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 Iodine-129 is a key risk driver at sites where nuclear materials have been fabricated or 

processed, and it is a predominant isotope of concern in long-term waste storage strategies. I-129 

exists primarily as iodate in the subsurface at the Hanford Site in south-central Washington State. 

Between 15 and 40% of I-129 in the Hanford vadose zone is present in organoiodine form, with 

the remainder being iodide. Very few alternatives are available for immobilization of dissolved I-

129, and the complex biogeochemical behavior of iodine in multiple forms makes it particularly 

challenging in the context of immobilization. In this work, two Bi-based layered materials for the 

sequestration of radioactive iodate and iodide were synthesized and characterized. Each material 

showed remarkable selectivity for iodate, with a maximum Kd of 2810 mL/g observed in 

groundwater containing high concentrations of carbonate and other competing anions. One of the 

sorbents displayed nearly quantitative uptake of total iodine, including organoiodine, from 

Hanford groundwater. Iodide removal was dominated by ion exchange, while iodate 

immobilization appears to have occurred through a combination of redox and ion-exchange 

processes. Each sorbent outperformed previously reported non-redox active hydrotalcites in 

removing iodate from groundwater. Together, these materials comprise a significant step forward 

for subsurface iodine removal strategies.  



 

 Another radioactive contaminant of concern present in the Hanford subsurface is 

strontium-90. Sr-90 is a fission product of uranium, and it has entered the environment as a 

consequence of nuclear weapons testing, fuel reprocessing activity, and accidental or intentional 

releases. When ingested, strontium is deposited in bone tissue and teeth. Exposure to Sr-90 

increases the risk of leukemia, bone sarcoma, and a number of other health problems. Removing 

it from contaminated groundwater and preventing its migration in subsurface sediments is of 

major importance to ongoing remediation efforts at the Hanford Site. Three inorganic sorbent 

materials--IONSIV™ IE-911, IONSIV™ IE-96, and bone charcoal--were studied in this work. 

Each sorbent effectively removed strontium from groundwater simulant (GWS) formulated to 

match groundwater collected at the Hanford Site. Sorption isotherms and kinetics were 

established for each sorbent in this system, and their maximum sorption capacities for strontium 

in GWS determined. 

 A third major contaminant at the Hanford Site is uranium, which has entered the vadose 

zone through multiple routes, including leaks from high-level waste storage tanks and percolation 

into soil from unlined cribs and retention trenches. Removal of uranium from groundwater 

simulant by IONSIV™ IE-911, IONSIV™ IE-96, and bone charcoal was evaluated. The impact 

of uranium on strontium uptake by the sorbents in GWS was quantified, and the influence of 

uranium on speciation of strontium and calcium was examined. In order to discern actual sorption 

from precipitation of uranium, the fate of uranium in the contact solutions and sorbents was 

determined spectrophotometrically. Aqueous speciation of uranium in the GWS was modelled in 

simulations performed with two geochemical modelling software packages, MINTEQ and 

PHREEQC. Results of the simulations were compared to experimental data. The formation of 

aqueous ternary alkaline earth carbonate species of uranium (VI) and mechanisms of uranium 

sorption via surface complexation were considered.   
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Chapter 1 - Introduction and Literature Review  

 The Hanford Site in central Washington State is the most contaminated nuclear site in the 

United States. Between 1944 and 1987, the plutonium required for nuclear weapons manufacture 

was produced by nine reactors at this Department of Energy facility, which are situated near the 

Columbia River.1 The reactors are no longer in use, but plutonium production at Hanford 

generated millions of tons of radioactive solid waste and more than 109 gallons of radioactive 

liquid waste. Much of the waste is currently stored in 177 underground tanks in the 200 Area, 67 

of which are single-shelled carbon steel structures that have leaked into the underlying vadose 

zone and groundwater.  

1.1 Cationic Pollutants 

 Radioactive isotopes of cesium and strontium are commonly produced by fission 

reactions in both nuclear reactors and nuclear weapons. They are primary isotopes of concern in 

high level nuclear waste and fallout from nuclear accidents. 90Sr  and 137Cs, both fission products 

of 235U, dominate the radionuclide inventory at Hanford.2 137Cs has a half-life of 30.1 years and 

decays to 137Ba by emitting two beta particles (β-), one at 0.512 MeV (94.4%), and a high-energy 

β- at 1.176 MeV (5.4%) (Chart of Nuclides, available at http:www.nndc.bnl.gov/chart). Emission 

of the 0.512 MeV β- produces a meta-stable isotope of barium (137Ba m, t1/2 2.55 min), which then 

decays to stable 137Ba by emission of a 0.662 MeV gamma (γ) ray. Gamma emissions are highly 

penetrating and pose a significant cancer risk. β- particles are less penetrating than γ emissions, 

but the high energy of the 1.176 MeV β- makes it a serious hazard when ingested. 90Sr has a half-

life of 28.8 years and decays via beta emission at 546.6 keV. The EPA drinking water limits for 

137Cs and 90Sr are 160 pCi/L and 8 pCi/L, respectively.3 Depending on soil and sediment 

chemistry, the partitioning coefficients (Kd) of cesium and strontium may be high enough to 

significantly retard their migration.4 However, fluctuations in the water table and high 

concentrations of competing ions (e.g. Na+, K+) in waste plumes can re-mobilize sorbed cesium 



2 

 

 

and strontium.5,6 137Cs and 90Sr concentrations in existing plumes at Hanford far exceed EPA 

limits, and small quantities of 90Sr have been released to the Columbia River.7 235U is an alpha 

emitter with a half-life of 704 million years (KAERI, http://atom.kaeri.re.kr/nuchart/). 235U 

contributes less to Hanford's radionuclide inventory than either 90Sr  and 137Cs. However, the 

extreme persistence of this isotope and the high chemical concentrations of total uranium in 

several waste streams make U a key risk driver at the Hanford Site.2 235U is a significant 

radiological hazard if inhaled or ingested, and all U isotopes are chemical hazards due to the 

kidney toxicity of this metal. The EPA limit for the chemical concentration of uranium is 45 µg/L 

(1.9 x 10-7 M), and its limit as a radionuclide is 15 pCi/L.3   

 Hanford waste streams vary widely in their chemical compositions, but the liquid 

fractions are generally characterized by strong alkalinity and high ionic strengths. Plutonium and 

uranium were recovered at the Plutonium Uranium Extraction Plant (PUREX) until 1989 

(http://www.hanford.gov/page.cfm/PUREX). PUREX waste contains about 0.05 Ci/L 137Cs and 

1.34 x 10-4 Ci/L 90Sr, along with ~1 mM UO2
2+.8 Recovery of plutonium was carried out from 

1944 to 1956 though co-precipitation with BiPO4 carrier.9 BiPO4 waste is estimated to contain 

0.01 Ci/L 137Cs and up to 0.114 M UO2
2+.10 The 137Cs and 90Sr concentrations in redox waste are 

estimated to be 0.77 Ci/L and 0.12 Ci/L, respectively.11 Each type of waste has leaked into 

Hanford's vadose zone, which extends up to 100 m into the subsurface. The geochemistry 

governing migration of these contaminants is complex and not thoroughly understood.12 

Movement of groundwater in the vadose zone is dominated by the Columbia River stage, which 

has seasonal, weekly, and daily fluctuations.13 Interactions between contaminants and subsurface 

sediments vary with the river stages, making them difficult to predict. Many geochemical 

processes affect migration, including ion exchange, dissolution/precipitation , surface 

complexation, redox reactions, colloid formation, and aqueous complexation.14 An improved 
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understanding of these phenomena is necessary for the immobilization of subsurface 

contaminants.  

  Due to the chemical complexity of the waste and its prolonged contact with subsurface 

sediments and pore water, some of the radioactive components have undergone significant 

chemical and radiological transformations. Uranium exhibits particularly complex aqueous 

chemistry, and a great deal of effort has been made to characterize its distribution and speciation 

in the subsurface both experimentally and through geochemical simulations.15–21 The ability of 

U(VI) to form ternary carbonate complexes is of the utmost importance in Hanford's alkaline 

surface water and groundwater, where carbonate concentrations often exceed 3.0 mM.16,21 Until 

the late 1990s, the UO2(CO3)3
2- and UO2(CO3)3

4- species were thought to dominate uranium 

chemistry in carbonate-bearing natural waters. Bernhard et al. (1996) were the first to report the 

existence of Ca2UO2(CO3)3 in the seepage waters of a mine tailing pile using time-resolved laser-

induced fluorescence spectroscopy (TRLIFS).22 Numerous authors have since confirmed this 

structure with TRLIFS, extended X-ray absorption fine structure spectroscopy (EXAFS), and ion 

exchange methods.23–26 Additional uranyl triscarbonate complexes were identified in these 

studies, including CaUO2(CO3)3
2-, SrUO2(CO3)3

2-, and MgUO2(CO3)3
2-.  

 Adsorption, desorption, and co-precipitation processes at groundwater-mineral interfaces 

exert powerful influence on the behavior of U(VI) in soils and sediments, and they underlie the 

persistence of uranium contamination in the Hanford vadose zone.27–30 The uranyl ion has been 

shown experimentally by EXAFS and TRLIFS to form mononuclear, inner sphere bi-dentate 

surface complexes with a variety of minerals. These include, but are not limited to gibbsite30, 

silica31, montmorillonite32,33,  hematite34,35,  magnesium aluminosilicates21, calcite36, chlorite37, 

and clinochlore.21 The inner sphere bi-dentate ternary complex may be represented generically by  

≡MO2UO2(Oligand)n, where M = Al, Si, Fe, etc. The uranium atom is bound equatorially to two 
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oxygen atoms at the edge of a M-O polyhedron and coordinated to n equatorial ligands in 

solution.  

 A number of studies have shown that one or more of the equatorial ligands are carbonate 

ions in aqueous systems equilibrated with atmospheric CO2, or which contain carbonate at 

concentrations typical of groundwater. Bargar et al. used extended X-ray absorption fine structure 

(EXAFS) spectroscopy to show that U(VI) bonded to the edges of FeO6 octahedra in hematite to 

form a bi-dentate inner sphere ternary complex, and that monocarbonato complexes predominated 

at pH 4.5 - 8.34,35 They further determined that U(VI)-biscarbonato complexes were formed at pH 

8.5 and proposed the general formula ≡FeO2UO2-(CO3)x, where 0 ≤ x ≤ 2, x increasing with pH. 

Phyllosilicates, chlorite in particular, have also been shown to immobilize uranium through 

formation of uranyl-carbonato ternary complexes. In a spectroscopic investigation of U(VI) 

sorption at the calcite-water interface, Elzinga et al. determined Ca2UO2(CO3)3 to be the primary 

uranyl species on the mineral surface at U(VI) solution concentrations of < 500 μM.36 They 

concluded an inner-sphere surface complex was formed via coordination with surface Ca2+ that 

was further stabilized by surface CO3
2- groups. U(VI) hydroxide and carbonato solids did not 

precipitate at uranium concentrations below 500 µM, indicating carbonate in solution stabilized 

aqueous uranium species. Other EXAFS and luminescence studies of uranyl species at the calcite 

surface at higher U(VI) concentrations identified a calcium uranyl triscarbonate structure similar 

to that of liebigite, Ca2UO2(CO3)3.
38,39 

1.2 Anionic Pollutants 

 Another key risk driver at Hanford is I-129, a radioactive isotope of iodine with a half-

life of 1.57 x 107 years.40 The majority of 129I in the Hanford subsurface was discharged to 

unlined pits in the 200 West Area41, and the resulting plumes cover over 50 km2.1 129I has been 

found in concentrations up to 42.5 pCi/L in Hanford groundwater, which far exceeds the federal 

drinking water standard (DWS) of < 1 pCi/L. The thyroid concentrates iodine up to four orders of 
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magnitude above intake, so the presence of 129I in groundwater presents a potential long-term 

source of radiation dose for human populations relying on the affected aquifer for drinking and/or 

irrigation water.42  

 Until recently, the dominant iodine species in Hanford groundwater was assumed to be I-, 

based on thermodynamic conditions in the subsurface.1,40,43 However, IO3
- has been identified as 

the major iodine species at the site.14 Up to 86.7% of stable iodine in Hanford groundwater 

samples is present as IO3
-.41 Between 15 and 40% is found in organoiodine compounds. I- 

accounts for less than 4% of the total iodine measured in the subsurface at Hanford.1 Speciation 

of iodine in soil and groundwater is complex and is governed by a combination of factors. These 

include redox potential, pH, the presence of organic matter in soil and water, transition metal 

content of the soil, as well as enzymatic activity of subsurface microbes.44–47 There is relatively 

little soil organic matter (SOM) in the Hanford subsurface, as it consists of bedded alluvial plain 

sediments with gravels and sand. Soil organic matter (SOM) can abiotically reduce IO3
- to I-, so 

low levels of SOM likely contribute to the persistence of IO3
-.48,49 The ability of some bacteria to 

oxidize iodide has been established.50,51 Metabolic activity of soil and groundwater microbiota is 

hence thought to be important to the speciation of iodine in the subsurface; however, the 

mechanisms by which soil and groundwater microbes affect iodine speciation at Hanford are 

poorly understood. In a paper presented at the 2014 Waste Management Conference, Lee et al. 

(2014) concluded “…current speciation and forms of I-129 presently in groundwater at the 

Hanford site cannot be explained completely based on current knowledge of the geochemical or 

biological actions on iodine.”52 

 Removal of 129I will substantially reduce radiation exposure incurred by long-term 

consumption and agricultural use of affected groundwater. Remediation efforts face serious 

technical challenges, however.129I in Hanford groundwater exists as IO3
-, I-, and in organoiodide 

forms, some at picomolar concentrations. This makes iodine removal exceedingly difficult. 
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Sorbent performance is often negatively impacted by the presence of competing ions and 

variations in pH. New materials are needed which can sorb anions in multiple oxidation states and 

chemical forms. They must also perform across a broad range of pH and in the presence of 

competing ions. Commercially available ion exchange resins have been tested for iodine removal 

with Hanford groundwater, and none were found to be effective.53 Materials that can sequester I- 

in aqueous media have been identified.54 However, these materials have not been tested with IO3
-, 

and they utilize silver for the precipitation of I-. The use of silver in groundwater remediation 

strategies is problematic, as it is expensive, and both Ag and Ag+ are toxic to numerous aquatic 

organisms.55,56 Introduction of reducing agents to the subsurface has the obvious and undesirable 

potential to alter groundwater pH and ionic strength.  

1.3 Separation of Radionuclides from Aqueous Media 

1.3.1 Extraction  

 Extraction is the process whereby a substance is moved from one to the other of two 

immiscible phases. In a typical liquid-liquid extraction (LLE), a non-polar substance is separated 

from a polar substance by exploiting its partitioning behavior between an organic (non-polar) 

solvent and a polar one, such as water. A nonpolar substance will partition into the organic 

solvent, while a polar or charged species will remain in the aqueous phase. The partitioning 

coefficient, D, is the ratio of the concentration of a given substance in one phase to its 

concentration in the immiscible phase. Hence, for extraction of a non-polar substance a into an 

organic solvent, 

  D =         /       .    (1.3.A) 

 

The partitioning behavior of two species, X and Y, within a phase is measured by the separation 

factor (SF), where SF = DX  /DY. The higher the separation factor for an extraction, the better its 

ability to separate X and Y.  
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 LLE has been used since the 1940s to isolate long-lived radionuclides from bulk nuclear 

waste streams. Incidental waste from nuclear fission processes often contains high concentrations 

of actinides (U, Pu, Np, Am, Cm), lanthanides, Cs-137, and Sr-90, requiring extensive  

containment controls and remote handling and processing equipment.57 To reduce waste volume 

and the expense associated with its processing, liquid-liquid extraction (LLE) techniques are used 

to separate the major contributors to overall radioactivity from the bulk waste. The less 

radioactive fraction of the waste can then be dealt with using less costly, hands-on procedures, 

and the volume of high-level waste destined for geologic disposal is condensed. Complexing 

extraction agents, or extractants, are specialized organic molecules that form complexes with 

water-soluble radionuclides, allowing them to be extracted into organic solvents. Through careful 

selection of extractants and conditions (e.g. pH, redox potential), LLE separations can be highly 

selective.  

 The two primary extraction mechanisms employed in fuel reprocessing are neutral 

solvate extraction and ion exchange. In neutral solvate extraction, an extractant containing an 

electron donating group coordinates a metal ion to form an inner- or outer-sphere coordination 

complex.58 The electron donor may be a nitrogen, phosphorous, oxygen, or sulfur atom. The 

resulting complex is positively charged, so anions must be present to compensate. Charge is 

generally balanced by NO3
- ions, which are present in high concentrations owing to the fact that 

spent fuel is dissolved in strong nitric acid, HNO3. Ion exchange extractants often contain a 

carbonyl or phosphoryl functional group combined with an -OH group with an exchangeable 

proton.59 Quaternary ammonium salts, which are positively charged, are useful for extracting 

TcO4
-.60  

 The PUREX (plutonium uranium extraction) process has been widely used to extract 

uranium and plutonium from spent nuclear fuel.61 The extractant is tributyl phosphate (TBP), 

which contains an electron-donating phosphoryl group that complexes U(VI) and Pu(IV).62 The 
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structure of TBP is shown in Figure 1.3.1. An organic solvent, typically n-dodecane or kerosene, 

containing 30% TBP is contacted with the aqueous HNO3 solution containing the dissolved spent 

fuel. TBP extracts U(VI) and Pu(IV) into the organic phase, separating them from fission 

products that remain in the aqueous phase. To separate uranium from plutonium, a reducing agent 

is added to reduce Pu(IV) to Pu(III). U(VI) remains complexed with TBP and is back-extracted 

into dilute nitric acid.  

 

Figure 1.3.1. The  Structure of Tributyl Phosphate 

  To remove Cs-137 and Sr-90 from the PUREX product, or raffinate, the CCD/PEG 

process is used.63 Cobalt dicarbollide (CCD) is a cage-like structure with a -1 charge. It is very 

hydrophobic, and it can readily extract Cs+ into an organic phase. Polyethylene glycol (PEG) is 

added to dehydrate the organic phase and to assist in extraction of Sr2+. A polar organic solvent is 

necessary in order to dissociate the metals from CCD, so phenyltrifluoromethyl sulfone (FS-13) is 

typically used for this separation.64 Y-90 may then be separated from its parent Sr-90 by stripping 

with di-(2-ethylhexyl) phosphoric acid (HDEHP).65  

 

Figure 1.3.2. Extractants and Solvent Used in the CCD/PEG Process. a) Polyethylene Glycol, b) 

Cobalt Dicarbollide, c) FS-13  
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 Separation of Pu(III) and the minor actinides, Am(III) and Cm(III), from PUREX 

raffinates is carried out with the TRUEX (transuranic extraction) process.66,67 The TRUEX 

extractant, octyl(phenyl)-N,N-diisobutylcarbamoylmethyl phosphine oxide (CMPO), is dissolved 

in TBP to extract the trivalent actinides from the aqueous phase. The phosphoryl group of CMPO 

donates electrons, while its carbonyl group acts as a buffer.  Pu(III) and Am(III) can subsequently 

be stripped from the organic phase, commonly with 1-hydroxylethyl-1,1-diphosphonic acid or 

vinylidene-1,1-diphosphonic acid, which separates them from transition metals contained in the 

raffinate.68 TRUEX waste still contains lanthanides, which are removed by the TALSPEAK 

process. 

 

Figure 1.3.3. The Structure of CMPO 

 TALSPEAK, which stands for trivalent actinide-lanthanide separation by phosphorous 

reagent extraction, is used to separate trivalent lanthanides from Cm(III) and Am(III).69 The 

TALSPEAK process makes use of two extractants. The first is di(2-ethylhexyl) phosphoric acid 

(HDEHP). Strong hydrogen bonding among phosphoric acid groups generates HDEHP dimers, 

which are stabilized through complexation with the metals. Lactic acid is added as a buffer. 

However, HDEHP by itself cannot separate trivalent actinides from the lanthanides, so 

diethylenetriamine-N,N,N',N",N"-pentaacetic acid (DTPA) is included to selectively strip the 

actinides from the organic phase, allowing complete group separation.  



10 

 

 

 

Figure 1.3.4. The Structures of HDEHP and DTPA. a) HDEHP b) DTPA 

 The recently proposed ALSEP process employs a neutral diglycolamide extractant, either 

N,N,N'N'-tetra-(2-ethylhexyl) diglycolamide (T2EHDGA) or  N,N,N'N'-tetraoctyldiglycolamide 

(TODGA), and the acidic extractant 2-ethylhexylphosphonic acid mono-2-ethylhexyl ester 

(HEH[EHP]) to separate lanthanides from americium and curium.70 Lanthanides and the minor 

actinides are first extracted from strong HNO3 into n-dodecane. Stripping of the minor actinides 

is then performed in a buffered solution at pH 3-4.5. HDEHP extracts actinides in the 3+ 

oxidation state, as well as Fe
3+

 and Y
3+

. 

 Efforts have been made to develop a method for simultaneous separation of the major 

radionuclides contained in PUREX raffinate following removal of uranium. Ideally, use of a 

single organic solvent in such a process would reduce the number of steps required for separation 

and decrease the amount of organic waste generated. The UNEX (universal extraction process) 

was conceived through a collaboration between Idaho National Laboratory and the Khlopin 

Radium Institute.71 It combines elements of the CCD/PEG and TRUEX processes. Cesium and 

strontium are removed as they are in the CCD/PEG process. However, CMPO has limited 

solubility in SG-13 solvent, so a substitute for CMPO must be found for the UNEX process to be 

effective in large-scale operations.  

 In the United States, LLE has largely been carried out using organophosphate ligands like 

TBP, CMPO, and HDEHP. Outside the U.S., attention has shifted to development of extractants 
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that contain only carbon, hydrogen, oxygen, and nitrogen. Nitrogen, like phosphorous, can donate 

electrons for the formation of neutral complexes. These "CHON" extractants can, in principle, be 

incinerated to gaseous products at the end of their life cycles. Phosphorous-containing extractants 

leave residues that, when incinerated, release phosphorous into the atmosphere that react with 

water and oxygen to form acidic precipitate. 

 Complex-forming extraction agents can also be used in chromatographic separations by 

incorporating them into an inert, porous solid phase, such as silica gel or an organic polymer. The 

solid phase, or resin, is loaded into a chromatographic column, through which a mobile phase 

containing the radionuclide(s) flows. The mobile phases most commonly used are nitric (HNO3) 

or hydrochloric (HCl) acid. The extractant in the stationary phase removes the radionuclide(s) 

from the mobile phase, and unwanted components of the mobile phase are eluted.  

 Chromatographic separations with extraction resins are quite useful for separating 

actinides from one another and from lanthanides. TEVA resin extracts only tetravalent actinides, 

while TRU resin extracts both tetravalent and trivalent actinides, as well as hexavalent uranium 

(U6+).58 UTEVA resin extracts tetravalent actinides and hexavalent uranium. Since americium 

(Am3+) is not retained by either TEVA or UTEVA, it can be separated from a mixture containing 

tetra- and hexavalent actinides. The oxidation state of  plutonium can be adjusted to 3+ so that it 

can be eluted along with Am3+. To separate Pu from Am, the oxidation state of Pu is adjusted to 

4+ for extraction with TRU resin. Resins containing a crown ether, 18-crown-6, are also available 

for extraction of  90Sr, and 210Pb.  

1.3.2 Precipitation 

 Precipitation occurs when dissolved ions in solution combine to form an  insoluble 

solid.72 Salts that precipitate at low concentrations have low solubility products. The solubility 

product, ksp, of a compound is written as  

   ksp = [A]x[B]y,     (1.3.B) 
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where [A] and [B] are the concentrations of the constituent ions in solution, and x and y are their 

respective charges. The lower the ksp of a compound, the less soluble it is. The first radiochemical 

separation was performed via precipitation by Marie Curie, in which polonium was separated 

from pitchblende through a series of precipitation and dissolution steps.58 Recovery of plutonium 

was carried out from 1944 to 1956 at the Hanford Site by the bismuth phosphate method though 

co-precipitation with BiPO4 carrier.9 Uranium is left in solution as a sulfate complex, and through 

a series of additional oxidation and precipitation steps, weapons-grade plutonium is obtained. Due 

to the large amount of secondary waste generated, however, the bismuth phosphate method was 

phased out in the late 1940s. 

 Another example of radiochemical separation by precipitation is the capture of gaseous 

iodine (I2) during fuel reprocessing by precipitation on silver-containing zeolites.73,74 In silver 

mordenite, iodine is captured via reduction to I- and the formation of insoluble AgI. Iodine can 

also be trapped on silica gel filters containing AgNO3, whereupon AgI is formed.75 Another 

method of gaseous iodine capture employs solutions containing NaOH or KOH, referred to as 

caustic scrubbing.76 I2 reacts with OH- to form IO3
- and I-, which are retained in the scrubbing 

solution. BiPbO2NO3 may remove iodide from gaseous or liquid waste streams through 

precipitation, as I- readily exchanges with NO3
- to form BiPbO2I, which can then be 

vitrified.75,77,78 

 Several problems are associated with the disposal of silver-containing filters. While AgI 

trapped in crystalline quartz is predicted to be stable at elevated temperatures and pressures 

within a geological repository, its formation by the hot isostatic pressing method is energy 

intensive. The use of silver itself is also problematic. Ag+ is highly mobile in the vadose zone, 

and both Ag and Ag+ are toxic to many organisms in aquatic ecosystems.55,56 Chemical extraction 

of radioiodine from filters for vitrification requires the use of toxic and/or highly reactive agents 

(e.g. lead, mercury, hydrazine), which are known environmental hazards and heavily regulated. A 
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leaching study performed on BiPbO2I encapsulated in cement showed that it was a more stable 

waste form than AgI under reducing conditions, but over 30% of captured I- was released within 

80 days in 0.4 M NaCl solution.78 BiPbO2I vitrified in a low-melt process with PbO-B2O3-ZnO 

displayed dissolution along with the glass matrix in solution containing 0.55 M NaCl and 0.05 M 

HCO3
-, concentrations that could be present in an underground waste repository.77 While caustic 

scrubbing does not require the use of heavy metals or unusual chemicals, it produces a large 

volume of waste and is inefficient for removal of iodine at low concentrations. It is also unable to 

capture organoiodine compounds. 

1.3.3 Phytoextraction 

 The process whereby plants are used to remove contaminants from soil is referred to 

generally as phytoremediation. Specifically, the process by which plants remove metals from soil 

is referred to as phytoextraction.79 In the years since the Chernobyl disaster in 1986, 

phytoextraction of radioisotopes from contaminated soils has gained attention. In many cases it 

can be a more economical approach to remediation than soil replacement, solidification, or 

washing.80 It is also a relatively non-invasive form of cleanup and is thus regarded as being 

environmentally friendly. Following harvest, the plant matter may be dried or composted, thereby 

reducing the volume of contaminated matter. 

 In order to be a good candidate for phytoextraction, a plant must be able to concentrate an 

element that is present in very low concentration in the surrounding soil. Such plants are referred 

to as ‘hypertolerant’, since they can tolerate concentrations of certain metals in their tissues that 

would kill or inhibit the growth of other species. Such plants must also be able to rapidly 

transport aqueous contaminants from root to shoot cells, and to maintain higher concentrations of 

contaminants in their shoots than in their roots. The ratio of the concentration of a contaminant in 

dried plant matter to its concentration in dry soil is called its concentration ratio (CR). 
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 Due to the large quantities of Cs-137 and Sr-90 in releases from Chernobyl and the 

Fukushima Daiichi nuclear power plant, cesium and strontium have been the most intensively 

studied radioactive elements in the context of phytoextraction. Examples of plants with relatively 

high CRs for 137Cs include redroot pigweed (Amaranthus retroflexus), marigolds (various Tagetes 

species), and giant milky weed (Calotropis gigantea).81 Plants with high CRs for Sr-90 include 

tepary bean (Phaseolus acutifolius), Indian mustard (Brassica juncea), and giant milky weed.81,82    

Uptake of radioiodine has been observed in the sunflower plant (Helianthus annuus), although it 

is not considered a hyper-concentrator.83 Radioiodine is taken up by grass in areas where it has 

been deposited on soil, which is actually problematic when milk-producing livestock consume the 

affected grass and pass the radioiodine into milk that is consumed by humans.  

 Phytoextraction has the benefits of being relatively inexpensive and having a small 

environmental footprint. A major obstacle to its wider implementation is the lack of species and 

site-specific uptake data for many radioactive elements. Plants vary widely in their ability to 

absorb and tolerate metals, so species must be studied individually in well-characterized soil to 

make reasonable predictions regarding their performance in a particular setting. The relationship 

between a contaminant’s concentration in the soil and its uptake by a given type of plant may not 

be linear, and CRs are frequently characterized by large uncertainties. Chemical and physical 

differences among soils and water sources preclude application of a generic CR for a given 

plant/element combination. However, with the appropriate site and species-specific data, 

phytoextraction of radioisotopes holds promise as a sustainable and cost-effective remediation 

strategy.  

1.3.4 Synthetic Organic Ion Exchange Resins 

 Chromatographic separation with an ion exchange resin, as do all separation methods, 

exploits differences in partitioning behaviors among analytes. The selectivity of an exchange 

resin for a given ion can be measured using the distribution coefficient, D, which is equal to the 
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equilibrium concentration of the ion in the resin, Ms, divided by its equilibrium concentration in 

the liquid phase, Ml, with units of mL/g or L/kg. 

   D = [Ms] / [Ml]    (1.3.C) 

 A common structural backbone among organic exchange resins is polystyrene polymer 

cross-linked with divinylbenzene (DVB). Cross-linking determines the pore size of the material 

and provides structural integrity, while charged functional groups on benzyl rings in the polymer 

contain the sites responsible for ion exchange. Resins are available in powdered and granular 

form. The granular form is typically used in radiochemical separations, because it can be packed 

into columns through which solutions containing ions of interest flow during the chromatographic 

separation procedure. The smaller the grain (mesh), the more reactive surface area is exposed, 

and the better are the ion exchange properties of the resin. Typical sizes for use in radiochemical 

separations are 20-50 mesh (0.30-0.85 mm), 50-100 mesh (0.15-0.30 mm), and 100-200 mesh 

(0.07-0.15 mm). Ion exchange resins can be regenerated following use by stripping with strong 

acid or base to remove residual cations or anions. The resin is then washed until the pH and ionic 

strength of the rinse indicate the resin can be stored without incurring structural damage. 

 Organic ion exchange resins fall broadly into two categories, strongly exchanging and 

weakly exchanging. Strong acid exchange resins are typically sulfonated co-polymers of DVB 

and styrene. Ion exchange occurs when the hydrogen on the sulfate group is replaced by another 

cation in solution. The sulfate groups exchange cations over a broad range of pH, from highly 

acidic to strongly basic. The structure of a strong cation exchange resin is shown in Figure 1.3.5. 

Weakly acidic resins have a high affinity for protons and are recharged by strong acids. Ion 

exchange sites common among weak acid resins include carboxylic (COO-), phosphonic (PO3
2-), 

and phosphinic (HPO2
-) groups. In their fully protonated form, weak acid resins readily exchange 

H+ for alkaline earth metals in alkaline solutions. Quaternary amine (-N(CH3)2R
+) serves as the 

ion exchange site in strongly basic anion exchange (SBA) resins. AMBERSEP™ 400, used to 
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recover uranyl sulfate from acidic leach solutions, is a Type 1 SBA resin. Type 1 resins are made 

through amination with trimethylamine, as shown in Figure 1.3.6. The functional group on Type 2 

resins is dimethylethanolamine. Type 2 resins are not as strongly basic as Type 1, but they are 

strong enough to remove the anions of weak acids in most applications. Weakly basic resins do 

not actually contain ion exchange sites; rather, they act by adsorption. Typical functional groups 

include -NH3
+ and -NH2. 

  

Figure 1.3.5. Backbone of a Strongly Acidic Cation Exchange Resin 

 

 

Figure 1.3.6. Ion Exchange on a Strongly Basic Type I Anion Exchange Resin 

 Organic ion exchange resins have finite lifetimes. After prolonged exposure to extreme 

pH, the backbone structure begins to degrade, and the resin loses its physical integrity. Organic 

resins also degrade in strong radiation fields. For these reasons, organic ion exchange resins used 

for chromatographic separations are eventually replaced. Hence, they are not suitable for long-

term immobilization of radionuclides or storage in a permanent nuclear waste repository. 
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1.3.5 Biologically Derived Organic Sorbents 

 A wide variety of natural products and waste materials have been investigated as low-

cost remediation agents for metal pollutants in drinking water and industrial waste streams. These 

include, but are not limited to, chitosan, alginate, xanthate, peat moss, tree fern, bark, seaweed, 

dead biomass, modified wool, and modified cotton.84–87 These are collectively referred to as 

biosorbents, within which are found many polar functional groups capable of binding metal ions. 

Lignin, an intermediate in the formation of coal from peat, is comprised of a large group of 

aromatic polymers containing alcohols, aldehydes, ketones, acids, phenolic hydroxides, and 

ethers.88 Lignin is a major constituent of sphagnum moss peat and tree fern. Depending on the pH 

of the surrounding medium, its sorption capacity for lead may be as high as 1587 mg Pb/g.85,87 

Optimum sorption of metal cations on peat occurs at pH 4-5.86 Sphagnum moss peat has also 

demonstrated affinity for Cu2+, Ni2+, and Cr3+, while tree fern has been shown to sorb Cd2+.84,85 

 Alginate is a polysaccharide containing 1,4-linked β-D-mannuronic and α-L-glucuronic 

acid residues that form irregular clusters along a chain.89 It is present in the cells of brown algae 

and has applications in food processing, textile printing, and pharmaceutical manufacture. Each 

residue of alginate contains a carboxylic acid group at C6. The pKa of the carboxylic group on 

the mannuronic acid residues is about 3.4, while the pKa of the carboxylic group on glucuronic 

acid residues is 3.6-3.7. Alginate is either sold in or converted to its Ca2+ form, and Ca2+ can be 

exchanged for other divalent metal cations. Chen et al. determined its maximum sorption 

capacity, qm, for Pb2+ to be ~3 mmol Pb2+/g.90 The proportions of uronic acid residues in alginate 

vary widely among algae species, and they can even vary within a species depending on the age 

of the plant.  

 Chitosan, poly-(β-1,4)-2-amino-2-deoxy-D-glucopyranose (Figure 1.3.7), is obtained 

through alkaline treatment of chitin, a polysaccharide found in algae, the shells of crustaceans, 

and the cell walls of fungi.91 Partial deacetylation under alkaline conditions takes place on the 
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amine at C2 of chitin, with most chitosan used in pharmaceutical and environmental applications 

having a degree of deacetylation of  ≥ 90%. Chitosan has received much attention over the past 

two decades as a sorbent material for both metal cations and anions. The functional group 

responsible for chitosan’s interaction with metal ions is the amine at C2, with a pKa of about 

6.2.92 Below pH 6.2, the amino group is protonated and can interact electrostatically with metal 

oxoanions such as molybdate (MoO4
2-), chromate (CrO4

2-), and vanadate (VO4
3-).93–95 Above pH 

~6.2, the lone pair of electrons on the -NH2 group can form chelates with divalent cations, such as 

Cu2+, Pb2+, and UO2
2+.93,96–98  

 

 

Figure 1.3.7. The Structure of Chitosan 

 Despite its demonstrated ability to sorb metal pollutants in aqueous media, chitosan has 

not been incorporated into large-scale remediation efforts. The low cost of more effective 

synthetic ion exchange resins renders chitosan uncompetitive, and unpredictable fluctuations in 

chitosan production and supply reduce its attractiveness in many industrial applications. Other 

drawbacks to chitosan lie in its chemical properties. In powder or flake form, it is unsuitable as a 

packing for chromatographic columns, due to its tendency to clog them. It is soluble in most 

mineral acids, so it decomposes by hydrolysis at pH ≤ 3. Chitosan can also be degraded by 

microbes, which limits its usefulness in many environments. Crosslinking with chemicals such as 

(chloromethyl) oxirane and glutaraldehye can make chitosan more resistant to degradation.99,100 

However, cross-linking of -NH2 on C2 reduces its reactivity and sorption capacity. This may be 

circumvented to an extent by incorporation of metals, which reduce cross-linking of the amine. 
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Like organic exchange resins, however, biomaterials degrade in strong radiation fields. Hence, 

they are not suitable for long-term remediation or storage strategies for nuclear waste. 

1.3.6 Inorganic Anion Exchange Materials 

  Hydrotalcite-like materials referred to as layered double hydroxides (LDHs) have 

demonstrated effectiveness in removing various anions from aqueous media.101–103 LDHs are 

materials with the general formula M(II)1-xM(III)x(OH)2Yx/n, where M(II) and M(III) are divalent 

and trivalent metal ions, respectively, and Y is an interlayer anion.101 These materials are being 

intensively investigated for their exceptional anion capturing abilities. The metal hydroxide layers 

have a structure similar to that of brucite, Mg(OH)2. The divalent cations are octahedrally 

surrounded by –OH groups, and the octahedra share edges to form infinite sheets. The trivalent 

cations confer a positive net charge to the sheets, which is balanced by interlayer anions such as 

CO3
2-, SO4

2-, and NO3
-.  M(II) (e.g., Mg, Zn, Co, Ni) and M(III) (e.g., Al, Fe, Bi) cations as well 

as the interlayer anion can be selected to make a wide variety of isostructural materials, the 

physicochemical properties of which can be tailored to achieve high selectivity and high uptake 

of chosen anions.  

LDHs show great promise for removal of hazardous oxyanions—such as chromate, 

pertechnetate, arsenate, and perchlorate—from contaminated waste streams.101,102 LDHs can have 

quite large anion exchange capacities, 2-3.5 meq/g being typical.104 They have the benefits of 

being relatively inert, geologically stable, and economical to manufacture. The primary obstacle 

to their use as IO3
- sorbents is their lack of selectivity for iodine, particularly in the presence of 

competing anions. The aqueous chemistry at Hanford is characterized by high concentrations of 

CO3
2-, OH-, and Ca2+ in equilibrium with calcite.14 Other ions present in high concentrations 

include Na+, Mg2+, HCO3
-, and SO4

2-.41 In general, divalent anions are more strongly retained by 

hydrotalcite-like materials than monovalent anions.105 Among monovalent anions, strength of 

sorption (from highest to lowest) follows the sequence OH- > F- > Cl- > Br- > NO3
- > I-.106 LDHs 



20 

 

 

can be acutely sensitive to synthetic conditions, and they do not have mechanical properties 

conducive to pump-and-treat applications (e.g. column configurations). 

Bismuth-based layered materials have recently emerged as a solution to the selectivity 

problem. Studies conducted at Sandia National Laboratory utilizing in situ formation of bismuth 

oxy-iodides yielded promising results for iodine capture. The materials showed comparable 

selectivity for I- and IO3
- in the presence of competing ions in groundwater simulant.107,108 

Partitioning coefficients as high as LogKd IO3
- = 4.9 and LogKd I

- = 4.4 were observed. Due to the 

brevity of the project, the materials were not thoroughly characterized, and mechanisms of I- and 

IO3
- sorption were not determined. Recent work at Pacific Northwest National Laboratory, 

described in Chapter 3, has sought to develop bismuth-based materials for the removal of IO3
- 

from Hanford groundwater. The sorbents have demonstrated nearly quantitative uptake of IO3
- in 

both deionized water and Hanford groundwater. 

1.3.7 Inorganic Cation Exchange Materials - Zeolites 

 Naturally occurring minerals called zeolites have been studied for decades in the context 

of decontamination of water polluted by metals. They are crystalline materials with a framework 

structure containing regular channels, or pores, which are occupied by water and exchangeable 

alkali and alkaline earth metal cations. Because the exchange of cations within the pores is 

subject to size and shape constraints, zeolites are commonly referred to as molecular sieves.109 

Table 1.3.1 lists some common natural zeolites and their chemical formulas. Zeolites can also be 

synthesized, which allows their properties to be tailored to enhance their selectivity for specific 

cations. For example, Zeolite A is a synthetic zeolite which has a marked preference for Ca2+ over 

Mg2+ in binary (Mg2+/Ca2+) and ternary (Na+/Mg2+/Ca2+) systems.110 It is a useful additive to 

laundry detergents, as it sorbs calcium ions that would otherwise decrease the detergent's 

effectiveness.  
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Table 1.3.1 Naturally Occurring Zeolites and Their Chemical Formulas111 

Zeolite Formula 

Clinoptilolite (K2,Na2,Ca)3Al6Si30O72∙21H2O 

Mordenite (Na2,Ca)4Al8Si40O96∙28H2O 

Chabazite (Ca,Na2,K2)2Al4Si8O24∙12H2O 

Phillipsite K2(Ca,Na2)2Al8Si10O32∙12H2O 

Stilbite Na2Ca4Al10Si26O72∙30H2O 

Analcime Na16Al16Si32O96∙16H2O 

Laumontite Ca4Al8Si16O48∙16H2O 

Erionite (Na2K2MgCa1.5)4Al8Si28O72∙28H2O 

  

 All zeolites are aluminosilicates comprised of SiO4 and AlO4 tetrahedra linked by shared 

oxygen atoms.112 The degree of substitution of Si4+ with Al3+ determines the negative charge of 

the zeolite framework. The charge is compensated by substituting monovalent or divalent cations 

according to Mx/n[AlxSiyO2(x+y)]∙pH2O, where n is the charge of the substituting cation, the Si/Al 

ratio (y/x) varies from 1-6, and p/x ranges from 1-4.111 Zeolites are divided into different 

framework types based on their Al/Si ratios and the organization of secondary building units that 

determine the size and shape of their pores. The building units of chabazite and erionite, 

components of UOP IONSIV™ IE-96, are shown in Figure 1.3.8. For clarity, only the points 

where tetrahedra are linked by corner-shared oxygen atoms are shown.   

 

Figure 1.3.8. The Building Blocks and Channel Structures of Natural Chabazite and Erionite 

(adapted from figures available at: IZA Commission on Natural Zeolites, http://www.iza-

online.org/natural/Datasheets/)  

 

 UOP IONSIV™ IE-96, one of the sorbents studied in this work, is a synthetic chabazite 

zeolite manufactured by UOP (Des Plaines, IL). It was developed specifically to remove Cs+ from 
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nuclear waste streams.113,114 It is highly selective for Cs+ over most other monovalent cations and 

divalent cations, although it also has a high exchange capacity for Sr2+ and is selective for 

strontium over magnesium. Structurally, chabazites are comprised of stacked double six-

membered ring (6MR) prisms interconnected by four-membered rings in a cubic close-packed 

array.115 Repetition of the stacked prisms yields cylindrical cavities, which are joined to adjacent 

cavities by eight-membered rings (8MR). Figure 1.3.8 illustrates how the six- and eight-

membered rings are oriented relative to one another. In IE-96, the apertures of the 6MR are 2.6 Å 

in diameter, while the 8MR have free apertures of 4.3 Å. Monovalent ions (e.g. Cs+, K+, Na+) 

readily substitute at 8MR sites in chabazites.116–118 Crystallographic and computational studies 

indicate Ca2+ substitutes preferentially at 6MR sites in both hydrated and dehydrated 

chabazite.119–124 In order to fit within the zeolite pores, Mg2+, Ca2+, and Sr2+ must shed a number 

of their associated water molecules.125 As Mg2+ has a higher charge density and a more tightly 

held hydration sphere than either Ca2+ or Sr2+, water molecules dissociate from the hydration 

sphere of Mg2+ more slowly than they do from those of Sr2+ or Ca2+.126 Hence, Sr2+ and Ca2+ enter 

the chabazite pores more readily than Mg2+, making the zeolite selective for strontium and 

calcium over magnesium. 

1.3.8 Inorganic Cation Exchange Materials - Crystalline Silicotitanates 

 Crystalline silicotitanates, or CSTs, are known for their exceptional selectivity for cesium 

and strontium. Anthony et al. reported distribution coefficients of over 10,000 mL/g for Cs+ and 

200 mL/g for Sr2+ in solutions containing 5.7 M Na+, 0.6 M OH-, and 5.1 M NO3
-.127 Sodium 

titanium silicate, Na2Ti2O3(SiO4)2∙2H2O, is a tunnel-type CST built of Ti4O4 cubane subunits 

linked to one another by SiO4 tetrahedra.128 The cubane and SiO4 groups form tunnels parallel to 

the c-axis of the unit cell. Perpendicular to the tunnels are cavities that are perfectly sized to 

accommodate sodium ions. The structure of a tunnel-type crystalline silicotitanate is shown in 

Figure 1.3.9. The view is from the top, looking down the c-axis. Sodium ions within the tunnels 
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and cavities can be exchanged with Cs+ and Sr2+. Cesium ions are so tightly held within the 

tunnels that the exchange is not entirely reversible.129  

 UOP IONSIV™ IE-911 is a niobium-substituted crystalline silicotitanate (Nb-CST) 

manufactured by UOP (Des Plaines, IL). It is generally sold in its acid form as 

H2NaSi2(Nb0.3Ti0.7)4O13(OH)∙4H2O + 0.93 Zr(OH)4, where Zr(OH)4 acts as a matrix binder.130,131  

Its order of selectivity in mid-to-high level tank waste is Cs >> Sr > K > Na > Ca > Mg.132 IE-911 

is well known for its exceptional ion-exchange selectivity for cesium, even in highly alkaline tank 

wastes containing large amounts of NaOH (1-7 M) and NaNO3.
133,134 Its Ti4O4 subunits are 

connected by SiO4 tetrahedra to form a channel of eight-membered rings (8MR), perpendicular to 

which lie channels made of six-membered rings (6MR).135 The average composition and physical 

properties of commercial IE-911 have been published elsewhere.130,136  

 

Figure 1.3.9. Structure of a Tunnel-Type Crystalline Silicotitanate 

 The acid form of CST can be converted to sodium-substituted CST, the ideal composition 

of which is Na2Ti2O3SiO4∙2H2O.137 In this Na-CST, Cs+ replaces Na+ at two unique sites in the 

8MR, Cs(1) and Cs(2).129,135 Cs+ in the Cs(1) site forms eight Cs-O framework bonds, whereas at 

Cs(2), the ion forms four Cs-O framework bonds and two Cs-Ow bonds with interstitial water. 

Substitution of up to 25 mol % Nb5+ for Ti4+ in the CST structure significantly improves 

selectivity for Cs+.130,138 The higher charge in Nb-substituted CST displaces half of the Na+ in the 

8MR channel, which allows the influx of water molecules. Cs+ at Cs(1) forms four Cs-Ow bonds 
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with water molecules in addition to its eight Cs-O framework bonds, and Cs+ at Cs(2) forms an 

additional four C-Ow bonds with interstitial water. The increased coordination of Cs+ at both 

Cs(1) and Cs(2) in Nb-substituted CST thus enhances its selectivity for cesium. 

 Strontium substituted for H+ at 25 mol % in H-CST (H2Ti2O3SiO4∙2H2O) forms five Sr-O 

framework bonds and five Sr-Ow bonds with interstitial water at one site in the 8MR.138,139 When 

Sr loading was increased to 55 mol%, Tripathi et al. observed occupation at two sites in the 8MR, 

Sr(1) and Sr(2). Strontium at Sr(1) remains 10 coordinate, while at Sr(2), strontium is distributed 

between coordination numbers (CN) 9 and 7. In contrast to the results obtained with cesium, 

substitution of Nb5+ for Ti4+ in H-CST resulted in poorer selectivity for strontium. Sr2+ is nine 

coordinate at one 8MR site in Nb-substituted CST, where Nb5+ substitutes for 16 mol % Ti4+ and 

50 mol % of H+ is replaced by Sr2+. When Nb substitution is increased to 25%, the CN for 

strontium is reduced to seven. Hence, Nb substitution reduces selectivity for strontium in H-CST. 

1.3.9 Inorganic Cation Exchange Materials - Bone Char 

 Bone char is obtained through calcination (~700 °C) of animal bones in a low-oxygen 

atmosphere. It is 60-85% Ca10(PO4)6(OH)2 (hydroxyapatite) and 7-10% activated carbon by 

weight. It is an inexpensive sorbent available in large quantities and is, hence, of interest for the 

treatment of waste streams containing metal pollutants.140–142 Uptake of strontium, including 

radiostrontium, by hydroxyapatite in aqueous media has been described by numerous authors.143–

145 Bone char contains various functional groups that, when negatively charged, sorb metal 

cations. The pH at the point of zero charge (pHPZC) of hydroxyapatite ranges from pH 4.4 to pH 

7.6.145,146 Smičiklas et al. found a pHPZE of 6.1 for synthetic apatite at a solid:liquid ratio of 

1:100.146 At pH ≥ 7.6, phosphate groups and OH- ions at the surface of the sorbent attract cations. 

Carboxyl and carbonate groups also attract cations at alkaline pH. 

 Two cation exchange sites, referred to as Ca(I) and Ca(II), are present in the 

hydroxyapatite crystal structure.147,148 The unit cell of apatite A, a constituent of bone char, is 
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shown in Figure 1.3.10. Exchange between Ca2+ and Sr2+ or Mg2+ may occur at one or both of 

these sites.149–152 Ca2+ in Ca(I) is coordinated by nine oxygen atoms, while Ca2+ at Ca(II) is hepta-

coordinated by six oxygen atoms and one OH- anion.153 For ions with a +2 charge, distribution 

between the sites is controlled by the relative sizes of host and substituting cations.154 The larger 

ionic radius of  Sr2+ (1.13 Å) results in preferential replacement of Ca2+ (ionic radius 0.99 Å) at 

the Ca(II) site, although substitution at the Ca(I) site has been reported in synthetic apatite at low 

concentrations of Sr.155,156 Khudolozhkin et al. explained preferential exchange at the Ca(II) site 

in thermodynamic terms.147 The ΔH of ion exchange at Ca(II) is nearly zero, so ΔG is governed 

by changes in entropy. At a given temperature T, ΔST increases with an increase in Sr2+ exchange 

at the site, making ΔGT more negative than exchange at the Ca(I) site.  

 

Figure 1.3.10. The Unit Cell of Apatite A. Image made with the PDXL software suite (Rigaku).  

 Biological apatites naturally contain magnesium from 0.5 to 1.5 % by weight.157 The 

magnesium content of bone char lies between ~0.5 and 1.0 % by weight.158 Despite its biological 

importance, Mg2+ is not readily incorporated into the crystal structure of apatite; rather, it appears 

to have a destabilizing effect on the apatite lattice.159,160 Amorphous calcium phosphate (ACP) 

phases have been shown to rapidly transform into hydroxyapatite in the absence of Mg2+ at 

neutral or alkaline pH, while Mg2+ appears to inhibit formation of more stable phases from 

ACPs.161,162 Mg2+ can be substituted for Ca2+ in synthetic apatites, but to a lesser extent than 

Sr2+.163 Ren et al. were able to substitute up to 7 mol % of Ca2+ with Mg2+ in synthetic 
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hydroxyapatite, but non-apatite phases emerged on additional incorporation of Mg2+.164 These 

authors and others have concluded incorporation of Mg2+ likely occurs at the Ca(I) site, and that 

substitution of Ca2+ by Mg2+ introduces lattice strain that destabilizes the hydroxyapatite 

structure.165,166  

1.4 Sorption and Sorption Isotherms 

 Broadly, the term sorption refers to the association between a dissolved substance and a 

solid phase.167 Adsorption is the interaction between a substance and a solid two-dimensional 

surface, whereas absorption refers to influx of the substance into a three-dimensional solid 

matrix. Sorbents may be composed of organic or inorganic materials, or a combination of both. 

They may contain functional groups that exchange cations or anions, while some sorbents are 

amphoteric.  

 The distribution of a solute, or sorbate, between a solid phase and the surrounding liquid 

medium at equilibrium is described by its isotherm. The linear isotherm model, qe = KdCe, is an 

expression of Henry’s law describing the relationship between the concentration of a solute on a 

sorbent at equilibrium (qe) to its concentration in the surrounding aqueous matrix at equilibrium 

(Ce). The distribution, or partitioning coefficient, Kd, is the ratio of the solute concentration on the 

sorbent to its concentration in solution at equilibrium. Kd (L/g or L/mg), reflects the affinity of a 

sorbent for a given solute. A high Kd value indicates strong affinity of a sorbent for a solute, 

while a low Kd value implies a sorbent will retain little of the solute under a given set of 

conditions. The linear isotherm model is the simplest way to describe the interaction of a sorbent 

with a sorbate, and Kd is frequently used as a measure of the chemical interaction between 

pollutants and geological or man-made materials in the context of groundwater contamination.  

1.4.1 The Linear Isotherm 

 The linear isotherm model makes the following assumptions: i) the solute, or sorbate, is 

present in only trace quantities in the solid and aqueous phases; ii) the relationship between the 
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amount of sorbate in the solid and aqueous phases is linear; iii) the system is at equilibrium; iv) 

adsorption and desorption kinetics are equally rapid; v) partitioning occurs between one sorbate 

and one sorbent; vi) all adsorption sites on the sorbent are accessible and have equal affinities for 

the sorbate. Assumptions of the linear model cannot be expected to hold in complex systems, 

such as groundwater contaminated with heavy metals or radionuclides. Kd values found in the 

literature are specific to the conditions under which they were determined, and they can generate 

significant error when used to predict the impacts of contaminant migration in the environment or 

remediation strategies. In order to account for variables such as solute concentration and 

thermodynamic heterogeneity among sites on a sorbent, parametric models are required. 

Examples of two-parameter models are the Langmuir and Freundlich isotherms.  

1.4.2 L-Type Isotherms  

 The Langmuir and Freundlich models are frequently used to evaluate “L” type 

isotherms.168 An L-type isotherm is generated by plotting qe against Ce to obtain a concave curve 

that reflects the decrease in the ratio between qe and Ce as the solute concentration increases. The 

Langmuir isotherm was originally developed to describe monolayer adsorption of gases on a 

variety of surfaces.169 The assumptions of the model are i) all active sites on the sorbent are 

thermodynamically equivalent; ii) only one ion or molecule is sorbed per active site; and iii) 

active sites are thermodynamically independent of the sorbate. Saturation of the sorbent is 

indicated in the plateau region of the curve, where qe approaches the maximum sorption capacity, 

qm. The equilibrium sorption capacity is related to the maximum sorption capacity by 

  qe = (qmKLCe) / (1 + KLCe).    (1.4.A) 

KL is the Langmuir affinity constant (L/mg), which is a measure of the strength of interaction 

between the sorbent and sorbate. The Langmuir model is the simplest parametric isotherm for 

describing sorbent/sorbate interactions, and it has been used extensively to predict the behavior of 

pollutants in aqueous systems. A linearized form of the Langmuir equation is given by 
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  Ce/qe = (1/qm*KL) + Ce/qm.    (1.4.B) 

Maximum sorption capacity and the Langmuir affinity constant can be calculated from the slope 

(1/qm) and y-intercept (1/qm*KL) of the plot Ce/qe vs. Ce.
170,171  

 The assumption that all sites on a sorbent are thermodynamically equivalent is often 

invalid. If the energy of sorbent/sorbate interaction is not uniform among active sites on the 

sorbent, the sorbent surface is considered heterogeneous. The Freundlich isotherm is an empirical 

model developed to describe sorption on energetically non-homogeneous surfaces, and it is not 

restricted to monolayer sorption.172–174 The governing equation for the Freundlich isotherm is qe = 

FCe
1/n, where F and n (dimensionless) are constants. The amount of sorbate adsorbed is a 

summation of adsorption at all sites on the sorbent, with the sites having strongest affinity for the 

sorbate being occupied first. The model predicts an exponential decrease in adsorption energy 

until sorption is complete. Consequently, the Freundlich isotherm has no definite maximum 

adsorption or saturation value and does not reach a plateau as Ce increases. At low solute 

concentrations, it does not reduce to Henry’s law. The linearized form of the Freundlich model is 

given by 

  log qe = log F + 1/n*log Ce.    (1.4.C) 

A plot of log qe vs. log Ce yields a line with slope 1/n and a y-intercept of log F.175  

 If the sorbent surface is not thermodynamically homogeneous, or if competing ions are 

present in the surrounding medium, the interaction of a sorbate with active sites on the sorbent 

may not be adequately described by either the Langmuir or Freundlich isotherms. Lack of fit to 

the Langmuir isotherm may result from surface heterogeneity on the sorbent, or it may be the 

consequence of lateral interactions (e.g. columbic repulsion) between ions competing for sites on 

the sorbent.176 Even when individual ionic species exhibit Langmuir behaviour in a one-

component system, their combined presence often produces a non-ideal fit to the model. Without 
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a detailed understanding of the interactions between the sorbent and each of the ionic species in a 

multi-component system, it may not be possible to fit an isotherm to a two-parameter model. 

1.4.3 The Sips Isotherm 

 Sips derived the general Langmuir equation to accommodate sorption on energetically 

heterogeneous surfaces.177 Sposito derived a modified version of the Freundlich equation to 

describe ion exchange reactions on soils.172 A combined model, often referred to as either the 

Langmuir-Freundlich modified model or the Sips isotherm, assumes the sorbent surface is 

energetically heterogeneous, and that each class of exchange site sorbs individually according to 

the Langmuir isotherm. Ion activities may be replaced with concentrations in Sposito’s equation, 

which can then be written as  

   log qe/(qm – qe) = β*log Ce + log(A/qm),         (1.4.D) 

where A is related to Kd by A = qm*Kd
β. A is a measure of a weighted Kd, and β describes the 

spread of many distribution coefficients about an average Kd.
172,175,178  The model reduces to the 

Freundlich isotherm when a solute is present in trace quantities. The modified Freundlich 

equation does not reduce to Henry’s law when multiple species compete for sites on the sorbent. 

This is because Henry’s law is obeyed only in the absence of such competition.176  For sorbents in 

aqueous media, competing ions (e.g. H+) are always present. The modified Langmuir-Freundlich 

model thus circumvents the theoretical limitations of the original Freundlich model at low solute 

concentrations. At high solute concentrations, the modified isotherm predicts monolayer sorption 

capacity according to the Langmuir model.  

 Crickmore and Wojciechowski derived a rate model for adsorption and desorption from 

the Langmuir equation that allows sorption energy to vary with the amount of solute sorbed.179 At 

equilibrium, the equation is written as  

  qe = [qm*(KdCe)
β] / [1 + (KdCe)

β].   (1.4.E) 
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Here, β = 1 indicates surface homogeneity (Langmuir behaviour), while decreasing values of β 

imply an increasingly broad range of affinities as surface heterogeneity increases. By replacing 

the parameter A in Equation 1.4.D with the equivalent value qm*Ks
β, where Ks is the Sips 

isotherm constant (L/mg), the linearized Sips equation is obtained:  

   log qe/(qm – qe) = β*log Ce + log(Ks
β).         (1.4.F) 

A plot of log qe/(qm – qe) vs. log Ce is often referred to as a Hill Plot, with a slope of β and a y-

intercept of log(Ks
β).180 Linear regression analysis cannot be used to determine the parameters of 

a three-parameter model; but an estimate of qm may be obtained through trial and error by 

substituting values of qm and identifying that which yields the highest coefficient of 

determination. 

1.4.4 Problems with Linearization of Isotherm Equations 

 Due to its apparent simplicity and the availability of spreadsheet programs such as Excel, 

linear regression is frequently used to fit sorption data. The Langmuir, Freundlich, and Sips 

governing equations and their linear forms are shown in Table 1.4.1. Linearization can be 

problematic, since transformation of data into linearized form may generate modifications of 

error structure, introduce error into the independent variable, and alter the weight placed on each 

data point.181,182 Four linearized versions of the Langmuir equation are found in the literature, 

each of which introduces error into estimates of qe.
171,183 Correlation between x and y is 

overestimated by linear form 1 (Table 1), which may provide good fits to data that do not 

conform to the Langmuir isotherm.184 In linear forms 3 and 4 (Table 1), correlation between x and 

y is underestimated, resulting in poor fits to data that do not conform to the Langmuir model. 

When the Freundlich equation is linearized, taking the log of qe weights data points at low values 

of Ce.
185  

 High values of the coefficient of determination, r2, can therefore be misleading and may 

discourage investigation of non-linear equations that provide more accurate parameter values. 
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Acceptance of parameter values based on a high r2 may also result in adoption of an isotherm 

model that does not actually fit the data. Parameters obtained through linear regression should 

thus be viewed as estimates, which can be used as starting points for non-linear regression 

analyses and geochemical modeling. 

Table 1.4.1 Isotherm Equations and Their Linear Forms 
Governing 

Equation Linear Equation Plot 
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1.5 Kinetic Models 

 Once the equilibrium sorption capacity of a sorbent is determined, the rate and 

mechanism of adsorption can be examined by kinetic modeling. A selection of simplified models 

was used to evaluate the kinetics of strontium sorption by IE-96, IE-911, and bone char. These 

are the pseudo-first order, pseudo-second order, and Elovich models. The particle diffusion model 

is discussed briefly.  

 The type of interaction between the sorbent and sorbate is described by its rate law. The 

rate law is expressed in its simplest terms by 

   R = k[A]a[B]b,    (1.5.A) 
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where k is the rate constant, and a and b indicate the order of reaction with respect to species A 

and B. The simplest model used to describe sorbent/sorbate interaction may be the Lagergren 

pseudo-first order model186,187:  

   dqt/dt = k1(qe - qt)   (1.5.B) 

Integration of Equation 1.5.B with the boundary conditions of qt = 0 at t = 0 and qt = qt at t = t 

followed by linearization yields 

  log(qe - qt) = log(qe) – (k1/2.303)*t.  (1.5.C) 

The pseudo-first order rate constant, k1 (min-1), is obtained from the slope of the linear plot of 

log(qe -qt) vs. time. If the mechanism of sorption is too complex to be accurately described by 

first-order kinetics, higher-order kinetics models should be considered. The kinetics of sorption of 

divalent metals on a variety of inorganic and organic sorbents have been described using either 

the pseudo-second order or particle diffusion models.188–191  

 Second-order kinetics may be evaluated by  

  dqt/dt = k2(qe - qt)
2,   (1.5.D) 

where k2 is the second order rate constant (g/mg*min). Separation of variables followed by 

integration yields the expression 

  t/qt = 1/(k2qe
2) + (1/qe)*t,  (1.5.E) 

where boundary conditions are qt = 0 at t = 0, and qt = qt at t = t. The integral form of the model 

indicates t/qt will be a linear function of time. The rate constant, k2, and qe can be obtained from 

the intercept and slope of a plot of t/qt vs. time. The rate of sorption very close to the initial 

contact time (t < 1 hour) is important in determining overall reaction kinetics, as the majority of 

metal sorption by many inorganic sorbents occurs within the first hour following contact.189,191 If 

qe has been accurately determined, then the initial adsorption rate h (mg/g*min) of a second-order 

process as t approaches 0 is given by  

  h = k2qe
2.    (1.5.F) 
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 The Elovich model was developed to describe the kinetics of sorption of CO on 

manganese dioxide.192 It has more recently been used to model chemisorption of pollutants on 

energetically heterogeneous surfaces, including bone char and various soils.193,194 The integral 

form of the Elovich equation is  

    qt = (1/b)*ln(ab) + (1/b)ln(t + to),         (1.5.G) 

where qt is the concentration of sorbate on the sorbent at time t (mg/g or mmol/g), a is the 

Elovich constant reflecting initial sorption rate (mg/g*min), and b is the Elovich desorption 

coefficient (g/mg). The Elovich time constant, to, is determined through trial and error by plotting 

qt vs. ln(t + to) and choosing the value of to that maximizes r2. The desorption coefficient, b, is 

estimated from the slope of the plot, and a is calculated using the slope and intercept.     

 The following simplified equation describing intraparticle diffusion is given by Sen 

Gupta & Bhattacharyya195: 

  ln(1- qt/qe) = (-π2Dc/r
2)*t + ln(6/π2).  (1.5.H) 

Dc is the intra-crystalline diffusivity term, and r is the radius of the sorbent particle. A plot of  

ln(1 - qt/qe) vs. time should be linear, with a slope of -π2Dc/r
2, which is referred to as the diffusion 

time constant. The slope can also be written as k’ = π2Dc/r
2, where k’ is the overall rate constant. 

A simpler expression to obtain the diffusion rate coefficient, ki, was developed by Weber and 

Morris.196 It is written as 

  qt = ki* (t0.5).    (1.5.I) 

If intraparticle diffusion is a controlling influence on the rate of sorption, a linear plot of qt vs. t0.5 

should pass through the origin (y intercept = 0). The slope of the plot is equal to ki (mg˖g-1˖min-

0.5). This expression ignores the influence of pore size, but it allows one to quickly determine 

whether intraparticle diffusion affects the reaction rate. 
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1.6 Geochemical Models  

 Geochemical modeling software is an important tool in efforts to predict the behavior of 

radionuclides released to the environment. Depending on the purpose of the model, it may 

incorporate information about the chemical composition of the waste and its processing, 

containment, containment failure, near-field release of radionuclides to the environment, far-field 

diffusive transport of the radionuclides, their release to the biosphere, and eventual uptake by 

humans, plants, or animals.197 A conceptual model is first constructed to describe the overall 

system that includes each of the important processes and their couplings. The conceptual model is 

then translated into a mathematical model and coded into a computer program. The numerical 

correctness of the code is verified, and the code’s applicability to the system is validated through 

testing its predictive capabilities.198  

 Two of the most commonly used programs for predicting speciation and migration of 

radionuclides in groundwater are PHREEQC and MINTEQ.199,200 Each software package allows 

the composition and pH of contaminated groundwater to be specified, and a number of databases 

house thermodynamic data (e.g. formation constants and enthalpies of formation)  used in the 

modeling of radionuclide speciation and reactive transport. The phreeqc.dat database is included 

with the program, and thermodynamic data specific to groundwater modeling in PHREEQC is 

available in the thermo_wateq4f.dat database.201 The thermo_minteq.dat database is included with 

MINTEQ.200 Lawrence Livermore National Laboratory maintains similar databases 

(thermo.com.V8.R6+.tdat and thermo_hdata.tdat).202  

 One of the most important parameters for predicting complex formation between 

dissolved radionuclides and other ions in contaminated waters is the formation constant, Kf. Kf is 

the equilibrium constant for the formation of a complex ion from a central ion and ligands in 

solution. A large formation constant implies equilibrium lies far to the right, and that the complex 

formed is quite stable, so Kf  is often expressed in logarithmic form. For example, the log Kf for 
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UO2(CO3)3
4- (aq) is about 21.4, and the species is highly stable at pH 7-9.203,204 Complexation is 

generally a multi-step process, because aqua ligands of the dissolved metal are replaced by ions 

acting as lewis bases in a step-wise fashion. The inner hydration sphere of UO2
2+ contains five 

water molecules, up to three of which may be replaced by CO3
2- ions.205  

 [UO2(H2O)5]
2+ (aq) + CO3

2- ⇆ [UO2(H2O)4CO3] (aq) + H2O  Kf 1 

 [UO2(H2O)4CO3] (aq) + CO3
2- ⇆ [UO2(H2O)3(CO3)2]

2- (aq) + H2O Kf 2 

 [UO2(H2O)3(CO3)2]
2- (aq) + CO3

2- ⇆ [UO2(H2O)2(CO3)3]
4- (aq) + H2O Kf 3 

The Kf of the final species, UO2(CO3)3
4- (aq), is the product of the formation constants of each 

reaction, K1 x K2 x K3, the log of which is often expressed as the stability constant, log β. 

Stability constants (log β) included in the thermo_wateq4f.dat and thermo_minteq.dat databases 

come from the Nuclear Energy Agency Thermochemical Database, which is the most frequently 

cited repository of carefully reviewed thermodynamic data used in geochemical modeling.203,204 
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Chapter 2 - Analytical Methods Used for Characterization of Sorbents and Sorption 

Experiments 

 

 The details of sorbent synthesis, uptake experiments, and the results of sorbent 

characterization are to be found in Chapters 3, 4, and 5. Chapter 3 contains the experimental 

methods and results for two bismuth-based sorbents designed to remove radioactive iodate and 

iodide from contaminated groundwater. Determination of strontium sorption isotherms and 

uptake kinetics for UOP IONSIV™ IE-96, UOP IONSIV™ IE-911, and bone char in simulated 

Hanford groundwater are located in Chapter 4. Uptake of uranium by UOP IONSIV™ IE-96, 

UOP IONSIV™ IE-911, and bone char from simulated Hanford groundwater, as well as sorbent 

characterization and the results of speciation modeling, are found in Chapter 5. Here, the 

analytical methods and instrumentation used for sorbent characterization and uptake experiments 

are described in detail. These include several elemental analysis methods, a radiotracer method, 

uranium quantitation by the arsenazo III method, vibrational spectroscopy, powder X-ray 

diffraction (XRD) analysis, X-ray photoelectron spectroscopy (XPS), and scanning electron 

microscopy with energy dispersive spectroscopy (SEM-EDS). 

2.1 Elemental Analysis and Quantitation of Metals 

2.1.1 Inductively Coupled Plasma Optical Emission Spectroscopy (ICP-OES) 

 ICP-OES was used to determine the bismuth content of each of the sorbents made at 

Pacific Northwest National Laboratory. ICP-OES was also used to quantify strontium and 

uranium uptake by IE-96, IE-911, and bone char through measurement of control and sorbent 

contact solutions. ICP-OES allows simultaneous quantitation of multiple elements within a 

sample, which makes it an important and widely used technique for elemental analysis. Detection 

limits can reach < 1 part per billion (ppb).1  

 Components of an ICP optical emission spectrometer include a sample introduction 

apparatus, a quartz torch, a spectrometer, and a detector.
2
 A sample, typically dissolved in dilute 
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HNO3, is introduced and directed into a nebulizer by a peristaltic pump. The solution is converted 

to an aerosol within the nebulizer, then further atomized in a spray chamber. Gas flowing through 

the nebulizer carries the spray directly into the plasma zone, which is generated from the gas by 

the quartz torch. Because it is relatively economical and inert, argon is the most commonly used 

gas for ICP-OES. The gas flows into an oscillating electromagnetic field created by a radio 

frequency (RF) generator. The radiation (27.12 MHz) is directed to a load coil, which delivers it 

to the torch. The gas is heated to form a plasma, where temperatures can reach 10,000 K.  

 Electrons in atoms of the sample absorb energy from the plasma and move to excited 

states.3 When an electron relaxes to its ground state, a photon is emitted. Each element possesses 

a unique set of emission wavelengths, which are used for its identification. For example, bismuth 

emits photons at 222.821 nm, 223.061 nm, and 306.771 nm.4 The plasma emits white light, 

including the wavelengths emitted by all elements within the sample. The light is directed 

through a prism into diffraction grating, which separates it into its constituent wavelengths, or 

emission lines, which are then directed to an array detector. The detector contains a silicon chip 

comprised of many individual photo-active segments, or pixels, each of which measures photons 

of a given wavelength.2 Charge builds up at each pixel in proportion to the number of photons 

reaching it. Electronics coupled with the detector measure the intensity of the charge from each 

pixel and generate a signal that is sent through an analog-to-digital converter (ADC). This signal 

is compared to the signals generated by standards with known concentrations and quantified. 

2.1.2 Inductively Coupled Plasma Mass Spectrometry (ICP-MS) 

Total 127I in groundwater samples was determined by ICP coupled with a mass 

spectrometer (ICP-MS) at Pacific Northwest National Laboratory. An important aspect of ICP-

MS is that it can distinguish isotopes of a given element from one another.5 It is also capable of 

breaking small organic molecules down into their atomic constituents, which is necessary for 
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detection of covalently bound iodine in organic molecules that may be present in groundwater or 

other environmental samples.6,7 Detection limits of ICP-MS are in parts per trillion (ppt).  

Sample introduction and atomization within the plasma zone of the quartz torch in ICP-

MS and ICP-OES are similarly configured. However, rather than detecting atomic emissions, the 

mass spectrometer detects positively charged ions exiting the torch. This is in contrast to ICP-

OES, in which the photons emitted by electron relaxation are detected and quantified. In addition 

to the sample introduction apparatus and quartz torch, an ICP-MS instrument contains an 

interface and a collision chamber between the torch and the mass spectrometer.8 The mass 

spectrometer operates at low pressure, typically 10-5 to 10-6 Torr. The interface is a transition 

zone, where pressure is decreased from ~1 atmosphere to near operating pressure by a series of 

cones collectively referred to as a three cone interface. Positively charged ions are directed from 

the interface into the collision chamber, where interfering species are removed from the ion beam 

following collision or reaction with the collision gas. 

 Ion optics guide ions with the desired mass-to-charge ratio (m/z) into the mass 

spectrometer, usually a quadrupole.9 The quadrupole is comprised of four rods in which voltages 

and radio frequencies are manipulated to allow ions of the selected m/z to pass to the detector. 

Mass filtering within the quadrupole is accomplished by voltage “stepping” to cover the m/z 

range specified by the analyst. Ions that do not have the selected m/z do not maintain a stable 

trajectory within the rods and are deflected. The quadrupole is capable of scanning at a rate of > 

5000 atomic mass units per second. On exiting  the quadrupole, cations strike the first dynode of 

an electron multiplier. The signal is amplified via an electron cascade to become a measurable 

pulse that is sent to an ADC. Analytical software compares this signal to the magnitude of signals 

generated from a set of standards used to build a calibration curve with which the isotope of 

interest can be quantified. 
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2.1.3 Carbon, Hydrogen, and Nitrogen (CHN) Analysis 

CHN quantitation for the bismuth-based sorbents was carried out via combustion analysis 

by Atlantic Microlab (Norcross, GA). In combustion analysis, a dry sample is heated to ~1000 °C 

in the presence of high-purity oxygen gas, thereby converting carbon to CO2, hydrogen to water, 

and nitrogen to N2 or nitrogen oxides.10 An inert carrier gas such as helium sweeps the volatile 

combustion products over high-purity copper heated to ~600 °C. The copper removes oxygen not 

consumed in the combustion step and converts any oxides of nitrogen to N2 gas.  

The gas stream containing the combustion products enters a separation device, typically a 

gas chromatograph (GC). Eluents from the GC column are detected via a thermal conductivity 

detector (TCD), which is calibrated with high-purity standards such as acetanilide and benzoic 

acid prior to analysis. The TCD contains four cells within a metal block.5 A thin tungsten or 

tungsten-rhenium resistance filament is suspended in each cell. Prior to analysis, a small current 

is delivered to the filaments, which are allowed to reach an equilibrium temperature. Pure carrier 

gas is routed into two of the cells, which serve as reference cells, while the column effluent is 

routed into the other two cells. Carrier gas mixed with an analyte has a different conductivity than 

the carrier gas alone. The different conductivity of the carrier gas-eluent mixture changes the 

filament temperature in the sample cells, while the temperature of the reference filaments remains 

constant. As the resistance of the filaments in the sample cells changes relative to those in the 

reference cells, the correspondingly positive or negative signal is amplified and digitized for 

processing. A chromatogram is produced, on which are displayed analyte peaks and peak areas. 

Retention times are used to identify each analyte, while peak areas are compared to reference 

peaks for quantitation. 

2.1.4 Analysis of Halogens 

Iodine and chlorine quantitation for the bismuth-based sorbents was performed with 

combustion ion chromatography by Atlantic Microlab (Norcross, GA). The combustion step is 
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performed under the high-temperature oxidizing conditions described for combustion analysis. 

Halogens contained in the sample are ionized to form volatile HX compounds, which are 

subsequently trapped in a small volume (c.a. 3 mL) of deionized water.11 A specified quantity of 

liquid from the trap (c.a. 1 mL) is loaded onto a concentration column, which reduces the sample 

volume in order to improve quantitation of samples with low analyte concentrations. The 

concentrated sample (c.a. 0.20 mL) is then injected onto an analytical ion exchange column, from 

which halogen components of the sample elute. An electrochemical detector (ECD) is used for 

detection and quantitation of the analyte. The ECD contains a counter electrode, which oxidizes 

the halogen anions.6 The resulting current is linearly proportional to halogen concentration, which 

allows quantitation of each analyte. 

2.1.5 Radiotracer Method for Strontium Uptake Analysis 

 Strontium uptake by the commercially available sorbents was evaluated by a radiotracer 

method using Sr-85. The chemical behavior of Sr-85 is identical to that of natural strontium, so 

the activity of Sr-85 in a solution is directly proportional to the chemical concentration of 

strontium in the solution. Sr-85 was made by neutron activation of 5.67 g anhydrous Sr(NO3)2 

(Mallinckrodt). The Sr(NO3)2 was irradiated for 21 hours (1 MW, neutron flux 3.9 x 1012/cm2) in 

a lazy Susan configuration in the TRIGA research reactor at Oregon State University. The 

irradiated solid contained a total activity of 2.13 x 106 Bq, measured within 24 hours of 

irradiation by gamma-ray spectroscopy with a high-purity germanium detector. Following 

irradiation, the solid was dissolved in 25 mL ultrapure water and stored in a polypropylene 

container. The chemical concentration of strontium in this stock solution was 1.071 mol/L. This 

stock was used in equilibrium and kinetics experiments with IE-96 and IE-911. For bone char, 

serial dilutions of the stock solution were prepared and used to spike samples and controls. 

Determination of strontium concentrations in contact and reference solutions was performed by 

counting the activity concentration of Sr-85 on a Cobra-II automated gamma counter  with a 3-
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inch NaI(Tl) detector (Packard) using the 514 keV gamma emission from the electron capture 

decay of Sr-85 (% relative error ≤ 1.70). Percent strontium uptake by the sorbents was calculated 

by 

    [(Ao – At)/Ao] * 100,           (2.1.A) 

where Ao is the activity concentration (Bq/L) of the spiked reference solution (no sorbent), and At 

is the activity concentration in solution (Bq/L) at time t following contact with the sorbent.  

2.1.6 The Sodium Iodide Detector 

 The NaI detector is widely used for gamma ray detection. Reasons for this are that it is 

relatively inexpensive, can be made in many different shapes/sizes, has good light yield, good 

photoelectric cross section, and high efficiency.12 A NaI detector is comprised of a NaI crystal 

containing a dopant, a photocathode, a photomultiplier tube (PMT) containing dynodes, and an 

anode. Incident radiation excites electrons in the NaI lattice, which move from the valence band 

of the crystal to the conduction band.12 Positively-charged ‘holes’ are created simultaneously. The 

holes migrate to the dopant, typically thallium, which provides a location for excited electrons to 

return to their ground states. The holes are neutralized in the process, and photons are emitted that 

are not re-absorbed by the NaI crystal. The emitted photons strike the photocathode, which lies at 

the interface of the NaI crystal and the PMT. Energy from the photons is transferred to electrons 

within a photoemissive material in the photocathode, where energy from the photons generates 

low-energy electrons in a proportional manner. The ratio of photoelectrons produced to the 

number of photons incident on the photocathode is called quantum efficiency, QE, which is 

typically 25-30 % in a NaI detector. 

  From the photocathode, electrons are drawn into the PMT. This is where electron 

multiplication occurs, beginning once electrons exit the photocathode and ending with their 

collection at the anode. A voltage is applied across the PMT, increasing from the photocathode 

end to the anode. The PMT contains a series of dynodes, each of which produces several 
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electrons for every electron that collides with it. A typical pulse will give rise to 107 – 1010 

electrons.12 Charge from the PMT is collected at the anode. The amplitude of the signal pulse (V) 

is directly proportional to the charge (Q) generated within the detector, and Q is directly 

proportional to the energy of incident photons. The pulse is then converted to a measurable signal 

with an analog-to-digital converter.   

2.1.7 Uranium Determination by the Arsenazo III Method 

 Organic molecules based on azo dyes have long been used for determination of uranium 

concentrations and those of other actinides in aqueous solutions.13,14 The arsenazo III dye forms a 

stable complex with uranium (UVI) that absorbs strongly in the visible region. Absorbance is 

directly proportional to the concentration of the uranium-arsenazo III complex in solution. The 

analysis is performed in acidic media, often a perchloric acid (HClO4) solution, which prevents 

the metal from forming polynuclear species that interfere with measurement.15 Standard solutions 

are first prepared with known concentrations of arsenazo III and uranium. Absorbance (A) by 

each standard is measured by UV-visible spectrophotometry and used to construct a linear 

calibration curve, where A is plotted on the y-axis and U(VI) concentrations are plotted on the x-

axis. Background is measured with a solution containing arsenazo (no uranium) and subtracted 

from each spectrum. Unknown samples are prepared with the same arsenazo III and HClO4 

concentrations as the standards, and absorbance is measured at the same wavelength. U 

concentrations in the unknowns are determined using the equation of the calibration curve, y = 

mx + b.  

In this set of experiments, discussed in more detail in Chapter 5, 1 mM U(VI) solutions 

made with groundwater simulant (GWS) were contacted with each of the sorbents. Uranium 

concentrations in the solutions contacted with sorbents were determined by the arsenazo III 

method.13 A calibration curve was first constructed with standards containing 5 x 10-6 M - 2.75 x 

10-5 M U(VI). For each standard, 0.1 mL 1.25 mM arsenazo, 0.6 mL 2M HClO4, and a known 
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quantity of uranium were added to a 1 cm cuvette. Ultrapure water was added to obtain a final 

volume of 1.0 mL per standard. Absorbance by each standard was measured at 651 nm on a Cary 

6000i UV-visible spectrophotometer. For each unknown sample analyzed by this method, 

solutions were prepared at the same arsenazo III and HClO4 concentrations used for the 

standards. The volume of unknown added was based on knowledge of the uranium sorption 

capacities of the sorbents, which was used to estimate uranium concentrations in the contacted 

solutions. If needed, ultrapure water was added to obtain a final volume of 1.0 mL per sample for 

analysis. Absorbance was measured at 651 nm, and U(VI) concentrations in the unknown 

samples were determined using the equation of the calibration line. 

 Since arsenazo III can also form complexes with calcium and other metals contained in 

the GWS, a second set of calibration standards was prepared with the same uranium, arsenazo III, 

and HClO4 concentrations used in the first set of standards. However, instead of ultrapure water, 

GWS was added to obtain a final volume of 1.0 mL per standard. Absorbance was measured at 

651 nm and a calibration curve constructed. The small volumes of groundwater simulant added to 

the standards had no effect on U(VI) quantitation, so a correction factor was not needed for 

calculating U concentrations in sample solutions containing GWS.  

2.1.8 The UV-Visible Spectrophotometer 

The light source in the Cary UV-visible spectrophotometer is a tungsten-halogen lamp, 

which emits wavelengths of 175-900 nm. The beam passes through a quartz window, which is 

transparent (non-absorbing) and passes through the sample. The intensity of the transmitted light, 

I, is compared to the intensity of the incident beam, Io, to determine absorbance by Beer's law5:  

    Log(Io/I) = εbc = A,           (2.1.B) 

 where 

 Io = incident radiant flux 

 I = signal intensity following absorption 
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 ε = the molar absorptivity of the metal-arsenazo complex in L/mol˖cm 

 b = path length of light through the sample in cm 

 c = concentration of the analyte in mol/L 

 A = absorbance by the sample (unitless) 

The diffraction grating used to separate the transmitted light into its constituent 

wavelengths is similar to the diffraction grating within an ICP-OES, described in Section 2.1.1. 

The UV-visible detector contains a photocathode, where energy from the incoming photons 

generates electrons in a proportional manner, as well as a photomultiplier tube (PMT) for 

amplification of the electronic pulse. The pulse is converted to a measurable signal with an 

analog-to-digital converter. For quantitation, the analyst compares this signal to the magnitude of 

signals generated from the standards used to build the calibration curve. 

2.2 Vibrational Spectroscopy  

 Structural analysis of sorbents was performed using Fourier transform infrared 

spectroscopy (FTIR) and Raman spectroscopy. FTIR and Raman spectroscopy are both used to 

obtain detail about molecular structure and the chemical environments in which analytes of 

interest reside. It is generally the case that a bond which is FTIR active will not yield as much 

structural information by Raman analysis, and vice versa.3 However, no bond or molecule will 

generate a FTIR or Raman spectrum that is identical to the spectrum of a different bond or 

molecule. The techniques are thus used in a complementary manner to create unique chemical 

‘fingerprints’, which are used to characterize both organic and inorganic materials. 

 Vibrational spectroscopy yields information about vibrations in the bonds between atoms 

and within the electron clouds of molecules.16 The data can be analyzed on an empirical basis to 

reveal the presence or absence of functional groups and elucidate molecular structure, or it can be 

analyzed via a computational theoretical route to determine the forms and frequencies of 

molecular vibrations. The infrared (IR) region lies between the visible and microwave regions of 
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the electromagnetic spectrum, where photons have wavelengths (λ) between about 700 nm and 1 

x 106 nm.5 Depending on the type of vibrational spectroscopy being performed, the region can be 

further divided into the near IR (λ = 0.8 to 2.5 μm), the mid-IR (λ = 2.5 to 25 μm), and the far-IR 

(λ = 25 to 1000 μm). The mid-IR is typically used to study fundamental vibrations and rotational-

vibrational structures. Units of measurement are called wavenumbers and are expressed in inverse 

centimeters (cm-1) calculated by  

        = νn/c = 1/λ,           (2.2.A) 

 where 

   = the wavenumber 

ν = the frequency of the incident radiation 

c = the speed of light in cm/s  

n = refractive index 

The refractive index of the medium through which the incident radiation passes, n, has no units.  

 When a molecule absorbs photons, energy transferred to the molecule brings it to an 

excited state. Excitation can change the rotational, vibrational, and electronic energy of the 

molecule.17 The energy of a photon, Ep, is equal to hν, where h is Planck’s constant (6.6256 x 10-

27 erg˖s) and ν is the frequency of the photon. The change in molecular energy due to photon 

absorption can be expressed as ΔE = Ep = hν = hc  . ΔE encompasses changes in rotational, 

vibrational, and electronic energy. High frequency radiation causes changes in the electronic 

energy of a molecule (Δel), whereas low frequency radiation brings about changes in rotational 

energy (Δrot). Δvib, the change in vibrational energy upon excitation by infrared radiation, is the 

focus of vibrational spectroscopy.  

 The bond between two atoms can be imagined as an oscillating spring with two weights 

attached. The displacement of the atoms occurs at a characteristic frequency as the atoms move 

through equilibrium positions simultaneously.3 The number of atoms in a molecule determines 
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the number of vibrations it can exhibit. A linear molecule such as H-H has 3n – 5 degrees of 

freedom, where n = the number of atoms in the molecule.16 The H-H bond has one degree of 

freedom, meaning that it can undergo one simple stretching vibration. Polyatomic molecules 

undergo multiple vibrations, the number of which is determined by 3n - 6. For example, a water 

molecule (Figure 2.2.1) contains three atoms and has three degrees of freedom. These correspond 

to an in-phase vibration in the bonds between oxygen and hydrogen, an out-of-phase vibration in 

those bonds, and a bending deformation. Other vibrational modes detectable by IR spectroscopy 

include rocking, wagging, twisting, and the breathing vibrations of ring structures.3 

 

 

Figure 2.2.1. The Molecular Vibrations of Water 

 Two factors influence the frequency of oscillation in a bond. The force constant, K, is a 

function of the bond energy and is proportional to the frequency of vibration.16 The frequency of 

vibration is inversely related to the masses of the atoms in the bond, meaning that the heavier the 

atoms are, the lower the frequency of oscillation will be. The two factors are related by 

    ν = 
 

  
    

 

  
   

 

  
  ,           (2.2.B) 

where m1 and m2 are the masses of the atoms participating in the bond. 

 The infrared absorption process has two features that are especially important to 

vibrational spectroscopy. The first is the frequency of the incident radiation, ν. The second is the 

dipole moment of the molecule being analyzed. Compounds analyzed by IR spectroscopy 
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typically have strong dipole moments.3 The dipole moment μ is related to the charges on the 

atoms participating in the bond (ei) and to the distances between them (ri) by μ =   iri. When an 

IR-active molecule or bond absorbs photons, its dipole moment is changed during its vibration. 

The molecule de-excites by emitting photons at the same wavelength it absorbs, a process 

referred to as elastic or Rayleigh scattering. If a molecule has no dipole moment, meaning that 

none of its bonds vibrate asymmetrically, it will not be IR-active. Molecules and bonds that are 

Raman-active vibrate symmetrically, and the electron clouds surrounding them must be deformed 

by an external electromagnetic field in order to obtain a signal.3 Molecular vibration due to 

incident photons changes the polarization of a Raman-active molecule, meaning that a dipole 

moment is induced on excitation. The greater the change in polarization, the stronger the resulting 

Raman signal. Polarizabilitiy, α, is related to the induced dipole (μ) and the energy of the incident 

radiation (E) by 

     μ = αE.             (2.2.C) 

 Molecules initially in their ground states emit photons of a lower frequency than that of 

the incident radiation, a process called Stokes scattering.3 Molecules that are in an excited state 

when they are irradiated emit photons of a higher frequency than that of the incident radiation, a 

process called anti-Stokes scattering. When Raman spectroscopy is performed at ambient 

temperature, molecules tend to be in their ground states prior to irradiation. Stokes scattering is 

hence more likely than anti-Stokes scattering in most Raman analyses. The intensity of the signal 

created by Stokes-shifted photons is a function of the difference in their frequency relative to that 

of the incident photons, the intensity of the excitation source, the polarizability of the molecule, 

and the number of molecules in a sample. The magnitude of the shift in emission frequency 

relative to the excitation frequency, called the Raman shift, is an intrinsic property of a molecule 

or bond. Raman spectroscopy is thus a powerful technique for identification of molecules and 
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functional groups. Quantitation is also possible, as signal intensity is proportional to the number 

of scattering molecules in the analyte.  

2.2.1 Infrared Spectroscopy  

 Infrared (IR) analysis measures the absorbance of infrared light by a sample across a 

range of IR frequencies. In dispersive IR analysis, a polychromatic light source generates a beam 

comprised of many wavelengths.3 A scanning monochromator allows the beam to pass 

sequentially through discreet wavelengths. The sample absorbs at characteristic frequencies, and 

the resulting absorbance spectrum is compared to a reference, or blank, spectrum. The 

frequencies at which the sample absorbs, along with signal shape and intensity, are analyzed to 

extract structural detail. Dispersive IR techniques are hampered by low signal intensity, since 

only one wavelength is measured at a time. Other drawbacks are instrumental noise and long 

analysis times. IR analysis with an interferometer minimizes or entirely circumvents these 

problems. Simultaneous detection of light at all frequencies is possible. Alternatively, a 

monochromatic source may be used. Signal intensity at the detector is therefore far stronger with 

an interferometer than it is with dispersive methods. The signal-to-noise ratio is superior to that of 

dispersive methods, and analysis times are shorter.  

 Fourier Transform Infrared Spectroscopy is possibly the most important example of this 

experimental approach.16 The output from the detector is called an interferogram. Signal intensity 

on the interferogram decreases relative to a reference signal at wavelengths absorbed by 

molecules in the sample cell. Fourier analysis, which is a mathematical treatment of the 

interferogram, breaks the interferogram down into a sum of sine and cosine terms called a Fourier 

series.5 Fourier analysis reconstructs the spectrum from which the interferogram is made. Signal 

intensity is measured on the y-axis, while the frequencies of photons reaching the detector are 

represented on the x-axis in units of inverse centimeters (cm-1).  
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 The Michelson interferometer is the most commonly used configuration in FTIR 

analysis.3 The components of the Michelson interferometer are a light source, optics to guide the 

beam, a beam splitter, a movable mirror, and a detector. Optics near the source collimate the 

beam, which is directed toward the beam splitter. The light is split into two equal portions at the 

beam splitter. Half the light is directed toward a stationary mirror placed at 90° relative to the 

incoming beam, while the other half is allowed to travel unimpeded toward a mirror that is moved 

at a constant speed. Let the light reflected by the stationary mirror travel a distance D1 and the 

light reflected by the moving mirror travel a distance D2. D2 varies as the mirror moves, while D1 

remains constant. When D1 = D2, the light reaching the detector is in phase, and constructive 

interference results. This is called the zero point difference (ZPD), which generates the most 

intense signal during analysis. However, D1 ≠ D2 as the mirror moves. The reflected beams 

become out of phase with one another, and destructive interference results. A single frequency is 

associated with each mirror position. By measuring the distance D2 (ΔD2) that restores the original 

interference pattern, the wavelength and frequency of the light incident on the sample can be 

determined.  

 When the instrument is operated in absorbance mode, signal intensity is determined by 

Beer’s law (Section 2.1.8, equation 2.1.B). The signal is passed through an analog-to-digital 

converter (ADC) and analyzed at the controlling computer. Following Fourier analysis of the 

interferogram, a spectrum of signal intensity vs. wavenumber is generated.  

2.2.2 Raman Spectroscopy 

 Raman-FTIR is a valuable technique for collecting high-resolution spectra such as those 

used for reference libraries. Interference due to sample fluorescence is nearly absent at the 

excitation wavelengths used, and the Raman shift at each frequency is measured with a high 

degree of accuracy. However, dispersive Raman spectrometers are frequently used for routine 

analyses. A dispersive Raman spectrometer minimally contains a light source, beam optics, 
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diffraction grating, and a detector. A monochromatic source generates a beam with a wavelength 

in the visible range, such as a HeNe laser at 670 nm. Diffraction grating disperses light emitted 

from the sample into its constituent wavelengths, which are then picked up at the detector. The 

most commonly used detector in Raman spectroscopy is a charge coupled device (CCD).3 The 

CCD is comprised of an array of pixels, each of which is generally no bigger than 30 μm. Each 

pixel ideally detects a unique wavelength of emitted radiation. Charge builds up at each pixel in 

proportion to the number of photons reaching it. The charge is converted to a measurable voltage, 

which is subsequently digitized and analyzed by the controlling computer. Following background 

subtraction, Beer’s law can be used to quantify the components of the sample. Since the majority 

of incident photons are scattered elastically, the Raman signal is quite small, only about 10-6 of 

the intensity of the incident radiation. Both Rayleigh scattering and fluorescence by the sample 

can interfere with measurement. Rayleigh scattered photons are prevented from reaching the 

detector by Rayleigh filters. Shorter excitation wavelengths deliver a stronger signal, as Raman 

scatter is proportional to 1/λ4. However, fluorescence is more likely at shorter wavelengths. Since 

a molecule that fluoresces at one wavelength will not fluoresce strongly at another, careful 

selection of the laser source can minimize interference from fluorescence.  

2.3 Powder X-ray Diffraction Crystallography 

 Powder X-ray diffraction crystallography was used to study the crystal structure of each 

of the sorbents. The crystal structure of a material is determined by the pattern created by its 

constituent atoms repeated over and over in three-dimensional space.18 The x-ray diffraction 

pattern of a crystalline phase is unique. XRD analysis can thus be used to identify each crystalline 

material in a sample containing a mixture of phases, or even to differentiate different phases 

having the same chemical composition.  

 The simplest repeating motif in a crystal structure that is representative of the crystal as a 

whole is called the unit cell.19 The vectors which define the unit cell are a, b, and c. The lengths 
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of the vectors are on the order of 3-40 Å in inorganic crystals and are denoted by a, b, and c. The 

orientation of the vectors in space is conventionally depicted with the forward direction of b (y-

axis) pointing to the right, the forward direction of a (x-axis) pointing outward, and the forward 

direction of c (z-axis) pointing up vertically (Figure 2.3.1). The angle between c and b is α, the 

angle between c and a is β, and the angle between b and a is γ.  

 
Figure 2.3.1. The Three Vectors and Angles of a Unit Cell 

 Coordinates of atoms within the unit cell are given in fractions of the vector lengths and 

are denoted as xa, yb, and zc.19 The crystal structure of a substance is determined when the 

coordinates of all atoms within the unit cell are known. The unit cell is also referred to as the 

primitive cell, and its shape is described by the crystal system to which it belongs. There are 

seven primary crystal systems, which are distinguished from one another by constraints placed on 

the lengths of primitive unit cell edges and the angles between the vectors a, b, and c. The crystal 

systems are triclinic, monoclinic, orthorhombic, tetragonal, hexagonal, and cubic. Table 2.3.1 

lists the constraints on unit cell dimensions in each system.  

Table 2.3.1 Crystal Systems and Their Unit Cell Restrictions 

Crystal System 

Restrictions 

Unit Cell Edges Unit Cell Angles 

triclinic none none 

monoclinic none α = γ = 90° 

orthorhombic none α = β = γ = 90° 

tetragonal a = b α = β = γ = 90° 

hexagonal a = b α = β = 90°, γ = 120° 

cubic a = b = c α = β = γ = 90° 
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 The choice of unit cell that best describes the shape and size of the crystal as a whole is 

determined by its symmetry. The symmetry of a crystal structure is a product of energy 

minimization, as the arrangement of atoms in a crystal will tend to be the lowest energy state 

attainable.20 Two, three, or four times the volume of the primitive cell may be necessary to obtain 

maximum symmetry.18 In this case, eight centered lattices are added to the six primitive lattices. 

They are collectively referred to as the Bravais lattices. The Bravais lattices define the overall 

lattice in which the unit cells reside, thereby establishing the crystal system to which a crystalline 

substance belongs.   

2.3.1 Miller Indices  

 If one imagines a stack of planes in a crystal lattice, parallel to one another and separated 

by a distance d, each atom in the lattice will lie in one plane of the stack. Points in a plane that 

intersects the axes of the unit cell nearest the origin without passing through may be denoted by 

1/h, 1/k, and 1/l, the reciprocals of which are called the Miller indices.18 Individual planes within 

a lattice cannot be resolved by powder XRD. Hence, a family of planes (hkl) is used to determine 

the vector magnitude, dhkl, which is the distance between planes of the atoms in the family (hkl). 

In Figure 2.3.2, [hkl] is normal to the plane hkl and parallel to the diffraction vector s, which 

bisects the angle between the incident and diffracted x-ray beams (red diagonal lines). The 

spacing between planes is denoted by dhkl. 

 

 

Figure 2.3.2. Planes in the Family (hkl) Within a Crystal Lattice  
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 Positions of the peaks in a diffraction pattern are determined by dhkl.
20 The intensities of 

the peaks in a diffraction pattern depend on the arrangement of atoms throughout the crystal 

lattice. The Bragg equation relates dhkl to the wavelength of the impinging x-rays and their angle 

of incidence, ϴ, by  

     λ = 2 dhkl sin ϴ.           (2.3.A) 

X-rays from the diffractometer source have a fixed wavelength, and a family of planes (hkl) 

produces a diffraction peak only at a specific angle, 2ϴ. The diffraction vector, s, is always 

normal to the surface of the sample. Diffraction occurs only when crystallites are oriented such 

that s bisects the angle between the incident and diffracted x-ray beams.  

 Parallel planes of atoms within the unit cell are used to determine the crystal structure of 

a substance by x-ray diffraction (XRD) analysis.18 A collimated beam of monochromatic x-rays is 

shone upon the surface of a sample. For the sake of illustration, a one-dimensional lattice (i.e. a 

lattice comprised of single line of atoms in a plane) will be considered. X-rays that strike atoms 

within the plane are deflected in spherical waves, and a diffraction pattern is generated. 

Depending on the angle of incidence of the x-ray beam (ϴ) and the distance between atoms in the 

plane, a path difference Δ is generated between adjacent waves. When ϴ is chosen such that the 

path difference equals an integer value of the x-ray wavelength, nλ, positive interference results. 

If ϴ equals nλ + λ/2, diffracted waves are out of phase and interfere destructively. If ϴ falls 

between these extremes, the number of atoms in the lattice determines where interferences occur. 

For example, a path difference of λ/100 at a given value of ϴ requires 100 atoms to produce a 

reflection. A very large number of atoms in the lattice will yield constructive interference only at 

sharply defined values of ϴ, those which yield path differences of exactly nλ. Any value of Δ not 

equal to nλ generates destructive interference. Three-dimensional macroscopic crystal lattices 

contain thousands of parallel planes, and a typical powder XRD sample contains on the order of 

1015 atoms. The fraction of the grains in a powder sample that are oriented such that they 
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contribute to a discrete diffraction peak is thus exceedingly small. An important assumption in 

powder XRD analysis is that for every family of planes in the lattice, there will be an equal 

number of crystallites that diffract. Another assumption is that the powder sample contains a 

statistically relevant number of randomly oriented crystallites, enough to generate a discernible 

diffraction pattern. In addition, either the sample or the x-ray source and detector must be rotated 

in space over a continuous range of ϴ to produce a full diffraction pattern.   

2.3.2 Bragg-Brentano Geometry and Components of the Diffractometer  

 The PANalytical X’Pert Pro diffractometer was used to analyze sorbents at Pacific 

Northwest National Laboratory, while the Rigaku Ultima (IV) diffractometer was used for 

analyses performed at Oregon State University. In each instrument, the sample location is fixed, 

and the x-ray tube rotates about the sample at a rate of ϴ° per minute. The detector is in a fixed 

location relative to the x-ray tube and rotates with it along the same arc.21 A constant angle of 

incidence and diffraction between the x-ray tube and detector is thus maintained throughout the 

analysis. This configuration is called the Bragg-Brentano geometry, shown in Figure 2.3.3. An 

electron beam originating from a tungsten filament is directed to an anode, in this case made of 

copper, which emits characteristic x-rays that travel through a transparent beryllium window. The 

anode and filament are operated under vacuum, and the anode is water cooled. A Soller split 

assembly allows only monochromatic x-rays to pass, and a divergence slit collimates the beam 

before it reaches the sample.  

For each angle of incidence, the impinging x-ray is diffracted in a sphere.18 A cone with a 

half angle θ, called the Debye diffraction cone, creates a linear diffraction pattern as the detector 

scans through the arc that intersects each Debye cone at a single point. The diffracted beam 

travels from the sample through another set of focusing optics and another Soller slit assembly 

before it reaches the detector, where it is registered as a discrete diffraction peak. A diffraction 
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pattern is generated by plotting 2θ versus absolute intensity. The positions of the diffraction peaks 

in the pattern are determined by dhkl, which can be calculated from 2θ using the Bragg equation.  

 

 

 

Figure 2.3.3. X-Ray Diffraction Source, Optics, Detector, and Goniometer with Bragg-Brentano 

Geometry.21 (Open Source, available at: http://www.scirp.org/journal/JMP/)  

 

The software packages sold for XRD analysis often include libraries of known diffraction 

patterns. The analyst can often identify components of a sample by comparing his or her 

diffraction patterns to those in a library. These libraries are generally tied to crystallography 

databases, such as the Cambridge Structural Database (CSD) and the collection of powder 

diffractions files (PDFs) maintained by the International Centre for Diffraction Data (ICDD).  

2.4 X-Ray Photoelectron Spectroscopy 

 Analysis of samples by X-ray photoelectron spectroscopy (XPS), also referred to as 

electron spectroscopy for chemical analysis (ESCA), was performed at Pacific Northwest 

National Laboratory. XPS relies on the photoelectric effect to generate information about the 

elemental composition of a sample, including important details such as the oxidation states of 

constituent atoms.22 Briefly, a sample is placed in a vacuum chamber and irradiated with X-ray 

photons. Energy is transferred directly from the photons to electrons in the sample. Electrons that 
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are sufficiently energetic to escape the surface of the sample are called photoelectrons. The 

energies of photoelectrons ejected from the sample are analyzed, and a spectrum of energy vs. 

intensity is generated. XPS is useful for identification of all elements with the exception of H and 

He, as long as the elements are present at > 0.1 atomic %. 

 XPS analysis is most often used to determine the binding energies of photoelectrons.22 

The binding energy (BE) is the energy required to eject an electron from its parent atom. It is 

calculated by  

     BE = hν – KE,           (2.4.A) 

where hν is the energy imparted to the electron by an incoming photon, h = 4.1357 x 10-15 eV˖s, ν 

= frequency of the X-ray photon in s-1, and KE is the kinetic energy of the photoelectron 

measured at the detector in eV. The frequency of the X-ray source is linearly proportional to the 

kinetic energy of photoelectrons reaching the detector. The lower the binding energy of a 

photoelectron, the more kinetic energy it will have. No photoelectric effect occurs until a 

minimum threshold energy is imparted to the sample by the X-ray source. As the X-ray frequency 

is increased above this threshold, the excess energy is transmitted to photoelectrons, and the 

number of photoelectrons emitted by the sample increases. Photoelectrons at all binding energies 

within a specified range are detected, and a spectrum is generated.    

 Binding energies are characteristic of each element and an electron’s environment.23 

Electrons closer to their nuclei have higher binding energies than electrons in outer shells. The 

initial state of an electron prior to photoemission is assumed to be the ground state. Anything that 

alters the initial state causes a shift in BE and is referred to as chemical shift. For example, as the 

formal oxidation state of an element increases, the BE of the photoelectrons it emits increases.22 

BE can also vary depending on other atoms bound to the parent atom, which may affect the 

distribution of electrons around it. 
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 An XPS instrument has the following three components: a vacuum pump and chamber; 

an X-ray source; and an energy analyzer.22 The X-ray source is comprised of a high-energy (~10 

KeV) electron beam, an anode, and a thin film placed between the anode and sample. The 

electron beam is aimed at the anode, which in this case is made of aluminum. Core holes are 

created in the anode, which emit fluorescence X-rays and electrons. A thin Al foil (~2 μm thick) 

between the anode and the sample blocks electron flux and Bremsstrahlung radiation, while an X-

ray monochromator further optimizes the emission for single energy. The Kα emission line of the 

aluminum anode is 1486.6 eV. A small section of the sample, several μm to a few mm in 

diameter, is targeted by the X-ray source. Analysis must be performed under high vacuum (c.a. 

10-10 Torr) for several reasons. The X-ray source requires high vacuum for operation. Gas 

molecules within the sample chamber can collide with photoelectrons, preventing them from 

reaching the detector. Particles in the sample chamber can also contaminate the sample surface 

and interfere with analysis. 

 Photoelectrons emitted by the sample are collected by a lens in the energy analyzer. If 

photoelectrons are monochromated, the lens can collect over a 30° solid angle.22 The lens can also 

reduce the kinetic energy of photoelectrons to match the pass energy of the energy analyzer. The 

electrostatic hemispherical energy analyzer used for analysis of the sorbents consists of two 

concentric hemispheres with radii R1 and R2. A voltage is applied to impart a negative charge to 

the inner hemisphere and a positive charge to the outer hemisphere relative to the potential at the 

center line, R0, which equals (R1 + R2)/2. The potential at the center line is called the pass energy, 

which is held constant in most XPS analyses. A constant pass energy enables analyzer resolution 

to remain constant for all photoelectron peaks by ΔE/E, where ΔE is the absolute resolution, and 

E is the energy of the photoelectron passing through the detector. Energy resolution for the 

sorbent analysis performed at PNNL is 0.5 eV. 100-200 eV pass energies are used for survey 

scans, while 5-25 eV pass energies are used to acquire high-resolution spectra. 
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 Photoelectrons with a range of kinetic energies are deflected by the electromagnetic field 

within the analyzer and pass to the detector. Most modern XPS instruments are equipped with a 

multichannel array that measures the number of photoelectrons exiting the energy analyzer at 

each energy. Charge builds up at the channel plate in proportion to the number of photoelectrons 

reaching it. The charge is amplified, and a resistive strip anode is used to determine its position 

(i.e. the kinetic energy) on the plate. An ADC is used to generate a digital signal, which is 

analyzed with software coupled to the instrument. Data acquisition and spectral analysis are 

generally performed simultaneously. 

 An internal reference is frequently used to calibrate the spectrometer. Use of an internal 

reference allows the analyst to set peak positions for determination of all the binding energies of a 

sample. The C 1s calibration peak was set to 284.6 eV for sorbent analysis at PNNL, based on 

literature values.24 Inelastic scattering during analysis generates photoelectrons with binding 

energies lower than those established for the elements of interest. This scattering results in peak 

tailing, or background, in the XPS spectrum. In order to obtain sufficient resolution of 

photoelectron peaks, this background must be subtracted. Shirley devised a method commonly 

used to model background in XPS analysis, which is removed to correct for inelastic scattering.25  

2.5 Scanning Electron Microscopy with Energy Dispersive Spectroscopy 

 Since an imaging source should be able to resolve objects that equal about half the 

wavelength of the imaging energy, visible light cannot be used to obtain structural information 

about the bismuth-based materials studied in this work.26 Visualization of the bismuth-based 

sorbents was hence performed using a scanning electron microscope (SEM). Electrons have a 

much smaller wavelength than light in the visible spectrum, which makes SEM one of the most 

important techniques for visualization of nanomaterials. Depth of field is another important 

aspect of both optical and electron microscopy. A high power objective lens in an optical 

microscope has a short focal length and a wide aperture angle. The aperture angle is the angle 
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formed by a line from the sample through the center of the lens and a line from the sample to the 

edge of the aperture opening. The wider the aperture of a lens, the shallower the depth of field. A 

scanning electron microscope has a much smaller aperture angle, which grants it greater depth of 

field than an optical microscope.  

 A SEM is operated under vacuum, because molecules in air can deflect or absorb 

electrons in the electron beam.23,26 The SEM source is referred to as an electron gun. When a 

current is passed through a tungsten filament in the electron gun, an electron cloud forms around 

it. To obtain an electron beam, a negatively charged cathode plate and a positively charged anode 

plate are placed in front of the filament. Each plate has a hole through which electrons can pass. 

A potential, or accelerating voltage, is applied to the plates. Electrons are attracted to the anode 

plate strongly enough to pass through the hole in the cathode plate, which repels and focuses the 

electrons as they gain speed. Most of the electrons travel fast enough to pass through the hole in 

the anode plate as well. The electrons exit the gun in a cone formation, which is focused by 

electromagnetic lenses when current is applied. The condenser lens controls the number of 

electrons travelling down the column, and the objective lens focuses the electron beam on a 

section of the sample. Focal length is adjusted by varying the current applied to the objective. 

 The electron beam must scan the surface of the sample in order to form an image. By 

varying the potential applied to plates around the electron beam, the beam can be deflected and 

directed to scan in rows across the sample.26 Electrons in the beam are highly energized. When an 

electron in the beam strikes an electron belonging to an atom in the sample, the electron is ejected 

from its shell. The ejected electron is referred to as a secondary electron, and thousands of 

secondary electrons can be ejected by a single high-energy electron from the beam. Secondary 

electrons near the sample surface are drawn toward the detector, to which a positive potential is 

applied. These electrons are used to visualize the sample. Electrons in the beam can also collide 

with atomic nuclei in the sample. These high energy back-scattered electrons (BSEs) require a 
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different type of detection, which is often carried out with solid state devices located above and to 

the sides of the sample. The number of BSEs reaching the detector near a particular region of the 

sample is proportional to the density of atoms in that region. BSE images thus allow identification 

of variations in sample density.  

2.5.1 Energy Dispersive Spectroscopy  

 Mapping of elements in the bismuth-based sorbent materials was carried out 

simultaneously with energy dispersive spectroscopy (EDS). When secondary electrons are ejected 

from atoms in a sample, equal numbers of electron “holes” are created. Electrons in higher energy 

orbitals drop down to fill the inner-shell vacancies, emitting energy in the form of X-rays in the 

process.26 A crystal in the EDS detector generates free electrons as the X-rays are absorbed. The 

electrons conduct and produce an electrical charge bias, and the charge pulse is converted to a 

voltage pulse. The voltage pulse is amplified and shaped by a linear amplifier and passed to a 

multi-channel analyzer (MCA). A spectrum is generated by plotting pulse intensity versus voltage 

in keV. Each voltage pulse is proportional to the x-ray energy of the parent element, so EDS can 

be used to determine the elemental composition of a sample. Emissions from heavier elements 

(e.g. bismuth) tend to have better resolution than emissions from lighter elements such as oxygen.  
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Abstract 

 Iodine-129 is a key risk driver at sites where nuclear materials have been fabricated or 

processed, and it is a predominant isotope of concern in long-term waste storage strategies. 129I 

exists primarily as IO3
- in the subsurface at the Hanford Site in south-central Washington state. 

Between 15 and 40% of 129I in the Hanford vadose zone is present in organoiodine form, with the 

remainder being I-. Very few alternatives are available for immobilization of dissolved 129I, and 

the complex biogeochemical behavior of iodine in multiple forms makes it particularly 

challenging in the context of immobilization. We have synthesized and characterized two Bi-

based layered materials for the sequestration of IO3
- and I-. Each shows remarkable selectivity for 
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IO3
-, with a maximum Kd of 2810 mL/g observed in groundwater containing high concentrations 

of carbonate and other competing anions. One of the sorbents displayed nearly quantitative 

uptake of total iodine, including organoiodine, from Hanford groundwater. I- removal is 

dominated by ion exchange, while IO3
- immobilization appears to occur through a combination of 

redox and ion-exchange processes. Each sorbent outperformed previously reported non-redox 

active hydrotalcites in removing IO3
- from groundwater. Together, these materials comprise a 

significant step forward for subsurface iodine removal strategies.  

3.1 Introduction 

 Iodine (I) is an element essential to human health. In nature, iodine is found in small 

quantities in seawater and some minerals. It is obtained primarily through the diet, although 

bioaccumulation of natural iodine is generally negligible. In 1993, the World Health Organization 

(WHO) published the first review of global iodine deficiency and established an iodine deficiency 

database, which was revised in 2004.1 WHO estimates that iodine deficiency affects nearly two 

billion people worldwide and is the leading cause of thyroid dysfunction, metabolic disorder, fetal 

abnormality, and delay of neurological development in young children.  

 Of concern is human exposure to radioactive iodine, which has been released to the 

environment through production and testing of nuclear weapons, operation of nuclear power 

plants and nuclear fuel reprocessing facilities, as well as by accidents at nuclear power plants. 

Because the thyroid gland accumulates about 90% of the iodine in the human body,2 it is highly 

susceptible to the adverse effects of radiation delivered by ingested radioiodine. I-131 and I-129 

are byproducts of uranium and plutonium fission. Among the radioactive isotopes of iodine, they 

are particularly hazardous. Short-lived I-131 (t1/2 8 days) is a serious public health problem 

following accidental releases of radiation, such as those that occurred at the Chernobyl and 

Fukushima Daiichi nuclear power plants. Populations in and near Chernobyl were exposed to 

large quantities of I-131 and subsequently experienced a high incidence of acute thyroid disease. 
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Long-lived I-129 (t1/2 1.57 x 107 years), generated through production of nuclear power and 

nuclear fuel reprocessing, accumulates in the environment over time. McKay estimates that for 

every gigawatt of electricity generated by nuclear power, about 1 Ci of radioiodine is produced.3 

Other studies estimate that I-129 is generated at the rate of two tons per year by nuclear power 

plants worldwide.4 The release of I-129 to the environment presents a potential source of chronic 

radiation dose for populations relying on affected aquifers for drinking and/or irrigation water.5 

 Iodine-129 is a major risk-contributing contaminant at several U.S. Department of 

Energy nuclear waste storage sites, including Savannah River and Hanford. The federal drinking 

water standard for I-129 is < 1 pCi/L,6 and it is present in much greater quantities at both sites. I-

129 has been found in concentrations ranging from 400 to 1000 pCi/L at the Savannah River site 

and up to 42.5 pCi/L in groundwater at Hanford.7,8 One potential management approach for I-129 

is its removal from groundwater for safe long-term storage and disposition, but to date this 

remains challenging. Iodine in the subsurface occurs in multiple inorganic and organic chemical 

forms, with oxidation states potentially ranging from -1 to +7. Its biogeochemical cycle is 

extremely complex and poorly understood, which hinders development of effective remediation 

approaches.9 For example, the dominant iodine species in Hanford groundwater was assumed to 

be I- for many years, based on thermodynamic conditions in the subsurface.10–12 However, recent 

experimental evidence from various wells at the Hanford site suggests that up to 86.7% of iodine 

in Hanford groundwater is present as IO3
-. Between 15 and 40% is found in organoiodine 

compounds, while I- accounts for less than 4% of the total iodine in the Hanford subsurface.7,9,10,13 

Iodine species in soil and groundwater are thought to be highly mobile, and their migration is 

governed by a combination of factors including redox reactions, variations in pH, the presence of 

organic matter in soil and water, transition metal content of the soil, as well as enzymatic activity 

of subsurface microbes. 
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 The high proportion of I-129 present as IO3
- at Hanford presents a problem in 

remediation efforts. Commercially available ion exchange resins have been tested for total iodine 

removal in Hanford groundwater, and none have been found to be effective.14 Recent reviews of 

sorption technologies for removal of radioactive iodine from aqueous solutions of various 

compositions indicate that while several classes of materials have been tested and proven 

effective for iodide uptake, development of materials selective for iodate has received little 

attention.4,15 Among synthetic frameworks based on zeolites, silica gels, and ion exchange resins, 

materials doped with Cu+ and Ag+ are among the most successful candidates for I- uptake, even 

though many of them have low sorption capacities and leach surface-sorbed radioactive iodine. 

The use of copper and silver in groundwater remediation strategies is problematic, since both 

metals are toxic not only to humans, but also to microbiota and numerous aquatic organisms.16,17 

This means Ag and Cu have the potential to interfere with simultaneous application of 

bioremediation approaches for other contaminants.   

 Layered double hydroxide (LDH) materials have attracted considerable interest for 

sorption of harmful anionic species, and a number of studies have been conducted with Mg/Al-

based LDH materials to evaluate I- and IO3
- removal from aqueous solutions.18–20 The primary 

obstacle to use of LDHs as sorbents for IO3
- and I- is their lack of selectivity for iodine in the 

presence of competing anions, CO3
2- in particular.20,21 Divalent anions are more strongly retained 

by hydrotalcite-like materials than monovalent anions, and LDHs tend to be highly selective for 

carbonate.18,22,23 Among monovalent anions, strength of sorption from highest to lowest in 

hydrotalcite-like materials is OH-> F-> Cl-> Br-> NO3
- > I-. While rapid uptake of I- and IO3

- has 

been observed in calcined Mg/Al LDHs,19,20 the anions are gradually displaced by CO3
2- on 

exposure to atmospheric CO2. Calcination of an LDH, e.g. heating it to 500 °C, may improve its 

anion uptake capacity, as CO3
2- is removed during the calcination process.21,24 However, LDHs 

can be expected to degrade if the phase intercalated with an incoming anion is less 
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thermodynamically stable than the precursor LDH.25 Prasanna et al. (2010) described this 

phenomenon in Mg/Al and Zn/Al LDHs intercalated with I-.26 I- and IO3
- leach into solution as 

OH- ions are released from calcined LDH and atmospheric carbon is incorporated as CO3
2-.19,26 

The aqueous chemistry at Hanford is characterized by high concentrations of CO3
2-, OH-, and 

Ca2+ in equilibrium with calcite (CaCO3).
13 Achieving selectivity for IO3

- and I- in Hanford 

groundwater is hence a significant challenge. 

 Bismuth-based materials have been investigated over the past three decades for the in-situ 

immobilization of iodine. Direct capture of 129I in gas streams and caustic scrubbing solutions can 

circumvent the use of environmentally problematic precipitating agents such as Ag+ and Hg2+, 

and waste forms for long-term storage can potentially be generated without further processing. 

Removal of 129I in off-gas through formation of solid BiOI and BiI3 may be achieved with porous 

materials synthesized from Bi(NO3)3 and polyvinyl alcohol (PVA).27 I- readily exchanges with 

NO3
- in BiPbO2NO3, which has been tested for 129I- capture from spent iodine filters.28–30 

Solidification of aqueous 129I- may be attained via reaction with Bi2O3 powder to form Bi5O7I, a 

thermodynamically stable and insoluble compound that is more resistant to hydrolysis than either 

BiI3 or BiOI.31,32 In this two-phase system, Bi2O3 serves as a source of Bi3+, thereby suppressing 

dissolution of Bi5O7I. Bi5O7I is stable over a larger range of redox conditions than AgI, and its 

solubility is comparable to that of AgI (ksp 10-8) in neutral to alkaline waters.33  

 Limitations to these methods are imposed by competing anions, stability issues, or both. 

A leaching study performed on BiPbO2I encapsulated in cement showed that it was a more stable 

waste form than AgI under reducing conditions, but > 30% of captured I- was released within 80 

days in 0.4 M NaCl solution.29 BiPbO2I vitrified in a low-melt process with PbO-B2O3-ZnO 

displayed dissolution along with the glass matrix in solution containing 0.55 M NaCl and 0.05 M 

HCO3
-, concentrations that could be present in an underground waste repository.28 Release of I-  

from Bi5O7I may occur through replacement by aqueous CO3
2- or Cl-, and temperatures exceeding 
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about 50 °C increase the equilibrium concentration of aqueous I-.34 The usefulness of this method 

is thus limited to cool waters with low CO3
2- and Cl- content.    

 Layered bismuth hydroxides have shown high selectivity for toxic oxyanions in the 

presence of competing species, including carbonate. These materials have the structure of 

bismutite, (BiO)2CO3, which is comprised of layers of Bi2O2
2+ units and interlayer anions that 

balance charge. Tsuji et al. synthesized mixed hydroxide carbonates containing bismuth and 

either Zn2+ or Mg2+, which were highly selective for selenite (SeO3
2-) over carbonate.35,36 In a 

survey of materials for oxyanion immobilization performed at Sandia National Laboratory, 

layered materials synthesized from Bi(NO3)3 were found to remove arsenate (AsO4
3-), perchlorate 

(ClO4
-), and I- from groundwater simulant containing 2.5 mM total carbonate.37 Significantly, 

several of the materials performed equally well in sequestering IO3
-. In a follow-up study, 

bismuth oxyiodides with Bi:I ratios ranging from 1.3-9 were synthesized from Bi(NO3)3 and KI 

and characterized.38,39 The resulting layered Bi-I oxides contained mixtures of BiOI and Bi5O7I, 

with trace unidentified phases. Additional syntheses with Bi(NO3)3 and IO3
- generated several 

unique phases. Although they were not thoroughly characterized, these phases were thought to be 

bismuth layered structures that immobilized IO3
- by multiple mechanisms. These materials 

performed as well as the Bi-I oxides in leach tests, thus warranting further investigation.40  

 Removal of dissolved I- by reaction with layered δ-Bi2O3 to form Bi4I2O5 has since been 

demonstrated, with a theoretical maximum sorption capacity (qm) of δ-Bi2O3 for I- equal to 178 

mg/g in the absence of competing ions at pH 6.5.41 The same authors were able to immobilize 

both IO3
- and I- by reaction with Bi2O2.33 to form BiOIO3 and Bi4I2O5, respectively.42 The 

equilibrium sorption capacity (qe) of Bi2O2.33 for IO3
- at pH 7 was 75.8 mg/g in the absence of 

competing ions, while qe for I- in the same sorbent was 83.7 mg/g. When Bi2O2.33 was tested in 

seawater simulant (pH 8.15) containing high concentrations of Cl- (0.68 M), SO4
2- (28.2 mM), 

and HCO3
- (2.38 mM), removal of I- and IO3

- varied inversely with total iodine concentration. 
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Removal of both I- and IO3
- was nearly quantitative at a total [I] < 50 ug/L, whereas uptake of 

both ions was reduced to ~60% when total [I] approached 260 ug/L. In leaching experiments 

where [Cl-] > 0.5 mM or [HCO3
-] > ~5 μM, release of detectable quantities of I- from Bi4I2O5 was 

observed.41 As it is susceptible to hydrolysis by OH-, Bi4I2O5 is most stable at ≤ pH 9. BiOIO3 

was more resistant to leaching under similar conditions.42 However, long-term stability tests will 

be needed to evaluate its suitability as a waste form. 

 To address these issues and to enhance LDH selectivity toward iodine anions, we have 

recently proposed to combine anion exchange and redox sorption mechanisms using hydrotalcite 

materials containing redox-active transition metal ions capable of simultaneous adsorption of I- 

and IO3
- anions.43 A layered material containing Co2+/Cr3+ redox centers performed remarkably 

well for the removal of I-, IO3
- and total iodine from groundwater collected from the Hanford site, 

outperforming non-redox active hydrotalcites (e.g., Mg/Al-based LDH materials) reported 

previously. The objective of this work is to extend this approach to layered materials containing 

redox-active iodine-selective Bi centers. 

3.2 Materials and Methods 

3.2.1 Chemicals 

 Bi(NO3)3·5 H2O (≥ 98%), BiCl3 (≥ 98%), urea (ACS reagent), and ethylene glycol 

(anhydrous) were obtained from Sigma Aldrich. KIO3 (99.9%) was purchased from Baker, and 

KI (ACS Reagent) was obtained from Spectrum Chemical Manufacturing Corporation. Deionized 

water (DIW, >15 MΩ·cm) was used for the preparation of aqueous solutions. Iodine batch uptake 

studies were performed with groundwater collected from well 299-W19-36 at the Hanford Site.  

The major constituents of the groundwater are shown in Table A.1 (Appendix A). 

3.2.2 Material Synthesis 

 A typical synthesis involved suspending Bi(NO3)3·5H2O or anhydrous BiCl3 (0.75 mmol) 

and urea (2.7 mmol) in 50 mL ethylene glycol with stirring as described elsewhere.44 The mixture 
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was subjected to solvothermal treatment at 150 °C for five hours in the Teflon liner of an 

autoclave vessel. The reaction mixture was allowed to cool to room temperature, and the ethylene 

glycol supernatant was decanted. The solid was re-suspended in ultrapure water (10 mL/0.1 g 

sorbent), vortexed for one minute, and collected by centrifugation at 3500 rpm (10 minutes). The 

washing procedure was repeated with ultrapure water for a total of five washes. The solid was 

then suspended in 100% methanol (10 mL/0.1 g sorbent), vortexed for one minute, and collected 

by centrifugation. The methanol wash step was repeated twice more, and the product allowed to 

dry at room temperature. Through the remainder of the text, materials prepared from 

Bi(NO3)3·5H2O or BiCl3 precursors are referred as Bi-A and Bi-B, respectively. 

3.2.3 Kinetics of Iodine Uptake 

 Uptake of IO3
- from DI water and Hanford groundwater collected from the 299-W19-36 

well was monitored and quantified by Raman spectroscopy.  Raman measurements were 

performed with an InPhotonics RS2000 high-resolution Raman spectrometer equipped with a 

thermoelectrically cooled charged coupled device (CCD) detector operating at –55°C; a 670-nm 

150-mW diode laser as the excitation source; and a focused fiber optic probe (RamanProbe™) 

operated in 180 ° back reflection mode. Typical sample preparation involved rigorous mixing of 

50 mg Bi-A or Bi-B with 1 mL of 0.0125M KIO3 solution in DI or groundwater in a glass vial. 

The vial was then centrifuged at 4000 rpm for about 5 minutes until the sorbent settled to the 

bottom. For IO3
- reference and blank solutions, 10 acquisitions of 10 seconds each (0 s integration 

time) were collected and averaged. For sorbent contact solutions, 180 acquisitions (10 s each, 50 s 

integration time) were collected at a rate of one per minute. When acquisition was complete, the 

vial was placed on a magnetic stirrer overnight at room temperature. 10 additional acquisitions 

(10 s, 0 s integration time) were performed within 24 hours of contact.  The OMNIC software 

package was used to analyze the spectral data. The spectra were baseline-corrected and 

normalized to the water band.  The intensity of the IO3
- Raman band at 800 cm-1 45 in the 
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reference solution was compared to the intensity of the corresponding band at each time point and 

used to quantify iodine uptake by the Bi materials. 

3.2.4 Characterization Techniques 

 Characterization of Bi-A and Bi-B was performed prior to and following saturation with 

either KIO3 or KI. Bismuth quantitation was carried out by inductively coupled plasma optical 

emission spectroscopy (ICP-OES) at Pacific Northwest National Laboratory. Inorganic carbon 

and nitrogen content were measured by combustion analysis (Atlantic Microlab, Norcross, GA). 

Chlorine and iodine analyses were performed via combustion ion chromatography (Atlantic 

Microlab, Norcross, GA). 

 Fourier-transform infrared spectroscopy (FTIR) was performed at room temperature 

using a Bruker Alpha FTIR spectrometer equipped with a diamond ATR module. A minimum of 

36 scans were performed for each sample with a resolution of 4 cm-1. Air was used as the spectral 

background, which was automatically subtracted from the sample spectrum by the instrument 

software. 

 Powder X-ray diffraction (XRD) patterns were collected with a Philips X’pert Multi-

Purpose Diffractometer (PANalytical, Almelo, the Netherlands) equipped with a fixed Cu anode 

operating at 45 KV and 40 mA. XRD patterns were typically collected in the 2θ range of 5-100° 

with a step size of 0.04 (step time 2.50 s; scan speed 0.01600 °/s). Phase identification was 

performed with JADE 9.5.1 (Materials Data, Inc.) and the 2012 PDF4+ database from ICSD. 

 X-ray photoelectron spectroscopy (XPS) data were collected in an ultra-high vacuum 

chamber equipped with a monochromated Al K X-ray source (1486.6 eV) and a 

GammaData/Scienta SES-200 hemispherical analyzer. The energy resolution of the SES-200 

spectrometer was approximately 0.5 eV for the reported photoemission spectra. The spectra were 

placed on an absolute binding energy (BE) scale by referencing the most intense C 1s peak to 

284.5 eV. The percentages of individual elements detected were determined from the relative 
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composition analysis of the peak areas and their corresponding sensitivity factors. Spectra were 

deconvoluted by fitting to pseudo-Voigt functions after subtraction of a Shirley background. 

 Scanning electron microscope (SEM) images were obtained with a JEOL JSM-5900 low- 

vacuum scanning electron microscope. Energy dispersive X-ray spectroscopy (EDS) was 

performed with the Iridium Ultra software package. Samples were mounted on clean silicon 

wafers prior to analysis and plasma sputter-coated with platinum to minimize charge effects. Data 

was collected at an acceleration voltage of 15 keV and a working distance (Z) of 12 mm. Bi Mα 

(2.423 eV) was used instead of Lα (10.837 eV) for bismuth EDS analysis, since this spectral line 

generated more intense EDS images.  

3.2.5 Batch Contact Experiments 

 The Bi-A and Bi-B materials were tested for iodine sorption in systematic batch contact 

experiments using unmodified Hanford groundwater collected from the 299-W19-36 well. The 

total iodine content in the groundwater was determined by ICP-MS analysis to be 8.7 ± 0.9 g/L, 

consistent with previous analyses.43 In the batch contact experiments, Bi-A or Bi-B at variable 

weights (9, 18.5, 37.5, 50, 75, or 100 mg) was contacted with 7.5 mL of groundwater in 

individual 15 mL polypropylene centrifuge tubes. The tubes were placed on a rotary shaker and 

shaken at 250 rpm for 24 hours at room temperature. The contact time was selected based on the 

sorption kinetics measurements, which demonstrated that sorption was complete within 24 hours. 

The tubes were centrifuged, and 5 mL aliquots of the supernatant were taken for total iodine 

analysis by ICP-MS. To quantify the efficiency of iodine removal, the distribution coefficient, Kd 

(mL/g), was calculated by  

       =
     

  
 

   

  
           (3.2.A) 

where Ci is the initial concentration of iodine in the groundwater, Cg is the equilibrium 

concentration of iodine in the post-contact groundwater, VGW is the volume of groundwater in mL, 
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and WC is the weight of the dry Bi-A or Bi-B material in grams. High-purity National Institute of 

Standards and Technology (NIST)-traceable ICP standards were used to generate calibration 

curves and to verify continuing calibration during the analytical run.  Standards and sample 

dilutions were prepared with 0.5% Spectrasol CFA-C solution to prevent build-up of iodine in the 

ICP-MS introduction system. 

3.3 Results 

3.3.1 Bi Materials Synthesis and Characterization 

 Synthesis of Bi-A and Bi-B was performed in ethylene glycol using two different Bi 

precursors, either  Bi(NO3)3•5H2O or BiCl3, with urea serving as a base and precipitating agent. 

Both ethylene glycol and urea play key roles in defining chemical composition, structure and 

morphology of the Bi products.46 Ethylene glycol is a metal-coordinating solvent and readily 

forms Bi-alkoxide. This reduces the concentration of the dissociated Bi3+ ion, thereby controlling 

reaction kinetics and crystalline growth. Synthetic conditions can hence be optimized to obtain a 

desired product. Urea is a source of OH- ions and CO2.
47 The OH- ions neutralize HNO3 or HCl 

formed during the reaction of Bi salt with ethylene glycol. The basic solution conditions promote 

Bi-alkoxide formation and increase CO2 solubility for the generation of CO3
2-. Both OH- and 

CO3
2- anions can react with Bi-alkoxide to form various products.  

 Due to the simultaneous occurrence of multiple equilibrium processes in the reaction 

medium, the synergistic effect of urea and reaction solvent on the chemical and hierarchical 

structure of the resulting product is unclear and difficult to predict.48 For instance, it was noted in 

a previous report that when Bi(NO3)3•5H2O was used as a starting material in solvothermal 

synthesis employing water as the solvent, a single (BiO)2(OH)(NO3) product was formed 

regardless of whether urea was present in the reaction medium.49 In a different study, 

urea/ethylene glycol-based synthesis using the same Bi precursor resulted in the formation of 

either Bi2O3 or (BiO)2CO3 of different morphology, with morphology depending on the Bi:urea 
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molar ratio.44 Interestingly, (BiO)2CO3 product was obtained when ethylene glycol was 

substituted with water. When BiCl3 was used as the Bi precursor, the chemical nature of the 

product obtained from solvothermal synthesis by Chen et al.  was dependent on the base (sodium 

hydroxide, urea, or ammonia).48 Urea was the only base that resulted in generation of the 

(BiO)2CO3 product, presumably due to the steady supply of carbonate. Hence, varying 

concentrations of NaOH, urea, or ammonia may be used to direct the morphology and chemical 

compositions of the hydrothermal products.46,48,50 

 Based on consideration of these and other reports, solvothermal synthesis was performed 

in ethylene glycol at a fixed urea/Bi3+ molar ratio of 3.6 to avoid formation of Bi2O3 and 

maximize the yield of the layered [Bi2O2]
2+ product. SEM analysis revealed uniform morphology 

in the Bi-A product, which is dominated by flower-like formations ranging from 5 to over 20 μm 

in diameter (Figure 3.1). The Bi-B material exhibits a mixture of rectangular plate- and rod-like 

formations, suggesting the presence of two crystalline phases in the product. The Bi-A material 

had poor crystallinity as evidenced by its XRD pattern (Figure 3.2), which prevented definitive 

determination of the crystalline phase. The observed XRD pattern closely resembles the pattern of 

a mixed phase containing (BiO)4(OH)2CO3, obtained by Dong et al. via hydrothermal synthesis.51 

Consistent with the SEM data, XRD analysis of the Bi-B material (Figure 3.2) indicates the 

presence of two distinct phases, bismoclite as poorly crystalline tetragonal BiOCl, and bismutite 

as highly crystalline tetragonal (BiO)2CO3. Chen et al. published a very similar XRD pattern, 

albeit showing higher crystallinity, for a mixed BiOCl/(BiO)2CO3 product synthesized from urea 

and BiCl3 at a molar ratio of 4.48  

 The elemental compositions of the Bi-A and Bi-B materials (Table 3.1) are based on Bi 

determination by ICP-OES, CHN determination by combustion analysis, halogen analysis by 

combustion ion chromatography, and EDS and XPS analysis for all elements but hydrogen. 

Results obtained by each method are generally in excellent agreement. For example, ICP-OES, 
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EDS, and XPS analyses yield consistent quantitative results for bismuth, while results of XPS and 

combustion analyses of nitrogen content are in close agreement. In addition to Bi and O, the Bi-A 

material contains N, C, and H, presumably due to the generation of nitrate, carbonate, and 

hydroxide ions during synthesis. C and Cl are found in Bi-B, which is consistent with the BiOCl 

and (BiO)2CO3 phases identified by XRD analysis.  

 

Figure 3.1. SEM Images of Sorbents Bi-A and Bi-B.  

a) Bi-A; b) Bi-A + KIO3; c) Bi-A + KI; d) Bi-B; e) Bi-B + KIO3; f) Bi-B + KI 

 

 

Figure 3.2. Powder XRD Patterns of Bi-A and Bi-B Prior to Contact with Iodine 
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Table 3.1 Elemental Determination of Bi-A and Bi-B Materials 

Bi-A  Moles/100 g sorbent 

Prior to Contact BiO1.55C0.16N0.24H0.39 

KIO3 Contact BiO1.62C0.03I0.42H1.2 

KI Contact BiO0.77C0.07I0.32 

Bi-B  

Prior to Contact BiO1.0C0.18Cl0.29H0.46 

KIO3 Contact BiO2.1C0.11Cl0.05 I0.37H0.95 

KI Contact BiO1.0C0.14Cl0.14I0.10H0.26 

  

 FTIR spectra of the Bi-A and Bi-B products and their iodine contacts are shown in 

Figures 3.3 and 3.4, and the observed vibrations are listed in Tables 3.2 and 3.3. Both materials 

exhibit strong bands in the region between 330 and 600 cm-1, which are attributed to lattice 

vibrations in Bi-O bonds.52–56 In agreement with the elemental analysis results, the spectral 

fingerprint region 700–1800 cm-1 of Bi-A contains vibrations characteristic of the interlayer NO3
- 

anion. Bi-A and Bi-B exhibit a nearly identical set of bands corresponding to interlayer CO3
2-.57,58 

The overall IR signature of the Bi-B material is very similar to that of bismutite.51 

  

Figure 3.3. FTIR Spectra of Bi-A Prior to Contact with Iodine and Following Saturation with 

IO3
- or I- 
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Table 3.2 FTIR Band Assignments for Bi-A 

Sorbent Wavenumber (cm
-1

) Band Assignment Source 

Bi-A  No 

Contact 

324, 350 lattice Bi-O 
52–56,56

 

847 CO3
2- 59 

813, 1036, 1305 NO3
- 56 

1360 (shoulder) CO3
2- antisymmetric stretch 57,58 

1628 H2O bending mode 57 

1748 NO3
- 56 

3393 H2O 57,59 

Bi-A  

KIO3 

Contact 

324, 333, 345, 423, 488, 568 lattice Bi-O 52–56 

700, 729, 761, 784 iodate 60–62 

1629 H2O bending mode 57 

3285 (shoulder), 3394 H2O 57,59 

Bi-A  KI 

Contact 

327, 337, 345 lattice Bi-O 52–56 

845 CO3
2- 59 

1319 (shoulder) NO3
- 56 

1370-1480 CO3
2- antisymmetric stretch 57,58 

1608 (weak) water bending mode 57 

3466 H2O 59,63 

 

 

Figure 3.4. FTIR Spectra of Bi-B Prior to Contact with Iodine and Following Saturation with 

IO3
-
 or I

- 
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Table 3.3 FTIR Band Assignments for Bi-B 

Sorbent Wavenumber (cm
-1

) Band Assignment Source 

Bi-B No 

Contact 

326, 353, 372, 533 lattice Bi-O 
52–56

 

845 CO3
2- 59 

1068 (weak), 1389 CO3
2- 57,58 

1472 CO3
2- antisymmetric stretch 57,58 

3547 chemisorbed H2O 59,63 

Bi-B KIO3 

Contact 

324, 333, 343, 423, 484, 565 lattice Bi-O 52–56 

700, 728, 761, 782 iodate 60–62 

845 CO3
2- 59 

1395, 1472 CO3
2- antisymmetric stretch 57,58 

1633 water bending mode 57 

3270, 3392 H2O 57,59 

Bi-B KI 

Contact 

327, 356, 369 lattice Bi-O 52–56 

847 CO3
2- 59 

974-1041 (weak) NO3
- 56 

1064 (weak) CO3
2- 56 

1391, 1472 CO3
2- antisymmetric stretch 57,58 

~3400 H2O 57,59,63 

  

 XPS measurements were performed to identify Bi oxidation states in the materials and to 

determine whether Bi and O occur in single or multiple chemical environments. The XPS binding 

energy assignments are given in Table 3.4. Bi-A and Bi-B exhibit characteristic pairs of Bi 

4f7/2/4f5/2 spectral bands separated by 5.3 eV,64 with maxima at about 158.7/164.0 and 

159.5/164.8 eV, respectively, indicating the dominant oxidation state of bismuth in both samples 

is Bi3+.65–68 For clarity, only Bi 4f7/2 are considered in the following analyses. Bi-A shows a 

narrow Bi 4f7/2 band (half-width of 1.7 eV), which could be fit to a single peak (Appendix A), 

suggesting a unique Bi chemical environment dominated by the Bi-O framework. The Bi 4f7/2 

spectrum of Bi-B exhibits a broad peak with a half-width of 2.4 eV, which could be fit to two 

peaks centered at 159.0 and 160.1 eV corresponding to the overlapping (BiO)2CO3
51 and 

BiOCl64,69 environments. The 1.1 eV positive shift observed in the Bi 4f7/2 electron binding 
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energy in BiOCl is attributed to the presence of strongly electronegative chloride ions.64 This 

finding is consistent with XRD results showing the presence of (BiO)2CO3 and BiOCl crystalline 

phases in the Bi-B sample. 

Table 3.4 Bi 4f, O 1s, and I 3d Binding Energies (+/- 0.5 eV) of Sorbents and Their KIO3 and KI 

Contacts 

Sorbent Bi 4f (eV) O 1s (eV) I 3d (eV) 

A prior to contact 158.7 529.5, 532.0 I- I5+ 

A + KIO3 157.1, 158.1, 159.0 530.0 618.9  623.7 

A + KI 158.7 529.7, 531.2 619.0  

B prior to contact 159.0, 160.1 531.5 ---- ---- 

B + KIO3 158.7 530.0 618.8  623.7 

B + KI 158.9, 160.0 529.7, 531.3 619.1 ---- 

 

 The XPS O 1s spectra are shown in Appendix A. The O 1s spectral profile for Bi-A 

contains a broad band with two resolved maxima centered at 529.5 and 532.0 eV. The very broad 

profile of the band indicates that it envelopes more than two peaks, which are due to the presence 

of multiple oxygen environments. The 529.5 eV peak is assigned to oxygen in the Bi-O layered 

framework, while the overlapping spectra correspond to oxygen present in carbonate, nitrate, and 

–OH groups.70–73 One broad unresolved band observed in the Bi-B spectrum is centered at 

approximately 531.5 eV and can be fit to three components with maxima at 529.9, 531.9, and 

533.2 eV. These are attributed to the overlapping spectra of lattice oxygen in BiOCl at 530.3 

eV,74 lattice oxygen in (BiO)2CO3  at 529.2 – 530.3 eV, and oxygen in adsorbed H2O appearing at 

around 531 – 532.2 eV.51,67,75–77 Because the 1s electron binding energy of oxygen is similar in 

these species, interpretation of the O 1S XPS spectra is difficult. However, the clear presence of 

multiple overlapping chemical environments for oxygen is consistent with the XRD and 

elemental analysis results. 

 Overall, the results obtained from elemental analysis methods and structural 

characterization techniques are in excellent mutual agreement. Bi-A appears to be a single, poorly 

crystalline phase containing bismuth oxide hydroxide with intercalated NO3
- and CO3

2- anions, 
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the general composition of which is (BiO)x(OH)l(NO3)m(CO3)n, where x = l + m + 2n. Material 

Bi-B is best described as a mixture of crystalline BiOCl and (BiO)2CO3 phases. 

3.3.2 Kinetics of Iodine Uptake 

 The affinity of the Bi-A and Bi-B materials for iodine and the kinetics of uptake were 

evaluated using iodate. In these experiments, uptake of IO3
- from DI water or Hanford 

groundwater was monitored by Raman spectroscopy as described elsewhere.43 In these 

experiments, about 50 mg of Bi-A or Bi-B was contacted with 1 mL of 0.0125M KIO3 solution.  

IO3
- uptake over time was quantified by the reduction of the intensity of the 800 cm-1 Raman band 

in the aqueous contact phase. Bi-A displayed nearly quantitative sorption of IO3
-. Bi-B was found 

to be slightly less efficient, removing about 90% of IO3
- from solution. Both materials exhibited 

rapid uptake of IO3
-, so that sorption was nearly complete within the first few minutes of contact 

(Figure 3.5). In each case, equilibrium was established within 24 hours. Nearly identical sorption 

results were obtained regardless of the solution matrix (DI water or Hanford groundwater). 

 

 Figure 3.5. Kinetics of Iodine Uptake by Bi-A and Bi-B 
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3.3.3 Characterization of IO3
- and I- Loaded Materials 

 To characterize the iodine-loaded materials, Bi-A and Bi-B were exposed to 0.1 M 

solutions of  KIO3 or KI in DIW for 7 days. The sorbents were then separated by decantation and 

rinsed with the excess DIW. SEM analysis indicates exposure to iodate and iodide results in a 

drastic change of morphology in both Bi-A and Bi-B (Figures 3.6 and 3.7). Upon saturation with 

KIO3, Bi-A loses its flower-like morphology, yielding irregular 10 μm plates, while rod-like 

formations in the Bi-B material are transformed into irregular plates similar to ones formed in the 

Bi-A material. The rectangular plate morphology in Bi-B is preserved. Exposure to KI results in  

formation of 10 – 15 μm hexagonal plates, a prominent feature of both materials saturated with 

KI.  Smaller irregular plates are also present in both materials. 

 Elemental analysis indicates that Bi-A has a very high capacity for iodine, such that every 

mole of Bi corresponds to uptake of 0.42 or 0.32 moles of IO3
- or I-, respectively (Table 3.1). No 

nitrogen and only traces of carbon are found in the products, suggesting nearly complete 

exchange of interlayer NO3
- and CO3

2- anions with IO3
- and I-. Bi-B also demonstrates efficient 

iodate uptake with a very similar I:Bi molar ratio of 0.37; however, it exhibits only moderate 

 

Figure 3.6. SEM-EDS Images of Bi-A Following Contact with KIO3 
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Figure 3.7. SEM-EDS Images of Bi-B Following Contact with KIO3 

capacity for I-, generating a product with a I:Bi molar ratio of 0.10. Consistent with high iodate 

uptake, Bi-B exposed to KIO3 contains only traces of Cl and a small amount of carbon, pointing 

to efficient exchange of its native anions with IO3
-. However, the Cl:Bi molar ratio of Bi-B 

saturated with KI is half that of the unexposed material, while the I:Bi ratio is over two thirds  

lower than that of Bi-B saturated with KIO3. This indicates that the BiOCl phase is predominantly 

responsible for I- uptake, while the (BiO)2CO3 phase does not react with I-.  

 XRD analysis reveals that exposure to KIO3 significantly improves the crystallinity of the 

Bi-A material. The XRD patterns of IO3
- - saturated Bi-A and Bi-B, shown in Figure 3.8,  are 

nearly identical, indicating the complete loss of the initial structures and disappearance of the 

phases corresponding to the starting materials. The resulting pattern can be adequately described 

as a mixture of  Bi5O7I, BiO(IO3), Bi7O9I3, and possibly Bi(IO3)3 phases, suggesting that iodate 

uptake occurs through a combination of ion exchange and redox mechanisms. Exposure of Bi-A 

to KI results in formation of BiOI (JCPDS #73-2062), shown in Figure 3.9. The diffraction 

pattern of KI-saturated Bi-B reveals loss of only one initial phase, BiOCl, while the (BiO)2CO3 
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phase is preserved. The newly formed pattern can be interpreted as a mixed phase containing 

BiOI and bismutite. 

 

Figure 3.8. XRD Patterns of Bi-A and Bi-B Following Contact with KIO3 

 

 

 

   

 

Figure 3.9. XRD Patterns of Bi-A and Bi-B Following Contact with KI 
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 The FTIR spectra of the Bi-A and Bi-B materials changed significantly upon exposure to 

KIO3 (Figures 3.3 and 3.4), and nearly identical profiles were observed. This is consistent with 

the XRD analysis, which indicates formation of the same crystalline phases for both Bi materials 

saturated with KIO3. The observed spectral profiles are similar to one previously reported for 

BiO(IO3),
62 and the intense band with maxima at 700, 729, 761, and 784 cm-1 is attributed to the 

I-O vibrations of IO3
-. The complex structure of this band and the appearance of new maxima at 

784 cm-1 is attributed to the occurrence of IO3
- in the BiO(IO3) and Bi(IO3)3 chemical 

environments. The sharp bands in the 300 - 350 cm-1 region are attributed to Bi-O vibrations in 

the layered [Bi2O2]
2+ structure of BiO(IO3).

60 The bands appearing between 400 and 580 cm-1 are 

assigned to the vibrations of Bi coordinated to IO3
- oxygen atoms in both BiO(IO3) and Bi(IO3)3 

phases.60–62  

 The bands observed at about 1626 and 3270 cm-1 are attributed to –OH stretching in 

hydrogen-bonded water, while the vibration at around 3395 cm-1 is assigned to the –OH groups of 

partially hydrogen-bonded water coordinated to the Bi center.57,59,63 This is in accordance with 

results from Phanon et al., who reported that in the presence of water , bismuth triiodate 

crystallizes as the di-hydrate Bi(IO3)3•2H2O, with one water molecule coordinated to the Bi 

center in mono-dentate fashion and both water molecules forming a hydrogen bonds with iodate 

anions.61 The IO3
--saturated Bi-B material also exhibits small bands at 845 cm-1 and in the 1370 – 

1480 cm-1 region, corresponding to interlayer CO3
2- anions left over from unreacted starting 

material. The absence of CO3
2- and NO3

- bands in Bi-A saturated with KIO3 is indicative of the 

complete exchange of these anions with IO3
- and points to high affinity of Bi-A for the iodate 

anion.  

 The overall spectral profiles of Bi-A and Bi-B saturated with KI were found to be similar 

to those of the untreated materials, the only difference being reduced intensities of the nitrate and 

carbonate bands relative to the Bi-O bands due to exchange with IR-inactive iodide. This suggests 
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(i) the layered [Bi2O2]
2+ framework is preserved upon incorporation of I-, and (ii) both materials 

exhibit only moderate affinity for I-. The presence of adsorbed water was not evident in the IR 

spectra. 

 The XPS-derived elemental composition of the iodine-loaded Bi materials (Table 3.5) 

shows a significant fraction of iodine, with sorption efficiency decreasing in the order IO3
- > I- for 

both Bi-A and Bi-B. Both materials exhibit comparable uptake of IO3
-, while Bi-A shows 

significantly greater affinity for I- compared to Bi-B. These observations are in excellent 

agreement with the elemental analysis results. The XPS results indicate uptake of IO3
- is 

accompanied by a redox process. A peak at 623.7 eV (Appendix A) is seen in the  iodine 3d5/2 

spectra of Bi-A and Bi-B, which is assigned to IO3
-.78 Peaks are also observed at 618.9 and 618.8 

eV in the spectra of Bi-A and Bi-B, respectively, attributed to I-.64 Fitting of the spectra suggests 

the presence of a small amount of I2 in the Bi-A sample, seen at 621.5 eV.79 Iodate and iodide 

account for about 95% and 5%, respectively, of the total iodine sorbed by Bi-A. Iodate and iodide 

account for 90% and 10%, respectively, of the total iodine sorbed by Bi-B. Uptake of the I- anion 

is not accompanied by a redox process in either Bi-A or Bi-B, as evidenced from the I 3d5/2 

spectra showing single I- lines with maxima at 619.0 (Bi-A) and 619.1 eV (Bi-B). 

Table 3.5 XPS-Derived Elemental Compositions of Iodine-Loaded Sorbents 

Bi-A No Contact Bi-B No Contact 

O:Bi 1.56 O:Bi 1.00 

N:Bi 0.22 Cl:Bi 0.22 

Bi-A + KIO3 Bi-B + KIO3 

O:Bi 1.62 O:Bi 2.11 

N:Bi 0 Cl:Bi 0 

I:Bi 0.48 I:Bi 0.41 

Bi-A + KI Bi-B + KI 

O:Bi 0.77 O:Bi 1.09 

I:Bi 0.36 Cl:Bi 0.12 

 I:Bi 0.19 

 

 Upon exposure to IO3
-, the Bi XPS spectra of Bi-A and Bi-B undergo dissimilar changes 

(Appendix A). In the case of Bi-A, the Bi 4f7/2 band exhibits a small shift appearing at 159.0 eV, 
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with some broadening that could be fit to three peaks centered at 159.0, 158.1, and 157.1 eV. The 

first two are the major components, corresponding to Bi in the oxygen-bonded Bi3+ framework. 

The 157.1 eV component is due to a minor species, reduced Bi2+. The Bi 4f7/2 spectra of the 

iodate-saturated Bi-B material demonstrates a negative shift and significant narrowing relative to 

the unexposed material. It can be fit to a single component with a maximum at 158.7 eV. The Bi 

4f7/2 spectrum of the I--saturated Bi-A sample shows a narrow band at 158.7 eV, the same 

electron binding energy as the untreated parent material, and can be fit to a single peak, 

suggesting a dominant Bi-O environment. On the other hand, the Bi 4f7/2 spectrum of the I--

saturated Bi-B material is negatively shifted relative to the untreated analog while retaining 

similar broadness, and can be fit to two components at 158.9 and 160.0eV. These are attributed to 

unreacted bismutite, which contains carbonate, and the iodide-bound Bi-O framework as 

indicated by the XRD and XPS analyses.  

 A single peak at 530.0 eV is observed in the XPS O 1s spectra of the Bi-A and Bi-B 

samples contacted with IO3
-. The sorbents contacted with I- have similarly broad profiles, which 

envelope two components centered at 529.7 and 531.2 or 531.3 eV. The dominant low-energy 

lobe of the O 1s spectra of the iodide-contacted sorbents is attributed to the oxygen of the Bi-O 

framework. The minor high energy components are attributed to unreacted carbonate-containing 

starting materials.  

3.3.4 Iodine Removal from Hanford Groundwater (299-W19-36 Well) 

 Weight-dependent batch contact tests with unmodified Hanford groundwater were 

performed using Bi-A or Bi-B material of variable 9 – 75 mg weight and 7.50 mL aliquots of 

groundwater. The 24-hour contact supernatants were separated and subjected to analysis by ICP-

MS to determine equilibrium iodine concentrations. The sorption results are summarized in Table 

3.6. Material Bi-A exhibited superior performance with nearly quantitative removal of iodine. At 

a groundwater/Bi-A sorbent ratio of 200 mL/g, the iodine Kd value peaked at 2810 mL/g, 
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corresponding to 93% total iodine uptake. Decreasing the groundwater/Bi-A sorbent ratio to 100 

mL/g further improved iodine sorption, so that 96% of total iodine was removed. Material Bi-B 

exhibited moderately efficient iodine sorption, so that 75% of total iodine was removed at a 

groundwater/Bi-B sorbent ratio of 100 mL/g. 

Table 3.6 ICP-MS Results of Weight-Dependent Batch Uptake Study 

Sorbent 

Mass 

(mg) 

GW 

Volume 

(mL) 

GW: 

Sorbent 

Ratio 

(mL/g) 

Iodine Concentration 

(g/L) 

% Iodine 

Removed 

Kd 

(mL/g) 

Initial 

Final 

Bi-A Bi-B Bi-A Bi-B Bi-A Bi-B 

9 

7.50 

833 8.7 2.5 5.1 71 41 2110 580 

18.5 405  1.3 3.3 85 62 2340 670 

37.5 200 0.58 2.6 93 70 2810 480 

50 150 0.45 2.7 95 69 2740 330 

75 100 0.33 2.2 96 75 2570 290 

 

 The superior performance of Bi-A is attributed to the high affinity of this sorbent for both 

iodate and iodide, as established by the characterization studies of Bi-A loaded with these iodine 

species. Organoiodine compounds are the second most abundant species in Hanford groundwater, 

constituting between 15 and 40% of total iodine, while I- accounts for ≤ 4%.7,9 Hence, the Bi-A 

material appears to have high affinity not only for IO3
- and I- anions, but also for organoiodine. 

However, follow-up studies are needed to verify this assumption.   

 The batch contact experiments confirm the exceptional selectivity of Bi-A for iodine, as 

Hanford groundwater contains a large access of other anions including carbonate (116,000 ug/L), 

nitrate (317,000 ug/L), chloride (181,000 ug/L Cl-), and sulfate (50,000 ug/L). The total iodine 

concentration in groundwater was determined to be 8.7  0.9 g/L. The remarkable selectivity for 

iodate displayed by Bi-A is attributed to stable monodentate complex formation between Bi and 

O atoms and hydrogen bonding between water and intercalating iodate ions. Determining the 

mechanism underlying organoiodine uptake will require further study. 
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3.4 Summary 

 With a simple solvothermal method, two Bi-based materials were prepared using readily 

available Bi(NO3)3 or BiCl3 precursors. Both materials demonstrated high affinity and sorption 

capacity for iodate and iodide. Elemental analysis has shown that the Bi to I ratio in the iodate-

loaded materials is as high as 1:0.4, while this ratio for the iodide-loaded materials is slightly 

lower at 1:0.3 for the Bi-A material and 1:0.1 for Bi-B. The superior affinity of the Bi-A material 

for iodine can be explained by the properties of its crystalline structure. Interlayer (Bi-Bi) 

distances of 4.92 Å and 4.38 Å have been reported for (BiO)4(OH)2CO3 and (BiO)2CO3, 

respectively.80 Two OH- ions must fit into the same volume as one CO3
2- ion in the interlayer of 

(BiO)4(OH)2CO3, resulting in expansion of the c-axis of its unit cell relative to that of (BiO)2CO3. 

The larger interlayer volume of (BiO)4(OH)2CO3 thus accommodates more water and dissolved 

ions than (BiO)2CO3. Bi-A, with the crystal structure of (BiO)4(OH)2CO3, appears to readily 

exchange interlayer OH- and NO3
- ions for I-. Bi-A also appears to exchange interlayer CO3

2- ions 

to a greater extent than Bi-B, which contains a significant proportion of bismutite. Elemental 

analysis results for Bi-A and Bi-B prior to and following saturation with KIO3 or KI support this 

conclusion. The appearance of I- in the KIO3-saturated materials indicated by XPS analysis points 

to a re-dox process, which is discussed below. 

 It was observed that upon exposure to iodate both materials undergo molecular and 

crystalline structure reorganization generating a nearly identical final mixed product containing 

IO3
- and reduced I- anions strongly bound to the Bi oxide layers. Reduction of IO3

- to I- was not 

accompanied by the oxidation of bismuth, as Bi5+ was not detected in the XPS spectra of either of 

the IO3
- -saturated sorbents. Further investigation is needed to confirm the mechanism by which 

reduction of IO3
- occurs. Exposure of the materials to iodide resulted in the formation of BiOI. 

All of the NO3
- and a fraction of CO3

2- ions were replaced by I- in Bi-A, while I- was exchanged 
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with Cl- in the BiOCl phase of Bi-B. Hence, uptake of I- in the KI exposed materials appears to be 

governed by ion exchange. 

 The majority of IO3
- removal by each of the materials occurred within the first few 

minutes of contact, and equilibrium was established by 24 hours in both sorbents. Bi-A showed 

nearly quantitative uptake of IO3
- in both deionized water and Hanford groundwater, while Bi-B 

removed about 90% of IO3
- in contact solutions. The rapid uptake of IO3

- indicates this process is 

not diffusion-limited in either of the sorbents.   

 This investigation demonstrates the applicability of the obtained Bi-based sorbents in the 

treatment of groundwater for iodine removal. A significant finding of this study was the 

exceptional selectivity for IO3
- exhibited by each material, particularly Bi-A. Bi-A removed 96% 

of total iodine from groundwater at a 100 mL/g ratio. A peak Kd of 2810 mL/g was obtained in 

groundwater containing high concentrations of dissolved CO3
2-, NO3

-, Cl-, and SO4
2-. To our 

knowledge, only the hydrotalcite composites recently evaluated by Levitskaia et al.43 approach 

the effectiveness of these bismuth-based layered materials in removing IO3
- from groundwater in 

the presence of competing anions. Another significant outcome of this study was the observation 

that iodine removal encompassed all iodine-containing components of Hanford groundwater, 

including any contribution from organiodide compounds. More study of the interactions between 

Bi-based materials and organic iodine-containing contaminants is needed to determine the 

processes underlying their removal from groundwater. 
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Abstract 

 Kinetic and equilibrium data for strontium uptake by three  sorbents (Ionsivs IE-911™, 

IE-96™, and bone char) was obtained using batch methods and evaluated with the pseudo-first 

order and pseudo-second order models. Sorption isotherms were constructed using the Langmuir, 

Freundlich, and Sips models. Parameter estimates for each isotherm were first obtained through 

linear regression analysis, then used as initial input values for analysis by non-linear regression. 

An error analysis was performed to compare the results of linear and non-linear regression. 

Strontium uptake by IE-911 and IE-96 followed pseudo-second order kinetics, consistent with ion 

exchange. The pseudo-second order model fit the bone char uptake data near equilibrium, but the 

Elovich model provided a better fit to the data in the first hours following contact with strontium. 

Kinetics of strontium uptake by bone char are initially dominated by surface sorption, while 

kinetics near equilibrium appear to be governed by ion exchange. The Sips isotherm provided the 

best fit to experimental equilibrium data for each of the sorbents. A comparison of linear and non-
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linear regression methods indicated non-linear regression analysis produced optimal isotherm 

parameters, resulting in lower error as measured by Marquardt's percent standard deviation 

(MPSD).     

4.1 Introduction 

 Strontium, like calcium, exists as a divalent cation in the body. It is deposited in bone and 

teeth when ingested,1 and the presence of small amounts of natural strontium in the body is 

harmless.  Two of its short-lived isotopes2,3 are used for medical imaging in humans: 85Sr, with a 

half-life (t1/2) of 64.8 days, is used for metabolic studies and whole-body measurements, while  

89Sr (t1/2 50.5 days) is used to treat bone pain in patients with metastatic cancer.  

90Sr (t1/2 28.8 years) is a fission product of uranium and plutonium and is generated within 

uranium-fuelled and thorium molten-salt reactors. It has entered the environment as a 

consequence of nuclear weapons testing, fuel reprocessing activity, intentional releases, and 

accidental releases, such as those from the Chernobyl and Fukushima Daiichi power plants. 90Sr  

is a pure beta emitter. It decays to the short-lived 90Y isotope, which achieves radiochemical 

equilibrium with Sr-90 in less than 30 days, doubling its activity. 90Sr in groundwater poses a 

significant health risk, because it becomes an internal irradiation source when incorporated into 

bone tissue and teeth. Long-term exposure to 90Sr has been shown to increase the risk of 

leukemia, bone sarcoma, and a number of other health problems.4 For these reasons, the U.S. 

Environmental Protection Agency has established a limit of 8 pCi/L for 90Sr in drinking water.5  

90Sr is a dominant contributor to the radionuclide inventory in waste stored in tank farms 

at the Hanford Site in south-central Washington State, U.S.6 Leaks from the tanks and intentional 

discharge of waste to unlined retention trenches in the 200 East and West areas have released 90Sr 

into the vadose zone, and small amounts of it have made their way to the Columbia River.7 Given 

the economic and cultural significance of the river and the danger of long-term contamination of 
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the aquifer underlying the site, removal of 90Sr from groundwater at Hanford is of major 

importance.  

 Here, we examine the strontium sorption capacities and uptake kinetics of three inorganic 

sorbent materials in groundwater simulant (GWS) formulated to match the composition of 

groundwater obtained from the 200 Area of the Hanford Site. IONSIV™ IE-911 and IONSIV™ 

IE-96, both manufactured by UOP (Des Plains, IL), were developed to remove radioactive cesium 

from Department of Energy waste streams. Each sorbent has also been shown to have a strong 

affinity for strontium.8–10 IE-96™ is a synthetic chabazite zeolite. Its crystal structure is 

comprised of Si4+ and Al3+ tetrahedra, which are linked by shared oxygen atoms to form a lattice 

with uniformly sized pores.11 The degree of substitution of Si4+ with Al3+ determines the negative 

charge of the chabazite framework, which is compensated by substituting mono-or divalent 

cations. Water  travels through the pores, where H+ or Na+ ions are exchanged with the sorbate 

cations.12 IE-96 has a cation exchange capacity of 2.0 - 2.8 meq/g and an order of selectivity of 

Cs > Sr > Ca > Mg > Na.13 Information about the elemental composition of IE-96 and its physical 

properties is available elsewhere.14 IONSIV™ IE-911 is an engineered, niobium-substituted 

crystalline silicotitanate (Nb-CST) sold as H2NaSi2(Nb0.3Ti0.7)4O13(OH)∙4H2O with Zr(OH)4 

binder.15 Its order of selectivity in mid-to-high level tank waste is Cs >> Sr > K > Na > Ca > 

Mg.16,17 Ti4O16 clusters linked by SiO4 units form regular tunnels within the CST structure,18,19 

which are an ideal size for trapping Sr2+ and Cs+ ions. The average composition and physical 

properties of commercial IE-911 are described elsewhere.15,20  

 The third sorbent evaluated in these experiments, bone char, is obtained through 

calcination of animal remains in a low-oxygen atmosphere. It is 85-90% Ca10(PO4)6(OH)2 

(hydroxyapatite) and roughly 10% activated carbon by weight. Bone char contains various 

functional groups that, when negatively charged, sorb metal cations.21–23 Bone char is an 

inexpensive sorbent available in large quantities and is hence of interest for the treatment of waste 



110 

 

 

streams containing metal pollutants. Uptake of strontium, including radiostrontium, by 

hydroxyapatite in aqueous media is well-documented.24,25  

 The aims of this study are to determine the equilibrium and kinetic characteristics of 

strontium uptake by the sorbents in GWS using batch methods and to examine the impact of 

carbonate and competing ions on strontium sorption. To quantify loss of strontium, calcium, and 

magnesium by precipitation with carbonate in GWS, spiked control samples containing no 

sorbent were analyzed by inductively coupled plasma optical emission spectroscopy (ICP-OES). 

4.2 Materials and Methods 

4.2.1 Sorbents   

 IONSIV™ IE-911 and IONSIV™ IE-96 were manufactured by UOP (Des Plaines, IL). 

Bone char was obtained from Ebonex. Sorbents were used as received, without further 

processing, to reflect conditions in typical applications. The moisture content of the sorbents was 

determined by placing weighed portions of the as-received materials in a 100 °C oven and drying 

them to constant mass. A correction factor for each sorbent was obtained by dividing the mass of 

the dried material by its as-received mass: mDRY/mRECEIVED.10 The as-received mass for each 

sample was then multiplied by the correction factor to obtain a dry mass used in calculations.  

4.2.2 Groundwater Simulant (GWS) and Concentrations of Studied Metals 

  GWS was prepared to simulate the composition of groundwater obtained from the 200 

Area of the Hanford Site in Richland, WA using ultrapure (UV irradiated, 18 MΩ-cm specific 

resistance) water and reagent grade chemicals.26 GWS contents and their concentrations are 

shown in Table 4.1. The pH of freshly prepared GWS solutions was 7.9-8.0 at 21.5 °C.  

Table 4.1 Composition of Groundwater Simulant (GWS) 

Cations mM Anions mM 

Calcium 2.64 Alkalinity (as HCO3
-) 1.16 

Magnesium 1.50 Nitrate 5.11 

Sodium 3.97 Sulfate 0.52 

Potassium 0.18 Chloride 5.11 
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4.2.3 Preparation of Strontium Stock Solutions  

 A strontium stock solution containing Sr-85 was made by neutron activation of 5.67 g of 

anhydrous Sr(NO3)2 (Mallinckrodt). The Sr(NO3)2 was irradiated for 21 hours (1 MW, neutron 

flux 3.9 x 1012/cm2) in a lazy Susan configuration in the TRIGA research reactor at Oregon State 

University. Following irradiation, the solid was dissolved in 25 mL ultrapure water and stored in 

a polypropylene container. The chemical concentration of strontium in this stock solution was 

1.071 mol/L, with a total activity of 2.13 x 106 Bq measured within 24 hours of irradiation. This 

stock was used in equilibrium and kinetics experiments with IE-96 and IE-911. For bone char, 

serial dilutions of the stock solution were prepared and used to spike samples and reference 

solutions.  

 Experiments to evaluate carbonate precipitation and the selectivity of the sorbents for 

strontium over competing ions were conducted with non-activated natural strontium. A 1.071 M 

strontium stock solution was prepared by dissolving 11.3324 g anhydrous Sr(NO3)2 

(Mallinckrodt) in 50 mL of ultrapure water and used for all subsequent dilutions in GWS. 

4.2.4 Experimental Conditions for Batch Testing 

 All sorption experiments were performed in a batch setting with groundwater simulant 

(GWS) at pH 8.1 and pH 10.1. These values were selected to reflect the pH of Hanford 

groundwater (~ 8) and the highly alkaline pH of near-field tank releases. 1M NaOH was used to 

adjust pH for experiments at pH 10.1. A Thermo Orion pH meter and pH/ISE probe calibrated 

with pH 4.0, 7.0, and 10 standards were used to measure the pH of experimental solutions.  

 For each sample, 0.15 g sorbent was weighed into a 15 mL polypropylene tube. GWS 

was added, followed by addition of the strontium spiking solution (either n-activated or natural) 

to obtain a final volume of 10.0 mL per sample. Spiked reference solutions in GWS at each 

strontium concentration and pH were prepared in the absence of sorbent. Immediately after 

spiking, samples were placed on a shaker table or end-over-end shaker and agitation started at 
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time (t) = 0. At selected time points, the shaker was stopped, and each sample was filtered 

through a 0.20 μm nylon syringe filter into a fresh polypropylene tube. 1-4 mL of filtrate from 

each sample was used for determination of Sr-85 activity with a NaI(Tl) detector. Reference 

solutions were processed and analyzed in the same manner as the samples. All experiments were 

performed at ambient temperature, ranging from 21 to 22 degrees Celsius. 

 Sorption Kinetics: IE-96 and IE-911 samples were spiked with Sr to a concentration of 

2.25 mM. As bone char is a naturally derived sorbent with a lower strontium capacity than either 

of the engineered Ionsiv sorbents, bone char samples were spiked to 1.125 mM Sr. Time intervals 

ranged from 5 to 3090 minutes. For each sorbent, individual samples were prepared for each time 

interval and pH.  

 Sorption Capacity:  Contact times were based on the results of the kinetics experiments. 

IE-911 samples were agitated for 23 hours, IE-96 for 20 hours, and bone char for 72 hours. 

Strontium concentrations ranged from 1.12 to 11.4 mM for IE-96, from 4.61 to 17.2 mM for IE-

911, and from 0.1 to 1.1 mM for bone char samples. The strontium concentrations used to 

determine sorption capacity were much higher than those typically found in contaminated 

aquifers. They were selected because the kinetics experiments indicated that the strontium 

capacities of the sorbents, particularly IE-911 and IE-96, were quite large. High concentrations of 

strontium were thus needed to approach sorbent saturation for determination of sorption 

isotherms. 

4.2.5 Determination of Metal Concentrations 

 Gamma-spectroscopy of Sr-85. Gamma spectroscopy was used to quantify Sr in samples 

spiked with n-activated strontium. Natural strontium and its radioisotope exhibit identical 

chemical behavior; hence, the activity of Sr-85 is directly proportional to the chemical 

concentration of strontium in solution. The determination of strontium concentrations in the 

sorbents and supernatants was performed by counting the activity concentration of Sr-85 on a 
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Cobra-II automated gamma counter  with a 3-inch NaI(Tl) detector (Packard) using the 514 keV 

gamma emission from the electron capture decay of Sr-85 (% relative error ≤ 1.70).  

 ICP-OES spectroscopy. Analysis of Ca, Mg, and non-activated Sr in experimental 

solutions was performed by inductively coupled plasma optical emission spectroscopy on a JY 

2000 ICP-OES (Horiba Scientific). Experimental conditions are shown in Table 4.2. Prior to use, 

the instrument was calibrated with certified NIST-traceable standards containing analytes at 50, 

500, and 5000 μg/L (0.05-5 ppm). The detection limits were 4.73 (± 0.01) μg/L for calcium, 2.91 

(± 0.01) μg/L for strontium, and 4.48 (± 0.01) μg/L for  magnesium. For analysis, each sample 

was filtered through a 0.20 μm nylon filter and diluted with 2% HNO3 (v/v in ultrapure water) to 

obtain analyte concentrations within the range of the standards (1-5 ppm).  

Table 4.2 ICP-OES Instrumental Settings 
Operating Conditions 

RF power generator: 1050 W Sample uptake: 1 mL/min 

Plasma gas (Ar) flow rate: 12 L/min Spray chamber type: cyclonic 

Auxiliary gas flow rate: 0 L/min  Argon humidifier: no 

Sheath gas flow rate: 0.2 L/min Injector tube diameter: 3.0 mm 

Nebulizer gas flow rate: 1.25 L/min Pump: 12-roller dual-head peristaltic 

Nebulizer pressure: 3 bars (45 psi)  

Nebulizer type: concentric  

Spectrometer 

Mounting: Czerny-Turner Focal Length: 0.64 m 

Entrance Slit Width: 20 μm Grating: 2400 gr/mm 

Exit Slit Width: 15 μm  

 

4.2.6 Calculations 

  Percent strontium uptake by the sorbent at time (t) was calculated by 

     Uptake (%) = [(Co – Ct)/Co] * 100     (4.1) 

   or [(Ao – At)/Ao] * 100,     (4.2) 

where Co is the Sr concentration (mg/L) in solution at t = 0, and Ct is the Sr concentration (mg/L) 

in solution at t = t following contact with the sorbent, assuming no change in sample volume 

between t = 0 and t = t. Ao and At are the Sr-85 activity concentrations (Bq/L) in the analyzed 

solution at t = 0 and t = t, respectively. 
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 The following mass balance equation was used to determine the amount of strontium 

sorbed per gram of sorbent at time t: 

 qt = (Co – Ct) * V/M,    (4.3) 

where qt is the amount of sorbed strontium per gram of sorbent (mg/g) at time = t, Co is the 

strontium concentration in the spiked reference solution (mg/L), Ct is the concentration of 

strontium in solution contacted with the sorbent (mg/L) at time = t, V is the sample volume (L), 

and M is the sorbent mass (g). 

 The selectivity factor, F, indicating selectivity of the sorbent for strontium over calcium 

and magnesium was calculated by  

     =
          

          
 ,     (4.4) 

where [Sr]l and [M]l are the equilibrium concentrations of the metals in the supernatant (mg/L), 

and [Sr]s and [M]s are the equilibrium concentrations of the metals in the sorbent (mg/g).27  

4.3 Results and Discussion 

4.3.1 Characterization of Sorption Kinetics 

 Plots of qt (mg Sr/g sorbent) vs. time are shown in Figure 4.1. Strontium uptake by IE-96 

and IE-911 occurred rapidly in GWS, equilibrium being established within about six hours of 

contact. Uptake by bone char was considerably slower, and equilibrium was not fully established 

within 52 hours of contact.  

Linear plots were made to evaluate fits of the data to the pseudo-first order and pseudo-

second order kinetic models. Rate laws for the models and their corresponding plots are 

summarized in Table 4.3. The pseudo-first order rate constant, k1 (min-1), was obtained from the 

slope of the plot log(qe - qt) vs. time t (Equation 5).28,29 The pseudo-second order rate constant, k2 

(g/mg*min), was obtained from the intercept of the plot t/qt vs. time (Equation 6).29,30 Results of 

linear regression analysis of the pseudo-first order model (not shown) indicated it provided poor 
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fits to the data for each of the sorbents. The coefficient of determination (r2) obtained through 

linear regression analysis of the pseudo-second order model was > 0.9999 for IE-96 and IE-911 at 

each pH tested, while for bone char, r2 = 0.9989 at pH 8 and r2 = 0.9993 at pH 10.1. It is clear 

from the plots of qt vs. time that sorption kinetics in IE-911 and IE-96 are very rapid in the first 

hour following contact. Because their equilibrium sorption capacities (qe, mg Sr/g) could be 

accurately determined, the initial adsorption rate, h, as time approached 0 was calculated by 

     h = k2qe
2,    (8) 

where units of h are mg/(g*min).  

Table 4.3 Kinetics Rate Laws, Linear Fitting Equations and Plot Expressions  
Governing Equation Linear Equation and Plot Expression 

Reference Pseudo-First Order 

dqt/dt = k1(qe - qt) log(qe - qt) =  log(qe) – (k1/2.303)*t         28,29 

k1 = rate constant (min-1) Plot: log(qe - qt) vs. time                      (5) 

Pseudo-Second Order 

dqt/dt = k2(qe - qt)
2 t/qt = 1/(k2qe

2) + (1/qe)*t 29,30 

k2 = rate constant (g/mg*min) Plot: t/qt vs. time                                  (6) 

Elovich 

dqt/dt = aexp-bqt qt = 1/bln(ab) + 1/bln(t) 34,37 

a = initial sorption rate (mg/g*min) Plot qt vs. ln(t)                                      (7) 

b = desorption coefficient (g/mg)  

 

 

 Models that generated plots with high coefficients of determination (r2 ≥ 0.999) were 

further investigated by non-linear regression analysis with the Minitab statistics package 

(Minitab, Inc.).  Pseudo-second order kinetics parameters obtained through linear and non-linear 

regression are shown in Table 4.4. Errors in the calculated amounts of sorbed strontium vs. the 

experimentally determined values were determined using Marquardt's percent standard deviation 

(MPSD),31  ∆q (%), where qexp and qcal are the measured and calculated amounts of sorbed 

strontium, respectively. N is equal to the number of experimental data points, and P is the number 

of parameters estimated by the model. Values of Δq (%) obtained through non-linear regression 
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were consistently lower than those obtained with linear regression. Fits to the pseudo-second 

order model obtained through non-linear regression are shown in Figure 4.1. 

            

  MPSD = √        x 100   (9) 

 

 

Table 4.4 Pseudo-Second Order Kinetics Parameters Obtained Through Linear and Non-Linear 

Regression Analysis 

Sorbent 

Model 

Parameter 

Linear Regression Non-Linear Regression 

pH 8.0 pH 10.1 pH 8.0 pH 10.1 

IONSIV 

IE-96 

qe (mg/g) 15.7 ± 0.8 15.7 ± 0.8 15.7 ± 0.8 15.7 ± 0.8 

k2 (g/mg*min) 0.010 ± 0.001 0.013 ± 0.001 0.010 ± 0.001 0.011 ± 0.001 

h (mg/g*min) 2.6 ± 0.1 3.1 ± 0.2 2.1 ± 0.1 2.6 ± 0.1 

Δqt (%)  8.3 8.1 4.6 3.4 

 

IONSIV 

IE-911 

qe (mg/g) 14.0 ± 0.7 14.0 ± 0.7 14.0 ± 0.7 14.0 ± 0.7 

k2 (g/mg*min) 0.026 ± 0.001 0.024 ± 0.001 0.017 ± 0.001 0.016 ± 0.001 

h (mg/g*min) 5.0 ± 0.3 4.7 ± 0.2 3.4 ± 0.2 3.1 ± 0.2 

Δqt (%)  11.0 13.3 3.8 4.9 

 

Bone 

Char 

qe (mg/g) 4.3 ± 0.2 4.7 ± 0.2 4.3 ± 0.2 4.7 ± 0.2 

k2 (g/mg*min) 0.006 ± 0.001 0.007 ± 0.001 3.4 ± 0.2 5.3 ± 0.3 

h (mg/g*min) 0.11 ± 0.01 0.15 ± 0.01 63 ± 3 116 ± 6 

Δqt (%)  30.9 27.1 18.8 14.8 

 

 

 

 

 

 

 

 

 

∑[(qexp - qcal)/qexp]
2

 

               N - P 
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Figure 4.1. Fits to the Pseudo-Second Order Kinetic Model. 

IE-96 (top), IE-911(center), Bone Char (bottom). Diamonds represent experimental values. 

Dashed lines represent model predictions with 95% Confidence Intervals.  

 

 Comparison of the data in Table 4.4 indicates that while the kinetics of sorption in IE-911 

and IE-96 are best described with the pseudo-second order model, sorption by bone char is much 

slower and cannot be adequately described by the model. Plots of qt vs. time for bone char at each 

pH (Figure 4.1) have three distinct regions. The majority of strontium sorption occurred within 

one hour of contact, producing a steep linear curve in this region. The slope of the region between 

60 and 360 minutes is less steep, and from 360 minutes to completion of the experiment, the 

curve asymptotically approaches a plateau. These results indicate the sorption of strontium by 
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bone char is influenced by more than one process. Error in qt (Δqt %) calculated with the 

linearized pseudo-second order equation was only ~1 % at each pH as the systems approached 

equilibrium; but error was much higher (≥ 45 %) in the first few hours following contact. Values 

of Δqt  obtained through non-linear regression of the pseudo-second order model were lower, but 

still exceeded 5%.   

 To better characterize the interaction between strontium and bone char, the data was  

evaluated with the  Elovich model.32 The Elovich model has been successfully33–35 applied to 

describe second order kinetics with the assumption that the sorbent surface is energetically 

heterogeneous, although it does not propose any definite sorption mechanism.36 The linear form 

of the Elovich equation is given by Equation 7 (Table 4.3), where a is the initial adsorption rate 

(mg/g*min), and the parameter b is related to the extent of surface coverage and activation energy 

for sorption (g/mg).34,37 The initial adsorption rate, a, and the desorption constant, b, were 

calculated from the intercept and slope of the straight-line plots of qt vs. ln t.34,37 Values of a and 

b obtained from the plots were then used as initial input parameters for non-linear regression 

analysis in Minitab. 

  Table 4.5 lists the kinetics parameters for bone char obtained from non-linear regression 

analysis of the Elovich model at pH 8 and pH 10. Plots of the experimental and calculated values 

of qt vs. time are shown in Figure 4.2. Points on the plot represent experimentally determined 

values, while the curves generated by non-linear regression are shown with 95% confidence 

intervals. Results of fitting the bone char data to the Elovich model indicate rapid surface sorption 

and desorption of strontium dominated kinetics in bone char in the first several hours of contact. 

The Elovich initial sorption rate, a (mg/g*min), was significantly higher than the corresponding 

value h predicted by the pseudo-second order kinetics model, resulting in a better fit between t = 

0 and t = 180 m. The Elovich model yielded significantly lower ∆qt values than the pseudo-

second order model in this region at both pH. This makes sense when one considers the 
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functional groups present on the surface of hydroxyapatite (HAP), which is the main constituent 

of bone char. The pH at the point of zero charge (pHPZC) in HAP ranges from 4.4 to pH 7.6.24,38 

At pH ≥ 7.6, negatively charged phosphate and hydroxyl groups on the HAP surface attract 

cations in a dose-dependent manner.39 Hence, strontium sorption on the HAP surface at pH 8 and 

pH 10 was expected to occur rapidly. This is clearly seen in Figure 4.1 between t = 0 and t = 60 

minutes. These results are consistent with other studies of strontium sorption by bone char.24,25,39  

Table 4.5 Elovich Kinetics Parameters for Bone Char at pH 8.0 and pH 10.1  
    pH 8.0    pH 10.1 

a (mg/g*min) 2.3 ± 0.1 2.6 ± 0.1 

b (g/mg) 2.0 ± 0.1 1.7 ± 0.1 

Δqt (%) 0-180 minutes 5.0 3.4 

 

 

 
 
Figure 4.2. Elovich Model of Bone Char Kinetics from 0-180 Minutes 

  

The rate of sorption slowed about one hour following contact, indicating sorption by bone 

char is governed by more than one rate-controlling step. This may be understood by considering 

the crystal structure of HAP, which is a naturally occurring mineral form of calcium apatite that 

contains exchangeable Ca2+ ions.40 Exchange between Ca2+  in the HAP lattice and Sr2+ or Mg2+ in 

solution may occur at either of two sites, referred to as Ca(I) and Ca(II).41,42 Ca(I) is coordinated 

by nine oxygen atoms, while Ca(II) is hepta-coordinated by six oxygen atoms and one OH- 

anion.40 According to Khudolozhkin et al.41, Ca(II) is a preferential site for ion-exchange. The 
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enthalpy (ΔH) of ion exchange at Ca(II) is nearly zero, so ΔG is governed by changes in entropy. 

At a given temperature T, ΔST increases with an increase in Sr2+ exchange at the site, making ΔGT 

more negative than exchange at the Ca(I) site.  

The combination of initial rapid surface sorption and slower ion exchange processes in 

bone char are likely the sources of multi-linearity observed in the plots of qt vs. time. The pseudo-

second order kinetic model fit the data near equilibrium; but the effects of site heterogeneity on 

the initial rate of strontium uptake in bone char were better taken into account with the Elovich 

model. 

4.3.2 Sorption Capacity and Identification of Best-Fitting Isotherms 

 Regression analysis of equilibrium data for each sorbent was first performed with the 

linearized isotherm equations listed in Table 4.6. To evaluate fits to the Langmuir isotherm, Ce/qe 

(g/L) was plotted against Ce (mg/L) (Equation 10).43,44 The maximum sorption capacity, qm (mg 

Sr/g), was estimated from the slope (1/qm) of the plot, and the Langmuir affinity constant, KL 

(L/mg), was estimated from the y-intercept (1/qm*KL). To evaluate fits to the Freundlich 

isotherm, log qe was plotted against log Ce (Equation 11), and the parameters KF (L/mg) and 1/n 

(unitless) estimated from the y-intercept (logKF) and slope (1/n), respectively.45 Since the Sips 

equation contains three parameters (qm, β, and Ks), an estimate of qm was obtained by maximizing 

the r2 of a plot of log qe/(qm-qe) vs. log Ce (Equation 12).46 The parameters β (unitless) and Ks 

(L/mg) were calculated from the slope (β) and y-intercept (log Ks
β) of the plot. Non-linear 

regression was then performed in Minitab (Minitab, Inc.) using parameters obtained through 

linear regression as initial estimates.  
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Table 4.6 Isotherm Equations and Their Linear Forms 

Governing Equation Linear Equation Plot Ref 

Langmuir 

 

qe = 
        
         

 

 

 

 

 

  
  

 = 
 

       
 + 

 

  
 * Ce (10)   

  
  vs. Ce  43,44 

 

  
 = 

 

       
 * 

 

  
 + 

 

  
   

  
  vs. 

 

  
  

qe = qm  -  
 

  
 * 

  
  

  qe  vs.  
  
  

  

  
  

  = (KL*qm) - (KL*qe)    
  

  vs. qe  

Freundlich 

qe = KF*Ce
1/n 

 

 
log(qe) = log(KF) + 

 

 
 * log(Ce) (11) log (qe) vs. log(Ce)  45 

Sips 

qe = 
           

          
 

 

log 
  

       
 = βl   Ce) + log(Ks

β) (12) log 
  

       
 vs. log(Ce)  46 

 

 

 For IE-96 and IE-911, analysis by both linear and non-linear regression identified the 

Sips isotherm as the best model for predicting qe at each pH tested. Isotherm parameters and 

errors in qe (Δqe %) obtained with each model are summarized in Table 4.7. Isotherms generated 

by non-linear regression analysis of the Sips model are plotted against experimental data from 

each of the sorbents in Figure 4.3. Points on the plots represent experimental values. Curves 

generated by non-linear regression are shown with 95% confidence intervals. Error in qe predicted 

by the Sips model was ≤ 2.80% for IE-96, with linear and non-linear regression yielding similar 

results. Values of Δqe obtained through linear and non-linear regression with the Sips model were 

≤ 1.66% for IE-911.  
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Table 4.7 Sips Isotherm Parameter Values Obtained Through Linear and Non-Linear 

 Regression 

Sorbent Isotherm Parameter 

Linear Regression 

Results 

Non-Linear 

Regression Results 

pH 8 pH 10 pH 8 pH 10 

IE-96 

Ks (L/mg) ± 0.001 0.013 0.023 0.013 0.023 

β 0.544 0.618 0.540 0.615 

Sips qm (mg/g) ± 4 * * 87  81  

Sips ∆qe (%) 2.0 2.5 2.4 2.8 

Langmuir ∆qe (%) 24.7 21.3 24.3 21.5 

Freundlich ∆qe (%) 10.3 12.9 18.3 23.2 

IE-911 

Ks (L/mg) ± 0.005 0.081 0.092 0.080 0.092 

β 0.409 0.430 0.411 0.430 

Sips qm (mg/g) ± 7 * * 139  137  

Sips ∆qe (%) 1.5 1.0 1.7 1.1 

Langmuir ∆qe (%) 29.1 27.3 21.4 18.6 

Freundlich ∆qe (%) 5.9 6.5 8.0 8.7 

Bone 

Char 

Ks (L/mg) ± 0.003 0.047 0.057 0.049 0.038 

β 0.997 0.957 1.021 0.882 

Sips qm (mg/g) ± 0.4 * * 6.4 8.4  

Sips ∆qe (%) 3.9 3.8 4.7 5.2 

Langmuir ∆qe (%) 3.9 4.1 3.9 5.1 

Freundlich ∆qe (%) 7.1 8.9 14.4 16.5 

* Linear regression analysis of the Sips isotherm was used to obtain initial estimates for two 

parameters, Ks and β. The maximum sorption capacity, qm, was then obtained through non-linear 

regression analysis using estimates of Ks and β as initial input values. 

 



123 

 

 

 
 

  

Figure 4.3. Sips Isotherm Model Results for IE-96 (A), IE-911 (B), and Bone Char (C) 
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Figure 4.4. Comparison of the Sips, Langmuir, and Freundlich Models with Experimental Data 

from IE-911 at pH 8. Diamonds represent experimental values. 

Curves represent the results of  non-linear regression analysis of the models. 

 

 In contrast, ∆qe approached 25% and 30% for IE-96 and IE-911, respectively, through 

linear regression analysis of the Langmuir model. Analysis by non-linear regression also 

indicated the Langmuir model provided a poor fit to the data. The Langmuir model overestimated 

qe for IE-96 and IE-911 at Sr concentrations in the low-to-mid ranges tested, while it 

underestimated qe as the sorbents approached saturation. The Freundlich model underestimated qe 

below saturation. As the Freundlich isotherm does not predict a maximum sorption capacity, 

values of qe calculated with the model exceeded experimental values as the sorbents approached 

saturation. Isotherms generated by non-linear regression analysis of the Sips, Langmuir, and 

Freundlich models are plotted against experimental data from IE-911 at pH 8 in Figure 4.4. A list 

of the error functions used to analyze the data is found in Table 1 of Appendix B, and detailed 

error analyses of linear and non-linear regression results are summarized in Appendix B Tables 2 

and 3, respectively 

 Linear regression analysis of the Sips isotherm generated the highest r2 for bone char at 

both pH 8 and 10; however, the Langmuir model yielded fits that were nearly as good at pH 8. 

Non-linear regression analysis of the Langmuir model generated the lowest Δqe for bone char at 

pH 8 and pH 10; however, the Sips model fit equally well at pH 10 when other error functions 
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were considered. The Freundlich model provided the poorest fit to the data, with non-linear 

regression yielding errors of 14.4% and 16.5% at pH 8 and pH 10, respectively. 

 Percent strontium uptake by each of the sorbents is shown in Table 4.8. Consistent with 

the experimental results, the highest capacities (qm) for strontium in GWS were found in IE-911, 

with qm = 139 mg/g at pH 8 and 137 mg/g at pH 10 according to the Sips model. IE-96 had a 

lower affinity for strontium than IE-911, with qm = 87 mg/g at pH 8 and 81 mg/g at pH 10. Bone 

char exhibited the lowest sorption capacity, with qm = 6.4 mg/g at pH 8 and 8.4 mg/g at pH 10.  

Table 4.8 Strontium Uptake (%) by IE-96, IE-911, and Bone Char 

Sorbent 

Initial mM 

Strontium 

(Co) 

pH 8 pH 10 

% Uptake Kd (mL/g) 

% 

Uptake Kd (mL/g) 

IE-96 
1.12 99 6,730 99 6,410 

11.4 72 210 76 250 

IE-911 
4.61 > 99 68,200 > 99 59,300 

17.2 93 880 94 1,020 

Bone Char 
0.51 84 280 84 280 

1.02 75 150 78 190 

Uptake reported to nearest percentage (± 0.5%). Error in Kd: ± 5% 

 

4.3.3 Selectivity 

 Selectivity factors for each of the sorbents are shown in Table 4.9. IE-911 sorbed all or 

most of the calcium in the GWS but maintained selectivity for strontium, even at the highest 

concentration tested. Results of ICP-OES measurements are shown in Table 4.10. IE-96 was less 

selective for strontium than IE-911. Percent sorption of Ca2+ by IE-96 nearly matched that of Sr2+ 

at all strontium concentrations tested. Bone char had the lowest strontium sorption capacity but 

was selective for Sr2+ over Ca2+ at the highest concentration tested. Each of the sorbents exhibited 

a high degree of selectivity for strontium over magnesium. The interaction between bone char and 

magnesium in GWS was particularly interesting. The bone char used in these experiments 

contains between 0.3 and 0.5% Mg by weight (Ebonex Data Sheet). Equilibrium concentrations 

of magnesium in contact solutions were higher than the initial concentration of Mg2+ in GWS. 
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This indicates exchange occurred between magnesium naturally present in the hydroxyapatite 

lattice and strontium in GWS. The results of previous studies have shown incorporation of Mg2+ 

likely occurs at the Ca(I) site, and that substitution of Ca2+ by Mg2+ introduces lattice strain that 

destabilizes the hydroxyapatite structure.47,48 This may be a factor underlying the slower sorption 

kinetics observed in bone char. 

Table 4.9 Selectivity Factors for Sr vs. Ca and Mg at pH 8 in GWS 

Sorbent 

Co (mM)  

F (Sr/Ca) F (Sr/Mg) Sr Ca Mg 

IE-96 2.25 

2.38 1.46 

1.6 7.6 

IE-911 6.85 5.4 14 

Bone Char 1.10 2.6 * 

* Mg released into solution following contact with bone char. 

 

Table 4.10 Uptake (%) of Sr, Ca, and Mg by Sorbents at pH 8 in GWS Determined by ICP-OES 

Sorbent 

Co Sr 

(mM) 

% Uptake 

Sr Ca Mg 

IE-96 

1.10 98 96 85 

6.85 87 87 45 

11.2 73 73 27 

IE-911 

6.85 > 99 99 96 

12.6 98 95 73 

17.2 92 83 42 

Bone Char 

0.41 83 64 -56* 

0.83 80 58 -55* 

1.10 78 57 -62* 

* Mg released into solution following contact with bone char. 

Uptake reported to nearest percentage (± 0.5%). 

  

 Calcium and magnesium ions in groundwater simulant were expected to compete with 

strontium for sites on each of the sorbents. The term β in the Sips equation may be interpreted as 

a measure of the variance of distribution coefficients about an average Kd.
46,49,50 This variance 

may be the result of sorbent surface heterogeneity, lateral interactions (e.g. electrostatic 

repulsion) between ions at the liquid/solid interface, or both.51 Sorbates may exhibit positive 

cooperativity (β > 1), in which case the presence of one species enhances sorption of another. If 0 

< β < 1, negative cooperativity is indicated, meaning the presence of one species impedes 
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sorption of another. β = 1 implies Langmuir sorption, meaning that non-ideal sorption due to 

surface heterogeneity and competition for sorbent sites is absent. As β approaches unity, the 

spread in the distribution coefficient due to heterogeneity decreases. The values of the Sips 

parameter β obtained for IE-96 (0.5399 ≤ β ≤ 0.6180) and IE-911 (0.4085 ≤ β ≤ 0.4303) are 

consistent with negative cooperativity between Sr2+, Ca2+, and Mg2+. The higher values of β 

calculated for bone char may result from cooperativity between Sr2+ and anions associated with 

the hydroxyapatite surface.  

4.3.4 Impact of Metal-Carbonate Speciation 

  Under the experimental conditions, HCO3
- is the dominant carbonate species at pH 8, 

while the ratio of  HCO3
- to CO3

2- at pH 10 is about 1:1. The amount of SrCO3 that can precipitate 

is limited by the concentration of carbonate in the GWS, so the relative proportion of strontium 

lost to precipitation is expected to decrease as its concentration is increased. Results of ICP-OES 

determinations of equilibrium Sr, Ca, and Mg concentrations, shown in Table 4.11, reflect this 

trend. The equilibrium strontium concentration (Ce) at pH 8 is about 3.7% lower than the initial 

concentration (Co) of 2.25 mM, while the Ce at pH 10 is nearly 17% lower than Co. When the 

initial strontium concentration was increased to 17.2 mM, Co and Ce agreed to within 1% at pH 8 

and to within 3% at pH 10. Results for calcium show a similar pattern, although the proportion 

lost to precipitation above pH 10 was greater than that for strontium. Increased pH had little 

effect on magnesium. Mg concentrations at pH 8 differed from those at pH 10 by less than 1.3 %. 

In the uptake experiments, qm for IE-911 and IE-96 was slightly higher at pH 8 than qm at pH 10. 

We attribute this difference to precipitation of SrCO3 at pH 10, which reduced the amount of 

strontium available for uptake by the sorbents. For IE-96, the difference between qm at pH 8 and 

pH 10 was 6.0%. The differences were 0.4 % and 0.5% for IE-911 and bone char, respectively, 

which fell within experimental error.   
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Table 4.11 Equilibrium Concentrations of Sr, Ca, and Mg in GWS (No Sorbent) at pH 8 and pH 

10.1 Determined by ICP-OES 

Strontium Ce (mM) Calcium Ce (mM) Magnesium Ce (mM) 

pH 

8.0                10.1 

pH 

8.0               10.1 

pH 

8.0              10.1 

2.2 ± 0.1 1.9 ± 0.1 2.6 ± 0.1 1.6 ± 0.1 1.6 ± 0.1 1.6 ± 0.1 

8.0 ± 0.4 7.6 ± 0.4 2.6 ± 0.1 1.9 ± 0.1 1.6 ± 0.1 1.5 ± 0.1 

17.2 ± 0.9 16.7 ± 0.8 2.7 ± 0.1 1.8 ± 0.1 1.5 ± 0.1 1.5 ± 0.1 
 

4.4 Summary 

 Strontium sorption by IE-96 and IE-911 reaches equilibrium quickly and follows pseudo-

second order kinetics. Uptake of strontium by each of these sorbents occurs very rapidly in the 

first 60 minutes following contact, indicating ion exchange is the primary mechanism of sorption. 

The pseudo-second order kinetic model provides a good fit for bone char near equilibrium, but 

the Elovich model is a better predictor of qt between one and three hours after contact. This 

implies that strontium sorption in bone char is controlled by more than one rate-determining 

process. These include electrostatic interactions between strontium cations and negatively 

charged groups on the HAP surface in the first 60 minutes of contact, followed by slower 

exchange of calcium with strontium at two sites (CaII and CaI) in the HAP lattice. Each of the 

sorbents is selective for strontium over calcium and magnesium in GWS. IE-911 removed more 

than 99% of strontium from GWS containing 4.61 mM strontium, while bone char removed 84 % 

from GWS containing 0.51 mM strontium. IE-96 exhibited the lowest selectivity for strontium 

over calcium, but still removed 99% of strontium from GWS at 1.12 mM Sr. The Sips model 

performed better than either the Langmuir or Freundlich model in predicting equilibrium sorption 

capacity, qe, for IE-96 and IE-911. The Sips and Langmuir models were comparable in predicting 

qe in bone char. 
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4.5 Notation 

 

Co  Initial sorbate liquid phase concentration (mg/L) 

Ct  Sorbate liquid phase concentration at time = t (mg/L) 

Ce  Sorbate liquid phase concentration at equilibrium (mg/L) 

qt  Sorbate solid phase concentration at time = t (mg/g) 

qe  Sorbate solid phase concentration at equilibrium (mg/g) 

k1  Pseudo-first order rate constant (min-1) 

k2  Pseudo-second order rate constant (g/mg*min) 

h  Pseudo-second order initial adsorption rate (mg/g*min) 

a  Elovich initial adsorption rate (mg/g*min) 

b  Elovich desorption constant (g/mg) 

∆qt   Error in qt (%) 

∆qe   Error in qe (%) 

KL  Langmuir affinity constant (L/mg) 

qm  Maximum sorption capacity (mg/g) 

KF  Freundlich constant (mg/g)*(L/mg)1/n 

1/n  Freundlich constant (unitless) 

β  Sips isotherm constant (unitless) 

KS  Sips affinity constant (L/mg) 

F  Selectivity factor 

r2  Coefficient of determination 

MPSD  Marquardt's percent standard deviation (∆qt %, ∆qe %) 
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Abstract  

 Three commercially available inorganic sorbent materials were tested for uptake of 

strontium and uranium from simulated alkaline groundwater containing 2.6 mM Ca and 1.16 mM 

inorganic carbonate. The influence of uranium on strontium and calcium speciation in the 

groundwater simulant (GWS) was evaluated experimentally at pH 8 and pH 10 at U 

concentrations of 0.01 - 0.03 mM. Uptake of uranium by each sorbent from GWS was measured 

at each U concentration at pH 8 and pH 10, and the impacts of uranium on strontium uptake 

determined. Uranium speciation in GWS was modeled with PHREEQC 3.3.7 and MINTEQ 3.1. 

Equilibrium concentrations of Sr, U, and Ca calculated with each program were compared to 

experimentally determined values, and the speciation of uranium considered in the context of 

surface complexation of aqueous uranyl tris-carbonato species on each sorbent.   
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5.1 Introduction  

 A number of cation-exchanging sorbent materials have been or are currently used to 

immobilize radioactive strontium and uranium from waste streams and contaminated groundwater 

at U. S. Department of Energy (DOE) and Department of  Defence (DOD) sites. IONSIV™ IE-

911 is an engineered, niobium-substituted crystalline silicotitanate (Nb-CST) sold by UOP (Des 

Plaines, IL) as H2NaSi2(Nb0.3Ti0.7)4O13(OH)▪4H2O with Zr(OH)4 binder.1,2 Crystalline 

silicotitanate (CST) materials are widely recognized for their exceptional selectivity for cesium3,4 

and strontium.5 A number of silicotitanates are also known to form surface complexes with the 

uranyl ion, UO2
2+.6,7 Nanocrystalline anatase TiO2 has been used to treat alkaline water 

contaminated with depleted uranium.8 Bone char is a naturally derived inorganic sorbent obtained 

through calcination of animal remains in a low-oxygen atmosphere. It is 85-90% 

Ca10(PO4)6(OH)2 (hydroxyapatite) and roughly 10% activated carbon by weight. Hydroxyapatite 

contains various functional groups that, when negatively charged, sorb metal cations. Carboxyl 

and carbonate groups in bone char also attract cations at alkaline pH.9 Bone char is an 

inexpensive sorbent available in large quantities and is hence of interest for the treatment of waste 

streams containing metal pollutants.10–12 Uptake of strontium, including radiostrontium, by 

hydroxyapatite in aqueous media is well-documented.9,13–15 
As components of permeable reactive 

barriers (PRBs), hydroxyapatite and bone char are also effective in immobilizing uranium in 

groundwater.16–18 IONSIV™ IE-96 is a synthetic chabazite zeolite manufactured by UOP (Des 

Plaines, IL). It was developed specifically to remove Cs+ from nuclear waste streams, although it 

is selective for  Sr2+ over other divalent cations and Na+.19 Depending on the aqueous medium in 

which it is used, its cation exchange capacity ranges from 2.0 to 2.8 meq/g.20,21  

 In a previous study, we determined the strontium uptake kinetics and sorption capacities 

of IE-911™, IE-96™, and bone char in groundwater simulant (GWS) formulated to match the 

composition of groundwater obtained from the 200 Area of the Hanford Site.22 In both Hanford 
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well water and the GWS, calcium and magnesium are present in high concentrations, about 2.6 

mM and 1.5 mM, respectively. Carbonate is also present in high concentrations in alkaline 

groundwater and is a major determinant of the speciation of alkaline earth metals in GWS. HCO3
- 

and CO3
2- are present in nearly equal concentrations at pH 10.1, so precipitation of SrCO3 and 

CaCO3 must be considered in an analysis of strontium sorption in groundwater above pH 8. 

Given its importance in Hanford groundwater and vadose zone sediments, the influence of 

uranium on alkaline earth metal speciation is also of interest. In order to assess what effect, if any, 

uranium has on strontium uptake by each of the sorbents, the current study has two aims. The first 

is to determine how the presence of uranium influences speciation of the alkaline earth metals in 

GWS. The second is to measure uptake of uranium by each of the sorbents in GWS under 

experimental conditions, i.e. in the presence of alkaline earth metals and carbonate. Competition 

between ions for sorbent sites, the effects of carbonate, and uranium uptake are investigated 

experimentally. Uranium speciation is modeled with PHREEQC 3.3.7 and MINTEQ 3.1, 

software packages commonly used for aqueous geochemical calculations and speciation 

modeling.23,24  

5.2 Materials and Methods 

5.2.1 Sorbents  

 IONSIV™ IE-911 and IONSIV™ IE-96 were manufactured by UOP (Des Plaines, IL). 

Bone char was obtained from Ebonex. Sorbents were used as received, without further 

processing, to reflect conditions in typical applications. The moisture content of the sorbents was 

determined by placing weighed portions of the as-received materials in a 100 °C oven and drying 

them to constant mass. A correction factor for each sorbent was obtained by dividing the mass of 

the dried material by its as-received mass: MDRY/MRECEIVED.25 The as-received mass for each 

sample was then multiplied by the correction factor to obtain a dry mass used in calculations. 
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5.2.2 Groundwater Simulant (GWS) and Working Solutions 

 GWS was prepared to simulate the composition of groundwater obtained from the 200 

Area of the Hanford Site in Richland, WA using ultrapure (UV irradiated, 18 MΩ-cm specific 

resistance) water and reagent grade chemicals.26 GWS contents and their concentrations are 

shown in Table 5.1. The pH of the GWS was 7.90 (± 0.02) at 21.5 °C. A 1.071 M strontium stock 

solution was prepared by dissolving 11.3324 g anhydrous Sr(NO3)2 (Mallinckrodt) in 50 mL of 

ultrapure water and used for all subsequent dilutions in GWS. 1007 mg/L (± 4 mg/L) UO2 

reference standard in 2% HNO3 (Inorganic Ventures, Inc.) was used to prepare uranium solutions 

in GWS.  

Table 5.1 Composition of Groundwater Simulant (GWS) 

Cations mM Anions mM 

Calcium 2.64 Alkalinity (as HCO3
-) 1.16 

Magnesium 1.50 Nitrate 5.11 

Sodium 3.97 Sulfate 0.52 

Potassium 0.18 Chloride 5.11 

 

5.2.3 Determination of Metal Concentrations by ICP-OES 

 Analysis of Sr, Ca, and U in experimental solutions was performed by inductively-

coupled plasma optical emission spectroscopy with a JY 2000 ICP-OES (Horiba Scientific). 

Experimental conditions are shown in Table 5.2. Prior to use, the instrument was calibrated with 

certified NIST-traceable standards containing analytes at 50, 500, and 5000 μg/L (0.05-5 ppm). 

Detection limits for Sr, Ca, and U were determined to be 2.91, 4.73, and 66.40 (± 0.01) μg/L, 

respectively. Prior to ICP analysis, each sample solution was filtered through a 0.20 μm nylon 

filter and diluted with 2% HNO3 (v/v in ultrapure water) to obtain analyte concentrations within 

the range of the standards (1-5 ppm).  
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Table 5.2 ICP-OES Instrumental Settings 

Operating Conditions 

RF power generator: 1050 W Sample uptake: 1 mL/min 

Plasma gas (Ar) flow rate: 12 L/min Spray chamber type: cyclonic 

Auxiliary gas flow rate: 0 L/min  Argon humidifier: no 

Sheath gas flow rate: 0.2 L/min Injector tube diameter: 3.0 mm 

Nebulizer gas flow rate: 1.25 L/min Pump: 12-roller dual-head peristaltic 

Nebulizer pressure: 3 bars (45 psi)  

Nebulizer type: concentric  

Spectrometer 

Mounting: Czerny-Turner Focal Length: 0.64 m 

Entrance Slit Width: 20 μm Grating: 2400 gr/mm 

Exit Slit Width: 15 μm  
 

5.2.4 Sorption Experiments 

 Sorption experiments with bone char were performed in GWS containing 0.57 mM Sr 

and 0 - 2.0 x 10-2 mM U. Sorption experiments with IE-96 and IE-911 were performed in GWS 

containing 2.04 mM Sr and 0 - 3.0 x 10-2 mM U. Prior to contact with the sorbents, solutions 

were adjusted to pH 7.90 (± 0.06) or pH 10.08 (± 0.04) using a Thermo Orion pH meter and 

pH/ISE probe calibrated with pH 4.0, 7.0, and 10 standards.  0.5 M NaOH and 0.3 M HNO3 were 

used to adjust pH as needed, with a minimum of 15 minutes allowed for equilibration.  

 For each sample, 0.15 g of sorbent was taken up in 10.0 mL of working solution in a 15-

mL polypropylene tube. Duplicates were made at each concentration and pH. Tubes were 

inverted to mix and placed on an end-over-end shaker at ambient temperature. Based on the 

results of previous kinetics experiments22, bone char was shaken for 65 hours (average 

temperature 22 °C), and IE-96 and IE-911 were shaken for 6.5 hours at 22 °C. Following 

equilibration, the sorbents were allowed to settle overnight at ambient temperature. 

Approximately 7 mL of supernatant was taken from each sample and filtered through a 0.20 μm 

nylon filter into a fresh polypropylene tube. Filtrates were diluted with 2% HNO3 (v/v in 

ultrapure water) to obtain U, Sr, and Ca concentrations of 1-5 ppm for analysis by ICP-OES. 

Reference GWS solutions containing the same concentrations of uranium and strontium were 
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processed without sorbent to assess equilibrium concentrations of  U, Sr and Ca under the 

experimental conditions. The reference solutions were equilibrated for 24 hours on an end-over-

end shaker at ambient temperature. An aliquot from each solution was then filtered through a 0.20 

μm nylon filter into a fresh polypropylene tube and analyzed in the same manner as the solutions 

contacted with sorbent. The equilibrium concentrations of U, Sr, and Ca in the reference solutions 

were used in all subsequent calculations. 

 The following mass balance equation was used to determine the amount of sorbate sorbed 

per gram of sorbent at equilibrium: 

    qe = (Co – Ce) * V/M    (5.3.A) 

where qe is the amount of sorbate sorbed per gram of sorbent (mg/g), Co is the equilibrium sorbate 

concentration in the spiked reference solution (mg/L), Ce is the concentration of sorbate in 

solution contacted with the sorbent (mg/L) at equilibrium, V is the sample volume (L), and M is 

the sorbent mass (g). To quantify the efficiency of Sr and U removal by each of the sorbents, the 

distribution coefficient, Kd (mL/g), was calculated by 

    Kd = 
        

  
  x  

 

 
 ,    (5.3.B) 

where Co is the initial concentration of Sr or U in GWS (mol/L), Ce is the equilibrium 

concentration of the metal in GWS (mol/L), V is the sample volume (mL), and M is the sample 

mass (g). 

5.2.5 Mass Balance of Uranium in Saturated Sorbents 

To confirm that U in contact with the sorbents was truly sorbed, the fate of U in GWS 

contacted with the sorbents was monitored by UV-visible spectroscopy and ICP-OES. GWS 

solutions containing 1 mM U or 1 mM U + 0.01 M Sr were adjusted to either pH 7.90 (± 0.02) or 

10.10 (± 0.05) prior to contact with the sorbents. 0.15 g sorbent was suspended in 7.0 mL contact 

solution, for a total of four contacts per sorbent. Contact mixtures were placed on an end-over-
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end shaker at ambient temperature for 72-96 hours to saturate the sorbents. The supernatants were 

reserved, and each sorbent was washed three times with 3.0 mL volumes of ultrapure water.  

U concentrations in the supernatants and each of the wash solutions were determined by 

the arsenazo III method27 with a Cary 6000i UV-visible spectrophotometer. For each sample, 0.1 

mL of 1.25 mM arsenazo, 0.6 mL 2M HClO4, and 0.025 to 0.30 mL of sample solution were 

added to a 1 cm cuvette. If needed, ultrapure water was added to obtain a final volume of 1.0 mL 

per sample for analysis. U concentrations in the calibration and experimental samples were 

determined by measuring absorbance at 651 nm. 

The percentage of uranium recovered in the washes was calculated by 

   

 % U wash =   
                  

    
  x 100,    (5.3.C) 

 

where V1, V2, V3 and C1, C2, and C3 are the volumes (L) and concentrations (mM) of wash 

solutions 1-3, respectively. CoVo is the amount of uranium (mmol) in the initial contact solution. 

 The washed sorbents were microwave digested, and U concentrations in the digested 

mixtures were determined by ICP-OES under the conditions listed in Table 5.2. ICP-OES was 

used for analyzing the digested samples, because certain elements in the dissolved sorbents (e.g. 

Ti, Zr) interfered with measurement by the arsenazo III method. Bone char was digested in 10 mL 

70% HNO3, while 35% HNO3 was used to digest contacted IE-911 and IE-96. A small amount of 

70% HF was added to facilitate dissolution of the CST and zeolite in a total volume of 10 mL. 

Following digestion, the solutions were diluted to obtain U concentrations of 1-5 ppm for 

analysis. The total % recovery of uranium from each contacted sample was calculated from the 

amount of U (mmol) found in the supernatant (U supernatant) and rinses (U wash) plus the amount 

recovered from the digested solid (U sorbent), compared to the initial amount of uranium if the 

sample: 
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 Total % U Recovery =  U supernatant + U wash + U sorbent    (5.3.D) 

          CoVo  
 

5.2.6 Analysis of Sorbents 

 Structures of the sorbents before and after saturation with 0.1 M strontium or 1 mM 

uranium in ultrapure water were analyzed by powder X-ray diffraction (XRD). Fourier transform 

infrared attenuated total reflectance spectroscopy (FTIR-ATR) was carried out on sorbents before 

and after saturation with either 1 mM U or 1 mM U + 0.01 M Sr in GWS. Prior to analysis, the 

contacted sorbents were suspended in ultrapure water (10 mL/0.1 g sorbent), collected by 

centrifugation, and dried under vacuum.  

Powder-XRD analysis was performed on a Rigaku Ultima IV diffractometer equipped 

with a sealed tube X-ray source, operating at 40 kV and 40 mA with a copper target. Data was 

collected at room temperature between 10° and 90° in 2θ with a step size of 0.0500 degree at a 

speed of 2.00 degrees/minute. Diffraction patterns were analyzed with the PDXL software suite, 

and the identities of the sorbents were confirmed by matching the collected patterns with entries 

in the International Center for Diffraction Data (ICDD) database and the Crystallography Open 

Database (COD). FTIR-ATR was performed with a ThermoFisher FTIR fitted with a Smart iTR 

diamond plate ATR accessory. 

5.3 Results and Discussion 

5.3.1 Speciation of Metals in GWS Solutions 

 

The equilibrium speciation of alkaline earth metals and uranium in carbonate-rich 

groundwater is quite complicated. The solubility constants and large formation constants of the 

carbonate complexes of the UO2
2+, Sr2+ and Ca2+ ions suggest carbonate complex formation may 

reduce the concentration of metals available for the sorption process. To assess these effects in 

our experiments, the concentrations of U, Sr, and Ca in GWS were determined following 24 

hours of agitation. Results are summarized in Table 5.3.  
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Table 5.3 Experimental Equilibrium Concentrations of U, Sr, and Ca in Groundwater 

 Simulant 

Initial Concentration 

24 Hour Equilibrium Concentration 

100 x U (mM) Sr (mM) Ca (mM) 

Sr, Ca 

(mM) 

[U] 

x 100 

(mM) pH 8 pH 10 pH 8 pH 10 pH 8 pH 10 

2.04 mM Sr 

2.64 mM Ca 

0 ----- ----- 1.9 ± 0.1 1.5 ± 0.1 2.5 ± 0.1 2.0 ± 0.1 

1.00 0.9 ± 0.1 1.0 ± 0.1 1.9 ± 0.1 1.9 ± 0.1 2.5 ± 0.1 2.4 ± 0.1 

2.00 1.8 ± 0.1 1.9 ± 0.1 1.9 ± 0.1 1.9 ± 0.1 2.3 ± 0.1 2.1 ± 0.1 

3.00 3.0 ± 0.1 3.0 ± 0.1 1.8 ± 0.1 1.8 ± 0.1 2.1 ± 0.1 2.1 ± 0.1 

        

 In solutions containing no sorbent, precipitation of SrCO3 and CaCO3 in GWS at pH 10 

was significantly reduced when uranium was added due to aqueous uranyl carbonate complex 

formation. In solutions containing no uranium, the equilibrium concentration (Ce) of strontium at 

pH 10 was over 22% lower than its Ce at pH 8. In contrast, the strontium Ce at pH 10 differed 

from its Ce at pH 8 by less than 1% in all solutions containing uranium. The Ce of calcium at pH 

10 was 21% lower than its Ce at pH 8 in the absence of uranium. In GWS containing 1.0 x 10-2 or 

3.0 x 10-2 mM U, equilibrium concentrations of calcium at pH 8 and pH 10 differed by ≤ 3%. The 

difference between calcium equilibrium concentrations at pH 8 and 10 was greater (~9%) in the 

solutions containing 2 x 10-2 mM U.  

 The equilibrium uranium concentrations (Ce) measured by ICP-OES in GWS spiked to 1 

- 2 x 10-2 mM U at pH 8 differed from their calculated initial concentrations (Co) by 8.6 and 9.0 

%, respectively (Table 5.3). We attribute this difference primarily to the relatively high detection 

limit and weak emission intensity of uranium at 385.958 nm. The uranium emission at 385.958 

nm is considered to be the most reliable for quantitation by ICP-OES, but its intensity is ~80% 

lower than any of the emissions used for calcium, strontium, or magnesium quantitation. 

Complexation with carbonate prevents precipitation of uranium at pH ≥ 8 in oxygenated 

carbonate-bearing waters through formation of aqueous anionic species, as shown in Figure 5.1.28 

The aqueous Ca2UO2(CO3)3 and CaUO2(CO3)3
2- species predominate in groundwater at pH ~8 in 
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the presence of 2-3 mM calcium.29,30 When the initial uranium concentration (Co) was increased 

to 3 x 10-2 mM, the difference between uranium Co and Ce was reduced to 1.7% at each pH, 

confirming that U did not precipitate even at the highest concentration tested.   

 

 
 

Figure 5.1.  Speciation of U(VI) in Groundwater Modeled with PHREEQC in the Absence of 

Ca2+ (left) and at pH 8.0 with Varying [Ca2+] (right). Left: adapted from Katsoyiannis.28 Right: 

adapted from Dong & Brooks.31 

 

 Given these results, the small decreases in the equilibrium concentrations of calcium and 

strontium observed in GWS with increasing uranium concentration could not be attributed to 

precipitation of solid uranyl carbonate phases. Rather, Ca2+ and Sr2+ are both expected to form 

aqueous ternary complexes with uranium and carbonate in the alkaline GWS. Ca2UO2(CO3)3 has 

been identified as the predominant uranyl species in multiple studies conducted with Hanford 

groundwater and sediment32,33, and SrUO2(CO3)3
2- is expected to form in this system in the 

presence of strontium.31,34,35 Results of our MINTEQ and PHREEQC simulations support this 

conclusion. 

 5.3.2 Impact of Uranium on Strontium Uptake and Sorption of Uranium 

 Percent removal and the distribution ratios (Kd) of both Sr and U in GWS were calculated 

with the initial Sr and U concentrations corrected to their measured equilibrium values (Table 

5.3). Percent removal and Kd values for Sr and U are summarized in Tables 5.4 and 5.5, 

respectively. Equilibrium sorption capacities (qe) for Sr in each of the sorbents were in good 
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agreement with the results of previous experiments22, indicating that U at the applied 

concentrations has little effect on strontium uptake by the sorbents. The free UO2
2+ ion is not 

present in solutions containing carbonate at or above pH 7, as shown in the speciation diagram in 

Figure 5.1.28 When uranium is present in the form of stable aqueous carbonate complexes, it does 

not directly compete with strontium for sites in the sorbents.  

 Bone char displayed the highest affinity for U, with the equilibrium concentration of 

uranium (Ce) falling near or below the detection limit in all contact solutions at pH 8 and pH 10 

(Table 5.5). Between 89% and 93% of U was removed from solutions contacted with IE-911 at 

pH 8, with uptake increasing as the initial concentration of U was increased from 1.0 x 10-2 mM 

to 3.0 x 10-2 mM. Removal of U from solutions at pH 10 followed the same pattern, with uptake 

ranging from 91% to 94%. IE-96 exhibited the lowest uptake, and removal of U appeared to be 

highly dependent on pH. Virtually no uptake was observed at pH 8, while at pH 10, 25% U was 

removed from the 1.0 x 10-2 mM U solution. U removal from IE-96 contact solutions at pH 10 

was attributed primarily to precipitation. 

Table 5.4 Removal (%) of Strontium from GWS in Samples Contacted with Sorbents 

Sorbent & 

Initial [Sr] 

Initial [U]  

x 100 

(mM) 

% Sr Removed 

from GWS Sr Kd (mL/g) Strontium qe (mg/g) 

pH 7.9 pH 10.1 pH 7.9 pH 10.1 pH 7.9 pH 10.1 

Bone Char 

0.57 mM 

0 72 74 170 235 2.3 ± 0.2 2.2 ± 0.2 

0.75 69 74 179 196 2.4 ± 0.2 2.0 ± 0.2 

1.00 71 74 153 194 2.2 ± 0.2 2.1 ± 0.2 

1.25 71 77 173 194 2.3 ± 0.2 2.1 ± 0.2 

1.50 69 71 150 166 2.1 ± 0.2 2.1 ± 0.2 

2.00 69 72 155 175 2.2 ± 0.2 2.2 ± 0.2 

IE-911 

2.04 mM 

0 > 99 > 99 38,710 12,020 11.7 ± 0.5 9.1 ± 0.5 

1.00 > 99 > 99 68,520 55,840 11.7 ± 0.5 11.7 ± 0.5 

2.00 > 99 > 99 67,765 55,700 11.6 ± 0.5 11.6 ± 0.5 

3.00 > 99 > 99 64,950 53,610 11.1 ± 0.5 11.2 ± 0.5 

IE-96 

2.04 mM 

0 98 97 3330 2760 13.2 ± 0.5 10.2 ± 0.5 

1.00 98 98 3160 3220 13.1 ± 0.5 13.1 ± 0.5 

2.00 97 98 2990 3160 12.9 ± 0.5 13.0 ± 0.5 

3.00 97 97 2720 2820 12.4 ± 0.5 12.5 ± 0.5 

Sr removal reported to nearest percent (± 0.5%). Error in Kd: ± 6% 
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Table 5.5 Removal (%) of Uranium from GWS in Samples Contacted with Sorbents 

Sorbent 

pH 7.9 pH 10.1 

Reference 

Solution 

Equilibrium 

[U] x 100 

(mM) 

% U 

Removed 

from 

GWS 

U Kd 

(mL/g) 

Reference 

Solution 

Equilibrium 

[U] x 100 

(mM) 

% U 

Removed 

from 

GWS 

U Kd 

(mL/g) 

Bone Char 

0.57 mM Sr 

0.7 ± 0.1 99 6585 0.6 ± 0.1 > 99 ** 

0.9 ± 0.1 > 99 ** 0.9 ± 0.1 > 99 ** 

1.1 ± 0.1 98 3750 1.1 ± 0.1 99 4840 

1.4 ± 0.1 > 99 ** 1.3 ± 0.1 98 3790 

1.8 ± 0.2 > 99 ** 1.8 ± 0.2 99 4715 

IE-911 

2.04 mM Sr 

0.9 ± 0.1 89 550 1.0 ± 0.1 91 675 

1.8 ± 0.1 93 940 1.9 ± 0.1 94 1080 

3.0 ± 0.1 93 960 3.0 ± 0.1 91 740 

IE-96 

2.04 mM Sr 

0.9 ± 0.1 3 2 1.0 ± 0.1 25 27 

1.8 ± 0.1 * * 1.9 ± 0.1 13 13 

3.0 ± 0.1 7 6 3.0 ± 0.1 13 12 

*No uptake observed. 

**No U detected in solution (Ce ≈ 0). Kd could not be calculated. 

U removal reported to nearest percent (± 0.5%). Error in Kd:  ± 10% 

 

5.3.3 Characterization of Sorbents 

XRD Results 

  Bone Char. The XRD pattern of the bone char sample (Figure 5.2) matches that of apatite 

A (PDF card no. 01-072-7532), with the chemical formula Ca10(PO4)6[(CO3)x(OH)2-2x], space 

group P  . The diffraction pattern and unit cell parameters (a = 9.4381(5) Å, b = 9.4381(5) Å, c = 

6.8674(7) Å) are in close agreement with database entries and published data.36 A peak at 2θ = 

27.7 °, visible in the pattern of the Sr-contacted bone char sample, is not present in the pattern of 

non-contacted bone char. Zhu et al. observed a peak at this position in the diffraction pattern of 

HAP with a Sr/(Ca + Sr) molar ratio of ~0.3, the intensity of which increased with increasing 

strontium content.37 The authors also noted a shift of this peak and the peak at 25.9 ° to lower 

angles as more strontium was incorporated into the HAP lattice. Bigi et al. made similar 

observations as the Sr/(Ca + Sr) molar ratio of synthetic HAP was increased from 0 to 1, and 

broadening of the peaks at 27.7 ° and 25.9 ° was attributed to reduced crystallinity in Sr-

substituted HAP.38  
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A slight expansion of each axis (a = 9.4740(2) Å, c = 6.9107(8) Å) was observed in our 

bone char sample following contact with strontium. This is consistent with previous reports on 

incorporation of Sr2+ into synthetic HAP,37–39 which have shown that the unit cell dimensions of  

HAP increase linearly with an increase in the Sr/(Ca + Sr) molar ratio. 

 

 
 

Figure 5.2. XRD Patterns of Bone Char (A) and Bone Char Contacted with 0.1 M Sr (B). 

Differences attributed to Sr incorporation into the HAP lattice are indicated by arrows. 

 

IE-911. Powder XRD analysis identified IE-911 as H0.5Na(Nb0.5Ti1.5)O3(SiO4)▪2H2O 

(COD entry 1533682), space group P42/mcm. All reflections in its diffraction pattern, shown in 

Figure 1 of Appendix C, align with the inorganic crystal structure database (ICSD) pattern for 

Nb-substituted CST, and unit cell parameters are in good agreement with published data.40 IE-911 

contacted with strontium was identified as Sr0.2Na0.7H0.4(Nb0.5Ti1.5)O3(SiO4)▪H2O (COD entry 

1533694; PDF card no. 01-074-8702). The diffraction pattern (Appendix C Figure 1) and unit cell 

parameters are in close agreement with published data.41  

IE-96. IE-96 contains a proprietary mixture of chabazite and erionite (Appendix C Figure 

2). All reflections can be assigned to either chabazite Na (PDF card no. 01-088-1261) or erionite 

(PDF card no. 00-039-1379). No changes were observed in the pattern of IE-96 contacted with 

strontium.  
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The XRD pattern of each of the sorbents contacted with uranium matched that of the 

respective material prior to contact. This indicates that either i) uranium was not sorbed and was 

removed in the washing step, or ii) sorbed uranium formed a stable complex on the sorbent that 

did not alter its crystal structure. 

FTIR Results 

 Bone Char. In the spectra of bone char (Appendix C Figure 5), bands at 1411 and 1452 

cm-1 are due to the υ3 stretching modes of carbonate, while the band at 872 cm-1 is the carbonate 

bending mode, υ2.
42,43 The broad band centered at ~1580 cm-1 is attributed to the υ3 stretching 

mode of carbonate in apatite A.44,45 The symmetric P-O stretching frequency (υ1) is observed at 

961 cm-1, and the antisymmetric P-O stretching vibration (υ3) is seen at 1085 cm-1.46 The most 

intense band is observed in both spectra at 1019 cm-1. This band may be due to nonstoichiometric 

apatite containing HPO4
2-.47,48 Bands at 600 and 560 cm-1 are attributed to the triply degenerate 

antisymmetric P-O bending mode, υ4.
45

 

 IE-911. In the FTIR spectra of  IE-911 (Appendix C Figure 3), bands generated by the Si-

O-Ti vibrational modes and Si-O-Si bending modes appear from 560 to 660 cm-1.1,49 Bands 

between 780 and 960 cm-1 are attributed to Si-O-Si and Ti-O stretching, while the band at 1653 

cm-1 is due to water sorbed to the silicotitanate surface.50 Slight shifts to 856 and 789 cm-1 from 

864 and 781 cm-1 are visible in the spectrum of the Sr contact. This may be due to distortion of 

the crystalline silicotitanate structure caused by the replacement of Na+ and H+ with Sr2+ within 

the tunnels of the sorbent.  

IE-96. Vibrations between 550 and 620 cm-1 in the spectrum of uncontacted IE-96 

(Appendix C Figure 4) are typical of the double six-membered ring structures (6MRs) found in 

chabazite.51,52 Bands at 720 and 780 cm-1 may be attributed to Si-O-Al and Si-O-Si internal 

stretching vibrations in the chabazite four-membered rings (4MR), as is the most intense band at 

1013 cm-1.51  
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 Consistent with results of the XRD analysis, no structural changes were indicated in the 

FTIR spectra of the sorbents contacted with uranium. The asymmetric stretching vibration of 

sorbed UO2
2+ in the 900-935 cm-1 region has been reported for various humic substances53 and 

anatase TiO2.
8 No shifts or changes in intensity in this region were observed in the spectra of our 

uranium-contacted sorbents. 

 5.3.4 Mass Balance of Uranium in Saturated Sorbents 

 To explain the absence of features typical of uranium compounds in the XRD patterns 

and FTIR spectra of the U-contacted sorbents, the mass balance of uranium in GWS solutions 

was evaluated in a saturation experiment using a 100-fold increased concentration of  U and 

0.01M Sr. Quantities of uranium found in the contact solutions, washes, and digested solids are 

summarized in Table 5.6.  

Between 7 and 20 % of the uranium in solutions contacted with bone char was found in 

the contact supernatants and washes. Between 82 and 89% of the remaining U was detected in the 

microwave-digested bone char samples. U recovery from the bone char sample contacted with 

GWS containing 0.01 M Sr and 1 mM U at pH 8 was ~5% lower than that from bone char 

contacted with uranium alone, while at pH 10, U recovery was about 10% lower. 

The majority of uranium (88-98%) in solutions contacted with IE-96 was detected in the 

contact supernatants and washes, consistent with results of the uranium uptake experiment. No U 

was detected in microwave-digested IE-96 samples analyzed by ICP-OES, indicating no U was 

retained by the sorbent. Recovery of uranium from the IE-96 samples contacted with GWS 

containing 0.01 M Sr and 1 mM U was lower than that obtained from IE-96 contacted with U 

alone by 10% at pH 8 and by 12%  at pH 10.  

 The relatively high concentration of Sr in this experiment reduced the amount of 

available carbonate for formation of the aqueous uranyl carbonate complexes typical in this pH 

range. Dong and Brooks observed co-precipitation of uncharged uranium species with calcite 
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above pH 7.5 in groundwater simulant containing 3 mM calcium at PCO2 = 10-3.5 atm.31 Extended 

X-ray absorption fine structure (EXAFS) spectroscopy and luminescence studies of uranyl 

species at the calcite surface at U(VI) concentrations of  ≥ 0.5 mM identified a calcium uranyl 

triscarbonate structure similar to that of liebigite, Ca2UO2(CO3)3, at pH 8 when PCO2 = 10-3.5 

atm.54,55 Co-precipitation of uncharged uranium species with SrCO3 (ksp = 1.3 x 10-9) is consistent 

with the lower U recoveries observed in these samples and may partly explain the absence of 

bands associated with UO2
2+ in their FTIR spectra.  

Based on the results of the uranium uptake experiment, most of the U in GWS contacted 

with IE-911 was retained by the sorbent. 5-16% of the U was recovered from the contact 

supernatants and wash solutions. Spectral interference from titanium during ICP-OES 

measurement generated erroneously high results for the microwave-digested IE-911 samples, as 

U recovery appeared to exceed 100%. Titanium has recently been shown to interfere with ICP-

OES quantitation of U by enhancing the intensity of emission at 385.958 nm, generating 

estimates of [U] that are high by as much as 20%.56 IE-911 is approximately 17% Ti by weight, 

so the Ti concentration in each of the microwave-digested samples greatly exceeded that of U and 

led to over-estimation of their U content. The IE-96 microwave-digested samples were analyzed 

immediately after the IE-911 samples, and emission at 385.958 nm was not observed, indicating 

spectral interference was limited to the IE-911 measurements.  
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 Table 5.6 Mass Balance of Uranium in Sorbents Contacted with 1 mM U or 1 mM U + 0.01 M Sr 

in GWS 

Sorbent 

% U Recovered Total % U 

Recovered Supernatant
a
 Rinse 1

b
 Rinse 2 Rinse 3 Sorbent 

IE-96 

1 mM U pH 8 78 16 4 NDc ND 98 

1 mM U pH 10 79 11 7 1 ND 98 

1 mM U + Sr pH 8 72 6 5 < 3 ND 86 

1 mM U + Sr pH 10 83 1 < 3 < 2 ND 88 

Bone Char 

1 mM U pH 8 15 < 1 < 1 ND 84 100 

1 mM U pH 10 18 1 1 <1 82 102 

1 mM U + Sr pH 8 6 < 1 < 1 <1 89 97 

1 mM U + Sr pH 10 7 1 < 1 ND 82 90 

IE-911 

1 mM U pH 8 5 < 1 < 1 ND 100 ≥ 100d 

1 mM U pH 10 5 1 1 ND 100 ≥ 100 

1 mM U + Sr pH 8 4 1 2 < 2 100 ≥ 100 

1 mM U + Sr pH 10 6 < 2 5 3 100 ≥ 100 
aVolume of contact solution: 7.0 mL 
bVolume of each wash: 3.0 mL 
c
ND Not detected 

dICP results discussed in text. 

Recovery reported to nearest percent (± 0.5%). 

 

5.3.5 Proposed Mechanisms of Sorption 

 The uranyl ion has been shown experimentally by EXAFS spectroscopy and time-

resolved laser-induced fluorescence spectroscopy (TRLIFS) to form mononuclear, inner sphere 

bi-dentate surface complexes with a variety of minerals.57–64 The inner sphere bi-dentate ternary 

complex may be represented generically by  ≡MO2UO2(Oligand)n, where M = Al, Si, Fe, etc. The 

uranium atom is bound equatorially to two oxygen atoms at the edge of a M-O polyhedron and 

coordinated to n equatorial ligands in solution. A number of studies have shown that one or more 

of the equatorial ligands are carbonate ions in aqueous systems equilibrated with atmospheric 

CO2, or which contain carbonate at concentrations typical of groundwater.61,62  
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 Our XRD results indicate apatite A, in which carbonate groups replace hydroxyl groups 

at the edges of the unit cell, is a major constituent of the bone char used in this study. Uranyl 

carbonate complexes have been shown to dominate speciation in groundwater contacted with 

HAP, bone charcoal, and bone meal. We posit carbonate and phosphate groups at the sorbent 

surface compete with dissolved carbonate to stabilize the uranyl species. In a spectroscopic 

investigation of U(VI) sorption at the calcite (CaCO3)-water interface, Elzinga et al. determined 

Ca2UO2(CO3)3 to be the primary uranyl species on the mineral surface at U(VI) solution 

concentrations of < 500 μM.63 They concluded an inner-sphere surface complex was formed via 

coordination with surface Ca2+ that was further stabilized by surface CO3
2- groups. U(VI) 

hydroxide and carbonato solids did not precipitate at uranium concentrations below 500 µM, 

indicating carbonate in solution stabilized the aqueous uranium species. Formation of an inner-

sphere uranyl carbonate complex at the apatite surface (Figure 5.3) would account for the strong 

affinity for uranium observed in bone char. 

 

 
 

Figure 5.3. Uranyl Carbonate Complex at the Bone Char Surface  

 

 In neutral or acidic waters with low concentrations of calcium and carbonate, dissolution 

of hydroxyapatite and subsequent precipitation of chernikovite (H2[UO2PO4]2) or autunite 

(Ca[UO2PO4]2) account for removal of uranium from solution.18 However, high concentrations of 

Ca2+ and CO3
2- in alkaline solutions inhibit dissolution of HAP.16,17 Our GWS contained calcium 

and carbonate at 2.64 mM and 1.16 mM, respectively, and no phosphate was added. Hence, little 
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or no dissolved phosphate was available for the formation of chernikovite or autunite in our bone 

char contacts. Our XRD results did not indicate the presence of either chernikovite or autunite in 

either of the U-contacted bone char samples.  

 Although its affinity for U was not as strong as that of bone char, IE-911 removed over 

90% of the uranium at 0.03 mM from GWS at both pH 8 and pH 10. Uranium sorption onto 

titanium oxide surfaces via bidentate inner-sphere surface complexation has been demonstrated at 

pH ≥ 6.3.7 Two distinct surface complexes may form with TiO6 octahedra, one with shared edge 

oxygen (bridging) atoms and the other with shared apical (non-bridging) oxygen atoms.6,65 The 

U-O distance for bidentate coordination with the Ti-O edge, 2.32 Å, allows formation of a stable 

inner-sphere surface complex6, which suggests that formation of an inner-sphere bi-dentate 

complex, e.g. ≡TiO2UO2-(CO3)x, where 0 ≤ x ≤ 2, is the mechanism by which IE-911 removes 

uranium from GWS.  

 IE-96 exhibited the lowest affinity for uranium. The diameter of the six-membered ring in 

the chabazite framework, the bulk constituent of IE-96, is 2.6 Å, while the free aperture of its 

eight-membered ring is 4.3 Å.21 Entry of  UO2
2+ into the pores of the sorbent is inhibited by the 

large size of the ion, ~3.8 Å in its non-hydrated state and considerably larger when its second 

hydration sphere is considered.66 Complexation between dissolved U(VI) and sorption sites in 

chabazite is also significantly impacted by pH and the presence of carbonate. Carbonate ions in 

alkaline groundwater may entirely prevent uranium removal by chabazite, as the aqueous uranyl 

tris-carbonato species exist as neutral or anionic complexes and are not attracted to the negatively 

charged zeolite surface above pH ~7.67 For these reasons, the weak affinity of IE-96 for U in 

GSW was not surprising.  

 

 

 



152 

 

 

5.4 PHREEQC and MINTEQ Models 

5.4.1 Strontium and Calcium Speciation in GWS 

 Speciation in GWS was modeled using the geochemical simulation programs PHREEQC 

3.3.7 and MINTEQ 3.1.23,24 The composition of the aqueous solution and concentrations of 

individual species  specified in the simulations are given in Table 5.1. Simulations were 

performed at pH increments ranging from pH 7.9 to 10 at 25 °C at the same Sr and U 

concentrations used in the sorption experiments. Results of simulations at pH 7.9 and 10 with 

2.04 mM Sr are compared to experimentally determined equilibrium concentrations of Sr and Ca 

in Table 1 of Appendix C. MINTEQ predictions of equilibrium Sr concentrations were in close 

agreement with experimental results. MINTEQ and experimental values agreed to within 5%, 

with one exception at U = 3.0 x 10-2 mM (pH 7.9). There was less agreement between 

experimental and MINTEQ results for Ca. While experimentally determined Ca concentrations 

were within 6% of MINTEQ results at pH 7.9 between 0 - 2.0 x 10-2 mM U, MINTEQ over-

estimated the Ce of Ca at the highest U concentration by 20%. MINTEQ results for Ca differed 

from experimental values by up to 27% at pH 10.  

 PHREEQC and experimental values for Sr agreed to within 10% with one exception at 

pH 10 (no U), in which the PHREEQC estimate was over 30% higher than the experimental value 

(Appendix C Table 1). Differences between experimental and PHREEQC values for Ca were 

more significant. PHREEQC results were 14-21% higher than the experimentally determined 

concentrations in four of the simulations. Overall, MINTEQ did a better job of predicting 

equilibrium concentrations of both Sr and Ca. However, PHREEQC results for Ca at pH 10 

deviated less from experimentally determined values than those obtained with MINTEQ. 

5.4.2 Uranium Speciation in GWS 

 Stability constants (log β) included in the thermo_wateq4f.dat and thermo_minteq.dat 

databases came from the Nuclear Energy Agency Thermochemical Database and were used for 
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modeling speciation of UO2CO3, UO2(CO3)2
2-, and UO2(CO3)3

4-. Values are shown in Table 5.7. 

Stability constants for Ca2UO2(CO3)3, CaUO2(CO3)3
2-, and SrUO2(CO3)3

2- in the PHREEQC 

simulations were obtained from Dong and Brooks31, while log β for Sr2UO2(CO3)3 was taken 

from Geipel et al.34 Enthalpies of formation were taken from Endrizzi & Rao.68 To our 

knowledge, no reliable estimates of ∆ H for either SrUO2(CO3)3
2- or Sr2UO2(CO3)3 are available. 

Table 5.7 Phreeqc Input Values for Aqueous Uranyl Carbonate Species 

Compound Reaction log β 

Enthalpy of 

Formation 

(kJ mol
-1

)
68

 

UO2CO3 (aq) UO2
2+ + CO3

2- ⇆ UO2CO3 (aq)                               (1) 10.0669,70 5 ± 2 

UO2(CO3)2
2- UO2CO3 (aq) + CO3

2- ⇆ UO2(CO3)2
2- (aq)              (2) 16.9869,70 14 ± 4 

UO2(CO3)3
4- UO2(CO3)2

2- (aq) + CO3
2- ⇆ UO2(CO3)3

4- (aq)        (3) 21.40 69,70 -58 ± 6 

CaUO2(CO3)3
2- Ca2+ + UO2

2+ + 3 CO3
2- ⇆ CaUO2(CO3)3

2- (aq)      (4) 27.1831 -47 ±6 

Ca2UO2(CO3)3 2 Ca2+ + UO2
2+ + 3 CO3

2- ⇆ Ca2UO2(CO3)3 (aq)    (5) 30.7031 -47 ± 7 

SrUO2(CO3)3
2- Sr2+ + UO2

2+ + 3 CO3
2- ⇆ SrUO2(CO3)3

2- (aq)        (6) 26.8631 NA 

Sr2UO2(CO3)3 2 Sr2+ + UO2
2+ + 3 CO3

2- ⇆ Sr2UO2(CO3)3 (aq)      (7) 29.7334 NA 

 

 Results of uranium speciation modeling in GWS at pH 7.9 and 10 are shown in Figures 

5.4 and 5.5, respectively. At pH 7.9, Ca2UO2(CO3)3 in the MINTEQ simulations comprised 61-

63% of uranium species, while CaUO2(CO3)3
2- made up 25-27%. Changes in Sr and U 

concentrations had little impact on the proportions of Ca2UO2(CO3)3 and CaUO2(CO3)3
2- formed. 

However, MINTEQ was more sensitive to variations in pH than PHREEQC. In a simulation run 

with 1.0 x 10-2 mM U and 2.04 mM Sr at pH 10, the proportion of Ca2UO2(CO3)3 among the U 

species dropped to about 50%, while the proportion of CaUO2(CO3)3
2- rose to 37%. Only ~1% of 

U was present as UO2(CO3)3
4-, and the combined concentrations of other uranyl carbonates was 

negligible. MINTEQ did not account for ~12% of the U species formed, reflecting the absence of 

SrUO2(CO3)3
2- and Sr2UO2(CO3)3 species in the minteq.dat database.  

 In accordance with MINTEQ results, Ca2UO2(CO3)3 was the dominant uranium species 

in each of the simulations performed with PHREEQC, followed by CaUO2(CO3)3
2-

. Changes in 
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initial U concentration and pH had little impact on the species formed or their relative 

proportions. However, when the Sr concentration was increased from 0.57 to 2.04 mM, 

concentrations of SrUO2(CO3)3
2- and Sr2UO2(CO3)3 increased, while concentrations of 

Ca2UO2(CO3)3 and CaUO2(CO3)3
2- decreased proportionately. SrUO2(CO3)3

2- was the dominant 

Sr-containing species in each simulation. In none of the PHREEQC simulations did the combined 

concentrations of other uranyl carbonates (UO2CO3, UO2(CO3)
2-, UO2(CO3)3

4-) exceed 1.5 % of 

the total. In contrast to MINTEQ, PHREEQC accounted for 100% of U species in each 

simulation. 

 

 
 

 

Figure 5.4. Speciation of Uranium Modeled in MINTEQ at 1.0 x 10-2 mM Uranium (left) and 3.0 

x 10-2 mM Uranium (right) 

 

 

 
 

Figure 5.5. Speciation of Uranium Modeled in PHREEQC at 0.57 mM Sr (left) and 2.04 mM Sr 

(right). [U] = 2.0 x 10-2 M  
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5.5 Summary 

 Three sorbents, IE-911, IE-96, and bone char, were evaluated for their uptake of 

strontium and uranium in alkaline groundwater simulant. While all three sorbents exhibited 

strong affinity for Sr2+ in GWS, their uptake of uranium differed, as the equilibrium speciation of 

UO2
2+ was governed by its complexation with CO3

2-. Under the alkaline conditions tested, the 

predominant uranyl species are neutral and anionic aqueous uranyl triscarbonate complexes. At 

high strontium concentrations (≥ 0.01 M), uranyl triscarbonate complexes may co-precipitate 

with SrCO3, making less Sr and U available for sorbent uptake. At lower Sr concentrations,  

uranium did not directly interfere with strontium uptake by any of the sorbents in GWS. % 

removal of Sr2+ by the sorbents in the presence of  0.01 - 0.03 mM U was comparable to Sr 

removal in solutions containing no uranium. Bone char exhibited practically quantitative uptake 

of uranium at each concentration and pH tested. IE-911 performed nearly as well as bone char, 

removing > 93% of uranium at concentrations of up to 0.03 mM. However, as components of 

permeable reactive barriers for the  immobilization and removal of strontium and uranium from 

waste streams and contaminated groundwater, bone char would be the preferred sorbent, based on 

its low cost and availability in large quantities. While our earlier experiments confirmed that IE-

96 removes strontium from GWS quantitatively, it is not an effective sorbent for uranium in 

carbonate-bearing groundwater. Stearic hindrance and electrostatic repulsion between the 

chabazite surface and neutral or anionic uranyl carbonate species appear to preclude 

complexation with uranium on this sorbent in GWS. 
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Chapter 6 - Summary 

 Several inorganic ion exchanging sorbent materials were evaluated for their affinities and 

capacities for radioiodine, radiostrontium, and  uranium in groundwater obtained from wells in 

the 200 Areas of the Hanford Site, or in simulated groundwater based on the composition of 

Hanford groundwater. Two novel bismuth-based materials were developed at Pacific Northwest 

National Laboratory specifically for immobilization of radioiodine. The sorbents were 

synthesized with a facile solvothermal method that generated consistent yields for the materials of 

interest. Each material was characterized and tested for total iodine uptake in water obtained from 

the Hanford 299-W19-36 well. Both sorbents exhibited an exceptional sorption capacity for IO3
-, 

particularly the sorbent material with a crystal structure and elemental composition similar to that 

of (BiO)4(OH)2CO3. This sorbent had a Kd of 2810 ml/g for total iodine in groundwater. The other 

sorbent was a mixed phase containing bismoclite (BiOCl) and bismutite [(BiO)2CO3], with a 

maximum Kd of 670 ml/g. On contact with iodate, the sorbents formed an  identical product, 

which appeared to be a mixture of of BiO(IO3), Bi(IO3)3, and possibly Bi3O7I and Bi5O7I phases. 

The sorbents performed equally well in DIW and groundwater, demonstrating a high degree of 

selectivity for IO3
- in the presence of high concentrations of competing ions. The 

(BiO)4(OH)2CO3-type sorbent was almost as effective in removing iodide from groundwater, 

while the BiOCl/bismutite-based sorbent was less effective in sorbing I-. Results indicated that 

total iodine, not just IO3
-, was sorbed. 

 These findings are highly significant, because there are currently no commercially 

available sorbents that are effective in removing iodate or organiodine from contaminated water, 

and several DOE sites have large inventories of I-129. To our knowledge, no sorbent material 

reported in the literature performs as well as the (BiO)4(OH)2CO3-type sorbent in immobilizing 

total iodine.  
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 Three commercially available sorbent materials were tested in groundwater simulant 

(GWS) containing high concentrations of strontium and uranium at pH 8 and pH 10. Strontium 

uptake kinetics were determined for each sorbent, and sorption isotherms were constructed using 

the Langmuir, Freundlich, and Sips models. Each model was evaluated with linear and non-linear 

regression methods. Strontium uptake by the synthetic ion exchangers UOP IONSIV™ IE-911 

and UOP IONSIV™ IE-96 exhibited pseudo-second order kinetics, while strontium uptake by 

bone char appeared to be governed by more than one rate-controlling mechanism. In the first 

three hours of contact with strontium, uptake was rapid, indicating a surface sorption process 

dominated strontium uptake. The pseudo-second order model fit the data well from three hours to 

equilibrium. The Elovich model was tested and generated a good fit to the bone char data in the 

first three hours of contact, consistent with sorption on a heterogeneous surface. The three-

parameter Sips model was shown to be the most accurate for describing equilibrium strontium 

sorption in each of the sorbents.  

 UOP IONSIV™ IE-911 and bone char demonstrated high affinities for uranium in GWS. 

Bone char and hydroxyapatite are currently used as components of permeable reactive barriers for 

immobilization of uranium, so results for this sorbent were not surprising. Uptake of uranium by 

mineral phases in the Hanford subsurface has previously been demonstrated; but to our 

knowledge, uranium sorption by UOP IONSIV™ IE-911 has not been thoroughly characterized. 

It is likely that uranium sorption by IE-911 and bone char occurs through formation of bidentate 

complexes involving carbonate. Follow-up studies with time-resolved laser fluorescence 

spectroscopy (TRLFS) and extended X-ray absorption fine structure spectroscopy (EXAFS) can 

better characterize the nature of the interactions between uranium complexes in solution with 

each of these sorbents. 
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Appendix A 

Table A.1 Composition of Hanford Groundwater Determined by ICP-OES 

Element 

Concentration (μg/L, average 

of three samples) Standard Deviation 

Barium 80.7 3.03 

Boron 2995 638.3 

Calcium 94597 3321 

*Iodine 8.7 0.015 

Magnesium 31394 589.9 

Potassium 5741 240.7 

Silicon 28708 1321 

Sodium 36736 1497 

Strontium 484.1 17.66 

Sulfur 23628 468.2 

* Iodine determination was performed by ICP-MS analysis. 

 

 
 

Figure A.1 XPS Results for Bi-A and Bi-B Bi 4f7/2 

 

 

 

Figure A.2 XPS Results for Bi-A and Bi-B O 1s (not fitted) 
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Figure A.3 XPS Results for Bi-A and Bi-B I 3d5/2 in KIO3-Contacted Sorbents 

 

 

 

 

Figure A.4 XPS Results for Bi-A and Bi-B I 3d5/2 in KI-Contacted Sorbents 

 

 

 
 

Figure A.5 XPS Results for Bi-A and Bi-B Bi 4f7/2 Following Contact with IO3
- or I- 
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Appendix B 

 

Table B.1 Error Functions Used for Linear and Non-Linear Regression Analysis of Isotherm 

Models 
Error Function Description 

ARED 1/N * ∑  
         

    
  x 100 

 

Describes the fractional error distribution across the 

range of measured Ce. N = number of 

observations.1,2 

SSE ∑(qcal - qexp)2 

A measure of the error distribution across the range 

of Ce. A drawback of this error function is that the 

magnitude of (qcal – qexp)
2 can be large at the low 

and high ends of the range of Ce. 

MPSD 

     

√ 
                      

     
  x 100 

Describes the fractional error distribution across the 

range of Ce, taking into account the number of 

parameters estimated by the model, P.3 

HYBRID 

 

     
 * ∑  

             
 

    
   x 100 

 

Developed to improve error determination at low 

values of Ce taking into account the number of 

observations (N) and the number of parameters 

estimated by the model (P).4 

σ √ 
              

 

     
   

Represents the average distance between observed 

values and the regression curve, i.e. the error in qe. 

 

 
 

 

 

 

 

 

 

 

 

 

Table B.1 References 

 

(1) Kapoor, A.; Yang, R. T. Surface diffusion on energetically heterogeneous surfaces. AIChE J. 

1989, 35 (10), 1735-1738. 

(2) Kapoor, A.; Yang, R. T. Correlation of equilibrium adsorption data of condensible vapours on 

porous adsorbents. Gas Sep. Purif. 1989, 3 (4), 187-192. 

(3) Marquardt, D. W. An algorithm for least-squares estimation of nonlinear parameters. J. Soc. 

Indust. Appl. Math. 1963, 11 (2), 431-441. 

(4) Choy, K. H.; Porter, J. F.; McKay, G. Langmuir isotherm models applied to the 

multicomponent sorption of acid dyes from effluent onto activated carbon. J. Chem. Eng. Data. 

2000, 45 (4), 575-584. 



167 

 

 

Table B.2 Error Analysis of Linear Regression for Identification of Sorption Isotherms   

IONSIV IE-96 pH 8.16  Langmuir  Freundlich  Sips  

r2    0.9927   0.9782   0.9987 

MPSD (Δq %)   24.7 %   10.3 %   1.99 %  

ARED    13.8 %   7.65 %   1.59 % 

HYBRID   17.2 %   9.56 %   1.99 % 

SSE    109.5   107.2   4.351 

σ                 3.700   3.661   0.738                                                                                                           

IONSIV IE-96 pH 10.10 Langmuir  Freundlich  Sips  

r2    0.9944   0.9685   0.9984 

MPSD (Δq %)   21.3 %   12.9 %   2.53 % 

ARED    11.6 %   9.62 %   1.99 % 

HYBRID   14.5 %   12.0 %   2.49 % 

SSE    89.92   184.3   5.360 

σ    3.239   4.800   0.819  

IONSIV IE-911 pH 8.16 Langmuir  Freundlich  Sips  

r2    0.9970   0.9827   0.9993 

MSPD (Δq %)   29.1 %   5.90 %   1.46 % 

ARED    14.8 %   4.49 %   0.93 % 

HYBRID   19.0 %   5.78 %   1.20 % 

SSE    677.2   139.0   2.943 

σ    9.836   4.456   0.648  

IONSIV IE-911 pH 10.11 Langmuir  Freundlich  Sips  

r2    0.9961   0.9789   0.9988 

MSPD (Δq %)   27.3 %   6.54 %   1.03 % 

ARED    14.6 %   5.10 %   0.77 % 

HYBRID   18.8 %   6.56 %   0.98 % 

SSE    622.3   144.3   4.818 

σ    9.429   4.541   0.830  

Bone Char pH 8.16  Langmuir  Freundlich  Sips  

r2    0.9772   0.9928   0.9971 

MSPD (Δq %)   3.88 %   7.11 %   3.86 % 

ARED    2.82 %   5.40 %   2.71 % 

HYBRID   3.76 %   7.19 %   3.61 % 

SSE    0.0433   0.1870   0.0435 

σ    0.0849   0.3057   0.0852  

Bone Char pH 10.10  Langmuir  Freundlich  Sips  

r2    0.9904   0.9885   0.9982 

MSPD (Δq %)   4.07 %   8.93 %   3.76 % 

ARED    2.39 %   6.60 %   2.42 % 

HYBRID   3.07 %   8.49 %   3.12 % 

SSE    0.0256   0.2161   0.0162 

σ    0.0605   0.1757   0.0481 
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Table B.3 Error Analysis of Non-Linear Regression for Identification of Sorption Isotherms 

IONSIV IE-96 pH 8.16  Langmuir  Freundlich  Sips  

MPSD (Δq %)   24.3 %   18.3 %   2.36 %  

ARED    13.4 %   8.97 %   1.60 % 

HYBRID   16.7 %   11.2 %   2.28 % 

SSE    94.76   43.96   4.251 

σ                 3.442   2.344   0.779                                                                                                           

IONSIV IE-96 pH 10.10 Langmuir  Freundlich  Sips  

MPSD (Δq %)   21.5 %   23.2 %   2.80 % 

ARED    11.2 %   11.7 %   2.06 % 

HYBRID   13.9 %   14.6 %   2.95 % 

SSE    72.23   73.50   5.318 

σ    3.005   3.031   0.872  

IONSIV IE-911 pH 8.16 Langmuir  Freundlich  Sips  

MSPD (Δq %)   21.4 %   7.99 %   1.66 % 

ARED    11.8 %   5.12 %   0.98 % 

HYBRID   15.2 %   6.58 %   1.47 % 

SSE    457.8   93.06   2.814 

σ    8.087   3.646   0.685  

IONSIV IE-911 pH 10.11 Langmuir  Freundlich  Sips  

MSPD (Δq %)   18.6 %   8.69 %   1.11 % 

ARED    10.7 %   5.47 %   0.76 % 

HYBRID   13.7 %   7.03 %   1.14 % 

SSE    396.1   95.34   4.817 

σ    7.522   3.691   0.896  

Bone Char pH 8.16  Langmuir  Freundlich  Sips  

MSPD (Δq %)   3.91 %   14.4 %   4.72 % 

ARED    2.92 %   8.43 %   3.28 % 

HYBRID   3.90 %   11.3 %   5.24 % 

SSE    0.0431   0.1040   0.0429 

σ    0.0847   0.1316   0.0926   

Bone Char pH 10.10  Langmuir  Freundlich  Sips  

MSPD (Δq %)   5.09 %   16.5 %   5.20 % 

ARED    2.81 %   7.15 %   2.66 % 

HYBRID   3.61 %   9.19 %   3.99 % 

SSE    0.0194   0.0653   0.0094  

σ    0.0527   0.0966   0.0396 
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Appendix C 

 

Table C.1 Comparison of Experimental Ca, U, and Sr Equilibrium Concentrations to MINTEQ 

and PHREEQC Results 

Strontium 

No sorbent 

Initial [U] 

x 100 

(mM) 

Experimental 

Equilibrium 

Sr
2+

 (mM) 

Experimental 

Sr Ce - Sr Co 

(mM) 

MINTEQ 

Sr Ce 

(mM) 

Phreeqc 

Sr Ce 

(mM) 

pH 7.9 

Sr=2.04 mM 

Ca=2.64 mM 

0 1.9 + 0.1 -0.14 1.86 1.97 

1.00 1.9 + 0.1 -0.14 1.87 1.97 

2.00 1.9 + 0.1 -0.16 1.87 1.97 

3.00 1.8 + 0.1 -0.24 1.99 1.97 

pH 10.1 

Sr=2.04 mM 

Ca=2.64 mM 

0 1.5 + 0.1 -0.56 1.47 1.93 

1.00 1.9 + 0.1 -0.15 1.90 1.93 

2.00 1.9 + 0.1 -0.15 1.90 1.94 

3.00 1.8 + 0.1 -0.23 1.89 1.94 

Calcium 

No sorbent 

Initial [U] 

x 100 

(mM) 

Experimental 

Equilibrium 

Ca
2+

 (mM) 

Experimental 

Ca Ce - Ca Co 

(mM) 

MINTEQ 

Ca Ce 

(mM) 

Phreeqc 

Ca Ce 

(mM) 

pH 7.9 

Sr=2.04 mM 

Ca=2.64 mM 

0 2.5 + 0.1 -0.17 2.43 2.54 

1.00 2.5 + 0.1 -0.18 2.46 2.54 

2.00 2.3 + 0.1 -0.33 2.45 2.53 

3.00 2.1 + 0.1 -0.53 2.53 2.52 

pH 10.1 

Sr=2.04 mM 

Ca=2.64 mM 

0 2.0 + 0.1 -0.68 1.44 2.37 

1.00 2.4 + 0.1 -0.24 2.52 2.41 

2.00 2.1 + 0.1 -0.54 2.52 2.40 

3.00 2.1 + 0.1 -0.55 2.25 2.40 

Uranium 

No sorbent 

Initial U x 

100 (mM) 

Experimental 

Equilibrium 

U x 100 (mM) 

Experimental 

U Ce - U Co  

U x 100 (mM) 

MINTEQ 

U Ce 

x 100 

(mM) 

Phreeqc 

U Ce 

x 100 

(mM) 

pH 7.9 

Sr=2.04 mM 

Ca=2.64 mM 

1.00 0.9 ± 0.1 -0.09 0.9 1.0 

2.00 1.8 ± 0.1 -0.19 1.8 2.0 

3.00 3.0 ± 0.1 -0.05 2.6 3.0 

pH 10.1 

Sr=2.04 mM 

Ca=2.64 mM 

1.00 1.0 ± 0.1 -0.01 0.9 1.0 

2.00 1.9 ± 0.1 -0.07 1.8 2.0 

3.00 3.0 ± 0.1 -0.05 2.6 3.0 
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Figure C.1 Powder XRD Patterns of IE-911 Prior to  and Following Contact with 0.1M Sr. 

 

 

 
 

Figure C.2 Powder XRD Pattern of IE-96  
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 Figure C.3 FTIR Spectra of IE-911. 

 Contacted with 1 mM U in GWS (A), GWS Only (B), and 1 mM U + 0.01 M Sr in GWS (C) 

 

 
 

 Figure C.4 FTIR Spectra of IE-96. 

 Contacted with 1 mM U in GWS (A), GWS Only (B), and 1 mM U + 0.01 M Sr in GWS (C) 
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 Figure C.5 FTIR Spectra of Bone Char. 

 Contacted with 1 mM U in GWS (A), GWS Only (B), and 1 mM U + 0.01 M Sr in GWS (C) 
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