metals than did preceding conditions at the dredging site.
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The soluble lead, copper, and iron levels, however increased to levels

above predredging values after 15 days of storage in large polypropy-

lene containers. Windom attributed the initial decrease in heavy metal con-

cent-ations to the scavenging effects of ferric hydroxide organic complexes.

Upon reduction, these stable organic complexesdiffused back into the water

column, resulting in the release of trapped metals. Zinc and mercury decreased

in concentration with time of storage and may reflect uptake by micro-organisms.

Free copper, Cu2+, showed no change during or after dredging.

Westley et al.41 2 revealed that neither clamshell nor pipeline dredging

in the Southern Puget Sound Harbor had any measurable effect on water quality.

However, the disposal of dredged material increased suspended solids and tur-

bidity. Barge dumping caused very localized and short-term increases in am-

monia, biological oxygen demand (BOD), and organic phosphate. No major changes

occurred in the benthic community at the disposal site in the case of pipeline

dredging, while in the barge disposal sites, a decrease in abundance and di-

versity of macroscopic benthic organisms was observed.

413
Slotta et al. reported the effects of hopper dredging and in-channel

disposal in Coos Bay, Oregon. The volatile solids of the dredged material de-

creased from 10 percent before dredging to 8 percent after disposal, indicat-

ing that organics were being dispersed during suspension. Total sulfides in

the sediments ranged between 0 and 600 Pg/g, but no measurable free sulfides

were found at any sites either before or after dredging. The absence of free

sulfides was attributed to the insoluble iron sulfide formation in the pres-

ence of sufficient ferrous iron at the sediment-water interface. Heavy metals

were not investigated in this work.

Mudroch and Chea 4 14 monitored changes in the pore water chemistry at the
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site of a trial dredged material disposal area in Lake St. Clair, Mitchell

Bay, Ontario, for a period of 8 months after disposal in the test bay had

ceased. The data collected during this period showed slight changes in the

chemical composition of the pore water. The .o.'!entrations of aluminum, zinc,

cadmium, lead, and copper in the pore water and the Mitchell Bay lake water

were almost identical. The sampled pore water had a higher content of phos-

phorus, nitrogen, iron, organic carbon, mercury, and manganese relative to

the surrounding Mitchell Bay lake water. The iron and phosphorus contents ap-

peared to depend on the pH of the pore water, and the values increased mark-

edly as pH values dropped. The authors concluded that the high phosphorus

content found in the water column after dredging activities was related to

the higher manganese and iron content in the water column. It was suggested

that oxides and hydroxides of iron and manganese play an important part in

controlling phosphorus concentrations in the sediment pore water. The quanti-

ties of nutrients released were negligible and had no adverse effects on water

quality.

In a recent study of the San Francisco Bay dredged sediments,9 it was

found that in simulated dredging studies, larger concentrations of cadmium,

copper, lead, and zinc were released to the water column under oxygen-rich

conditions than under oxygen-deficient conditions. Iron acted in the opposite

manner with more iron found in solution under reduced conditions. The greater

concentrations under oxidized conditions were attributed to the release of

trace metals bound to the sulfide phases upon oxidation. It was noted that

the bay sediments contained 1000 to 3000 pg/g sulfide and thus represented a

reduced environment. Under oxidized conditions, larger releases of cadmium

and zinc were measured as salinity increased. A similar effect was observed
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in the case of iron under reduced conditions. Two possible mechanisms pro-

posed which may explain this observation were the formation of soluble inor-

ganic complexes with the increased level of chlorides, carbonates, and sulfates,

or the release of trace metals bound to ion exchange sites with the greater

cation competition of more saline waters. It was recommended that more study

is needed to determine the amount of oxidation that actually takes place

during dredging and disposal to fully evaluate the environmental effects.
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