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Summary
Milestone M-045-55 in the Hanford Federal Facility Agreement and Consent Order (Ecology et al.
1989(a)) requires that a Resource Conservation and Recovery Act of 1976(b) (RCRA) Facility Investigation
report be submitted to the Washington State Department of Ecology. The RCRA Facility Investigation
report provides a detailed description of the state of knowledge needed for tank farm risk assessments.
This data package report was prepared as part of that effort.
This data package provides the most up-to-date and relevant information regarding geochemical
processes that impact contaminant transport in vadose zone sediments beneath the single-shell tank (SST)
waste management areas (WMAs) and the Integrated Disposal Facility (IDF) at the U.S. Department of
Energy’s (DOE) Hanford Site. A second geochemistry data package (in preparation) titled, Geochemical
Characterization Data Package for the Vadose Zone in the Single-Shell Tank Waste Management Areas
at the Hanford Site(c) summarizes the results of Pacific Northwest National Laboratory’s (PNNL) Phase 1
RCRA Corrective Action Plan laboratory characterization data, with a focus on contaminant occurrence
and mobility in vadose zone sediments beneath the SSTs.
Companion reports that review other subject matter areas relevant to contaminant transport within the
vadose zone beneath the SST WMAs, the IDF, and groundwater have been recently published. The
specific subject areas include the geology of the SST WMAs (Reidel and Chamness 2007(d)), groundwater
flow and contamination beneath the SST WMAs (Horton 2007(e)), groundwater recharge (Fayer and
Keller 2007(f)), far field hydrology (Khaleel et al., in press(g)), and contaminant release(h).
Results of laboratory activities conducted through PNNL’s Vadose Zone Characterization Project and
the basic-science geochemical studies funded by the DOE Richland Operations Office, the DOE Office of
River Protection, and their contractors have significantly changed researchers’ view of the chemical
processes and reactions that affect contaminant mobility in the vadose zone beneath SSTs. Tank waste
(a)

Ecology - Washington State Department of Ecology, U.S. Environmental Protection Agency, and U.S.
Department of Energy. 1989. Hanford Federal Facility Agreement and Consent Order. Document No. 89-10, as
amended, Olympia, Washington.
(b)
Resource Conservation and Recovery Act of 1976. 1976. Public Law 94-580, as amended, 42 USC 6901 et. seq.
(c)
Cantrell KJ, RJ Serne, CF Brown, and KM Krupka. Geochemical Characterization Data Package for the Vadose
Zone in the Single-Shell Tank Waste Management Areas at the Hanford Site. Pacific Northwest National
Laboratory, Richland, Washington (title tentative; due to be published late 2007).
(d)
Reidel SP and MA Chamness. 2007. Geology Data Package for the Single-Shell Tank Waste Management Areas
at the Hanford Site. PNNL-15955, Pacific Northwest National Laboratory, Richland, Washington.
(e)
Horton DG. 2007. Data Package for Past and Current Groundwater Flow and Contamination Beneath
Single-Shell Tank Waste Management Areas. PNNL-15837, Pacific Northwest National Laboratory, Richland,
Washington.
(f)
Fayer MJ and KM Keller. 2007. Recharge Data Package for Hanford Single-Shell Tank Waste Management
Areas. PNNL-16688, Pacific Northwest National Laboratory, Richland, Washington.
(g)
Khaleel R, MD White, M Oostrom, MI Wood, FM Mann, and JG Kristofzski. In Press. “Impact Assessment of
Existing Vadose Zone Contamination at the Hanford Site SX Tank Farm.” Vadose Zone Journal.
(h)
Deutsch WJ, KM Krupka, and KJ Cantrell. Contaminant Release Data Package for Residual Waste in SingleShell Hanford Tanks. Pacific Northwest National Laboratory, Richland, Washington (title tentative; due to be
published late 2007).
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contaminants released to the vadose zone exhibit a wide range of mobility behaviors. Many tank waste
contaminants have been strongly retarded by adsorption and precipitation reactions (e.g., cesium,
plutonium, americium, and europium), while others have remained mobile (e.g., technetium, nitrate, and
selenium). Still others show variable, waste-specific behaviors (e.g., cesium [where sodium
concentrations are very high], strontium, chromium, and uranium) that are closely tied to evolving
composition of pore water in the sediments, and for chromium, a change in oxidation state. The
temperature of in-ground tank waste has moderated by heat exchange with the subsurface sediment, and
high concentrations of base (OH-) have been neutralized through reactions with sediment minerals and
secondary mineral precipitation. Major geochemical features that may potentially affect the mobility of
key contaminants of interest in the vadose zone include oxidation state, aqueous speciation, solubility,
and adsorption reactions.
Processes suspected of facilitating the far-field migration of immobile radionuclides, such as formation of stable aqueous complex formation and mobile colloids, were found to be potentially operative, but
unlikely to occur in the field. An exception is the enhanced migration of cobalt-60 facilitated by the
formation of highly stable aqueous-cyanide complexes. Certain fission-product oxyanions (e.g.,
technetium [TcO4-], selenium [SeO42-], molybdenum [MoO42-], and ruthenium [RuO4-]) are the most
mobile of tank waste constituents because of the following factors:
• Adsorption is suppressed by large concentrations of tank waste anions (e.g., NO3-, OH-, and CO32-)
• Surface charge of clay-size minerals is negative and will therefore tend to repel anions
• Unlike chromium, their less-soluble, less-mobile reduced forms are unstable in oxidizing
environments.
Laboratory studies conducted through PNNL’s Vadose Zone Characterization Project and
basic-science geochemical studies are expected to continue in partnership to provide information to
further refine the conceptual model used for risk assessment modeling. Results of these studies can be
used to help ascertain uncertainties associated with the refinement of the conceptual models for
contaminant migration in the vadose zone beneath the single-shell tanks. Results can also provide
improved parameterization, such as distribution coefficients (Kd), and mathematical constructs used by
modelers to predict contaminant mobility under these conditions, and to decrease the degree of
conservatism incorporated in these models.
For various reasons, risk assessment models typically use various approximations to represent the
conceptual model developed for the site. Adsorption is frequently approximated using empirical
distribution coefficients (Kds). Although the use of empirical distribution coefficients can potentially lead
to erroneous results under certain conditions where the vadose zone geochemistry is highly variable, this
approach can produce adequate results if properly used. This requires the application of sound
geochemical principals, combined with adequate characterization data and appropriate input data for the
contaminants of interest. To assure the risk assessments adequately account for important geochemical
processes, the guidance of an experienced and knowledgeable geochemist who can properly evaluate
important site-specific geochemical issues is required.
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Acronyms and Abbreviations
µSXRF
µXRD
am
AR
BSE
bgs
CA
CDTA
COI
DBP
DOE
DPACSV
DST
DTPA
EDS
EDTA
Eh
EM
EMP
EMSP
EPMA
ERSP
EXAFS
FIR
GC
HBGIS
HEDTA
HF/PP
HLW
ICP-MS
IDF
Kd
Kdgc
LBNL
LLNL
MUSIC
NEA

microscanning X-ray fluorescence
X-ray microdiffraction
amorphous
autoradiographs
backscattered electron SEM signal
below ground surface
component additivity
cyclohexanediaminetetraacetic acid
contaminant of interest
dibutyl phosphate
U.S. Department of Energy
differential pulse adsorptive stripping voltametry
double-shell tank
diethylenetriaminepentaacetate
energy-dispersive X-ray spectroscopy
ethylenediaminetetraacetate acid
electrical potential – a measure of redox state; relative to the standard hydrogen
electrode in volts or millivolts
electron microscopy
electron microprobe
DOE’s Environmental Management Sciences Program
electron probe microanalysis
DOE Office of Science’s Environmental Remediation Sciences Program
extended X-ray absorption fine-structure spectroscopy
field investigation report
generalized composite
Hanford Borehole Geologic Information System
hydroxyethylethylenediaminetriacetate acid
Hanford formation/Plio-Pleistocene
high-level waste
inductively coupled mass spectrometry
Integrated Disposal Facility
partition coefficient or distribution coefficient; terms commonly used
interchangeably
gravel-corrected partition coefficient or distribution coefficient
Lawrence Berkeley National Laboratory
Lawrence Livermore National Laboratory
multi-site complexation
Nuclear Energy Agency

vii

NMR-PGSE
NTA
OECD
pH
PNL
PNNL
RCRA
redox
RFI
S&T
SCM
SEM
SMOW
SRS
SST
SXRF
t½
TBP
TEM
TRLFS
WMA
XAFS
XANES
XMP
XRD
XRF

nuclear magnetic resonance pulse gradient spin echo technique
nitrilotriacetic acid
Organization for Economic Cooperation and Development
negative logarithm of the hydrogen ion activity
Pacific Northwest Laboratory. In 1995, DOE formally changed the name of the
Pacific Northwest Laboratory to the Pacific Northwest National Laboratory.
Pacific Northwest National Laboratory
Resource Conservation and Recovery Act of 1976
reduction and oxidation
remedial field investigation
science and technology
electrostatic surface complexation model
scanning electron microscopy
Standard Mean Ocean Water
Savannah River Site
single-shell tank
synchrotron-based energy-dispersive X-ray fluorescence
half-life
tributyl phosphate
transmission electron microscopy
time-resolved spectroscopy laser fluorescence spectroscopy
waste management area
X-ray absorption fine structure spectroscopy
X-ray adsorption near edge structure spectroscopy
synchrotron-based X-ray microprobe
X-ray diffraction
X-ray fluorescence
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Units of Measure
‰
δ
barn

Ci
Da

ft
g/(g/year)
kDa
kg
kGy
L
M
m
m
mg
mm
pCi
ppb
ppm
yr

parts per thousand (said as “permil”)
delta, used to express stable isotope ratios relative to a standard (e.g., δ18O, and δ34S)
in units of per mil (parts per thousand or ‰)
unit of cross-sectional area for a physical interaction. The cross section is the
probability that an interaction will occur between a projectile particle; e.g., a neutron
and a target particle, or the nucleus of an atom.
curie
Dalton – an alternate name for the unified atomic mass unit (u or amu). The size of
large molecules or small colloid particles is often expressed in kDa. Measurements
are typically in kilodaltons (kDa).
feet
grams dissolved per gram of mineral per year
kilodalton
kilogram
kiloGray (radiation unit of measure)
liter
molarity, moles of solute per liter solution
molality, moles of solute per 1,000 g solvent
meter
milligram
millimeter
picocurie
parts per billion (equivalent to μg/kg)
parts per million (equivalent to mg/kg)
year
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1.0 Introduction
Geochemistry is the study of the chemical composition, chemical processes, and reactions that govern
the composition of rocks, sediments and soils. Geochemistry includes the study of the cycles of matter
and energy that transport the Earth’s chemical components in time and space, and respective interactions
with the hydrosphere and atmosphere. At the Hanford Site, scientific interests in geochemistry focus on
investigations of the chemical composition, chemical processes, and reactions resulting from the
interaction of contaminants with sediments in the vadose zone and groundwater. Researchers also
complete laboratory and field studies to analyze how these geochemical interactions affect the mobility of
contaminants in these environments.
A wide variety of geochemical factors can influence contaminant transport in the subsurface. These
geochemical factors include the following:
• pH (measure of acidity or alkalinity) – arguably the most important variable that has a major impact
on the geochemical behavior of most contaminants. The pH can have a significant influence on
speciation, solubility, and adsorption in highly variable ways for different contaminants.
• Eh – an important key variable that can change the oxidation state of redox (reduction/oxidation)
sensitive contaminants, such as uranium and 99Tc, resulting in significant changes in speciation,
solubility, and adsorption. Although Hanford sediments are generally oxidizing in nature, microenvironments with reducing zones at the interfaces between mineral surfaces and pore water can
occur as a result of the presence of minerals that contain ferrous iron. Reducing zones can also be
created artificially by the accidental release of reducing chemicals or by emplacement of engineered
permeable barriers in the vadose zone.
• Contaminant concentration – the concentration of the contaminant itself can influence its transport
properties. For example, higher contaminant concentrations can result in saturation of adsorption
sites on the surfaces of mineral phases in the vadose zone, resulting in discontinued adsorption of the
contaminant at that location.
• Major ion concentrations – the concentrations of major cations and anions, such as dissolved sodium,
calcium, and carbonate, can significantly impact contaminant transport through changes in speciation
of the contaminants and by acting as competitors for adsorption sites.
• Mineralogy – the most important influence of the types and amounts of minerals present in the vadose
zone on contaminant transport is through adsorption. For example, clay minerals, and iron,
aluminum, and manganese oxides are typically the most important adsorbents of contaminants and
the relative amounts of these minerals can significantly influence the degree of adsorption that will
occur on a sediment and/or soil.
• Particle size distribution – particle size distribution (from a geochemical perspective) can impact
contaminant transport mainly through adsorption. Sediments with a smaller particle-size distribution
have larger surface areas per unit weight, and as a result, higher concentrations of surface adsorption
sites exposed to the aqueous phase.
Changes in these geochemical factors can affect the transport of contaminants by altering their
speciation and oxidation state, which in turn can change their adsorption and solubility. Changes in
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speciation and oxidation state can influence both solubility and adsorption. Changes in geochemical
factors can also influence the surface properties of subsurface mineral phases, resulting in changes in the
ability of these phases to adsorb contaminants. Most geochemical factors affect each of the contaminants
in a different way and generalizations are typically not possible.
This data package reviews the most up-to-date and relevant information regarding geochemical
processes that impact contaminant transport in vadose zone sediments beneath the single-shell tank (SST)
farms and the Integrated Disposal Facility (IDF) at the U.S. Department of Energy’s (DOE) Hanford Site
located in southeastern Washington State. The geochemical information summarized in this data package
is current as of August 31, 2007. A second geochemistry data package(in preparation) titled Geochemical
Characterization Data Package for the Vadose Zone in the Single-Shell Tank Waste Management Areas
at the Hanford Site(a) summarizes the results of the Pacific Northwest National Laboratory’s (PNNL)
Phase 1 Resource Conservation and Recovery Act of 1976 Corrective Action Plan laboratory
characterization data with a focus on contaminant occurrence and mobility in vadose zone sediments
beneath the SSTs. Companion reports that review other subject matter areas relevant to contaminant
transport within the vadose zone beneath the SST waste management areas (WMAs), the IDF, and
groundwater were recently published. The specific subject areas include the geology of the SST WMAs
(Reidel and Chamness 2007), groundwater flow and contamination beneath the SST WMAs (Horton
2007), groundwater recharge (Fayer and Keller 2007), far field hydrology (Khaleel et al., in press), and
contaminant release(b). In addition to these reports, a recent document titled A Site Wide Perspective on
Uranium Geochemistry at the Hanford Site has been prepared and is currently (as of August 2007) under
review.(c)
Section 2.0 of this data package includes a brief history of Hanford Site tank wastes and a brief
description of tank waste chemistry. This includes general descriptions relevant to the Hanford Site of the
processes used to produce plutonium for the now inactive DOE weapons program, the size and number of
tanks used to store radioactive wastes, the occurrence of waste leaks from the tanks, and the chemistry of
the leaked tank waste. Some of the material in Sections 2.0, 6.0, and 9.0 were taken in part from the draft
report A Site Wide Perspective on Uranium Geochemistry at the Hanford Site(c).
A general summary of the geology of the Hanford Site is provided in Section 3.0, along with brief
geological descriptions for each of the SST WMAs. The summary description of the geologic history of
the Hanford Site begins with formation of the Columbia Plateau, which occurred over the last 16 million
years. More recent geologic history that affected the current stratigraphy of the vadose zone and
groundwater aquifer is also summarized. The stratigraphy of the individual SST WMAs are also briefly
described.

(a)

Cantrell KJ, RJ Serne, CF Brown, and KM Krupka. Geochemical Characterization Data Package for the Vadose
Zone in the Single-Shell Tank Waste Management Areas at the Hanford Site. Pacific Northwest National
Laboratory, Richland, Washington (title tentative; due to be published late 2007).
(b )
Deutsch WJ, KM Krupka, and KJ Cantrell. Contaminant Release Data Package for Residual Waste in SingleShell Hanford Tanks. Pacific Northwest National Laboratory, Richland, Washington (title tentative; due to be
published late 2007).
(c)
Zachara JM, CF Brown, JN Christensen, PE Dresel, SD Kelly, JP McKinley, RJ Serne, and W Um. A Site Wide
Perspective on Uranium Geochemistry at the Hanford Site. Pacific Northwest National Laboratory, Richland,
Washington (title tentative; due to be published late 2007).
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The mineralogy of vadose zone sediments below the SST WMAs is discussed in Section 4.0. In this
section, the mineralogical characterization studies that have been completed on sediments collected from
the SST WMAs are briefly described. This information is presented in the context of the stratigraphy of
the respective SST WMAs as discussed in Section 3.0.
Section 5.0 provides brief summaries of the geochemical properties of the key contaminants of
interest (COIs). The COIs included for discussion in this section (241Am, 137Cs, chromium, 129I, 237Np,
nitrate, 239/240Pu, 79Se, 90Sr, 99Tc, uranium, 125Sb, 60Co, 152/154Eu, 126Sn, and mercury) are generally
constituents that have large inventories, have long half-lives for those that are radioactive, and/or move
rapidly through sediments and groundwater and thus have high-intrinsic potential for risk impacts.
Geochemical processes of interest to contaminant transport in the Hanford vadose zone are described
in Section 6.0. Because adsorption is generally the single most important geochemical process with
respect to contaminant migration in the vadose zone and groundwater at the Hanford Site, this process is
detailed extensively. Various adsorption modeling approaches are discussed that can be used to predict
the impact of these geochemical processes in performance assessments. Both empirical and mechanistic
modeling approaches are covered. Although the focus of this report is on the vadose zone sediments
beneath the SST WMAs, other data collected from throughout the Hanford Site are included when
applicable. In addition to adsorption, other geochemical processes that are reviewed include
ion-exchange, aqueous complexation, precipitation/solubility, reduction/oxidation, colloid-facilitated
transport, and biogeochemical processes.
Isotope studies of contaminant transport are reviewed in Section 7.0, and conclusions are presented in
Section 8.0. Finally, additional data and research needs are reviewed in Section 9.0.
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2.0 Hanford Tank Waste History and Chemistry
The Hanford Site, located in southeastern Washington State, produced plutonium for the DOE
weapons program from 1943 to 1989. Plutonium production involved the fission of uranium fuels using
nine nuclear reactors along the Columbia River, followed by the extraction and concentration of trace
product plutonium through chemically intensive reprocessing regimes performed in the central portion of
the site. Three primary reprocessing schemes were used during the lifetime of plutonium operations at
the Hanford Site:
• Bismuth phosphate (1944-1956)
• REDOX (1952-1967)
• PUREX (1956-1972, 1983-1989).
Improvements were sought to reduce waste volumes, allow uranium separation for reuse, and enhance
plutonium recovery efficiency (overviews of these processes are provided in Gephart [2003]).
Large volumes of radioactive waste were generated by reprocessing, and the waste chemistry/
composition varied significantly between the three reprocessing schemes. The most concentrated and
radioactive of these wastes, termed high-level waste (HLW), were sent to 177 underground waste storage
tanks. The first of these were so-called SSTs with single-shell construction. The 149 large, single-shell,
steel/concrete underground storage tanks ranged in volume from 209,000 L (55,000 gal) to over
3.8 million L (1.0 million gal) with a total storage volume of 357 million L (94 million gal). The larger
tanks were massive: 13.7 m (45 ft) in depth and 22.9 m (75 ft) in diameter (Gephart and Lundgren 1996).
These were situated below ground and were covered with approximately 3 m (9.8 ft) of soil and gravel.
The tanks are located within 18 different groupings, termed tank farms, in the central portion of the
Hanford Site, approximately 11 to 16 km (6.8 to 9.9 mi) from the Columbia River. The wastes were
stored to allow the following: 1) the decay of highly radioactive, short-lived isotopes; and 2) the
secondary extraction of uranium from Bismuth Phosphate wastes and other desired constituents. Tank
storage was originally intended to be interim storage. DOE’s original intent was to seek means for the
permanent disposal of HLW within 20 years, but this has not yet been accomplished.
Leaks from SSTs were first suspected in 1956 and confirmed in 1959. Monitoring systems were
installed in the tank farms to assure the integrity of the storage tanks and their entrained waste, including
fluid-depth monitors in the tanks and numerous cased, dry boreholes in the vadose zone to monitor
soluble, gamma-emitting radionuclides such as short-lived, anionic 106Ru, mobile 60Co, and
waste-dominant 137Cs. These monitoring systems have indicated the loss of tank waste from 67 of the
SSTs, or their respective ancillary piping, into the vadose zone, which extends 50 to 70 m (164 to 230 ft)
below ground surface (bgs). The leakage resulted from tank failure, tank overfilling, and breaches in
transfer lines that brought HLW to and from the waste tanks. The total volume of tank waste loss has
been difficult to determine, but ranges between 1.9 to 3.8 million L (500,000 to 1 million gal) containing
about 1,000,000 Ci of radioactivity. Some of the waste materials lost exhibited extreme chemistry (very
high-salt concentrations, highly basic and high concentrations of radioactive constituents) and high heat.
This leakage has been augmented with natural recharge of meteoric water in the tank farms enhanced by
gravel covers (Khaleel et. al, in press) and artificial recharge resulting from water line leakage and other
infrastructure sources. Leaked tank wastes have been in contact with surrounding vadose zone sediments
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for decades and have undergone significant geochemical and radiological transformations. Mobile,
anionic tank waste contaminants (e.g., 99TcO4-, CrO42-, NO3-) have been observed in groundwaters
beneath some of the tank farms, leading to concerns over the future mobility of the uncontained tank
waste inventory in the vadose zone.
Each plutonium reprocessing scheme (bismuth phosphate, REDOX, and PUREX) and the uranium
recovery process, generated a series of three or more waste streams that differed in composition. These in
turn differed between reprocessing schemes (Anderson 1990; Gephart and Lundgren 1996). Waste
streams included cladding dissolution wastes, the primary reprocessing waste stream with maximum
fission products, and start-up and rinse cycle wastes of different sorts. At least 50 different HLW waste
streams are recognized that have been categorized into 23 or more distinct waste types (Remund et al.
1995). All Hanford Site HLW were initially acidic (HNO3), but were overneutralized with NaOH to high
pH to minimize tank corrosion. HLW waste compositions changed significantly after initial routing to
the tank farms as: 1) the waste solutions boiled and self-concentrated; 2) wastes were mixed and intentionally condensed through evaporation to maximize storage space that became limited with time;
3) atmospheric CO2 was absorbed by high pH supernate; 4) BiPO4 wastes were subjected to uranium
recovery at U Plant; and 5) REDOX and PUREX HLW were reprocessed at B Plant to remove heat
generating isotopes 137Cs and 90Sr. Because of these operational and chemical complexities, it is difficult
to estimate average compositions for different HLW waste types that were lost to the vadose zone.
All free liquid HLW has now been pumped from older SSTs into newer double-shell tanks (DSTs) for
storage until final vitrification. Wastes remaining in many of the SSTs contain some interstitial liquids.
Wastes from different sources have been mixed in the DSTs and eight general waste types are recognized
(Gephart and Lundgren 1996).
To appreciate the chemical complexity and extreme character of these materials, it is illustrative to
survey the estimated compositions of waste materials released in specific high-volume tank leaks
(e.g., Table 2.1). For comparison, major constituent concentrations in a typical uncontaminated Hanford
groundwater sample are included in Table 2.1. These three examples span the range in chemical
character of Hanford HLW. The REDOX waste leaked from tank SX-108 in 1971 was a caustic NaNO3/NO2-OH-Al(OH)4 brine that self-concentrated through boiling caused by radioactive decay. The
waste had high ionic strength (I=18), high solution density (2.09 g/cm3), and a temperature greater than
100°C. It was leaked into a vadose zone that was also elevated in temperature because of heat transfer
from multiple boiling waste tanks in the SX Tank Farm (Pruess et al. 2002). Contaminants in especially
high concentration were CrO42-, 137Cs, and 99Tc. The neutralized BiPO4 metal waste released at BX-102
by tank overfilling in 1951 was a concentrated, 80˚C, alkaline solution of U(VI) dissolved in Na-HCO3
with PO4 and SO4, and a wide array of fission products. This was an early Hanford waste that had not
been subject to uranium recovery. Fluids leaked from tank T-106 were a later Hanford waste (PUREX)
that had been subject to isotope recovery in B Plant. It contained high levels of Na-NO3/NO2-OH, 137Cs,
90
Sr, and 99Tc, and dibutyl phosphate (DBP) organic complexant. In addition to the constituents in Table
2.1, B and T Plant waste contained elevated concentrations of a number of more exotic fission products
including 79Se, 125Sb, 151Sm, 154/155Eu, and multiple isotopes of plutonium and americium (Jones et al.
2000a).
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Table 2.1. Tank Waste Compositions for Three of the Largest Tank Leaks at the Hanford Site

Unit

SX-108
REDOX Waste

BX-102(b)
Neutralized BiPO4
Metal Waste

T-106(c)
B Plant Isotope
Recovery Waste

Uncontaminated
Hanford
Groundwater(d)

Leak volume (L)

--

57,539

347,000

75,700

--

Temperature (°C)

--

100(+)

80

NR

NR

Al(OH)4-

mol/L

3.36

5.9 x 10-4

0.47

0.0000052

K+

mol/L

0.074

2.7 x 10-3

0.02

0.00036

Na+

mol/L

19.6

2.92

4.34

0.0013

(a)

Tank Waste Type

mol/L

5.25

0.1

~0.8

0.0000025

-

mol/L

5.46

0.53

1.25

0.000027

-

mol/L

4.42

0.046

0.84

NA

mol/L

0.032

0.643

0.18

0.0053

HPO4

mol/L

0.00

0.36

0.011

<0.000004

2-

mol/L

0.028

0.23

0.089

0.0011

mol/L

0.41

0.0016

0.043

NA

0.114

0.003

OHNO3
NO2

-

CO3 (TOT)
2-

SO4

2-

CrO4

2+

UO2

DBP
137

mol/L
mol/L

8.79 x 10

-3

NE

NE

NA

4.97 x 10

-2

NA

Ci/L

7.71 x 10

90

Sr2+

Ci/L

1.22 x 10-1

NR

1.34 x 10-4

NA

99

Tc

Ci/L

2.27 x 10-4

9.42 x 10-6

2.8 x 10-5

NA

Pu

Ci/L

5.33 x 10-4

8.68 x 10-6

2.5 x 10-5

NA

Am

Ci/L

8.52 x 10-5

1.37 x 10-2
(Note other
isotopes,
especially 154/155Eu
and 79So)

NA

1.02 x 10

(a) Jones et al. 2000b.
(b) Jones et al. 2001.
(c) Jones et al. 2000a.
(d) Kaplan et al. (1998).
DBP = Dibutyl phosphate.
NR = Not recorded.
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-2

4.84 x 10

+

Cs

-1

0.00000002
-2

3.0 Geology
Reidel and Chamness (2007) present a detailed description of the geology of the SST WMAs and the
geologic history of the Hanford Site in southeastern Washington State. The purpose of their report was to
provide the most recent geologic information available for the SST WMAs. Their report builds upon
previous reports on the tank farm geology and IDF geology with information available after those reports
were published. The information presented in the following section is taken essentially verbatim from
Chapter 20 of the SST remedial field investigation (RFI) (in preparation)(a) and the SST WMA Geology
Data Package (Reidel and Chamness 2007).
The Hanford Site is located within the Columbia Plateau, a broad plain situated between the Cascade
Range to the west and the Rocky Mountains to the east. The Columbia Plateau is the result of over
16 million years of geologic history of the Pacific Northwest. The northern Oregon and Washington
portion of the Columbia Plateau is often called the Columbia Basin because it forms a broad lowland
surrounded on all sides by mountains.
The Hanford Site (Figure 3.1) lies within the Pasco Basin, one of the larger basins within the
Columbia Basin. The geologic processes that shaped the Pasco Basin and surrounding area include
basaltic volcanism that occurred on a scale unseen since that time, the sediment deposition and erosion by
the second largest river system in the United States—the Columbia River system—and spectacular
cataclysmic flooding from the breakup of ice dams formed by continental glaciers during the Pleistocene
Epoch.
Hanford Site facilities are located on over 5 km (3.1 mi) of basalt and sediment (Figure 3.2). These
volcanic rocks poured from fissures in eastern Washington between 16 and 5 million years ago and
formed one of the largest lava flows known on Earth. The basalt is underlain by sedimentary rocks
deposited by westward-flowing rivers that began eroding the Rocky Mountains to the east soon after the
demise of the dinosaurs.
The Columbia River basalt lava flows of eastern Washington are some of the most spectacular in the
world. They erupted from fissures in eastern Washington, eastern Oregon, and western Idaho and flowed
westward to blanket over 300,000 km2 (115,831 mi2) of the Pacific Northwest. These lava flows consisted of more than 10,000 km2 (3,861 m2) of basalt. The Columbia River basalt is called flood basalt
because each lava flow flooded the region in as little as one month. The lavas inundated the existing
Columbia River channels and ridges, preserving a 10-million-year record of the evolution of the
Columbia River and geologic evolution of the region. Much of this history was discovered because of
research for waste management activities at the Hanford Site.
After the basalt eruptions, sediments again filled the basin. These sediments now form the vadose
zone and unconfined aquifers at the Hanford Site. As these lava flows and sediments were deposited over
millions of years, tectonic forces compressed the region from the north and south, and folded and faulted
the basalt to produce a series of ridges and valleys that geologists call the Yakima Fold Belt and is the
present landscape of eastern Washington.
(a)

Chapter 20 – “Geology” (prepared by SP Reidel). In Single-Shell Tank RCRA Facility Investigation Report, FM
Mann (ed). CH2M HILL Hanford Group, Inc., Richland, Washington (title tentative; due to be published late 2007
or 2008).
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Figure 3.1. Geographic Elements of the Pasco Basin Portion of the Columbia Basin, Washington State
(Source: Reidel and Chamness 2007)
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Figure 3.2. Generalized Stratigraphy of the Sediments (Hanford formation, Cold Creek Unit, and
Ringold Formation) and Flood-Basalt Flows of the Pasco Basin and Vicinity
(Source: Reidel and Chamness 2007)
Most post-basalt sediments are confined to the valleys of the Yakima Fold Belt. The main source of
this sediment is the Columbia River system. The rock unit called the Ringold Formation (Figure 3.2) is
the main sediment package that contains this history and record the migration of rivers and streams since
the last basalt eruption. Capping the Columbia River system sediment are sediments comprising the
Pleistocene Epoch (1.6 million years ago to 10,000 years ago). This unit, known informally as the
Hanford formation (Figure 3.2), was deposited by the spectacular cataclysmic floods. Most of the
contamination at the Hanford Site occurs in the Hanford formation (Figure 3.3).
Sediment of the Ringold Formation represents the evolution of the ancestral Columbia River as it was
forced to change course from west to east across the Columbia Basin by the growth of the Yakima Fold
Belt. The Ringold Formation sediment at the Hanford Site consists of gravels, sands, silts, and lake
deposits. This sediment was deposited as the Columbia River slowly meandered across the area. The
basin filled with almost 366 m (1,200 ft) of sediment about 4 million years ago. The last stage of this
sediment fill was by lakes that are exposed along the White Bluffs east of the Hanford Site.
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Figure 3.3. Generalized Cross Section Through the Hanford Site (Source: Reidel and Chamness 2007)
Beginning about 4 million years ago, the Cascade Mountains began their present phase of growth.
This growth initiated regional uplift in eastern Washington. The uplift resulted in the Columbia River
ending its nearly 4 million years of sediment deposition and beginning a period of aggradation. Over the
next 2 million years, the Columbia River systematically began to remove hundreds of meters of sediment
it had just completed depositing. Slowly and systematically, the Columbia River meandered across the
Hanford Site, eroding much of the Ringold sediment. This time of erosion is called the Cold Creek
interval (Figure 3.2).
Erosion by the Columbia River during the Cold Creek interval was not uniform across the Hanford
Site. As time progressed, the Columbia River began to entrench in the eastern part of the Hanford Site.
After much of the lakebeds and sands had been removed from the western part of the Hanford Site, the
Columbia River abandoned the western portion and concentrated on the eastern part of the site. During
this time, the basalt between Gable Mountain and Gable Butte was removed to form Gable Gap.
The Columbia River continued to remove sediment until the beginning of the Ice Age, the Pleistocene
Epoch. During the Pleistocene, cataclysmic floods inundated the Pasco Basin several times when ice
dams produced by continental ice sheets failed in northern Washington. As many as 40 flooding events
occurred as ice dams holding back glacial Lake Missoula in Montana repeatedly formed and broke.
Along with sediments from the cataclysmic flooding in the Pasco Basin, high-water marks from 370
to 385 m (1,214 to 1,265 ft) are found along the basin margins. Temporary lakes were created when
floodwaters were hydraulically dammed by the narrow river channel at Wallula Gap, resulting in the
formation of the short-lived glacial Lake Lewis.
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The sediment deposited by the cataclysmic floodwaters has been informally called the Hanford
formation because the best exposures and most complete deposits are found at the Hanford Site. Gravels
found throughout the area represent the fast-flowing water from the main floods. Silts and sands are
found throughout the area away from the main flood channels. Fine-grained silt and sand called
rhythmites occur around the margins of the basin and were deposited from the standing water of glacial
Lake Lewis as floodwaters drained through Wallula Gap.
Since the end of the Pleistocene Epoch (about 10,000 years ago), the main geologic process has been
wind. After the last Missoula flood drained from the Pasco Basin, winds moved the loose, unconsolidated
material until vegetation was able to stabilize it. Stabilized sand dunes cover much of the Pasco Basin,
but there are areas, such as along the Hanford Reach National Monument, where active sand dunes
remain.
The geology of the SST WMAs has been influenced mainly by geologic events of the Cold Creek
interval. Regional incision and erosion during Cold Creek periods are most apparent in the change in
surface elevation of the Ringold Formation across the Hanford Site. As incision of the Columbia
progressed eastward across the Hanford Site, less erosion occurred on the surface of the Ringold
Formation in the 200 West Area, leaving it at a higher elevation than in the 200 East Area. The surface of
the Ringold Formation in the 200 West Area is consequently also older than that in the 200 East Area.
The 200 West Area was exposed to weathering for a much longer time, resulting in the formation of a soil
horizon rich in calcium carbonate (the mineral calcite [CaCO3]) on its surface. Less erosion of the
200 West Area surface also explains the isolated remnants of the Ringold Formation sands. At the north
side of the 200 East Area, the ancestral Columbia River was able to cut completely through the Ringold
Formation to the top of the basalt. The channel can be traced from Gable Gap across the eastern part of
the 200 East Area and to the southeast. The greatest amount of incision is near the current Columbia
River channel.
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Geologic Descriptions of Waste Management Areas

Because the geologic stratigraphy provides the framework that controls the flow of pore water and
contaminants, understanding the stratigraphy at each WMA is important to predicting the fate of the
contaminants released into the vadose zone. Summary geologic descriptions for each of the WMAs is
provided in the following sections based on the detailed description of geologic and stratigraphic
relationships beneath each WMA and adjoining areas provided in Reidel and Chamness (2007).

3.1.1

Brief Description of Geology at Waste Management Areas A-AX and C

The following summary is based on the detailed description of geologic and stratigraphic
relationships beneath WMAs A-AX, C, and adjoining areas of the 200 East Area provided in Reidel and
Chamness (2007). Their description was based on a compilation of historical information (Brown 1959;
Price and Fecht 1976a, 1976b, 1976f; Tallman et al. 1979; Lindsey et al. 1992; Jones et al. 1998; and
Williams et al. 2000) and some new interpretations allowed by new borehole emplacement and research
conducted in calendar year 2003 (Williams and Narbutovskih 2003, 2004). The most recent detailed
description of the A, AX, and C Tank Farms is that in Wood et al. (2003); most of the discussion
presented in Reidel and Chamness (2007) was built on that report. A summary table of the stratigraphic
terminology and thicknesses of units beneath the WMAs A-AX and C from Reidel and Chamness (2007)
is provided in Table 3.1.
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Table 3.1. Stratigraphic Terminology and Unit Thickness for the WMAs A-AX and C
Stratigraphic
Symbol

Facies/
Subunit

Description

NA

Backfill –
anthropogenic

Hanford
formation

Formation

A-AX

C

Thickness

Thickness

Gravel dominated consisting of poorly to
moderately sorted cobbles, pebbles, and
coarse-to-medium sand with some silt
derived from coarse-grained Hanford
formation (H1 unit) excavated around tanks
(Price and Fecht 1976a, 1976b, 1976f; Wood
et al. 2003); occasional layers of sand to silty
sand occur near the base of the backfill
sequence.

10 m

10 m

Unit H1 –
(Graveldominated
facies
association).
Cataclysmic
flood deposits
(high-energy).

Gravel-dominated flood sequence; composed
of mostly poorly sorted, basaltic, sandy
gravel to silty sandy gravel. Equivalent to
the upper gravel sequence discussed by Last
et al. (1989), the Qfg documented by Reidel
and Fecht (1994), coarse-grained sequence
(H1 unit) of Wood et al. (2003) and gravel
facies of unit H1 of Lindsey et al. (2001a,
2001b), and gravel-dominated facies
association of DOE-RL (2002).

20 – 30 m

10 – 30 m

H2

Unit H2 –
(Sanddominated
facies
association).
Cataclysmic
flood deposits
(moderate
energy).

Sand-dominated flood sequence; composed
of mostly horizontal to tabular cross-bedded
sand to gravelly sand. Some sand beds
capped with thin layers of silty sand to sandy
silt. Equivalent to fine-grained sequence
(H2 unit) of Wood et al. (2003) and unit H2
of Lindsey et al. (2001b), the sandy sequence
of Last et al. (1989) and Lindsey et al.
(1992), to Qfs documented by Reidel and
Fecht (1994), and sand-dominated facies
association of DOE-RL (2002).

30 – 65 m

45 – >70 m

H3

Unit H3 –
(Graveldominated
facies
association).
Cataclysmic
flood deposits
(high-energy).

Gravel-dominated flood sequence; composed
of open-framework gravel and poorly sorted,
basaltic, sandy gravel to silty sandy gravel.
Equivalent to the lower coarse-grained unit
of the Hanford formation of Last et al.
(1989), to the lower-gravel sequence of
Lindsey et al. (1992), and to the Hanford
formation, unit H3 sequence of Lindsey et al.
(1994).

0 – 20 m

0

Upper subunit

Silty sequence; locally thick layer of silt
overlying the gravelly sediments of the lower
subunit. Silt facies is light olive-brown to tan
colored, massive, well-sorted, fine,
calcareous silt to sand with pedogenetic
traces (i.e., root casts).

0–6m

0

Lower subunit

Lower-gravel sequence equivalent to preMissoula gravels; sandy gravel to gravelly
sand beneath the silt-dominated facies and
above the top of basalt. Occurs as muddy,
sandy gravel to sandy gravel. Moderate to
uncemented with some caliche fragments.

0 – >15 m

0 – 25 m

Backfill

H1

CCUu/R

CCUl/R

Undifferentiated
Cold Creek unit
and Ringold
Formation
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Table 3.1. (contd)
Stratigraphic
Symbol
Rwi

Formation
Ringold
Formation

A-AX

C

Description

Thickness

Thickness

Coarse-grained Ringold Formation sequence,
consisting of mostly moderately sorted,
quartzitic sandy gravel to silty sandy gravel.
Equivalent to middle Ringold Formation unit
(DOE 1988) and the Ringold Formation unit
E gravels (Wood et al. 2003; Lindsey et al.
2001a).

Probably
not present

Probably
not present

Facies/
Subunit
Rwi unit –
Ancestral
Columbia River
System
braided-stream
deposits.

Source: Reidel and Chamness (2007).
CCUu/R = Upper Cold Creek unit/Ringold Formation.
= Lower Cold Creek unit/Ringold Formation.
CCUl/R
H1
= Hanford formation, unit H1; equivalent to upper sand-dominated.
H2
= Hanford formation, unit H2; equivalent to middle sand-dominated.
H3
= Hanford formation, unit H3; equivalent to lower sand-dominated.
NA
= Not applicable.
Qfg
= Quaternary flood gravels.
Qfs
= Quaternary flood silt and sand.
Rwi
= Ringold Formation, member of Wooded Island.

Table 3.1, supporting text in this section, and the geology summaries in Section 3.1 were taken
essentially verbatim from Reidel and Chamness (2007).
At the WMA A-AX , the sediments from ground surface to the water table (~79 to 92 m [259 to
302 ft] bgs) are predominately gravel except the H2 unit, which is sand that is 30 to 65 m (98 to 213 ft)
thick with its surface between 30 to 40 m (98 to 131 ft) bgs below the WMA. In very localized regions
below the WMA, there is also a thin-silt dominated strata, the Cold Creek upper unit (0 to 6 m [0 to 20 ft]
thick) found below the Hanford formation and directly above or at the water table when the silt unit is
present. In general, because the geologic strata at the WMA A-AX is approximately ≥50% gravel and
≤50% sand, contaminants are expected to migrate deeper for a given volume of liquid released to the
vadose zone than for some other WMAs that contain much less gravel, more sand, and silt strata. This
generalization ignores the large influence of thin, fine-grained lenses often found in the Hanford
formation sediments that are usually only identified by near-continuous core sampling or geophysical
logging (neutron moisture and spectral gamma).

3.1.2

Brief Description of Geology of the Waste Management Area B-BX-BY

The geology of the WMA B-BX-BY (B, BX, and BY Tank Farms) and vicinity is well understood as
a result of several decades of site characterization activities. The main source of geologic data for the
WMA is borehole information. WMA B-BX-BY geology is described in numerous reports (Price and
Fecht 1976c, 1976d, 1976e; Tallman et al. 1979; Last et al. 1989; Connelly et al. 1992a; DOE-GJO 1997;
Wood et al. 2000; Lindsey et al. 2001a). A detailed geologic description is provided in Reidel and
Chamness (2007). A summary table of the stratigraphic terminology and thicknesses of units beneath the
WMA B-BX-BY is provided in Table 3.2. Conceptual models of the geology have also been developed
for three of the characterization boreholes: 299-E33-338 (Lindenmeier et al. 2003), 299-E33-45 (Serne et
al. 2002c), and 299-E33-46 (Serne et al. 2002a).
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Table 3.2. Geologic Stratigraphy at Waste Management Area B-BX-BY Tank Farms
Stratigraphic
Symbol

Formation

Backfill

NA

H1

H2

Hanford
formation

Hf/CCUu

Hf/CCUl

Undifferentiated
Hanford
formation/
Cold Creek
unit

Description

Thickness(a)

Backfill –
anthropogenic

Gravel-dominated consisting of poorly to moderately sorted
cobbles, pebbles, and coarse-to-medium sand with some silt
derived from coarse-grained Hanford formation (H1 unit)
excavated around tanks (Price and Fecht 1976c, 1976d, 1976e;
Wood et al. 2000); occasional layers of sand to silty sand
occur near the base of the backfill sequence.

12 m

Unit H1 –
(Graveldominated
facies
association).
Cataclysmic
flood deposits
(high-energy).

Gravel-dominated flood sequence; composed of mostly poorly
sorted, basaltic, sandy gravel to silty sandy gravel. Equivalent
to the upper gravel sequence discussed by Last et al. (1989),
the Qfg documented by Reidel and Fecht (1994), Hanford
Gravel Unit A of Johnson et al. (1999), coarse-grained
sequence (H1 unit) of Wood et al. (2000), gravel facies of unit
H1 of Lindsey et al. (2001a), and gravel-dominated facies
association of DOE-RL (2002).

Up to 20 m

Unit H2 –
(Sanddominated
facies
association).
Cataclysmic
flood deposits
(moderate
energy).

Sand-dominated flood sequence; composed of mostly
horizontal to tabular cross-bedded sand to gravelly sand.
Some sand beds capped with thin layers of silty sand to sandy
silt. Equivalent to Hanford sands of Johnson et al. (1999),
fine-grained sequence (H2 unit) of Wood et al. (2000) and unit
H2 of Lindsey et al. (2001a), the sandy sequence of Last et al.
(1989) and Lindsey et al. (1992), and to Qfs documented by
Reidel and Fecht (1994), and sand-dominated facies
association of DOE-RL (2002).

30 – 60 m

Upper
Post-Ringold
Formation
eolian and/or
overbank
alluvial deposits

Silty sequence; consisting of interstratified well-sorted silt.
Uncemented but may be moderately to strongly calcareous
from detrital CaCO3. Equivalent to the “early Palouse soil”
(Tallman et al. 1979; DOE 1988; DOE-GJO 1997) and the
Hf/PP deposits of Wood et al. (2000). Also equivalent to the
upper Plio-Pleistocene unit in Lindsey et al. (2001a) and the
fine-grained, laminated to massive lithofacies of the Cold
Creek unit of DOE-RL (2002).

0 – 10 m

Lower gravel
resulting from
eroded Ringold
or post-Ringold
Formation
fluvial deposits

Gravelly sequence; consisting of open-framework gravel and
sandy gravel to gravelly sand; may be equivalent to
pre-Missoula gravels in part and/or to H3 gravel facies of the
Hanford formation where the fine facies is not present. It is
possible some of these gravels are remnants of Ringold
Formation unit A gravels.

10 – 30 m

Facies/Subunit

Source: Reidel and Chamness (2007).
(a) Multiply by 3.281 to convert meters to feet.
CaCO3
= Calcium carbonate.
CCUl
= Lower Cold Creek unit.
CCUu
= Upper Cold Creek unit.
Hf/CCU = Hanford formation/Cold Creek unit.
Hf/PP
= Hanford formation/ Plio-Pleistocene.
NA
= Not applicable.
Qfg
= Quaternary flood gravels.
Qfs
= Quaternary flood silt and sand.

3.1.3

Geology of the BC Cribs Area

The geology of the BC cribs area, which is south of the 200 East Area, is not discussed in the SST
RFI geology data package by Reidel and Chamness (2007); however, they do describe the stratigraphic at
the nearby IDF, which may be similar to that below the BC cribs. The description of well 299-E13-10 in
Figure 6.6 of Reidel and Chamness (2007) is very similar to the geological description of borehole C4191
3.8

(Serne and Mann 2004). A plot of the measured concentrations of 99Tc, uranium, and nitrate as a function
of depth (bgs) is shown in Figure 3.4, along with the corresponding geologic stratigraphy (far left of
figure). The sediments are mainly sand with some gravel with silt near the water table. In the younger
sediments (Hanford formation), there are up to 15 very thin lens of fine sand or silt within the sands. The
water table was contacted at 103 m bgs in Ringold Formation Unit E gravel.

Figure 3.4. Geologic Stratigraphy of the Sediments in Borehole C4191 Along with the Measured
Concentrations (µg/g sediment) of 99Tc, Uranium, and Nitrate as a Function of Depth
(Source: Serne and Mann 2004)

3.9

3.1.4

Brief Description of Geology of the IDF

The geology of the IDF, which was constructed in 2004–2005, is summarized in Reidel (2005). The
IDF geology is described in Reidel and Chamness (2007) and is based on material from Reidel (2005).
The IDF stratigraphy, as shown in Figure 3.5, is from Reidel and Chamness (2007).

Figure 3.5. Stratigraphy Below the Integrated Disposal Facility (Source: Reidel and Chamness 2007)

3.1.5

Brief Description of Geology of the Waste Management Area S-SX

Geologic characteristics of sediments from the WMA S-SX have been extensively studied. Price and
Fecht (1976g, 1976h) presented an initial, detailed interpretation of the geology. DOE-GJO (1996)
presented an interpretation of the geology based primarily on geophysical logging of groundwater
monitoring wells constructed around the perimeter of the tank farm in the early 1990s. In Johnson and
Chou (1998), the geologic interpretation was refined and updated. Johnson et al. (1999) further described
the geology and other subsurface contaminants. Lindsey et al. (2000) provided additional interpretations
on the geology. Most recently, Sobczyk (2001) presented a reinterpretation of the geology based on gross
gamma-ray logs of 98 boreholes within the SX Tank Farm and the most recently published geology
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reports of the area by Johnson et al. (1999) and Lindsey et al. (2000). The main source of geologic
information for the S and SX Tank Farms is borehole information.
Reidel and Chamness (2007) provide a detailed description of the geology of the WMA S-SX in the
SST geology data package for the SST WMAs. A summary table from Reidel and Chamness (2007) of
the stratigraphic terminology and thicknesses of units beneath the WMA S-SX is provided in Table 3.3.
Conceptual geologic models have also been developed at each of the five characterization boreholes
(Serne et al. 2002b, 2002d, 2002e, 2002f).
Table 3.3. Stratigraphy at the Waste Management Area S-SX
Stratigraphic Symbol

Formation

Holocene/Fill

NA

Facies/Subunit
Backfill
Sand

Unit H1b – gravelly
sand, upper graveldominated unit

H1a

Description

Thickness

Poorly sorted gravel to medium sands and silt
derived from the Hanford formation (Price and Fecht
1976g, 1976h).

18.6 m

Sand to silty sand sequence occurs sporadically on
either side of both tank farms and in a channel
beneath the SX farm.

0–8m

Top coarse sand and gravel sequence equivalent to
the Johnson et al. (1999) “Gravel Unit B.”

Unit H1a – slightly
Fine sand and silt sequence.
Hanford silty sand; upper sandformation dominated unit
H1

Unit H1 – lower
Middle-coarse sand and gravel sequence equivalent
gravel-dominated unit to “Gravel Unit A” described by Johnson et al.
(1999) and “Hanford Unit A” described by Sobczyk
(2001).

H2

Unit H2 – slightly
Lower fine sand and silt sequence.
silty sand; lower sand
dominated unit

CCUu and/or Hf/CCU

Rwie
Rlm

Ringold
Formation

9 – 12 m

1 – 10 m

24.3 m

Upper

Very fine sand to clayey silt sequence is
interstratified silt to silty, very fine sand and clay
deposits at least partially correlative with the “early
Palouse soils” described by Tallman et al. (1979) and
DOE (1988) and the “unnamed Hanford formation
[?] or Plio-Pleistocene Deposits [?]” as described by
Lindsey et al. (2000), and the Hf/PP deposits in
Wood et al. (2001).

10.7 m

Lower

Carbonate-rich sequence. Weathered and naturally
altered sandy silt to sandy gravel, moderately to
strongly cemented with secondary pedogenic calcium
carbonate.

1–4m

Cold Creek
unit

CCUl

12 m

Moderate to strongly cemented, well rounded gravel Unit E: 75 – 85 m;
Member of Wooded and sand deposits, and interstratified finer-grained
Lower Mud:
deposits.
Island
12 – 30 m;

Rwia

Unit A: 30 m

Source: Reidel and Chamness (2007).
= Lower Cold Creek unit.
CCUl
CCUu
= Upper Cold Creek unit (Cold Creek fine-grained unit).
Hf/CCU = Hanford formation/Cold Creek unit.
Hf/PP
= Hanford formation/Plio-Pleistocene.
NA
= Not applicable.
= Ringold Formation, member of Wooded Island, unit E.
Rwie
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3.1.6

Brief Description of Geology of the Waste Management Areas T and TX-TY

The geology of the WMAs T and TX-TY and vicinity is well understood as a result of several
decades of site characterization activities. The geology has been described in numerous reports (Price and
Fecht 1976i, 1976j, 1976k; Tallman et al. 1979; Last et al. 1989; Connelly et al. 1992b; DOE-GJO 1997;
Wood et al. 2001). A detailed description of the geology of the WMAs T and TX-TY is provided in the
SST WMA Geology Data Package by Reidel and Chamness (2007). A summary table of the stratigraphic
terminology and thicknesses of units beneath the WMAs T and TX-TY from Reidel and Chamness (2007)
is provided below in Table 3.4. Conceptual geologic models were also developed for the TX and T Tank
Farms in the borehole characterization reports (Serne et al. 2004a, 2004b).
Table 3.4. Stratigraphy Below the Waste Management Areas T and TX-TY
Stratigraphic
Symbol
Backfill

Formation
NA

H1

H2

Hf/CCU

Hanford
formation

Undifferentiated
Hanford
formation and
Cold Creek unit

CCUu

Cold Creek unit

Facies/Subunit

Description

Thickness

Backfill –
Anthropogenic

Gravel-dominated consisting of poorly to moderately
sorted cobbles, pebbles, and coarse-to-medium sand
with some silt derived from coarse-grained Hanford
formation (H1 unit) excavated around tanks (Price and
Fecht 1976i, 1976j, 1976k; Wood et al. 2001);
occasional layers of sand to silty sand occur near the
base of the backfill sequence.

18 m

Unit H1 (Graveldominated facies
association).
Cataclysmic flood
deposits (highenergy).

Gravel-dominated flood sequence; composed of
mostly poorly-sorted, basaltic, sandy gravel to silty
sandy gravel. Equivalent to the upper gravel sequence
discussed by Last et al. (1989), the Qfg documented by
Reidel and Fecht (1994), Hanford Gravel Unit A of
Johnson et al. (1999), coarse-grained sequence (H1
unit) of Wood et al. (2001) and gravel facies of unit
H1 of Lindsey et al. (2001b), and gravel-dominated
facies association of DOE-RL (2002).

10 – 12 m

Unit H2 (Sanddominated facies
association).
Cataclysmic flood
deposits (moderate
energy).

Sand-dominated flood sequence; composed of mostly
horizontal to tabular cross-bedded sand to gravelly
sand. Some sand beds capped with thin layers of silty
sand to sandy silt. Equivalent to Hanford sands of
Johnson et al. (1999), fine-grained sequence (H2 unit)
of Wood et al. (2001) and unit H2 of Lindsey et al.
(2001b), the sandy sequence of Last et al. (1989) and
Lindsey et al. (1992), and to Qfs documented by Reidel
and Fecht (1994), and sand-dominated facies
association of DOE-RL (2002).

9 – 18 m

NA.

Silty sequence. Similar to Cold Creek unit but
distinguished by having a lower natural gamma
response.

2–5m

Upper subunit PostRingold Formation
eolian and/or
overbank alluvial
deposits.

Silty sequence, consisting of interstratified well-sorted
silt and fine sand. Uncemented but may be
moderately to strongly calcareous from detrital
CaCO3. Equivalent to the “early Palouse soil”
(Tallman et al. 1979; DOE 1988; DOE-GJO 1997) and
the Hf/PP deposits of Wood et al. (2001). Also
equivalent to the upper Plio-Pleistocene unit in
Lindsey et al. (2001b) and the fine-grained, laminated
to massive lithofacies of the Cold Creek unit of
DOE-RL (2002).

2–7m
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Table 3.4. (contd)
Stratigraphic
Symbol
CCUl

Formation
Cold Creek Unit

Rtf

Rwi unit

Source:
CaCO3
CCUl
CCUu
Hf/CCU
LM
NA

3.1.7

Ringold
Formation

Facies/Subunit

Description

Thickness

Lower subunit calcic
paleosols developed
on eroded Ringold or
post-Ringold
Formation eolian
and/or fluvial
deposits.

Calcic paleosol sequence; consisting of interbedded
layers of pedogenically altered to unaltered gravel,
sand, silt, and/or clay, cemented together with one or
more layers of secondary CaCO3, originally referred to
as “caliche” (Brown 1959). Since then, the name has
evolved from the Plio-Pleistocene unit (DOE 1988;
DOE-GJO 1997; Slate 2000), the Plio-Pleistocene
calcrete facies (DOE 1988; Wood et al. 2001), the
lower Plio-Pleistocene unit (Lindsey et al. [2001b]),
and the coarse- to fine-grained, CaCO3-cemented
lithofacies of the Cold Creek unit (DOE-RL 2002).

0–8m

Member of Taylor
Flat Ancestral
Columbia River
System fluvial
channel, crevasse
splay, and overbank
deposits.

Fine-grained Ringold Formation sequence consisting
of interstratified, well-bedded fine to coarse sand to
silt. Equivalent to the upper Ringold Formation unit
(DOE 1988).

Member of Wooded
Island Ancestral
Columbia River
System braidedstream deposits.

Coarse-grained Ringold Formation sequence,
consisting of mostly moderately sorted, quartzitic
sandy gravel to silty sandy gravel. Equivalent to
middle Ringold unit (DOE 1988) and the Ringold
Formation unit E and unit A gravels (Wood et al.
2001; Lindsey et al. 2001b). Contains mud (LM).

10 m

Unit E: 85 m;
LM: 6 – 11
m;
Unit A: 20 m

Reidel and Chamness (2007)
= Calcium carbonate.
= Lower Cold Creek unit.
= Upper Cold Creek unit (Cold Creek fine-grained unit).
= Hanford formation/Cold Creek unit.
= Lower mud unit.
= Not applicable.

Brief Description of Geology of the Waste Management Area U

WMA U is located on the Hanford Site in the south central portion of the 200 West Area between
WMA S-SX to the south and WMAs T and TX-TY to the north. The geology of WMA U is well
understood and has been described in several reports: Price and Fecht (1976l), Hodges and Chou (2000),
Smith et al. (2001), and Lindsey (1991, 1995). The material presented in this section was excerpted from
the SST WMA Geology Data Package by Reidel and Chamness (2007). Geologic characterization of
WMA U is based principally on borehole logs (i.e., geologic and drillers’ logs) from 25 boreholes near
the tank farm. The logs describe the physical and chemical characteristics of the subsurface system and
include data such as grain-size distribution, calcium-carbonate content, and moisture content.
Interpretation is based also on existing reports that describe the regional, Hanford Site, 200 Areas, and
local geology. The stratigraphic terminology and unit thickness for the WMA U is shown in Table 3.5
from Reidel and Chamness (2007).
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Table 3.5. Stratigraphy of Sediments at Waste Management Area U
Stratigraphic
Symbol

Description

Thickness(a)

Backfill –
anthropogenic

Gravel-dominated consisting of poorly to moderately sorted
cobbles, pebbles, and coarse-to-medium sand with some silt
derived from coarse-grained Hanford formation (H1 unit)
excavated around tanks (Price and Fecht 1976l; Wood et al.
2001); occasional layers of sand to silty sand occur near the
base of the backfill sequence.

12 m

H1

Unit H1 –
(Graveldominated facies
association).
Cataclysmic
flood deposits
(high-energy).

Gravel-dominated flood sequence; composed of mostly
poorly sorted, basaltic, sandy gravel to silty sandy gravel.
Equivalent to the upper gravel sequence discussed by Last
et al. (1989), the Qfg documented by Reidel and Fecht
(1994), Hanford Gravel Unit A of Johnson et al. (1999),
coarse-grained sequence (H1 unit) of Wood et al. (2001)
and gravel facies of unit H1 of Lindsey et al. (2001b), and
gravel-dominated facies association of DOE-RL (2002).

2–7m

H2

Hanford formation Unit H2 – (Sanddominated facies
association).
Cataclysmic
flood deposits
(moderate
energy).

Sand-dominated flood sequence; composed of mostly
horizontal to tabular cross-bedded sand to gravelly sand.
Some sand beds capped with thin layers of silty sand to
sandy silt. Equivalent to Hanford sands of Johnson et al.
(1999), fine-grained sequence (H2 unit) of Wood et al.
(2001) and unit H2 of Lindsey et al. (2001a), the sandy
sequence of Last et al. (1989), and to Qfs documented by
Reidel and Fecht (1994) and sand-dominated facies
association of DOE-RL (2002).

24 m

Hf/CCU

Undifferentiated NA
Hanford formation
and Cold Creek unit

Silty sequence. Similar to Cold Creek unit but
distinguished by having a lower natural gamma response.

4–8m

Upper subunit
post-Ringold
Formation eolian
and/or overbank
alluvial deposits

Silty sequence; consisting of interstratified well-sorted silt
and fine sand. Uncemented but may be moderately to
strongly calcareous from detrital CaCO3. Equivalent to the
“early Palouse soil” (Tallman et al. 1979; DOE 1988;
DOE-GJO 1997) and the Hf/PP deposits of Wood et al.
(2001). Also equivalent to the upper Plio-Pleistocene unit
in Lindsey et al. (2001b) and the fine-grained, laminated to
massive lithofacies of the Cold Creek unit DOE-RL (2002).

3–6m

Lower subunit
calcic paleosols
developed on
eroded Ringold
Formation or
post-Ringold
Formation eolian
and/or fluvial
deposits

Calcic paleosol sequence; consisting of interbedded layers
of pedogenically altered to unaltered gravel, sand, silt,
and/or clay, cemented together with one or more layers of
secondary CaCO3, originally referred to as “caliche”
(Brown 1959). Since then, the name has evolved from the
Plio-Pleistocene unit (DOE 1988; DOE-GJO 1997; Slate
2000), the Plio-Pleistocene calcrete facies (DOE 1988,
Wood et al. 2001), the lower Plio-Pleistocene unit (Lindsey
et al. 2001b), and the coarse- to fine-grained, CaCO3cemented lithofacies of the Cold Creek unit (DOE-RL
2002).

1–2m

Fine-grained Ringold Formation sequence consisting of
interstratified, well-bedded fine-to-coarse sand to silt.
Equivalent to the upper Ringold Formation unit (DOE
1988).

Absent

Backfill

Formation
NA

CCUu

Cold Creek unit

Facies/Subunit

CCUl

Cold Creek unit

Rtf

Member of
Taylor Flat
Ancestral
Columbia River
Ringold Formation System fluvial
channel, crevasse
splay, and
overbank
deposits
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Table 3.5. (contd)
Stratigraphic
Symbol
Rwi

Formation

Facies/Subunit
Member of
Wooded Island
Ancestral
Columbia River
System braidedstream deposits

Description

Thickness(a)

Coarse-grained Ringold Formation sequence, consisting of Unit E: 90 m;
mostly moderately sorted, quartzitic sandy gravel to silty
LM: 15 m;
sandy gravel. Equivalent to middle Ringold Formation unit Unit A: 30 m
(DOE 1988) and the Ringold Formation unit E gravels
(Wood et al. 2001; Lindsey et al. 2001b). Well-stratified
clay and interbedded silt and silty sand is equivalent to the
lower mud Ringold Formation unit (DOE 1988). Fluvial
gravels with intercalated sands are equivalent to the basal
Ringold Formation unit (DOE 1988) and the Ringold
Formation unit A gravels (Wood et al. 2001; Lindsey et al.
2001b).

Source: Reidel and Chamness (2007).
(a) Multiply by 3.281 to convert meters to feet.
CaCO3 = Calcium carbonate.
CCU
= Cold Creek unit.
= Lower Cold Creek unit.
CCUl
CCUu
= Upper Cold Creek unit (Cold Creek fine-grained unit).
Hf/CCU = Hanford formation/Cold Creek unit.
LM
= Lower mud unit.
NA
= Not applicable.
Qfg
= Quaternary flood gravels.
= Quaternary flood silt and sand.
Qfs
Rtf
= Ringold Formation, member of Taylor Flat.
= Ringold Formation, member of Wooded Island.
Rwi
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4.0 Mineralogy of Vadose Zone Sediments at
Single-Shell Tank Waste Management Areas
Sediments and soils are multi-phase systems that consist of numerous minerals. The composition of
sediment pore fluid and mobility of contaminants in a sediment or soil are limited through adsorption/
desorption and precipitation/dissolution reactions between these minerals(a) and the pore fluid. Therefore,
it is important to identify the numerous minerals and their abundances in a sediment.
Mineral identification is routinely done on bulk samples and clay-size fractions of sediments using
established techniques such as optical microscopy (especially using a petrographic-polarizing
microscope); X-ray powder diffraction; and electron microbeam techniques, such as scanning electron
microscopy (SEM), transmission electron microscopy (TEM), and electron probe microanalysis (EPMA).
Analyses by SEM and TEM are often coupled with online instrument capabilities of energy dispersive
spectroscopy (EDS), which provide semi-quantitative chemical analyses of the analyzed solids.
Depending on the research problem, numerous other instrument techniques may be used to further
characterize the composition, morphology, and surfaces of individual minerals in a sediment or rock over
a large size range from centimeters to nanometers in scale. A review of various methodologies for
characterizing the mineralogy of sediments, soils, and rocks is beyond the scope of this document. The
reader is referred to the numerous Earth science text books available on the subject of mineralogy, and the
numerous extensive reviews in open literature, such as those presented in Hawthorne (1988), Vaughan
and Wogelius (2000), Fenter et al. (2002), and references therein.
Numerous mineralogical characterization studies have been completed of surface and subsurface
sediments from various areas at the Hanford Site. One of the most recent and extensive sets of these
studies is the mineralogical analyses completed as part of the Tier II characterization protocol by PNNL’s
Vadose Zone Characterization Project. The Tank Farm Vadose Program created the Vadose Zone
Characterization Project at PNNL to characterize vadose zone sediment samples to understand the extent
of contamination and transport processes that affected the mobility of contaminants that have migrated
from the SST WMAs. Laboratory activities performed by PNNL’s Vadose Zone Characterization Project
are summarized in the SST RFI, Chapter 8 (in preparation)(b). The sediments for which mineralogical
analyses have been completed include samples from WMAs S-SX, T, A-AX, and B-BX-BY. To date
(April 6, 2007), PNNL’s Vadose Zone Characterization Project has not received any sediment core
samples for characterization from WMA U, nor completed any mineralogical analyses of sediment
samples from WMAs TX-TY (Serne et al. 2004a; Brown et al. 2007) and C (Brown et al. 2006b). The
types of mineralogical analyses completed by this project are summarized in Table 4.1. The reader is
referred to the references cited in Table 4.1 for detailed descriptions of the methods used for these
analyses and associated results.

(a)

A mineral is a solid substance that has a crystalline structure, is naturally occurring, and is homogeneous with a
distinct chemical composition.
(b)
Chapter 8 – “Laboratory Results” (prepared by CF Brown and RJ Serne). In Single-Shell Tank RCRA Facility
Investigation Report, FM Mann (ed). CH2M HILL Hanford Group, Inc., Richland, Washington (title tentative; due
to be published late 2007 or 2008).

4.1

The mineralogical studies typically included X-ray diffraction (XRD)(c) analysis to identify and
determine semi-quantitative mineralogical distributions of the minerals present in bulk solid and clay-size
(<2 µm) fraction of sediment samples from these cores. Analyses by TEM/EDS were also often done for
selected samples of slurries of the clay-size fractions to assist in the identification of minerals (especially
layer silicate minerals) present in this size fraction and determination of their compositions.
The geology and stratigraphy of the sediments from the Hanford formation, Cold Creek Unit, and
Ringold Formation at the 200 West and 200 East Areas are summarized in Section 3.0 and described in
detail in Reidel and Chamness (2007). Because the sources of sediments for the Ringold Formation and
Hanford formation are different, the mineralogy of these sediments are different. These differences are
discussed in Bjornstad (1990) and Xie et al. (2003). Details of the study by Xie et al. (2003) are also
summarized later in this section. The sediments of the Ringold Formation consists of mostly quartz and
feldspar derived from weathering of silicic plutonic rocks north and east of the Columbia Plateau.
Sediments in the Hanford formation contain significant amounts of mafic basalt rock fragments derived
from erosion and redeposition of the Columbia River basalt during Ice Age floods.
Because it is not practical to include gravel- and stone-sized clasts in samples submitted for XRD,
mineralogical analyses by XRD are typically completed on the smaller sand-, silt-, and clay-sized
fractions of sediments. Results of the studies listed in Table 4.1 indicate that the mineralogy of the less
than 32-mm sediment size fraction is generally similar for sediment samples from the Hanford formation,
Cold Creek Unit, and Ringold Formation. Although the relative abundances of individual minerals vary
widely, the bulk samples (<32-mm size fraction) of these sediments are largely dominated by quartz
(SiO2), plagioclase feldspar [general formula (Na,Ca)Al(Al,Si)Si2O8], and alkali (potassium) feldspar
(KAlSi3O8) with quartz usually being the dominant of these three minerals and plagioclase usually being
more abundant that alkali feldspar. The bulk sediment samples also generally contain minor amounts of
mica, chlorite, amphibole, smectite, and/or detrial calcite (CaCO3, calcium carbonate).(d) Calcite can also
exist as pedogenic mineral that is dominant in some sediment samples, especially those from the lower
Cold Creek unit (CCUl). Other names used to describe these facies have included “caliche”(e) and
“calcrete”(f) (Reidel and Chamness 2007). The concentration of calcium carbonate within the CCUl varies
over a wide range, and can be as much as 70 wt% for some samples. In sediments at the Hanford Site, the
CCUl is known to react strongly with uranium, binding it and retarding its migration deeper into the
subsurface. The zeolite laumontite (CaAl2Si4O12•4H2O) was identified as a minor constituent phase in
some of the XRD analyses reported in Lindenmeier et al. (2003) and Serne et al. (2002a, 2002b).
Laumontite is known to be naturally present in
(c)

A crystalline phase typically must be present at greater than 5 wt% of the total sample mass (greater than 1 wt%
under optimum conditions) to be readily detected by XRD. Also, standard powder XRD methods are not
appropriate for identifying and characterizing specific amorphous solids, such as particles of volcanic glass or
amorphous coatings on mineral grains, which might be present in sediment.
(d)
Mica, chlorite, amphibole, smectite, and apatite are mineral groups that are each characterized by specific
structural features and some general ranges in composition. Each group consists of numerous minerals that have
these same structural features and specific compositions within the compositional range for that mineral group.
Unless the name of a specific mineral within such a mineral group is given, it not readily possible to list a specific
composition when reporting the presence of a mineral group such as “mica.”
(e)
Caliche is a crust or layer (usually white) of hard sediment encrusted or cemented together with calcium carbonate
(CaCO3) occurring in arid or semiarid regions.
(f)
Calcrete is a conglomerate of surficial gravel and sand cemented by calcium carbonate.
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Table 4.1. Summary of Mineralogical Analyses of Vadose Zone Sediments from 200 West and 200 East Single-Shell Tank Waste Management
Areas Completed by Pacific Northwest National Laboratory’s Vadose Zone Characterization Project
Waste
Management
Area

Reference

Borehole/Well

Stratigraphic Units From Which
Samples Used for Mineralogical
Analyses Were Sampled

Method of Mineralogical Analysis

200 West SST WMAs
S-SX

Serne et al.
(2002d)

Clean RCRA wells
299-W22-48 and
299-W22-50, and four
composite samples

Analyzed composite samples from
Hanford formation and Ringold
Formation

XRD analysis of bulk sample and of the clay- and
silt-size fractions of selected sediment samples;
TEM and EDS analyses of clay minerals in selected
samples

Sediment samples analyzed by XRD and
TEM/EDS from wells 299-W22-48 and
299-W22-50 from various units of
Hanford formation, Cold Creek unit, and
Ringold Formation

4.3

S-SX (near
SX-115)

Serne et al.
(2002e)

Well 299-W23-19

Sediment samples analyzed by XRD and
TEM/EDS from various units of
Hanford formation and Cold Creek unit

XRD analysis of bulk sample and clay-size fraction
of selected sediment samples; TEM and EDS
analyses of clay minerals in selected samples

S-SX (near
SX-109)

Serne et al.
(2002f)

Borehole 41-09-39

Sediment samples analyzed by XRD and
TEM/EDS from various units of
Hanford formation

XRD analysis of bulk samples and sand-size
fraction; TEM and EDS analyses of selected clay
samples

S-SX (below
SX-108)

Serne et al.
(2002b)

Slant borehole below
SST SX-108

Sediment samples analyzed by XRD
from various units of Hanford formation
and from the Cold Creek unit; samples
analyzed by TEM/EDS from various
units of Hanford formation

XRD analysis of bulk samples and clay-size
fraction; TEM and EDS analyses of selected clay
samples

T (borehole
southwest of
tank T-106)

Serne et al.
(2004b)

Borehole C4105

Sediment samples analyzed by XRD
from various units of Hanford formation,
Cold Creek unit, and Ringold Formation

XRD analysis of bulk samples and clay-size
fraction

Table 4.1. (contd)
Waste
Management
Area

Reference

Borehole/Well

Stratigraphic Units From Which
Samples Used for Mineralogical
Analyses Were Sampled

Method of Mineralogical Analysis

200 SST East WMAs

4.4

A-AX
(southwest/
south of
A-AX)

Brown et al.
(2005)

RCRA wells
299-E25-46 and
299-E24-19

Sediment core samples analyzed by
XRD from Hanford formation

XRD analysis of bulk samples of sediment core and
sidewall core from both wells

B-BX-BY
(northeast of
tank BX-102)

Serne et al.
(2002c)

Well 299-E33-45

Sediment samples analyzed by XRD and
TEM/EDS from various units of
Hanford formation and Cold Creek unit

XRD analysis of bulk samples and clay-size
fraction; TEM and EDS analyses of TEM)
characterization of selected clay samples

B-BX-BY
(near tank
B-110)

Serne et al.
(2002a)

Well 299-E33-46

Sediment samples analyzed by XRD
from various units of Hanford formation
and Cold Creek unit

XRD analysis of bulk samples and clay-size
fractions

B-BX-BY
(southeast of
B Tank Farm)

Lindenmeier et al.
(2003)

RCRA well
299-E33-338

Sediment samples analyzed by XRD
from various units of Hanford formation
and Cold Creek unit

Analysis by XRD of bulk samples of sediment core

EDS
NA
RCRA
SEM
TEM
XRD

= Energy dispersive spectrometry.
= Not applicable.
= Resource Conservation and Recovery Act of 1976.
= Scanning electron microscopy.
= Transmission electron microscopy.
= X-ray diffraction.

uncontaminated Hanford sediments and therefore is not considered to be an alteration product resulting
from reactions of tank wastes with these vadose zone sediments (Serne et al. 2002a). Zachara et al. (in
press) noted that the sediments at the Hanford Site invariably contain a magnetic, iron-rich mineral
fraction (probably less than 2 mass%) that contains magnetite (FeIIFe2IIIO4), ilmenite (FeTiO3) ,
Fe(II)/Fe(III) phyllosilicates, and Fe(III) oxides (ferrihydrite [nominally 5Fe2O3•9H2O]); goethite
[α-FeO(OH)]). For example, see the mineralogical characterization data in Ginder-Vogel et al. (2005) for
sediment samples from the IDF. Zachara et al. (in press) indicated that this potentially reactive ironbearing mineral fraction has not been well studied and is expected to show considerable variation between
and within stratigraphic units. The clay-size fractions (<2 µm) of the sediment samples analyzed for
mineralogy in the studies listed in Table 4.1 are dominated by four clay minerals illite {general formula
(K,H3O)(Al,Mg,Fe)2(Si,Al)4O10[(OH)2,H2O]}, smectite, chlorite, and kaolinite [Al2Si2O5(OH)4] with
minor amounts of quartz, feldspar, and amphibole. The presence of illite as a dominant mineral in the
clay-size fraction is particularly noteworthy because illite is a strong adsorber of cesium and can
irreversibly adsorb cesium within the interlayer sites of its crystal structure. The TEM/EDS analyses of
the clay fractions of sediment samples from the WMA S-SX reported in Serne et al. (2002d, 2002e,
2002f) indicate that the compositions of chlorites typically ranged from that of magnesium-rich chamosite
[general formula (FeII,Mg,FeIII)5Al(Si3,Al)O10(OH,O)8] to iron-rich clinochlore [general formula
(Mg,FeII)5Al(Si3,Al)O10(OH,O)8]. Additionally, these TEM/EDS analyses also identified the presence of
iron oxide(s), anatase (TiO2), apatite, and sepiolite [Mg4Si6O15(OH)2•6H2O] (Serne et al. 2002d, 2002e,
2002f, 2002b). Some of the samples analyzed by TEM/EDS in Serne et al. (2002f) contained platy
particles of weathered muscovite [KAl2(Si3Al)O10(OH)2] and, in lesser amounts, weathered biotite
[K(Mg,FeII)3(Al,FeIII)Si3O10(OH,F)2].
None of the mineralogical studies completed by PNNL’s Vadose Zone Characterization Project
(Table 4.1) found any significant indications of caustic alteration of the mineralogy or porosity of
sediments as a result of reaction with leaking tank wastes. However, the XRD analyses of sediment
samples from the slant borehole below tank SX-108 (simply referred to as slant borehole SX-108)
showed the possible presence of the nitratine (NaNO3, soda niter) (Serne et al. 2002b). Sodium and
nitrate are abundant components of tank wastes, and nitratine has not been identified in uncontaminated
Hanford sediments. The presence of nitratine therefore suggests the mineralogy and chemistry of
sediments from slant borehole SX-108 have been affected by tank waste.
PNNL’s Hanford Science and Technology (S&T) Program and others have also completed detailed
mineralogical characterization analyses in support of research studies of contaminant reactions with
Hanford sediments. The S&T Program has completed focused studies (discussed in the following
sections) of sediment mineralogy and contaminant reactions in selected core samples collected by the
Vadose Zone Characterization Project at WMA S-SX. Mineralogical characterization data reported in
other studies discussed in Zachara et al. (in press), such as the studies of chromate reduction and retention
processes by Ginder-Vogel et al. (2005), used sediment core samples from other Hanford Site locations,
such as the IDF, and are not discussed in this section.
Research by the S&T Program that has reported results of mineralogical characterization analyses
includes the studies completed with WMA S-SX sediment samples of cesium retention on Hanford Site
sediments by McKinley et al. (2001b, 2004), Zachara et al. (2002), and Liu et al. (2003a), and chromium
speciation and mobility by Zachara et al. (2004). The S-SX sediment samples analyzed in these S&T
studies and the types of mineralogical analyses completed by these studies, are summarized in Table 4.2.
An extensive part of the mineralogical characterization studies described in the references in Table 4.2 is
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Table 4.2. Summary of Mineralogical Analyses of Vadose Zone Sediments from Waste Management Area S-SX Reported in Studies by PNNL’s
Hanford Science and Technology Program
S-SX
Borehole/Well

Reference(a)

Sample Numbers(b)

Method of Mineralogical Analysis
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Borehole 41-09-39

McKinley et al.
(2001b)

2C/2D, 2A/2B, 3A/3B,
12A/12B

autoradiography, optical microscopy, XRD

RCRA monitoring
wells

Zachara et al. (2002)

Not specified; sample from
Hanford formation; used a
subsample of the composite
sediment (“Above B”)

optical microscopy, XRD

SX-108 slant
borehole and
borehole 41-09-39

Liu et al. (2003a)

SX-108 slant (3A and 7A) and
41-09-39 (7ABC and 9ABC)

SEM, XMP

Borehole not
specified

McKinley et al. (2004)

Not specified.

EMP, SEM/EDS, TEM, XMP

SX-108 slant
borehole and
borehole 41-09-39

Zachara et al. (2004)

SX-108 slant (3A, 6A, 7A, 8A,
9A, 13A, 14A) and 41-09-39
(6AB and 7ABC)

SEM/EDS, XANES, XRD, SXRF

(a) A considerable part of the mineralogical characterization studies reported in the references above is summarized in McKinley et al. (2001b; S-SX Field Investigation Report
[FIR]).
(b) It is assumed that the sample numbers listed above correspond to those given in Serne et al. (2002, PNNL-13757-4) and Serne et al. (2002, PNNL-13757-3) for sediment
samples from SX-108 slant borehole and borehole 41-09-39, respectively. It is also assumed that samples numbers with combined letters listed in the studies cited above
represented composite samples.
EDS
= Energy dispersive spectrometry.
EMP
= Electron microprobe.
SEM
= Scanning electron microscopy.
SXRF
= Synchrotron-based energy-dispersive X-ray fluorescence.
TEM
= Transmission electron microscopy.
XANES = X-ray adsorption near edge structure spectroscopy.
XMP
= Synchrotron-based X-ray microprobe.
XRD
= X-ray diffraction.

also summarized in McKinley et al. (2001b). Key results from the mineralogical studies by McKinley et
al. (2001b) and Zachara et al. (2002, 2004) are briefly summarized below. Similar mineralogical
information is given in Liu et al. (2003a) and McKinley et al. (2004).
Characterization of the sediment samples studied by Zachara et al. (2002, p 193) show the mineralogy
of the size fractions greater than 2 µm was dominated by quartz with lesser amounts of plagioclase and
potassium feldspars, micas, chlorite, vermiculite [(Mg,FeII,Al)3(Al,Si)4O10(OH)2•4H2O], and smectite.
Anorthite (CaAl2Si2O8) was the dominant feldspar mineral. The clay-size fraction contained smectite,
chlorite (clinochlore), and mica. Based on XRD of a mica concentrate hand-picked from the sand fraction
(0.5–2.0 mm), Zachara et al. (2002) identified the micas muscovite, biotite, and vermiculitized biotite,
Zachara et al. (2002) observed a cream-colored encrustation on the basal surfaces of biotite and
vermiculitized biotite, which they identified as feldspar by XRD. These analyses showed the
basalsurfaces of some of the biotite to be highly weathered to vermiculite, whereas the internal surfaces of
the biotite were unaltered (Zachara et al. 2002). The bright red and dark brown colors of the vermiculite
and biotite grains, respectively, determined by optical microscopy were consistent with oxidation of
octahedrally-coordinated iron during weathering (Zachara et al. 2002).
The mineralogy determined by McKinley et al. (2001b) of their S-SX sediment samples was
essentially identical to that described in Zachara et al. (2002). Quartz, plagioclase feldspar, and micas
(biotite, muscovite, and vermiculitized biotite) were identified in all size fractions, with kaolinite, quartz,
plagioclase, smectite, and micas being the principal minerals in the clay-size fraction (McKinley et al.
2001b). McKinley et al. (2001b, p. 3433) used digital phosphor-plate images to identify the mineral
particles in their sediment samples responsible for sorbing 137Cs. Their autoradiograph analyses indicated
that the cesium-bearing particles were individual grains of mica or agglomerates of smectite, mica, quartz,
and plagioclase.
Mineralogical characterization by Zachara et al. (2004) shows definite evidence that dissolution and
precipitation reactions had occurred in sediment samples from the SX-108 slant borehole as a result of
contact with liquid wastes. Although the surfaces of mica grains in uncontaminated Hanford sediments
show no alteration, the SEM analyses of muscovite and biotite grains in sediment samples from SX-108
slant borehole (samples 3A and 7A) were highly coated with poorly crystalline sodium aluminosilicates.
Zachara et al. (2004) noted that, based on the SEM analyses, the degree of alteration of the sediments
decreased with depth and distance from the tank. X-ray adsorption near edge structure spectroscopy
(XANES) analyses of chromium-containing sediment samples from the SX-108 slant borehole indicated
the presence of both Cr(VI) and Cr(III). Zachara et al. (2004) found that the largest Cr(III) concentration
[smallest Cr(VI)] was observed in sample 7A, which had the largest extent of mineral alteration of the
samples analyzed by XANES, whereas the highest Cr(VI) concentrations were in the samples lower in the
core where mineral alteration was minimal. Zachara et al. (2004) also speculated that the most altered
sediment samples – 3A and 7A – should also contain secondary zeolites that formed from reaction with
the liquid wastes. The identification of the secondary zeolite phases was problematic due to their small
particle size and being intermixed with the other solid phases in these sediments. Knowing that zeolites
can sorb 137Cs, Zachara et al. (2004) used autoradiography to identify radioactive clasts in samples 3A
and 7A. They then examined these radioactive clasts for surface-adhering secondary minerals
compositionally consistent with zeolites. Zachara et al. (2004) identified grains of quartz that had sodium
aluminosilicate precipitates on their surfaces. Because these surface coatings did not exist on
uncontaminated sediments, Zachara et al. (2004) assumed these surface precipitates were zeolites that
formed from reaction with the waste liquids.
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PNNL’s Hanford S&T Program has also completed specialized mineralogical analyses as part of
laboratory studies to determine the geochemical reactions controlling the sorption and speciation of 90Sr
(McKinley et al. 2007) in contaminated sediment samples from B-110 borehole 299-E33-46 and uranium
in contaminated sediment samples from BX-102 borehole 299-E33-45 (Catalano et al. 2004; Liu et al.
2004b; Wang et al. 2005b; Liu et al. 2006; McKinley et al. 2006). The B-BX-BY sediment samples that
were analyzed in these S&T studies and the types of mineralogical analyses completed by these studies
are summarized in Table 4.3. Most of the mineralogical characterization studies in Table 4.3 are also
summarized in subsections by the corresponding authors in Appendix D in RPP (2002). These studies
focused on establishing the reaction mechanisms controlling the geochemical behavior of specific
contaminants in these sediments, and their results are summarized in Section 6.0 of this report and in
Zachara et al. (in press).
Xie et al. (2003) used statistical methods (such as principal component analysis, discriminant function
analysis, and machine learning methods) to try to classify sediments from the Hanford and Ringold
Formations using mineralogical and geochemical data. Although the Hanford and Ringold Formations
comprise the majority of the vadose zone sediments at the Hanford Site, quantitative methods do not exist
and visual examinations are not always conclusive for distinguishing between samples from these
formations. The statistical analyses by Xie et al. (2003) were based on analyses of mineralogy and
composition by electron probe microanalysis (EMP), optical petrographic polarizing microscopy, and
X-ray fluorescence (XRF) of sediment samples from the 200 West and 200 East Areas of the Hanford
Site. Xie et al. (2003) use the acronyms EM (electron microscopy), Petro, and XRF, respectively, in their
report to refer to these three types of data, and list the data used in their statistical analyses in Tables A.1,
A.2, and A.3 in their report. The EMP analysis data used by Xie et al. (2003) were from Tallman et al.
(1979) and unpublished data from LL Ames (1976). The petrographic data were from Bjornstad (1990).
The XRF analyses data used by Xie et al. (2003) were from Serne et al. (2002d, 2002e) and unpublished
data from B. N. Bjornstad (PNNL). Xie et al. (2003) relied on the stratigraphic unit designations given by
the original authors of these source documents, which might not have followed current nomenclature.
Xie et al. (2003) also noted they did not use mineralogical data determined by XRD, such as those
reported in Serne et al. (2002d, 2002e), because Xie et al. (2003) considered mineral abundances
determined by XRD to be semiquantitative, which would make direct comparison of petrographic and
XRD data difficult.
Results of the statistical analyses by Xie et al. (2003) show significant differences in the EM, Petro,
and XRF variables between the sediment samples from the Hanford and Ringold Formations. The
differences in the EM variables that appeared significant were that Hanford formation samples contain
higher percentages of plagioclase, pyroxenes, sphene (CaTiSiO5), and mica, and lower percentages of
calcite and ilmenite (FeTiO3). Most Petro variables had significantly different central values between
Hanford and Ringold Formation samples, and the box plots and significance tests indicated that
significant differences existed for most XRF variables between the Hanford and Ringold Formations.
The reader is referred to Xie et al. (2003) for a detailed presentation of their datasets, statistical methods,
and results. Xie et al. (2003) concluded that the statistical techniques employed in their study were useful
for determining which mineral and chemical variables are most effective in distinguishing between the
Ringold and Hanford sediments. Their results also indicated that XRF data might be useful in developing
classification algorithms to identify Hanford and Ringold Formation samples over wider geographic
areas. Xie et al. (2003) also concluded, based on some preliminary studies and information in the
scientific literature, that routine measurement of trace element data would be a valuable addition to the
data used to distinguish between the various sediment formations at the Hanford Site.
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Table 4.3. Summary of Mineralogical Analyses of Vadose Zone Sediments from Waste Management Area B-BX-BY Reported in Studies by
PNNL’s Hanford Science and Technology Program
B-BX-BY
Borehole/Well

Reference(a)

Sample Numbers(b)

Method of Mineralogical Analysis
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B-110 Borehole
299-E33-46

McKinley et al. (2007)

Split-spoon liner samples; 20b, 21a, 36a, 38a, 84, 105c,
110b, 113

SEM/EDS, digital micro-autoradiography

BX-102 Borehole
299-E33-45

Catalano et al. (2004)

33AB, 53AB, 61AB, 67AB

EXAFS, µXRD, µSXRF, XAFS, XANES

BX-102 Borehole
299-E33-45

Liu et al. (2004b)

I53, I61, I67

EMP, SEM, XMP

BX-102 Borehole
299-E33-45

Wang et al. (2005b)

53A, 61A, 61AB, 67AB

TRLFS, XRD

BX-102 Borehole
299-E33-45

Liu et al. (2006)

None given

NMR-PGSE, SEM, XRD

BX-102 Borehole
299-E33-45

McKinley et al. (2006)

Split-spoon liner samples

EMP, SEM/EDS, TEM, XRM

(a) Most of the mineralogical characterization studies reported in these references are also summarized in subsections in Appendix D of RPP (2002).
(b) Sample numbers listed are assumed to correspond to those in Serne et al. (2002a; 2002c) for sediment samples from B-110 borehole 299-E33-46 and BX-102 borehole
299-E33-45, respectively. Sample numbers with a combined letter listed in the cited studies are also assumed to represent composite samples.
µSXRF = Microscanning X-ray fluorescence.
µXRD = X-ray microdiffraction.
EDS
= Energy dispersive spectrometry.
EMP
= Electron microprobe.
EXAFS = Extended X-ray absorption fine structure spectroscopy.
NMR-PGSE = Nuclear magnetic resonance pulse gradient spin echo technique.
SEM
= Scanning electron microscopy.
TEM
= Transmission electron microscopy.
TRLFS = Time-resolved spectroscopy laser fluorescence spectroscopy.
XAFS = X-ray absorption fine structure spectroscopy.
XANES = X-ray adsorption near edge structure spectroscopy.
XMP
= Synchrotron-based X-ray microprobe.
XRD
= X-ray diffraction.

Numerous mineralogical analyses have been completed of sediments from across the Hanford Site.
The majority of these reported studies have been completed since the late 1970s. The number, quality,
and technical complexity of these studies have steadily increased during the past 15 years as the mission
at the Hanford Site changed to characterization and remediation of surface and subsurface radioactive and
hazardous wastes and contamination. In calendar year 2002, PNNL researchers(a) compiled an extensive,
multi-spreadsheet database of bulk mineralogical and compositional data reported for Hanford sediments
in unpublished and published Hanford-contractor and PNNL reports available at that time.(b) In the near
future, PNNL researchers hope to migrate these data to a relational database, such as the Hanford
Borehole Geologic Information System (HBGIS) (Last et al. 2005), where this information can be used
by Hanford Site staff to support various remedial investigation and performance assessment programs for
the site.

(a)

RD Mackley and GV Last, Pacific Northwest National Laboratory.
Personal communication from RD Mackley and GV Last, Pacific Northwest National Laboratory, to the authors,
March 2007.

(b)
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5.0 Geochemical Properties of Key Contaminants of Interest
This section provides a brief summary of the key geochemical processes affecting the mobility of
COIs in Hanford sediments. The COIs included for discussion in this section (241Am, 137Cs, chromium,
129 237
I, Np, nitrate, 239/240Pu, 79Se, 90Sr, 99Tc, uranium, 125Sb, 60Co, 152/154Eu, 126Sn, and mercury) are
generally constituents that have large inventories, long half-lives for those that are radioactive, and/or
move rapidly through sediments and groundwater and thus have high-intrinsic potential for risk impacts.
The COIs include key contaminants of concern for tank waste through the groundwater pathway (99Tc,
129
I, uranium, nitrate, chromium, and mercury) and inadvertent intruder scenario (90Sr, 126Sn, 137Cs,
uranium, 237Np, 239/240Pu, and 241Am) [Mann 2005; Vol. 1 Chapter 17]. The radionuclides 125Sb, 60Co and
152/154
Eu were included because they were identified by spectral gamma logging in WMA B-BX-BY
(DOE-GJO 1998). The radionuclide 79Se was indicated to be a potential contaminant of concern in Mann
et al. (2001).
Most of the information in the following paragraphs was taken from reviews prepared by
KM Krupka, PNNL, which are published in Napier et al. (2005), Krupka and Serne (2002), and EPA
(1999b; 2004). The concentrations and mobility of contaminants in surface and subsurface geologic
systems(a) are controlled by numerous hydrologic and geochemical processes. These primarily include the
amount and nature of contaminants present at the source; the rate of their release from the source;
hydrologic factors, such as dispersion, advection, and dilution; and geochemical processes, such as
aqueous complexation, reduction/oxidation, adsorption/desorption and ion exchange,
precipitation/dissolution, diffusion, colloid-facilitated transport, and anion exclusion.
The following summaries have been condensed from additional detailed summaries in Appendix A.
The pH and Eh conditions and associated speciation reactions are key parameters for understanding the
environmental behavior of COIs. To illustrate the impact of these parameters on the geochemistry of the
COIs, the distributions of dominant aqueous species and potential solubility controls for each COI are
shown graphically as Eh-pH (or Pourbaix) diagrams in Appendix A. Figure 5.1 illustrates the Eh and pH
regions on an Eh-pH diagram that are considered oxidizing, reducing, and transition environments, such
as mildly reducing, in the following sections and in Appendix A. Included in the diagram is a dark
yellow area (ellipse) that shows the general Eh-pH region expected at the Hanford Site for pore water
from the vadose zone and groundwater from the upper-unconfined aquifer not affected by waste release.
The pH is based on the water composition given for uncontaminated water in Kaplan et al. (1998). The
upper and lower limits for Eh are based, respectively, on an assumed dissolved maximum oxygen content
of ~4 mg/L and the Eh specified for groundwater background in DOE-RL (1997). The light yellow
shaded area in Figure 5.1 shows the expected pH-Eh region for vadose zone pore water that was affected
by tank waste. The minimum and maximum pH values for this region are based on the range of pH
values reported in the vadose characterization reports by Serne et al. (2002a to 2002f; 2004a, 2004b) and
Brown et al. (2005, 2006b, 2007). The minimum and maximum Eh values are based, respectively, on the
Fe(II)/ferrihydrite redox reaction and the water/oxygen stability boundary. Generally, the Eh values for
vadose zone pore waters are expected to be oxic.

(a)

Surface and subsurface systems include soils, sediments, surface waters, sediment and soil pore waters, groundwaters, and geological rock formations.
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Figure 5.1. Approximate Position of Some Natural Environments as a Function of pH and Eh
Conditions. (Dark yellow area shows general Eh-pH regions expected for pore water from
vadose zone and groundwater from the upper unconfined aquifer not affected by waste
release. Light yellow shaded area shows expected Eh-pH region for vadose zone pore water
that was influenced by tank waste.)

5.1

Americium

Americium-241 can exist in the +3, +4, +5, and +6 oxidation states; however, Am(III) is the most
stable and important oxidation state in environmental systems. The higher oxidation states are strong
oxidizing agents and stable only in systems containing no oxidizable compounds. For dilute solutions,
such as Hanford groundwater, the uncomplexed ion Am3+ is the dominant aqueous species at moderately
to highly acidic conditions. At near neutral to alkaline pH conditions, Am(III) carbonate complexes will
dominate the aqueous speciation of Am(III). Aqueous complexes, such as Am(CO3)33-, will be increasingly important with increasing concentrations of dissolved carbonate under alkaline pH conditions. For
waters in contact with organic-rich sediments and soils, studies indicate that Am(III) may also form
strong complexes with humic substances. Concentrations of dissolved Am(III) in sediment environments
may be controlled by the precipitation of hydroxide [e.g., Am(OH)3] or carbonate solids in some systems
(e.g., Felmy et al. 1990; Vitorge 1992; Silva 1984). With increasing pH and dissolved carbonate concentrations, solids such as AmOHCO3 and Am2(CO3)3 will likely control the concentration of dissolved
Am(III). Most sorption studies indicate that Am(III) readily sorbs to sediments, pure minerals, and
crushed rock materials and exhibits high Kd values that are often in the range of 1,000 to greater than
100,000 mL/g. Americium(III) is, therefore, considered one of the most immobile actinide elements in
the environment. In their Hanford Site COI Kd review, Cantrell et al. (2003) characterized americium as a
contaminant with high Kd values. The adsorption of Am(III) is strongly pH dependent and increases with
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pH dependence is expected because as pH decreases below 5, the net surface charge on mineral surfaces
becomes increasingly positive, and Am(III) is relatively uncomplexed resulting in electrostatic repulsion
from the surface. As pH increases above 6, the net surface charge on the mineral surfaces become
increasingly negative and the dissolved americium becomes increasingly complexed and negatively
charged resulting in electrostatic repulsion.
Appendix A contains a more detailed discussion and supporting references for the environmental
geochemistry of americium and the other COIs reviewed in Section 5.0. Calculation details of the
distributions of aqueous complexes discussed for each COI in Section 5.0 are also presented in
Appendix A.

5.2

Cesium-137

Cesium exists in environment systems in the +1 oxidation state. The aqueous speciation of cesium is
relatively simple; it exists predominately as the uncomplexed aqueous Cs+ ion across the full pH-Eh range
of aqueous systems. Cesium does not form any important aqueous complexes with ligands and organic
matter found in natural systems. Cesium-containing solids are highly soluble in aqueous systems.
Therefore, the precipitation and coprecipitation of cesium-containing solids are not important processes in
controlling the concentration of dissolved cesium in environmental systems. Cesium sorbs rather strongly
to many minerals resulting in large Kd values. Cantrell et al. (2003) characterized cesium as a
contaminant with high Kd values. Cesium sorption occurs primarily by ion exchange in most sediment
systems except when mica-like minerals are present. On certain mica-like clay minerals, such as illite
{(K,H3O)(Al,Mg,Fe)2(Si,Al)4O10[(OH)2,H2O]} and vermiculite [(Mg,FeII,Al)3(Si,Al)4O10(OH)2·4H2O],
cesium sorption results in the selective fixation of cesium between structural layers of these minerals.
Some researchers have considered the exchange of trace cesium on these mica-like clays to be nearly
irreversible (see Douglas 1989 and references therein). The extent to which cesium sorbs by this process
will depend on the concentration of mica-like clays in the sediment and the concentration of major
cations, such as Na+ and K+, that compete for the exchange sites.

5.3

Chromium

Chromium exists in the +2, +3, and +6 oxidation states in water, but only the +3 and +6 states are
found in natural environments. Chromium(VI) exists only under oxidizing conditions, whereas Cr(III)
exists over a wide range of pH and Eh conditions. Chromium(VI) is a strong oxidant and is rapidly
reduced in the presence of such common electron donors as aqueous Fe(II), ferrous [Fe(II)] iron minerals,
reduced sulfur, and organic matter. Microbes can catalyze these reactions. Chromium(VI) has relatively
simple hydrolysis behavior, forming primarily anionic species including HCrO4- (bichromate) and CrO42(chromate) at pH values less and greater than 6.5, respectively, and Cr2O72- (dichromate) at higher
concentrations of dissolved chromium (Baes and Mesmer 1976; Palmer and Wittbrodt 1991; Richard and
Bourg 1991). Chromium(VI) as chromate (CrO42-) is likely to be the dominant dissolved chromium
species in the Hanford vadose zone and upper unconfined aquifer. Chromium(III) exists predominantly
as Cr3+ below pH 4 in the Cr(III)-H2O system and forms a series of aqueous hydrolysis species [i.e.,
CrOH2+, Cr(OH)2+, Cr(OH)30(aq), and Cr(OH)4-] with increasing pH above pH 4. At higher chromium
concentrations, polynuclear species such as Cr2(OH)24+ and Cr3(OH)45+ can form slowly at 25°C (Baes
and Mesmer 1976). Chromium(III) complexes with dissolved ligands such as fluoride, ammonia, and
cyanide (Baes and Mesmer 1976).
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The concentrations of dissolved Cr(VI) in the Hanford vadose zone and unconfined aquifer are not
expected to be affected by the precipitation of mineral phases containing Cr(VI). Though several
minerals containing Cr(VI) are known, they only occur at sites highly contaminated with chromium. For
example, Palmer and Wittbrodt (1991) identified PbCrO4 (crocoite), PbCrO4•H2O (iranite), and K2CrO4
(tarapacite) in chromium sludge from a plating facility. In most sediment systems under moderately and
highly reducing conditions, the concentration of dissolved chromium may be controlled by the precipitation of Cr(III) solids. Because Cr(III) tends to precipitate, it is considered relatively immobile under
moderately alkaline to slightly acidic conditions. Rai et al. (1984) concluded that most Cr(III)
solubility-controlling solids in nature are either Cr(OH)3 or Cr(III) coprecipitated with iron oxides. Sass
and Rai (1987) determined that Cr(III) can precipitate with Fe(III) to form a solid solution with the
general composition CrxFe1-x(OH)3 at pH values greater than 4. Because Cr(VI) exists primarily as the
anion CrO42- in most oxic sediment systems, Cr(VI) does not adsorb in sediments to any significant extent
under most geochemical conditions. The measured Kd values for Cr(VI) on Hanford sediments range
from 0 to 1, with typical values being zero or close to zero (Cantrell et al. 2003). The presence of
competing and, less commonly, complexing ions (e.g., sulfate and phosphate) may significantly alter
chromate adsorption. Adsorption of Cr(III) to sediments has received only a nominal amount of research
attention. The limited number of published studies infer that Cr(III), like other +3 cationic metals, is
strongly and specifically absorbed by sediment iron and manganese oxides (Korte et al. 1976).

5.4

Iodine-129

Although the environmental chemistry of 129I is normally assumed to be simple and well known,
recent studies suggest the fate and mobility of iodine in environmental systems may be more complex
than expected. This complexity is caused by the multiple redox states of iodine that may exist under
oxidizing conditions. The -1 (iodide, I-), +5 (iodate, IO3-), and molecular I2° oxidation states are those
most relevant for iodine in environmental systems. Iodide (I-) is expected to be the dominant species of
iodine in Hanford groundwater. The stability range of I- extends almost over the entire pH and Eh range
for the thermodynamic stability of water. In marine and highly oxidizing environments, such as surface
waters and some oxygenated shallow groundwaters, iodine may be present in the +5 oxidation state as the
iodate ion, IO3-. Under oxidizing, acidic conditions, molecular I20(aq) may form from the reduction of
IO3- or the oxidation of I-. The volatilization of iodine from sediment to the atmosphere may occur as a
result of both chemical and microbiological processes that may form molecular iodine, hydrogen iodide,
or organic compounds, such as methyl iodide (Whitehead 1984). Precipitation of iodine-containing solids
is not likely to be an important process in sediments because of the low concentrations of iodine in
environmental systems and the high solubility of iodine-containing minerals. Iodide is commonly present
in substitution for other halogen elements, such as chloride and bromide, whereas iodate is typically
associated with sulfate- or nitrate-type minerals. However, such minerals are expected to be highly
soluble in sediments. The Kd values listed by Cantrell et al. (2003) for Hanford sediments generally
indicate relatively low adsorption for iodide. Under typical Hanford groundwater conditions, Kd values
range from approximately 0 to 2 mL/g with a range of 0 to 0.2 mL/g being most typical (Cantrell et al.
2003). Adsorption of iodine species appears to be controlled, in part, by sediment organic matter and by
iron and aluminum oxides, with the adsorption of iodine becoming increasingly important under more
acidic conditions. Some iodine sorption studies suggest that the oxidation state of iodine may have an
impact on the observed sorption behavior of iodine in sediments. Although the extent of sorption is
typically low, especially in systems containing little or no organic matter, I- and IO3- are sorbed to a
measurable extent by sediments and some oxide and sulfide minerals at near neutral and alkaline pH
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conditions. The adsorption behavior of IO3- appears to be appreciably different from that of I-, in that IO3sorbs much more strongly than I- to sediment and mineral surfaces. Because iodine is present as either
the anions I- or IO3- in most sediments, conventional wisdom suggests that their adsorption on sediments
and most individual mineral phases should be negligible at near neutral and alkaline pH conditions.
Mechanisms causing this sorption behavior of iodine at these pH conditions are not completely
understood.

5.5

Neptunium-237

Neptunium may exist in the +3, +4, +5, +6, and +7 valence states, but only the +4, +5, and possibly
+6 states are relevant to natural environments. Neptunium(VI) is stable only in highly oxidizing solutions
and is therefore not important under most environmental conditions. Neptunium(V) exists in oxidizing
environmental systems and is considered relatively mobile because Np(V) aqueous species do not readily
adsorb to sediment, and Np(V) solids are quite soluble. Neptunium(IV) occurs under reducing conditions
and is less mobile than Np(V). Like U(IV) and Pu(IV), Np(IV) may form sparingly soluble oxide and
hydroxide solids that limit the mobility of Np(IV) under reducing conditions. Under oxidizing
conditions, the neptunyl ion, NpO2+, is calculated to be the dominant Np(V) aqueous species at pH values
less than pH 8.5. At higher pH values, anionic Np(V) carbonate complexes, such as NpO2CO3- and
NpO2(CO3)35-, are predicted to be the dominant aqueous complexes under oxidizing conditions. Under
reducing conditions, the hydroxyl complex Np(OH)40(aq) is the dominant Np(IV) aqueous complex at pH
values greater than 4. If dissolved fluoride is present at 2.0×10-9 mol/L or greater, Np(IV) fluoride
complexes, such as NpF3+ and species NpF22+, the species NpF22+ may be the dominant species at very
acidic pH values under moderately oxidizing to reducing conditions. If the concentrations of dissolved
Np(V) are sufficiently high, the solubility of Np(V) may be controlled by hydroxide or carbonate solids.
In carbonate-rich solutions, a variety of solids, such as hydrated NaNpO2CO3 (Neck et al. 1994; Lemire
et al. 1993), Na3NpO2(CO3)2 (Al Mahamid et al. 1998; Neck et al. 1994; Lemire et al. 1993), and
KNpO2CO3 (Al Mahamid et al. 1998; Lemire et al. 1993), have been studied as possible solubility
controls for the maximum concentration of dissolved Np(V) under oxidizing conditions. Under reducing
conditions, Np(IV) is not considered very mobile because it forms sparingly soluble oxide and hydroxide
solids. Solids, such as Np(IV) hydrous oxide (Nakayama et al. 1996; Rai and Ryan 1985), amorphous
NpO2·xH2O (Rai et al. 1987), and amorphous NpO2 (Rai et al. 1999) have been studied as possible
solubility controls for Np(IV). Neptunium(V) species adsorb to some extent to iron oxide and clay
minerals, but do not adsorb to a major degree on most common minerals. The Kd values for Np(V) in
Cantrell et al. (2003) indicate Np(V) adsorption is generally moderate, with Kd values in the general range
of 2 to 30 mL/g. Because NpO2+ does not compete favorably with dissolved Ca2+ and other divalent ions
for adsorption sites on sediments, the Kd values for Np(V) are relatively low (Kaplan and Serne 2000).
Results of experimental studies indicate that the adsorption of Np(V) has a strong dependence on pH,
especially for iron oxides, where the adsorption of Np(V) on minerals is negligible at pH values less than
pH 5 and increases rapidly at pH values between 5 to 7. In carbonate-containing solutions, the adsorption
of Np(V) on iron oxides has been observed to decrease at pH values greater than 7 to 9 in response to the
formation of aqueous Np(V) carbonate complexes (Kohler et al. 1999).

5.6

Nitrate

Nitrogen can exist in several oxidation states from +6 to -3 in natural environments. In natural
waters, nitrogen exists primarily in the +5 (nitrate, NO3-), +3 (nitrite, NO2-), 0 [N2(gas)], and
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-3 (ammonium, NH4+) oxidation states. Many nitrogen transformations in the lithosphere are controlled
in large part by microorganisms. The significance and rates of these reactions are generally difficult to
quantify because of the many variables that influence the rates of reactions. Nitrogen can occur in other
forms, such as cyanide (CN-) and in aqueous systems affected by industrial waste disposal. The rate at
which equilibrium is reached among the different redox states of nitrogen is very slow in abiotic systems
because of the high-activation energies associated with nitrogen redox reactions (Lindsay et al. 1981).
Relative to the geochemical conditions in the vadose zone, nitrogen will be present typically as the highly
mobile NO3- (nitrate) species based on thermodynamic considerations and characterization data for
Hanford vadose zone sediments. Nitrate is the dominant nitrogen species over the entire pH range for
oxic systems. Under mildly reducing conditions and lower redox conditions, nitrogen as the cationic
NH4+ and neutral NH30(aq) species are the dominant aqueous species at pH values less and greater than
approximately 9.2, respectively. Under mildly reducing conditions, there are also two narrow Eh-pH
regions where N(III) as HNO20(aq) (very acidic conditions) and NO2- (near-neutral to very basic pH
conditions) are predicted to be stable. Nitrate-containing minerals, such as nitratine (soda niter, NaNO3)
and niter (KNO3), do occur in some natural systems. These minerals are highly soluble and restricted in
occurrence to highly concentrated nitrate systems, such as evaporite deposits. Although nitratine has been
identified in waste sludges from Hanford tank waste, such phases are not expected to exist in the vadose
zone or unconfined aquifer unless the sediments have reacted with waste fluids that may have leaked from
a SST.
Bickmore et al. (2001) reported the formation of a nitrate form of cancrinite
[Na8Si6Al6O24(NO3)2•4H2O] in studies of mineral precipitation on quartz sand reacted with simulated
Hanford tank solutions. Nitrate does not readily adsorb on minerals under near-neutral and slightly
alkaline pH conditions common in sediment systems. Cantrell et al. (2003) identified only one study in
which Kd values for nitrate adsorption were measured using Hanford sediment. The results from this
single study of Serne et al. (1993) indicate that nitrate adsorption is essentially zero (i.e., Kd = 0). Nitrate
(NO3-) and nitrite (NO2-) are typically assigned Kd values of 0 mL/g. As anions, their adsorption is
expected to be significant under acidic conditions, decrease with increasing pH values, and be essentially
nonexistent at slightly to highly basic pH conditions. Ammonium (NH4+) cations are highly adsorbed to
mineral surfaces through cation exchange, but ammonium is not expected to be typically present in
Hanford vadose zone sediments.

5.7

Plutonium-239/240

Plutonium can exist in +4, +5, and +6 oxidation states under oxidizing conditions (Keeney-Kennicutt
and Morse 1985), whereas the +3 and +4 oxidation states exist under reducing conditions. Several
researchers believe that Pu(V) is the dominant oxidation state of plutonium under oxidizing conditions
(Nelson and Orlandini 1979; Aston 1980; Bondietti and Trabalka 1980; Rai et al. 1980b). The Pu(V)
species PuO2+ and PuO2OH0(aq) and the Pu(VI) species PuO2(CO3)22- are calculated to be dominant at
oxidizing conditions from acidic to basic pH values, respectively. The Pu(IV) species Pu(OH)40(aq) is
predicted to have a large stability range extending above near neutral pH values at moderately oxidizing
conditions to pH values greater than 8 under reducing conditions. Pu(III) species, such as Pu3+, would be
dominant up to pH values of approximately 8.5 under reducing conditions. Dissolved plutonium can
form stable complexes with a variety of inorganic and organic ligands (Cleveland 1979). Plutonium is
expected to form stronger complexes with dissolved carbonate, sulfate, phosphate, and fluoride, relative
to those with ligands such as chloride and nitrate. Plutonium can also form strong mixed hydroxy-
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carbonate ligand complexes [e.g., Pu(OH)2(CO3)22-] (Yamaguchi et al. 1994; Tait et al. 1995). Laboratory
studies conducted by Rai et al. (1980a), Delegard (1987), and Yamaguchi et al. (1994) indicate that a
freshly precipitated amorphous PuO2⋅xH2O phase limits the dissolved concentration of plutonium in
environmental systems. Based on results from a series of batch desorption tests with a plutoniumcontaminated sandy-clay-loam sediment, Kaplan et al. (2006) suggested that the measured desorption
behavior they observed was likely due to dissolution of a solid form of plutonium that was more
crystalline and less soluble than the solubility data in the literature for the PuO2(am)–water system.
Plutonium is known to adsorb strongly to a variety of minerals and organic matter. The available data
indicate that for Hanford sediments, plutonium will be fairly immobile except at very low pH values or
high EDTA concentrations (Cantrell et al. 2003). Several studies show that plutonium present in the
higher +5 and +6 oxidation states may be reduced to the +4 state by adsorption onto iron-oxide surfaces
containing Fe(II) (EPA 1999b; Kaplan et al. 2006). The Kd values for plutonium typically range over
several orders of magnitude, depending on the properties of the substrate, pH, and the composition of
solution (Baes and Sharp 1983; Coughtrey et al. 1985; Thibault et al. 1990). At pH values of 7 and
greater, concentrations of dissolved carbonate and hydroxide will decrease the adsorption of plutonium
and increase its mobility in sediments as a result of the formation of strong mixed ligand complexes with
plutonium (EPA 1999b).

5.8

Selenium-79

Selenium can be found in the -2, 0, +4, and +6 oxidation states (Baes and Mesmer 1976). Dissolved
selenium will be present in the +6 oxidation state under oxidizing conditions as the dominant species
(SeO42- at pH values greater than 2). Under moderately oxidizing to reducing conditions, the Se(IV)
species H2SeO30(aq), HSeO3-, and SeO32- calculate to be dominant at pH values less than approximately
2.5, from 2.5 to 7, and greater than 7, respectively. The Se(-II) species HSe- is the dominant aqueous
species of selenium at pH greater than about 4 under highly reducing conditions. In some sediment
systems under moderately and highly reducing conditions, the concentration of dissolved selenium may
be controlled by the precipitation of selenium solids, such as elemental selenium (Se0), selenium sulfides,
and metal selenides. The concentration of selenium in most sediment systems under oxidizing conditions
is likely controlled by adsorption processes. Because the dominant aqueous species of Se(IV) and Se(VI)
are anionic over the pH range of most sediments, selenium adsorption would be expected to be minimal to
zero in most sediment systems under oxidizing and moderately reducing conditions, except under acidic
conditions. The Kd values in Cantrell et al. (2003) for Hanford sediments indicate that at trace concentrations, adsorption of Se(VI) to Hanford sediments is low to moderate, with Kd values ranging from 3 to
10 mL/g. At higher Se(VI) concentrations (1.3 x 10-6 M), the Kd values are lower (0 to 3 mL/g).

5.9

Strontium-90

Strontium is an alkaline Earth element and exists in environmental systems only in the +2 oxidation
state. The speciation of strontium in aqueous systems will not be significantly affected by complexation
with dissolved inorganic or organic ligands. Dissolved strontium will be present predominantly as the
uncomplexed Sr2+ ion throughout the entire pH range up to approximately a pH of 11. At pH values
greater than 11, the neutral carbonate complex SrCO30(aq) will be the dominant aqueous complex. In
alkaline, high pH sediments, the precipitation of strontianite (SrCO3) or coprecipitation in calcite may be
important mechanisms for limiting the dissolved concentration of strontium (Lefevre et al. 1993). In
certain sediment systems, celestite (SrSO4) is also a potentially important solubility control for strontium,
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but most strontium minerals are highly soluble. Because the ionic radii for Sr2+ and Ca2+ are similar,
strontium can substitute for calcium in the structure of minerals to coprecipitate (i.e., form a limited solid
solution) as a strontium-containing calcite (Ca1-xSrxCO3) (Veizer 1983; Faure and Powell 1972). In most
sediment systems, the adsorption of strontium is controlled primarily by cation exchange. The most
important ancillary parameters affecting the adsorption and Kd values for strontium are the cation
exchange capacity (CEC) of sediment, pH, and concentrations of calcium and strontium naturally present
in sediment. The adsorption of 90Sr has also been found to decrease with increasing ionic strength
(Rhodes 1957; Routson et al. 1980) and increasing concentrations of competing cations, such as calcium
and stable strontium (Kokotov and Popova 1962; Schulz 1965). Adsorption studies indicate that
strontium will dominate most alkaline and alkaline earth elements in competition for exchange sites on an
equivalence basis (see studies cited in EPA 1999b). However, because calcium concentrations in
environmental systems are commonly a couple of orders of magnitude greater than stable strontium
concentrations and many orders of magnitude greater than 90Sr concentrations, the significantly greater
mass of calcium increases the possibility that calcium will out-compete strontium, especially 90Sr, for
exchange sites and decrease the adsorption of strontium in sediments. Under most natural conditions,
strontium adsorption onto Hanford sediment is moderate with Kd values that range from approximately
10 to 20 (Cantrell et al. 2003), although much higher values have been measured in fine-grained material,
presumably due to the much higher clay content in these materials (Serne and LeGore 1996). Cantrell et
al. (2003) noted that acidic conditions and high salt concentrations (calcium, magnesium, ammonium, and
potassium in particular) can significantly reduce strontium adsorption onto Hanford sediment, and high
concentrations of EDTA can reduce strontium adsorption to essentially zero.

5.10 Technetium-99
Technetium exists in oxidation states from +7 to -1. In natural environments, the most stable
oxidation states of technetium are +7 and +4 under oxidizing and reducing conditions, respectively.
Dissolved technetium is present in oxic environmental systems as the aqueous Tc(VII) oxyanion species
TcO4- over the complete pH range of natural waters. Under reducing conditions, technetium aqueous
speciation is dominated at pH values greater than 2 by the neutral Tc(IV) species TcO(OH)20(aq) in the
absence of dissolved carbonate. In carbonate-containing waters, Tc(IV) carbonate complexes, such as
TcCO3(OH)20(aq) and TcCO3(OH)3-, may become important (Eriksen et al. 1992; Paquette and Lawrence
1985). Technetium(VII) is highly soluble and does not form solubility-controlling phases in geochemical
systems. Technetium(IV) is considered to be essentially immobile because it readily precipitates as
sparingly soluble hydrous oxides (e.g., amorphous TcO2•2H2O), and forms strong surface complexes on
iron and aluminum oxides and clays. In reduced iron-sulfide systems, Tc(IV) can also coprecipitate with
FeS solid (mackinawite) (Wharton et al. 2000). The TcO4- anion is essentially nonadsorptive at near
neutral and basic pH values, and thus will be highly mobile in most oxic environments. The Kd values
from zero to a high of approximately 1 mL/g (Cantrell et al. 2003).

5.11 Uranium-235, 238
Uranium can exist in the +3, +4, +5, and +6 oxidation states in aqueous environments. Uranium(VI)
and U(IV) are the most common oxidation states of uranium in natural environments. Uranium will exist
in the +6 oxidation state under oxidizing to mildly reducing environments, whereas U(IV) is stable under
reducing conditions. Dissolved U(III) easily oxidizes to U(IV) under most reducing conditions found in
nature. Uranium(V) aqueous species readily disproportionates to U(IV) measured for Tc(VII) on Hanford
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sediment indicate that Tc(VII) adsorption is low under nearly all conditions relevant to the Hanford
vadose zone and upper unconfined aquifer, with Kd values ranging and U(VI). In carbonate-containing
waters at near neutral and basic higher pH values, the aqueous speciation of U(VI) is dominated by a
series of strong anionic aqueous carbonate complexes [e.g., UO2CO30(aq), UO2(CO3)22-, and
UO2(CO3)34-]. Because of the pH conditions and the high carbonate and low organic concentrations
typically present in the vadose zone and upper unconfined aquifer environments at the Hanford Site,
dissolved U(VI) is likely to exist as a complexed carbonate and/or, to a lesser extent, as a hydroxidecomplexed species. Direct verification of the uranyl carbonate dominance in vadose zone pore waters
from borehole 299-E33-45 is presented in Appendix D of RPP (2002). Recent studies (Bernhard et al.
1996, 2001; Kalmykov and Choppin 2000; Dong et al. 2005; Fox et al. 2006; Kelly et al. 2007) also
indicate that dissolved calcium uranyl carbonate complexes, such as Ca2UO2(CO3)30(aq), have an important effect on the geochemical behavior of U(VI) in oxic, calcium-rich aqueous systems at near-neutral to
basic pH conditions such as those found at the Hanford Site. Complexes with phosphate, sulfate,
fluoride, and possibly chloride are potentially important U(VI) species where concentrations of these
anions are high. Under reducing conditions, the speciation of U(IV) is dominated by the neutral aqueous
species U(OH)40(aq) at pH values greater than 2.
Uranium mineral precipitation and coprecipitation processes may also be important for some
environmental conditions, and several uranium (co)precipitates may form, depending on the geochemical
conditions (Finch and Murakami 1999; Falck 1991; Frondel 1958). Uranium(IV) is considered relatively
immobile under reducing conditions because U(IV) readily precipitates as sparingly soluble minerals,
such as uraninite, which has compositions ranging from UO2 to UO2.25. Precipitation processes may also
be particularly important for the environmental behavior of U(VI) under oxidizing conditions in those
sediments that become partially saturated with water or completely dry between periods of recharge, such
as the surface sediments and vadose-zone sediments. Under these conditions, the concentration of
uranium in the residual pore fluids may exceed the solubility limits for U(VI)-containing minerals and/or
coprecipitates with other minerals, such as iron oxides. Potentially important mineral solubility controls
for U(VI) include autunite [Ca(UO2)2(PO4)2•10-12H2O], becquerelite (CaU6O19•10H2O), boltwoodite
[(K,Na)(UO2)SiO3OH•1.5H2O], carnotite [(K2(UO2)2(VO4)2•3H2O], rutherfordine (UO2CO3), schoepite
(UO3•2H2O), uranophane [Ca(UO2)2(SiO3)2(OH)2•5H2O], and others (Langmuir 1997). The occurrence
of uranium in contaminated sediments has been studied at the microscopic scale from borehole
299-E33-45 from the BX Tank Farm at the Hanford Site (Catalano et al. 2004; Liu et al. 2004b;
McKinley et al. 2006). These results suggest that uranium is effectively immobilized as sodium
boltwoodite [ideally Na(UO2)SiO3OH•1.5H2O] that precipitated in microfractures within the granitic
clasts in the unsaturated vadose zone sediments.
Uranium(VI) adsorption is an important geochemical control for dilute concentrations of dissolved
uranium under oxidizing conditions in most of the subsurface at the Hanford Site. Uranium(VI) adsorbs
onto a variety of minerals and related phases, including clays, oxides and silicates, and natural organic
material. The compilation by Cantrell et al. (2003) of adsorption data for U(VI) on Hanford sediments
under natural Hanford groundwater conditions indicates that U(VI) adsorption is moderate with Kd values
ranging from approximately 0.2 to 4 mL/g. Important environmental parameters affecting uranium
adsorption include redox conditions, pH, and concentrations of complexing ligands, such as dissolved
carbonate, ionic strength, and mineralogy. The maximum U(VI) adsorption onto natural sediments occurs
in the pH range of approximately 6 to 8 (EPA 1999b), with lower adsorption occurring at lower pH due to
protonation of the adsorption sites and a shift to more positively charged uranyl species in solution
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(e.g., see Payne and Waite 1991). Lower adsorption also occurs at higher pH values due to the
deprotonation of surface sites and the formation of higher charged anionic aqueous species [UO2(CO3)34-]
and poorly sorbing neutral ones [Ca2UO2(CO3)30(aq); (Dong et al. 2005; Fox et al. 2006)]. Uranium
migration under natural Hanford Site conditions will therefore be greatest at high and low pH values.
For a more in-depth perspective of uranium geochemistry specific to the Hanford Site, see the recent
review, A Site Wide Perspective on Uranium Geochemistry at the Hanford Site (b).

5.12 Less Important Contaminants of Interest
5.12.1

Antimony

Antimony can exist in several oxidation states, including -3, 0, +3, and +5 (Baes and Mesmer 1976).
In natural aqueous systems, Sb(V) and Sb(III) are the stable oxidation states of antimony under oxidizing
and reducing conditions, respectively. Antimony(V) and Sb(III) have been found to coexist in natural
aqueous systems, which researchers have suggested are due to biotic processes and/or a slow rate of
Sb(III) oxidation. The Sb(V) hydrolytic species Sb(OH)6- is the dominant antimony aqueous species over
an extended range of pH and Eh at pH values greater than approximately 2.5, and from oxidizing to
slightly reducing conditions. Under moderately reducing conditions, speciation is dominated by the
Sb(III) hydrolytic species Sb(OH)2+ at pH values less than 2, Sb(OH)30(aq) at pH values from 2 to 12, and
Sb(OH)4- at pH values greater 12. At very reducing conditions in the presence of dissolved sulfide, the
speciation of antimony may be dominated by Sb(III) sulfide species, such as HSb2S4- and Sb2S4-, at pH
values less than and greater than 11.5, respectively. Antimony, especially under oxic conditions, is very
soluble (Rai et al. 1984). The concentration of antimony in most groundwaters is not likely limited by
solubility constraints. Under reducing conditions, antimony concentration may be limited by the
solubility of antimony sulfides, such as stibnite (Sb2S3). Very little is known about the adsorption/
desorption behavior of Sb(V) or Sb(III). Because dissolved Sb(V) is present primarily as the anionic
hydrolytic species Sb(OH)6- over almost the entire pH range, the adsorption of Sb(V) is expected to be
negligible as pH increases from circumneutral to highly basic pH values. Under these conditions,
antimony should be highly mobile in the geochemical environment. If Sb(III) is present as the anions
Sb(OH)4- or Sb2S42- at pH values greater than 11 under reducing conditions, then it too should also exhibit
negligible adsorption to mineral surfaces, and thus be highly mobile in the environment. However, under
acidic pH conditions, the adsorption of Sb(V) to mineral surfaces may be important.

5.12.2

Cobalt

Cobalt can exist in the +2 and +3 oxidation states (Baes and Mesmer 1976). Under most geochemical
conditions, Co(II) is the stable valence state in water. Cobalt(III) is a strong oxidizing agent, is not
thermodynamically stable, and is readily reduced to Co(II) under Eh-pH conditions common for most
natural waters. However, the presence of certain complexing ligands, such as EDTA and NH3, can
stabilize the +3 oxidation state of cobalt relative to reduction and allow it to persist in aqueous solutions
(Cotton and Wilkinson 1980). Under oxidizing and moderately reducing conditions, the uncomplexed ion
Co2+ is the dominant cobalt aqueous species at pH values less than 9.5. At pH values greater than 9.5,
(b)

Zachara JM, CF Brown, JN Christensen, PE Dresel, SD Kelly, JP McKinley, RJ Serne, and W Um. A Site Wide
Perspective on Uranium Geochemistry at the Hanford Site. Pacific Northwest National Laboratory, Richland,
Washington (title tentative; due to be published late 2007).
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dissolved cobalt is expected to be present primarily as hydrolytic species, such as Co(OH)20(aq) and
Co(OH)42-. Cobalt does not appear to form any important complexes with dissolved chloride, nitrate,
sulfate, and carbonate under typical groundwater conditions. Under very reducing conditions in the
presence of dissolved sulfide, Co(II) bisulfide species, such as Co(HS)20(aq), likely dominate the aqueous
speciation of cobalt. Cobalt may also form strong complexes with synthetic organic ligands, such as
EDTA, that have been used to decontaminate nuclear reactors. The formation of such complexes
significantly affects the environmental mobility of cobalt by increasing cobalt solubility in aqueous
solutions (e.g., Delegard and Barney 1983), decreasing cobalt adsorption in soils and sediments
(e.g., Delegard and Gallagher 1983), and/or stabilizing the Co(III) valence state in some sediment systems
(e.g., Brooks et al. 1996). Cobalt is often found in solid solution with other elements in minerals, and
typically does not form discrete cobalt minerals in most sediment systems (Ames and Rai 1978). Given
their similarity in ionic radii, Co(II) may substitute for Fe(II), Fe(III), Mn(III), Cu(II), Mg(II), Cr(III), and
Sn(IV) in the crystal lattices of minerals. The adsorption of cobalt in sediments is largely controlled by
the presence of iron and manganese oxide and clay minerals. The available data for the adsorption of
cobalt on Hanford sediments indicates that 1) Co(II) is highly immobile i.e., Kd > 103 mL/g) for typical
Hanford groundwater conditions in the absence of organic chelating agents, such as EDTA; 2) highly
basic conditions dramatically reduce Co(II) adsorption; and 3) moderate-to-high concentrations of CNand high EDTA concentrations greatly reduce Co(II) adsorption (Cantrell et al. 2003). The adsorption
behavior of cobalt is closely linked to pH, its oxidation state, and the environmental availability of natural
and manmade organic complexants. The presence of certain inorganic and organic ligands is known to
reduce the adsorption of cobalt on sediments, minerals, and other geologic materials especially under
alkaline conditions.

5.12.3

Europium

The most stable oxidation state for rare earth elements, including europium, is +3. Europium may
also exist in the +2 oxidation state under very reducing conditions (Rard 1985). Essentially no
information is available for the aqueous geochemistry and environmental behavior of Eu(II), but the Eu+2
ion will likely have a geochemical behavior similar to Sr+2 and substitute for Ca+2 in minerals given the
similarities in their ionic radii. Europium(III) forms strong complexes with dissolved hydroxide, sulfate,
carbonate, phosphate, and fluoride, and weak complexes with dissolved chloride and nitrate (Wood
1990). The uncomplexed ion Eu3+ is the dominant aqueous species of europium at pH values less than
approximately 5 in the absence of dissolved sulfate and carbonate. At pH values greater than 7, the
hydrolysis of Eu(III) becomes important, where the species Eu(OH)2+, Eu(OH)30(aq), and Eu(OH)4- are
dominant with increasing pH. In the presence of dissolved carbonate and sulfate, thermodynamic
calculations indicate that EuSO4+ will replace Eu3+ as the dominant aqueous species at acidic pH
conditions, and EuCO3+, EuOHCO30(aq), and Eu(OH)2CO3-, will be the dominant Eu(III) aqueous
complexes at pH values from 5 to greater than 13. The presence of the anionic species Eu(OH)2CO3- and
Eu(OH)4- at pH values greater than 9 should result in decreased adsorption and increased mobility of
Eu(III) under these geochemical environment; however, Eu(III) solids becomes highly insoluble at such
high pH values. Solubility calculations by Ames and Rai (1978) suggest that Eu(OH)3 is likely to control
for the dissolved concentration of europium in environmental systems under alkaline conditions.
Europium also occurs in minerals in solid solution with other rare earth elements as well as with some
alkaline-earth elements, such as calcium and strontium. The adsorption behavior of europium is similar
to the other rare earth elements and trivalent actinides, such as Am(III) and Cm(III). Trivalent elements
are considered to be highly sorbed in sediments (i.e., high Kd values) and thus immobile in most
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environments. Few studies have been completed of europium adsorption on sediment samples from the
Hanford Site. Ames and Rai (1978) summarize the results of a 1976 laboratory study of europium
precipitation and adsorption by Serne and Rai at PNNL. The Kd values measured by Serne and Rai for
europium adsorption on “Burbank sand” ranged from 5.8 mL/g (50.0 ppm europium at pH 4.88) to
153 mL/g (unspecified low europium concentration at pH 5.50).

5.12.4

Tin

Tin can exist in several oxidation states from -4 to +4. However, Sn(II) and Sn(IV) are the only
oxidation states important in aqueous systems. Tin(IV) is the stable oxidation state from oxidizing to
reducing conditions over the pH range from 0 to 14, whereas Sn(II) is predicted to be stable only at very
reducing conditions. The dominant Sn(IV) hydrolysis species are Sn4+ and SnO32- (Séby et al. 2001) at
pH values less than and greater than ~3.9, respectively, but definitive characterization is lacking for the
compositions of the Sn(IV) hydrolysis species. Under acidic conditions, Sn(IV) can also form chloride
and sulfate complexes. Under very reducing conditions, Sn2+, Sn(OH)20(aq), and Sn(OH)3-, are predicted
to be the most stable Sn(II) hydrolysis species at pH values less than ~4, from ~4 to ~9.5, and greater than
~9.5, respectively, in the absence of complexing ligands. Tin(II) can also form aqueous complexes and
solids with dissolved halides, chalcogenides (e.g., sulfide, selenide, and telluride), sulfate, phosphate or
thiocyanates. Little is known about tin reactions with dissolved carbonate. Solid SnO2 is predicted from
thermodynamic data to be stable at pH values from ~0.5 to ~10.5 at a total dissolved activity of
10-10 mol/L (Séby et al. 2001). Very little is known about the adsorption/desorption behavior of Sn(IV) or
Sn(II), especially in sediment and soils systems. If the dominant aqueous species of Sn(IV) is SnO32- or
other anionic forms, such as SnO(OH)3- (as others have proposed), little adsorption of Sn(IV) would be
expected at alkaline pH values. Ticknor and Vandergraaf (1997) list Kd values of 2±2 mL/g for tin onto
feldspars and quartz under oxic and reducing conditions; feldspars and quartz are the dominant minerals
in sediments at the Hanford Site. The Kd values for tin have been reported by others to range from single
digit values to several thousand milliliters per gram on principally crushed rock materials. Given the
likely insoluble nature of SnO2, it is possible that precipitation occurred during the course of these
sorption experiments, resulting in the high Kd values indicated. Ticknor and Vandergraaf (1996) noted
that lower adsorption of tin was observed at higher pH conditions, which is consistent with the predicted
anionic nature of Sn(IV) at high pH values.

5.12.5

Mercury

The behavior of mercury in geochemical systems has been widely studied. The geochemical
processes affecting mercury in sediments and soils are subject to a range of chemical and biological
transformations, such as oxidation/reduction reactions, methylation, complexation, and adsorption,
depending on physical and chemical conditions of the system. Methylmercury compounds are readily
bioaccumulated and highly toxic. Because the concentrations of natural organic matter are very low and
sulfate-reducing bacteria are not presumed to play an important role in the geochemistry of COIs in
sediments at the Hanford Site, the formation of mercury organic carbon species and methylmercury
compounds are not expected to be important processes at SST WMAs. Mercury can exist in the 0
(elemental), +1 (mercurous), and +2 (mercuric) oxidation states in aqueous systems. In oxic systems,
Hg(II) is the stable oxidation state, whereas Hg(0) is stable under a wide range of reducing conditions.
Mercury(I) has a narrow range of stability, which is expected to be limited to pH conditions of less than 7.
Mercury(I) typically disproportionates rapidly, but reversibly, to form Hg(0) and Hg(II). The species
Hg0(aq) and Hg22+ are expected to be the dominant aqueous forms of Hg(0) and Hg(I), respectively, at pH
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values greater than ~6 in systems low in dissolved halides, especially dissolved iodide and bromide.
Mercury(II) hydrolyzes very readily to produce primarily the neutral species Hg(OH)20(aq) in dilute
solutions. Mercury(II) forms strong complexes with numerous ligands, such as halide ions, and has a
strong affinity for sulfur-donating ligands. The stability of Hg(II)-halogen complexes increases in the
order Cl- < Br- < I-. At a chloride activity of 10-4, Rai et al. (1984) show that the Hg(II) species
HgCl20(aq) and Hg(OH)20(aq) are stable at pH values less and greater than ~6, respectively, under oxic
conditions. If dissolved sulfide is present, Hg(II) readily forms Hg(II) sulfide ion pairs. The solubility of
mercury solids is predicted to be very high under oxidizing conditions (Rai et al. 1984), and, therefore,
should not control the dissolved concentrations of mercury in oxic vadose zone at the Hanford Site.
Mercury(II) adsorption is dependent on pH and should occur to a significant extent at near neutral to basic
pH values. Generally, in systems containing little or no organic material, mercury adsorption depends on
the formation of Hg(OH)20(aq), which readily absorbs onto oxide solids, possibly due to bridging between
the mercury hydroxyl groups and adsorbent surface (Rai et al. 1984). Del Debbio (1991) determined
Kd values for several COIs, including mercury, in a carbonate/bicarbonate system with an average pH of 8
for a geochemical environment similar to that for the vadose zone at the Hanford Site. Del Debbio (1991)
reported Kd values of 236 to 1,910 mL/g for alluvium sediment and 81 to 998 for interbed sediment.
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6.0
Geochemistry of Contaminant Migration Through
the Vadose Zone – Important Processes at the Hanford
Site and Site-Wide Generic Data
Important geochemical processes that govern contaminant transport at the Hanford Site are reviewed
in this section. Included are various empirical approaches to absorption modeling that have been applied
at the Hanford Site for practical reasons, as well as mechanistic approaches that are generally more
rigorous and scientifically justifiable. Also discussed are available sources of geochemical parameters
developed for generic Hanford Site conditions for use in performance assessments.

6.1 Adsorption
Adsorption to mineral surfaces is typically the single most important geochemical process affecting
transport of contaminants in the vadose zone and aquifer sediments at the Hanford Site. Adsorption
occurs as atoms, ions, and complexes (multi-atom molecules or ions), exert forces on each other at the
solid-water interface. Adsorption reactions are described primarily in terms of intermolecular interactions
between solute and solid phases (Stumm and Morgan 1996). These interactions include the following:
• Surface complexation reactions (surface hydrolysis and the formation of coordinative bonds at the
surface with metals and ligands).
• Electrostatic interactions at the surfaces, extending over longer distances than chemical forces.
• Hydrophobic expulsion of hydrophobic substances (includes non-polar organic solutes), which are
usually only sparingly soluble in water and tend to reduce their contact with water and seek relatively
non-polar environments, thus accumulating on solid surfaces, either organic matter or organic matter
coated, and becoming adsorbed on the organic sorbents.
• Adsorption of surfactants (molecules that contain a hydrophobic moiety). Interfacial tension and
adsorption are intimately related through the Gibbs adsorption law. Expressed simply, this law
indicates that substances that reduce surface tension will tend to adsorb at interfaces.
• Adsorption of polymers and poly-electrolytes (humic substances and proteins in particular), is a rather
general phenomenon in natural waters and soil systems that has far-reaching consequences for the
interaction of particles with each other and on the attachments of colloids (and bacteria) to surfaces.
The process in which chemicals become associated with solid phases is often referred to as sorption,
especially when it is unclear if one is dealing with adsorption (i.e., onto a two-dimensional surface) or
with absorption (i.e., into the three-dimensional volume, not surface, of a solid), ion exchange,
precipitation (i.e., to form a three-dimensional matrix), and/or coprecipitation. From a mechanistic
standpoint, absorption, precipitation, and coprecipitation are separate processes and should not be
included in descriptions of sorption.

6.1.1

Approaches to Adsorption Modeling

Accurate conceptual and quantitative models for predicting the fate and transport of adsorbing ions
are critical to obtaining reliable predictions of contaminant migration in the vadose zone and groundwater. In addition, determining the fate and transport of contaminant ions under highly variable
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geochemical conditions is of paramount importance to accurate performance assessment modeling.
Highly variable geochemical conditions occur at a number of important waste sites at the Hanford Site.
The vadose zone contaminated by past leaks from SSTs are good examples. An excellent review of
adsorption-desorption processes as applied to subsurface-reactive transport modeling has recently been
published by Goldberg et al. (2007). Some of this material is summarized below. For more detail,
consult Goldberg et al. (2007).
Historically, predictive simulations of the transport of adsorbing inorganic solutes in groundwater
have incorporated empirical parameters associated with adsorption isotherms (EPA 1999a). Those most
commonly used include the linear isotherm, characterized by a constant Kd (distribution coefficient), and
nonlinear Langmuir or Freundlich isotherms (Davis and Kent 1990; Dzombak and Ali 1993). These
approaches have been used extensively in modeling the results of laboratory column experiments
(e.g., Christensen 1985; Buergisser et al. 1993; Hinz and Selim 1994) and have been applied successfully
in the field where chemical conditions are relatively constant. Notable examples include small-scale field
experiments on the transport of 90Sr (Pickens et al. 1981) and the distribution of zinc and copper in soil
profiles contaminated with wind-blown smelter ash (Cernik et al. 1994). The constant Kd (distribution
coefficient) approach is commonly used in performance assessments conducted for the Hanford Site
(e.g., Bryce et al. 2002; Mann et al. 2003a, 2003b). The conceptual models for these applications neglect
the chemical complexity of aqueous complexation and adsorption processes in describing the retardation
of metal and radionuclide contaminants (Bethke and Brady 2000; EPA 1999a).
A more mechanistically based approach to describe adsorption is electrostatic surface complexation
modeling (SCM). Because SCMs are mechanistically based, they are generally more robust in
application over variable geochemical conditions than empirical models. This flexibility is gained at the
expense of simplicity, and SCMs typically require a larger number of parameters to accommodate their
increasing complexity.
SCMs use mass action laws analogous to aqueous-phase reactions to describe adsorption, thus
accounting for changes in chemical speciation, competitive adsorption, and other multi-solute interactive
chemical effects (Davis and Kent 1990; Davis 2001). The potential advantages of applying the surface
complexation concept to describe adsorption in risk assessment models are as follows:
• The modeling approach provides a thermodynamic framework to describe adsorption reactions of
inorganic contaminants.
• The stability constants for the adsorption reactions can be included as part of an overall network of
chemical reactions in geochemical equilibrium or coupled reactive transport models and, thus can be
coupled with thermodynamic databases for aqueous speciation and mineral solubilities.
• The modeling approach allows predictive calculations for a range of chemical conditions without
adjusting the values of the model parameters as chemical conditions are varied in space or time
(unlike the condition-dependent empirical relationships).
• The modeling approach can be included efficiently in transport simulations having chemical gradients
in space or time.
SCMs can be subdivided into two groups: 1) thermodynamic surface speciation models, and
2) semi-empirical site-binding models. These models are summarized in the following paragraphs.
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Thermodynamic surface speciation models are chemical models that provide a molecular description
of adsorption phenomena using an equilibrium approach. Analogous to solution complexation, thermodynamic surface speciation models define surface species, chemical reactions, equilibrium constants,
mass balances, and charge balances. Their molecular features can be given thermodynamic significance.
One of the major advantages of thermodynamic surface speciation models over more empirical
approaches is consideration of the charge on both the adsorbate ion and the solid adsorbent surface.
Thermodynamic surface speciation models constitute a family of models having many common chemical
characteristics and adjustable parameters. The models differ in their structural representation of the solid
solution-interface; that is, the location of the adsorbing ions and in the charge-electric potential relationships used to describe the electrostatics of the interface from the mineral surface out into bulk solution.
Members of the thermodynamic surface speciation model family include the two-pK models and the
one-pK models. The two-pK models include the constant-capacitance model (Stumm et al. 1980),
diffuse-layer model (Dzombak and Morel 1990), and triple-layer model (Davis et al. 1978). Two-pK
models assume a reactive surface functional group, SOH, which undergoes both protonation and
deprotonation reactions, as seen in Equations (6.1) and (6.2):
SOH + H+ ↔ SOH2+

(6.1)

SOH ↔ SO- + H+

(6.2)

Each model has an associated equilibrium constant, hence the term, two-pK model (Hiemstra et al. 1989a,
1989b).
Comparable models have been developed based on the one-pK concept in which each surface site
undergoes only one protonation reaction. So far, the one-pK model has been developed based on the
Basic Stern model, the multi-site complexation (MUSIC) model (Hiemstra et al. 1989a, 1989b), which
was expanded into the CD-MUSIC model using the charge distribution principle and a three-plane
configuration (Hiemstra and van Riemsdijk 1996). In the MUSIC and revised MUSIC model (Hiemstra
et al. 1996), different types of surface sites are identified based on their crystallographic structure.
Surface speciation models have been applied for modeling adsorption of a wide variety of cationic
metal ions and anions to a wide variety of single-mineral-phase solids as well as soils and sediments.
Applications of surface speciation models, however, have been most successful for representing
adsorption on single-mineral-phase solids.
For natural multi-phase mineral assemblage, such as sediment, uncertainties exist in applying SCMs
because of the physical and chemical heterogeneity of natural soils and sediments. Two possible
approaches exist to describe adsorption on heterogeneous materials: the component additivity (CA)
approach (Honeyman 1984) and the generalized composite (GC) approach. The CA approach is based on
summing adsorption by the individual component minerals of a soil or sediment to obtain a measure of
the total adsorption of the mixture. The summation can occur as the sum of results for thermodynamic
surface speciation models, or as the sum of pseudo-thermodynamic models for adsorption on individual
mineral phases. Pseudo-thermodynamic models include models without electrostatic correction terms,
sometimes called non-electrostatic models. Because the modeling approach is based on summing the
results from models already calibrated with pure mineral phases, the CA approach is predictive and does
not involve fitting adsorption data for the natural materials. Extending the models to natural multi-phase
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assemblages necessitates certain approximations and modifications. For example, in the application to
clay minerals or soils, the assumption is usually made that adsorption occurs through interaction with the
hydroxyl groups at the edges of clay particles. The effect of permanent negatively charged sites at the
clay basal planes on adsorption is usually ignored. This simplification may not be appropriate, especially
for anions, whose edge site adsorption may be affected by the permanent negative charge.
In the GC modeling approach, the mineral assemblage surface is considered too complex to be
quantified in terms of the contributions of individual phases to adsorption. Instead, it is assumed that
adsorption can be described by SCM equilibria written with “generic” surface functional groups, with the
stoichiometry and formation constants for each SCM mass law evaluated on the basis of simplicity and
goodness of fit (Davis et al. 1998, 2002, 2004). The generic surface sites represent average properties of
the soil or sediment surface rather than specific minerals. Experimental data for site-specific natural
sediments or soils must be collected over the field-relevant range of chemical conditions. The model
parameters are likely not transferable to other field sites.
The thermodynamic surface speciation and semi-empirical modeling approaches represent two
extremes of surface complexation modeling (Goldberg et al. 2007; Davis et al. 1998, 2004). In thermodynamic surface speciation models, the surface species postulated should be supported with spectroscopic
evidence. Thermodynamic surface speciation models usually include electrical double-layer terms in the
mass law equations, and therefore, adsorption predictions with these models are sensitive to the
double-layer parameters.
The sensitivity to electrostatic terms illustrates a significant practical problem in extending thermodynamic surface speciation models directly to simulate metal ion adsorption on complex mineral
assemblages in the environment. Mineral surfaces in the environment are typically coated with poorly
crystalline secondary mineral coatings, as has been shown in detail for several different sediment samples
(e.g., Coston et al. 1995). The coatings make it extremely difficult to quantitatively assess the electrostatic contribution to the free energy of adsorption. In published literature, one frequently finds the
assumption that the electrical double-layer properties of pure mineral phases studied in the laboratory are
the same as in a mineral assemblage found in the environment (e.g., Arnold et al. 2001). The current
understanding of bonding is well advanced at the molecular scale (e.g., Bargar et al. 2000), but our
understanding and models become increasingly uncertain as the physical scale increases. The observed
adsorption of ions by sediments and soils is ultimately controlled by adsorptive phases with dimensions
on the order of tens of nanometers.
It seems unlikely that modeling assumptions based on pure mineral phases are valid, given the reality
of small-scale heterogeneities and coatings prevalent in soils and sediments. In addition, the CA
modeling approach is difficult to apply because the site densities of the mineral and organic phases in the
coatings that are contributing to metal ion adsorption are unknown (Davis et al. 2002). This inherent
heterogeneity of environmental samples makes application of the thermodynamic surface speciation
models difficult at present, even at the microscale level.
While a thermodynamic surface speciation model must be validated with spectroscopic evidence and
other detailed data to confirm surface speciation and electrical double-layer properties (Hiemstra and van
Riemsdijk 1999), the GC modeling approach is more easily applied and fewer experimental data need to
be collected. The range of applicability of a GC model with respect to chemical variation is determined
by the type and amount of experimental data collected. GC model parameters are calibrated by fitting a
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simple surface-speciation model so that the major features of adsorption are simulated as chemical
conditions are varied over field-relevant ranges (Davis et al. 1998).
The GC modeling approach has been successfully applied recently to sediments from the 300 Area to
describe U(VI) adsorption (Zachara et al. 2005). The application of SCM at the Hanford Site is discussed
in more detail in Section 3.1.7.

6.1.2

Empirical Kd Model and its Applicability at the Hanford Site

The simplest type of adsorption isotherm is a linear adsorption coefficient, Kd (in ml/g or m3/kg) as
shown in Equation (6.3):
S = KdC
where

S (g/g)
C (g/ml)

(6.3)

= concentration of solute adsorbed onto the solid phase
= concentration of the solute in solution.

A linear isotherm (or Kd) approach generally assumes that Kd is a constant property of an aquifer, and
forms the basis of the general retardation factor (Rf) through the relationship (Freeze and Cherry 1979) as
seen in Equation (6.4):
Rf = 1 + (ρ/θ)Kd
where

(6.4)

ρ = bulk density
θ = porosity.

The lower the value of Kd,, the lower the retardation factor, and the faster a reactive species migrates
through the subsurface. For a non-adsorbing species, Kd = 0, Rf reduces to 1, and the species migrates at
the flow velocity.
The origin of Kd as an empirical modeling parameter can be traced to descriptions of ion exchange
and ion chromatography in chemical engineering practices, primarily applied to alkali and alkaline earth
cations that have simple aqueous chemistry. Some hydrologic modelers later assumed that this simple
chemistry could be extended to essentially all inorganic contaminants and radionuclides. Perhaps the first
application to transport in groundwater systems was that of Higgins (1959), who assumed that radionuclides resulting from underground nuclear explosions would adsorb via an ion exchange mechanism, with
“variable pH between pH 2 and 9 having a very small effect on Kd values.” An exact knowledge of
adsorption isotherms is needed for accurate modeling of ion transport, but in the interest of computational
efficiency, a constant Kd approach can be applied.
The Kd is a lumped parameter and, as a result, neglects many of the chemical complexities of the
adsorption processes, such as saturation of adsorption sites and aqueous complexation. Because there is a
finite number of adsorption sites on the aquifer solid phases, adsorption will reach a practical upper limit
as sorbate concentrations increase. This can lead to erroneous results when used to predict retardation of
metal and radionuclide contaminants in systems with varying chemical conditions (Bethke and Brady
2000; EPA 1999). The Kd concept works best when applied to trace concentrations of unionized, hydrophobic organic molecules. Application of this approach to inorganic contaminants is often problematic
because the parameter can be very sensitive to aqueous chemical conditions such as pH, alkalinity, or
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concentrations of complexing ligands that may be encountered along a groundwater flow path (Kohler
et al. 1996; Davis et al. 1998, 2004; Bethke and Brady 2000; Kent et al. 2000; Altmann et al. 2001). For
example, the Kd for uranium(VI) adsorption on ferrihydrite at pH 8 decreases by four orders of magnitude
as the partial pressure of carbon dioxide gas, pCO2, increases from its value in air (0.032%) to 1% (Davis
et al. 2004). This is an important variation to understand because the pCO2 in aquifers commonly reaches
values of 1% to 5%, while most Kd values have been determined in laboratory experiments equilibrated
with or exposed to air. Moreover, pCO2 often increases after groundwater recharge has passed through
organic-rich soil horizons, and this spatial/temporal trend in chemical conditions can greatly affect
contaminant retardation.
For these reasons, representing adsorption with the constant Kd model is generally not adequate for
adsorption in situations where spatial variability in mineralogy and hydrochemistry is significant along
the groundwater flow path. The constant Kd model can provide adequate results when contaminant
concentrations are low relative to the adsorption capacity and the variability in mineralogy and
hydrochemistry is minimal along the groundwater flow path of interest, or if the chemical effects can be
adequately bounded (resulting in an estimate with greater uncertainty).
One way to deal with variable Kd values resulting from the impact of spatially variable mineralogy
and hydrochemistry along the groundwater flow path is to use variable or compartmentalized Kd values.
In this approach, different Kd values are used for different spatial compartments. Each compartment is
assumed to have an average representative mineralogy, hydrochemistry, and associated Kd value. In
principal, this approach could also be used to deal with temporal variation as well. This approach was
used in the composite analysis (Last et al. 2006) and is discussed in more detail in the following sections.

6.1.3

Sources of Available Kd Data for the Hanford Site

The most complete and up-to-date source of Kd values measured on Hanford sediments has been
compiled by Cantrell et al. (2003). In addition to the measured Kd values, other significant experimental
parameters and solution and sediment characterization data associated with these measurements is
included in the compilation. These data can be useful when attempting to select appropriate Kd values for
a particular set of hydrochemical and mineralogical conditions. The importance of matching the
experimental conditions used to measure Kd with the specific set of conditions for which the Kd value is
to be applied was emphasized. Cantrell et al. (2003) also highly recommended that a knowledgeable
geochemist with experience in the area of contaminant adsorption, speciation chemistry, and Hanford Kd
values be consulted when selecting Kd values for conducting modeling efforts with critical outcomes such
as performance assessments. Misapplication or oversimplification of contaminant adsorption through
inappropriate use of Kd values can lead to erroneous estimates of contaminant transport. This can result
in flawed risk assessments and incorrect selection of remediation methods.
In addition to the Kd data compilation published as a PNNL report (Cantrell et al. 2003), an electronic
database is also available. This electronic database is the most up-to-data source of Kd data available for
the Hanford Site. The database is periodically updated when new data become available. It can be
accessed by Hanford Site employees through the Hanford Virtual Library.
The compilation of Hanford Kd data was used to develop a generic set of compartmentalized Kd
values for input to the 2004 Composite Analysis, a Hanford Site wide performance assessment (Last et al.
2006). These values are provided in Appendix B. Because only a limited amount of site-specific
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characterization data were available for the large number of sites with diverse characteristics and disposal
histories, it was necessary to develop a generic Hanford Site wide set of Kd values that would be
applicable over a range of waste chemistry/source categories and impact zones.
For the 2004 composite analysis, six waste stream designations were used (Last et al. 2006). The first
four waste stream designations (Very Acidic, High Salt/Very Basic, Chelate/High Salt, and Low
Salt/Near Neutral) were assigned a specific composition (Table 6.1) to better justify the selection of the
Kd values assigned to these waste streams. Specific waste stream compositions for the two IDF wastes
(Vitrified Waste and Cememtitious Waste) were not provided because the IDF waste form leach rates will
be highly dynamic and are a function of time, position in the disposal system, and other variables that are
not yet known. Because of these factors, a specific composition for these waste streams is not provided in
Table 6.1; instead, a generic composition was developed (Krupka et al. 2004). In addition to the waste
stream composition designations, each of these waste stream designations was further compartmentalized
into four impact zones. The four impact zones designations were high impact, intermediate impact,
intermediate-gravel, and groundwater. Zones in which the organic concentration, pH, or salt concentration in the fluid may have significantly affected the Kd value, were designated as high impact. Zones in
which the acidic or basic nature of the wastes was expected to have been largely neutralized by reaction
with the natural sediment were designated intermediate impact. Zones with minimal impact were
designated to have the same Kd values as those applicable to uncontaminated Hanford groundwater. In
addition to these three impact zones, another zone designated as intermediate-gravel was assigned. The
intermediate-gravel was assumed to be the same as the intermediate zone except that the sediment
contained 90% gravel with little or no adsorption capacity. This is an important designation because the
majority of the Kd values tabulated in Cantrell et al. (2003) were measured on Hanford sediments that
were sieved to contain only particles that were less than 2 mm in size. Hanford sediments often contain
large fractions of gravel and larger-size material, which generally have minimal adsorption capacity. The
impact of gravel content is discussed in greater detail in Section 6.1.5.
The Kd values that were compartmentalized in terms of waste chemistry/source categories and impact
zones for the 2004 composite analysis (Last et al. 2006) are shown in Appendix B. The non-IDF Kd
values were selected based upon critical review of the Kd values tabulated in Cantrell et al. (2003), and
application of researchers’ geochemical knowledge and experience. The IDF Kd values were selected in a
similar fashion; however, the selections relied heavily upon the values in Krupka et al. (2004) and were
revised to have the same format used for the non-IDF Kd values in Appendix B.
Table 6.1. Waste Stream Designation and Assumed Compositions for Determination of Kd Values
Waste Stream

Composition

Very Acidic

1.0 M HNO3

High Salt/Very Basic

2 M NaOH, 4 M NaNO3, 2 M NaNO2

Chelates/High Salt

1.0 M NaNO3, 0.05 M EDTA, pH 12

Low Salt/Near Neutral

Same as Hanford groundwater

IDF Vitrified Waste

High pH, high ionic strength

IDF Cementitious Waste

High pH, medium ionic strength

IDF = Integrated Disposal Facility.
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In some cases, the Kd estimates provided in Appendix B had to be made based on limited available
data that were not necessarily commensurate with those of the waste chemistry/source category. In
addition, these compartmentalized Kd values do not account for future changes in chemical conditions
that could occur and significantly impact Kd values. And finally, these compartmentalized Kd values
should be considered as generic Hanford Kd values that should be used only in the absence of site-specific
data.
Estimates of Kd values that cover a broader range of COIs were made for the Hanford IDF performance assessment in Krupka et al. (2004). Four Kd values were provided for various geochemical zones
and include a reasonably conservative Kd value, a best estimate (or most probable) Kd value, and upper
and lower Kd limits. The geochemical zones for which Kd estimates were made included the following:
•
•
•
•
•
•
•

Zone 1a – Near Field/Vitrified Waste
Zone 1b – Near Field/ Cementitious Secondary Waste
Zone 2a – Chemically Impacted Far Field in Sand Sequence
Zone 2b – Far Field in Sand Sequence with Natural Recharge
Zone 3a – Chemically Impacted Far Field in Gravel Sequence
Zones 3b and 4 – Far Field Gravel Sequence
Zone 5 – Unconfined Far-Field Aquifer.

For Zone 1b – Near Field/Cementitious Secondary Waste, Kd value estimates are provide for three
temporal environments: young concrete (pH ~ 12.5), moderately aged concrete (pH ~ 10.5), and aged
concrete (pH ~ 8.5). Tables containing these Kd values are provided in Appendix C.
Recently, Serne (2007) published a compilation of Kd values for agricultural and surface soils for use
in Hanford Site farm, residential, and Columbia River shoreline scenarios that could exist today or
potentially exist in the future when portions of the Hanford Site are released for farming, residential, and
recreational use after DOE defense waste cleanup activities are completed. Best value and ranges for Kd
values estimates were provided. The values recommended in this work are shown in Appendix D, along
with those of Napier and Snyder (2002). These Kd value estimates are intended to be used to determine
the fate and transport rates of contaminants and their availability for plant and animal uptake in selected
non-groundwater scenarios included in Hanford Site environmental impact statements, risk assessments,
and specific-facility performance assessments.

6.1.4

Reversibility – Desorption Kd Values

In most modeling approaches, the Kd values are assumed to be at equilibrium and completely
reversible; this is not always the case. For example, desorption Kd values are frequently higher than
adsorption Kd values (more details are provided in Barney 1984; EPA 1999a; and Um et al. 2004). This
apparent hysteresis in adsorption versus desorption can result from a number of phenomena, both
chemical and physical. For example, aging of the sediment after adsorption of a contaminant can
potentially result in chemical alterations that could slow the release of adsorbed contaminants or
encapsulate the contaminant. Mineralogical phase changes on or within the sediment, with or without
redox changes, or subsequent precipitation of mineral phases onto the surfaces of sediment are examples
of chemical alterations that could lead to these effects. Physical processes can also cause an apparent
irreversibility of adsorption. For example, over time, contaminants can slowly diffuse through
micropores within sediments grains to reach adsorption sites that were not initially accessible. This can
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result in a slow increase in Kd values over time and desorption Kd values that appear to be greater than
adsorption values. In studies of Cs+ adsorption onto Hanford sediments, it has been shown that 30% to
40% of adsorbed Cs+ is poorly exchangeable because of intra-particle diffusion and grain armoring by
secondary precipitates (Liu et al. 2003a, 2004a). Studies of uranium adsorption-desorption on Hanford
sediments also demonstrate a lack of complete reversibility (Zachara et al. 2005; Bond et al. 2005; Dong
et al. 2005).

6.1.5

Impact of Gravel Content

The impact of gravel content on Kd values is commonly ignored in performance assessments
conducted at the Hanford Site. As previously indicated in Section 6.1.3, Kd measurements are generally
conducted on Hanford sediment material that is <2 mm in size. For materials that contain significant
amounts of gravel, Kd values are typically lower than those determined with <2 mm-size material because
the surface area and corresponding quantity of adsorption sites is much lower (Kaplan et al. 2000). At the
Hanford Site, sediments often contain high-gravel content facies, especially near the Columbia River. As
a result, it is necessary to make corrections to Kd values determined with <2-mm-size material. For high
Kd contaminants (cesium, strontium, and plutonium), Equation (6.5) is recommended (see Appendix A in
Kaplan and Serne 2000).
Kd(gc) = (1-f) Kd(<2mm) + (f)0.23 Kd(<2mm)

(6.5)

= Kd(gc) = (1 - 0.77f) Kd(<2mm)
where

Kd(gc) = the gravel corrected Kd value
f = the weight fraction gravel
Kd(<2mm) = the Kd value determined using <2 mm material.

This empirical equation was determined from Kd measurements conducted on strontium and cesium.
For low Kd contaminants, Equation (6.6) is recommended:
Kd(gc) = (1-f) Kd(<2mm)

6.1.6

(6.6)

Impact of Moisture Content

The moisture dependency of Kd values has been evaluated in several studies (Lindenmeier et al. 1995;
Kaplan et al. 1996; Gamerdinger et al. 1998, 2001). The findings of these studies suggest there is a slight
decrease in Kd values for U(VI) and other contaminants as the moisture content of the system decreases.
Four of the five sediments tested showed this trend. The sediment that did not show this trend had only
two Kd data points – one from a saturated system and the other from an unsaturated system (Kaplan et al.
1996). This decrease in Kd value for U(VI) as percent saturation decreased may be attributed to the fact
that, as the degree of saturation decreases, solutes lose physical access to some of the exchange sites.
With more contact time between the vadose zone sediments and pore water, diffusion processes may
allow the contaminants to reach these adsorption sites that are hidden in dead-end pore spaces. An
alternative explanation is that higher ionic-strength fluid exists in the double layer of partially saturated
sediments, leading to weaker sorption. This latter explanation is less likely because the double layer
around particle surfaces reaches only nanometers into the water, whereas the uniform film thickness of
pore fluid around unsaturated Hanford sediments is estimated to be several micrometers. For most
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performance assessments, including the 2005 IDF performance assessment (Krupka et al. 2004), the Kd
dependency on moisture content is ignored and Kd values measured used typical saturated tests.

6.1.7

Surface Complexation Approach at the Hanford Site

Hexavalent uranium [U(VI)] is an important contaminant in the Hanford vadose zone originating in
bismuth phosphate metal waste and numerous other sources (Simpson et al. 2006). The subsurface
migration of U(VI) is slowed, in certain cases, by surface complexation adsorption reactions (Curtis et al.
2006; Gabriel et al. 1998; Kohler et al. 1996). These reactions have not been studied in detail with
Hanford vadose zone sediments, partly because of the difficulty in doing so with coarse-textured,
relatively unweathered composite mineral material often containing minor calcite. Neither the surface
speciation of adsorbed U(VI), the predominant U(VI) sorbents, or plausible surface reaction networks
have been definitively identified. Therefore, a generalized SCM does not exist for Hanford sediments
that is comparable, for example, to that reported for the Naturita Uranium Mill-Tailings Site in Colorado
(Davis et al. 2004). Several research teams, however, are now working on this issue with funding from
multiple sources, including the DOE Richland Operations, the DOE Office of River Protection, and the
DOE Office of Science through the Environmental Remediation Sciences Program (ERSP).(a)
Surface complexation of U(VI) in suspensions of minerals common to the Hanford vadose zone and
open to atmospheric CO2 (e.g., ferrihydrite and smectite; Pabalan and Turner 1997; Pabalan et al. 1998;
Prikryl et al. 2001; Waite et al. 1994) shows behavior comparable to that observed for U(VI) adsorption
to Hanford vadose zone sediment (Barnett et al. 2002; Dong et al. 2005). By analogy, it is assumed that
the same-reaction types that occur on these model mineral phases occur in Hanford sediment. With fixed
concentrations of U(VI) and sorbent, the amount of U(VI) adsorption increases with increasing pH at low
pH (3.5 to 4.0), and decreases above pH 7 (Figure 6.1). SCM suggests that the increase in adsorption
results from strong surface binding of UO22+ and UO2OH+, with weaker surface binding of UO2(CO3)22and other carbonate complexes as pH increases (Pabalan and Turner 1997; Waite et al. 1994). The
decrease in adsorption above pH 7 results from a change in the predominant uranium species to higher
charged anionic [UO2(CO3)34-] and poorly sorbing neutral ones [Ca2UO2(CO3)30(aq)] (Dong et al. 2005;
Fox et al. 2006; see Figure 6.2), and surface deprotonation that yields increasing negative surface charge
with increasing pH (Waite et al. 1994; Wazne et al. 2003). Researchers that have performed surface
complexation modeling on Hanford sediment have presumed that poorly crystalline Fe(III) oxide is the
sorbent without direct documentation (Barnett et al. 2002), although this approximation may eventually
prove correct.
The difficulty in quantifying the surface complexation processes for U(VI) in Hanford vadose zone
sediments results from the natural pH range of the sediments and the presence of relatively small
concentrations of sorbents that are known to strongly adsorb U(VI). The natural pH of Hanford vadose
zone sediments ranges from approximately 7 to 8.5. The presence of alkaline tank waste solutions in
contaminated regions extend this pH range to higher values (e.g., pH ≈ 10), even after waste neutralization occurs through aluminosilicate hydrolysis. This pH range overlaps the region where U(VI) surface

(a)

Zachara JM, CF Brown, JN Christensen, PE Dresel, SD Kelly, JP McKinley, RJ Serne, and W Um. A Site Wide
Perspective on Uranium Geochemistry at the Hanford Site. Pacific Northwest National Laboratory, Richland,
Washington (title tentative; due to be published late 2007).
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Figure 6.1. Adsorption of 1 μmol/L U(VI) on 1 mmol/L of Ferrihydrite, One of the Most Important
Subsurface Sorbents of Uranium (Source: Davis et al. 2004)
complexation to mineral surfaces decreases dramatically (Figures 6.1 and 6.2) from changes in aqueous
speciation (e.g., carbonate complexation) and surface charge. Consequently, U(VI) adsorption in Hanford
sediment is sensitive to pH, carbonate concentration, and texture that controls surface area and total site
concentration. Measurements of U(VI) adsorption to different Hanford sediments vary widely because of
differences in these properties. The interplay of these important variables has not been sufficiently
unraveled to allow formulation of a workable, generalized SCM that applies to the numerous sediment
facies types that exist throughout the Hanford vadose zone, although efforts are currently underway to do
so. Moreover, Pleistocene-age Hanford vadose zone sediments (e.g., Hanford formation) are relatively
unweathered due to semi-arid conditions, and the concentrations of ferrihydrite, the strongest and most
important sorbent in soils and weathered sediments, are small (e.g., typically <25 μmol/g) and difficult to
quantify by extraction (e.g., ammonium oxalate or hydroxyl-amine hydrochloride) without significant
ambiguity.
The ubiquitous presence of calcite in small concentrations is a further complication to understanding
the surface complexation of U(VI). Calcite can adsorb the uranyl ion to its surface (Elzinga et al. 2004;
Savenko 2001) and incorporate it within its structure (Kelly et al. 2003; Wang et al. 2005a). However, at
low concentrations (e.g., <10%), calcite appears to form a coating on other minerals that block higher
affinity adsorption sites on oxides and phyllosilicates. Also, dissolution of calcite releases Ca2+ that forms
the poorly sorbing Ca2UO2(CO3)30(aq) complex (Dong et al. 2005; Fox et al. 2006). Both of these effects
appear to decrease the intrinsic sorptivity of U(VI) on Hanford sediment. In contrast, preliminary
observations of U(VI) behavior in high-calcite (e.g., >35%) paleosol sediments from the Cold Creek unit
formation beneath the leaked tank TX-104, indicate that calcite at these concentrations may strongly
adsorb and immobilize soluble U(VI) in tank waste (RPP 2005). Ongoing research seeks to resolve the
role of calcite as a sorbent when present in Hanford sediment at high concentrations.
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Figure 6.2. A)(top) Adsorption of μmol/L U(VI) on a Calcite-Containing, Deep Vadose Zone Sediment
(100 g/L) from Hanford Site’s 200 Area Plateau (WMA S-SX), Pco2 = 10-3.5 ♦ = untreated
sediment; ▲ = sediment with calcite removed. B)(bottom) Computed Aqueous Speciation
of U(VI) in Calcite-Saturated 0.05 mol/L NaNO3 (Source: Dong et al. 2005)
Oxyanions are important components of tank waste resulting from fission (e.g., 98,100MoO42-, 79SeO42-,
RuO4-, 99TcO4-) and/or reprocessing (CrO42-). Surface complexation can retard the migration of
metallic oxyanions through formation of both inner- and outer-sphere complexes on Fe(III) and Al(III)
oxides that carry net positive charge at circumneutral pH (Davis and Leckie 1980; Goldberg et al. 1996,
2002; Hayes et al. 1988; Zachara et al. 1989; Zachara et al. 1987). This process, however, appears to be
suppressed when tank waste contacts Hanford vadose zone sediment. It is typically observed that, in the
absence of reduction, the monovalent oxyanions 101,102,104Ru and 99Tc track the leading of tank waste
plumes along with NO3-; with CrO42- and 98,100Mo following close behind (Figure 6.3); (Evans et al., in
press; Serne et al. 2004a). Technetium-99 [as pertechnetate, Tc(VII)O4-], the Hanford Site’s most
101,102,104
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Figure 6.3. Derived and Actual Pore Water Concentrations of Mobile Metals in Borehole C4104
Collected Near T-106. The leading edge of the tank waste plume is defined by the peak in
99
Tc concentration (Source: Serne et al. 2004b.)
important risk-driving contaminant, shows virtually no retardation under fully oxidizing conditions
(Kaplan and Serne 1998; RPP 2005; Um and Serne 2005). Consequently, 99Tc and more recently
101,102,104
Ru (Brown et al. 2006a) have been used to trace tank waste migration through the vadose zone
and serve as indicators of tank waste contamination in groundwater (Dresel et al. 2002).
The extreme mobility of all of these anions in the vadose zone results from low concentrations of
anion-adsorbing Fe(III) oxides in Hanford sediments (the primary potential adsorbent), generally high pH
that encourages negative charge development on amphoteric surfaces, and high concentrations of
competing major anions including NO3- and CO32- (of waste origin), and H3SiO4- (from basic mineral
hydrolysis) that compete for and saturate available surface sites (e.g., Hayes et al. 1988; Zachara et al.
1987).
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6.2

Ion Exchange

Ion exchange is one of the most common adsorption reactions that occur in subsurface sediments. Ion
exchange is a type of adsorption/desorption reaction that applies principally to phases with a porous
lattice containing fixed charges. In general, ion exchange involves the replacement of one ionic species
on exchange sites of a solid phase by another ionic species present in the aqueous solution in contact with
that same solid. Overviews of ion-exchange reactions and models are given in Appelo (1996), Bolt et al.
(1976), Deutsch (1997), Langmuir (1997), and Stumm and Morgan (1981).
Clays, and to a lesser extent zeolite minerals, are the most common ion exchangers in sediment and
soil systems. The fixed charge on clay minerals is a result of the substitution of Al3+ for Si4+ in the
tetrahedral clay lattice sites and Fe2+ and Mg2+ for Al3+ in the octahedral lattice sites (Deutsch 1997). The
surface of clays has a net negative charge due to the substitution of the lower charged cation in the
structure.
Dissolved cations are attracted to clay surfaces to balance the charge by electrostatic attraction.
Anion exchange may also occur on clay minerals, but to a much lesser extent than cation exchange
because of the dominant fixed-negative charge on the clay surfaces. Zeolites are crystalline
aluminosilicates with a micro-porous structure. The zeolite lattice consists of a tetrahedral framework
that encloses cavities occupied by cations and H2O molecules. This open structure can accommodate a
variety of cations, such as Na+, K+, Ca2+, Mg2+, and others, which can be readily exchanged for cations in
the contact solution. The maximum size of the molecular or ionic species that can enter the cavities is
controlled by the diameters of the channels.
An ion exchange reaction can be described via a mass action expression with an associated
equilibrium constant. The general exchange reaction is shown in Equation (6.7) (Langmuir 1997):
aAz + BbX ↔ bBy + AaX
where

A
B
a
b
z
y
X
↔

=
=
=
=
=
=
=
=

(6.7)

ion
ion
mole number
mole number
valence
valence
exchanger phase
reversibility of the exchange

The equilibrium or exchange constant is shown in Equation (6.8):

K ex =

{By }b {Aa X}
{A z }a {Bb X}

(6.8)

where brackets denote activities. Activity corrections for aqueous ions can be described with various
models such as Debye-Hückel or Davies. However, there is less agreement on models for calculating
activity corrections for the adsorbed species on the exchanger phase. A variety of ion exchange models
(e.g., the Gaines-Thomas, Gapon, Vanselow, and Rothmund-Kornfield models) have been used in soil
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science. These models differ in the conventions used to write the concentrations of the dissolved and
adsorbed species. These models are described in detail elsewhere, such as Bolt (1979), Sposito (1984,
1989), Appelo and Postma (2005), and Appelo (1996).
Because ion exchange in clays is primarily an electrostatic process, more highly charged solution
species are preferentially adsorbed (Deutsch 1997). When present in equal dissolved concentrations, the
affinity of the clay exchanger for cations is shown in Equation (6.9):
Al3+ > Ca2+ > Mg2+ > K+ > Na+

(6.9)

Experimental evidence shows the relative affinity of clays for monovalent cations follows in this
respect the lyotropic series, as seen in Equation (6.10):
Cs+ > Rb+ > K+ > Na+ > Li+

(6.10)

This order of selectivity indicates that the radius of the solvated cation is directly related to the
magnitude of exchange for clays.
Ion-exchange reactions have an important role relative to the mobility and retardation of 137Cs and
90
Sr in sediments in the subsurface at the SST WMAs, and have therefore been studied extensively at the
Hanford Site. High-sodium concentrations in tank waste fluids (nearly 20 M in some cases) are in gross
disequilibrium with the sediment exchanger phase that is predominantly saturated with Ca2+ and Mg2+
with minor Na+ and Sr2+. Indigenous exchangeable ions are displaced from the exchanger phase into pore
water by mass action at the leading edge of the migrating tank waste plume (Figure 6.4) leading to a
distinct ion exchange front of Ca2+, Mg2+, and Sr2+ that is nearly coincident with unretarded, anionic NO3-.
The migration of Na+ is correspondingly attenuated by its adsorption to the sediment exchanger phase.
The high concentrations of sodium in leaked tank waste relative to native pore water cations leads to
almost complete saturation of the exchanger phase by waste Na+. The displacement of ion exchangeable
Ca2+ can lead to calcite supersaturation and precipitation at the ion exchange front (Wan et al. 2004a,
2004b, 2004c), with an associated decrease in pH within this zone by the reaction shown in Equation
(6.11):
Ca2+ + HCO3- = CaCO3(s) + H+

(6.11)

Magnesium containing phases may also supersaturate in this region (Zhang et al. 2005). The ion
exchange profile beneath tank SX-115 in Figure 6.4 was well described with a reactive transport
simulator (FLOTRAN; Lichtner et al. 2004) containing multi-component ion exchange described by the
Gaines-Thomas convention (Sposito 1981). The timing, volume, and contaminant concentrations of the
tank leak were major uncertainties in the modeling.
Ion exchange also serves as the dominant attenuation mechanism for 90Sr, a high-yield fission product
present in most tank waste (Table 2.1). However, the process is actually one of isotopic exchange
between contaminant 90Sr2+ and the native, concentration excess, stable strontium isotope pool (86Sr2+,
87 2+
Sr ) that exists as a minor component of the exchanger phase (McKinley et al. 2007).
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Figure 6.4. Depth Distribution of Water-Extractable Ions in Sediment Beneath Leaked Single-Shell Tank SX-115. Note the tank waste front at
150 ft (45.8 m) below ground surface. Tank SX-115 released waste of intermediate composition (Source: Serne et al. 2002a)

Tracing the mineralogic locations of 90Sr2+ adsorption in coarse-textured sediment beneath leaked
tank B-110 (RPP 2002; Serne et al. 2002a) by digital autoradiography(a) (Figure 6.5) has identified the
presence of unique phyllosilicate [saponite, ideally (Ca0.15Na0.3)(Mg,FeII)3(Si,Al)4O10(OH)2•4H2O] ion
exchange domains in the intersticies of millimeter-size basaltic lithic fragments (Figure 6.6) that
apparently result from the weathering of glass (McKinley et al. 2007). Ion exchange within these lithic
fragment interiors strongly limits desorption and further plume migration in otherwise extremely
coarse-textured Hanford sediment.

Figure 6.5. Scanning Electron Microscope Backscattered Electron Image (BSE) and Autoradiographs
(AR) Showing Distribution of 90Sr in Contaminated Sediment Samples 20A, 21A, and 26A
from Borehole 299-E33-46 near Tank B-110 (Source: McKinley et al. 2007). Lithic
fragments containing 90Sr are white in inverted ARs (samples 20A, 21A, and 26A), or black
in ARs not inverted (sample 26A only).

(a)

Analysis of radioactive particles by digital autoradiography are discussed by Zeissler et al. (2001).
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Figure 6.6. Scanning Electron Microscope Backscattered Electron Image (left) and Maps of Relative Elemental Abundances (colorized images at
right) for Sodium (Na), Calcium (Ca), Potassium (K), and Magnesium (Mg) for 90Sr-Containing Area of Smectite Inclusions
Indicated by White Arrow in Figure 3.5. Elemental abundances are shown in false color where blue indicates regions of lowest
abundance and red indicates highest abundance in a rainbow progression. All are secondary phyllosilicate domains (saponites-C)
showing the characteristic Mg-zonation (Source: McKinley et al. 2006).

Cesium-137 is a high-energy, gamma-emitting radionuclide (t1/2 = 30 y) that is in high concentration
in tank waste supernatant (Table 2.1). A highly selective ion exchange process occurs for 137Cs on frayed
edges and interlamellae of micaceous mineral phases (Figure 6.7), including biotite, muscovite, and
vermiculite, that are ubiquitous in Hanford sediment (McKinley et al. 2001a; Zachara et al. 2002). Most
of the 137Cs that currently exists in subsurface sediments beneath leaked SSTs is immobilized by strong
ion exchange to, and diffusion within, these micaceous sorbents (Liu et al. 2003a). High-electrolyte
concentrations (e.g., >10-1 mol/L) of strongly sorbing monovalent ions (K+, Rb+, or NH4+) are required to
remobilize sorbed 137Cs (Liu et al. 2003a). A significant research campaign was undertaken to understand
why the migration of large amounts of 137Cs was expedited beneath leaked tank SX-108 in the WMA SSX . It was found that mass action and osmotic effects from extremely high sodium concentrations in the
self-boiling waste (~19 mol/L) (Liu et al. 2004a; Zachara et al. 2002) and enthalpy effects from high
subsurface temperature (>70oC; Liu et al. 2003b) were mainly responsible for the anomalous 137Cs
behavior. The current subsurface distribution of 137Cs can be well accounted for when these combined
effects were considered (Liu et al. 2004a).

6.3

Aqueous Complexation

Synthetic chelating agents, including EDTA, nitrilotriacetic acid (NTA), gluconate, citrate, tributyl
phosphate (TBP), and a variety of others, were used for the complexation of target cationic metals during
Hanford plutonium reprocessing for the selective removal of target radionuclides from waste streams and
for decontamination activities. These compounds ended up in tank waste and were subject to complex
aging and radiolysis reactions during tank waste storage (Toste 1991; Toste and Lechner-Fish 1993; Toste
et al. 1994). The characterization of these residual organic compounds and their degradation products is
extremely difficult because of high radioactivity, but the organic speciation of select tank waste samples
has been performed (Campbell et al. 1998; Campbell et al. 1996) showing the presence of EDTA, oxalate,
glycolate, formate, acetate, and radiolysis products.
The significance of these compounds (primarily EDTA) is that they may form stable anionic aqueous
complexes with normally insoluble cationic radionuclides (e.g., cobalt, plutonium, and americium),
enhancing their subsurface migration if discharged to the vadose zone. EDTA, for example, has
mobilized radionuclides to groundwater at shallow waste-disposal sites (Balk and Lee 1994; Means and
Alexander 1981; Means et al. 1978; Olsen et al. 1986). EDTA greatly enhances the solubility of Pu(IV)
at circumneutral pH (Rai et al. 2001), which is the primary valence state of contaminant plutonium in
Hanford sediments. The complexants are slowly degraded by subsurface microorganisms and may,
therefore, persist in the ground for extended periods (Bolton and Girvin 1996; Bolton et al. 1996; Bolton
et al. 2000; Liu et al. 2001; VanBriesen et al. 2000). Co(II)EDTA2- exhibits complex behavior in
circumneutral Hanford vadose zone sediments (Zachara et al. 1995). If small amounts of manganese
oxides are present, the complex is oxidized to the highly stable, kinetically inert, and freely mobile
Co(III)EDTA- complex that is not adsorbed by Hanford sediment. If manganese oxides are not present,
the Co(II)EDTA2- complex slowly degrades through a ligand-induced dissolution reaction with Hanford
sediment to yield immobile, sorbed Co2+ and mobile Al(III) and Fe(III)EDTA- complexes.
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200 μm
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Figure 6.7. Distribution of Cesium Within a Flake (shown on edge) of the Mineral Muscovite from a
Sediment Sample Collected Beneath the WMA S-SX as Measured by Synchrotron X-Ray
Fluorescence. Cesium is strongly localized at selected regions on the crystallite edge.
Cesium abundance is shown in false color where highest concentrations of cesium are
indicated by the brightest areas (Source: Liu et al. 2003a).
In spite of the reports listed in the preceding paragraph, there is no definitive field evidence that
organic complexants have facilitated the migration of tank waste contaminants through the vadose zone at
the Hanford Site. Moreover, there are no confirmed reports of the loss of high complexant waste to the
Hanford vadose zone. Normally immobile 239/240Pu(IV) showed anomalously deep migration at tank
T-106 (Freeman-Pollard et al. 1994), and immobile 155Eu(III) demonstrated a significant migration
distance in borehole C4104 in the T Tank Farm (Serne et al. 2004a). Both of these observations have lead
to speculation of chelate-facilitated migration. Organic analyses of extracted pore waters from the
proximity of T-106 have been conducted (Serne et al. 2004a); however, no chelators or elevated dissolved
6.20

organic carbon were detected. It is possible that the complexant concentrations were below detection, or
they degraded over the 50 years of in-ground contact. Nonetheless, there is no analytical documentation
of chelators associated with mobile radionuclides in field samples to substantiate the hypothesis of
organic complexant-facilitated migration at the Hanford Site.
The most dramatic evidence for the far-field migration of a metal ion complex occurs with 60Co
(t1/2 = 5 y). As a bare divalent cation, 60Co2+ is adsorbed strongly [e.g., log Kd (mL/g) >103)] by Hanford
sediment (Zachara et al. 1995) and is effectively immobile. However, cobalt-60 exhibited unretarded
migration through the vadose zone beneath the BY cribs soon after disposal of liquid process effluents
from U Plant containing ferrocyanide wastes in 1954 to 1955 (Hartman et al. 2000; Thornton and
Lindberg 2002). Elevated concentrations of 60Co with co-associated cyanide (CN-), the presumed
complexant, have existed in groundwaters downgradient and surrounding the BY cribs from the year of
disposal to this day (Hartman et al. 2005). Low concentrations of the mobile complex (e.g., <10-10 mol/L)
have, however, prevented identification of its identity (structure, stoichiometry, and coordination number)
and valence [e.g., Co(II) or Co(III)]. By analogy to the ferrocyanide complex [Fe(III)(CN)63-] used for
137
Cs+ complexation, the 60Co complex may be hexacyanocobaltate [Co(III)(CN)63]. Cobalt-60 also
shows high mobility [e.g., Kd (mL/g) ≤1], albeit low concentrations, in tank waste leaks (e.g., borehole
C3831 near TX-107; Serne et al. 2004b), but it is unclear whether its migration is cyanide-facilitated.

6.4

Precipitation and Solubility

The solubility of a compound in a particular solvent at a specific temperature is defined as the
maximum amount of the substance that will dissolve in a definite amount of the solvent and produce a
stable system. Determining the dissolved concentration of a particular contaminant requires knowledge
of the solubility of the specific phase in which the contaminant exists, chemical composition of the
aqueous solution in contact with this phase, and a variety of thermodynamic data, including the solubility
constant of the solid phase of interest and stability constants for various complexes that could potentially
form with the contaminant and other components of the system. If all the necessary thermodynamic data
and system composition data are available, the equilibrium concentration of the contaminant can be
calculated using various geochemical reaction computer codes available for this purpose. Published
critical reviews and tabulations of thermodynamic constants completed by the Nuclear Energy Agency
(NEA) of the Organization for Economic Cooperation and Development (OECD) in Palaiseau, France are
valuable resources for thermodynamic constants required to calculate solubility. For the COIs, compilations are available for the thermodynamic constants for aqueous, solid, and gaseous species containing
uranium, americium, technetium, neptunium, and plutonium (including an update of the earlier published
constants) (Grenthe et al. 1992; Silva et al. 1995; Rard et al. 1999; Lemire et al. 2001; Guillaumont et al.
2003). Although the thermodynamic equilibrium approach is generally the most reliable method available for predicting solubility, a number of factors can lead to results that are not consistent with measured
values. These can include non-equilibrium conditions, incorrect thermodynamic data, or a lack of all
necessary thermodynamic data. When the controlling solid cannot be identified but empirical solubility
tests clearly indicate that some unidentified phase is controlling solution concentration, an empirical
solubility relationship can be used. In the report titled Geochemical Data Package for the 2005 Hanford
Integrated Disposal Facility Performance Assessment (Krupka et al. 2004), a constant concentration
solubility limit was used. This limit was used because very little site-specific waste form, or engineered
barrier solubility work has been done to identify possible controlling solids.
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In addition to the Kd estimates made for the Hanford Site IDF performance assessment (Krupka et al.
2004), empirical solubility concentration limits were made. Solubility is expected to potentially control
contaminant concentrations at the IDF only in these two near-field zones. These values are included in
Appendix C, along with the estimates of Kd values.
Dissolution and precipitation reactions are particularly important in cases where tank waste has
leaked from SSTs and has come into contact with underlying sediments. Most Hanford tank waste was
intentionally over neutralized to alkaline pH (Table 2.1). Some of the waste solutions, such as REDOX,
became concentrated through extended boiling periods driven by radioactive decay of short-lived
radioisotopes to yield NaNO3 brines with high OH- (e.g., 5 mol/L, Table 2.1). These high pH, caustic
solutions were extremely reactive when discharged to native, circumneutral Hanford sediments that are
composed of aluminosilicate minerals. In certain cases, tank waste with residual heat (e.g., >50°C) from
reprocessing or radioactive decay leaked into the vadose with ambient temperature, while in other cases
tank waste was discharged to the vadose zone that had itself been heated as a result of extended waste
tank boiling (Liu et al. 2003b; Pruess et al. 2002). Elevated temperature accelerates the rate of baseinduced (OH-) hydrolysis of aluminosilicates, and certain precipitation reactions. Moreover, the aqueous
phase that results from waste-sediment reaction at elevated temperatures may become highly
supersaturated with various mineral phases as temperatures decrease with transport distance from the
waste source.
Laboratory studies to simulate the reaction process of alkaline tank waste (e.g., pH > 14) with
Hanford sediment have identified two primary reaction zones (Qafoku et al. 2004; Wan et al. 2004a; Wan
et al. 2004b) that progress hydrologically downgradient from the source of tank waste release. The zone
nearest the source is dominated by silica (e.g., quartz) and fine-grained aluminosilicate dissolution
reactions that moderate pH (from pH 14 to pH 11-12) by hydroxide consumption. Important micaceous
sorbents (including biotite) may also dissolve in this zone (He et al. 2005; Samson et al. 2005).
Hydroxide alkalinity is transformed to silica and aluminate alkalinity in this zone (Marshal et al. 2004).
Below this zone, where depth is controlled by the volume of tank waste release, exists a pH neutralization
zone (pH 6.5 – 10), where protons are released for additional base neutralization by the secondary
precipitation of complex suites of zeolitic phases including cancrinite; feldspathoids, such as sodalite,
ettringite, and gibbsite; and other unnamed aluminosilicates (Ainsworth et al. 2005; Bickmore et al. 2001;
Chorover et al. 2003; Deng et al. 2006; Qafoku et al. 2004; Um et al. 2005; Wan et al. 2004a; Wan et al.
2004b; see Figure 6.8). Hydroxide and other anion concentrations are critical variables determining
secondary mineral precipitate phase identity and morphology. The precipitates exist as both grain
coatings (Ainsworth et al. 2005; Bickmore et al. 2001; Qafoku et al. 2004) and suspended colloids in the
aqueous phase exhibiting negative surface charge (Marshal et al. 2004).
Many have speculated that these secondary precipitates may influence tank waste contaminant
migration by internal sequestration or surface adsorption. However, these issues have only been partially
explored in the laboratory, with variable effects noted in mineral (Catalano et al. 2005; Choi et al. 2005a;
Choi et al. 2005b; Chorover et al. 2003; Mon et al. 2005) and sediment systems (Ainsworth et al. 2005;
Marshal et al. 2004). Zhuang et al. (2003) observed that 137Cs+ adsorbed to feldspathic colloids resulting
from tank waste-sediment reaction, but sorption strength was below that of the native micaceous fraction.
Ainsworth et al. (2005) observed only minor effects of high-base weathering on 137Cs+ adsorption by
Hanford sediment. Enhanced sorption of Sr2+, apparently driven by coprecipitation processes, has been
observed in suspensions of phyllosilicates contacted with alkaline tank waste simulants (Choi et al.
2005a; Choi et al. 2005b).
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Figure 6.8. Scanning Electron Micrographs of Secondary Feldspathic Precipitates Resulting from the Reaction of Na+/NO3-/OH- Tank Waste
Stimulant with Hanford Sediment. The dissolution of primary aluminosilicates and reprecipitation of various secondary phases
neutralizes the high pH of tank waste (Source: Qafoku et al. 2003).

Mineralogic studies have been performed on field samples collected from boreholes beneath waste
tanks that have leaked highly alkaline waste (RPP 2002; Zachara et al. 2004). While these sediments
show distinct evidence for alteration in the near-source region (Zachara et al. 2004), they have not shown
the high degree of mineral transformation or the distinct morphologies of secondary zeolite and
feldspathoid mineral precipitates that have been observed in the laboratory (e.g., Deng et al. 2006).
Because of constraints of sampling close to the tanks themselves, the closest that field samples have
successfully been obtained is 1.5 m (5 ft) from the sides or bottom, and most field samples have been
collected no closer than 3 m (9.8 ft) from the tanks. In fact, the mineral and crystalline nature of these
phases has been very difficult to assess in the samples because of high-associated radioactivity. The
differences may result from the use of higher OH- to sediment ratios in the laboratory than actually
occurred in the field, or alternatively, that initial zeolites and feldspathoids have transformed to different,
more stable phases with environmental exposure. Careful attention must be made to select realistic
reactant-to-sediment ratios when attempting to simulate field-scale tank waste and sediment interactions
in the laboratory. Alternatively, perhaps the zone of intense base and sediment reaction occurs in a
volume of sediment no larger than 3-m (9.8 ft) distance from the leak events.

6.5

Reduction and Oxidation Processes

In its natural state, the Hanford vadose zone contains low-volumetric moisture content because of the
semi-arid climate. The water unsaturated pore-space is generally fully oxygenated because of the small
amount of organic matter and slow rates of microbial respiration. Most polyvalent contaminants that
could be reduced to lower oxidation states (e.g., 99Tc and chromium) were released to the Hanford vadose
zone in near-neutral or poorly buffered wastewater and, in consequence, remain in the fully oxidized state
because the surfaces of potential mineral reductants (e.g., ilmenite and magnetite) are passivated by
reaction with oxygen or by physical coating with secondary mineral phases such as calcite or Fe(III)
oxides (Ginder-Vogel et al. 2005).
One important consequence of the dissolution and precipitation reactions that are promoted by
alkaline tank waste as described above is the release of redox reactive, structural Fe(II) that is present in
primary mineral phases such as biotite and chlorite (Ginder-Vogel et al. 2005; He et al. 2005; Qafoku
et al. 2003; Zachara et al. 2004). Ferrous [Fe(II)] iron so released may adsorb to mineral surfaces,
precipitate as Fe(OH)2(s) or other Fe(II) phases, or migrate with the pore fluid. The Fe(II) can react with
dissolved oxygen, potentially lowering Eh; and oxidized, polyvalent tank waste contaminants, such as
CrO42- causing changes to lower, less soluble valence states. In laboratory studies, alkaline tank waste
simulants dissolved Fe(II) from biotite and Hanford sediments, and it reduced soluble, weakly adsorbed
CrO42- to insoluble Cr(III) (Ginder-Vogel et al. 2005; He et al. 2005; Qafoku et al. 2003). Chromate
reduction increased with base concentration and ionic strength, and was hypothesized in both cases to
involve a homogeneous reduction pathway. Field samples of leaked waste from beneath tank SX-108
showed an anomalous retardation profile for chromium, which was shown through EXAFS analysis to
result from the base-induced reductive immobilization of a portion of the waste chromium as Cr(III)
(75-31%) [(Zachara et al. 2004); Figure 6.9]. The resulting Cr(III) remains immobilized in the vadose
because of its extremely slow reoxidation rate. The extent of reduction decreased with increasing
distance from the source as hydroxide was neutralized through mineral reaction.
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41-09-39 7ABC
SX-108 6A
SX-108 7A
SX-108 8A
SX-108 9A
SX-108 13A
SX-108 14A

Energy (eV)
Figure 6.9. Field Samples from Beneath Tank SX-108. (a) XANES Spectra of Chromium-Contaminated Sediment from SX-108 Borehole
C3082 where the Height of the Pre-Edge Feature is Proportional to the Cr(VI) Content (Source: Zachara et al. 2004). (b) Synchrotron
X-ray Fluorescence Map (top right) of SX-108 Sediment 7A, Overlain on a SEM BSE micrograph. Grains colored green to red
indicates high-chromium concentrations.

Evans et al. (in press) analyzed trace fission oxyanions, including molybdenum, vanadium, and
selenium, in water and acid extracts from the SX-108 sample, and out of this broader oxyanion analyte
suite, only molybdenum showed evidence for reductive attenuation. Differences in oxyanion behavior
result from their variable thermodynamic properties, kinetic pathways of reaction with dissolved Fe(II)
and sorbed Fe(II), and the susceptibility and rate of oxidation of the reduced valence states. 99Tc, a major
risk-driving contaminant at the Hanford Site, exhibits some similarities in redox thermodynamics,
reaction mechanisms with Fe(II), and solubility of oxidized and reduced states to CrO4- (Zachara et al.
(2007). It is also reduced by Fe(II) liberated by base-induced mineral dissolution, yielding an insoluble
Tc(IV) precipitate. This reduced form, however, apparently reoxidizes rapidly when oxidizing conditions
return. Thus, the reductive immobilization process noted for chromium in association with alkaline tank
waste is probably only important for those oxyanions whose reduced species reoxidize slowly.

6.6

Colloid-Facilitated Transport

The attachment (by adsorption to or precipitation on) of strongly sorbing radionuclides to
colloidal-size materials (1 nm to 1 µm) that are transported by mobile pore fluids is potentially an
important transport mechanism (Honeyman 1999; Kersting et al. 1999; McCarthy and Zachara 1989; Sen
and Khilar 2006) that needs to be considered for certain contaminants at the Hanford Site. Susceptible
contaminants include those of very low solubility (e.g., americium, plutonium, thorium) or those that
strongly adsorb to mineral phases of clay-size (e.g., <2.0 µm) and below (e.g., 137Cs+). Mobile colloids
are generated when subsurface water systems experience chemical perturbations that cause relatively
rapid, in situ precipitation events, or ionic strength induced particle disaggregation (McCarthy and
Zachara 1989; Roy and Dzombak 1997). These conditions have occurred at the Hanford Site as caustic,
saline tank waste has been neutralized by dissolution and precipitation reactions with surface sediments,
and as low-ionic strength recharge waters, resulting from meteoric water infiltration and infrastructure
water losses, have migrated behind relatively small volumetric releases of tank waste, causing salinity
fronts. Blume et al. (2005) has demonstrated that such conditions can mobilize significant concentrations
of colloidal-size particles from Hanford sediment.
Critical questions for the Hanford Site are whether mobile colloid-contaminant associations form in
the first place, and whether such associations are stable against dissociation and filtration during transport
through the highly structured vadose zone that is generally, but not always, low in moisture content.
Indeed, the importance of colloid-facilitated transport is under debate in the field of environmental
science because few studies have clearly shown its importance in the field (Honeyman 1999).
Flury et al. (2002) have comprehensively evaluated questions of colloid migration for contaminant
Cs+ at the Hanford Site (Chen and Flury 2005; Chen et al. 2005; Cherrey et al. 2003; Czigany et al.
2005; Flury et al. 2002; Marshal et al. 2004; Zhuang et al. 2003; Zhuang et al. 2004). The reader is
directed to these original publications for details beyond those briefly summarized in this report. The
authors of the previously cited references found that native colloids are mobilized by salinity fronts from
sand-textured Hanford sediment and that feldspathic colloids are formed by alkaline tank waste and
sediment reactions, with a maximum observed concentration of 900 mg/L. Both of these colloid types
behave similarly and exhibit net negative charge, form stable colloid suspensions in simulated Hanford
pore water for extended time periods, and are readily transported through disturbed, water-saturated
Hanford sediment that has been repacked in laboratory columns. Colloid retention increases, and colloid
transport decreases, with decreasing water content as a result of colloid retention in water films of
variable thickness. Both native and tank waste-induced feldspathic colloids sorb 137Cs+, and can induce a
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small amount of colloid facilitated migration in repacked laboratory columns under water-saturated
conditions. However, colloid-associated 137Cs+ was stripped from this mobile fraction by downgradient
stationary sorbents that were present in the sediment in far greater site concentrations than in the fluid
phase. This process, along with the dramatic decrease in colloid transport that parallels water
desaturation, leads to the general conclusion that colloid facilitated migration of 137Cs+ is unlikely to be
important unless water content and flow rates are locally and temporally increased by snowmelt or
episodic artificial recharge (Czigany et al. 2005). Moreover, in situ colloid migration at the Hanford Site
may be significantly less than in laboratory repacked columns because of particle filtration by ubiquitous,
structured, fine-textured layers as colloids move downward (Blume et al. 2002; Cherrey et al. 2003).
Indeed, modeling simulations of Cs+ migration based solely on chromatographic separation through
multicomponent ion exchange shows close agreement to field profiles (Lichtner et al. 2004).
Laboratory studies also show that colloid formation can be significant at the front of tank waste
plumes as high waste Na+ concentration displaces Ca2+, Mg2+, and Sr2+ from the exchange phase and
induces the supersaturation of calcite (CaCO3) and other phases (Wan et al. 2004a; Wan et al. 2004c).
Calcite precipitation increases with tank waste of elevated temperature (a typical occurrence) because of
the retrograde solubility of calcite. The colloid load so produced accumulates in the aqueous phase and
significantly exceeds the concentrations produced by salinity gradients (Flury et al. 2002; Wan et al.
2004c). The precipitation reactions neutralize and lower pH at the plume front allowing the supersaturation and precipitation of other phases including U(VI) solids(a) that may also migrate for unknown
distances as colloidal material.
In a study by McGraw and Kaplan (1997), it was demonstrated that colloids are unlikely to remain
suspended in glass leachate, cement leachate or Hanford groundwater because the ionic strength of these
solutions greatly exceeded the critical flocculation concentration (the minimum electrolyte concentration
to induce colloid flocculation) of most particles.
In another study at the Hanford Site conducted under more natural conditions (not impacted by high
salt concentrations), no clear evidence for colloid facilitated transport of plutonium in groundwater was
found (Dai et al. 2005). Size fractionation data from two wells in the 100-K Area indicated that 7% to
29% of the plutonium was associated with colloids. It was also determined that the downstream well had
an order of magnitude lower concentration of plutonium than the upstream well and a lower fraction
colloidal distribution.

6.7

Biogeochemical Processes

Microorganisms may be significant to the long-term fate of tank waste in the vadose zone because
they can mediate a variety of biogeochemical reactions that may influence the composition of vadose
zone pore water, and the chemical form, oxidation state, and solid-liquid distribution of tank waste
contaminants (Fredrickson and Onstott 2001). For example, subsurface bacteria can transform mobile
99
Tc(VII)O4-, U(VI)O22+, and Cr(VI)O42- into immobile, reduced precipitates and denitrify NO3/NO2 into
gaseous, volatile nitrogen forms. Microorganisms populate Hanford’s vadose zone (Brockman et al.
1992; Fredrickson et al. 1993; Kieft et al. 1993) with activities and numbers controlled by water content
and the concentration of organic matter that is generally sparse. The biogeochemical function and
contribution of Hanford’s vadose zone microorganisms, however, remains uncharacterized. The activities
(a)

Personal communication from J. Wan, Lawrence Berkeley National Laboratory, to the authors, March 2007.
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of subsurface microorganisms are believed to be quite low under ambient conditions and very much
limited by low moisture content and nutrient fluxes.
Microorganisms colonize, inhabit, and even flourish in some of the Earth’s most inhospitable
environments (Konhauser 2007). With this in mind, the microbiological characteristics of one of
Hanford’s most extreme environments, sediment samples collected beneath the leaked tank SX-108 were
investigated (Fredrickson et al. 2004). This borehole penetrated a tank waste plume in the vadose zone
that received caustic, saline, and highly radioactive REDOX waste (Table 2.1). Residual heat in the core
of the plume was high when the borehole was drilled in 2001 (~70°C at 19.8 m below ground surface).
This same region experienced temperatures in excess of 100°C with steam recirculation at the time of
waste spillage in 1962 because of boiling REDOX waste throughout the tank farm (Pruess et al. 2002).
The discharged waste contained large amounts of short-lived radioisotopes (e.g., 106Ru, 144Ce, 147Pm, and
others; Jones et al. 2000b) in addition to 137Cs+ that presented a significant dose to subsurface organisms.
In spite of the incredibly harsh thermal, chemical, and radiologic regime beneath tank SX-108, low
concentrations (≤105 bacteria/gram of sediment) of viable microorganisms were recovered from 9 of 16
core samples studied. These numbers may underestimate the microorganism population because of the
limitations of cultivation-based methods (Amann et al. 1995). No correlation between moisture content
or sediment radiation level (137Cs) was observed. Organisms were cultured from sediment affected by
waste disposal, which appeared “bone-dry” (e.g., sediments 4 and 10). The cultures obtained were
dominated by common dry-soil dwelling Gram-positive microorganisms, most closely related to the
Arthrobacter species that are known to be good survivors of stressful environments. Two isolates from a
high-radiation sample containing >20 µCi/g of 137Cs were closely related to radiation tolerant
Deinococcus radiodurans, and were able to survive high doses of applied radiation (20 kGy). Activity
measurements on the sediments indicated that the cells were mostly inactive or dormant under the current
conditions of low moisture and high salinity. This community could increase in size and activity
significantly, with unknown implications to contaminant solubility if the moisture content were to
increase through recharge.
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7.0 Isotope Studies of Contaminant Transport
This section provides a review and summary of isotopic studies relevant to contaminant hydrogeology
of the Hanford Site, with particular emphasis on high-activity liquid wastes released to the environment.
Studies of the variation in isotopic ratios of a given element applied to understanding the hydrogeologic
setting or contaminant sources, fate, and transport are considered here. Studies of the extent of various
radioactive isotope contaminants or of chemical interactions that do not lead to isotopic fractionation are
considered elsewhere. Many of the studies have not been specific to SST WMAs but provide useful
insights regarding the overall hydrogeologic system.
Isotopic variability in elements found in the hydrogeologic environment at the Hanford Site may
result from a number of sources. These include the following:
•
•
•
•
•

Isotopic variability intrinsic in source materials
Isotopic fractionation (equilibrium or kinetic) within the hydrologic system
Variability produced through water rock interactions, including uranium-series disequilibrium
Mixing of waters of different isotopic compositions
Release of fission and activation products from reactor operations to the subsurface.

Numerous books and review articles have presented introductions to the use of stable and radioactive
isotopic methods in the geosciences. These include Faure and Mensing (2004), Hoefs (2004), Clark and
Fritz (1997), and Johnson et al. (2004). Reactions or processes often cause changes in isotopic ratios, so
that the heavier or the lighter isotope is favored in reaction products. This change is referred to as
isotopic fractionation.(a) The extent of isotope fractionation can be expressed by a ratio called the
fractionation factor as seen in Equation (7.1):
α = RA/RB

(7.1)

where RA and RB are the ratio concentrations of the heavy-to-light isotope in phase A and B, respectively.
Because differences between such values are small, stable isotope ratios are often expressed in delta units
(δ) (e.g., δ18O, and δ34S) as permil (parts per thousand or ‰) differences relative to an arbitrary standard
such as Standard Mean Ocean Water (SMOW) (Equation [7.2]):
δ‰ = [(R – Rstandard)/Rstandard] × 1000

(7.2)

where R and Rstandard are the ratios of the heavy-to-light isotopes of an element in the sample and the
standard, respectively. For example, δ18O and δ34S would include the concentration ratios of 18O/16O and
34 32
S/ S, respectively.
Graphical methods are often used to evaluate whether the isotopic composition of water may have
resulted from the mixing of waters from different potential sources with different isotopic signatures.
Isotopic compositions mix conservatively. Therefore, mixing of waters of different isotopic compositions
produces intermediate compositions related to the isotopic composition and volume of water of each
(a)

Isotopic fractionation is a change in isotopic ratio that is caused by reactions or other processes that favor the
heavier or the lighter isotope in reaction products.
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end-member component (i.e., source) in the mixture. For a simple two component mixture with no other
input or loss, intermediate compositions form a “mixing line” between the two “end-member” compositions when two isotope ratios or delta values are plotted against each other (Clark and Fritz 1997).
Mixtures of two end-members with different isotope ratios and different concentrations of the element of
interest form hyperbolas when the measured isotope ratios are plotted as a function of element concentration (Kendall and Caldwell 1998). As the difference between the concentrations of the element of
interest of two end-members approaches 0, the hyperbolas flatten to lines. Mixing hyperbolas can be
transformed into a straight line by plotting isotope ratios versus the inverse of concentration.
A list of the isotopic systems discussed in this section is presented below. Some of the isotopic
studies performed by Lawrence Berkeley National Laboratory (LBNL) in collaboration with PNNL were
discussed in a recent review by Christensen et al. (in press). The review presented here includes new
example applications from the T Tank Farm. The work was funded under the DOE’s Environmental
Management Sciences Program (EMSP) and Hanford Site S&T funding.
• Oxygen and hydrogen in water − 16O and 18O; 1H and 2H (deuterium or D). These stable isotopes
have a long history of use in hydrogeologic studies. The radioactive isotope tritium (3H or T) has
been used elsewhere in evaluation of recharge, tracing groundwater flow paths, and age-dating of
groundwater, but is ubiquitous in Hanford Site radioactive waste sources and is generally beyond the
scope of this section.
• Sulfur and carbon isotopes − 32S and 34S; 12C, 13C, and 14C. Oxidation-reduction reactions affect
sulfur isotope composition including bacterially mediated reactions. Higher δ34S values are typically
found in the higher sulfur oxidation state [S(VI), sulfate]. Carbon isotopes are fractionated by
processes including photosynthesis and isotopic exchange between CO2 gas and aqueous carbonate.
14
C is a radioactive isotope produced in the upper atmosphere by an (n,p) reaction(b) on 14N (Faure
1977) and may be a component in radioactive wastes.
• Nitrogen and oxygen in nitrate − 14N and 15N; 16O and 18O. Nitrate consists of two light isotopes that
undergo significant natural fractionation in the biogeochemical cycle. Nitrate was widely used in
chemical processing at the Hanford Site and is a contaminant of concern in many areas.
• Chlorine isotopes − 35Cl, 36Cl, and 37Cl: Chlorine isotopes may be used for evaluating recharge
through the vadose zone and for interpreting flow and age of water in deep aquifers.
• Stable strontium in minerals and solution − 86Sr and 87Sr. Contaminant 90Sr is not considered here.
• Uranium in minerals, solution, and contaminant sources − 234U, 235U, 236U, and 238U. Uranium
isotopic variability is of interest because of its use as reactor fuel and subsequent isotopic shift due to
• Fission and neutron capture. Natural uranium is essentially free of 236U, so the presence of this
isotope is diagnostic of an anthropogenic source. Uranium also exhibits natural variability due to
alpha recoil in minerals.

(b)

This is a common short-hand notation used to represent nuclear reactions, where the light bombarding particle and
the light fragments (in that order) are written in parentheses between the initial and final nucleus. In this instance,
n,p refers to bombardment/capture of a neutron and ejection of a proton, producing an atom of one atomic number
higher than the original atom but with the same mass.
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• Fission stable and long-lived isotopes − 79Se and 82Se; 101Ru, 102Ru, and 104Ru; 127I and 129I; 133Cs,
135
Cs, and 137Cs. Fission isotope ratios are often quite different from natural abundances. In addition,
the fission ratios may be sensitive to reactor conditions and thus useful in distinguishing contaminant
sources.
• Plutonium in solution or colloidal suspension − 239Pu, 240Pu, and 241Pu. Weapons-grade plutonium
was the primary product of the Hanford Site. In addition, global fallout has contributed to
surficial plutonium. Fallout plutonium is isotopically distinct from Hanford Site plutonium
production. Although plutonium is typically not very mobile in the Hanford vadose zone or
groundwater, the plutonium isotopic composition has been used to evaluate sources and colloidal
transport.

7.1

Oxygen and Hydrogen in Water

Oxygen and hydrogen isotopes have been used in a number of studies regarding Hanford Site
hydrogeology. The oxygen isotopic composition in water, expressed as δ18O, and hydrogen, expressed as
δD (deuterium), are sensitive to fractionation in the hydrologic cycle. Thus, the isotopic ratios in recharge
groundwater, infiltrating precipitation, or discharges of Columbia River water used in the site processes
are sensitive to the water source. The relationship seen by plotting δD vs. δ18O in precipitation at the
Hanford Site, like other arid sites, forms a local meteoric water line that is shifted to the right of the global
meteoric water line (Graham 1983; Singleton et al. 2004).
Graham (1983) reported the stable oxygen and hydrogen isotopic composition in rainwater from the
Rattlesnake Hills, located on the western side of the Hanford Site. The work in Graham (1983) is
significant because precipitation on the Rattlesnake Hills is a major source of recharge to the
groundwater. Isotopic data for precipitation and groundwater were compiled by Early et al. (1986) and
reported by Hearn et al. (1989). Spane and Webber (1995) compare the local meteoric water line
developed by Graham (1983) to the oxygen and hydrogen isotopic composition in the upper basaltconfined aquifer to infer past recharge from the Rattlesnake Hills under similar climatic conditions to the
present.
Fayer and Szecsody (2004) discuss the use of oxygen and hydrogen isotopes in estimating recharge at
the IDF in the 200 East Area. Those recharge estimates are discussed in more detail in Fayer and Keller
(2007) and are not duplicated in this report.
DePaolo et al. (2004) investigated evaporation effects on oxygen and hydrogen isotopes in
relatively undisturbed sediments near the SX Tank Farm. The isotopes are shifted to higher δ18O and δD
values from winter precipitation due evaporative loss. One sample from the upper Cold Creek unit was
not shifted significantly. This is interpreted as being due to lateral migration of waste water from a
nearby disposal facility. DePaolo et al. (2004) developed a model for the oxygen isotopic composition
of the deep vadose zone. The model was used to infer a maximum infiltration rate of 35 to 60
mm/year for bare soil conditions. Vegetation would reduce the infiltration without changing the
isotopic profile.
Singleton et al. (2004) performed transport modeling of oxygen and hydrogen isotope infiltration in
the Hanford vadose zone. They used the TOUGH-REACT code to model the different isotopic species of
liquid water and water vapor as separate constituents in the multi-phase reactive transport model. The
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study modeled the stable isotope profiles under steady-state and periodic infiltration. An example model
run using pulsed infiltration and parameters similar to those at a Hanford lysimeter site provided a
reasonable match to the lysimeter data.

7.2

Sulfur and Carbon

Relatively little research using sulfur and carbon isotopic measurements has been completed at the
Hanford Site. Spane and Webber (1995) report δ34S values for water from the upper basalt-confined
aquifer, Columbia River, and Yakima River. Most wells on the western side of the Columbia River
cluster closely with the river water analyses. However, Spane and Webber (1995) note that oxidation of
pyrite is likely a primary source of sulfate in the system. Two wells near the central part of the Hanford
Site had anomalous (one high and one low) δ34S values. These anomalous values may be related to site
wastewater discharges.
Further research using sulfur isotopes may be warranted for tank farm and other Hanford Site
investigations. Sulfate plumes are found in several areas of the site but are not often thoroughly
investigated because the concentrations of dissolved sulfate are generally below regulatory concern.
When use of the State-Approved Land Disposal Site (located north of the 200 West Area) was
established, a significant pulse of sulfate was seen in groundwater monitoring wells (Hartman et al. 2000).
This sulfate was not seen in the discharge, so it is inferred to result from mineral dissolution, possibly
gypsum, in the vadose zone. The variability of sulfur isotopes between various sources and during
fractionation processes could help identify different contaminant sources.
Spane and Webber (1995) also report δ13C values for dissolved carbonate in the upper basalt-confined
aquifer. The values are close to those for water from the Columbia and Yakima Rivers. The δ13C values
were not correlated with bicarbonate concentrations and were similar to springs of basalt origin,
suggesting that correction of 14C ages for “dead carbon” additions were minimal. Spane and Webber
(1995) discuss 14C in the basalt-confined aquifer from the perspective of interpreting the flow system and
note a component of radioactive waste 14C contribution in some wells.

7.3

Chlorine-36

Chlorine-36 (36Cl) is a radioactive isotope with a half-life of 301,000 years (Baum et al. 2002). It is
produced naturally by spallation reactions and slow neutron activation of 36Ar in the upper atmosphere
(Bentley et al. 1986). Chlorine-36 is also produced by neutron capture activities on 35Cl that has a large
neutron capture cross-section of 43.6 barns. Because of the ubiquitous presence of chlorine, considerable
36
Cl was produced by neutron capture during Hanford Site operations (Dresel et al. 2002). Atmospheric
nuclear testing in the 1950s and 1960s produced a bomb-pulse of 36Cl superimposed on the natural
production.
Chlorine-36 studies have been used to investigate natural recharge at the Hanford Site (Prych 1995;
Murphy et al. 1996; Fayer et al. 1999). Fayer and Keller (2007) discuss the use of 36Cl in recharge
studies.
Chlorine isotopes have been used as tracers for groundwater flow in the Columbia River Basalt
aquifers (Gifford et al. 1985). Stable chloride 37Cl/35Cl ratios were also measured by Gifford et al. (1985)
but were not as useful as the 36Cl measurements.

7.4
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Nitrogen and Oxygen in Nitrate

Singleton et al. (2005) investigated nitrogen and oxygen isotopes in nitrate in groundwater samples
from across the Hanford Site. Vadose zone extracts were collected from 200 East and 200 West Areas
relatively uncontaminated “background” core and from two contaminated vadose zone cores near tanks
TX-102 and T-106. The dual isotope technique, measuring δ15N and δ18O, provided greater separation of
different waste types than would be achieved by older methods measuring only δ15N. Singleton et al.
(2005) identified the following four potential sources of nitrate:
• Natural, microbially produced nitrate from the soil column (δ18O: -9 to 2‰; δ15N: 4 to 8‰)
• Nitrate present in buried caliche layers (δ18O: -6 to 42‰; δ15N: 0 to 8‰)
• Nitric acid associated with low-level waste disposal facilities (δ18O: ~23‰; δ15N: ~0‰)
• Nitrate associated with highly radioactive waste discharges or tank leaks (δ18O: -9 to 7‰;
δ15N: 8 to 33‰).
In uncontaminated sediments, the pore water nitrate ranged from 26 to 507 mg/L. Both low-level
waste and natural nitrate flushed from the vadose zone appear to be significant sources of groundwater
contamination (Singleton et al. 2005). Groundwater samples generally fell in a range between synthetic
nitrate and natural nitrate found in uncontaminated vadose zone core. Three groundwater samples
collected near tank farms showed isotopic values within the range of contaminated vadose zone core
collected near tanks TX-104 and T-106. However, the signature from the high-activity waste is not seen
in most of the groundwater samples. One other sample collected close to the Columbia River fell in the
high δ15N, low δ18O range of the high-activity waste. The reason is unknown but may be the result of
denitrification.(c)

7.5

Strontium

Recent studies of strontium isotopes have provided information on water and rock interactions and
recharge across the Hanford Site. Singleton et al. (2006) measured 87Sr/86Sr ratio in groundwater samples
throughout the site. The systematic variations provide constraints on groundwater recharge and
weathering rates in the saturated zone. The site-wide pattern of increasing 87Sr/86Sr ratios from west
(upgradient) to east (downgradient) results from weathering of the aquifer sediments and recharge from
the vadose zone. The upgradient lower ratios result from weathering of the Columbia River Basalts while
the Hanford and Ringold Formation sediments have higher ratios. Discharge of wastewater having
Columbia River origins from Hanford Site operations is superimposed on the regional trend. In addition,
areas of lower 87Sr and 86Sr suggest an upwelling from the upper basalt-confined aquifer. A steady-state
reactive strontium transport model was used to provide recharge estimates of 0-1.4 mm/year near the
western boundary of the site and up to 30 mm/year in the central part of the site. The modeled average
bulk rock weathering rate was 107.5 g/(g/year).
Maher et al. (2003) inferred the recharge rate from strontium isotope measurements on the same
sediment samples investigated for oxygen and hydrogen isotopes reported by DePaolo et al. (2004). The
rate of change in 87Sr/86Sr ratio in pore water is a measure of the ratio of the fluid strontium flux to the
(c)

Denitrification is the process of reduction of nitrate or nitrite to gaseous products, such as nitrogen gas. The
process results from the presence of certain strains of denitrifying bacteria.
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local soil dissolution flux. By measuring 87Sr/86Sr ratios in both the fluid and the sediments, the ratio of
the weathering rate to the fluid flux can be calculated. The method provides an average of the infiltration
rate over a time period on the order of hundreds of thousand years. The authors estimated bulk
weathering rates from published rates for similar soils derived from granitic terrain in California. The
weathering rates were applied based on the mineralogy and age of the sediment in the core. The
steady-state model gave an infiltration flux of 7 ± 3 mm/year. The non-steady state model allows for a
larger range in infiltration flux but the average value was 4 to 10 mm/year. The resulting transit time for
diffuse infiltration water from the surface to the water table was 600 to 1,600 years.

7.6

Uranium

Maher et al. (2006) expanded on the strontium isotope work of Maher et al. (2003) by combining
uranium isotopic measurements with the strontium isotopic measurements. The 234U/238U ratio, when
combined with the 87Sr/86Sr ratio, constrains the weathering rates in the subsurface. Uranium in groundwater and pore water is enriched in 234U due to alpha recoil loss from mineral surfaces. Conversely, the
mineral surface layer is depleted in 234U. The overall compositions are therefore a function of the alpha
recoil rate and the bulk mineral dissolution. The ratio of dissolution rate to infiltration flux determined
from 87Sr/86Sr ratios was assumed to apply to the uranium system and the combined uranium and
strontium systems were modeled, giving an infiltration rate of 5 ± 2 mm/year. As with the strontium
isotopic model, this is considered to be a long-term (ca. 10,000- 15,000 year) average values for diffuse
recharge. The model dissolution rate is approximately a factor of 1.4 times lower than the rate used by
Maher et al. (2003).
Uranium isotopic ratios have also been used to distinguish contaminant sources. In some areas of the
Hanford Site, significant quantities of uranium were released to the environment from liquid disposal or
tank leaks. Uranium reactor fuel used at the Hanford Site had a range of enrichments and varying reactor
exposure produced near-linear trends in 236U/235U ratios for the different fuel types (Watrous and Wootan
1997; Wootan and Finfrock 2002). Most of the fuel was natural-abundance (unenriched) uranium but
several different enrichments were used in later production. Although the enrichment was aimed to
increase the amount of 235U, 234U was also enriched through the mass separation process. As uranium
undergoes fission in nuclear reactors, the isotopic composition is altered. The most significant effects are
through “burnup” and neutron capture of 235U. Neutron capture produces 236U which does not occur in
nature to any appreciable extent. Thus, the presence of 236U is indicative of an anthropogenic
contribution.
Dresel et al. (2002) measured uranium isotopic ratios in groundwater from across the Hanford Site.
This work used quadrupole inductively coupled mass spectrometry (ICP-MS). Most samples had
236
U/235U ratios indicative of spent unenriched aluminum-clad reactor fuel. Significant features of the
uranium isotopic data are as follows:
• Samples from the 100-K Area showed a component of enriched fuel mixed with either natural
abundance fuel or background uranium.
• One sample collected near the 316-4 crib in the 600 Area had isotopic abundances indicative of
depleted uranium, distinct from Hanford reactor fuel. This crib received research waste from the
300 Area where research, including research using depleted uranium, was performed.
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• One sample from the southern part of the Hanford Site was enriched in 235U and 234U with the
235U isotopic abundance of 0.0195 (atoms of 235U per total atoms of uranium) indicative of
enriched fuel. This sample was collected downgradient of an off-site commercial fuel fabrication
facility.
• Samples from the vicinity of the WMA B-BX-BY were indicative of unenriched aluminum-clad
reactor fuel as was processed at B Plant.
• Samples from the vicinity of the 216-B-5 injection well are consistent with early B Plant fuel; this
finding is consistent with the operation of the facility.
• Samples from the area south of the Hanford Site and north of the city of Richland well field did not
have detectable 236U. Because there is a uranium plume in the 300 Area north of these sample
locations, the data support the contention that contaminants are not migrating offsite in this area.
Christensen et al. (2004) used multi-collector magnetic sector ICP-MS to obtain high-precision
uranium isotopic ratios in groundwater and vadose zone samples collected near the WMA B-BX-BY.
The vadose samples were collected from borings 299-E33-45 near tank BX-102 and 299-E33-46 near
tank B-110. The highest-concentration water extract samples from each vadose zone core formed a
distinct cluster when 236U/238U is plotted against 238U/235U or 234U/238U. Because of the elevated uranium
concentrations relative to background values, these clusters are considered to represent contaminant end
members with minimal impact from mixing with background uranium. Lower concentration samples in
the profile trend along a mixing line with natural abundance uranium in the case of 236U/238U vs.
238
U/235U. The 236U/238U vs. 234U/238U trends form mixing lines with 234U/238U between the contaminant
values and an end-member with elevated 234U/238U, consistent with samples from a background core
collected in the 200 West Area that had no observable uranium contamination. The elevated 234U/238U
ratio in the uncontaminated sediments results from the alpha-recoil contribution to 234U, as discussed
above.
Groundwater samples are consistent with mixing between the well 299-E33-45 vadose zone contamination (near the BX-102 tank) and background groundwater (Christensen et al. 2004). The groundwater
background 234U/238U is elevated relative to the vadose zone samples as is expected due to longer time for
water-rock interaction. Of note, the highest-concentration groundwater samples closely approach the
isotopic composition of the well 299-E33-45 vadose plume. The range in uranium isotopic ratios
calculated for B Plant processed fuel is very large compared to the range seen in the well 299-E33-45
vadose zone and the high-concentration groundwater samples. Thus, the data are consistent with a
groundwater contamination source from tank BX-102. However, in the absence of samples, another
source with identical uranium isotopic composition cannot be completely ruled out. One groundwater
sample, from well 299-E33-32, falls somewhat off the mixing lines, suggesting a possible second
contaminant source. However, the uranium concentration in this sample is low so it is unlikely that this
possible source is a major contributor to the groundwater uranium plume.

7.7

Fission Product Signatures

Nuclear fission in Hanford Site reactors produced a wide array of fission isotopes. These fission
isotopes are typically neutron-rich and beta decay to stable elements of equal mass along their isobars.
The half-lives for the beta decay range from fractions of a second to greater than 10 million years. In
addition to the fission products, the high neutron flux in the reactors produced an array of activation
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products through neutron capture. The neutron capture produces heavier isotopes of the same element. In
some instances, these isotopes undergo further neutron capture, beta decay, or alpha decay to produce
different elements/isotopes.
Evans et al. (2002) investigated vadose zone transport beneath WMA S-SX through fission product
isotopic signatures in 1:1 sediment/water extracts and nitric acid extracts of sediment samples collected
beneath the tank farm using quadrupole ICP-MS. The work focused mainly on the core from a slant
borehole emplaced beneath tank SX-108 (Serne et al. 2002b). This borehole encountered very high levels
of tank-related contaminants. Isotopic analyses of 133Cs, 135Cs, and 137Cs showed significant contribution
of background 133Cs in the acid extracts and fairly constant ratios of the fission products 137Cs/135Cs,
although two peaks in 137Cs concentrations were present (Serne et al. 2002b). The isotopes 95Mo, 97Mo,
98
Mo, and 100Mo are formed through fission, as well as being present in natural molybdenum. Evans et al.
(2002) used isotopes with no significant fission yield to calculate the percent fission component for the
four fission isotopes. Fission molybdenum dominated the highest concentration water leach samples.
Measurements of iodine isotopes showed two peaks with differing 129I/127I ratios. Evans et al. (2002)
measured stable 82Se as a surrogate for radioactive 79Se. Although 82Se may be naturally occurring or a
fission product, the distribution with depth indicates an association with tank waste and suggests that it is
a fission product (Evans et al. 2002). With that assumption, 79Se activities were calculated based on the
235
U fission yield.
Dresel et al. (2002) investigated a variety of fission products in Hanford Site groundwater, also using
quadrupole ICP-MS. Isotopic ratios of ruthenium and molybdenum were reported. Isotopic analyses of
101
Ru, 102Ru, and 104Ru from the vicinity of the BY cribs in the 200 East Area indicated fission products
dominated the ruthenium isotopic signature. The isotopic ratios were distributed near the expected
mixing line between the 235U and 239Pu fission end-members. Thus, the ruthenium isotopic ratios should
be quite sensitive to reactor conditions. No fission component was seen in the molybdenum analyses,
which suggests that the fission molybdenum was separated from the waste stream because a shift in ratios
from the natural abundance would likely have been seen if fission molybdenum were present in
proportion to the fission ruthenium.
Brown et al. (2006a) reported further developments on the methods to determine ruthenium isotopic
ratios in groundwater and vadose zone leach samples. Samples from the WMA T vadose zone near tank
T-106 and downgradient groundwater were analyzed for ruthenium isotopic ratios. Isotopic ratios for
101
Ru/104Ru vs. 102Ru/104Ru for all samples fell near the mixing line between 235U and 239Pu fission endmembers with negligible contribution from natural ruthenium. The ruthenium isotopic ratios for the
shallow groundwater samples plotted closer to the 235U end-member than deeper depth discrete samples.
The shallow groundwater samples were close in composition to the majority of the vadose zone samples,
although two vadose samples were similar to the depth discrete samples. These results were considered
preliminary because the focus of Brown et al. (2006s) was on method development. However, the
ruthenium isotope analyses suggest a relationship between the vadose zone contamination near tank
T-106 and the shallow groundwater contamination (Brown et al. 2006a).
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Plutonium

Weapons-grade plutonium was the main product of Hanford Site operations, although other grades
were also produced. Weapons-grade plutonium is dominantly 239Pu containing less than 7 wt% 240Pu
(DOE 1996). In addition, fuel-grade plutonium (7% to 19% 240Pu) was produced. The 240Pu content
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increases with increasing reactor exposure, as does 241Pu and 242Pu to a lesser extent. The 240Pu content of
the Hanford product varied with time as the process was optimized and likely, in some cases, to meet
special objectives. The plutonium isotopic composition of fuel batches processed at the Hanford Site
have been calculated by Wootan and Finfrock (2002) and Watrous and Wootan (1997). The standard
alpha spectroscopy method for plutonium analysis used in the majority of Hanford groundwater and
vadose zone monitoring cannot distinguish 240Pu from 239Pu, and therefore the diagnostic isotopic ratio is
not determined.
Dresel et al. (2002) used quadrupole ICP-MS to measure plutonium isotopes in groundwater collected
near the 216-B-5 injection well in the 200 East Area. Detection limits were significantly improved over
alpha spectroscopy and the 240Pu/239Pu atom ratio was determined on the higher concentration samples.
The 240Pu/239Pu atom ratios were extremely low (0.013 to 0.017) and in agreement with the calculated
composition of the source fuel (0.014) processed at B Plant between 1944 and 1947.
Dai et al. (2005) used thermal ionization mass spectrometry to investigate colloidal and other
transport mechanisms for plutonium in 100-K Area groundwater. The total plutonium concentrations
were extremely low (10-4 to 10-6 pCi/kg). Only 7% to 29% of the plutonium was associated with colloids
and that plutonium was in the reduced oxidation states Pu(III) or Pu(IV). The sub-colloidal size fraction
(<1 kDa) contained 40% of the 239Pu in the reduced states Pu(III) or Pu(IV). Colloidal transport of
plutonium did not appear significant because the concentrations of plutonium and the fraction associated
with colloids decreased downgradient. A water sample from the Columbia River had 240Pu /239Pu atom
ratio consistent with global fallout (~0.18). Plutonium downgradient from the K East Reactor showed
240
Pu to 239Pu atom ratios and 241Pu to 239Pu atom ratios consistent with a mixture of 100-N Reactor fuel
with fallout plutonium. At the time of the study, spent 100-N Reactor fuel was stored in the K East
Reactor fuel basin.
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8.0 Conclusions
The research summarized in this document demonstrates that considerable knowledge regarding the
geochemical behavior of Hanford tank waste in the vadose zone has been gained over the last 10 years
through field characterization, laboratory studies on tank-waste contaminated sediments, model-mineral
tank waste systems, and reactive transport modeling. It has been observed that most tank wastes released
to the vadose zone have reacted to “steady-state”- like conditions because of the long periods that they
have been in ground. Many contaminants in tank waste have been strongly retarded by adsorption and
precipitation reactions (cesium, plutonium, americium, and europium) while others have remained mobile
(molybdenum, ruthenium, selenium, and technetium). Still others show variable, waste specific behavior
(strontium, chromium, and uranium) that is closely tied to evolving pore water chemistry, and for
chromium, temporal redox conditions. The temperature of in-ground tank waste has moderated by heat
exchange with the mineral fraction, and high basicity has been neutralized through mineral hydrolysis and
secondary mineral precipitation. Rapid initial kinetic reactions have approached completion, while
slower ones have continued in response to water drainage, chemical gradients between particle interiors
and exteriors, and mineral transformations of metastable phases.
Table 8.1 lists major geochemical features of COIs, generalized to typical uncontaminated Hanford
Site groundwater. Processes suspected of facilitating the far-field migration of immobile radionuclides,
such as formation of stable aqueous complex formation and mobile colloids,(a) were found to be potentially operative, but unlikely to occur in the field. An exception is the enhanced migration of 60Co
facilitated by the formation of highly stable aqueous-cyanide complexes. Certain fission-product
oxyanions (e.g., technetium [TcO4-], selenium [SeO42-], molybdenum [MoO42-], and ruthenium [RuO4-])
are the most mobile of tank waste constituents because of the following factors:
• Adsorption is suppressed by large concentrations of tank waste anions (e.g., NO3-, OH-, and CO32-)
• Surface charge of clay-size minerals is negative and will therefore tend to repel anions
• Unlike chromium, their less-soluble, less-mobile reduced forms are unstable in oxidizing environments.
Results of Hanford Site geochemical studies are used to gain an understanding of the future migration
potential of tank waste residuals in the deep vadose zone and risks posed by mobile contaminants to
groundwater. This information is used to develop conceptual models that incorporate important features,
events, and processes controlling fluid flow and contaminant migration at a specific field site and in the
context of a specific problem. In situations where understanding of the important features, events, and
processes is incomplete, basic science studies can be conducted to improve the understanding of the
detailed mechanisms and complexities affecting the interactions of waste solutions that leaked from the
single-shell waste tanks into vadose zone sediments. After the conceptual model is developed, risk
assessment modeling can proceed. Risk assessment models are the primary tools used in making
remedial action decisions and developing appropriate remediation strategies.
For various reasons, risk assessment models typically use various approximations to represent the
conceptual model developed for the site. For example, complex stratigraphy (layering of the different
types of sediments) can be approximated using only a few strata to represent many adjacent strata that do
(a)

Aquatic particles of an ill-defined nature with diameters in the range of 1 nm to 1μm.
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not differ significantly in geochemical or hydrologic properties. Adsorption is frequently approximated
using empirical distribution coefficients (Kds). Although the use of empirical distribution coefficients can
potentially lead to erroneous results under certain conditions where the vadose zone geochemistry is
highly variable, this approach can produce adequate results if properly used. This requires the application
of sound geochemical principals, combined with adequate characterization data and appropriate input data
for the contaminants of interest. To assure the risk assessments adequately account for important
geochemical processes, the guidance of an experienced and knowledgeable geochemist who can properly
evaluate important site-specific geochemical issues is required.
Table 8.1. Major Geochemical Features of Contaminants of Interest, Generalized to Typical
Uncontaminated Hanford Site Groundwater

Contaminant
of Interest

Oxidation
States

Am

+3

Cs
Cr

+1
+3, +6

I
Np

-1, 0, +5
+4, +5

Nitrate
(NO3-)
Pu

+5

Dominant
Dissolved
Species
AmCO3+,
Am(CO3)2Cs+
CrO42INpO2+,
NpO2CO3NO3-

Solubility in Potential Solubility
Pore Water Controlling Phases
Low

AmOHCO3
Am2(CO3)3

High

High
Low for
Cr(OH)3,
Cr(III), high Fex-Cr1-x(OH)3
for Cr(VI)
High
High

Generally low
Low

High

Very low

Se
Sr

+4, +6
+2

PuO2+,
PuO2OH0,
PuO2(CO3)22SeO42Sr2+

Tc

+4, +7

TcO4-

High

U

+4, +6

UO2(CO3)22-,
UO2(CO3)34-,
Ca2UO2(CO3)30

Low to
moderate

Sb
Co

+3, +5
+2, +3

Sb(OH)6Co2+

High
Generally
low

Eu

+3

Low

Sn
Hg

+2, +4
0, +1, +2

EuCO3+,
Eu(CO3)2Sn4+, SnO32Hg(OH)20,
HgCl20

+3, +4, +5,
+6

Adsorption(a)

Low

PuO2·xH2O

High
High

Ca1-xSrxCO3

Low
High

(a) See Appendices B and C for quantitative Kd values.
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Various

Co-precipitates
with Fe and Mn
oxides
EuOHCO3
Eu2(CO3)3
SnO2

High
Low for +6
oxidation state

High

Low
Moderately
high
Very low for
+7 oxidation
state
Low to
moderate for
+6 oxidation
state
Low
High

High
Low
High

Primary
Adsorbing
Phases
Many
minerals
Clays
Fe oxides

Fe oxides,
clays

Many
minerals

Clays

Fe oxides,
clays

Fe and Mn
oxides, clays
Many
minerals
Little data
Metal oxides

9.0 Additional Data and Research Needs
Collaborative laboratory studies conducted through PNNL’s Vadose Zone Characterization Project
and basic-science geochemical studies are expected to continue to provide information to further refine
the conceptual models used for risk assessment modeling. Results of these studies can be used to help
ascertain uncertainties associated with the refinement of the conceptual models for contaminant migration
in the vadose zone beneath the SST WMAs. Results can also provide improved parameterization, such as
distribution coefficients (Kd), and mathematical constructs used by modelers to predict contaminant
mobility under these conditions, and to decrease the degree of conservatism incorporated in these models.
One of many important future challenges for Hanford’s tank farms is to accurately project the future
migration potential of tank waste residuals in the deep vadose zone and the risks posed by mobile
contaminants to groundwater. Such projections provide the basis for remedial action decisions, and the
development and testing of appropriate remediation strategies. The following fundamental geochemical
science needs for the Hanford vadose zone are deemed critical to that end.
• Microscopic chemical speciation, mineral residence, and spatial location of reactive, semi-mobile
contaminants (e.g., uranium and chromium) in deep vadose zone plumes originating from different
tank waste types.
• New understanding of the adsorption process of U(VI) to deep vadose zone sediments of variable
texture and calcite content over the pH range of 7-10, and better linked aqueous-surface speciation
models and associated parameters for reactive transport calculations.
• Effects of low and variable water saturation on contaminant desorption (or dissolution) and
adsorption rates of weakly [e.g., 99Tc(VII)O4-] and more strongly sorbing [U(VI) and 129I species]
contaminants for sediment textures ranging from gravel to silt.
• Characterizing long-term contaminant sequestration (including the nature of products formed and
their kinetic reversibility) resulting from slow-subsurface processes including microbiologic activity,
microscopic transport, and intragrain reaction; and mineralogic transformation reactions of metastable
phases (aluminosilicates and feldspathoids).
• Reactions controlling pore water composition in different lithologic units and facies types at different
water contents and times, and strategies to simulate and predict the composition.
• Mass transfer processes controlling apparent reaction rates, contaminant distributions, and advective
transport at different scales ranging from macroscopic to mesoscopic, causal factors, and modeling
strategies.
While this data package is focused on geochemical processes that control the migration of tank wastes
in Hanford’s vadose zone, water migration is the essential transport vector that controls the migration
pathway and the nature and properties of the sediments to which the waste fluids are brought in contact
with for geochemical reaction. As for geochemical reaction, the understanding of unsaturated water
migration combined with geochemical reaction through Hanford’s geologically complex vadose zone has
dramatically improved over the last 10 years (e.g., Ward et al. 2006a; 2006b), along with recognition of
the important role of thin, fine-grained sediment layers in inducing horizontal anisotropy and lateral water
flow (Pace et al. 2004; Ward et al. 2006a, 2006b).

Improved hydrologic models (Raats et al. 2004; Zhang et al. 2003), when coupled with geochemical
models for the processes described herein and as may be evaluated in future research, hold great promise
for more accurate and realistic predictions of the future migration of tank waste residuals in Hanford’s
vadose zone.
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Appendix A
Environmental Geochemistry of Key Contaminants of Interest
A.1 Purpose
The purpose of this appendix is to provide a brief summary of the key geochemical processes
affecting the mobility of contaminants of interest (COIs) in sediments.(a) The COIs included for
discussion in this section (241Am, 137Cs, chromium, 129I, 237Np, nitrate, 239/240Pu, 79Se, 90Sr, 99Tc, uranium,
125
Sb, 60Co, 152/154Eu, 126Sn, and mercury) are generally constituents that have large inventories, have long
half-lives for those that are radioactive, and/or move rapidly through sediments and groundwater and thus
have high-intrinsic potential for risk impacts. The COIs include key contaminants of concern for tank
waste through the groundwater pathway (99Tc, 129I, uranium, nitrate, chromium, and mercury) and
inadvertent intruder scenario (90Sr, 126Sn, 137Cs, uranium, 237Np, 239/240Pu, and 241Am) (Mann 2005;
Volume 1, Chapter 17). The radionuclides 125Sb, 60Co and 152/154Eu were included because they were
identified by spectral gamma logging in Waste Management Area (WMA) B-BX-BY (DOE-GJPO 1998).
The radionuclide 79Se was indicated to be a potential contaminant of concern in Mann et al. (2001).
Most of the information given below was taken from more detailed reviews prepared by KM Krupka,
which are published in Napier et al. (2005), Krupka and Serne (2002), and EPA (1999b, 2004). The
concentrations and mobility of contaminants in surface and subsurface geologic systems(b) are controlled
by numerous hydrologic and geochemical processes. These primarily include the amount and nature of
contaminants present at the source; the rate of their release from the source; hydrologic factors, such as
dispersion, advection, and dilution; and geochemical processes, such as aqueous complexation,
oxidation/reduction (redox), adsorption/desorption and ion exchange, precipitation/dissolution, diffusion,
colloid-facilitated transport, and anion exclusion. The impact of these geochemical processes relative to
contaminant transport below the single-shell tank (SST) WMAs is discussed in the main body of this data
package. Further background information regarding these geochemical processes is given by Appelo and
Postma (2005), Baes and Mesmer (1976), Deutsch (1997), Garrels and Christ (1965), Langmuir (1997),
Lindsay (1979), Morel (1983), Nordstrom and Munoz (1985), Sposito (1989, 1994), Stumm and Morgan
(1981), Yariv and Cross (1979), and others, and the references cited therein.
Adsorption/desorption (including ion exchange) and precipitation/dissolution (including
coprecipitation(c)) are considered the most important geochemical processes affecting the interaction of
contaminants with sediments and soils. Adsorption/desorption will likely be the key geochemical process
controlling contaminant retardation in areas where trace concentrations of dissolved contaminants exist,
(a)

The terms “soil” and “sediment” have particular meanings, depending on the reader’s technical discipline. For
example, “soil” is often limited to referring to the top layer of the Earth’s surface, suitable for plant life. The term
“sediment” is usually reserved for transported and deposited particles derived from soil, rocks (such as the sediments
at the Hanford Site), or biological material. In this report, the term “sediment” is also used as a general term to refer
to all unconsolidated geologic materials. Soil from the Hanford perspective should refer to unconsolidated material
at/near ground surface that supports plant life.
(b)
Surface and subsurface systems include soils, sediments, surface waters, sediment and soil pore waters, groundwaters, and geological rock formations.
(c)
Coprecipitation refers to the incorporation (absorption) of a trace concentration of element during precipitation of
a phase that does not normally contain that element as a required structural component.
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such as those associated with far-field environments of SST WMAs disposal facilities. Precipitation/
dissolution is more likely to be an important process where elevated concentrations of dissolved radionuclides exist, such as in the near-field environment of the SSTs or where steep pH, redox, or concentration gradients exist. Throughout this appendix, “sorption” will be used as a generic term devoid of
mechanism, and used to describe the partitioning of dissolved aqueous-phase constituents to a solid
phase. When a contaminant is associated with a geologic material, however, it is commonly not known if
the contaminant is adsorbed onto the surface of the solid, absorbed into the structure of the solid,
precipitated as a three-dimensional molecular structure on the surface of the solid, or partitioned into the
organic matter (Sposito 1989). The term “sorption” encompasses all of the above processes.

A.2 Calculation of Eh-pH Diagrams
The Eh and pH conditions and associated complexation reactions are key parameters for
understanding the environmental behavior of COIs. To show the impact of these parameters on the
geochemistry of the COIs, the distributions of dominant aqueous species and potential solubility controls
for the environmentally important oxidation states for COIs were calculated as a function of pH and Eh
using computer modeling-based equilibrium thermodynamic principals. The results of these speciation
and solubility calculations are graphically presented in this appendix for each COI as Eh-pH (or Pourbaix)
diagrams. Figure 5.1 shows those Eh and pH regions on an Eh-pH diagram that are considered oxidizing,
reducing, and transition environments, such as mildly reducing, in the following discussions. Included on
the diagram is a dark yellow area (ellipse) that shows the general pH-Eh region expected for pore water in
the vadose zone and groundwater from the upper unconfined aquifer not affected by waste release. Light
yellow shaded area in Figure 5.1 shows the expected pH-Eh region for vadose zone pore water that was
affected by tank waste. Generally, the Eh values for vadose zone pore waters are expected to be oxic.
The theory behind the calculation of Eh-pH predominance diagrams is discussed by Garrels and
Christ (1965), Langmuir (1997), Nordstrom and Munoz (1985), and others. The Eh-pH diagrams were
calculated at 25°C (298 K) and 1 atm pressure using the The Geochemist’s Workbench® (Version 6.0.4)
software package and the expanded thermodynamic database file “thermo.com.V8.R6+.dat” provided
with the software package. The Lawrence Livermore National Laboratory (LLNL) developed the
thermodynamic database file originally for use with the EQ3/6 geochemical model. This database
includes the thermodynamic values for the uranium and americium species given, respectively, in the
extensive reviews by Grenthe et al. (1992) and Silva et al. (1995). However, the database file predates
publication of the extensive reviews of thermodynamic values for technetium species by Rard et al.
(1999), neptunium and plutonium by Lemire et al. (2001), selenium by Olin et al. (2005), and related data
updates in Guillaumont et al. (2003).
The Eh-pH diagrams presented below are meant for demonstration purposes only to show general
aspects of the dominant aqueous species and potential solubility controls for each COI with respect to pH,
Eh, and presence of inorganic complexing anions. To show the impact of dissolved bicarbonate (HCO3-)
on the calculated aqueous speciation, the total bicarbonate activity was assumed to equal approximately
twice the total alkalinity (given as 67.5 mg/L CO32-) measured for an uncontaminated groundwater from
the Hanford Site by Kaplan et al. (1996). The Geochemist’s Workbench® software package calculates Eh
pH diagrams for the speciation of a dissolved element (e.g., uranium) using input values of “activity,”
which is often referred to as an “effective concentration” (Krauskopf 1979), for the concentration of the
element of interest. The following Eh-pH diagrams are used to display the stability fields for the
dominant aqueous species and potential solubility-controlling solid(s) for each COI based on available
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thermodynamic database. Therefore, the concentrations of COIs, cations, and anions were used for the
sake of simplicity as “activity” input values for the Eh-pH speciation calculations.
The impact of organic compounds present in the SSTs or naturally present in the subsurface on COI
mobility is discussed in the main text, and is not included in following discussions and aqueous
speciation-solubility calculations. Thermodynamic data and numerical models are also generally not
available for predicting the extent of coprecipitation of COIs with primary or secondary minerals present
in the subsurface. The importance of such processes in Hanford sediments are summarized in the
discussions of Hanford Site-related studies in the main body of the text. Because thermodynamic data
typically do not have the resolution to distinguish among different isotopic forms of radionuclidecontaining aqueous species or solids, geochemical modeling calculations do not provide any information
on the distribution of the different radionuclide isotopes present in the aqueous, gaseous, or associated
solid phases. However, in most situations, it is expected that most isotopes of a particular element will
react in the same manner.
Each Eh-pH diagram in this appendix contains dashed black lines from coordinates (Eh 1.2 V–pH 0)
to (Eh 0.4 V–pH 14) and from (Eh 0.0 V–pH 0 to Eh -0.8 V–pH 14) that represent the Eh-pH boundaries
for the dissociation of water to its gaseous components at 25°C and 1 atm pressure. At Eh-pH values
above the upper black dashed line, water breaks down to oxygen gas. At Eh-pH values below the lower
black dashed line, water breaks down to hydrogen gas. The redox conditions for essentially all environmental systems occur in the region within these water-stability limits. With the exception of nitrate, all
diagrams were calculated based on activity of 10-8 M. This activity was selected to represent trace
concentrations. At trace concentrations, the stability relationships between dissolved species do not
change significantly with changes in the concentrations of the metal or radionuclide of interest; however,
changes in the concentrations of the metal or radionuclide of interest can significant impact on the
stability fields of solid phases. For nitrate an activity of 10-2 M was used to calculate the diagrams. This
concentration was used to more realistically reflect values that occur in the vadose zone pore waters
impacted by tank waste.

A.3 Americium-241
The environmental behavior of americium has been reviewed by Silva and Nitsche (1995), Coughtrey
et al. (1984), Onishi et al. (1981), Ames and Rai (1978), and others. Americium-241 has a half-life (t½) of
432.7 years (Tuli 2004). Moulin et al. (1988, 1992) review the aqueous speciation of Am(III) in natural
waters and in the presence of humic substances in natural waters, respectively. Silva et al. (1995) have
published an extensive, detailed critical review of the chemical thermodynamics of americium aqueous
species and solids. Americium can exist in the +3, +4, +5, and +6 oxidation states; however, Am(III) is the
most stable and important oxidation state in environmental systems. The higher oxidation states are strong
oxidizing agents and stable only in systems containing no oxidizable compounds (Ames and Rai 1978).
Figure A.1 is an Eh-pH diagram that shows the dominant aqueous species of americium calculated at
25°C using a total activity of 1×10-8 M dissolved americium. Americium is present in the +3 oxidation
state in all of the dominant species predicted to be stable for the Eh-pH region of environmental interest.
The uncomplexed ion Am3+ is the dominant aqueous species at moderately to highly acidic conditions.
At near neutral to alkaline pH conditions, Am(III) carbonate complexes will dominate the aqueous
speciation of Am(III) (Figure A.1). Aqueous complexes, such as Am(CO3)33-, will be increasingly
important with increasing concentrations of dissolved carbonate at alkaline pH conditions. In sediments,
studies indicate that Am(III) may also form strong complexes with humic substances (Moulin et al. 1992).
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Figure A.1. Eh-pH Diagram Showing Dominant Aqueous Species of Americium. (Diagram was
calculated at a total activity of 1×10-8 M dissolved americium at 25°C.)
Concentrations of dissolved Am(III) in sediment environments may be controlled by the precipitation
of hydroxide or carbonate solids in some systems (e.g., Felmy et al. 1990; Vitorge 1992; Silva 1984). In
the Eh-pH region defined by the tan-colored area in Figure A.2, the solid Am(OH)3 calculates to be
oversaturated based on the available thermodynamic data and the americium and ligand activities used for
Figure A.1. Under these Eh-pH conditions (tan-colored area in Figure A.2), Am(OH)3 may precipitate to
limit the maximum concentration of dissolved Am(III) in sediment. With increasing pH and dissolved
carbonate concentrations, solids such as AmOHCO3 and Am2(CO3)3 will be the likely solubility controls
for dissolved Am(III). Vitorge (1992) used thermodynamic calculations to predict the stability domains
of these Am(III) solids as a function of pH and dissolved carbonate.
Most sorption studies indicate that Am(III) readily sorbs to sediments, pure minerals, and crushed
rock materials and exhibits high Kd values that are often in the range of 1,000 to greater than
100,000 mL/g. Americium(III) is, therefore, considered one of the most immobile actinide elements in
the environment. In their review of Kd values for Hanford COIs, Cantrell et al. (2003) characterized
americium as a contaminant with high Kd values (see discussion in main text). An extensive review of
Am(III) sorption studies is presented in EPA (2004). Americium(III) adsorption studies published before
1984 have been reviewed by Coughtrey et al. (1984), Onishi et al. (1981), and Ames and Rai (1978). The
concentrations of dissolved Am(III) may be controlled in some sediment systems by precipitation of
hydroxide or carbonate solids. Therefore, some sorption measurements resulting in very high Kd values
may have been affected by the precipitation of an Am(III) solid (EPA 1999a).
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Figure A.2. Diagram Showing Eh-pH Region (tan colored) that Calculates to be Oversaturated with
Respect to the Solubility of Am(OH)3. (Diagram was calculated at a total activity of
1×10-8 M dissolved americium at 25°C.)
The adsorption of Am(III) is strongly pH dependent and increases with increasing pH with peak
adsorption occurring between pH values of 5 and 6 (EPA 2004). This observed pH dependence is
expected because the dominant aqueous species of Am(III) in the pH range of natural waters are primarily
Am3+ and cationic carbonate and hydroxyl complexes at acidic and basic pH values, respectively
(Figure A.1). Americium(III) is more mobile at low to moderate pH values where the net surface charge
on minerals becomes more positive and in high ionic strength solutions. Adsorption of Am(III) might
decrease in the pH values greater than 10 due to the dominance of the anionic complex Am(CO3)33(Figure A.1). However, the tendency of Am(III) to strongly sorb to sediment and soil particles suggests
that there is potential for colloid-facilitated transport of Am(III). For example, studies by Sheppard et al.
(1979), Penrose et al. (1990), and Kaplan et al. (1994) have shown colloid-facilitated transport of Am(III)
in certain systems.

A.4 Cesium-137
The environmental behavior of cesium has been reviewed by others, such as EPA (1999b), Lieser and
Steinkopff (1989a), Onishi et al. (1981), and Ames and Rai (1978). The half-life (t½) for 137Cs is
30.07 years (Tuli 2004). Cesium exists in environment systems in the +1 oxidation state. The aqueous
speciation of cesium is relatively simple compared to the other contaminants considered in this summary.
Cesium will exist predominately as the uncomplexed aqueous Cs+ ion across the full pH-Eh range of
aqueous systems. Cesium does not form any important aqueous complexes with ligands and organic
matter found in natural systems. Cesium-containing solids are highly soluble in aqueous systems.
Therefore, the precipitation and coprecipitation of cesium-containing solids are not important processes in
controlling the concentration of dissolved cesium in environmental systems.

A.5

Cesium sorbs rather strongly to most minerals (i.e., large Kd values). A large body of data for cesium
adsorption onto Hanford sediment exists. Cantrell et al. (2003) characterized cesium as a contaminant
with high Kd values (see discussion in the main body of text). The sorption of cesium is reviewed in
detail in EPA (1999b). Cesium sorption occurs primarily by ion exchange in most sediment systems
except when mica-like minerals are present. On certain mica-like clay minerals, such as illite
{(K,H3O)(Al,Mg,Fe)2(Si,Al)4O10[(OH)2,H2O]} and vermiculite [(Mg,FeII,Al)3(Si,Al)4O10(OH)2·4H2O],
cesium sorption results in the selective fixation of cesium between structural layers of these minerals.
Some researchers have considered the exchange of trace cesium on these mica-like clays to be nearly
irreversible (see Douglas 1989 and references therein). The extent to which cesium sorbs by this process
will depend on the concentration of mica-like clays in the sediment, and the concentration of major
cations, such as K+ (EPA 1999b). The K+ can effectively compete with Cs+ for ion exchange sites
because its hydrated ionic radii are similar and smaller than those for the other alkali and alkaline earth
ions. Cesium may also adsorb to iron oxides by complexation of cesium to surface mineral sites whose
abundance is pH dependent (Schwertmann and Taylor 1989). The sorption of cesium to humic
substances is generally quite weak (Bovard et al. 1968). Because cesium readily sorbs to minerals, there
is a potential for colloid-facilitated transport of cesium that is sorbed on colloidal-size particles of
sediment minerals.

A.5 Chromium
The behavior of chromium in environmental systems has been reviewed extensively by Bartlett and
Kimble (1976a, 1976b), Bartlett and James (1979), James and Bartlett (1983a, 1983b, 1983c), Richard
and Bourg (1991), Rai et al. (1988), Palmer and Wittbrodt (1991), Palmer and Puls (1994), Davis and
Olsen (1995), and Zachara et al. (2004). Ball and Nordstrom (1998) present a critical review of the
thermodynamic properties for chromium metal and its aqueous ions, hydrolysis species, oxides, and
hydroxides. Chromium exists in the +2, +3, and +6 oxidation states in water, of which only the +3 and +6
states are found in natural environments. Chromium(VI) exists only under oxidizing conditions, whereas
Cr(III) exists over a wide range of pH and Eh conditions.
Chromium(VI) tends to be soluble, forms anionic or neutral dissolved species, and can be very mobile
(Nriagu and Nieboer 1988). Chromium(VI) is a strong oxidant and is rapidly reduced in the presence of
such common electron donors as aqueous Fe(II), ferrous [Fe(II)] iron minerals (e.g., magnetite [Fe3O4]
and ilmenite [FeTiO3] [White and Hochella 1989] and pyrite [FeS2] [Blowes and Ptacek 1992], reduced
sulfur, and organic matter [Bartlett and Kimble 1976; Nakayama et al. 1981]). Microbes can catalyze
these reactions.
In contrast, Cr(III) tends to precipitate, form cationic dissolved species, and become immobile in
saturated sediments under moderately alkaline to slightly acidic conditions. The oxidation of Cr(III) by
dissolved O2 and manganese oxides has been verified in laboratory experiments. The rate of oxidation of
Cr(III) by O2 is very slow (Van der Weijden and Reith 1982; Eary and Rai 1987), whereas oxidation by
manganese oxides, such as manganite (γ-MnOOH), has been determined experimentally to be fast
(Johnson and Xyla 1991).
Figure A.3 is an Eh-pH diagram that shows the dominant aqueous species of chromium predicted to
be present at 25°C and a total activity of 1×10-8 M dissolved chromium. Chromium(VI) has relatively
simple hydrolysis behavior, forming primarily anionic species including HCrO4- (bichromate) and CrO42(chromate) at pH values less and greater than 6.5, respectively, and Cr2O72- (dichromate) at higher
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Figure A.3. Eh-pH Diagram Showing Dominant Aqueous Species of Chromium. (Diagram was
calculated at a total activity of 1x10-8 M dissolved chromium at 25°C.)
concentrations of dissolved chromium (Baes and Mesmer 1976; Palmer and Wittbrodt 1991; Richard and
Bourg 1991). Chromium(VI) as chromate (CrO42-) is likely to be the dominant chromium species in the
Hanford vadose zone and upper unconfined aquifer. Chromium(III) exists predominantly as Cr3+ below
pH 4 in the Cr(III)-H2O system. With increasing pH, hydrolysis of Cr3+ yields CrOH2+, Cr(OH)2+,
Cr(OH)30(aq), and Cr(OH)4-. At higher chromium concentrations, polynuclear species such as Cr2(OH)24+
and Cr3(OH)45+ can form slowly at 25°C (Baes and Mesmer 1976). Chromium(III) complexes with
dissolved ligands such as fluoride, ammonia, and cyanide (Baes and Mesmer 1976). Figure A.3 is similar
to one in Ball and Nordstrom (1998), but their figure shows pH stability ranges for the aqueous species
Cr(OH)2+ and Cr(OH)30(aq) that are smaller and larger, respectively, than those in Figure A.3.
Generally, the concentrations of dissolved Cr(VI) in the vadose zone and unconfined aquifer are not
expected to be affected by the precipitation of Cr(VI)-containing mineral phases. Though several
Cr(VI)-containing minerals are known, they only occur at sites highly contaminated with chromium. For
example, Palmer and Wittbrodt (1991) identified PbCrO4 (crocoite), PbCrO4•H2O (iranite), and K2CrO4
(tarapacite) in chromium sludge from a plating facility. Baron et al. (1996) identified two iron-chromate
precipitates, KFe3(CrO4)2(OH)6 and KFe(CrO4)2·2H2O, in a sediment contaminated by chrome plating
solutions. Solubility and dissolution rate experiments by Baron and Palmer (1996) indicate that
KFe3(CrO4)2(OH)6 is stable over a wide range of conditions and could form in an aquifer highly
contaminated with Cr(VI).
In some sediment systems under moderately and highly reducing conditions, the concentration of
dissolved chromium may be controlled by the precipitation of Cr(III) solids. Because Cr(III) tends to
precipitate, it is considered relatively immobile under moderately alkaline to slightly acidic conditions.
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Figure A.4 shows the Eh-pH region (tan area) that calculates as oversaturated with respect to the
minerals eskolaite (Cr2O3) and brezinaite (Cr3S4) for an aqueous solution containing a total activity of
dissolved chromium of 1×10-8 M. Several investigators have presented evidence suggesting the formation
of solubility-controlling solids of Cr(III) in sediments. Hem (1977), for example, reported that the total
chromium concentration in groundwater beneath Paradise Valley, Arizona, was close to the solubility of
Cr2O3. Rai et al. (1984) concluded that most Cr(III) solubility-controlling solids in nature are either
Cr(OH)3 or Cr(III) coprecipitated with iron oxides. Sass and Rai (1987) determined that Cr(III) can
precipitate with Fe(III) to form a solid solution with the general composition CrxFe1-x(OH)3 at pH values
greater than 4.
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Figure A.4. Stability Diagram Showing Eh-pH Region (tan) that Calculates as Oversaturated with
Respect to the Solubility of Cr(III) Solids. (Diagram was calculated at total activity of
1x10-8 M dissolved chromium at 25°C.)
In laboratory studies, alkaline tank waste simulants dissolved Fe(II) from biotite and Hanford
sediments that reduced soluble, weakly adsorbed CrO42- to insoluble Cr(III) (Ginder-Vogel et al. 2005;
He et al. 2005; Qafoku et al. 2003). Chromate reduction increased with base concentration and ionic
strength, and was hypothesized in both cases to involve a homogeneous reduction pathway. Field
samples of leaked waste from beneath tank SX-108 showed an anomalous retardation profile for
chromium, which was shown through EXAFS analysis to result from the base-induced reductive
immobilization of a portion of the waste chromium as Cr(III) (Zachara et al. 2004). The resulting Cr(III)
remains immobilized in the vadose because of its extremely slow re-oxidation rate. The extent of
reduction decreased with increasing distance from the source as hydroxide was neutralized through
mineral reaction.
EPA (1999b) provides a detailed review of the available adsorption information for Cr(VI). Because
Cr(VI) exists primarily as the anion CrO42- in most oxic sediment systems, Cr(VI) does not adsorb in
sediments to any significant extent under most geochemical conditions. In their compilation of Kd values
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measured with Hanford sediments, Cantrell et al. (2003) found only a limited number of studies of Cr(VI)
adsorption. The measured Kd values for Cr(VI) on Hanford sediments range from 0 to 1, with typical
values being zero or close to zero. Cantrell et al. (2003) concluded that adsorption of Cr(VI) is very low
to nonexistent under normal Hanford groundwater conditions unless conditions are acidic. The adsorption of Cr(VI) is expected to increase with decreasing pH because dissolved Cr(VI) exists as an anionic
species. Cantrell et al. (2003) noted that the available data indicate the Kd values for Cr(VI) adsorption to
Hanford sediment under acidic conditions also increase significantly with increasing equilibration time.
Cantrell et al. (2003) speculated that this may be caused by the reduction of dissolved Cr(VI) to Cr(III) by
the slow release of Fe(II) from basaltic minerals in the Hanford sediment.
Most information on Cr(VI) adsorption in the general literature comes from studies with pure mineral
phases (Leckie et al. 1980; Davis and Leckie 1980; Griffin et al. 1977). These studies suggest that Cr(VI)
adsorbs strongly to gibbsite (α-Al2O3) and amorphous iron oxide [Fe2O3·H2O (am)] at low to medium pH
values (i.e., pH 2 to 7) and adsorbs weakly to silica (SiO2) at all but very low pH. These results can be
explained by considering the isoelectric points of these minerals. When the pH of the system is greater
than the isoelectric point, the mineral surfaces have a net negative charge. When the pH is below the
isoelectric point, the mineral surfaces have a net positive charge. Hence, anion adsorption, such as that
for chromate, iodide, nitrate, selenate, and pertechnetate, generally increases as the pH becomes
progressively lower than the isoelectric point.
The presence of competing and, less commonly, complexing ions may significantly alter chromate
adsorption. Although sulfate is adsorbed less strongly on amorphous hydrated ferric oxide than CrO42-,
sulfate may compete for adsorption sites when present in higher concentrations (Leckie et al. 1980).
Phosphate exhibits a greater competitive effect on CrO42- adsorption (MacNaughton 1977), reducing
sorption by around 50% when present at equal normality.
Adsorption of Cr(III) to sediments has received only a nominal amount of research attention, possibly
because sorption of Cr(III) by sediment is commonly attributed to precipitation processes for Cr(III)containing solids as discussed above. The limited number of published studies infer that Cr(III), like
other +3 cationic metals, is strongly and specifically absorbed by sediment iron and manganese oxides
(Korte et al. 1976).

A.6 Iodine-129
The environmental behavior of iodine has been reviewed by others, such as Lieser and Steinkopff
(1989b), Whitehead (1984), Coughtrey et al. (1983), and Ames and Rai (1978). Iodine-129 has a half-life
(t½) of 1.57×l07 years (Tuli 2004). Although the environmental chemistry of iodine is normally assumed
to be simple and well known, recent studies suggest that the fate and mobility of iodine in environmental
systems may be more complex than expected. This complexity is caused by the multiple redox states of
iodine that may exist under oxidizing conditions. The -1 (iodide, I-), +5 (iodate, IO3-), and molecular I2°
oxidation states are those most relevant for iodine in environmental systems. Iodide (I-) is expected to be
the dominant species of iodine in Hanford groundwater (Krupka et al. 2004).
Figure A.5 is an Eh-pH diagram that shows the dominant aqueous species of iodine predicted to
present at 25°C and a total activity of 1×10-8 M dissolved iodine. In most aqueous environments, iodine
is present as the iodide ion, I-. The stability range of I- extends almost over the entire pH and Eh range for
the thermodynamic stability of water. In marine and highly oxidizing environments, such as surface
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Figure A.5. Eh-pH Diagram Showing Dominant Aqueous Species of Iodine. (Diagram was calculated
at a total activity of 1×10-8 M dissolved iodine at 25°C.)
waters and some oxygenated shallow groundwaters, iodine may be present in the +5 oxidation state as the
iodate ion, IO3-. Under oxidizing, acidic conditions, molecular I20(aq) may form from the reduction of
IO3- or the oxidation of I-. The organic contents and/or microbial processes may affect the redox reactions
of iodine in sediments. For example, studies, such as Skogerboe and Wilson (1981), indicate that fulvic
acid derived from sediment is capable of reducing molecular I20(aq) and IO3- to I- under conditions
generally characteristic of natural waters.
The volatilization of iodine from sediment to the atmosphere may occur as a result of both chemical
and microbiological processes (Whitehead 1984). The chemical processes generally result in molecular
iodine or hydrogen iodide, and the microbiological processes yield organic compounds, such as methyl
iodide. Methyl iodide is not strongly retained by sediment components and is only slightly soluble in
water (Whitehead 1984).
Precipitation of iodine-containing solids is not likely to be an important process in sediments due to
the low concentrations of iodine in environmental systems and the high solubility of iodine-containing
minerals. Iodine can be found as a primary component in some rare, naturally occurring minerals that are
associated with evaporite and brine deposits (Johnson 1994; Doner and Lynn 1977). Iodide is commonly
present in substitution for other halogen elements, such as chloride and bromide, whereas iodate is
typically associated with sulfate- or nitrate-type minerals. However, such minerals are expected to be
highly soluble in sediments.
A detailed review of iodine adsorption studies is given in EPA (2004). Iodine studies published
before 1976 are reviewed in Onishi et al. (1981) and Ames and Rai (1978). The majority of these
adsorption studies pertain to the adsorption of iodide. Iodide [I(-I)] is expected to be the dominant species
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of iodine in Hanford groundwater. The Kd values listed in the compilation by Cantrell et al. (2003) for
Hanford sediments generally indicate relatively low adsorption for iodide. Under typical Hanford Site
groundwater conditions, Kd values range from approximately 0 to 2 mL/g with a range of 0 to 0.2 mL/g
being most typical. Consistent with anionic adsorption in general, acidic conditions appear to increase
I(-I) adsorption; however, sufficient data are not available to make a firm conclusion. Also, long
equilibration periods (>100 days) result in a non-linear increase in Kd values with time. The reason for
this is unclear, but it is speculated that microbial activity may have played a significant role in this
phenomenon. However, such conditions are not considered consistent with typical Hanford Site
groundwater conditions.
Adsorption of iodine species appears to be controlled in part by sediment organic matter and in part
by iron and aluminum oxides, with the adsorption of iodine becoming increasingly important under more
acidic conditions. Numerous studies have been conducted in which Kd values for iodide adsorption on
sediment (Kaplan et al. 1996, 1998a, 1998b, 2000a, 2000b; Fukui et al. 1996; Bird and Schwartz 1996;
Serne et al. 1993; Muramatsu et al. 1990; Sheppard and Thibault 1988; Gee and Campbell 1980). The
results of these published studies suggest that the adsorption of iodide increases with increasing sediment
organic matter, but the majority (>90%) of the reported Kd values for iodide are limited to sediments
containing less than 0.2 wt.% organic matter contents.
Some iodine sorption studies suggest that the oxidation state of iodine may have an impact on the
observed sorption behavior of iodine in sediments. Although the extent of sorption is typically low,
especially in systems containing little or no organic matter, I- and IO3- are sorbed to a measurable extent
by sediments and some oxide and sulfide minerals at near neutral and alkaline pH conditions. Values of
Kd for iodide have been reported in the range from 1 to 10 mL/g for the pH range from 4 to 10, but most
of the reported Kd values are typically less than 3 ml/g. The adsorption behavior of IO3- also appears to
be appreciably different from that of I-, in that IO3- sorbs much more strongly than I- to sediment and
mineral surfaces.
Because iodine is present as either the anions I- or IO3- in most sediments, conventional wisdom
suggests that their adsorption on sediments and most individual mineral phases should be negligible at
near neutral and alkaline pH conditions. Mechanisms causing this sorption behavior of iodine at these pH
conditions are not completely understood. Some have proposed that this observed adsorption behavior in
sediments may be a result of the oxidation of I- and/or reduction of IO3- to the more reactive molecular
I20(aq) and/or its hydrolysis products (Yu et al. 1996; Behrens 1982; Whitehead 1974). Some investigators believe that this iodine redox process may result from organic matter and/or microbial processes in
the sediments. Others have proposed that iodine adsorption was primarily a consequence of physical
processes that are associated with the surfaces and entrapment in the micropores and structural cavities in
the organic matter.
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A.7 Neptunium-237
The environmental chemistry and mobility of neptunium in surface water, groundwater, and geologic
environments has been reviewed by others, such as Silva and Nitsche (1995), Tanaka et al. (1992), Lieser
and Mühlenweg (1988), Coughtrey et al. (1984), Thompson (1982), Onishi et al. (1981), and Ames and
Rai (1978). Neptunium-137 has a half-life (t½) of 2.144×106 years (Tuli 2004). Neptunium may exist in
the +3, +4, +5, +6, and +7 valence states, but only the +4, +5, and possibly +6 states are relevant to
natural environments. Neptunium(VI) is stable only in highly oxidizing solutions and is, therefore, not
important under most environmental conditions. Neptunium(V) exists in oxidizing environmental
systems and is considered relatively mobile because Np(V) aqueous species do not readily adsorb to
sediment, and Np(V) solids are quite soluble. Neptunium(IV) occurs under reducing conditions and is
less mobile than Np(V). Like U(IV) and Pu(IV), Np(IV) may form sparingly soluble oxide and
hydroxide solids that limit the mobility of Np(IV) under reducing conditions.
The reduction of redox-sensitive elements, such as neptunium, has been the subject of considerable
interest because these reactions have a significant effect on the environmental mobility of redox-sensitive
elements. Redox-sensitive elements can be immobilized by surface-mediated, heterogeneous reduction/
sorption reactions on Fe(II)-containing oxide and silicate minerals that exist as coatings on sediment
particles and/or primary constituents of sediments (see review in White 1990). The heterogeneous
electrochemical reactions occur by electron transfer reactions by which the Fe(II) is oxidized to Fe(III),
and the redox-sensitive contaminant, is reduced to a lower valence state, such as reduction of Np(V) to
Np(IV). Surface-mediated, heterogeneous reduction/sorption of Np(V) has been studied by Hakanen and
Lindberg (1991), Susak et al. (1983), Meyer et al. (1984), and Bondietti and Francis (1979).
The thermodynamic data for neptunium aqueous species and solids are limited and not well known
relative to other radionuclides. Lemire et al. (2001) have published an extensive, detailed review of the
chemical thermodynamics of neptunium. However, as noted in Section A.2, the thermodynamic values
compiled in their review are not included in the thermodynamic database used to calculate the Eh-pH
diagrams. Figure A.6 is an Eh-pH diagram that shows the dominant aqueous species for dissolved
neptunium calculated at 25°C using an activity of 1×10-8 M total dissolved neptunium. Under oxidizing
conditions, the neptunyl ion, NpO2+, is calculated to be the dominant Np(V) aqueous species at pH values
less than pH 8.5. At higher pH values, anionic Np(V) carbonate complexes, such as NpO2CO3- and
NpO2(CO3)35-, are predicted to be the dominant aqueous complexes under oxidizing conditions. Under
reducing conditions, the hydroxyl complex Np(OH)40(aq) is the dominant Np(IV) aqueous complex at pH
values greater than 4 (Figure A.6). If dissolved fluoride is present, the species NpF22+ may be the
dominant species at very acidic pH values under moderately oxidizing to reducing conditions.
The solubility of Np(V) has been studied extensively for the purpose of estimating the maximum
solubility concentrations of dissolved neptunium that might be released under oxidizing conditions from a
geologic repository for tank waste with subsequent migration in groundwater systems (e.g., Novak and
Roberts 1995; Neck et al. 1994; Lemire 1984). If the concentrations of dissolved Np(V) are sufficiently
high, the solubility of Np(V) may be controlled by hydroxide or carbonate solids. In carbonate-free
aqueous solutions with OH- as the only complexing ligand, the maximum concentration of dissolved
Np(V) is likely determined by the solubility product of solids, such as Np2O5·xH2O (Efurd et al. 1998) or
solid NpO2OH (Al Mahamid et al. 1998; Roberts et al. 1996). In carbonate-rich solutions, a variety of
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Figure A.6. Eh-pH Diagram Showing Dominant Aqueous Species of Neptunium. (Diagram was
calculated at a total activity 1×10-8 M dissolved neptunium at 25°C.)
solids, such as hydrated NaNpO2CO3 (Neck et al. 1994; Lemire et al. 1993), Na3NpO2(CO3)2
(Al Mahamid et al. 1998; Neck et al. 1994; Lemire et al. 1993), and KNpO2CO3 (Al Mahamid et al. 1998;
Lemire et al. 1993), have been studied as possible solubility controls for the maximum concentrations of
dissolved Np(V) under oxidizing conditions.
Under reducing conditions, Np(IV) is not considered very mobile because it forms sparingly soluble
oxide and hydroxide solids. Solids, such as Np(IV) hydrous oxide (Nakayama et al. 1996; Rai and Ryan
1985), amorphous NpO2·xH2O (Rai et al. 1987a), and amorphous NpO2 (Rai et al. 1999) have been
studied as possible solubility controls for Np(IV). In the study by Itagaki et al. (1991), the precipitation
of amorphous NpO2·xH2O and its colloids were found to be important to the mobility of neptunium in
environmental systems.
Figure A.7 shows that solid NpO2 is oversaturated over a large range of Eh-pH conditions for a
system containing a total activity of 1×10-16 M total dissolved neptunium. In the Eh-pH region defined by
the tan-colored area in Figure A.7, NpO2 calculates to be oversaturated based on the available thermodynamic data and may precipitate at these Eh-pH conditions to limit the maximum concentration of
dissolved neptunium in sediment. An extensive review of neptunium adsorption studies on sediments,
pure minerals, oxide phases, and crushed rock materials is presented in EPA (2004). Coughtrey et al.
(1984) review sorption studies published before 1984. Neptunium(V) species adsorb to some extent to
iron oxide and clay minerals, but do not adsorb to a major degree on most common minerals. Therefore,
dissolved Np(V) is considered to be relatively mobile in sediment systems. The Kd values for Np(V) in
Cantrell et al. (2003) indicate Np(V) adsorption is generally moderate, with Kd values in the general range
of 2 to 30 mL/g. Lower values can result at contact times of 1 day or less and high calcium or EDTA
(ethylenediaminetetraacetic acid) concentrations in solution.
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Figure A.7. Diagram Showing Eh-pH Region (Tan Colored) that Calculates to be Oversaturated with
Respect to the Solubility of Neptunium Solids. (Diagram was calculated at a total activity
of 1×10-16 M dissolved neptunium at 25°C.)
Because NpO2+ does not compete favorably with dissolved Ca2+ and other divalent ions for adsorption
sites on sediments, the Kd values for Np(V) are relatively low (Kaplan and Serne 2000). Results of
experimental studies indicate that the adsorption of Np(V) has a strong dependence on pH, especially for
iron oxides (Kohler et al. 1999; Girvin et al. 1991; Allard 1984). Typically, the sorption of Np(V) on
minerals is negligible at pH values less than pH 5, and increases rapidly at pH values between 5 to 7.
This pH-dependency is expected for ions that are present in solution primarily as cations, such as NpO2+
(EPA 1999a). In carbonate-containing solutions, the adsorption of Np(V) on iron oxides has been
observed to decrease at pH values greater than 7 to 9 in response to the formation of aqueous Np(VI)
carbonate complexes (Kohler et al. 1999). This latter behavior is analogous to that observed for the
adsorption of U(VI) in carbonate-solutions at alkaline pH values (see Section A.13).

A.8 Nitrate
The behavior of nitrogen species, such as nitrate, in aqueous, sediment, and geochemical systems has
been discussed by Lindsay (1979), Lindsay et al. (1981), Stumm and Morgan (1981), Hem (1986), and
others. A large number of studies have been completed related to the chemical and biological processes
that transfer nitrogen between the atmosphere, lithosphere, hydrosphere, and biosphere. Many of these
nitrogen transformations in the lithosphere are controlled in large part by microorganisms. The significance and rates of these reactions are in general difficult to quantify because of the many variables that
influence the rates of reactions. Nitrate is highly mobile and does not sorb or precipitate in typical
sediment systems.
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Nitrogen can exist in several oxidation states from +6 to -3 in natural environments. In natural
waters, nitrogen exists primarily in the +5 (nitrate, NO3-), +3 (nitrite, NO2-), 0 [N2(gas)], and -3
(ammonium, NH4+) oxidation states. Nitrogen can occur in other forms, such as cyanide (CN-), in
aqueous systems affected by industrial waste disposal. The rate at which equilibrium is reached among
the different redox states of nitrogen is very slow in abiotic systems because of the high activation
energies associated with nitrogen redox reactions (Lindsay et al. 1981). Relative to the geochemical
conditions in the vadose zone, nitrogen will be present typically as the highly mobile NO3- (nitrate)
species based on thermodynamic considerations and characterization data for Hanford vadose zone
sediments (e.g., see Hanford vadose zone characterization reports by Serne and Brown cited in the main
text of this data package).
Figure A.8 is an Eh-pH diagram that shows the dominant aqueous species of nitrogen predicted to be
present at 25°C and a total activity of 1×10-3 M dissolved nitrogen. The stability diagram was calculated
assuming that N2(gas) is unreactive and the aqueous system represented in Figure A.8 is not in
equilibrium with N2(gas). Figure A.8 shows that NO3- (nitrate) is the dominant nitrogen species over the
entire pH range for oxic systems. Under mildly reducing conditions and lower redox conditions, nitrogen
as the cationic NH4+ and neutral NH30(aq) species are the dominant aqueous species at pH values less and
greater than approximately 9.2, respectively. Under mildly reducing conditions, there are also two narrow
Eh-pH regions where N(III) as HNO20(aq) (very acidic conditions) and NO2- (near-neutral to very basic
pH conditions) are predicted to be stable.
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Figure A.8. Eh-pH Diagram Showing Dominant Aqueous Species of Nitrogen. (Diagram was
calculated at a total activity of 1x10-2 M dissolved nitrogen at 25°C.)
Nitrate-containing minerals such as nitratine (soda niter, NaNO3) and niter (KNO3) do occur in some
natural systems. These minerals are highly soluble and restricted in occurrence to highly concentrated
nitrate systems, such as evaporite deposits. Although nitratine has been identified in waste sludges in
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Hanford tank wastes, such phases are not expected to exist in the vadose zone or unconfined aquifer
unless the sediments have reacted with waste fluids that may have leaked from a SST.
Bickmore et al. (2001) recently reported the formation of a nitrate form of cancrinite
[Na8Si6Al6O24(NO3)2•4H2O] in studies of mineral precipitation on quartz sand reacted with simulated
Hanford tank solutions. Bickmore et al. (2001) conducted a set of batch experiments with low solid-tosolution ratios in which high pH, high NaNO3 solutions with dissolved aluminum were reacted with
quartz sand at 89°C. Because cancrinite exhibits cation-exchange properties, investigators have
speculated on the potential effect that precipitated cancrinite might have on sequestration (i.e., sorption)
of contaminants of concern. Research related to solubility, kinetics of precipitation, and sorption
properties of cancrinite relative to the interaction of simulated Hanford tank waste and vadose zone
sediments continues, and it is too early to judge the extent to which cancrinite precipitation might affect
the mobility of contaminants in such environments.
Nitrate does not readily adsorb on minerals under near-neutral and slightly alkaline pH conditions
common in sediment systems and is typically not included in most databases of Kd values such as
Thibault et al. (1990). Cantrell et al. (2003) identified only one study in which Kd values for nitrate
adsorption was measured using Hanford sediment. The results from this single study of Serne et al.
(1993) indicate that nitrate adsorption is essentially zero (i.e., Kd = 0).
Nitrate (NO3-) and nitrite (NO2-) are typically assigned Kd values of 0 mL/g. As anions, their
adsorption is expected to be significant under acidic conditions, decrease with increasing pH values, and
be essentially nil at slightly to highly basic pH conditions. Ammonium (NH4+) cations are highly
adsorbed to mineral surfaces through cation exchange, but it not expected to be present in Hanford vadose
zone sediments.

A.9 Plutonium-239/240
The geochemical behavior of plutonium in natural systems has been reviewed by EPA (1999b),
Onishi et al. (1981), Ames and Rai (1978), and others. Plutonium-239 and 240Pu have half-lives (t½) of
2.411×104 and 6,564 years, respectively. Plutonium can exist in the +3, +4, +5, and +6 oxidation states
under most environmental conditions (Allard and Rydberg 1983). Plutonium can exist in +4, +5, and +6
oxidation states under oxidizing conditions (Keeney-Kennicutt and Morse 1985), whereas the +3 and +4
oxidation states can exist under reducing conditions. However, a number of investigators believe that
Pu(V) is the dominant oxidation state of plutonium under oxidizing conditions (Nelson and Orlandini
1979; Aston 1980; Bondietti and Trabalka 1980; Rai et al. 1980b).
The dominant aqueous species of plutonium are shown as a function of Eh-pH conditions in
Figure A.9. The Eh-pH diagram was calculated using a total activity of 1×10-8 M dissolved plutonium.
As shown in Figure A.9, Pu(V) species PuO2+ and PuO2OH0(aq) and the Pu(VI) species PuO2(CO3)22calculate to be dominant at oxidizing conditions from acidic to basic pH values, respectively. The Pu(IV)
species Pu(OH)40(aq) is predicted to have a large stability range extending above near neutral pH values
at moderately oxidizing conditions to pH values greater than 8 under reducing conditions. Pu(III) species,
such as Pu3+, would be dominant up to pH values of approximately 8.5 under reducing conditions.
Dissolved plutonium can form stable complexes with a variety of inorganic and organic ligands
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Figure A.9. Eh-pH Diagram Showing Dominant Aqueous Species of Plutonium. (Diagram was
calculated at a total activity of 1×10-8 M dissolved plutonium at 25°C.)
(Cleveland 1979). Plutonium is expected to form stronger complexes with dissolved carbonate, sulfate,
phosphate, and fluoride, relative to those with ligands such as chloride and nitrate. Plutonium can also
form strong mixed hydroxy-carbonate ligand complexes [e.g., Pu(OH)2(CO3)22-] (Yamaguchi et al. 1994;
Tait et al. 1995).
Several studies show that plutonium associated with sediments and particulate organic material is
present in the +4 oxidation state (Nelson and Lovett 1980; Silver 1983; Nelson et al. 1987). Laboratory
studies conducted by Rai et al. (1980a), Delegard (1987), and Yamaguchi et al. (1994) indicate that a
freshly precipitated amorphous PuO2•xH2O phase controls the maximum solubility concentration of
plutonium in environmental systems. Under oxidizing conditions, the precipitation of amorphous
PuO2•xH2O may control the maximum concentrations of dissolved plutonium at approximately
10-8 mol/L or less in sediments. Figure A.10 shows the Eh-pH region (tan-colored area) in which PuO2
calculates to be oversaturated at 25°C for a total activity of 1×10-16 M dissolved plutonium based on the
available thermodynamic data.
Kaplan et al. (2006a) measured the dissolved concentrations and oxidation state transformations of
plutonium as a function of pH in sorption and desorption experiments with a sandy-clay-loam sediment
taken from the field lysimeter study described in Kaplan et al. (2004, 2006b). The sediment used for the
field lysimeter study was collected from the vadose zone at the Savannah River Site (SRS) near Aiken,
South Carolina. For the sorption study, sediment was taken from a lysimeter that did not receive any
plutonium source material. When Pu(V) was added to a suspension of this uncontaminated sediment, the
resulting sorbed plutonium was found to have been reduced completely to the Pu(IV) oxidation state,
whereas the dissolved plutonium was present as ≥94% Pu(V), ≤6% Pu(VI), and ≤1% Pu(IV). Kaplan
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et al. (2006a) attributed the reduction of the sorbed plutonium to the reduction capacity of this sediment
which likely resulted from the Fe(II)- or Fe(III)-containing minerals commonly identified in these
sediments, such as ilmenite (FeTiO3), biotite [K(Mg,Fe)3(Al,Fe)Si3O10(OH,F)2], magnetite (Fe3O4),
maghemite (γ-Fe2O3), goethite [α-FeO(OH)], and hematite (α-Fe2O3), or microbial activity. For the
desorption measurements, Kaplan et al. (2006a) used a sediment sample that was previously contaminated
from contact with a PuIV(NO3)4 source disk for 24 years in the lysimeter study. In a series of batch
desorption tests with the plutonium-contaminated sediment at different suspension pH values from 2.51 to
7.95, they measured approximately an order-of-magnitude increase in the concentration of dissolved
plutonium with a decrease of one pH unit at near neutral pH conditions. The desorbed, dissolved
plutonium was present as ≥96% Pu(V/VI). This trend in dissolved plutonium concentrations as a function
of pH was nearly identical to the trend for the solubility for PuO2(am) (amorphous PuO2) given in the
literature, except that the desorption concentrations were lower by a fixed amount. Although they could
not rule the possibility of plutonium sorption occurring in their desorption experiments, Kaplan et al.
(2006a) proposed that the measured desorption behavior was likely due to dissolution of a solid form of
plutonium that was more crystalline and less soluble than the solubility data in the literature for the
PuO2(am)–water system.
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Figure A.10. Diagram Showing Eh-pH Region (tan colored) that Calculates to be Oversaturated with
Respect to the Solubility of PuO2. (Diagram was calculated at a total activity of 1×10-16 M
dissolved plutonium at 25°C.)
Dissolved plutonium in the environment is typically present at less than 10-15 mol/L (EPA 1999).
This indicates that adsorption may be the main process affecting the retardation of plutonium in
sediments. Plutonium is known to adsorb strongly to a variety of sediment components, including clays,
oxides, hydroxides, oxyhydroxides, aluminosilicates and organic matter (see review in EPA 1999b and
references therein). The quantity and quality of plutonium adsorption studies conducted with Hanford
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sediment are much less than those available for many other contaminants of interest at the Hanford Site
(Cantrell et al. 2003). The available data indicate for Hanford sediments that plutonium will be fairly
immobile except at very low pH values or high EDTA concentrations (Cantrell et al. 2003).
Several studies show that plutonium present in the higher +5 and +6 oxidation states may be reduced
to the +4 state by adsorption onto iron-oxide surfaces containing Fe(II) (EPA 1999). The Kd values for
plutonium can range typically over several orders of magnitude, depending on the properties of the
substrate, pH, and the composition of solution (Baes and Sharp 1983; Coughtrey et al. 1985; Thibault
et al. 1990). The Kd values listed for plutonium in the compilation by Thibault et al. (1990) range from
27 to 190,000 mL/g. However, EPA (1999a) cautions that measurements resulting in very large Kd
values may have been compromised by precipitation processes.
Adsorption studies indicate that the presence of increasing concentrations of ligands typically
decrease plutonium adsorption (EPA 1999). If no complexing ligands are present, the adsorption of
plutonium in general increases with increasing pH from about pH 5 to 9. At pH values of 7 and greater,
concentrations of dissolved carbonate and hydroxide will decrease the adsorption of plutonium and
increase its mobility in sediments as a result of the formation of strong mixed ligand complexes with
plutonium (EPA 1999). The laboratory study by Sanchez et al. (1985) showed that increasing carbonate
concentrations decreased the adsorption of Pu(IV) and Pu(V) on the surface of goethite [α-FeO(OH)]. At
low pH conditions in the presence of high concentrations of dissolved organic carbon, plutonium-organic
complexes may control the adsorption and mobility of plutonium in sediments (EPA 1999).

A.10 Selenium-79
The geochemistry and environmental behavior of selenium in sediment, groundwater, and geological
systems is reviewed by the National Academy of Sciences (NAS 1976), Rai et al. (1984), Elrashidi et al.
(1989), Mayland et al. (1989), McNeal and Balistrieri (1989), and others. Selenium-79 is a long-lived
fission product whose half-life (t½) is 2.95×105 years (Tuli 2004). The aqueous speciation and possible
solubility controls for selenium in sediment systems are calculated and discussed by Rai et al. (1984) and
Elrashidi et al. (1989). Selenium can be found in the -2, 0, +4, and +6 oxidation states (Baes and Mesmer
1976).
The Eh-pH diagram in Figure A.11 shows the dominant aqueous species for dissolved selenium
calculated at 25°C using a total activity of 1×10-8 M dissolved selenium. Figure A.11 is consistent with
the Eh-pH diagram given for selenium inorganic aqueous species in Rai et al. (1984). Figure A.11
indicates that dissolved selenium will be present in the +6 oxidation state under oxidizing conditions as
the dominant species HSeO4- and SeO42- at pH values less than and greater than 2, respectively. Under
moderately oxidizing to reducing conditions, the Se(IV) species H2SeO30(aq), HSeO3-, and HSeO32calculate to be dominant at pH values less than approximately 2.5, from 2.5 to 7, and greater than 7,
respectively. The Se(-II) species H2Se0(aq) and HSe- are the dominant aqueous species of selenium at pH
values less than and greater than about 4, respectively, under highly reducing conditions. It is interesting
to note that these aqueous speciation calculations suggest that dissolved selenium in the -2, +4, and +6
oxidation states will be present as anionic species at pH values greater than 4 under all redox conditions
within the thermodynamic stability range of water.
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Figure A.11. Eh-pH Diagram Showing Dominant Aqueous Species of Selenium. (Diagram was
calculated at a total activity of 1×10-8 M dissolved selenium at 25°C.)
In some sediment systems under moderately and highly reducing conditions, the concentration of
dissolved selenium may be controlled by the precipitation of selenium solids, such as elemental selenium
(Se). Figure A.12 shows the Eh-pH region (tan-colored area) that calculates to be oversaturated with
respect to solid elemental selenium (Se) for an aqueous solution containing a total activity of dissolved
selenium of 1×10-8 M. Figure A.12 is essentially identical to the Eh-pH solubility diagram given in
McNeal and Balistrieri (1989). These calculations indicate that elemental selenium is relatively insoluble
in sediments over a wide range of pH conditions under moderately reducing conditions and would limit
the mobility of selenium in such environmental systems. In highly reducing and organic-rich systems
containing dissolved sulfide or bisulfide, selenium-sulfide solids and metal selenides, such as ferroselite
(FeSe2), are insoluble and would limit the concentration of dissolved selenium and its mobility in such
sediment systems.
The concentration of selenium in most sediment systems under oxidizing conditions is likely
controlled by adsorption processes. The adsorption of selenium has not been studied extensively.
Thibault et al. (1990) do not identify any Kd values for selenium in their critical review and compilation.
Because the dominant aqueous species of Se(IV) and Se(VI) are anionic over the pH range of most
sediments (see Figure A.11), the adsorption of selenium to mineral surfaces would be expected to be
minimal to zero in most sediment systems under oxidizing and moderately reducing conditions except
under acidic conditions. The adsorption of selenium is also dependent on pH with adsorption being
strong under acidic conditions and decreasing with increasing pH, which is consistent with the anionic
nature of the dominant selenium aqueous species. The compilation by Cantrell et al. (2003) of Kd values
for Hanford sediments indicate that at trace concentrations, adsorption of Se(VI) to Hanford sediment is
low to moderate with Kd values ranging from 3 to 10 mL/g. At higher Se(VI) concentrations, the Kd
values are lower (0 to 3 mL/g).
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Figure A.12. Diagram Showing Eh-pH Region (tan colored) that Calculates to be Oversaturated with
Respect to the Solubility of Elemental Selenium. (Diagram was calculated at a total
activity of 1×10-8 M dissolved selenium at 25°C.)

A.11 Strontium-90
The geochemical behavior of strontium in nature has been reviewed by EPA (1999b), Onishi et al.
(1981), Ames and Rai (1978), and others. Strontium-90 is a fission product with half-life (t½) is
28.79 years (Tuli 2004). Strontium is an alkaline-Earth element and exists in environmental systems
only in the +2 oxidation state. The speciation of strontium in aqueous systems will not be significantly
affected by complexation with dissolved inorganic, e.g., carbonate, sulfate, chloride, and nitrate, and
organic ligands (EPA 1999b and references therein). The Eh-pH diagram in Figure A.13 shows the
dominant strontium aqueous species calculated at 25°C using a total activity of 1×10-8 M dissolved
strontium. These calculations indicate that dissolved strontium will be present predominantly as the
uncomplexed Sr2+ ion throughout the entire pH range up to approximately a pH of 11. At pH values
greater than 11, the neutral carbonate complex SrCO30(aq) is predicted to be the dominant aqueous
complex of strontium at these geochemical conditions.
In alkaline, high pH sediments, the precipitation of strontianite (SrCO3) or coprecipitation in calcite
may be important mechanisms for controlling the maximum concentrations of dissolved strontium
(Lefevre et al. 1993). As an alkaline-Earth element, strontium can form similar solid phases as those with
calcium. In certain sediment systems, celestite (SrSO4) and strontianite are potentially two important
solubility controls for strontium, but most strontium minerals are highly soluble. Celestite may
precipitate in acidic sediment environments at elevated concentrations of total dissolved strontium and
sulfate, e.g., greater than 10-4 mol/L total strontium. Strontianite, on the other hand, is only stable in
highly alkaline sediments. Based on the total bicarbonate activity estimated from the alkalinity value
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Figure A.13. Eh-pH Diagram Showing Dominant Aqueous Species of Strontium. (Diagram was
calculated at a total activity of 1×10-8 M dissolved strontium at 25°C.)
given in Kaplan et al. (2006) for an uncontaminated Hanford groundwater, an aqueous solution containing
a total activity of dissolved strontium of 10-7.7 calculates to be oversaturated with respect to the solubility
of strontianite at pH values greater than 10 (Figure A.14). Under these geochemical conditions,
strontianite may potentially precipitate in sediments having these elevated pH conditions and control the
maximum concentration of total dissolved strontium. At higher strontium concentrations, the Eh-pH
region of strontianite oversaturation would extend to lower, near-neutral pH values. However, at
strontium activities less than 10-7.7, strontianite calculates to be undersaturated at these lower, near-neutral
pH conditions.
However, strontium does not commonly precipitate as a pure, end-member mineral, such as
strontianite, in sediments, because the total concentrations of dissolved strontium in most environmental
systems are typically less than the solubility limits of strontium-containing minerals and much lower than
the concentrations of dissolved calcium. Because the ionic radii for Sr2+ (1.12 Å) and Ca2+ (0.99 Å) are
similar, strontium can substitute for calcium in the structure of minerals to coprecipitate, i.e., forms a
limited solid solution, as a strontium-containing calcite (Ca1-xSrxCO3) (Veizer 1983; Faure and Powell
1972).
The adsorption of strontium has been studied and reviewed extensively (see the reviews in Ames and
Rai 1978; Onishi et al. 1981; Strenge and Peterson 1989; EPA 1999b; and the studies cited therein).
Strontium Kd values vary over a wide range, depending on the values of these parameters, and typically
increase with increasing CEC and pH values. A large number of studies of strontium adsorption on
Hanford sediment have been conducted (Cantrell et al. 2003). Under most natural conditions, strontium
adsorption onto Hanford sediment is moderate with Kd values that range from approximately 10 to 20,
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Figure A.14. Diagram Showing Eh-pH Region (tan colored) that Calculates to be Oversaturated with
Respect to the Solubility of Strontianite (SrCO3). (Diagram was calculated at a total
activity of 1×10-7.7 M dissolved strontium at 25°C.)
although much higher values have been measured in fine-grained material, presumably due to the much
higher clay content in these materials (Serne and LeGore 1996). Cantrell et al. (2003) noted that acidic
conditions and high salt concentrations (calcium, magnesium, ammonium, and potassium in particular)
can significantly reduce strontium adsorption onto Hanford sediment, whereas high concentrations of
EDTA can reduce strontium adsorption to essentially zero. High pH conditions in the absence of high
concentrations of competitive cations and EDTA acid increases strontium adsorption. Cantrell et al.
(2003) also suggested that the higher Kd values determined for strontium at high pH may reflect some
coprecipitation of strontium into calcium/magnesium carbonates that could precipitate from groundwater
as the pH is increased.
In most sediment systems, the adsorption of strontium is controlled primarily by cation exchange.
The most important ancillary parameters affecting the adsorption and Kd values for strontium are the CEC
of sediment, pH, and concentrations of calcium and stable strontium naturally present in sediment. The
adsorption of strontium has also been found to decrease with increasing ionic strength (Rhodes 1957;
Routson et al. 1980) and increasing concentrations of competing cations, such as calcium and stable
strontium (Kokotov and Popova 1962; Schulz 1965). Adsorption studies indicate that strontium will
dominate most alkaline and alkaline Earth elements in competition for exchange sites on an equivalence
basis (see studies cited in EPA 1999b). Kokotov and Popova (1962) list the following ranking of the
most common groundwater cations relative to their capability to compete with radioactive 90Sr for
exchange sites, as seen in Equation (A.1):
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Stable Sr2+ > Ca2+ > Mg2+ > K+ > NH4+ > Na+

(A.1)

However, because calcium concentrations in environmental systems are commonly a couple orders of
magnitude greater than stable strontium concentrations and many orders of magnitude greater than 90Sr
concentrations, the significantly greater mass of calcium increases the possibility that calcium will out
compete strontium, especially 90Sr, for exchange sites and decrease the adsorption of strontium in
sediments.

A.12 Technetium-99
The behavior of technetium in environmental systems has been reviewed extensively by others.
Reviews include EPA (2004), Lieser (1993), Gu and Schulz (1991), Sparks and Long (1987), Meyer et al.
(1985), Beasley and Lorz (1984), Coughtrey et al. (1983), Onishi et al. (1981), Wildung et al. (1979),
Ames and Rai (1978), and others. Hughes and Rossotti (1987) review in detail the solution chemistry of
technetium. Technetium-99 is generated as a fission product during the irradiation of uranium-containing
nuclear fuels, and has a half live (t1/2) of 2.111×105 years. Technetium exists in oxidation states from
+7 to -1. In natural environments, the most stable oxidation states of technetium are +7 and +4 under
oxidizing and reducing conditions, respectively. Other oxidation states are encountered chiefly in
complex compounds (Mazzi 1989). The reduction of Tc(VII) to Tc(IV) by surface-mediated processes
has been the subject of extensive studies due to the importance of these reactions relative to the possible
retardation of technetium in environmental systems and development of permeable barrier technologies
(e.g., Wharton et al. 2000; Byegård et al. 1992; Eriksen and Cui 1991; Haines et al. 1987; Bondietti and
Francis 1979).
The environmental behavior of 99Tc under oxic conditions has been studied extensively because its a
key risk driver due to its mobility in geochemical environments and its long half live. Figure A.15 is an
Eh-pH diagram that shows the dominant aqueous hydrolytic species of technetium in the absence of
dissolved ligands other than hydroxide. The diagram was calculated at 25°C using a total activity of
1×10-7.5 M dissolved technetium. Dissolved technetium is present in oxic environmental systems as the
aqueous Tc(VII) oxyanion species TcO4- over the complete pH range of natural waters. The TcO4- anion
is essentially nonadsorptive, i.e., Kd values are ≈0 mL/g, at near neutral and basic pH values and is also
highly soluble. The concentration of Tc(VII) in sediments and groundwater will therefore not be limited
by adsorption or solubility processes and thus will be highly mobile in most oxic environments.
Under reducing conditions, technetium aqueous speciation is dominated at pH values greater than 2
by the neutral Tc(IV) species TcO(OH)20(aq) in the absence of dissolved carbonate (Figure A.15). In
carbonate-containing waters, Tc(IV) carbonate complexes, such as TcCO3(OH)20(aq) and TcCO3(OH)3-,
may become important aqueous complexes of technetium (Eriksen et al. 1992; Paquette and Lawrence
1985). Thermodynamic calculations suggest the possible formation of Tc3+ at pH values less than 2 under
extremely reducing conditions. Technetium(IV) is sparingly soluble and highly sorbed and is therefore
considered to be essentially immobile in reducing environments.
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Figure A.15. Eh-pH Diagram Showing Dominant Aqueous Species of Technetium. (Diagram was
calculated at a total activity of 1×10-7.5 M dissolved technetium at 25°C.)
Although the thermodynamic stability of TcO4- is well established, thermodynamic data for other
aqueous complexes and solids containing technetium in its various valence states are extremely limited
(see Rard et al. [1999]). The absence of such data precludes the use of thermodynamic calculations to
evaluate the environmental behavior of reduced species of dissolved technetium with respect to pH, Eh,
and the presence of important dissolved complexing ligands such as dissolved phosphate, sulfate,
chloride, and others. Studies of technetium under reducing conditions are limited compared to the
number of technetium studies conducted under oxic conditions.
Many species distribution calculations and Eh-pH diagrams presented in literature published before
the critical review by Rard et al. (1999) included the aqueous neutral dimer species [TcO(OH)2]20(aq). In
many calculations, [TcO(OH)2]20(aq) was predicted to be the dominant Tc(IV) species at neutral and basic
pH values instead of the monomer TcO(OH)20(aq). Rard et al. (1999) found it difficult to evaluate the
results of the study on which the dimer species and associated thermodynamic constant were based and
therefore their review team did not accept those results and did not include the species [TcO(OH)2]20(aq)
in their thermodynamic database of technetium compounds.
Solubility processes may control the concentration of technetium in sediments under reducing
conditions. Figure A.16 shows the Eh-pH conditions under which an aqueous solution containing a total
activity of 1×10-7.5 M dissolved technetium calculates to be oversaturated with technetium solids.
Technetium(VII), as TcO4-, is highly soluble, and does not form solubility-controlling phases in geochemical systems. In the Eh-pH region defined by the tan-colored area in Figure A.16, the amorphous solid
TcO2·2H2O calculates to be oversaturated based on the available thermodynamic data and may precipitate
at these Eh-pH conditions to limit the maximum concentration of dissolved technetium in sediments.
In reduced iron-sulfide systems, Tc(IV) can also coprecipitate with FeS solid (mackinawite) (Wharton
et al. 2000).
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Figure A.16. Diagram Showing Eh-pH Region (Tan Colored) that Calculates to be Oversaturated with
Respect to the Solubility of Technetium Solids. (Diagram was calculated at a total activity
of 1×10-7.5 M dissolved technetium at 25°C.)
Numerous studies on the sorption of technetium on sediments, sediments, pure minerals, oxide
phases, and crushed rock materials have been conducted. An extensive review of these studies is
presented in EPA (2004). These studies consist primarily of measurements of Kd values for Tc(VII). The
adsorption of Tc(VII) oxyanion TcO4- is expected to be very low to zero, i.e., Kd values of ≈0 mL/g, at
near neutral and basic pH conditions in sediments low in organic matter and to increase when pH values
decrease to less than 5. The Kd values measured for Tc(VII) on Hanford sediment indicate that Tc(VII)
adsorption is low under nearly all conditions relevant to the Hanford vadose zone and upper unconfined
aquifer, with Kd values ranging from zero to a high of approximately 1 mL/g (Cantrell et al. 2003).
Technetium(IV) is considered to be essentially immobile because it readily precipitates as sparingly
soluble hydrous oxides and forms strong surface complexes on iron and aluminum oxides and clays.

A.13 Uranium-235,238
The geochemical behavior of uranium has received extensive study due to the importance of uranium
as an energy source and as a geochronology indicator. The uranium isotopes of primary interest to waste
disposal and site remediation activities at the Hanford Site include 235U and 238U. Both of these uranium
isotopes are present in naturally occurring uranium. The half-lives (t½) of 235U and 238U are 7.04×108 and
4.468×109 years, respectively (Tuli 2004). There have been several published reviews of the geochemical
behavior of uranium. The review by Langmuir (1978) and an updated discussion in Langmuir (1997) are
particularly noteworthy. In 1999, an extensive compilation of detailed reviews on the mineralogical,
geochemical, and environmental behavior of uranium was published in Burns and Finch (1999). Topics
covered in this compilation of papers include the reviews of the mineralogy and paragenesis of uranium
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minerals; the genesis of uranium ore deposits; the geochemical behavior of uranium in natural fluids;
environmental aspects of uranium geochemistry, such as microbial effects, groundwater contamination,
and nuclear waste disposal; and analytical techniques for characterization of uranium-bearing phases
(Burns and Finch 1999). For a Hanford specific perspective of uranium geochemistry see the recent
review “A Site Wide Perspective on Uranium Geochemistry at the Hanford Site” which has been
prepared and is currently (August 2007) under review(d).
Uranium can exist in the +3, +4, +5, and +6 oxidation states in aqueous environments. Uranium(VI)
and U(IV) are the most common oxidation states of uranium in natural environments. Uranium will exist
in the +6 oxidation state under oxidizing to mildly reducing environments. Uranium(IV) is stable under
reducing conditions and is considered relatively immobile because U(IV) forms sparingly soluble
minerals, such as uraninite (UO2). Dissolved U(III) easily oxidizes to U(IV) under most reducing
conditions found in nature. The U(V) aqueous species (UO2+) readily disproportionates to U(IV) and
U(VI). As with the redox of technetium, the reduction of U(VI) to U(IV) has received considerable
attention because the oxidation state of uranium has a significant effect on its mobility in waste streams
and the natural environment. These reaction processes are the basis for certain remediation technologies,
such as permeable barriers composed of zero-valent iron particles, i.e., as metallic iron, or sodiumdithionite-reduced sediments.
The Eh-pH diagram in Figure A.17 shows the dominant aqueous species for dissolved uranium
calculated at 25°C using a total activity of 1×10-8 M dissolved uranium. The aqueous speciation of U(VI)
in carbonate-containing waters at near neutral and basic higher pH values is dominated by a series of
strong anionic aqueous carbonate complexes [e.g., UO2CO30(aq), UO2(CO3)22-, and UO2(CO3)34-].
Because anions do not readily adsorb to mineral surfaces at basic pH conditions, the formation of anionic
U(VI) carbonate complexes at pH values greater than 6 result in an increase in U(VI) solubility, decreased
U(VI) adsorption, and thus increased mobility of uranium. Under reducing conditions, the speciation of
U(IV) is dominated by the neutral aqueous species U(OH)40(aq) at pH values greater than 2.
Because Hanford Site’s groundwater is a calcium- and/or sodium-bicarbonate dominated groundwater
(Horton 2007), dissolved U(VI) likely exists as carbonate-complexed aqueous species in the vadose zone
(pH ~ 8) and upper unconfined aquifer environments at the Hanford Site. Since these pH and
bicarbonate/carbonate conditions are within the range of conditions expected for leachates from tank
residual waste, dissolved U(VI) is also expected to be present predominately as carbonate complexes in
residual waste leachates. Direct verification of the uranyl carbonate dominance in vadose zone pore
waters from borehole 299-E33-45 is presented in Knepp (2002, Appendix D).
Recent studies (Bernhard et al. 1996, 2001; Kalmykov and Choppin 2000; Dong et al. 2005; Fox
et al. 2006; Kelly et al. 2007) indicate that dissolved calcium uranyl carbonate complexes also have an
important effect on the geochemical behavior of U(VI) in oxic, calcium-rich aqueous systems at nearneutral to basic pH conditions such as those at the Hanford site. Bernhard et al. (1996, 2001) used
spectroscopic techniques to investigate aqueous complexation in the system Ca2+-U(VI)-CO32--H2O.

(d)

Zachara JM, CF Brown, JN Christensen, PE Dresel, SD Kelly, JP McKinley, RJ Serne, and W Um. A Site Wide
Perspective on Uranium Geochemistry at the Hanford Site. Pacific Northwest National Laboratory, Richland,
Washington (title tentative; due to be published late 2007).

A.27

1.2

UO2CO30(aq)
UO2(CO3)22–
.8

UO22+

Eh (volts)

O2 (gas)

.4

H2O

UO2(CO3)34–
0

U(OH)40(aq)

UOH3+
U4+

–.4

H2O

–.8

H2 (gas)

0

2

4

6

8

10

12

14

pH
Figure A.17. Eh-pH Diagram Showing Dominant Aqueous Species of Uranium (Diagram was
calculated at a total activity of 1×10-8 M dissolved uranium at 25°C.)
The results of their series of studies provide evidence for the formation of a strong, uncharged
aqueous complex, Ca2UO2(CO3)30(aq). Aqueous speciation calculations based on stability constants
published by Kalmykov and Choppin (2000) and Bernhard et al. (2001) for the formation of
Ca2UO2(CO3)30(aq) indicate that this species would be a predominant species under oxidizing conditions
from pH 6 to 10 in calcium-rich waters containing dissolved U(VI). Studies by Dong et al. (2005) and
Fox et al., (2006) also show that the formation Ca2UO2(CO3)30(aq) decreases the adsorption of U(VI) at
pH values greater than 7. In their detailed critical review of thermodynamic constants for key
radionuclides, Guillaumont et al. (2003) did not accept the formation constants published for the aqueous
complex Ca2UO2(CO3)30(aq). Guillaumont et al. (2003) believed that the published studies provided
excellent evidence for complex formation between cations (such as Ca2+) and UO2(CO3)34-, but indicated
that the constants listed in the literature had a large uncertainty and likely over predicted the strength and
stability of Ca2UO2(CO3)30(aq). A detailed discussion of the reasons for their decision is given in
Guillaumont et al. (2003).
In addition to dissolved carbonate, uranium can also form stable complexes with other naturally
occurring inorganic and organic ligands. For example, Sandino and Bruno (1992) showed that UO22+–
phosphate complexes [UO2HPO40(aq) and UO2PO4-] could be important in aqueous systems with a pH
between 6 and 9 when the total concentration ratio PO4(total)/CO3(total) is greater than 0.1. Complexes
with sulfate, fluoride, and possibly chloride are potentially important uranyl species where concentrations
of these anions are high. However, their stability is considerably less than U(VI) carbonate and phosphate
complexes (Grenthe et al. 1992).
Uranium mineral precipitation and coprecipitation processes may also be important for some environmental conditions, and several uranium (co)precipitates may form, depending on the geochemical
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conditions (Finch and Murakami 1999; Falck 1991; Frondel 1958). Uranium(IV) is considered relatively
immobile under reducing conditions because U(IV) readily precipitates as sparingly soluble minerals,
such as uraninite, which has compositions ranging from UO2 to UO2.25. Figure A.18 shows the Eh-pH
region (tan-colored area) in which uraninite (UO2) calculates to be oversaturated for a total activity of
1×10-9 M dissolved uranium based on the available thermodynamic data. In geologic systems represented
by the reducing Eh-pH conditions of the tan-colored area in Figure A.18, uraninite may precipitate and
limit the maximum activity of dissolved uranium to 1×10-9 M or less in those sediments.
Solubility processes may also be particularly important for the environmental behavior of U(VI)
under oxidizing conditions in those sediments that become partially saturated with water or completely
dry between periods of recharge, such as the surface sediments and vadose-zone sediments. Under these
conditions, the concentration of uranium in the residue pore fluids may exceed the solubility limits for
U(VI)-containing minerals and/or coprecipitates with other minerals, such as iron oxides. Potentially
important mineral solubility controls for U(VI) include minerals, such as autunite
[Ca(UO2)2(PO4)2•10-12H2O], becquerelite (CaU6O19•10H2O), boltwoodite
[(K,Na)(UO2)SiO3OH•1.5H2O], carnotite [(K2(UO2)2(VO4)2•3H2O], compreignacite (K2U6O19•11H2O),
potassium autunite [K2(UO2)2(PO4)2•10-12H2O], rutherfordine (UO2CO3), schoepite (UO3•2H2O),
sklodowskite [Mg(UO2)2(SiO3)2(OH)2•5H2O], tyuyamunite [Ca(UO2)2(VO4)2•5-8H2O], uranophane
[Ca(UO2)2(SiO3)2(OH)2•5H2O] (Langmuir 1997).
Zachara and co-investigators have studied at the microscopic scale the occurrence of uranium in
contaminated sediments from borehole 299-E33-45 from the BX Tank Farm (Catalano et al. 2004; Liu
et al. 2004; McKinley et al. 2006). Detailed characterization studies by McKinley et al. (2006) found that
uranium had precipitated in the U(VI) oxidation state as 1-3 µm clusters of sodium boltwoodite [ideally
Na(UO2)SiO3OH•1.5H2O] in microfractures within the granitic clasts in the sediments. Their results
suggest that uranium is effectively immobilized within these microfractures under the geochemical and
hydrologic conditions of the presently unsaturated vadose zone.
Given the omnipresence of carbonate in natural systems and the formation of strong aqueous U(VI)
carbonate complexes, adsorption will be the important control for U(VI) under oxidizing conditions at
dilute concentrations of dissolved uranium in most of the subsurface at the Hanford Site. An extensive
review of published uranium adsorption studies is given in EPA (1999b). Uranium(VI) adsorbs onto a
variety of minerals and related phases, including clays (e.g., Ames et al. 1982; Chisholm-Brause et al.
1994), oxides and silicates (e.g., Hsi and Langmuir 1985; Waite et al. 1994), and natural organic material
(e.g., Borovec et al. 1979; Shanbhag and Choppin 1981; Read et al. 1993). The compilation by Cantrell
et al. (2003) of adsorption data for U(VI) on Hanford sediment under natural Hanford groundwater
conditions indicates that U(VI) adsorption is moderate with Kd values ranging from approximately 0.2 to
4 mL/g.
Important environmental parameters affecting uranium adsorption include redox conditions, pH, and
concentrations of complexing ligands, such as dissolved carbonate, ionic strength, and mineralogy. As
with the adsorption of most dissolved metals, aqueous pH has a significant effect on U(VI) adsorption due
to the consequence of pH on U(VI) aqueous speciation and the number of exchange sites on variable
charged surfaces of solids such as iron-, aluminum-oxides, and natural organic matter. The maximum
U(VI) adsorption onto natural sediments occurs in the pH range of approximately 6 to 8 (EPA 1999), with
lower adsorption occurring a lower pH due to protonation of the adsorption sites and a shift to more
positively charged uranyl species in solution (e.g., see Payne and Waite 1991). Lower adsorption also
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Figure A.18. Diagram Showing Eh-pH Region (tan colored) that Calculates to be Oversaturated with
Respect to the Solubility of Uraninite (UO2) (Diagram was calculated at a total activity of
1×10-9 M dissolved uranium at 25°C.)
occurs at higher pH values due to the deprotonation of surface sites and the formation of higher charged
anionic aqueous species [UO2(CO3)34-] and poorly sorbing neutral ones [Ca2UO2(CO3)30(aq); (Dong et al.
2005; Fox et al. 2006)]. In the absence of dissolved carbonate, uranium sorption to iron oxide and clay
minerals has been shown to be extensive and remain at a maximum at pH values near and above neutral
pH (Kent et al. 1988; Hsi and Langmuir 1985). Uranium migration under natural Hanford conditions will
therefore be greater at high and low pH values.

A.14 Brief Summaries of Geochemical Properties of Other COIs
A.14.1

Antimony

Antimony-125 is the isotope of primary importance to waste disposal and site remediation activities
at the Hanford Site. Antimony-125 is a fission product of 235U, and has a half-life (t½) of 2.759 years
(Tuli 2004). The environmental behavior of antimony has been reviewed to different degrees by Ames
and Rai (1978), Rai et al. (1984, 1987b), and Filella et al. (2002). Compared to most elements, little is
known about the environmental behavior of antimony, especially with respect to its mobility in sediments
and soils. Antimony is considered relatively mobile in the environment, especially under oxic conditions.
Antimony can exist in several oxidation states, including -3, 0, +3, and +5 (Baes and Mesmer 1976).
Under natural environmental conditions, antimony exists in the +5 and +3 oxidation states. In natural
aqueous systems, Sb(V) and Sb(III) are the stable oxidation states under oxidizing and reducing
conditions, respectively, based on equilibrium thermodynamic considerations. However, contrary to
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thermodynamic predictions, Sb(V) and Sb(III) have been found coexisting in natural aqueous systems.
Researchers have suggested that the metastability of Sb(III) under oxic conditions may have resulted from
biotic processes and/or a slow rate of Sb(III) oxidation.
The hydrolytic species Sb(OH)6- is the dominant antimony aqueous species over an extended range
of pH and Eh at pH values greater than approximately 2.5, and from oxidizing to slightly reducing
conditions. At moderately reducing conditions, the speciation is dominated by the Sb(III) hydrolytic
species Sb(OH)2+ at pH values less than 2, Sb(OH)30(aq) at pH values from 2 to 12, and Sb(OH)4- at pH
values greater 12. At very reducing conditions in the presence of dissolved sulfide, the speciation of
antimony may be dominated by Sb(III) sulfide species, such as HSb2S4- and Sb2S4-, at pH values less than
and greater than 11.5, respectively.
Antimony, especially under oxic conditions, is very soluble (Rai et al. 1984). The concentrations of
antimony in most groundwaters are not likely limited by solubility considerations. Under reducing
conditions, antimony concentrations may be limited by the solubility of antimony sulfides, such as
stibnite (Sb2S3).
Very little is known about the adsorption/desorption behavior of Sb(V) or Sb(III). However, the
concentrations of antimony in sediments are likely controlled by adsorption reactions (e.g., Brannon and
Patrick 1985; Crecelius et al. 1975). Cantrell et al. (2003) does not include any discussion of antimony
adsorption behavior for Hanford sediments. Because dissolved Sb(V) is present primarily as the anionic
hydrolytic species Sb(OH)6- over almost the entire pH range, the adsorption of Sb(V) is expected to be
negligible as pH increases from circumneutral to highly basic pH values. Under these conditions,
antimony should be highly mobile in the geochemical environment. If Sb(III) is present as the anions
Sb(OH)4- or Sb2S42- at pH values greater than 11 under reducing conditions, then it too should also exhibit
negligible adsorption to mineral surfaces, and thus be highly mobile in the environment. However, at
acidic pH conditions, the adsorption of Sb(V) to mineral surfaces may be significant.
Results of an unpublished, antimony adsorption study by R. J. Serne (1973, Pacific Northwest
National Laboratory) indicate that the adsorption of antimony is very low in Hanford sediments
contacting high-salt, high pH solutions (i.e., simulated single-shell tank liquors). The measured Kd values
indicate very little to essentially no adsorption of 125Sb for several Hanford sediments equilibrated with
high sodium, simulated high-level waste solutions. The unpublished antimony adsorption study by
R. J. Serne (Pacific Northwest National Laboratory) is described in Ames and Rai (1978) and Krupka and
Serne (2002). Large 125Sb Kd values were measured for sediments contacting the high-calcium solutions.
Serne proposed that these large Kd values were due to the uptake of some dissolved antimony during the
precipitation of calcite (CaCO3) which was caused by the absorption of CO2 from air at these high pH
conditions and high dissolved calcium concentrations.

A.14.2

Cobalt

Cobalt-60 is the isotope of primary importance to waste disposal and site remediation at the Hanford
Site. Cobalt-60 is an activation product of stable 59Co, which is a common impurity in zircaloy and
aluminum fuel cladding and in uranium metal fuel (Harmsen and Schulz 1998). Cobalt-60 has a half-life
(t½) of 5.271 yrs (Tuli 2004). Ames and Rai (1978), Hamilton (1994), and others have reviewed the
environmental geochemistry of cobalt. The review by Hamilton (1994) is particularly noteworthy in that
it discusses the geochemical behavior of cobalt in terrestrial, aquatic, and atmospheric systems, and its
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uptake by plants, animals, and man and the associated health effects. Coprecipitation and adsorption
reactions with manganese- and iron-oxide minerals are thought to be important controls on the geochemical behavior of cobalt in sediment and soil systems (Hem 1986).
Cobalt can exist in the +2 and +3 oxidation states (Baes and Mesmer 1976). Under most geochemical
conditions, Co(II) is the stable valence state in water. Cobalt(III) is a strong oxidizing agent, is not
thermodynamically stable, and is readily reduced to Co(II) under Eh-pH conditions common for most
natural waters. However, the presence of certain complexing ligands, such as EDTA and NH3, can
stabilize the +3 oxidation state of cobalt relative to reduction and allow it to persist in aqueous solutions
(Cotton and Wilkinson 1980).
Under oxidizing and moderately reducing conditions, the uncomplexed ion Co2+ is the dominant
cobalt aqueous species at pH values less than 9.5. At pH values between 9.5 and 13.5 and at greater than
13.5, the hydrolytic species Co(OH)20(aq) and Co(OH)42- are predicted to be dominant from thermodynamic data. Cobalt does not appear to form any important complexes with dissolved chloride, nitrate,
sulfate, and carbonate under typical groundwater conditions. Under very reducing conditions in the
presence of dissolved sulfide, Co(II) bisulfide species, such as Co(HS)20(aq), likely dominate the aqueous
speciation of cobalt.
Cobalt may also form strong complexes with synthetic organic ligands, such as EDTA, that have been
used to decontaminate nuclear reactors. The formation of such complexes significantly affects the
environmental mobility of cobalt by increasing cobalt solubility in aqueous solutions (e.g., Delegard and
Barney 1983), decreasing cobalt adsorption in soils and sediments (e.g., Delegard and Gallagher 1983),
and/or stabilizing the Co(III) valence state in some sediment systems (e.g., Brooks et al. 1996). Species
distribution calculations by Brooks et al. (1996) show that the CoIIEDTA2- will dominate the aqueous
speciation of Co(II) at pH values greater than 6. The cobalt complexes CoIIEDTA2- and CoIIIEDTA- are
anionic, and thus do not readily adsorb to minerals at near neutral and basic pH conditions.
Cobalt is often found in solid solution with other elements in minerals, and typically does not form
discrete cobalt minerals in most sediment systems (Ames and Rai 1978). Given their similarity in ionic
radii, Co(II) may substitute for Fe(II), Fe(III), Mn(III), Cu(II), Mg(II), Cr(III), and Sn(IV) in the crystal
lattices of minerals. Hem (1986) notes that the solubility of sphaerocobaltite (CoCO3) is lower than that
of siderite (FeCO3) and therefore could be an important solubility constraint for dissolved cobalt in some
carbonate-containing, basic pH environmental systems. Thermodynamic calculations suggest that
cattierite (CoIIS2) may precipitate over a wide pH Eh range under very reducing conditions containing
sulfide.
The adsorption behavior of cobalt has been studied extensively. The adsorption of cobalt in
sediments and soils is largely controlled by the presence of iron and manganese oxide and clay minerals.
Cantrell et al. (2003) review the available data for the adsorption of cobalt on Hanford sediments. They
concluded from the available studies that 1) Co(II) is highly immobile, i.e., Kd > 103 mL/g) for typical
Hanford groundwater conditions in the absence of organic chelating agents, such as EDTA; 2) highly
basic conditions dramatically reduce Co(II) adsorption; and 3) moderate to high concentrations of CNand high EDTA concentrations greatly reduces Co(II) adsorption.
The adsorption behavior of cobalt is closely linked to pH, its oxidation state, and the environmental
availability of natural and manmade organic complexants. Typically, adsorption studies show that cobalt
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is moderately to highly adsorbed on minerals in the absence of organic complexants. The solution pH has
a significant effect on the adsorption of cobalt. Cobalt in the absence of organic complexants exhibits
cation adsorption behavior. As such, the adsorption of cobalt is zero to minimal at acidic conditions, then
increases in the pH range of 4 to 7 with increasing pH, and continues to be high at basic pH conditions
(Lowson and Evans 1983; McLaren et al. 1986; Fujikawa and Fukui 1997; Barrow and Whelan 1998; and
others). Fujikawa and Fuki (1997) noted that in highly basic Na2CO3 solutions, the adsorption of cobalt
decreases compared to that at lower pH values. They suggested that this was due to formation of an
anionic cobalt hydrolytic aqueous species, which should not readily adsorb at high pH values due to its
negative charge.
Some inorganic ligands have also been found to inhibit cobalt on sediment. Cantrell and Serne
(1993) completed batch adsorption measurements of 60Co adsorption on sediment collected near the
200-BP-1 Operable Unit cribs at the Hanford Site. They determined that low concentrations (e.g.,
150 ppm) of cyanide (CN-) can also decrease cobalt adsorption significantly (i.e., Kd values <2 mL/g).
Cantrell and Serne (1993) concluded that cyanide was more effective (i.e., lower concentrations were
required) than EDTA in depressing 60Co adsorption. This is likely due to the formation of anionic Co(II)
complexes, such as Co(CN)3- and Co(CN)33- (Smith et al. 1997), which do not readily adsorb on minerals
at basic pH values. Barney (1978) found that that the formation of Co(II) complexes with dissolved
nitrite can also decrease the cobalt adsorption. Barney (1978) attributed this decreased adsorption to the
formation of poorly-adsorbing neutral or anionic Co(II)-nitrite complexes for which he cited Cotton and
Wilkinson (1980). Because cyanide and nitrite are present in the radioactive wastes stored in the underground storage tanks at the Hanford Site, knowledge of their role relative to the mobility of cobalt is
important.
The presence of certain organic ligands is known to reduce the adsorption of cobalt on sediments,
minerals, and other geologic materials especially at basic conditions. For example, cobalt adsorption on
geologic materials has been shown to decrease by the presence citric acid (Khan et al. 1996), EDTA
(Wilding and Rhodes 1963; Cantrell and Serne 1993; Girvin et al. 1993; Jardine et al. 1993; Szecsody
et al. 1994, 1998; Jardine and Taylor 1995; Zachara et al. 1995a, 1995b; Khan et al. 1996; Fendorf et al.
1999), hydroxyethylethylenediaminetriacetate acid (HEDTA) (Delegard and Barney 1983),
diethylenetriaminepentaacetic acid (DTPA) (Khan et al. 1996), cyclohexanediaminetetraacetic acid
(CDTA) (Khan et al. 1996), and nitrilotriacetic acid (NTA) (Girvin et al. 1996). This decrease in cobalt
adsorption is typically caused by the formation of anionic cobalt complexes at near neutral and basic pH
conditions, which do not readily adsorb on mineral surfaces at basic pH values.
Since the early 1990s, research has focused primarily on understanding the mechanisms controlling
the aqueous speciation and complexation, oxidation/reduction, and sorption of cobalt in the presence of
EDTA at the solution/mineral interface (Girvin et al. 1993; Jardine et al. 1993; Szecsody et al. 1994,
1998; Jardine and Taylor 1995; Zachara et al. 1995a, 1995b, 2000; Brooks et al. 1996; Gorby et al. 1998;
Fendorf et al. 1999). This research was prompted by the enhanced migration of 60Co reported at some
DOE sites, such as the Hanford Site (Fruchter et al. 1984, 1985) and Oak Ridge National Laboratory
(Means et al. 1976, 1978a; Olsen et al. 1986). As stated previously, the enhanced migration of 60Co was
attributed to the formation of Co-EDTA complexes resulting from the co-disposal of cobalt and EDTA at
these sites. Cobalt(II) is initially complexed to form the anionic complex CoIIEDTA2-. This complex,
however, is then dissociated via a complex series of reactions that result in the oxidation of Co(II) to
Co(III) and formation of the more stable and mobile complex CoIIIEDTA- [log K (CoIIIEDTA-) = 41.4
versus log K (CoIIEDTA2-) = 16.45 (Zachara et al. 1995a, 1995b, 2000; Brooks et al. 1996; Szecsody
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et al. 1998). The reaction process initially involves the adsorption of CoIIEDTA2- to surface sites on the
iron and aluminum oxides in the sediments, which in turn leads to the dissolution of these oxides. The
dissociation of CoIIEDTA2- is advanced by the solubilized Fe(III) and Al(III). The dissolution-exchange
reaction generates a suite of adsorbates Co2+, CoIIEDTA2-, FeEDTA, and AlEDTA- that compete for the
EDTA and surface adsorption sites. The sorbed Co(II) is then oxidized to the extremely stable but weakly
reactive CoIIIEDTA-. See extended discussions of this complex reaction suite in Zachara et al. (1995a,
1995b, 2000) and Brooks et al. (1996). This reaction suite seems to be common to sediments and soils of
different compositions and origin (Zachara et al. 1995a). In the case of Mn(IV) minerals, such as
pyrolusite (β-MnIVO2), the adsorption and subsequent oxidation of CoIIEDTA2- to produce CoIIIEDTAresults in the reduction of Mn(IV) to Mn(III) and the formation of a layer of α-Mn2IIIO2 on the pyrolusite,
which eventually limits the production of CoIIIEDTA- (Fendorf et al. 1999).

A.14.3

Europium

The europium isotopes of primary interest to waste disposal and site remediation activities at the
Hanford Site include 154Eu and 155Eu, which are all products of the fission of 235U. The half-lives (t½) of
the 154Eu and 155Eu are 8.593 and 4.761 years, respectively (Tuli 2004). The geochemical behavior of
europium and the other rare-earth elements in aqueous solutions have also been investigated extensively
due to their importance to the disposal of nuclear waste. Rare-earth elements are produced in
significant quantities as a result of the fission of uranium and plutonium reactor fuels (Rard 1985). In
addition, the use of europium and the other rare earth elements as analogues in the study the geochemical
behavior of trivalent actinide elements, such as Am(III) and Cm(III), is well accepted (Choppin 1989;
Krauskopf 1986). The aqueous geochemistry of the rare earth elements, including europium, is
reviewed by Haas et al. (1995), Wood (1990), Brookins (1989), and others. The general geochemical
processes affecting the mobility of europium in sediment and rock systems are described by Ames and
Rai (1978).
The most stable oxidation state for rare earth elements, including europium, is +3. Europium may
also exist in the +2 oxidation state under very reducing conditions (Rard 1985). Essentially no information is available for the aqueous geochemistry and environmental behavior of Eu(II). Under reducing
geological conditions, the Eu2+ ion will likely have a geochemical behavior similar to Sr2+ and substitute
for Ca2+ in minerals given the similarities in their ionic radii.
The aqueous chemistry of Eu(III) is generally consistent with the trends for the speciation of the other
+3 rare earth elements. Lanthanide elements in the +3 oxidation state form stable complexes with
oxygen-donor ligands, especially chelating agents (Baes and Mesmer 1976). Europium(III) forms strong
complexes with dissolved hydroxide, sulfate, carbonate, phosphate, and fluoride, and weak complexes
with dissolved chloride and nitrate (Wood 1990). Aqueous complexes of Eu(III) with dissolved sulfide
and cyanide are expected to be very weak or nonexistent.
The uncomplexed ion Eu3+ is the dominant aqueous species of europium at pH values less than
approximately 5 in the absence of dissolved sulfate and carbonate. Under these conditions, the hydrolysis
of Eu(III) does not become appreciable until pH values greater than 7, where the species Eu(OH)2+,
Eu(OH)30(aq), and Eu(OH)4- are dominant with increasing pH. In the presence of dissolved carbonate and
sulfate, thermodynamic data indicate that EuSO4+ will replace Eu3+ as the dominant aqueous species at
acidic pH conditions, and EuCO3+, EuOHCO30(aq), and Eu(OH)2CO3-, will be the dominant Eu(III)
aqueous complexes at pH values from 5 to greater than 13. The presence of the anionic species
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Eu(OH)2CO3- and Eu(OH)4- at pH values greater than 9 should result in decreased adsorption and
increased mobility of Eu(III) at these geochemical environment; however, Eu(III) becomes highly
insoluble at such high pH values.
Europium(III) is considered very insoluble in environmental systems. Its low solubility may be a
contributing factor to the large, experimentally-determined Kd values reported in the literature. Europium
may exist in silicate, oxide, and carbonate minerals with complex compositions. Europium also occurs in
minerals in solid solution with other rare earth elements as well as with some alkaline-earth elements,
such as calcium and strontium. Ames and Rai (1978) calculated the stabilities of several europium solids,
including EuO, Eu2O3, Eu3O4, Eu(OH)3, EuCl3·6H2O, and Eu2(SO4)3·8H2O, as a function of pH. Their
results suggest that Eu(OH)3 is the likely solubility control for europium in environmental systems under
alkaline conditions. Solubility calculations by Krupka and Serne (2002) indicate that all Eu(III) solids for
which they had solubility constants, including Eu(OH)3, calculated to be undersaturated at total activity of
dissolved Eu(III) of less than 10-7 M and concentrations of dissolved carbonate, chloride, and sulfate
listed by Kaplan et al. (1996) for the composition of an uncontaminated groundwater from the Hanford
Site. At a total activity of 10-6 M dissolved europium, Eu2(CO3)3·2H2O calculated to oversaturated over
the approximate pH range from 5 to 8 under these conditions.
The adsorption behavior of europium is similar to the other rare earth elements and trivalent actinides,
such as Am(III) (see Section A.1) and Cm(III). Trivalent elements are considered to be highly sorbed in
sediments (i.e., exhibit high Kd values) and thus immobile in most environments (EPA 2004). The
adsorption of trivalent elements in the environment however decreases at acidic pH values and in high
ionic strength solutions.
Few studies have been completed of europium adsorption on sediment samples from the Hanford
Site. The compilation by Cantrell et al. (2003) of Kd values measured for radionuclides and other COI
does not include adsorption data for europium. Ames and Rai (1978) summarize the results of an
unpublished 1976 laboratory study of europium precipitation and adsorption by Serne and Rai at the
Pacific Northwest Laboratory. The Kd measurements were conducted with “Burbank sand” using a range
of pH values (final pH values from 4.75 to 5.32) and range of concentrations of dissolved europium that
were less than that resulting in the precipitation of Eu(OH)3. The adsorption measurements showed that
Kd values for europium increased with increasing pH and decreased with increasing europium concentrations. The Kd values measured by Serne and Rai ranged from 5.8 mL/g (50.0 ppm europium at
pH 4.88) to 153 mL/g (unspecified low europium concentration at pH 5.50).
Because trivalent elements strongly adsorb to sediment particles, there is potential for colloidfacilitated transport of europium and other trivalent elements, such as Am(III), in vadose zone and
groundwater systems. The reader is cautioned, however, that the importance of colloid-facilitated
migration, especially in environmental systems that do not involve fracture flow of pore water or
groundwater, is still the subject of debate.

A.14.4

Tin

Tin-126 is the isotope of primary importance to waste disposal and site remediation activities at the
Hanford Site. Tin-126 is a fission product and has a half-life (t½) of 2.3×105 years (Tuli 2004).
Compared to most elements, very little is known about the geochemical behavior of tin, especially with
respect to the behavior of inorganic tin species. Few if any reviews exist of the environmental behavior
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of inorganic tin in sediments and soils. The chemistry of certain organic tin compounds, such as
triorganotins, has been studied at length because they are used as industrial fungicides and bactericides
and are toxic. Séby et al. (2001) completed a critical review of thermodynamic data for inorganic tin
species and used these data to identify the dominant inorganic aqueous and solids tin species as a function
of pH and Eh. Information in the following summary is primarily based on the results presented in Séby
et al. (2001).
Tin can exist in several oxidation states from -4 to +4 (Baes and Mesmer 1976). There does not
appear to be a consensus in the literature with regards to number of oxidation states for tin (e.g., Séby
et al. 2001) list only the oxidation states -2, 0, +2, and +4). However, Sn(II) and Sn(IV) are the only
oxidation states important in aqueous systems. The pe-pH diagram calculated by Séby et al. (2001)
shows that Sn(IV) is the stable oxidation state from oxidizing to reducing conditions over the pH range
from 0 to 14 based on the available thermodynamic data and a total dissolved tin activity of 10-10 M.
Tin(II) is predicted to be stable only at very reducing conditions.
Due to the general absence of thermodynamic data and characterization of Sn(IV) species, Séby et al.
(2001) focus their discussions on Sn(II) chemistry. Because characterization information is lacking for
the compositions of the Sn(IV) hydrolysis species, Séby et al. (2001) only include the Sn(IV) hydrolysis
species Sn4+ and SnO32- in their database. The species Sn4+ and SnO32- are dominant at pH values less
than and greater than ~3.9, respectively, based on the constants listed in Séby et al. (2001). At acidic
conditions, Sn(IV) can also form chloride and sulfate complexes if the concentrations of dissolved
chloride and sulfate are sufficient. At very reducing conditions, the aqueous species Sn2+, Sn(OH)20(aq),
and Sn(OH)3-, are predicted to be the most stable Sn(II) hydrolysis species at pH values less than ~4, from
~4 to ~9.5, and greater than ~9.5, respectively, in the absence of complexing ligands. Tin(II) can also
form aqueous complexes and solids with dissolved halides, chalcogenides (e.g., sulfide, selenide, and
telluride), sulfate, phosphate or thiocyanates (Séby et al. 2001). Little is known about tin reactions with
dissolved carbonate.
The thermodynamic calculations by Séby et al. (2001) predict solid SnO2(e) to be oversaturated at pH
values from ~0.5 to ~10.5 at a total dissolved activity of 10-10 M. Solid SnO2 is substantially soluble only
at strong acidic and basic pH conditions. Thermodynamic values also indicate that SnO to be more
soluble than SnO2. Séby et al. (2001) note that the insoluble nature of SnO2 is a major reason that the
aqueous speciation of Sn(IV) is not better understood and that analytical methods for trace levels of
inorganic tin need to be developed to obtain the requisite data.
Very little is known about the adsorption/desorption behavior of Sn(IV) or Sn(II), especially in
sediment and soils systems. If the dominant aqueous species of Sn(IV) is SnO32- or other anionic forms,
such as SnO(OH)3-, as others have proposed, little adsorption of Sn(IV) would be expected at basic pH
values. In a review of adsorption databases, Ticknor and Vandergraaf (1997) list Kd values of 2±2 mL/g
for tin onto feldspars and quartz under oxic and reducing conditions; feldspars and quartz are the
dominant minerals in sediments at the Hanford site. The Kd values for tin used by several European
countries in their performance assessments for proposed subsurface geologic repositories for high-level
radioactive waste range from single digit values to several thousand milliliters per gram on principally
(e)

Séby et al. (2001) do not specify if the Sn(IV) solubility calculations are for amorphous SnO2 or crystalline SnO2
(the mineral cassiterite). Some have suggested the kinetic considerations would likely preclude crystalline SnO2
from precipitating over the time frames for the duration of most laboratory experiments.
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crushed rock materials (as tabulated in Ticknor and Vandergraaf 1997). The earlier compilation by
Thibault et al. (1990) list Kd values for tin of 130, 450, and 670 mL/g for sand, silt, and clay, respectively.
The technical reports containing the Kd values discussed in Ticknor and Vandergraaf (1997) and Thibault
et al. (1990) were not available to the authors of this data package, so the conditions, such as pH and tin
concentrations, used in these experiments are not known. Given the likely insoluble nature of SnO2, as
that indicated by Séby et al. (2001), it is possible that precipitation occurred during the course of these
sorption experiments, resulting in the high Kd values indicated. In a related report, Ticknor and
Vandergraaf (1996) noted that lower adsorption of tin was observed at higher pH conditions (specifics not
given), which is consistent with the predicted anionic nature of Sn(IV) at high pH values.

A.14.5

Mercury

The behavior of mercury in geochemical systems has been widely studied. Mercury is unusual
among inorganic COIs because it also forms covalent bonds. The geochemical processes affecting
mercury in sediments and soils are subject to a range of chemical and biological transformations, such as
oxidation/reduction reactions, methylation, complexation and adsorption, depending on physical and
chemical conditions of the system. Most studies of the geochemical behavior of mercury focus on the
strong association of mercury with organic carbon species in sediments and soils and on the formation by
biological activity of methylmercury compounds which are readily bioaccumulated and highly toxic.
Almost all mercury found in animal tissue is in the form of methyl mercury. Because the concentrations
of natural organic matter are very low and sulfate-reducing bacteria are not thought to play an important
role in the geochemistry of COIs in sediments at the Hanford Site, the formation of mercury organic
carbon species and methylmercury compounds are not expected to be important processes at SST WMAs.
Mercury can exist in the 0 (elemental), +1 (mercurous), and +2 (mercuric) oxidation states in aqueous
systems depending on the oxidizing conditions of the system. In oxic systems, Hg(II) is the stable
oxidation state, whereas Hg(0) is stable under wide range of reducing conditions. Mercury(I) has a
narrow range of stability which is expected to be limited to pH conditions of less than 7. Mercury(I)
typically disproportionates rapidly, but reversibility, to form Hg(0) and Hg(II). Cotton and Wilkinson
(1980) note that Hg(0) oxidizes to Hg(II) in the presence of excess oxidant. However, only Hg(I) results
from the oxidation of Hg(0) when there is an excess of Hg(0) relative to oxidant. Hepler and Olofsson
(1975) present an extensive review of the thermodynamic properties of mercury compounds. The list the
following standard potentials for the following Hg(0), Hg(I), and Hg(II) redox equilibria:
Hg22+ + 2 e- = 2 Hg(liq) E° = 0.7960 V
2 Hg2+ + 2 e- = Hg22+

E° = 0.9110 V

Hg2+ + 2 e- = Hg(liq)

E° = 0.8535 V

The species Hg0(aq) and Hg22+ are expected to be the dominant aqueous forms of Hg(0) and Hg(I),
respectively, at pH values greater than ~6 in systems low in dissolve halides, especially dissolved iodide
and bromide. Mercury(II) hydrolyzes very readily to produce primarily the neutral species Hg(OH)20(aq)
in dilute solutions. Mercury(II) forms strong complexes with numerous ligands, such as halide ions, and
has a strong affinity for affinity for sulfur-donating ligands (Baes and Mesmer 1976). The stability of
Hg(II)-halogen complexes increases in the order Cl- < Br- < I-, and the mixed species HgOHCl0(aq) is
known to have a small field of predominance. At a chloride activity of 10-4, calculations in Rai et al.
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(1984) show that the Hg(II) species HgCl20(aq) and Hg(OH)20(aq) are stable at pH values less and greater
than ~6, respectively, under oxic conditions. If dissolved sulfide is present, Hg(II) readily forms Hg(II)
sulfide ion pairs. Toxic methylmercury compounds may form from inorganic mercury by sulfatereducing bacteria or by abiotic processes in sediments and soils. Mercury(II) readily reacts in
geochemical processes in natural systems to produce volatile (CH3)2Hg and soluble CH3Hg+, which
hydrolyzes to produce CH3HgOH0(aq) and at higher methylmercury concentrations, (CH3Hg)2OH+ (Baes
and Mesmer 1976). The CH3Hg+ species is not usually found in aqueous systems because it readily binds
to other compounds.
The solubility of mercury solids is predicted to be very high under oxidizing conditions (Rai et al.
1984). Therefore, the dissolved concentrations of mercury in oxic geochemical systems, such as the
vadose zone at the Hanford Site, are not expected to controlled by precipitation processes. Because of the
strong affinity of Hg(II) for sulfide (e.g., see Wolfenden et al. 2005), precipitation of cinnabar and
metacinnabar (both have the formula Hg2S) could limit the mercury concentrations in oxic systems if the
concentrations dissolved sulfide are sufficient. The minerals cinnabar and metacinnabar, native (or
elemental) mercury (Hg), calomel (Hg2Cl2), and mercury oxychlorides Hg2ClO and Hg4Cl2O have been
identified at mercury ore deposits. Mercury sulfide particles are thought to play an important role in the
colloid transport of mercury from mercury mine tailings (Lowry et al. 2004, Slowey et al. 2005).
Rai et al. (1984) review the absorption behavior of mercury. Mercury(II) adsorption is dependent on
pH and should occur to a significant extent at near neutral to basic pH values. Generally, in systems
containing little or no organic material, adsorption of mercury is dependent on the formation of
Hg(OH)20(aq) which readily absorbs onto oxide solids. As discussed above, the Hg(II) aqueous
HgCl20(aq), which predominates in chloride-containing aqueous systems at neutral to acidic pH
conditions, is only weakly adsorbed by the most common metal oxides (Rai et al. 1984). Del Debbio
(1991) determined Kd values for several COIs, including mercury, in a carbonate/bicarbonate system with
an average pH of 8. This study was part of an evaluation of the potential for the transport of COIs from a
near-surface disposal facility for tank waste at the Idaho National Engineering Laboratory in southeastern
Idaho on the Snake River Plain. The Snake River Plain is a semiarid structural basin underlain by an
unsaturated vadose zone which has an oxic environment, which are conditions similar to those for the
vadose zone at the Hanford Site. Del Debbio (1991) reported Kd values of 236 to 1,910 mL/g for
alluvium sediment, 81 to 998 for interbed sediment, and 9.5 to 171 for crushed basalt. The alluvium
sample was taken at a depth of about 12 m below the land surface, and the interbed sediment was taken
from the top part of the first interbed in the basalt formations at a depth of 35 m below the land surface.
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Appendix B
Tables of Generic Hanford Site-Wide Kd Ranges by Waste
Chemistry/Source Category
As part of the 2004 Composite Analysis, a Hanford site-wide performance assessment (Last et al.
2006), a set of compartmentalized generic Kd values for input was needed. These Kd values are shown in
Table B.1. Because only a limited amount of site-specific characterization data were available for the
large number of sites with diverse characteristics and disposal histories, it was necessary to develop a
generic Hanford wide set of Kd values that would be applicable over a range of waste chemistry/source
categories and impact zones. Generic Kd values for six sets of waste chemistry/source categories Kd
values were developed. The six waste chemistry/source categories were 1) very acidic, 2) very high
salt/very basic, 3) chelates/high salts, 4) low organic/low salt/near neutral, 5) IDF vitrified waste, and
6) Integrated Disposal Facility (IDF) cementitious waste. The Kd values for waste categories 1-4 were
selected based upon critical review of the Kd values tabulated in Cantrell et al. (2003) for Hanford
sediments and application of geochemical knowledge and experience of those authors. For the two IDF
waste categories (5 and 6) Kd values in the format used by the 2004 Composite Analysis (Last et al. 2006)
were developed from the IDF Kd data published in Krupka et al. (2004) and presented in Appendix C.
It should be emphasized that in some cases, the Kd estimates provided in Table B.1 had to be made
based on limited available data that were not necessarily commensurate with those of the waste
chemistry/source category or specific sites at the Hanford Site. In addition, these compartmentalized Kd
values do not account for future changes in chemical conditions that could occur and significantly impact
Kd values. And finally, these compartmentalized Kd values should be considered as generic Hanford Kd
values that should be used only in the absence of site-specific data.
When selecting Kd values for use in modeling efforts with critical outcomes such as performance
assessments, it is highly recommended that a knowledgeable geochemist with experience in the area of
contaminant adsorption, speciation chemistry, and Hanford Kd values be consulted. Misapplication or
oversimplification of contaminant adsorption through inappropriate use of Kd values can lead to
erroneous estimates of contaminant transport. This can result in flawed assessments of risk and incorrect
selection of remediation methods.
When site-specific Kd values have been measured using site-specific sediments and geochemical
conditions that are representative of site conditions, then these Kd values will take precedence over
generic values. For example, site-specific Kd values have been measured for many of the Hanford SST
WMAs. These values are summarized in the Geochemical Characterization Data Package.(a)

(a)

Cantrell KJ, RJ Serne, CF Brown, and KM Krupka. Geochemical Characterization Data Package for the Vadose
Zone in the Single-Shell Tank Waste Management Areas at the Hanford Site. Pacific Northwest National
Laboratory, Richland, Washington (title tentative; due to be published in early 2008).
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Table B.1. Kd Ranges by Waste Chemistry/Source Category

Analyte

Waste Chemistry/Source Category 1: Very Acidic(a)
High Impact
Intermediate Impact – Sand
Kd Estimate (mL/g)
Kd Estimate (mL/g)
Best
Min
Max
Best
Min
Max

Non-Adsorbing Radionuclides
3
H
0
Tc
0
Cl
0
Moderately Adsorbing
I
4
U
0.2
Se
5
Np
0
C
0
Highly Adsorbing
Sr
10
Cs
1,000
Pu
0.4
Eu
20
(a)

0
0
0

0
0.1
0

0
0
0

0
0
0

0
0.1
0

0
0
0

0
0
0

0
0.01
0

0
0
3
0
0

15
4
10
2
0

0.2
0.8
5
10
0

0
0.2
3
2
0

2
4
10
30
100

0.02
0.08
0.5
1
0

0
0.02
0.3
0.2
0

0.2
0.4
1
3
100

5
200
0.1
1

15
10,000
1
100

22
2,000
600
200

10
200
200
10

50
10,000
2,000
1,000

6.8
620
186
62

3.1
62
62
3.1

15.5
3,100
620
310

When selecting Kd values for use in modeling efforts with critical outcomes such as performance assessments, it is highly recommended
that a knowledgeable geochemist with experience in the area of contaminant adsorption, speciation chemistry, and Hanford Kd values be
consulted.

Analyte

Waste Chemistry/Source Category 2: Very High Salt/Very Basic(a)
High Impact
Intermediate Impact - Sand
Intermediate Impact – Gravel
Kd Estimate (mL/g)
Kd Estimate (mL/g)
Kd Estimate (mL/g)
Best
Min
Max
Best
Min
Max
Best
Min
Max

Non-Adsorbing Radionuclides
3
H
0
Tc
0
Cl
0
Moderately Adsorbing
I
0.02
U
0.8
Se
0
Np
200
C
100
Highly Adsorbing
Sr
22
Cs
10
Pu
200
Eu
200
(a)

Intermediate Impact – Gravel
Kd Estimate (mL/g)
Best
Min
Max

0
0
0

0
0.1
0

0
0
0

0
0
0

0
0.1
0

0
0
0

0
0
0

0
0.01
0

0
0.2
0
100
0

0.2
4
0.1
500
100

0.1
0.8
0
200
7

0
0.2
0
100
0

0.2
4
1
500
100

0.01
0.08
0
200
7

0
0.02
0
100
0

0.02
0.4
0.1
500
100

10
0
70
10

50
500
600
1,000

22
100
600
200

10
10
200
10

50
1,000
2,000
1,000

6.8
31
190
62

3.1
3.1
62
3.1

15.5
310
620
310

When selecting Kd values for use in modeling efforts with critical outcomes such as performance assessments, it is highly recommended
that a knowledgeable geochemist with experience in the area of contaminant adsorption, speciation chemistry, and Hanford Kd values be
consulted.
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Table B.1. (contd)
Waste Chemistry/Source Category 3: Chelates/High Salts(a)
High Impact
Intermediate Impact – Sand
Intermediate Impact – Gravel
Kd Estimate (mL/g)
Kd Estimate (mL/g)
Kd Estimate (mL/g)
Best
Min
Max
Best
Min
Max
Best
Min
Max

Analyte

Highly Mobile Elements
3
H
0
Tc
0
Cl
0
Somewhat Mobile Elements
I
0.2
U
0.2
Se
0
Np
2
C
0
Moderately Immobile Elements
Sr
1
Cs
10
Pu
10
Eu
20
(a)

0
0
0

0
0
0

0
0.1
0

0
0
0

0
0
0

0
0.01
0

0
0
0
1
0

2
4
0.1
15
100

0.2
0.8
0
5
0

0
0.2
0
2
0

2
4
1
30
100

0.02
0.08
0
0.5
0

0
0.02
0
0.2
0

0.2
0.4
0.1
3
100

0.2
0
1
1

20
500
100
100

10
100
600
200

5
10
200
10

20
1,000
2,000
1,000

3.1
31
190
62

1.6
3.1
62
3.1

6.2
310
620
310

Waste Chemistry/Source Category 4: Low Organic/Low Salt/Near Neutral(a)
Intermediate Impact –
Intermediate Impact –
High Impact
Groundwater
Sand
Gravel
Kd Estimate (mL/g)
Kd Estimate (mL/g)
Kd Estimate (mL/g)
Kd Estimate (mL/g)
Best
Min
Max
Best
Min
Max
Best
Min
Max
Best
Min
Max

Highly Mobile Elements
3
H
0
0
Tc
0
0
Cl
0
0
Somewhat Mobile Elements
I
0.2
0
U
0.8
0.2
Se
5
3
Np
10
2
C
0
0
Moderately Immobile Elements
Sr
22
10
Cs
2,000
200

(a)

0
0.1
0

When selecting Kd values for use in modeling efforts with critical outcomes such as performance assessments, it is highly recommended
that a knowledgeable geochemist with experience in the area of contaminant adsorption, speciation chemistry, and Hanford Kd values be
consulted.

Analyte

Pu
Eu

0
0
0

600
200

200
10

0
0.1
0

0
0
0

0
0
0

0
0.1
0

0
0
0

0
0
0

0
0.01
0

0
0
0

0
0
0

0
0.1
0

2
4
10
30
100

0.2
0.8
5
10
0

0
0.2
3
2
0

2
4
10
30
100

0.02
0.08
0.5
1
0

0
0.02
0.3
0.2
0

0.2
0.4
1
3
10

0.2
0.8
5
10
0

0
0.2
3
2
0

2
4
10
30
100

50
10,00
0
2,000
1,000

22
2,000

10
200

7
620

3
62

16
3,100

22
2,000

10
200

600
200

200
10

50
10,00
0
2,000
1,000

190
62

62
3.1

620
310

600
200

200
10

50
10,00
0
2,000
1,000

When selecting Kd values for use in modeling efforts with critical outcomes such as performance assessments, it is highly recommended
that a knowledgeable geochemist with experience in the area of contaminant adsorption, speciation chemistry, and Hanford Kd values be
consulted.
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Table B.1. (contd)

Analyte

Waste Chemistry/Source Category 5: IDF Vitrified Waste(a)
High Impact
Intermediate Impact - Sand
Intermediate Impact - Gravel
Kd Estimate (mL/g)
Kd Estimate (mL/g)
Kd Estimate (mL/g)
Best
Min
Max
Best
Min
Max
Best
Min
Max

Non-adsorbing Radionuclides
3
H
0
Tc
0
Cl
0
Moderately Adsorbing
I
0.1
U
0.2
Se
1
Np
0.2
C
0
Highly Adsorbing
Sr
15
Cs
1.5
Pu
10
Eu
5
(a)

0.1
0.1
0.1

0
0
0

0
0
0

0.1
0.1
0.1

0
0
0

0
0
0

0.01
0.01
0.01

0.04
0
0
0.1
0

0.16
800
3
4
0

0.1
0.2
2
0.8
20

0
0
0
0.2
5

0.2
500
10
5
50

0
0.2
0.04
0.08
2

0
0.02
0.02
0.04
0.5

0.02
5
1
0.5
5

4
1
5
2

70
25
100
10

10
80
200
350

0.2
40
80
100

50
2,000
1,000
1,500

1
8
20
35

0.02
4
8
10

5
200
100
150

When selecting Kd values for use in modeling efforts with critical outcomes such as performance assessments, it is highly recommended
that a knowledgeable geochemist with experience in the area of contaminant adsorption, speciation chemistry, and Hanford Kd values be
consulted.

Analyte

Waste Chemistry/Source Category 6: IDF Cementitious Waste(a)
High Impact
Intermediate Impact - Sand
Intermediate Impact - Gravel
Kd Estimate (mL/g)
Kd Estimate (mL/g)
Kd Estimate (mL/g)
Best
Min
Max
Best
Min
Max
Best
Min
Max

Non-Adsorbing Radionuclides
3
H
0
Tc
0
Cl
0
Moderately Adsorbing
I
2
U
100
Se
1
Np
200
C
0
Highly Adsorbing
Sr
10
Cs
30
Pu
500
Eu
500
(a)

0
0
0

0
0
0

0.1
0.1
0.1

0
0
0

0
0
0

0.1
0.6
0.1

0
0
0

0
0
0

0.01
0.06
0.01

1
70
0
140
0

5
250
300
500
0

0.25
1
7
15
5

0
0.1
3
2
0.5

15
4
15
25
1,000

0.02
1
0.7
1.5
0.5

0
0.01
0.3
0.2
0.05

1.5
7
1.5
2.5
100

7
20
100
400

25
50
1,000
1,000

14
2000
150
300

5
500
50
60

200
4,000
2,000
1,300

1.4
200
15
30

0.5
50
5
6

20
400
200
130

When selecting Kd values for use in modeling efforts with critical outcomes such as performance assessments, it is highly recommended
that a knowledgeable geochemist with experience in the area of contaminant adsorption, speciation chemistry, and Hanford Kd values be
consulted.
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Summary Tables of Kd Values and Empirical Solubility
Concentration Limits Determined for the
2006 IDF Performance Assessment
The following information was taken from the report Geochemical Data Package for the 2005
Hanford Integrated Disposal Facility Performance Assessment by Krupka et al. (2004). Geochemical
input values for the geochemical zones described in Tables 4.1 through 4.3 of Krupka et al. (2004) and
illustrated schematically in Figures 4.1 through 4.3 from Krupka et al. (2004) are presented in Tables C.1
through C.9. For Zones 1a and 1b, empirical solubility concentration limits are provided for some
contaminants where appropriate. If the near-field solution concentration of a contaminant is above the
“solubility limit,” the empirical solubility concentration limit will be used to control the solution
concentration; if the solution concentration is below this value, then the Kd values will be used in the
retardation factor equation to calculate solution concentrations. Four Kd values are provided in each table
cell: a reasonable conservative Kd, a “best” estimate (or most probable) Kd, and upper and lower Kd limits.
The reasonable conservative Kd is a reasonable lower-bounding value that takes into consideration
potential conditions that may enhance radionuclide migration. This estimate was usually identical to the
lower value of the range. For a few situations, the lower limit was not selected as the reasonable
conservative Kd value because the lower limit value originated from a questionable experiment or the
experimental conditions used to generate the value would yield a lower value than the conditions of the
zone of interest merit. The “best” estimates are presented to provide guidance on what the most likely Kd
value is for a given condition. This was based primarily on some central value of the literature or
laboratory Kd values and on expert judgment. The concept of using a central value, the statistics, and
some of the raw data involved in identifying this central value was presented by Kaplan and Serne (1995)
for iodine, neptunium, selenium, technetium, and uranium. Newer Hanford- and IDF-specific Kd data
have been factored into the choice of the “best” estimate for all contaminants using the same concepts
presented in Kaplan and Serne (1995). The range is provided to help in uncertainty estimates and
sensitivity analyses. The distribution of Kd values within this range is assumed to be a normal
distribution.
For the empirical solubility concentration limits, only reasonable conservative and “best” estimate (or
most probable) values are given. No ranges or solubility concentration distributions are given at this time.
If the 2005 IDF PA shows that solubility constraints are important, then some effort will be undertaken to
improve the uncertainty/sensitivity of future performance assessment calculations. Finally, supporting
references for the selection of the various Kd and empirical solubility concentration limits or estimates are
provided in the tables.

C.1

Table C.1. Kd Values for Zone 1a – Near Field/Vitrified Waste(a)
Reasonable
Conservative
Kd (mL/g)

“Best” Kd
(mL/g)

Kd Range
(mL/g)

3

0

0

0 to 1

C, Cl, N as nitrate, Cr(VI) as chromate and Tc are anionic. 3H will move with H2O. Ru has often been suggested as
being water coincident in tank leak scenarios based on gamma borehole logging. C as carbonate in high pH tank
environments is insoluble and combines with alkaline earths. To account for insolubility a Kd value > 0 is appropriate
but to keep C from getting stuck permanently in this source (high impact) zone, the value was set at 0 (Ames and Rai
1978; Thibault et al. 1990; Martin 1996; Um et al. 2004; Um and Serne 2005). A recent Tc Kd measurement for a
synthetic ILAW glass leachate and IDF sand sediment from 299-E24-21 showed 0 mL/g with high reproducibility for
triplicate tests (Um and Serne 2005). Limited information available for geochemical behavior of Nb. Nb expected to
be anionic at pH >7; see discussion in Robertson et al. (2003).

I

0.04

0.1

0.04 to
0.16

Non-zero Kd values exist for this condition, 1.04 ± 0.02 and 1.07 ± 0.03 mL/g, were measured in Hanford sediments in
high pH, high ionic-strength conditions (Kaplan et al. 1998b). But more recent sorption tests using IDF borehole
sediment from 299-E24-21 and a synthetic glass leachate showed Kd values ranged from 0.04 to 0.16. These new
values are chosen as most realistic for Zone 1a (Um and Serne 2005).

Se

0

1

0 to 3

Um and Serne (2004, in review) measured the Kd for selenate in synthetic glass leachate onto IDF borehole sediments
and found non-zero values consistently for six tests. Values ranged from 1 to 3 mL/g with good precision.

Ac, Am,
Ce, Cm,
Eu

2

5

2 to 10

Estimated (Thibault et al. 1990; Ames and Serne 1991)

Cs

1

1.5

1 to 25

Based on observations at T-106, 137Cs seemed to peak at ~10 ft below the base (elevation) of the tank and nitrate at
~80 ft. This implies an in situ Rf of ~8 or a Kd value of ~1 or 2 mL/g during the initial tank leak. The lack of cesium in
groundwater beneath tanks suggests it has not broken through. Serne et al. (1998) measured a Kd of 26 ml/g for
simulated REDOX tank liquor. But the results are not consistent with inferred Cs migration using gamma borehole
logging at SX Tank Farm (Hartman and Dresel 1997).

0.1

0.2

0.1 to 4

Estimated (Ames and Serne 1991).

Sr, Ra

4

15

4 to 70

Here it is assumed that caustic tank liquors are a surrogate for glass and cement leachate. Sr is known to be rather
insoluble in tank liquors and does not migrate through soils in tank liquor as rapidly as other cations (Ames and Serne
1991). Using IDF borehole specific sediment and synthetic glass leachate a value of 70±1 mL/g was obtained (Um and
Serne 2005).

Th, Zr, Pb,
Pu

5

10

5 to 100

Estimated (Thibault et al. 1990; Ames and Serne 1991).

Radionuclide
H, Cl, Tc,
Ru, C, N
as nitrate,
Cr(VI), Nb

C.2

Co, Ni,
Np, Pa, Sn

Justification

Table C.1. (contd)

Radionuclide
U

(a)
(b)

Reasonable
Conservative
Kd (mL/g)

“Best” Kd
(mL/g)

Kd Range
(mL/g)

0.05

0.2

0 to 800

Justification
See Section 6.2 for details that are based on the study of Serne et al. (2002a). Earlier data in Kaplan et al. (1998a)
reported U(VI) Kd values increased from ~2 to >500 mL/g when the pH of a Hanford sediment/groundwater slurry
increased from 8.3 to greater than 10.5. The extremely high Kd was attributed to U coprecipitation either as uranium
phases or as calcite phases. These results however are not relevant for glass leachates that do not contain adequate Ca
to allow calcite precipitation. Calcite precipitation decreases the concentration of dissolved carbonate/bicarbonate that
forms strong anionic U(VI) carbonate complexes that are highly soluble and resistant to adsorption at slightly alkaline
pH values. Glass leachates are projected to be pH ~9 to 9.5 with ~0.034 M inorganic carbon mostly as bicarbonate(b)
that will complex dissolved U(VI) lowering the Kd to values well below those reported in Kaplan et al. (1998a). For
now assume that glass leachate in dominated by sodium bicarbonate/carbonate solution that allows anionic U(VI)
carbonate species to predominate and sorption to be very low.

The aqueous phase has a high pH, high radionuclide concentrations, and high ionic strength; the solid phase is dominated by backfill, glass, and glass secondary phases (Figure 4.1). No gravel
correction to Kd values.
STORM code predictions of the long-term steady-state glass leachate composition. See Section 6.2 for more discussion.

C.3

Table C.2. Empirical Solubility Concentration Limits for Designated Solids in Zone 1a – Near Field/Vitrified Wastes(a)
Reasonable
Conservative
Empirical Solubility
Concentration Limit
(M)

“Best” Empirical
Solubility
Concentration Limit
(M)

H, Cl, Tc,
I, Se, Ru, C,
N as nitrate
and Cr as
chromate

---

-----

Ac, Am,
Ce, Cm, Eu,

1×10-7

1×10-9

Assume that glass leachate has high pH and is similar to concrete leachates. Concrete leachate solubility values can
be realistically applied for hydrous oxide/metal hydroxides being the controlling solid. Solubility of these types
solids are dependent almost solely on pH and nothing else in the pore fluids (Krupka and Serne 1998; Brady and
Kozak 1995; Ewart et al. 1992).

----

-----

No solubility constraint is expected. But Cs could be incorporated into the glass weathering products. Ignoring this
should be conservative but not overly so, seeing as adsorption will prevent Cs from reaching the water table.

Co, Ni

5×10-4

5×10-7

Assume that metal hydroxide is controlling solid and thus pH is the only sensitive variable. There is data for
alkaline cement conditions and we will assume they hold for alkaline glass leachates (Krupka and Serne 1998;
Brady and Kozak 1995; Ewart et al. 1992).

Nb, Np, Pa,
Sn

5×10-4

5×10-6

Assume that metal hydroxide is the controlling solid. There is empirical data in Ewart et al. (1992) that predicts
much lower than thermodynamic predictions (Krupka and Serne 1998; Brady and Kozak 1995; Ewart et al. 1992).

Ra

1×10-5

3×10-6

Ra sulfate is the controlling solid. Bayliss et al. (1989) found no precipitation for Ra at 10-7 M in concrete leachate.

Sr

2×10-5

1×10-7

Sr carbonate forms in cements (Krupka and Serne 1998; Brady and Kozak 1995; Ewart et al. 1992) but for glass
leachates we are not sure. These values may need to be revised or not used in order to be conservative.

Th, Zr, Pb,
Pu

5×10-7

1×10-8

Assume solubility controlling phase of hydroxide/hydrous oxides for Th, Zr, Pu and hydroxycarbonates for Pb.
There is data for Th and Pu in cement leachates under oxidizing and reducing conditions. We chose the oxidizing
conditions (Ewart et al. 1992). Other assessments of these values are presented in (Krupka and Serne 1998; Brady
and Kozak 1995).

U

1×10-6

----

For the 2005 performance assessment, no empirical solubility concentration limit on glass leachate will be used
unless STORM calculations predict a known pure U phase is forming. In the 2001 performance assessment, the
STORM calculations did not identify any pure U solid phase for which its solubility was exceeded in the leachates.

Radionuclide
3

Cs

C.4

(a)

Justification
At present, none of these contaminants have solubility constraints in glass leachate. Tc, C, Se, Cl, and I are anionic.
H is considered to be present as water. Ru may be present as the RuO4-.

3

The aqueous phase has a high pH, high radionuclide concentrations, and high ionic strength; the solid phase is dominated by backfill, glass, and glass secondary phases (Table 4.3 and Figure
4.3). No gravel correction to Kd values.

Table C.3. Kd Values for Zone 1b – Near Field/Cementitious Secondary Wastes(a)
Young Concrete
(pH ~ 12.5)

Moderately Aged Concrete
(pH ~ 10.5)

Aged Concrete
(pH ~ 8.5)

Conservative Kd
(mL/g)

“Best”
Kd
(mL/g)

Kd
Range
(mL/g)

Conservative Kd
(mL/g)

“Best”
Kd
(mL/g)

Kd
Range
(mL/g)

Conservative Kd
(mL/g)

“Best”
Kd
(mL/g)

Kd
Range
(mL/g)

0

0

0 to 2

0

0

0 to 2

0

0

0 to 1

Tc and chromate may be slightly sorbed to concrete, albeit, very
little (Angus and Glasser 1985; Gilliam et al. 1989; Tallent et al.
1988; Brodda 1988; Serne 1990; Serne et al. 1992).

Cl

0.8

8

0.8 to
25

1

2

1 to 5

0

0

0 to 1

Estimated. French sulfate-resistant cement had a Cl Kd of 25 mL/g
(Sarott et al. 1992). Cl diffused through cement disks slower than
3
H (Johnston and Wilmot 1992). Cl Kd to cement powder after
24-hr contact time = 0.8 mL/g (Kato and Yanase 1993).

I

10

20

10 to
150

5

8

5 to 15

1

2

1 to 5

Iodide Kd values of seven types of concrete samples increased
gradually over three months, than leveled off to between 25 and
130 mL/g (Allard 1984; Hoglund et al. 1985). After 300 days
contact with various cements, 77% to 98% iodide and even more
iodate sorbed. I- sorption to cement is very concentration
dependent: at 10-8 I- Kd = 1,000 mL/g at 10-2 M I- Kd = 1.4 mL/g
(Atkinson and Nickerson 1988). I- sorption to cement is highly
reversible (Atkinson and Nickerson 1988). Iodine Kd in 7 day
contact = 2.5 mL/g; after 30 days 7.7 mL/g (Hietanen et al. 1985).

C

10

20

10 to
1,000

5

10

5 to
1,000

0

0

0

Carbon-14 chemistry is complicated in cement; C coprecipitation
more important process in concrete than adsorption. See solubility
discussion in Table 5.4 and Allard (1981).

2,000

5,000

2,000
to
40,000

1,000

5,000

1,000
to
30,000

400

500

400 to
1,000

Trivalent metal Kd values to concrete exceed those to sediments
(Angus and Glasser 1985). Am Kd >10,000 mL/g (Ewart et al.
1988). Am Kd ~12,000 mL/g based on diffusion tests of cement
(Bayliss et al. 1991). Am Kd values ranged from 2,500 to
35,000 mL/g for seven fresh (unaged)-concrete blends (Allard
1984; Hoglund et al. 1985). Am Kd for 65-yr old concrete sample
= 10,000 (Allard 1984; Hoglund et al. 1985). Fresh cement AmKd = 2,000 for 24-hr contact time (Kato and Yanase 1993). Eu-Kd
= 2,400 mL/g for 24 hr contact time (Kato and Yanase 1993).
Very large Kd values may reflect precipitation reactions that
occurred during the adsorption measurements (EPA 1999).

Radionuclide
3

H, Tc, N as
nitrate and
Cr as
chromate

C.5
Ac, Am, Ce
Cm, Eu

Justification

Table C.3. (contd)
Young Concrete
(pH ~ 12.5)

Radionuclide

Conservative Kd
(mL/g)

Moderately Aged Concrete
(pH ~ 10.5)

“Best”
Kd
Range
Kd
(mL/g) (mL/g)

Aged Concrete
(pH ~ 8.5)

Conservative
Kd
(mL/g)

“Best”
Kd
(mL/g)

Kd
Range
(mL/g)

Conservative Kd
(mL/g)

“Best”
Kd
(mL/g)

Kd
Range
(mL/g)

Justification

7 to 25 Co-Kd = 4,300 mL/g (Kato and Yanase 1993). Ni-Kd for 3 cement
types: 500 to 3,000 mL/g (Hietanen et al. 1984), 1,500 mL/g (Kato
and Yanase 1993), and 500 to 3,000 mL/g (Pilkington and Stone
1990).

70

100

70 to
250

70

100

70 to
250

7

10

Cs

2

3

2 to 5

20

30

20 to
50

20

30

20 to
50

Cs Kd values in hardened HTS cement discs, pH ~13.3, were 3 mL/g
(Sarott et al. 1992). Cs Kd values of 0.2 mL/g were measured in
hardened sulfate resisting cement (Atkinson and Nickerson 1988).
Many authors have reported increase sorption at pH ~12.5 (Hietanen
et al. 1985, reviewed by Bradbury and Sarott 1995).

Nb

0

40

0 to
6,000

0

40

0 to
3,500

0

4

0 to
600

Nb sorption data limited but suggests high sorption in fresh cement
(Krupka and Serne 1998; Bradbury and Sarott 1995).

Np, Pa

1,400

2,000

1,400
to
10,000

1,400

2,000

1,400
to
10,000

140

200

140 to
500

The dominant protactinium species is assumed to be Pa O2+. NpO2+ is
assumed to be a reasonable analog (Pourbaix 1966). Np sorption test
to seven different 65-yr old cements using cement pore water reached
steady state after 30 days, Kd values ranged from 1,500 to 9,500 mL/g
(Allard 1984; Hoglund et al. 1985). User is cautioned that very large
Kd values may reflect precipitation reactions that occurred during the
adsorption measurements (EPA 1999).

Ru, Se

1

2

1 to
800

1

2

1 to
100

0

1

0 to
300

Estimated. Dominant species for Se and Ru were assumed to SeO42and RuO42-, respectively (Pourbaix 1966). Ru Kd values in Hanford
sediment (not concrete) did not change systematically with pH; at pH
8.5 the Kd value was 274 mL/g; at pH 10.4, 44 mL/g; and at pH 14,
752 mL/g (Rhodes 1957a, 1957b). Using a pH 12 simulated tank
waste solution and Hanford sediment, Kd values for Ru ranged from
2.14 to 0 mL/g, averaging ~0.8 mL/g (Ames and Rai 1978). Sulfate
may be used as an analog for selenate chemical behavior in concrete.
Sulfate (or sulfite) is often included in concrete mixes; therefore, it
would be expected to be retained strongly by concrete, primarily by
coprecipitation constraints. Selenate adsorption, independent of
precipitation processes, would be expected to be rather large.

C.6

Co, Ni,
Ra, Sn

Table C.3. (contd)
Young Concrete
(pH ~ 12.5)

Moderately Aged Concrete
(pH ~ 10.5)

Aged Concrete
(pH ~ 8.5)

Conservative
Kd
(mL/g)

“Best”
Kd
(mL/g)

Kd
Range
(mL/g)

Conservative Kd
(mL/g)

“Best”
Kd
(mL/g)

Kd
Range
(mL/g)

Radionuclide

Conservative Kd
(mL/g)

Pb, Pu, Th

1,000

5,000

1,000
to
10,000

1,000

5,000

1,000
to
10,000

100

500

100 to
1,000

Estimated. Using three 65-yr-old crushed concrete samples and
seven fresh concrete samples, Th-Kd values were 2,500 to
5,500 mL/g (Allard 1984; Hoglund et al. 1985). Th-Kd values were:
consistently less than Am-Kd values, greater than U-Kd values, and
very similar to Np Pu Kd values (Allard 1984; Hoglund et al. 1985).
Pu-Kd values ranged from 1,000 to 12,000 mL/g (Allard 1984;
Hoglund et al. 1985). Concrete containing reducing agents (BFS) did
not have greater Pu Kd values than those that did not contain reducing
agents. High Kd values are attributed to high solubility of Pu in high
pH solutions, not to adsorption/ absorption processes (Krupka and
Serne 1998).

700

1,000

700 to
2,500

700

1,000

700 to
2,500

70

100

70 to
250

U(VI)-Kd values for seven types of cement = 350 to 13,000, average
= ~1,000, and median = 1,400 mL/g (Allard 1984; Hoglund et al.
1985).

U

C.7

(a)

“Best”
Kd
Range
Kd
(mL/g) (mL/g)

Justification

The aqueous and solid phases in this zone are greatly influenced by the presence of concrete. The concrete is assumed to age and form three distinct environments (Krupka and Serne 1998).

Table C.4. Empirical Solubility Concentration Limits for Designated Solids for Zone 1b – Near Field/Cementitious Secondary Wastes(a)
Young Concrete
(pH ~ 12.5)

Moderately Aged Concrete
(pH ~ 10.5)

Aged Concrete
(pH ~ 8.5)

Radionuclide

Conservative
(M)

“Best” Solubility
Concentration
Limit (M)

Conservative
(M)

“Best” Solubility
Concentration
Limit (M)

Conservative
(M)

“Best” Solubility
Concentration
Limit (M)

36

H, Cl,
Tc, I, N,
Ru, Se

---

---

---

---

---

---

It was assumed that no solubility constraints exist for these
species, although there could be some isotope exchange
into cement and secondary minerals.

C

10-5

10-6

10-3

10-4

10-2

10-3

Estimated. 14C chemistry is complicated in cement; C
coprecipitation more important process in concrete than
adsorption. Calcite will be a good controlling solid and the
14
C will be isotopically exchanged with stable C. For
young concrete assume that portlandite controls Ca to 6 x
10-3 M. For moderately aged cement and aged cement that
the Ca is controlled at 10-2 M by some undefined reactions.

1×10-7

1×10-9

3×10-7

3×10-8

1×10-5

1×10-7

Known cement values can be realistically applied for
hydrous oxide/metal hydroxides being the controlling solid.
These solids are dependent almost solely on pH, and
nothing else in the pore fluids (Krupka and Serne 1998;
Brady and Kozak 1995; Ewart et al. 1992).

---

---

---

---

---

---

It was assumed that no solubility constraints exist for this
species. Though solubility data are not available, a recent
characterization study (Palmer 2000) indicated the presence
chromate-enriched ettringite
(Ca6Al2((S,Cr)O4)2(OH)12·26H2O) and hydrocalumite
(3CaO·Al2O3·CaCrO4·nH2O) in Cr(VI)-contaminated
concrete from a former hard-chrome plating facility.

Co, Ni

5×10-4

5 ×10-7

5×10-4

1×10-6

1×10-3

2×10-5

Assume that metal hydroxide is controlling solid and thus
pH is the only sensitive variable. There is data for alkaline
cement conditions and predictions for groundwater (aged
cement end member) (Krupka and Serne 1998; Brady and
Kozak 1995; Ewart et al. 1992).

Nb, Np,
Pa, Sn

5×10-4

5×10-6

1×10-3

5×10-4

1×10-3

5×10-4

Assume that metal hydroxide is the controlling solid.
There is empirical data in Ewart et al. (1992) that predicts
much lower than thermodynamic predictions (Krupka and
Serne 1998; Brady and Kozak 1995; Ewart et al. 1992).

3

Ac, Am,
Ce, Cm,
Eu

C.8
Cr

Justification

Table C.4. (contd)
Young Concrete
(pH ~ 12.5)
Radionuclide
Cs

Moderately Aged Concrete
(pH ~ 10.5)

Aged Concrete
(pH ~ 8.5)

Conservative
(M)

“Best” Solubility
Concentration
Limit (M)

Conservative
(M)

“Best” Solubility
Concentration
Limit (M)

Conservative
(M)

“Best” Solubility
Concentration
Limit (M)

---

---

---

---

---

---

-5

-6

-5

-6

-5

Justification
No solubility constraint is expected.

-6

Ra sulfate is the controlling solid. Bayliss et al. (1989)
found no precipitation for Ra at 10-7 M in concrete leachate.

C.9

Ra

1×10

Sr

2×10-5

1×10-7

2×10-4

1×10-6

5×10-3

1×10-3

Sr carbonate forms in cements (Krupka and Serne 1998;
Brady and Kozak 1995; Ewart et al. 1992) and could be a
plausible control in sediments also.

Pb, Pu,
Th, Zr

5×10-7

1×10-8

5×10-7

1×10-8

5×10-6

1×10-7

Assume hydroxide/hydrous oxides for Th, Zr, Pu and
hydroxycarbonates for Pb. There is data for Th and Pu in
cement leachates under oxidizing and reducing conditions.
We chose the oxidizing conditions (Ewart et al. 1992).
Other assessments of Pb, Pu, Th, and/or Zr solubility under
these conditions have been conducted (Krupka and Serne
1998; Brady and Kozak 1995).

U

1×10-6

1×10-7

1×10-6

1×10-7

1×10-5

1×10-6

Two reports (Krupka and Serne 1998; Brady and Kozak
1995) discuss solubility in cements using U(VI) hydrous
oxide [schoepite] and uranophane [calcium U(VI) silicate]
as solubility control. Ewart et al. (1992) show some
empirical data for solubility in cement waters. Kaplan
et al. (1998a) reported U- Kd values increased from ~2 to
>500 mL/g when the pH of a Hanford sediment/
groundwater slurry increased from 8.3 to > 10.5. The
extremely high Kd was attributed to U coprecipitation
either as uranium phases or as calcite phases. Serne et al.
(1999) discusses solubility of U in presence of
groundwater.

(a)

3×10

1×10

3×10

1×10

3×10

The aqueous and solid phases in this zone are greatly influenced by the presence of concrete. The concrete is assumed to age and form three distinct environment (Krupka and Serne 1998).

Table C.5. Kd Values for Zone 2a – Chemically Impacted Far Field in Sand Sequence(a)
Reasonable
Conservative
Kd (mL/g)

“Best” Kd
(mL/g)

Kd Range
(mL/g)

H, Cl, N as
nitrate, Cr as
chromate, Tc,
Nb

0

0

0 to 0.1

Tc, chromate, nitrate and Cl are anionic and under slightly alkaline conditions formed by glass or cement
leachates Hanford sediments show very little tendency to adsorb anions. 3H will move with H2O. Limited
information available for geochemical behavior of Nb. Nb expected to be anionic at pH >7; see discussion in
Robertson et al. (2003).

Ac, Am, Ce,
Cm, Eu

100

350

100 to
1,500

Am-Kd values: In low-ionic-strength Ca system, >1200 mL/g; in low-ionic-strength Na system, 280 mL/g
(Routson et al. 1976)

C

5

20

5 to 50

Estimated. 14C geochemistry complex and poorly described by Kd construct. 14C is expected to enter liquid,
solid and gas phase through volatilization (CO2-gas), precipitation with calcite, isotopic exchange, and
adsorption. Based on Martin (1996), who measured 14C-Kd values in Hanford sediments using uncontaminated
Hanford groundwater (relatively low ionic strength). 14C as H14CO3Kd values increased during a 70-day
contact time from 0 (1-hr contact time) to 400 mL/g in sediment and 20 (1-hr contact time) to 360 mL/g in
calcrete. 14C removed by solid phases never stabilized during 70 days, suggesting coprecipitation reaction.

Co

150

300

150 to
2,000

In 0.01 to 1 M Na system, Kd is 1,060 to 4,760 mL/g (Routson et al. 1978). In 0.01 to 1 M Ca system, Kd is
222 to 640 mL/g (Routson et al. 1978). Forms complexes, especially with organics.

Cs

40

80

40 to 2,000

Estimated. In low-ionic-strength Na system, Kd is 64 to 1,170 mL/g (Routson et al. 1978). No complexes. In
low-ionic-strength Ca system, Kd is 790 to 1,360 mL/g (Routson et al. 1978). Unpublished recent results from
Zachara (PNNL, EMSP project) using Hanford sediments and simulated tank waste indicate that Cs sorption
decreases markedly compared to when ionic strength is appreciably lower.

I

0

0.1

0 to 0.2

Anion. Um and Serne (2004, in review) show low but non-zero Kd values that range between 0.04 and 0.16 for
synthetic glass leachate contacting a typical IDF borehole sand. Even with additional dilution with native pore
waters the pH will be higher than ambient in Zone 2 so the glass leachate values will be used for Zone 2 also.

Ni, Sn

40

80

40 to 400

Ni is similar to Co but adsorbs slightly less possibly because of moderate complexing. Estimated (Ames and
Serne 1991; Kaplan et al. 1995; Rhoads et al. 1994).

Np, Pa

0.2

0.8

0.2 to 5

Np Kd values in low-ionic-strength solutions = 0.4 to 4 mL/g (1). The dominant protactinium species is
assumed to be PaO2+. NpO2+ is assumed to be a reasonable analog (Pourbaix 1966). Based on studies
conducted at the Whiteshell Laboratories (personal communications with T. T. (Chuck) Vandergraaf, Atomic
Energy of Canada Limited, Pinawa, Manitoba, Canada), Pa sorbs appreciably more than Np. Thus, Pa-Kd
estimates based on measured Np- Kd values will be conservative.

Pb

20

100

20 to 1,000

Good absorber, insoluble. Estimated (Kaplan et al. 1995).

Pu

80

200

80 to 1,000

Kd is >98 mL/g (Rhodes 1957a, 1957b)

Radionuclide
3

Justification

C.10

Table C.5. (contd)
Reasonable
Conservative
Kd (mL/g)

“Best” Kd
(mL/g)

Kd Range
(mL/g)

0.2

10

0.2 to 50

Na system, 1.7 to 42 mL/g for Sr-Kd (Routson et al. 1978). Ca system, 0.3 to 1.6 mL/g for Sr-Kd (Routson
et al. 1978). In 4 M NaNO3, Sr-Kd in Hanford sediment was 5 mL/g (pH 8), and 10 mL/g (pH 10) (Rhodes
and Nelson 1957). Near identical Kd values using Savannah River Site Sediments and 30% NaNO3 (Prout
1959). Based on periodicity considerations, Ra would be expected to sorb more strongly to sediments than Sr,
but no Hanford Ra-Kd values are available. Thus, basing Ra-Kd estimates on measured Sr-Kd values will
likely provide a conservative Ra-Kd estimate.

Ru

0

1

0 to 500

May form RuO42- and/or anionic complexes with nitrates and nitrites. Estimate (Ames and Serne 1991; Ames
and Rai 1978; Barney 1978).

Se

1

2

0 to 10

Anionic. Se Kd measured at the ILAW/IDF site had Kd values of 6.7 ± 0.4 mL/g (Kaplan et al. 1998c).
Results of a Se sorption experiment to Hanford sediments in high ionic strength (NaOH and NaOCl4) indicate
Se Kd values range from 0 to 18 mL/g; but values for 0.03 NaOH are 0 mL/g and are beyond the causticity of
probable glass leachates (Kaplan et al. 2003). Kd values will be chosen from recent tests on IDF borehole
sediments with synthetic glass leachate that yielded Kd values which ranged from 1 to 3 mL/g (Um and Serne
2005).

Th, Zr

40

300

40 to 500

Sandy soil data, Kd is 40 to 470 mL/g for Th (Sheppard et al. 1976).

0.05

0.2

0 to 500

See Section 6 for details that rely on Serne et al. (2002a). Earlier data by Kaplan et al. (1998a) reported U(VI)
Kd values increased from ~2 to >500 mL/g when the pH of a Hanford sediment/groundwater slurry increased
from 8.3 to >10.5. The extremely high Kd was attributed to U coprecipitation either as uranium phases or as
calcite phases. But these data are not relevant for glass leachates that do not contain adequate Ca to allow
calcite precipitation that removes carbonate/bicarbonate anions that keep U(VI) highly soluble and resistant to
adsorption at slightly alkaline pH values. Glass leachates are projected to be pH ~9 to 9.5 with ~0.034 M
inorganic carbon mostly as bicarbonate(b) that will complex dissolved U(VI) lowering the Kd to values well
below those reported in Kaplan et al. (1998a). For now, assume that glass leachate in dominated by sodium
bicarbonate/carbonate solution that allows anionic U(VI) carbonate species to predominate and sorption to be
very low.

Radionuclide
Ra, Sr

C.11

U

(a)
(b)

Justification

The aqueous phase is moderately altered from the cement and glass leachate emanating from zones 1 and 2; pH is between 8 (background) and 11, and the ionic strength is between 0.01
(background) and 0.1. The solid phase is in the sand-dominated sequence and is slightly altered due to contact with the moderately caustic aqueous phase (Table 4.3 and Figure 4.3).
STORM code predictions of the long-term steady-state glass leachate composition—see Section 6.0 for more discussion.

Table C.6. Kd Values for Zone 2b – Far Field in Sand Sequence with Natural Recharge (no impact from wastes)(a)

Radionuclide
3

Reasonably
Conservative
Kd (mL/g)

“Best” Kd
(mL/g)

Kd Range
(mL/g)

Justification
-

0

0

0 to 0.6

Ac, Am, Ce,
Cm, Eu

60

300

60 to 1,300

Am-Kd: 67 to >1,200 mL/g (Routson et al. 1976). Am-Kd: 125 to 833 mL/g (Sheppard et al. 1976).

C

0.5

5

0.5 to 1,000

Assumed dominant species: HCO3-. Three processes will be acting on the 14C to take it out of solution:
adsorption onto the calcite surface, volatilization as CO2 gas, and precipitation into the calcite structure. The
latter process is largely irreversible; therefore, it is not well represented by the Kd construct (Kd assumes that
adsorption occurs as readily as desorption). Volatilization is entirely removed from the definition of the Kd
construct. In systems that contain higher concentrations of carbonate minerals, such as the calcrete layer in the
200 West Area, an appreciably higher Kd should be used to account for the isotopic dilution/precipitation
reaction that may occur. A Kd of 100 mL/g would be appropriate for such a system. Since most of the 100 and
200 plateau areas contain <1% carbonate, lower Kd values are warranted for these areas, such as 0.5 mL/g. Kd
values of 14C of >250 mL/g have been measured in calcite (Martin 1996). At 100-K, the 14C is widely
distributed down gradient from a major source (crib) associated with reactor operations. (Additional references:
Striegl and Armstrong 1990; Garnier 1985; Allard 1981; Mozeto et al. 1983; Zhang et al. 1995). Estimated
range.

Co

1,000

2,000

1,000 to
12,500

Cs

500

2,000

C.12

H, Cl, Tc, N
as nitrate,
Cr(VI) as
chromate, Nb

Tc exists predominantly as TcO4 . A review of Hanford sediment Tc-Kd values showed a range of -2.8 to
0.6 mL/g for 15 observations; median was 0.1 mL/g (Kaplan and Serne 1995). Later studies did not change this
range but did decrease the median slightly to -0.1 mL/g (Kaplan et al. 1996). Negative Kd values are physically
possible and may not be an experimental artifact (Kaplan et al. 1996). 3H is expected to move along with water.
Cl and nitrate are expected to behave as a dissolved anionic species. Most recent results using ILAW-specific
borehole sediments (299-E17-21 and 299-E21-24) yielded Tc-Kd of 0 mL/g. See Kaplan et al. (1998a), Um
et al. (2004), and Um and Serne (2004, in review) for details. Tables 10, 12, and 15, (Cantrell et al. 2003) list Kd
values for Cr(VI), nitrate, and Tc, that give ranges of 0 to 1, 0 (all groundwater values), and 0 to 0.1 mL/g,
respectively. These ranges are used in SAC to perform stochastic predictions for contaminant transport in
natural Hanford groundwater/aquifer predictions. Limited information available for geochemical behavior of
Nb. Nb expected to be anionic at pH >7; see discussion in Robertson et al. (2003).

Na system, 1,290 to 2,120 mL/g (Routson et al. 1978). Ca system, 2,000 to 3,870 mL/g (Routson et al. 1978).
Hanford sediment/groundwater system, 11,600 to 12,500 mL/g (Serne et al. 1993).

500 to 4,000 Na system, 1,410 to 1,590 mL/g (Routson et al. 1978). Hanford sediment/groundwater system, 540 to
3,180 mL/g (Serne et al. 1993). Most recent results using ILAW-specific borehole sediments (299-E17-21)
yielded Kd of 2,030±597. See Kaplan et al. (1998a) for details.

Table C.6. (contd)
Reasonably
Conservative
Kd (mL/g)

“Best” Kd
(mL/g)

Kd Range
(mL/g)

I

0

0.25

0.0 to 15

A review of Hanford sediment I-Kd values showed a range of 0.7 to 15 mL/g for nine observations; median was
0.7 mL/g (Kaplan and Serne 1995). Later studies increased this range to 0.2 to 15 mL/g; the median was
decreased to 0.3 mL/g (Kaplan et al. 1996). Results using ILAW-specific borehole sediments (299-E17-21)
yielded Kd of 0 mL/g (Kaplan et al. 1998a), but more recent results by Um et al. (2004) and Um and Serne
(2004, in review) for ILAW borehole 299-E24-21 show non-zero Kd with an average value of 0.2 to 0.3 mL/g
for far-field. Cantrell et al. (2003) recommends a range of 0 to 2 mL/g for general Hanford transport conditions
performed by SAC.

Ni, Sn

50

300

50 to 2,500

Ni: Hanford sediment/groundwater system, 440 to 2,350 mL/g (Serne et al. 1993). A study of a broad range of
sediments, including those from Hanford, had Ni-Kd values of 50 to 340 mL/g (Serne and Relyea 1983; Rhoads
et al. 1994).

Np

2

15

2 to 25

A review of Hanford sediment Np-Kd values showed range of 2.4 to 21.7 mL/g for four observations; median
was 17.8 mL/g (Kaplan and Serne 1995). Later studies increased the slightly to 2.2 to 21.7 mL/g; the median
was slightly lowered, 15 mL/g (Kaplan et al. 1996). Cantrell et al. (2003) recommends a range of 2 to 30 mL/g
for SAC stochastic transport predictions. This range is nearly identical to our chosen range for deterministic
IDF predictions.

Pb

8,000

10,000

8,000 to
80,000

pH 6 and no competing ions: 13,000 to 79,000 mL/g (Rhoads et al. 1992).

Pu

50

150

50 to 2,000

Ra, Sr

5

14

5 to 200

Ru

10

20

10 to 1,000

Radionuclide

Justification

C.13

Pu(V, VI): pH 4 to 12: 80 to >1,980 mL/g (Rhodes 1957a).

Sr Kd values: Na system, 173 mL/g, 49 to 50 mL/g (Routson et al. 1978). Ca system, 8 to 13 mL/g, 5 to
19 mL/g (Routson et al. 1978); 5 to 120 mL/g (Rhodes 1957a); 19.1 to 21.5 mL/g (Serne et al. 1993). Na
system, pH 7 to 11, 14.9 to 25.1 mL/g (Nelson 1959). Data using ILAW borehole sediment (299-E17-21)
yielded 14.3±1.6. See Kaplan et al. (1998a). Most recent data using ILAW borehole sediment from 299-E24-21
showed Sr Kd was 14.6±1.1 mL/g in excellent agreement with Kaplan et al. (1998a).
Estimated (Rhodes 1957a, 1957b, as cited in Routson et al. 1978).

Table C.6. (contd)
Reasonably
Conservative
Kd (mL/g)

“Best” Kd
(mL/g)

Kd Range
(mL/g)

Se

3

7

3 to 15

Th, Zr

40

1,000

40 to 2,500

U

0.2

1

0.1 to 4

Radionuclide

C.14
(a)

Justification
Hanford groundwater/sediment system: -3.44 to 0.78 mL/g (Serne et al. 1993). Most recent data using ILAW
borehole sediment (299-E17-21) yielded Kd values ranging from 3.75 to 10.85 mL/g and had an average of
6.7±1.9 mL/g (Kaplan et al. 1998a). More recent data for ILAW borehole 299-E24-21 yielded a Kd range from
7.1 to 8.65 for six measurements in Hanford groundwater (Um et al. 2004; Um and Serne 2005). The latter two
studies are in excellent agreement. Cantrell et al. (2003) recommends a range of 0 to 3 mL/g and 3 to 10 mL/g
for Se for “higher” and “low/trace” concentrations of Se for SAC stochastic predictions. Our range is slightly
larger but the best and reasonable conservative values we recommend for the IDF deterministic PA activities fit
within the range chosen for trace concentrations of Se.
Estimated. Zr: pH 6 to 12 : 90 to >2,000 mL/g (Rhodes 1957a).
A review of Hanford sediment U-Kd values showed range of 0.1 to 79.3 mL/g for 13 observations; median was
0.6 mL/g (Kaplan and Serne 1995). Results from later studies support the range (Kaplan et al 1996). In all
reported data, some U was adsorbed by Hanford sediments and >90% of the values were between 0.6 and
4 mL/g. Most recent work with the ILAW borehole sediment (299-E17-21) yielded Kd of 0.6 ± 0.1. See
(Kaplan et al. 1998a). An extensive new data set for sediments from the 300 Area that studied the Kd for U(VI)
as a function of pH and carbonate concentration found values that ranged from ~0 to 7 mL/g (Serne et al.
2002a); but for typical groundwater conditions the range narrows to 0.2 to 4 mL/g as reviewed and critically
evaluated by Cantrell et al. (2003). The “reasonable conservative” and “best” Kd values chosen for the IDF
activities fall within Cantrell et al. (2003)’s narrow range of recommended U values.

Kd values in this table describe sorption of radionuclides to Hanford sediment-dominated sequence under far-field conditions. The aqueous phase is assumed to be untainted Hanford vadose zone
pore water (similar to Hanford groundwater) except for trace levels of radionuclide and the solid phase is assumed to be natural Hanford sand-dominated sequence sediment. The literature values
upon which the values were based upon had an aqueous phase near-neutral pH, ionic strength between ~0 to 0.01, trace radionuclide concentrations.

Table C.7. Gravel-Corrected Kd Values (Kdgc) for Zone 3a – Chemically Impacted Far Field in Gravel Sequence(a)
Reasonable
Conservative
Kdgc (mL/g)

“Best”
Kdgc
(mL/g)

Kdgc Range
(mL/g)

H, Cl, N as
nitrate, Cr as
chromate, Tc,
Nb

0

0

0 to 0.01

No gravel-corrected Kd data available. Tc, nitrate, chromate, and Cl are anionic. 3H will move with H2O. Limited
information available for geochemical behavior of Nb. Nb expected to be anionic at pH >7; see discussion in
Robertson et al. (2003).

Ac, Am, Ce,
Cm, Eu

10

35

10 to 150

No gravel-corrected Kd data available. Am-Kd values: In low-ionic-strength Ca system, >1,200 mL/g; in low-ionicstrength Na system, 280 mL/g (Routsen et al. 1976).

C

0.5

2

0.5 to 5

Estimated. No gravel-corrected Kd data available. 14C geochemistry complex and poorly described by Kd construct.
14
C is expected to enter liquid, solid, and gas phase through volatilization (CO2-gas), precipitation with calcite, isotopic
exchange, and adsorption. Based on Martin (1996), who measured 14C-Kd values in Hanford sediments using
uncontaminated Hanford groundwater (relatively low ionic strength). Kd values increased during a 70-day contact time
from 0 (1-hr contact time) to 400 mL/g in sediment and 20 (1-hr contact time) to 360 mL/g in calcrete. 14C removed by
solid phases never stabilized during 70 days, suggesting coprecipitation reaction.

Co

15

30

15 to 200

No gravel-corrected Kd data available. In low-ionic-strength Na system, 1,060 to 4,760 mL/g (Routson et al. 1978). In
low-ionic-strength Ca system, 222 to 640 mL/g (Routson et al. 1978). Forms complexes, especially with organics.

Cs

4

8

4 to 200

No gravel-corrected Kd data available. No complexes. Estimated. In 0.01 to 0.1 M Na system, 64 to 1,170 mL/g
(Routson et al. 1978). In 0.01 to 0.1 M Ca system, 790 to 1,360 mL/g (Routson et al. 1978). Unpublished recent
results from Zachara (PNNL, EMSP project) using Hanford sediments and simulated tank waste indicate that Cs
sorption decreases markedly compared to when ionic strength is appreciably lower.

I

0

0

0 to 0.02

No gravel-corrected Kd data available. Anion. Estimated.

Ni, Sn

4

8

4 to 40

Np, Pa

0.02

0.08

0.04 to 0.5

Radionuclide
3

Justification

C.15

Ni is similar to Co but adsorbs slightly less possibly because of moderate complexing. Estimated (Ames and Serne
1991; Kaplan et al. 1995).
No gravel-corrected Kd data available. Np Kd values in low-ionic-strength solutions = 0.4 to 4 mL/g (Routson et al.
1976). The dominant protactinium species is assumed to be PaO2+. NpO2+ is assumed to be a reasonable analog
(Pourbaix 1966). Based on studies conducted at the Whiteshell Laboratories (personal communication with
TT (Chuck) Vandergraaf, Atomic Energy of Canada Limited, Pinawa, Manitoba, Canada), Pa sorbs appreciably more
than Np. Thus, Pa-Kd estimates based on measured Np- Kd values will be conservative.

Pb

2

10

2 to 100

No gravel-corrected Kd data available. Good absorber, insoluble. Estimated (Kaplan et al. 1995).

Pu

8

20

8 to 100

No gravel-corrected Kd data available. >98 mL/g (Rhodes 1957a, 1957b).

Table C.7. (contd)
Reasonable
Conservative
Kdgc (mL/g)

“Best”
Kdgc
(mL/g)

Kdgc Range
(mL/g)

0.02

1

0.02 to 5

Ru

0

0.1

0 to 50

Se

0.02

0.04

0.02 to 1

4

30

4 to 50

0.02

0.2

0.02 to 5

Radionuclide
Ra, Sr

Th, Zr
U

C.16
(a)

Justification
Na system, 1.7 to 42 mL/g for Sr-Kd (Routson et al. 1978). Ca system, 0.3 to 1.6 mL/g for Sr-Kd (Routson et al.
1978). In 4 M NaNO3, Sr-Kd in Hanford sediment was 5 mL/g (pH 8), and 10 mL/g (pH 10) (Rhodes and Nelson
1957). Near identical Kd values using Savannah River Site Sediments and 30% NaNO3 (Prout 1959). Sr-Kd values
measured in low-ionic-strength conditions and with Hanford sediments containing gravel are presented in Kaplan et al.
(2000). Based on periodicity considerations, Ra would be expected to sorb more strongly to sediments than Sr, but no
Hanford Ra-Kd values are available. Thus, basing Ra-Kd estimates on measured Sr-Kd values will likely provide a
conservative Ra-Kd estimate.
No gravel-corrected Kd data available. May form RuO42- and/or anionic complexes with nitrates and nitrites.
Estimate (Ames and Serne 1991; Ames and Rai 1978; Barney 1978).
No gravel-corrected Kd data available. Anionic. Se Kd measured at the ILAW/IDF site had Kd values of 6.7 ±
0.4 mL/g (Kaplan et al. 1998c). Results of a Se sorption experiment to Hanford sediments in high ionic strength
(NaOH and NaOCl4) indicate Se Kd values of ~0 to 18 mL/g. (Kaplan et al. 2003) but pH and ionic strength are likely
too extreme for zone 3.
No gravel-corrected Kd data available. Sandy soil data, 40 to 470 mL/g for Th (Sheppard et al. 1976).
Serne et al. (2002a) batch Kd data used sediments with some gravel included. To account for having 90% gravel in this
zone, lower the Kd value for the reasonable conservative case even lower (0.02 from 0.05 mL/g) than used for sand
sediments.

The aqueous phase is moderately altered from the cement and glass leachate emanating from zones 1 and 2; pH is between 8 (background) and 11, and the ionic strength is between 0.01
(background) and 0.1. The solid phase is in the sand-dominated sequence and is slightly altered due to contact with the moderately caustic aqueous phase (Figure 4.1).

Table C.8. Gravel-Corrected Kd Values (Kdgc) for Zones 3a and 4 – Far Field in Gravel Sequence(a)

Radionuclide

Reasonable
Conservative
Kdgc (mL/g)

“Probable” Kdgc Kdgc Range
(mL/g)
(mL/g)

Justification

H, Cl, N as
nitrate, Cr as
chromate, Tc,
Nb

0

0

0 to 0.06

No laboratory results of gravel-Kd values available. N, Cr(VI), and Tc exist predominantly as NO3-, CrO42-, and
TcO4-, respectively. A review of Hanford sediment Tc-Kd values showed a range of -2.8 to 0.6 mL/g for
15 observations; median was 0.1 mL/g (Kaplan and Serne 1995). Later studies did not change this range but did
decrease the median slightly to -0.1 mL/g (Kaplan et al. 1998b). Negative Kd values are possible and may not be
an experimental artifact (Kaplan et al. 1998b). 3H is expected to move along with water. Cl is expected to
behave as a dissolved anionic species. Most recent results using ILAW-specific borehole sediments (299-E17-21)
yielded Tc-Kd of 0 mL/g (Kaplan et al. 1998c). Gravel correction of negative Kd values in Estimated Kd Range
was assumed to make Kd less negative by a factor of 0.9 because of reduced surface area that would create the
anion exclusion. Limited information available for geochemical behavior of Nb. Nb expected to be anionic at pH
>7; see discussion in Robertson et al. (2003).

Ac, Am, Ce,
Cm, Eu

6

30

6 to 130

No laboratory results of gravel-Kd values available. Am-Kd: 67 to >1,200 mL/g (Routson et al. 1976). Am-Kd:
125 to 833 mL/g (Sheppard et al. 1976).

C

0.05

0.5

Cs

50

200

50 to 400

No laboratory results of gravel-Kd values available. Na system, 1,410 to 1,590 mL/g (Routson et al. 1978).
Hanford sediment/groundwater system, 540 to 3,180 mL/g (Serne et al. 1993). Most recent results using ILAWspecific borehole sediments (299-E17-21) yielded Kd of 2,030 ± 597 (Kaplan et al. 1998c).

I

0

0.02

0 to 1.5

No laboratory results of gravel-Kd values available. A review of Hanford sediment I-Kd values showed a range of
0.7 to 15 mL/g for nine observations; median was 0.7-mL/g (Kaplan and Serne 1995). Later studies increased
this range to 0.2 to 15 mL/g; the median was decreased to 0.3 mL/g (Kaplan et al. 1998b). Recent results using
ILAW-specific borehole sediments (299-E17-21) yielded Kd of 0 mL/g. See Kaplan et al. (1998c) for details.

100

200

100 to
1,250

No laboratory results of gravel-Kd values available. Na system, 1,290 to 2,120 mL/g (Routson et al. 1978); Ca
system, 2,000 to 3,870 mL/g (Routson et al. 1978); Hanford sediment/groundwater system 11,600 to 12,500 mL/g
(Serne et al. 1993).

C.17

3

Co

0.05 to 100 No laboratory results of gravel-Kd values available. Assumed dominant species: HCO3-. Three processes will be
acting on the 14C to take it out of solution: adsorption onto the calcite surface, volatilization as CO2 gas, and
precipitation into the calcite structure. The latter process is largely irreversible; therefore, it is not well
represented by the Kd construct (Kd assumes that adsorption occurs as readily as desorption). Volatilization is
entirely removed from the definition of the Kd construct. In systems that contain higher concentrations of
carbonate minerals, such as the calcrete layer in the 200 West Area, an appreciably higher Kd should be used to
account for the isotopic dilution/precipitation reaction that may occur, a Kd of 100 mL/g would be appropriate for
such a system. Since most of the 100 and 200 plateau areas contain <1% carbonate, lower Kd values are
warranted for these areas, such as 0.5 mL/g. Kd values of 14C of >250 mL/g have been measured in calcite
(Martin 1996). At 100-K Area, the 14C is widely distributed downgradient from a major source (crib). Additional
references: Striegl and Armstrong (1990), Garnier (1985), Allard (1981), Mozeto et al. (1983), and Zhang et al.
(1995). Estimated range.

Table C.8. (contd)

Radionuclide
Ni, Sn

Reasonable
Conservative
Kdgc (mL/g)
5

“Probable” Kdgc Kdgc Range
(mL/g)
(mL/g)
30

5 to 250

Justification
No laboratory results of gravel-Kd values available.
Ni: Hanford sediment/groundwater system, 440 to 2,350 mL/g (Serne et al. 1993). A study of a broad range of
sediments, including those from Hanford, had Ni- Kd values of 50 to 340 mL/g (Serne and Relyea 1983; Rhoads
et al. 1994).
No laboratory results of gravel-Kd values available. A review of Hanford sediment Np-Kd values showed range
of 2.4 to 21.7 mL/g for four observations; median was 17.8 mL/g (Kaplan and Serne 1995). Later studies
increased Kd values to 2.2 to 21.7 mL/g; the median of these later studies was 15 mL/g (Kaplan et al. 1998b).
The dominant protactinium species is assumed to be PaO2+ and NpO2+ is assumed to be a reasonable analog
(Pourbaix 1966). Based on studies conducted at the Whiteshell Laboratories (personal communications with
TT (Chuck) Vandergraaf, Atomic Energy of Canada Limited, Pinawa, Manitoba, Canada), Pa sorbs appreciably
more than Np. Thus, Pa-Kd estimates based on measured Np-Kd values will be conservative.

C.18

Np, Pa

0.2

1.5

0.2 to 2.5

Pb

800

1,000

800 to
8,000

Pu

5

15

5 to 200

No laboratory results of gravel-Kd values available. Pu(V, VI): pH 4 to 12: 80 to >1,980 mL/g (Rhodes 1957a,
1957b).

0.5

1.4

0.5 to 20

Sr Kd values: Na system, 173 mL/g, 49 to 50 mL/g (Routson et al. 1978), Ca system, 8 to 13 mL/g, 5 to 19 mL/g
(Routson et al. 1978), 5 to 120 mL/g (Rhodes 1957a), 19.1 to 21.5 mL/g (Serne et al. 1993), Na system, pH 7 to
11, 14.9 to 25.1 mL/g (Nelson 1959). Recent data using ILAW borehole sediment (299-E17-21) yielded Sr Kd
values of 14.3 ± 1.6 mL/g (Kaplan et al. 1998c). See Appendix A in Kaplan et al. (1998c) for Sr Kd values with
sediments containing gravel. Based on periodicity considerations, Ra expected to sorb more strongly to
sediments than Sr but no Hanford Ra Kd values are available. Thus, basing Ra Kd estimates on measured Sr Kd
values likely provides conservative Ra Kd estimate.

Ru

1

2

1 to 100

No laboratory results of gravel Kd values available. Estimated (Rhodes 1957a, 1957b, as cited in Routson et al.
1978).

Se

0.3

0.7

0.3 to 1.5

No laboratory results of gravel Kd values available. Hanford groundwater/sediment system: -3.44 to 0.78 mL/g
(Serne et al. 1993). Most recent data using ILAW borehole sediment (299-E17-21), which did not contain
measurable amounts of gravel, yielded Kd values ranging from 3.75 to 10.85 mL/g and had an average of 6.7 ±
1.9 mL/g (Kaplan et al. 1998c).

4

100

4 to 250

Estimated. No laboratory results of gravel-Kd values available. Zr: pH 6 to 12: 90 to >2,000 mL/g (Rhodes
1957a).

Ra, Sr

Th, Zr

No laboratory results of gravel-Kd values available. pH 6 and no competing ions: 13,000 to 79,000 mL/g
(Rhoads et al. 1992).

Table C.8. (contd)

Radionuclide
U

Reasonable
Conservative
Kdgc (mL/g)
0.1

“Probable” Kdgc Kdgc Range
(mL/g)
(mL/g)
1.0

0.01 to 7

Justification
Serne et al. (2002a) used 300 Area Hanford formation sediments with some gravel and got a range of Kd values
from ~0 to 7 mL/g. U Kd values were highly influenced by bicarbonate/carbonate concentration and pH. pH of
nonimpacted gravel sediments at the Hanford Site is ~8 and bicarbonate/carbonate concentrations are <5 meq/L.
For sediments with 90% gravel but normal solution chemistry, assume a very conservative Kd value would be
10% of the most probable case or 0.1 mL/g.
A review of Hanford sediment U-Kd values showed range of 0.1 to 79.3 mL/g for 13 observations; median was
0.6-mL/g (Kaplan and Serne 1995). Results from later studies support the range (Kaplan et al. 1998b). In all
reported data, some U was adsorbed by Hanford sediments and >90% of the values were between 0.6 and 4 mL/g.
Most recent work with the ILAW borehole sediment (299-E17-21) yielded Kd of 0.6 ± 0.1 for a sand sediment but
no gravel correction information was available from this data set. See Kaplan et al. (1998c).

(a)

Aqueous phase is untainted Hanford groundwater except for trace levels of radionuclides; solid phase is composed of the unaltered gravel-dominated sequence material (Table 4.3 and Figure 4.3).
Kdgc is the gravel-corrected Kd value as defined in Equation 2.6. Kd values for the far field, without a gravel correction, are presented in Appendix C of this document.

C.19

Table C.9. Kd Values for Zone 5 – Unconfined Far-Field Aquifer Conditions(a)

Radionuclide
3

Reasonably
Conservative
Kd (mL/g)

“Best” Kd
(mL/g)

Kd Range
(mL/g)

Justification
-

0

0

0 to 0.6

Tc exists predominantly as TcO4 . A review of Hanford sediment Tc-Kd values showed a range of -2.8 to
0.6 mL/g for 15 observations; median was 0.1 mL/g (Kaplan and Serne 1995). Later studies did not change this
range but did decrease the median slightly to -0.1 mL/g (Kaplan et al. 1996). Negative Kd values are physically
possible and may not be an experimental artifact (Kaplan et al. 1996). 3H is expected to move along with water.
Cl and nitrate are expected to behave as a dissolved anionic species. Most recent results using ILAW-specific
borehole sediments (299-E17-21 and 299-E21-24) yielded Tc-Kd of 0 mL/g. See Kaplan et al. (1998a) and Um
and Serne (2004, in review) for details. Cantrell et al. (2003) lists Kd values for Cr(VI), nitrate, and Tc in
Tables 10, 12, and 15, respectively, that give ranges of 0 to 1, 0 (all groundwater values), and 0 to 0.1 mL/g,
respectively. These ranges are used in SAC to perform stochastic predictions for contaminant transport in
natural Hanford groundwater/aquifer predictions. Limited information available for geochemical behavior of
Nb. Nb expected to be anionic at pH >7; see discussion in Robertson et al. (2003).

Ac, Am, Ce,
Cm, Eu

60

300

60 to 1,300

Am-Kd: 67 to greater than 1,200 mL/g (Routson et al. 1976). Am-Kd: 125 to 833 mL/g (Sheppard et al. 1976).

C

0.5

5

Co

1000

2000

Cs

500

2000

C.20

H, Cl, Tc, N
as nitrate,
Cr(VI) as
chromate, Nb

0.5 to 1,000 Assumed dominant species: HCO3-. Three processes will be acting on the 14C to take it out of solution:
adsorption onto the calcite surface, volatilization as CO2 gas, and precipitation into the calcite structure. The
latter process is largely irreversible; therefore, it is not well represented by the Kd construct (Kd assumes that
adsorption occurs as readily as desorption). Volatilization is entirely removed from the definition of the Kd
construct. In systems that contain higher concentrations of carbonate minerals, such as the calcrete layer in the
200 West Area, an appreciably higher Kd should be used to account for the isotopic dilution/precipitation
reaction that may occur. A Kd of 100 mL/g would be appropriate for such a system. Since most of the 100 and
200 plateau areas contain <1% carbonate, lower Kd values are warranted for these areas, such as 0.5 mL/g. Kd
values of 14C of >250 mL/g have been measured in calcite (Martin 1996). At 100-K, the 14C is widely
distributed down gradient from a major source (crib) associated with reactor operations. (Additional references:
Striegl and Armstrong 1990; Garnier 1985; Allard 1981; Mozeto et al. 1983; Zhang et al. 1995). Estimated
range.
1,000 to
12,500

Na system, 1,290 to 2,120 mL/g (Routsen et al. 1978). Ca system, 2,000 to 3,870 mL/g (Routsen et al. 1978).
Hanford sediment/groundwater system 11,600 to 12,500 mL/g (Serne et al. 1993).

500 to 4,000 Na system, 1,410 to 1,590 mL/g (Routsen et al. 1978). Hanford sediment/groundwater system, 540 to
3,180 mL/g (Serne et al. 1993). Most recent results using ILAW-specific borehole sediments (299-E17-21)
yielded Kd of 2,030 ± 597. See Kaplan et al. (1998a) for details.

Table C.9. (contd)
Reasonably
Conservative
Kd (mL/g)

“Best” Kd
(mL/g)

Kd Range
(mL/g)

I

0

0.25

0.0 to 15

A review of Hanford sediment I-Kd values showed a range of 0.7 to 15 mL/g for nine observations; median was
0.7 mL/g (Kaplan and Serne 1995). Later studies increased this range to 0.2 to 15 mL/g; the median was
decreased to 0.3 mL/g (Kaplan et al. 1996). Results using ILAW-specific borehole sediments (299-E17-21)
yielded Kd of 0 mL/g (Kaplan et al. 1998a), but more recent results by Um et al. (2004) for ILAW borehole
299-E24-21 show non zero Kd with an average value of 0.2 to 0.3 mL/g for far-field. Cantrell et al. (2003)
recommends a range of 0 to 2 mL/g for general Hanford transport conditions performed by SAC.

Ni, Sn

50

300

50 to 2,500

Ni: Hanford sediment/groundwater system, 440 to 2,350 mL/g (Serne et al. 1993). A study of a broad range of
sediments, including those from Hanford, had Ni-Kd values of 50 to 340 mL/g (Serne and Relyea 1983; and
Rhoads et al. 1994).

Np

2

15

2 to 25

A review of Hanford sediment Np-Kd values showed range of 2.4 to 21.7 mL/g for four observations; median
was 17.8 mL/g (Kaplan and Serne 1995). Later studies increased the slightly to 2.2 to 21.7 mL/g; the median
was slightly lowered, 15 mL/g (Kaplan et al. 1996). Cantrell et al. (2003) recommends a range of 2 to 30 mL/g
for SAC stochastic transport predictions. This range is nearly identical to our chosen range for deterministic
IDF predictions.

Pb

8000

10,000

8,000 to
80,000

pH 6 and no competing ions: 13,000 to 79,000 mL/g (Rhoads et al. 1992).

Pu

50

150

50 to 2,000

Ra, Sr

5

14

5 to 200

Ru

10

20

10 to 1,000

Se

3

7

3 to 15

Th, Zr

40

1000

40 to 2,500

Radionuclide

Justification

C.21

Pu(V, VI): pH 4 to 12: 80 to greater than 1,980 mL/g (Rhodes 1957a).
Sr Kd values: Na system, 173 mL/g, 49 to 50 mL/g (Routson et al. 1978); Ca system, 8 to 13 mL/g, 5 to
19 mL/g (Routson et al. 1978); 5 to 120 mL/g (Rhodes 1957a); 19.1 to 21.5 mL/g (Serne et al. 1993), Na
system, pH 7 to 11, 14.9 to 25.1 mL/g (Nelson 1959); data using ILAW borehole sediment (299-E17-21) yielded
14.3±1.6. See Kaplan et al. (1998a). Most recent data using ILAW borehole sediment from 299-E24-21
showed Sr Kd was 14.6±1.1 mL/g in excellent agreement with (Kaplan et al. 1998a).
Estimated (Rhodes 1957a, 1957b, as cited in Routson et al. 1978).
Hanford groundwater/sediment system: -3.44 to 0.78 mL/g (Serne et al. 1993). Most recent data using ILAW
borehole sediment (299-E17-21) yielded Kd values ranging from 3.75 to 10.85 mL/g and had an average of 6.7 ±
1.9 mL/g (Kaplan et al. 1998a). More recent data for ILAW borehole 299-E24-21 yielded a Kd range from 7.1
to 8.65 for six measurements in Hanford groundwater (Um et al. 2004; Um and Serne 2004, in review). The
latter two studies are in excellent agreement. Cantrell et al. (2003) recommends a range of 0 to 3 and 3 to
10 mL/g for Se for “higher” and “low/trace” concentrations of Se for SAC stochastic predictions. Our range is
slightly larger but the best and reasonable conservative values we recommend for the IDF deterministic PA
activities fit within the range chosen for trace concentrations of Se.
Estimated. Zr: pH 6 to 12 : 90 to >2,000 mL/g (Rhodes 1957a).

Table C.9. (contd)
Radionucli
de
U

(a)

Reasonably
Conservative
Kd (mL/g)

“Best” Kd
(mL/g)

Kd Range
(mL/g)

0.2

1

0.1 to 80

Justification
A review of Hanford sediment U(VI) Kd values showed range of 0.1 to 79.3 mL/g for 13 observations; median
was 0.6 mL/g (Kaplan and Serne 1995). Results from later studies support the range (Kaplan et al. 1996). In all
reported data, some U(VI) was adsorbed by Hanford sediments and >90% of the values were between 0.6 and
4 mL/g. Most recent work with the ILAW borehole sediment (299-E17-21) yielded Kd of 0.6 ± 0.1. See Kaplan
et al. (1998a). An extensive new data set for sediments from the 300 Area that studied the Kd for U(VI) as a
function of pH and carbonate concentration found values that ranged from ~0 to 7 mL/g (Serne et al. 2002a), but
for typical groundwater conditions the range narrows to 0.2 to 4 mL/g as reviewed and critically evaluated by
Cantrell et al. (2003). The “reasonable conservative” and “best” Kd values chosen for the IDF activities fall
within the narrow range of recommended U(VI) values given by Cantrell et al. (2003).

Kd values in this table describe sorption of radionuclides to Hanford sediment-dominated sequence under far field conditions. The aqueous phase is assumed to be untainted Hanford groundwater
except for trace levels of radionuclide and the solid phase is assumed to be natural Hanford sand-dominated sequence sediment. The literature values upon which the values were based upon had
an aqueous phase near-neutral pH, ionic strength between ~0 to 0.01, trace radionuclide concentrations.
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Appendix D
Kd Values for Non-Groundwater Scenarios

Appendix D
Kd Values for Non-Groundwater Scenarios
A recent compilation of Kd values for agricultural and surface soils for use in Hanford Site farm,
residential, and Columbia River shoreline scenarios that could exist today or potentially exist in the future
when portions of the Hanford Reservation are released for farming, residential, and recreational use after
DOE defense waste clean-up activities was recently published (Serne 2007). Best value and ranges for Kd
values estimates were provided. The values recommended in this work are shown in Table D.1 along
with those of Napier and Snyder (2002). These Kd value estimates are intended to be used to determine
the fate and transport rates of contaminants and their availability for plant and animal uptake in selected
non-groundwater scenarios included in Hanford Site environmental impact statements, risk assessments,
and specific facility performance assessments.
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Table D.1. Comparison of Recommended Kd Values from This Activity to Past Tabulations for NonGroundwater Scenarios (from Serne 2007)
Kd Values (mL/g)
Non-Groundwater Scenarios
(Serne 2007)

Napier and Snyder (2002)

Napier and Snyder (2002)

Constituent

Best

Range

Best

Range

Am

500

60 to 5,000

1,500

67 to >1,200

Bi

400

100 to 5,000

900

NA

Carbon tetra chloride

1.0

0.1 to 5

NA

NA

7

0.5 to 100

7

0.03 to 4.56

0.5

0 to 2

1

-0.008 to -0.13

Cs

2,000

200 to 5,000

2,000

>200 to 10,000

Cr

3

0.3 to 10

NA

NA
NA

14

C

36

Cl

Co

50

10 to 1,000

NA

I

3

0 to 15

15

0.05 to 15

Lanthanides

400

50 to 3000

1,500

1,000 to >2,000

Pb

600

270 to 10,000

80,000

13,000 to 79,000

Np

25

2 to 50

25

2.4 to 21.7

Nitrate/Nitrite

0.5

0 to 2

NA

NA

Ni

200

50 to 1500

2,400

50 to 2350

Pu

600

200 to 5000

5,000

80 to 4300

Po

400

150 to 1,100

1,100

196 to 1063

Pa

25

150 to 10,000

3,600

NA

Ra

200

5 to 500

500

214 to 467

Se

15

3 to 30

2

-3.4 to 0.78

Sr

50

5 to 200

180

5 to 173

Tc

0.5

0 to 2

2

-3.4 to 0.57

0.2

0 to 1

0.7

0 to 0.7

30

5 to 50

7

0.08 to 3.5

5

0 to 20

7

0.08 to 3.5

3

H
a

U (short times)
U (long times)

b

NA = Not available or not discussed.
(a) Short time refers to the time period where uranium associated with cementitious waste exhibits high pH [>10] caused by presence of
residual calcium hydroxide (a product of cement hydration). A specific length of time for which this condition exists is very site specific
and requires a geochemical expert to evaluate the situation but times frames of tens of years to a several hundred years after waste
solidification are common.
(b) Long time refers to the time period after cementitious waste forms weather such that no calcium hydroxide hydration product is left and
the cement pore water pH is <10 and often back to natural background pH 7.5 to 8.5. At this time carbonate concentrations in
surrounding water rises and becomes available to form mobile aqueous complexes with uranium. A specific time for this condition to
become established is very site specific and requires a geochemical expert to evaluate the situation, but times frames of a few hundred
years after waste solidification are common for cement buried in arid sediments.

D.2

References
Napier, BA, and SF Snyder. 2002. Recommendations for User Supplied Parameters for the RESRAD
Computer Code for Application to the Hanford Reach National Monument. PNNL-14041, Pacific
Northwest National Laboratory, Richland, Washington.
Serne RJ. 2007. Kd Values for Agricultural and Surface Soils for Use in Hanford Site Farm, Residential,
and River Shoreline Scenarios. PNNL-16531, Pacific Northwest National Laboratory, Richland,
Washington.

D.3

PNNL-16663

Distribution
No. of
Copies

No. of
Copies

ONSITE

Pacific Northwest National Laboratory

DOE Office of River Protection
R. W. Lober

H6-60

CH2M HILL Hanford Group, Inc.
F. M. Mann

H6-03

Distr.1

R. W. Bryce
K. M. Krupka
Information Release at the
Hanford Technical Library

K6-75
K6-81
P8-55

