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ABSTRACT

Natural gas is cleaner burning than coal and other fossil fuels. Its production has
grown exponentially in recent years in the Marcellus Shale region, covering parts of PA,
OH, NY, and WV. Natural gas production generates wastewaters with high total
dissolved solids (TDS) concentration, mainly from Na(I), Cl(-I), Ca(II), Mg(II), K(I),
Sr(II), and Ba(II). Sodium and Cl(-I) concentrations can reach 49,400 mg/L and 196,000
mg/L, respectively. Accidental release of these wastewaters, including spills and leakage,
can potentially provide pathways for them to enter natural water bodies, including rivers
and groundwater aquifers.
This study examines the mobilization of heavy metals, specifically cadmium and
lead, induced by accidental release of the wastewater. These metals are toxic to human
health. Aquifers can become contaminated with Cd(II) and Pb(II) from industrial wastes
from zinc smelters and battery production. Lead was previously used as an additive in
gasoline and as a pesticide. Both metals can become immobile once they are adsorbed
onto soil and clay sediment. If the Marcellus wastewater enters natural systems, the high
salinity can mobilize Cd(II) and Pb(II) through desorption and ion exchange processes,
which increases the likelihood of the metals contaminating drinking water sources. In this
work, we use well-mixed batch reactors with typical concentrations of Marcellus
wastewater components to determine which components and factors, such as
composition, pH, and ionic strength, have the largest impact on metal mobilization. The
concentration of components was based on values for flowback and produced waters.
Flowback waters are those which return to the surface prior to natural gas production
commencing, and produced waters are those which return during natural gas production.
Produced waters typically have higher concentrations of ions.
In this work, cadmium and lead were first adsorbed onto illite. A background
water solution was created to simulate typical groundwater concentrations of Ca(II),
Mg(II), and K(I). Seven different batches of wastewater were created. The solutions
started with one cation present, Na(I). Then other cations, Sr(II) and Ba(II), were added
to compare their effect on mobilization. The last three solutions made had typical values
of Na(I), Ca(II), Mg(II), K(I), Sr(II), and Ba(II), for both flowback and produced waters.
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The experimental procedure began with mixing the metal-laden clay with background
water for two hours, then adding the wastewater solutions and mixing for an additional
four hours.
Results showed that the high concentration of Na(I) did mobilize Cd(II). When
1M NaCl was added to the system, 67% of the Cd(II) desorbed from the illite. The
presence of Sr(II) and Ba(II) did not increase the mobilization. When Ca(II) and Mg(II)
were added with the Flowback solution, Cd(II) desorption increased to 71%. Two
experiments were also run with typical produced water composition, which have overall
higher concentration of all ions, and results showed 82.3 and 83.6% desorption. It
appeared that Na(I), Ca(II), and Mg(II) all increased the Cd(II) desorption.
The pH of all systems was measured throughout the experiments. Results showed
in general that the lower the end point pH was, the more desorption occurred. All
experiments had an initial pH of 7.63 +/- 0.04. The NaCl solution and Sr solution
experiments both ended with a pH around 7.36. The Ba solution and Ba/Sr solution
experiments had an endpoint pH of approximately 7.28. The end pH for the experiments
with more complex solutions (Flowback, Produced, and Produced 2) were lower than the
other solutions: 7.19, 7, and 6.99 respectively. All end point pH values are lower than the
initial pH values. This could indicate that the presence of high concentrations of Ca(II),
and Mg(II) could react with other species in the solution, such as CO32-, which would
result in a lower pH; therefore the Ca(II) and Mg(II) presence will result in higher
desorption.
The produced waters had the highest ionic strength (0.65 and 0.51 mol/L for
Produced and Produced 2, respectively) and the highest desorption. The typical flowback
water had one of the lowest ionic strengths (0.11 mol/L) however the third highest
desorption. The NaCl solution had an ionic strength of 0.23 mol/L, and the Sr, Ba, and
Sr/Ba solution experiments all had an ionic strength of 0.17 mol/L. This indicates that
there are multiple factors; ionic strength may be one factor, but it is important to consider
the pH, and the specific composition of the solution.
Lead was not detected in any experiments, indicating that it did not desorb.
Literature shows during adsorption, it is possible for Pb(II) to precipitate at high pH
levels, which results in a strong bond on the illite surface.
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Chapter 1
Introduction
Natural gas in the US

Natural gas is important as an energy source because it is cleaner burning
compared to coal and oil. It is a valuable resource for the US because of abundant natural
gas reserves throughout the country, and can contribute to economical growth. In recent
years, the Marcellus Shale formation, in the Appalachian Basin in PA, OH, NY, and WV,
has becoming increasingly more popular for drilling for natural gas.
The EIA expects that there are 187 tcf of recoverable natural gas in the
Appalachian basin, 140 tcf of which is in the Marcellus shale formation (EIA 2012). It is
also expected that by 2040, US consumption of natural gas will increase by 20%, while
natural gas production will increase by 44%. Shale gas is expected to be the largest
contributor to the natural gas supply and production in the US (EIA 2012).
A major obstacle with the Marcellus Shale rock is its tight permeability. This does
not allow the gas to flow freely. In order to improve gas production, a process known as
hydraulic fracturing, or “fracking,” is used. Fracking increases the permeability of the
shale rock, allowing for gas to flow at a higher rate, which improves production
efficiency and makes the process more economical. As fracking is a relatively new
process, there are still many unknowns in regards to the environmental risks. In order to
determine if the benefits (clean energy and economic growth) outweigh the potential
risks, we must better understand the severity of the possible environmental impacts.
Hydraulic fracturing
Fracking process

The process of hydraulic fracturing (fracking hereafter) has become increasingly
common in the Appalachian Basin. The combination of fracking and horizontal drilling
allows for more economical production of natural gas. Horizontal drilling also has the
benefit of reducing the number of well-pads in an area (Arthur, Bohm et al. 2008). A
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horizontal well can range from 3000-10000 feet in length, and could reach up to several
thousand feet in depth (MCOR 2012).
As stated previously, fracking improves the economic benefits of extracting
natural gas from shale formations. The main mechanism by which fracking improves the
production is by creating fractures within the shale. This increases the shale surface area,
and more importantly increases the permeability. The higher permeability allows the
natural gas to flow more freely and be extracted with less energy and associated costs.
Fracking occurs when millions of gallons of water are injected into the ground at
high pressures to induce fractures. Chemicals are used to improve the fracking efficiency;
without the chemicals additives, more pressure, and therefore more energy, would be
required to pump the water through the well and initiate fractures. Chemicals serve other
purposes as well, such as preventing bacterial growth, and scaling on metal pipes, for
example. The water returns to the surface as wastewater, known as flowback or produced
water, depending on when it returns to the surface (Chapman, Capo et al. 2012; Lutz,
Lewis et al. 2013)
Environmental implications

Fracking has multiple environmental risks; an adverse effect could occur at any
phase in the fracking process. Environmental considerations include land and surface
water disturbance during the well construction phase, water withdrawal during the
drilling and fracking phases, and disposal of fracking flowback and produced waters after
the fracking is completed (Kargbo, Wilhelm et al. 2010; Lee, Herman et al. 2011;
Olmstead, Muehlenbachs et al. 2013).
Land and surface water disturbance
Prior to any drilling, fracking, or natural gas extraction activities, the well pad and
associated infrastructure must first be constructed. On average, a well pad requires
approximately 3.1 acres. An additional 5.7 acres is required for roads, pipelines, and
space for operations and equipment (Walton and Woocay 2013). This construction
requires forest destruction and clearing of vegetation to create space for the well pad.
These activities increase erosion and sediment mobility, further damaging the land and
contaminating surface waters (Lee, Herman et al. 2011; Olmstead, Muehlenbachs et al.
2013).
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Due to the increased erosion and sediment mobility, surface water is at risk of
contamination. A study showed that surface waters in proximity to drilling sites have
increased concentration of total suspended solids (TSS), which can be attributed to land
clearing, road and well pad construction, and pipeline installation. The presence of TSS
poses a risk to environmental health by decreasing clarity in water, and decreasing
dissolved oxygen. Well pad density was a significant factor in the TSS concentration of
surface waters in the study, showing that these activities have a definite impact on
environmental contamination (Olmstead, Muehlenbachs et al. 2013).
Water supply
Water usage is another concern. Depending on the size and geology of the
formation, 7.7-38 million liters of water are required for fracking. There is a threat to
surface waters if they are the source for the water (Kargbo, Wilhelm et al. 2010).
Additional water is also required for drilling and well-pad construction (Walton and
Woocay 2013). This is not the most threatening risk for the Marcellus region, because it
does receive a greater amount of precipitation than other drier regions (Kharaka,
Thordsen et al. 2013).
Wastewater concerns
Most studies have shown that wastewater management is the most concerning
issue. After the pressure is released from the well, the water returns to the surface. This
wastewater, known as flowback and produced water, depending on which phase it comes
up, may have high salinity levels. This will be discussed in more detail in proceeding
sections.
Wastewater characteristics

Flowback and produced waters are the wastewaters from the fracking process.
They differ from each other based on the phase during which the water returns to the
surface from the well. Flowback water is the water that returns prior to gas production,
and produced water returns along with the natural gas, during production. Produced water
typically has higher concentrations of minerals and total dissolved solids (TDS) than
flowback water because it has been in contact with the rock formation for a longer
amount of time (Chapman, Capo et al. 2012; Haluszczak, Rose et al. 2013; Jiang,
Rentschler et al. 2013).
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Common characteristics of flowback and produced waters are the high salinity
(measured as TDS), which also contributes to its high ionic strength (Balaba and Smart
2012), high levels of inorganic compounds, and radionuclides. The most common
elements at elevated levels are Na(I), Cl(-I), Ca(II), Mg(II), Ba(II), Sr(II), K(I), and
Br(II), with highest concentrations of Na(I), Cl(-I), and Ca(II) (Haluszczak, Rose et al.
2013). Flowback and produced waters TDS concentrations can reach greater than
200,000 mg/L (Chapman, Capo et al. 2012). Table 1 summarizes the range of
concentrations for the common compounds in Marcellus Shale wastewater.
Table 1 Common compound concentration range in fracking wastewater

Ion
Na(I)
Ca()I)
Mg(II)
Sr(II)
Ba(II)
Cl(-I)
K(I)

Conc (mg/L)
50-49400
38-4100
2-2550
<1-8460
<1-13800
65-196000
8-1010

Wastewater management and associated issues

Many studies have stressed the issue of wastewater treatment and discharge.
Flowback and produced waters have high levels of TDS and chloride, along with heavy
metals, radionuclides, and organic matter, making it difficult and costly to treat
(Chapman, Capo et al. 2012; Haluszczak, Rose et al. 2013; Lutz, Lewis et al. 2013).
About 10-40% of injected fluid will return to surface as flowback water. The amount is
dependent on the geology of the formation (Jiang, Rentschler et al. 2013).
Wastewaters are high in TDS concentration, with concentrations possibly
reaching 200,000 mg/L. The high concentrations of TDS and salinity make wastewater
treatment and disposal a major challenge (Lutz, Lewis et al. 2013). The issues associated
with wastewater treatment are determining which methods are most effective at reducing
TDS concentration to safe levels for discharge and the associated costs of the treatment
(Lee, Herman et al. 2011; Olmstead, Muehlenbachs et al. 2013).
In addition to wastewater from the fracking process, there is wastewater generated
during the drilling of the well; water is used to keep the drill head cool while drilling the
well. This wastewater also has high levels of TDS and TSS. Marcellus shale wastewater
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is typically approximately 44% produce water, 43% flowback water, and 14% drilling
fluid, with some variance. Total wastewater volume from Marcellus fracking activities is
estimated to rise to 5370 million liters per year by 2014 (Lutz, Lewis et al. 2013).
This research focuses on the wastewaters generated from produced and flowback
water; it does not take into account the wastewater characteristics of the drilling
wastewaters. The percentage of fracking fluid returning as flowback and produced water
ranges anywhere from 10-70% (Lee, Herman et al. 2011; Lutz, Lewis et al. 2013; Rahm,
Bates et al. 2013). In the Marcellus region, a well generated on average 1.365 million
liters of produced water in the first year. In total, 2.874 million liters of produced water
were generated in four years. It typically returns at a rate of 1-2 m3 per day (Rahm, Bates
et al. 2013). It is inevitable that wastewater generation will continue to increase with the
number of wells put into production.
Treatment options and limitations

Options for treatment and disposal include municipal or industrial treatment
facilities, followed by discharge to surface water; partial treatment followed by reuse for
future fracking processes; and deep well injection (Lee, Herman et al. 2011; Lutz, Lewis
et al. 2013; Olmstead, Muehlenbachs et al. 2013; Rahm, Bates et al. 2013). There are
challenges associated with each of these methods.
The geology of the Marcellus Shale formation in Pennsylvania is not suitable for
deep well injection, so wastewater is transported to regions where it is (Lee, Herman et
al. 2011; Lutz, Lewis et al. 2013; Rahm, Bates et al. 2013). Some wastewaters are
transported to Ohio, where the region is capable of deep well injection (Olmstead,
Muehlenbachs et al. 2013). This would be a viable option in terms of low costs, because
it is the least expensive of all options (Chapman, Capo et al. 2012).
Treatment at municipal and industrial treatment facilities is another option that
also has challenges. The required infrastructure is not in place in some regions to allow
for quick transport to treatment facilities, nor are there facilities that necessarily are
capable of effectively treating the wastewater. There are also risks, challenges, and
drawbacks associated with transporting wastewaters to facilities for treatment.
Municipal treatment facilities are not capable of treating the wastewater with high
levels of TDS, nor the high volumes, therefore increasing amounts of wastewater are
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transported to industrial facilities (Lee, Herman et al. 2011; Lutz, Lewis et al. 2013;
Olmstead, Muehlenbachs et al. 2013). Industrial treatment facilities are not necessarily
capable of completely removing TDS, therefore the effluent still has higher
concentrations than other industrial wastewater effluents. Wastewater treatment facilities
also have a difficult time removing high concentrations of chloride. Contamination of
rivers and surface waters where the water is disposed of is at risk if the water is not
treated properly, and TDS and chloride levels are not decreased (Kargbo, Wilhelm et al.
2010; Olmstead, Muehlenbachs et al. 2013; Rahm, Bates et al. 2013).
Reusing the water for future fracking procedures is becoming more common
(Chapman, Capo et al. 2012; Olmstead, Muehlenbachs et al. 2013). This is a viable
option if the treatment technology is located at or nearby the site, reducing the need to
transport the wastewater. Standards for reuse are less stringent than those for discharge to
surface waters, which results in fewer challenges to treat the wastewater (Lee, Herman et
al. 2011). There is still the consideration for the costs of the technology. Additionally,
water reuse becomes less beneficial if it needs to be transported from site to site because
of risk of spills and accidents (Rahm, Bates et al. 2013).
A common challenge and risk among the treatment options is the need for
transportation and movement of the wastewater from the site to the treatment or
discharge area. Many studies have stated that with this activity, there is a risk for spills
and leaks during the transportation process, as well as while being held at the well pad for
containment (Chapman, Capo et al. 2012; Hatzenbuhler and Centner 2012; Rahm and
Riha 2012; Olmstead, Muehlenbachs et al. 2013).
Risk of spills

Studies have reported the risk of spills occurring because of the need to transport
the wastewater to treatment plants that will effectively treat it (Chapman, Capo et al.
2012). Wastewater can be released to aquifers and surface water through various
pathways, such as transportation accidents of trucks carrying the wastewater, well
blowouts, and leaking storage tanks and retention ponds (Rozell and Reaven 2012;
Brantley, Yoxtheimer et al. 2014).
A study done on the water pollution risks, based on probability analysis, showed
that the greatest risk of water contamination comes from wastewater disposal (Rozell and
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Reaven 2012). This could occur because of accidental discharge of untreated wastewater,
or disposal of improperly treated wastewater. The authors calculated that the best case
scenario of wastewater disposal could result in a release of about 200 m3, and worst case
at 13,500 m3. The risk of trucks transporting the wastewater having an accident was
considered, and the authors showed this is actually a relatively small risk, but still a
possibility. There are between 5000 and 7800 hazmat truck crashes annually in the US,
but based on the volume of fluid likely to spill, the authors estimated only about 0.3 m3 of
wastewater would spill. Spills are also likely to occur at the site, either through leaks in
the retention ponds, or migration through fractures in improperly constructed wells. In a
worst-case scenario, this could result in 3 and 225 m3 of wastewater released to shallow
aquifers, respectively.
Another study done on the water impact of Marcellus activities stated that there
are definite risks of leaks and spills of contaminants (Brantley, Yoxtheimer et al. 2014).
The study looked at actual data of spills reported to the Pennsylvania Department of
Environmental Protection. Between 2008 and 2013, there were 32 spills of volume
greater than 400 gallons; nine of these spills were of flowback and produced water. The
total volume spilled is estimated at about 98,000 gallons, but could be upwards of
1,240,00 gallons. The study does not report how the releases occurred.
A recent report completed on the health risks of fracking Marcellus shale stated
that on average, between 2009 and 2012, 185 spills occurred in the Marcellus region
(Gradient 2013). At 10684 wells in the region, this equals a 3.3% chance of a spill
occurring.
Studies have shown that releases of fracking wastewater are a definite risk, and
that they do occur. Based on the risk of spills to shallow aquifers, and the high salinity of
the wastewater, there also exists a possibility of mobilizing heavy metals that may be in
contaminated aquifers. Mobilization and desorption of heavy metals has been studied to
some extent. These studies state that the high concentration of competing ions will
mobilize heavy metals through desorption and ion exchange.
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Metals – occurrence and toxicity
Metal toxicity

Cadmium and lead are heavy metals, with possible toxic health effects when
exposed to them. Cadmium and lead are both regulated by the EPA in drinking water.
The maximum contaminant level of cadmium in drinking water is 0.005 mg/L, and lead
is 0.015 mg/L. Lead levels are also determined by the corrosiveness of the water, as there
is often lead in water distribution systems, and corrosive water will deteriorate the pipes
(EPA 2013). The US Department of Health and Human Services classifies cadmium as a
carcinogen, and the EPA classifies it as a probably human carcinogen (ASTDR 2012).
The USDHHS classifies lead as a reasonably anticipated human carcinogen, and the EPA
classifies is as a probable carcinogen. Lead is listed as a toxic substance on both the
EPCRA and SARA (ASTDR 2007).
Cadmium exposure can cause damage to kidneys and bones. High exposure levels
can damage the stomach, and possibly lead to death (ASTDR 2012). Lead has many risks
associated with exposure. It can attack the central nervous system, causing damage to the
brain, and delaying mental development in infants and children. Lead can also cause
kidney damage, increased blood pressure, and slow organ development at low levels of
exposure. At high levels of exposure, it can cause anemia, increase the likelihood of
miscarriages, and damage sperm production in men. Studies have shown a relationship
between lead in blood and decreased IQs. Lead exposure is especially hazardous to
children because it causes mental and physical development delays, and the adverse
effects are often non-recoverable (ASTDR 2007).
Metal sources to environment

Cadmium and lead are both naturally occurring elements. They are also both
considered hazardous because of their potential to cause adverse health effects. It is
through anthropogenic activities that soil, sediment, and water sources have become
contaminated with heavy metals. Both cadmium and lead are used in a variety of
products and also used in industry. Through production, cadmium and lead are released
to the environment.
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Cadmium is released to the environment through production of zinc, lead, and
copper ores (Starks, Sparks et al. 1987; Storm, Fosmire et al. 1994). It is also used in
common products: batteries; pigments in plastics, ceramics, and glass; and coatings for
steel. The most common use is in NiCd batteries, accounting for 83% of cadmium use. In
the manufacturing of these products and metal smelting, cadmium can contaminate the
surrounding environment. Another source of contamination is through phosphate
fertilizers, waste incineration, and fuel combustion. The largest anthropogenic source of
cadmium contamination is through smelting of metal ores, such as zinc (ASTDR 2012).
Lead contamination can come from production of pipes, storage batteries,
ammunition, shielding for x-ray machines, and soldering materials. Storage batteries are
the largest use of Pb. Lead compounds are commonly found in paint, dyes, ceramic
glazes, and caulk. A source of lead to the environment could be the deterioration of
exterior paint containing lead in older houses. Lead was previously used as an additive in
gasoline to help make the engines run more efficiently, but it has been banned since
1996. Until the 1990s, combustion of gasoline was the largest contributing source of lead
to the environment, specifically around highways. Until the 1960s, lead arsenate was
used as a pesticide, herbicide, and insecticide, specifically at apple orchards. This also
contributes to high levels of lead contamination near orchards. Similarly to cadmium,
lead is found in zinc ore; therefore there can be contamination near zinc smelters.
Combustion of coal and oil also release lead into the environment (ASTDR 2007).
There is a positive correlation between cadmium use in industrial processes and
contamination of nearby sites. Contamination can also occur miles away from the source.
Depending on the size, both cadmium and lead particles can be deposited miles from the
sources (ASTDR 2007; ASTDR 2012).
Metal occurrence

As stated previously, lead and cadmium are both byproducts of zinc smelting,
which was a common industrial process in Pennsylvania. Even with the closure of zinc
smelting sites, cadmium and lead contamination may still be present in soil and sediment
(Starks, Sparks et al. 1987; Storm, Fosmire et al. 1994). Under normal conditions,
cadmium and lead are not likely to mobilize from the soil to which they are adsorbed.
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This is also dependent on the pH of the system, the presence and concentration of organic
matter, and the type and characteristics of the soil. Lead contamination from gasoline
may also still be present because of these characteristics, additionally because lead does
not degrade (ASTDR 2007; ASTDR 2012).
Lead and cadmium are both common contaminants at sites on the National
Priorities List. On a report from 2007, cadmium was found in 1014 of 1669 hazardous
waste sites on the proposed NPL, 606 of the sites had cadmium in soil, and 392 had
cadmium in sediment. Pennsylvania had the highest frequency of states with cadmium
contaminated sites on the NPL (ASTDR 2012). In a report from 2007, 1272 of the 1684
NPL sites had lead present, 605 of which had lead in the soil, and 901 in the sediment
(ASTDR 2007).
Based on literature, concentrations of lead and cadmium in Pennsylvania soils and
sediments can range from approximately 30 to 1000 mg/kg and 3 to 175 mg/kg,
respectively (Starks, Sparks et al. 1987; Diz 2005; Mahler, Van Metre et al. 2006).
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Chapter 2
Literature Review
Background information on adsorption/desorption of metals on clay

Sorption occurs in soil when there are clays, organic matter, metal oxyhydroxides and other charged species present. Adsorption is a more specific term
meaning a chemical adheres to a surface; absorption means the chemical is taken up by
the solid, like a sponge; and ion exchange is where a chemical ion replaces another ion at
the surface. Precipitation is a mechanism that sometimes has properties of sorption; a
metal in a precipitated form will bond with the clay surface, therefore immobilizing the
metal (Appelo and Postma 2005).
Clays have a property known as cation exchange capacity, or CEC. Factors
affecting the CEC are the type of clay, the composition, the specific surface area, and the
grain size. CEC will vary from one type of clay to another. Illite has a CEC of 200-500
meq/kg, kaolinite is 30-150, and montmorillonite is 800-1200. A common characteristic
of clay is a charge imbalance, which contributes to its ability to adsorb cations, such as
metal ions (Appelo and Postma 2005).
Desorption or mobilization occurs through ion exchange, where competing ions
such as H+, Na(I), Ca(II) for example, take the place of the metal ion. Mobilization can
also occur when the metal-hydroxide bonds causing a precipitated form are broken by H+
ions. Both mechanisms will “free” the metal ions from their adsorbed state and release
them into the aqueous solution (Long and Angino 1982; Yong, Warkentin et al. 1990; Li,
Wang et al. 2012).
Illite is a type of mica, and has a structure of repeating tetrahedral and octahedral
layers, creating a property known as “interlayers.” This also contributes to illite’s ability
to adsorb and exchange ions with metal ions (Grim 1953).
Literature review

There has been much research done on the factors of adsorption of heavy metals
to clays and soils. This is important for understanding the fate and transport of heavy
metals in the environment. There are significantly fewer studies done on the desorption of
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heavy metals from clay. It is equally important to have a thorough understanding of the
mechanisms and factors of desorption, as well as adsorption. Heavy metals are hazardous
to human health, and therefore contaminated sites need to be remediated to mitigate risks
associated with heavy metal exposure. Of the studies done in regards to metal desorption,
they fit into various categories, in terms of the purpose of study: (i) remediating
contaminated clay; (ii) using clay as a remediation media; (iii) the fate and transport of
metals in the environment, not in regards to remediating the contamination; (iv) how the
adsorption and soil/sediment factors impact the mobility of heavy metals.
Some studies look into effects of different types of clay, and in some cases some
studies compare two or more types of clay. Commonly studied types of clays are illite,
montmorillonite, kaolinite, sepiloite, and goethite. Other types of soils and minerals are
studied for specific purposes. Methods for mobilizing the metals are by decreasing the pH
with acid, increasing the ionic strength, mixing the clay sample with various types of salt
solutions, and adding EDTA to extract metals.
Effect of pH

The pH of the system is an important factor to consider for many reasons. The pH
of the soil and the solution during adsorption is important because it determines the
mechanism for which the heavy metals are adsorbed. Many studies have looked at the
impact of the solution pH during adsorption on the heavy metal desorption shortly
following adsorption (Farrah and Pickering 1978; Yong and Phadungchewit 1993;
Helios-Rybicka, Calmano et al. 1995; Tang, Tang et al. 2009; Helios-Rybicka and
Wojcik 2012; Lukman, Essa et al. 2013). The pH during desorption is important as well
because the H+ ions compete with other cations present for the sorption sites, which
makes metals more mobile (Yong, Warkentin et al. 1990; Yong and Phadungchewit
1993; Li, Wang et al. 2012). This section looks into studies that have been done that
focused on how the pH, in either the adsorption or desorption phase, affect the
mobilization of heavy metals from clays and soils.
pH During Adsorption
In solutions of high pH, metals may form precipitates, such as PbOH2, which
impacts the adsorption (Farrah and Pickering 1978; Yong and Phadungchewit 1993;
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Tang, Tang et al. 2009). Depending on the composition of the water, sulfate, carbonates
and chlorates may also react with the Pb(II) and form precipiates, which will again affect
the adsorption (Yong and Phadungchewit 1993). These studies have shown that
precipitation is a strong mechanism for adsorption of metals to clay surfaces. Yong and
Phadungchewit (1993) tested the amount of metal retained when the acid concentration
increased; for all metals the amount retained decreased with increasing acid
concentration. When comparing the amount of metals retained on illite, the retention of
Cu(II) and Pb(II) were higher than that of Cd(II) and Zn(II). The authors state that at high
pH, the main mechanism for sorption is precipitation, whereas at low pH, cation
exchange is the mechanism. Multiple studies found similar results that precipitation is the
dominant adsorption mechanism at higher pH and causes a strong bond and therefore less
desorption (Farrah and Pickering 1978; Saha, Iwasaki et al. 2003; Gu and Yeung 2011).
Tang et al (2009) found that around pH of 5.7, Pb(II) began to precipitate as
Pb(OH)2(s). This study looked into the combined effects of ionic strength and pH. Results
showed that both factors impacted the adsorption. At a higher ionic strength, precipitation
could occur at a lower pH, which also increases the adsorption. Following adsorption,
desorption was initiated by decreasing the pH with HNO3. The pH was decreased from
10 to 2. The ionic strength was changed, by adding potassium nitrate to the system, to
either 0.01 mol/L or 0.1 mol/L. At an ionic strength of 0.01 mol/L, desorption did not
occur until pH of less than 4.69; at I = 0.1 mol/L, the pH required for desorption was 6.68
(Tang, Tang et al. 2009).
Helios-Rybicka and Wojcik (2012) also found that Pb(II) and Cr(VI) have strong
bonds with clay, possibly because of hydrolysis. There is a strong bond between the clay
surface and the OH groups of the precipitates. Helios-Rybicak et al (1995) completed a
study looking at illite specifically; they found it is less likely to desorb certain metals,
possibly because the ions were bonded in the interlayers. Nickel and zinc were not easily
desorbed or mobilized, because they were bonded in the interlayers and not easily
exchanged with H+ at the lower pH. Cadmium and lead were more easily mobilized
compared to the other metals, indicating possible different sorption mechanisms. Results
show that illite has a strong affinity for Pb during adsorption.
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Farrah and Pickering (1978) found that the pH during the adsorption phase
effected the metal desorption. They tested three different types of clay, illite,
montmorillonite, and kaolinite, and four types of metals: lead, copper, cadmium, and
zinc. They adsorbed the metals to the clay at two different pH levels: 5 and 7. The same
extracting solutions were used on both batches. Depending on the type of solutions, some
were more effective at mobilizing the heavy metals on the clay adsorbed at pH 5
compared to pH 7. This was dependent on the type of extracting solution, which were
categorized under 4 types: acids, protonated ions, competing ions (Na(I) or Ca(II)), and
ligands. For acids, heavy metals were more easily mobilized when adsorbed at pH 7
compared to pH 5. In the presence of competing ions however, Na(I) and Ca(II) were
more effective at mobilizing metals which had been adsorbed at pH 5. Farrah and
Pickering attributed this to the fact that Na(I) and Ca(II) will not break apart hydroxide
bonds, which are likely to form when adsorption occurs at a high pH. Hydrogen ions will
more easily break the hydroxide bond, therefore mobilizing more metals that had been
adsorbed at a higher pH.
Lukman et al (2013) showed that pH in the adsorption phase has an impact on the
desorption. They ran an experiment using NaNO3 to mobilize heavy metals, and found
that Pb(II) is more mobile than Cd(II), when adsorbed together on natural clay. Their
results were not consistent with previous studies. The Pb(II) desorbed 3.49% whereas
Cd(II) desorbed less than 1%. This was for adsorption pH of 6. At adsorption pH of 12,
only approximately 8% of the lead desorbed, while approximately 1% of the Cd(II)
desorbed. Other studies showed opposite results: adsorption at higher pH results in
stronger bonds and less desorption.
pH During Desorption
During desorption, a high concentration of H+, therefore an acidic solution, will
increase heavy metal mobilization, because the H+ ions compete for sorption sites (Yong,
Warkentin et al. 1990; Yong and Phadungchewit 1993; Barrow, Bruemmer et al. 2012),
as well as breaking hydroxyl bonds of any precipitates formed during adsorption (Farrah
and Pickering 1978; Helios-Rybicka, Calmano et al. 1995). Both Helios-Rybicka (1995)
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and Farrah and Pickering (1978) showed that when the precipitate bonds are broken, the
metal ions are mobilized.
Other studies showed similar results of increased desorption at lower pH values.
Saha et al (2003) looked into different desorption methods, including decreasing the pH,
adding competing ions, and dissolving the mineral. The authors decreased the pH from
various levels between 4.5 and 6, down to approximately 4. For all minerals, Cd(II),
Pb(II), and Zn(II) were mobilized. More metals were mobilized from 6 down to 4, than
from 4.5 to 4. Cadmium showed more mobilization for all pH levels than Pb(II).
Barrow et al (2012) completed a study looking at the effect of pH on the
desorption of eight heavy metals on a type of clay, goethite. Their experiment began with
sorption of the metals on the clay, for two different time periods: two hours, and eight
weeks. Following the sorption phase, the clay was mixed with HNO3 to decrease the pH
and initiate metal mobilization. Results showed that the samples that had been adsorbing
for less time had less penetration into the clay; this was concluded because of greater
desorption. Based on the sorption results, it was concluded that Cd(II), Ni(II) and Pb(II)
all have smaller diffusion coefficients compared to Cu(II), Mn(II), Co(II), Zn(II), and
Cr(VI); therefore they did not penetrate as much into the mineral and desorbed more. The
desorption rates for each metal varied, which indicated the ionic radius and other metal
properties will have an effect on the rate and mechanisms of desorption.
Ionic strength and competing ions

Some studies have been done to investigate the effect of competing ions and the
ionic strength of solutions on the desorption/mobilization of heavy metals (Farrah and
Pickering 1978; Long and Angino 1982; Saha, Iwasaki et al. 2003; Gu and Yeung 2011;
Li, Wang et al. 2012). The ionic strength is indicative of the overall presence of
competing ions in the system. A higher ionic strength means more competing ions. A
high concentration of H+ will increase mobilization because of competition for sorption
sites; for the same reason, Na(I), Ca(II) and other ions compete as well, therefore their
presence will increase mobilization.
As previously discussed, Farrah and Pickering (1978) completed a study with 3
different types of clay, four metals, and completed adsorption at two pH levels. They
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used various concentrations of CaCl2, NaNO3, 0.5M NaCl, and 0.05M calcium acetate.
The purpose of using these solutions was to introduce Na(I) and Ca(II) as competing
ions. For the clay adsorbed at pH 5, the 0.5M NaCl, 0.1M NaNO3, both 0.001M and
0.05M CaCl2, and the 0.05M calcium acetate mobilized 90-95% of the Cd adsorbed onto
illite. Lead was mobilized to a lesser extent; the 0.05M solution of CaCl2 was the most
effective of all solutions, desorbing between 70 and 85% of the Pb(II) from illite. For
both Pb(II) and Cd(II), desorption was greatly reduced with illite that had been adsorbed
at pH of 7. Less than 25% of Pb(II) was desorbed for all solutions, and for Cd(II), most
solutions decreased desorption to 50-65%, or less. Results show that Ca(II) and Na(I) are
more effective at desorption at lower pH, as they are not capable of breaking hydroxide
bonds.
Saha et al (2003) also looked at the effect of competing ions, from Cu(II) salt.
The Cu(II) salt desorbed most of Cd(II) and Zn(II), but not Pb(II), possibly because of a
stronger bond: 87.27% of Cd(II) was desorbed, 80.56% of Zn(II), and 74.05% Pb(II) was
desorbed from the non-treated montmorillonite. The authors state “sites can be regarded
as high-energy sorption sites. Metal ions adsorbed on these sites are not accessible for
exchange reaction with a Na(I) ion but fairly exchangeable by another cation like Cu(II)
ion having a strong sorption affinity.”
Li et al (2012) looked into using NaCl as a method for removing heavy metals
from montmorillonite so that it could be reused as a remediation media. They tested
different concentrations of NaCl as the desorbing agent and various initial metal
concentrations prior to adsorption to determine the most effective conditions for metal
desorption. They also noted that the clay structure, which was compared to a house of
cards, does not allow outer ions to enter the interlayers, which is where metals are often
bonded. When the concentration of Na(I) is high enough, therefore increasing the
electrolyte concentration, the structure collapses, allowing access to the heavy metal ions.
At the lower NaCl concentration of 0.01M, 47 and 36% of Cd(II) and Pb(II) were
desorbed, respectively. At a concentration of 0.5M, 93 and 64% of Cd(II) and Pb(II) were
desorbed. Cadmium desorption plateaued after that concentration, but Pb(II) increased to
a maximum of 83% when the NaCl concentration was 3M.
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Long and Angino (1982) did a study to determine if the highly concentrated
brines in the shale formations were capable of mobilizing heavy metals from shale at high
enough concentrations to form ores. They tested five types of shale minerals with heavy
metals naturally present, four types of salts as mobilizing agents (CaCl2, KCl, NaCl, and
a multication salt with Na(I), Mg(II), Ca(II), K(I), Cl(-I), SO4), and tested each solution
and mineral mixture at 3 different ionic strengths (0.7, 2, and 4) and temperatures (25, 50,
and 90C). They found that in a shale sample with lead, the multication solution removed
128 ppm, while CaCl2 removed 135 ppm, KCl 79.4 ppm and NaCl 83.8 ppm. Two
minerals studied with zinc present showed similar trends: CaCl2 had the biggest impact
on the mobilization, followed by the multication solution, then the NaCl and lastly the
KCl. The ionic strength had direct effect on the desorption, for example, CaCl2 released
135 ppm at I=4, 14.2 ppm at I=2, and 1.16 ppm at I=0.7 for Pb(II). The lowest ionic
strength desorbed the least Pb(II) for all types of solution. In general, the type of ion
present (multivalent vs monovalent) has an impact on the mobilization of heavy metals
from shale.
One study was completed to determine if Pb(II) will be desorbed from kaolin after
the clay mineral had been used for remediation of contaminated soil (Wang, Nan et al.
2011). In the study, contaminated kaolin samples were mixed with 0.01M NaNO3 for 24
hours. The amount of Pb(II) in the solution following the mixing was measured and the
desorption amount was calculated based on the known initial Pb(II) concentration. The
results showed that a maximum 5% of the lead desorbed. They also found that the
desorption was related to the initial concentration of lead prior to adsorption. The
maximum desorption was found from the sample with the highest initial Pb(II)
concentration. The authors state that the limited desorption is due to the activation energy
required to desorb Pb(II) from the clay surface, and that sorption requires less energy.
Gu and Yeung (2011) also found similar results in regards to Ca(II) and Na(I)
competing for sorption sites. They found that these ions are more likely to mobilize
metals when the system is at a lower pH because they are competing for the sorption
sites. Their research was looking at the individual components of citric acid industrial
waste, which includes Ca(II), Na(I), NH4, Cl(-I), SO4-, citric acid, and acetic acid. NH4,
Cl(-I), and SO4- are less effective at desorbing Cd(II). Their results also show that citric
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acid, acetic acid, and the citric acid industrial waste under question were more effective at
desorbing Cd(II) than the Ca(II) and Na(I).
Desorption was initiated in a study by Helios-Rybicka et al (2012) using 1M
ammonium acetate. This study used three types of clay mining wastes. For all types, the
desorption results were dependent on the solid/solution ratio. They found that 80% of
Pb(II) was immobile because of possible bonding with Fe-Mn-oxides in kaolinite wastes.
Chromium also had low mobilization because of this bonding mechanism. For Cd(II), 6090% on kaolinite and smectite desorbed, while only 5-58% of Pb(II) desorbed. Cadmium
was the most mobile, followed by Ni(II), Zn(II), Cu(II), and lastly Pb(II) and Cr(VI) were
the least mobile.
Soil characteristics and other factors

Some studies looked into the presence of carbonate, organic matter, and humic
acid on the effect on adsorption and desorption. One study found that humic acid did not
affect desorption from montmorillonite. Desorption was consistently approximately 35%
for Pb(II) for all concentrations of humic acid present, and 20% for Cd(II) desorption.
The pH of the system was 3.8 (Liu and Gonzalez 1999). Saha (2003) found that the
presence of hydroxylaluminum and hydroxyaluminosilicate on montmorillonite had a
large impact on desorption. Comparing the three types of mineral, montmorillonite
without either complex adsorbed less Cd(II) and Zn(II) at a lower pH, and increased as
the pH increased. Lead adsorption on the other hand did not increase with pH, but more
was adsorbed at all pH values for the two montmorillonites with complexes. Sorption for
Pb(II) ranged from 80-100% for the complexes and only 35-42% for montmorillonite
without complexes. In terms of desorption, the Cd(II) and Zn(II) were more mobile than
Pb(II) on the montmorillonite with complexes. Pb(II) did not desorb significantly in any
of the samples when the pH was decreased. When the minerals were mixed with
Cu(ClO4)2 salt at pH 6.5 significantly less Pb(II) was desorbed on the montmorillonite
complexes (12.58 and 14.41%) compared to montmorillonite (74.05%). Cadmium and
zinc had less desorption from the minerals with complexes, but not as large a difference
that Pb(II) desorption showed. The limited mobilization of Pb(II) is possibly a property of
the metal, and it results in a stronger bond than Cd(II) and Zn(II) have.
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A study looked into the difference in desorption of Pb(II), Cu(II), and Zn(II) from
types of contaminated soil that were found in nature (Ottosen, Hansen et al. 2009). Lead
was the least mobile, and zinc was the most. Lead required a low pH, less than 4, for
mobilization. This was dependent on various characteristics of the soil, such as carbonate
concentration, and soil pH buffer capacity. These two factors are related; carbonate
dissolves in the presence of acid, which buffers the pH change. Tang and Tang (2009)
also state that carbonates will also increase the adsorptive ability of the mineral if present.
Yong et al (1990) completed a study specifically looking at the soil buffer capacity and
lead retention. They found that the presence of carbonate increases the buffer capacity,
because it will bond with the H+ ions. Another study from Yong et al (1993) showed that
illite and other types of clay retain heavy metals in precipitated form of hydroxides
because they have the buffer capacity to resist changes in pH, and because they naturally
have a high initial pH (Yong, Galvezcloutier et al. 1993).
One study showed that soils with a higher pH had less desorption (Gu and Yeung
2011). When the soil pH was less than 5, citric acid industrial waste (CAIW), the
extractant under observation which had a pH of 3.87, 85% of the Cd(II) was desorbed
from the soil, whereas for soil pH between 5 and 8, only 20-45% was desorbed. Even
with only using deionized water, at a soil pH of 5, 40% was desorbed, but at pH 7, only
2% was desorbed.
Saha et al (2003) state that the Pb(II) desorbs less from clays because of a
property of the metal, resulting in a stronger bond. Helios-Rybicka and Wojcik (2012)
found that Pb(II) and Cr(VI) result in stronger bonds because of their affinity for Fe-Mgoxides. This will also effect the desorption. Another factor to consider when investigating
the desorption of metals is the size of the metal ion. Yong and Phadungchewit (1993)
stated that the likelihood of ion exchange is directly related to the unhydrated radii of the
metal ion. The smaller the radius, the further into the mineral the ion can penetrate. This
is also consistent with results from Barrow et al (2012), who determined a diffusion
coefficient for the metals under consideration. They found that Cd(II), Ni(II), and Pb(II)
had much smaller diffusion coefficients compared to Mn(II), Co(II), Zn(II), Cu(II), and
Cr(VI). The metals with a smaller diffusion coefficient were more easily mobilized.
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The previous work discussed here shows that there are many factors to consider
when investigating the mobilization of heavy metals. It is important to understand the
type of mineral involved, the pH of the system, the presence and type of competing ions,
and the properties of the heavy metals present.
The previous studies do not consider a solution as complex nor as high in TDS as
fracking wastewater. Spills and leaks are inevitable, so it is important to better understand
the risks involved. This research looks at the common components and typical
concentrations of ions in fracking wastewater, and determines which have the most
impact on mobilizing heavy metals when they spill or leak into shallow aquifers.
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Chapter 3
Methodology
The main purpose of this study was to determine if the high concentrations of ions
(Na(I), Ca(II), Mg(II), Sr(II), Ba(II), Cl(-I)) present in the fracking wastewater have an
impact on mobilizing heavy metals when the wastewater spills and leaks into shallow
aquifers. Several factors such as wastewater composition, ionic strength, and pH were
investigated. Heavy metals, which are present from contamination from industrial
activities, may remain immobile if they are adsorbed to the soil and sediment surface. In
this study, illite samples were prepared to contain a known amount of lead and cadmium.
To simulate fracking wastewater spills, a series of seven solutions of varying ion
concentrations of major components of fracking wastewater were prepared. A
background water solution was also prepared, to simulate groundwater in an aquifer. This
was done to determine how much mass would be desorbed prior to adding the wastewater
solutions. Table 2 summarizes the experiments completed for this study.
Table 2 Ion concentration of solutions added to simulate wastewater spill

Added Solution
Groundwater (no
solution added)
1M NaCl
Ba
Sr
Sr & Ba
Flowback
Produced
Produced 2

Na(I)
(mg/L)
NA
23163
23163
23163
23163
10107
31833
23755

Ca(II)
(mg/L)

Mg(II)
(mg/L)

K(I)
(mg/L)

Sr(II)
(mg/L)

Ba(II)
(mg/L)

NA
0
0
0
0
1403
10898
8210

NA
0
0
0
0
143
142
1239

NA
0
0
0
0
75
305
503

NA
0
0
1000
500
30
29
200

NA
0
1000
0
500
741
836
642

This experiment was completed in three phases. The first phase was materials
preparation, which included acid washing of the illite and chemical preparation. The next
phase was adsorbing cadmium and lead onto the illite. The final phase was to study
Cd(II) and Pb(II) mobilization under several series of different fracking wastewater
solutions.
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Materials preparation
Illite preparation

Illite was used as a reactive adsorbent due to its ubiquitous presence in the natural
subsurface in Pennsylvania. It was purchased from Ward’s Natural Science. The chemical

composition of illite was determined by Inductively Coupled Plasma Atomic Emission
Spectrometry (Perkin-Elmer Optima 5300 UV), as shown in Table 3.
Table 3 Illite composition

Component
Al2O3 (%)
BaO (%)
CaO (%)
Fe2O3T (%)
K2O (%)
MgO (%)
MnO (%)
Na2O (%)
P2O5 (%)
SiO2 (%)
SrO (%)
TiO2 (%)

Percent
18.7
0.05
1.12
5.09
6.04
2.54
0.04
0.19
0.16
61.0
0.01
0.89

Illite was pulverized and sieved to a particle size of less than 150 µm. Prior to
adsorbing metals onto the illite, any impurities such as carbonate or organic matter had to
be removed; this was done by washing the illite in an acidic solution. The illite was
washed in a solution of 0.1 M NaCl at a pH of approximately 4. The pH was adjusted
with 1M HCl. The solution was then stirred for 8 hours until the pH stabilized around
7.21. The solution was settled for about 12 hours or until enough liquid could be
removed. The illite was then washed with de-ionized (DI) water for about 8 hours, until
the pH stabilized around 7.5. The solution was settled again; water was removed from the
illite, and the illite was dried at 65oC in an oven for 12 hours until it was thoroughly
dried. The illite was then gently crushed to remove large clumps. It was not sieved for a
specific size until later in the experiment, after the cadmium and lead had been adsorbed
onto it, and it was broken up again. At that point, it was sieved to between 90 and 150
µm.
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Metal solution preparation

Solutions of 100 ppm Pb(II) and Cd(II) were made by diluting 50 mL each of
1000 ppm Pb(II) and Cd(II) stock solutions, in 500 mL DI water, separately. Both stock
solutions were purchased from Fisher Scientific. Prior to using the diluted solution in the
sorption experiment, it was mixed on a stirring plate to ensure the solution was well
mixed.
Adsorption

Based on literature, concentrations of Pb(II) and Cd(II) in Pennsylvania soils and
sediments can range from approximately 30 to 1000 mg/kg and 3 to 175 mg/kg,
respectively (Starks, Sparks et al. 1987) (Diz 2005) (Mahler, Van Metre et al. 2006). In
this experiment, the concentration of 100 mg/kg was the goal for both metals when
preparing the contaminated clay. Higher concentrations of both metals were found in
contaminated areas (Small, Nunn et al. 1995) (Storm, Fosmire et al. 1994) .
Sorption was completed in two batches, with the main purpose of determining if
the conditions would be appropriate for sorption. A small batch was completed first (50 g
of illite), followed three batches of 100 g each. The Cd-Pb solution for the second batch
was initially combined as 900 ml, then divided into three smaller batches because of the
size of glassware available.
In the first batch, 50 mL each of 100 ppm Cd(II) and Pb(II) solutions were
measured into a 500 mL beaker. An additional 50 mL of DI water was added to bring to
total volume to 150 mL; the additional water was added to ensure the illite would mix
well. This solution was mixed on the stirring plate and the pH was measured to be 1.37.
The pH was adjusted with 1M NaOH and 1M HCl, and eventually brought to 4.76. The
pH was increased to this value because it allowed for less pH fluctuation between when
the illite was added and the start of the sorption measurements. The goal was to maintain
a pH about 8, and in previous trials, sorption was not as effective when the pH was
adjusted to 8 prior to adding the illite. Initial Cd(II) and Pb(II) concentration was
measured before the sorption experiment by taking a 4mL sample of solution. Fifty grams
of pre-washed illite were added to the solution, and mixed until no clumps of illite
remained. The pH was measured to be 7.92. Two drops of 1M NaOH were added to bring
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the pH up to 8.48. The total time of sorption was 6 hours. Samples of solution were taken
about every 2 hours. The pH was maintained above 8 for the remainder of the
experiment.
In the second batch, 300 mL each of 100 ppm Cd(II) and Pb(II) solutions were
measured into a 1400 mL beaker, with an additional 300 mL of DI water. The initial pH
was measured to be 2.17. The difference between the initial pH of the previous batch and
this pH could be due to CO2 entering the stock solutions between the two batches. The
pH was adjusted to 4.26 by slowly adding drops of 1 M NaOH and 1 M HCl to the
solution, and mixing the solution on a stirring plate after each addition. A 4 mL sample of
the solution was taken before the illite was added to get accurate concentrations of Cd(II)
and Pb(II).
The solution was divided evenly into three 500 mL beakers. One hundred grams
of pre-washed illite were added to each beaker, and mixed until no clumps of ilite
remained. The pH of the slurries was increased to 8.43, 8.40, and 8.52, by adding two
drops of 1 M NaOH. Samples of the solution were taken periodically throughout the
experiment. The pH was measured every 1-2 hours and adjusted, if necessary, with small
volumes of 1M NaOH.
In both batches, the solution was settled overnight. Most of the liquid was
removed and the sediment was dried for 6 and 18 hours, respectively, at 65°C. The two
batches were combined. The sediment was then ground up and sieved to a range of 90150 um. A surface area of 14 m2/g was measured using the Brunauer-Emmett-Teller
(BET) method (Micromeritics ASAP-2020 surface analyzer).
To quantify the mass of Cd(II) and Pb(II) adsorbed onto the illite, the following
equation was used:

mM = CoVo − CtVt [1]
Where mM is the mass of metal adsorbed onto the illite (mg), Co is the initial
concentration (mg/L), V€o is the initial volume (L), Ct and Vt are concentration and
volume, respectively, at the endpoint.
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The metal concentration (mg/g) was calculated by dividing the mass of metal by
the total mass of illite used in the sorption experiment. A weighted average of the metalladen clay was taken, based on the final illite mass; the final Pb(II) and Cd(II)
concentrations were found to be 0.0843 mg/g and 0.0898 mg/g, respectively. Table 4
summarizes the initial and final concentrations of Cd(II) and Pb(II), as well as the mass
of illite used in the adsorption experiments.
Table 4 Adsorption results

Batch 1
Batch 2

Initial
Final
Initial
Final

Cd(II) (mg/L)
4.77
0.21
9.08
0.097

Pb(II) (mg/L)
4.4
0
8.51
0

Mass Illite (g)
50.003
35.145
300.713
274.475

Desorption

To identify which components and ion concentrations of flowback and produced
water impacted the heavy metals mobilization from the clay most, several solutions of
various wastewater compositions were created and mixed with the metal-laden clay.
Aqueous samples were taken throughout the experiment and measured for Cd(II), Pb(II),
Na(I), Ca(II), K(I), Mg(II), Sr(II), and Ba(II) concentrations.
Batch desorption experiments were carried out under a series of seven fracking
wastewater conditions, as shown in Table 5. For consistency, all experiments started
with background water of similar concentrations of Ca(II), Mg(II), Na(I), and K(I), and
similar pH. The pH was based on the pH of background water found in literature (Weston
2012). The pH of each wastewater solution added was 6.9 for one experiment, and 6.2+/−
0.02 for the remaining experiments; these values were also based on literature
((Haluszczak, Rose et al. 2013). All experiments were run with duplicates in 500mL
beakers. The illite solution was mixed on a VWR stirring plate with a 1-inch magnetic
stirring rod.
Three different NaCl experiments were completed to determine if the ratio of
wastewater solution to background solution (30 mL vs 60 mL), and if the pH of the NaCl
(6.2 vs 6.9) made a difference in the desorption results. NaCl 3 and Produced 2 used
approximately 2 mg rather than 3, as the other experiments did, because these were
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completed after the other experiments and limited materials were available. The ratio of
solid to background solution was kept the same. It was intended to keep the ratio of
wastewater solution to background water the same for NaCl 3 and the other experiments,
but by human error, this did not occur.
Table 5 Characteristics of experimental runs

Added Solution
Background Water (No
Solution)
NaCl 1
NaCl 2
NaCl 3
Ba
Sr
Sr & Ba
Flowback
Produced
Produced 2

Background
pH

Background
Volume (mL)

Mass
illite (g)

Added
solution pH

Vol. Solution
(mL)

7.67
7.68
7.53
7.66
7.62
7.62
7.65
7.63
7.65
7.67

300
300
300
200
300
300
300
300
300
200

3.002
3.007
3.004
2.003
3.001
3.003
3.001
2.998
3
2

NA
6.9
6.18
6.21
6.24
6.24
6.22
6.23
6.22
6.24

NA
30
30
60
60
60
60
60
60
40

Background water

Synthetic background water was created based on a report of groundwater quality
in Bradford County (Weston 2012). The median values were used as a goal for creating
the background water. Realistic concentrations of background water components were
desired to observe if they played a role in the reactions occurring. A five-liter batch of
background water was prepared so all experiments would have similar initial values of
Ca(II), Mg(II), K(I), and Na(I). There is some variance with initial concentrations of
Na(I) because NaOH was used to adjust the pH prior to each experiment. Table 6 shows
the concentrations of cations in the background water. Between samples, background
water was stored in an airtight container.
Table 6 Background water quality

Bromide
Calcium
Magnesium
Potassium

Experimental
(mg/L)
1.99
3.63
19.5
1.99

Background water was made by dissolving calcite in HNO3-, MgCl2-H20(6) in
water, and KBr in water. Sodium was intentionally left out to better determine if the
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presence of high levels of the compound from flowback water would have an impact on
the desorption of heavy metals. The initial pH of the background water was around 4.15;
it was adjusted to around 7.63+/− 0.04 using NaOH and HCl.
Desorption experiments

Table 5 summarizes the initial values for the various runs. In all experiments, an
aqueous sample of the background water was taken prior to adding in the Cd(II) and
Pb(II) contaminated illite. The pH of the system was measured five minutes after adding
in the illite and allowing it to mix thoroughly. For the first 2 hours, the illite was mixed
with only background water to determine the amount of Pb(II) and Cd(II) desorbed
without the presence of high concentrations of ions.
After 2 hours, 60 mL of different fracking wastewater were added to the illite
mixture. The pH and an aqueous sample were taken five minutes before and after the
solution was added. Samples and pH were taken every hour thereafter. Sediments were
filtered out of the samples with a 0.2 um filter. The experiments ran for a total of 6-10
hours.
Background and DI water

A sample of illite was mixed with background water for the duration of the
experiment, with no fracking wastewater solution added. This was done to determine a
baseline for desorption prior to the addition of fracking wastewater.
Following the same procedures as the experiments with wastewater solutions, a
sample was mixed with background water, then DI water with a pH of 6.2 was added in
place of a wastewater sample to determine if the pH of the wastewater solution impacted
the desorption.
Fracking wastewater preparation

The following section discusses the preparation of the fracking wastewater
solutions.
1M NaCl

A solution of 1M NaCl was made by dissolving 29.22 g NaCl in 500mL DI water.
The pH for all experiments was adjusted with dilute NaOH and HCl solutions.
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Sr

The flowback solution of 1000 ppm Sr and 1M NaCl was made by dissolving
11.692g NaCl in 200mL Sr solution. The initial pH was approximately 1.4, and was
slowly increased to 6.24 with 1M NaOH and 0.001M NaOH.
Ba

The flowback solution of 1000 ppm Ba and 1M NaCl was made by dissolving
11.711g NaCl in 200mL Ba solution. The initial pH was approximately 1.4, and was
slowly increased to 6.24 with 1M NaOH and 0.001M NaOH.
Sr and Ba

An aqueous solution of 500ppm Sr, 500 ppm Ba, and 1M NaCl was made by
measuring 80mL each of the 1000ppm Sr/1M NaCl and 1000ppm Ba/1M NaCl solutions
and mixing together. This diluted both Sr and Ba to 500ppm, and the NaCl concentration
remaind at 1M. The pH was approximately 1.4, and increased to 6.22 with drops of 1M
NaOH, 0.001M NaOH, and dilute HCl.
Flowback

Synthetic flowback water was created based on a report of flowback water quality
from wells in Bradford County PA (Hayes 2009). Table 5 summarizes the values used to
create the flowback water. To create the solution, 10mL of 1000 ppm Sr solution and 290
mL of 1000 ppm Ba solution were combined, and 1.76 g of CaCl2-2H2O, 0.38 g MgCl26H2O, 8.92 g NaCl, and 0.06 g of KBr were dissolved in the Sr/Ba solution. The initial
pH of the flowback water was 1.69, and was increased to 6.23 with drops of 1M NaOH,
0.001M NaOH, and dilute HCl.
Produced

Similarly to flowback water, a synthetic mixture was created based on values of
produced water from Bradford County found in literature (Chapman, Capo et al. 2012).
Table 5 summarizes the values used to create the produced water. The first produced
solution was created by dissolving 0.31 g KBr, 2.88 g MgCl2-6H2O, 14.82 g CaCl22H2O, and 30.41 g NaCl in 10 mL 1000 ppm Sr and 290 mL 1000 ppm Ba solution. The
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second produced solution was created by dissolving 0.28 g KBr, 2.48 g MgCl2-6H2O,
6.92 g CaCl2-2H2O, and 14.23 g NaCl in 25 mL 1000 ppm Sr and 275 mL 1000 ppm Ba
solution. The pH of the first solution was increased to 6.22, and the second to pH 6.24
with drops of 1M NaOH, 0.001M NaOH, and dilute HCl.
Ion concentration measurement

Ion concentration was measured by the Parkin-Elmer Optima 5300 ICP
(inductively coupled plasma emission spectrometer).
Metal quantification

Quantification of metal desorbed is calculated with the following equations:

mi = Ci millite [2]
Where mi is the initial mass of metal in the system, prior to desorption; Ci is the
concentration of metal on illite
€ (mg/g); and millite is the mass of illite initially added to the
system (g).

mt = CtVt [3]
Where mt is the desorbed metal in aqueous phase (mg); Ct is the Cd and Pb concentration
in the aqueous phase (mg/mL) at time t; and Vt is the aqueous volume at time t (mL). The
€
percent of metal desorbed can be calculated.

%DM =

€

mi − mt
mi
[4]
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Chapter 4
Results & Discussion
Ion concentrations

Before analyzing the metal desorption results, this section first covers
concentrations of the major ions present in the system. There are some apparent trends
for all experiments. The concentrations of each ion measured (Ba(II), Ca(II), K(I),
Mg(II), Na(I), and Sr(II)) were analyzed for their change over the duration of the
experiment, and are discussed in this section. Depending on the experiment and solution,
some ions were compared from the beginning of the whole experiment, from time 0, and
others were compared from the time when the solutions were added. Two trends were
true for all experiments: potassium had the greatest percent increase, and magnesium
concentration decreased when the illite was added to the background water. Figure 1Figure 6 show the concentration changes over time for each ion measured. Tables of ion
concentration for each experiment are included in Appendix A. The solutions were added
at time 120, which is shown in the graphs where the ion concentration increases.
Barium

Figure 1 Ba(II) concentration vs time
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Figure 1 shows the Ba(II) concentration over the length of all experiments. In the
background water only experiment, the Ba(II) concentration was not measured, but it is
assumed to be low.
In the 1M NaCl solution experiment, Ba(II) concentration was initially 0.008
mg/L in the background water; it then decreased to 0.003 when the illite was added.
When the NaCl solution was added, it increased to 0.017 mg/L, and at time 360 it
increased to 0.019 mg/L. There was no consistent increase or decrease throughout the
experiment, but overall the concentration did increase. The illite was likely the source of
Ba(II) for this experiment.
Barium was not present in high concentrations in the Sr experiment. It reached the
maximum concentration of 0.15 mg/L before Sr solution was added. The end
concentration was 0.06 mg/L. The decrease in concentration could be explained by the
increased total volume, so the existing Ba(II) became more dilute.
In the Ba experiment, Ba(II) concentration decreased from the initial
measurement after it was added to the system, at time 125, from 144.14 mg/L to the end
concentration of 143.54 mg/L. The maximum was 149.14 mg/L at time 300. There was
fluctuation in the concentrations, but an overall decrease.
Barium concentration increased initially after first hour after the Sr/Ba solution
was added, from 75.68 to 77.61 mg/L, and then fluctuated until the end where it reached
75.17 mg/L.
Barium was not present in the background water at high concentrations compared
to the flowback Ba(II) concentration. When the flowback was added, the Barium
concentration was 140.96 mg/L. It then increased to a final concentration of 144.23
mg/L.
At the start of the Produced experiment, Ba(II) was not present in high
concentrations in the background water. When it was added with the produced solution at
time 120, the system had a concentration of 159 mg/L. At time 360, it had decreased to
157.17 mg/L. The maximum barium concentration was at time 300 with a concentration
of 160.02 mg/L.
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Barium was not present in the Produced 2 system until it was added at time 120,
where it had a concentration of 114.4 mg/L. Over the length of the experiment, it
consistently increased and eventually reached 117 mg/L at time 360.
Calcium

Figure 2 Ca(II) concentration vs time

Calcium concentration was initially 3.97 mg/L in the background water of the
background only experiment; it then increased when illite was added to 7.57 mg/L at time
60, which was also the minimum when illite was in the solution. It reached a maximum
of 8.8 mg/L at time 420. In general, the calcium concentration consistently increased.
In the background water of the 1M NaCl experiment, Ca(II) had an initial
concentration of 5.42 mg/L. When the illite was added, the concentration increased to
7.23 mg/L. The concentration at time 115, right before the NaCl solution was added was
8.55 mg/L. Five minutes after the NaCl solution was added, the concentration had
decreased to 8.28 mg/L. The concentration then steadily increased until the end when it
reached a concentration of 10.32 mg/L.
Calcium was present in background water at 4.36 mg/L prior to illite being added
in the Sr experiment. It then increased to 7.53 and 7.8 mg/L at times 60 and 115,
respectively. The concentration increased to 9.03 mg/L when Sr solution was added, and
continued to increase until end when it reached 10.28 mg/L.
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Calcium concentration showed a steady increase from start to end of the Ba
experiment. Initial concentration was 4.26 mg/L, and then increased in next two hours
when illite was added to 7.47 and 7.88 mg/L. It increased again when the Ba solution was
added, to 9.26 mg/L. Maximum concentration was 9.9 mg/L at time 300, and the end
concentration was 9.75 mg/L.
Calcium concentration initially was 3.38 mg/L at time 0 of the Sr/Ba experiment,
and then increased when illite was added to 6.97 and 7.14 mg/L, at 60 and 115 minutes,
respectively. Calcium was not present in the Sr/Ba solution, but its concentration
continued to increase after the solution was added. At time 125, the concentration was 8.7
mg/L. The maximum was 9.93 mg/L at 360. It was a change of 193.59% from time 0 to
360, and 14.15% from 125 to 360. The illite could have been the source of Ca(II) in this
experiment.
Calcium was present in the background water of the Flowback experiment at an
initial concentration of 3.93 mg/L. It then increased to 7.49 at time 60, after the illite was
added. At time 115, the concentration had increased to 7.68 mg/L. When the flowback
solution was added at time 120, the Ca(II) concentration increased to 255.98 mg/L. It
continued to increase throughout the remainder of the solution, until it reached 267.55 at
time 360.
The initial calcium concentration in the background water was 4.09 mg/L in the
Produced experiment. When the produced solution was added, it increased to 2409.46
mg/L, and at time 360 it had a concentration of 2386.86 mg/L. The maximum Ca(II)
concentration was 2463.55 at time 300. This was the only experiment where the calcium
concentration decreased by the end.
In the Produced 2 experiment, the initial calcium concentration in the background
water was 3.94 mg/L; this increased to 7.31 and 7.5 mg/L for time 60 and 115,
respectively, after the illite was added. After the produced 2 solution was added, the
concentration increased to 1446.18 mg/L. The final Ca(II) concentration was 1484.05
mg/L at time 360. It reached a maximum of 1491.55 mg/L at time 300.
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Magnesium

Figure 3 Mg(II) concentration vs time

Magnesium concentration decreased by 12.89% from the first measurement with
illite at time 60 to the end at time 420 minutes, in the background water only experiment.
The concentration initially was 19 mg/L; it then decreased to 15.3 mg/L after the illite
was added. The range of concentrations was 15.3 to 16.5 mg/L. There was no steady
increase or decrease throughout the experiment; the concentrations fluctuated.
In the 1M NaCl experiment, Mg(II) concentration in the background water was
17.85 mg/L, and then, when illite was added, decreased to 14.4 and 14.38 mg/L for times
60 and 115, respectively. It increased when the NaCl was added, to 15.78 mg/L, then
continued to increase to a maximum concentration of 16.87 mg/L at time 300; the final
concentration was 16.8 mg/L at time 360.
Like the previous two experiments, Mg(II) concentration in the background water
of the Sr experiment decreased after the illite was added. It was initially 18.72 mg/L, and
then decreased to 14.77 and 14.94 mg/L at times 60 and 115, respectively. When the Sr
solution was added, the concentration increased to 15.91 mg/L and continued to increase
until time 360 when it reach 16.86 mg/L.
Magnesium was present in the background water of the Ba solution experiment at
18.75 mg/L; the concentration then decreased over the next 2 hours after the illite was
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added, to 15.16 mg/L. It increased to 15.99 mg/L, when Ba solution was added. There
was slight fluctuation until the end, where it reached 16.43 mg/L. The maximum
concentration was 16.89 mg/L at 300 minutes, and the minimum was 15.99 at 125
minutes.
Magnesium had an initial concentration of 19.5 mg/L in the background water of
the Sr/Ba experiment, and decreased when the illite was added to 15.31 mg/L. It then
increased to 17.9 mg/L when Sr/Ba solution was added. The Mg(II) concentration
continued to increase after the solution was added; it reached a maximum of until 18.58
at time 180, then fluctuated until the end, where the concentration was 18.38 mg/L.
In the Flowback experiment, Mg(II) decreased after illite was added; the initial
concentration was 18.32 mg/L, and it then decreased to 14.57 and 14.67 mg/L at times 60
and 115, respectively. Magnesium concentration after flowback was added was 39.3
mg/L, then increased to a final concentration of 40.89 mg/L at time 360. There was some
fluctuation between times 125 and 360, but by less than 1 mg/L.
Magnesium concentration in the background water of the Produced experiment
was 18.08 mg/L, and in this case, during the first hour after the illite was added, the
Mg(II) concentration increased to 18.72 mg/L. Similarly to the other experiments, it did
also decrease by time 115, to 14.53 mg/L. When the produced solution was added at 120,
the concentration increased to 210.01 mg/L, and at time 360 it had a concentration of
208.1 mg/L. Overall, the concentration decreased, and there was fluctuation between the
point where the produced solution was added and the end.
Magnesium was present in the Produced 2 experiment background water at 17.78
mg/L. When the illite was added and an aqueous sample was taken at 60 minutes, the
concentration had decreased to 14.41 mg/L. When the produced 2 solution was added at
120, the concentration was 237.66 mg/L. The end Mg(II) concentration was 243.31
mg/L, and increase of about 5.7 mg/L. The maximum concentration was at time 300 and
was 244.83 mg/L.
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Potassium

Figure 4 K(I) concentration vs time

In the background water only experiment, from the first measurement with illite
present to the end, potassium had the largest increase in percent change (322.33%). The
initial concentration prior to illite was 2 mg/L, then increased to 6.44 mg/L when the illite
was added. It increased to 8.44 mg/L at 420, which was also the maximum concentration
throughout the experiment. Like calcium, potassium generally increased from start to
end.
Potassium concentration at time 0 of the NaCl experiment was 3.62 mg/L, and
then increased to 6.48 mg/L and 6.58 mg/L for times 60 and 115, respectively. When the
NaCl solution was added, the concentration increased to 12.24 mg/L, and continued to
increased by about 5.5 mg/L until end to 17.72 mg/L. Potassium increased the most
between 125 and 180, and continued to increase by lesser amounts until the end.
Potassium concentration in background water of the Sr experiment was 3.05
mg/L, and then increased to 5.61 and 6.08 mg/L for times 60 and 115, respectively, after
illite was added. The concentration increased to 7.97 mg/L when Sr solution was added,
continued to increase until end it reached 12.83 mg/L.
Potassium had an initial concentration of 3.22 mg/L in the Ba experiment, then
the illite added and it increased to 5.77 and 6.38 mg/L for times 60 and 115, respectively.
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When the Ba solution was added, the concentration increased to 8.18 mg/L, and then
continued to increase until the end when it reached 12.47 mg/L.
Potassium was not detected in the background water of the Sr/Ba experiment, but
it was present at 60 and 115 minutes, at 1.22 and 1.73 mg/L, respectively. When the
Sr/Ba solution was added, the concentration increased to 8.78 mg/L. The concentration
then came to a maximum of 11.02 mg/L at time 240, and reached an end concentration of
10.92 mg/L. The concentration increased in general, except for one increment where it
decreased.
In the Flowback experiment, K(I) had a concentration in the background water of
2.35 mg/L, which then increased to 6.5 mg/L and decreased to 6.21 mg/L at time 60 and
115, respectively. When the flowback was added, K(I) concentration increased to 16.58
mg/L at time 125. It fluctuated for the remainder of the experiment, but overall increased
and the final concentration was 18.2 mg/L.
In the Produced experiment, K(I) had an initial concentration in the background
water of 2.98 mg/L. When the Produced solution was added, it increased to 68.36 mg/L,
and at time 360 it was 68.69 mg/L. The maximum K(I) concentration was 70.61 mg/L at
time 300.
Potassium was present in the background water of the Produced 2 experiment at
an initial concentration of 14.26 mg/L, and this increased slightly to 14.49 and 14.64
mg/L at times 60 and 115, respectively, when the illite was added. When the produced 2
solution was added at time 120, and the aqueous sample was taken at 125, the K(I)
concentration was 92.45 mg/L; this concentration continued to increase until the end
where it reached 99.36 mg/L, an increase of 7.46%.
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Sodium

Figure 5 Na(I) concentration vs time

Sodium had an increase of 196.69% from start to end of the background water
only experiment. Prior to the illite addition, the concentration was 12 mg/L, and then
increased to 28 mg/L when the illite was added. The maximum concentration was 46
mg/L at time 180, and minimum was 25 mg/L at 250 minutes. The end concentration at
420 minutes was 35 mg/L. Sodium concentration fluctuated between increasing and
decreasing throughout the experiment.
In the NaCl experiment, Na(I) concentration increased by 3%, or about 120 mg/L,
from concentration of 4913.38 mg/L at time 125 (shortly after the NaCl was added) to
5092.25 mg/L at 360. There was some fluctuation between the start and end, not a
consistent increase.
Sodium concentration increased by about 23 mg/L after the illite was added, and
increased again when the Sr solution added, to 3614 mg/L. It decreased by 7 mg/L in next
hour, then slight fluctuation over next 4 hours, reaching an end concentration of 3656.78
mg/L.
For the Ba experiment, Na(I) concentration in the background water increased
when illite was added. The concentration when the Ba solution was added was 3642.16
mg/L, and then there was some fluctuation until it reached the end concentration of
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3765.11 mg/L. The maximum was reached at time 300 and was 3769.81 mg/L, and a
minimum of 3622.22 mg/L at time 180.
In the Sr/Ba experiment, Na(I) increased when illite was added by 16 mg/L.
When the Sr/Ba solution was added, the Na(I) concentration increased to 3580 mg/L, it
then fluctuated between a minimum of 3560 mg/L at time 240, and a maximum of 3672
mg/L at time 360.
Sodium concentration was 1879 mg/L when the flowback solution was added, and
decreased by 13 mg/L after the first hour. There was fluctuation of the concentration: it
reached a maximum of 1909 mg/L, and eventually decreased to a final concentration of
1897 mg/L. There was an overall change from start to finish, after the flowback was
added, of 28 mg/L, or 0.94%.
Sodium concentration when the produced solution was added was initially 7236
mg/L. The concentration also fluctuated between that point and the end, where it reached
6879 mg/L at time 360.
Sodium increased after the illite was added to the Produced 2 background water
from 29.8 mg/L to 43.4 mg/L. When the produced 2 solution was added, the Na(I)
concentration was 4277.63 mg/L, it increased to a maximum of 4416.77 mg/L at time
240, then decreased to 4074.8 mg/L at time 300, then increased to a final concentration of
4350.27 mg/L. The overall percent increase from time 125 to 360 was 1.7%. The major
decrease of approximately 650 mg/L was only in one of the two experiments; the other
experiment also had a decrease from sample at time 240, but only by less than 100 mg/L.
There was no direct relation of increase or decrease of Cd(II) desorption the times when
Na(I) concentration drastically changes.
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Strontium

Figure 6 Sr(II) concentration vs time

Strontium concentration was not measured in the background water only
experiment, but similarly to Ba(II) concentration, it is assumed to be low.
Strontium had overall low concentrations in the 1M NaCl experiment, but did
increase when illite was added in the first 2 hours, then another increase when NaCl was
added. The maximum was 0.053 mg/L and the minimum was 0.007 mg/L.
The Sr(II) concentration was 151.12 mg/L, after the Sr solution was added. It then
decreased in the first hour after addition, to 150.64 mg/L, then increased up to 154.58
mg/L by the end.
In the Ba experiment, Sr(II) was present in low concentrations compared the other
ions because not present in the Ba solution, nor the background water. The concentration
did increase when illite was added from 0.06 mg/L to 0.14 mg/L, and by end the
concentration was 0.17 mg/L.
Strontium was not present in the background water before the Sr/Ba solution was
added in high concentrations. When the solution was added, the Sr(II) concentration was
75.35 mg/L. It then fluctuated for the remained of the experiment, and reached an end
concentration of 73.65 mg/L, which is an overall decrease.
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In the Flowback experiment, Sr(II) increased between the point where flowback
solution was added and the end by 0.09 mg/L. The initial concentration after the
flowback solution was added was 5.02 mg/L, and the end was 5.11 mg/L. The maximum
concentration was 5.16 at time 300. There was some fluctuation of concentration between
times 125 and 360, but not by a significant range.
Strontium was added to the system at time 120 with the addition of the produced
solution. Its concentration was 5.58 mg/L at time 125, and did not fluctuate greatly
during the remainder of the experiment. The end concentration was 5.54 mg/L. The
maximum was 5.7 mg/L at time 300.
Strontium was introduced to the system with the Produced 2 solution, at a
concentration of 35.5 mg/L. It increased to maximum of 37.4 mg/L at time 240, and then
decreased to a final concentration of 37.2 mg/L at time 360.
Predicted vs experimental ion concentrations

Table 7 through Table 12 show the predicted values for the ions, which is based
on the concentration in the background water, and the mass added when the wastewater
solutions were added to the system. It was calculated from Equation 5.

Ci =

(Ci1*V1) + (Ci 2 *V 2)
[5]
V1+ V 2

Where Ci is the predicted concentration of ion I (mg/L), Ci1 is the concentration of ion i
in the background water
€ (mg/L), V1 is the volume of background water (L), Ci2 is the
concentration of ion i in the wastewater solution (mg/L), and V2 is the volume of
wastewater solution added (L).
Table 7 Predicted and actual Na(I) concentrations

Experiment
1M NaCl
Sr
Ba
Sr/Ba
Flowback
Produced
Produced 2

Na(I) (mg/L)
Predicted
Experimental
5637
4913
4035
3614
4035
3642
4021
3580
1779
1879
5576
7236
3864
4278
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For the experiments with the less complex solutions (1M NaCl, Sr, Ba, and
Sr/Ba), the experimental Na(I) concentration was less than the predicted value, as shown
in Table 7. This could indicate that Na(I) ions are being adsorbed onto the illite, or
exchanging sites with the Cd(II) ions. In the more complex solutions (Flowback,
Produced, and Produced 2), the predicted values are less than the experimental values.
This could be due to the addition of other ions, such as Ca(II), Mg(II), and K(I),
exchanging sites with Na(I) ions on the illite. This could also indicate and Ca(II), Mg(II),
and K(I) ions are more competitive for sorption sites than Na(I).
Similarly to Na(I) predicted and experimental concentrations, Ba(II) and Sr(II)
predicted concentrations are greater than the experimental for the less complex solutions,
and less than the experimental for the more complex solutions. This could be for the same
possible reason as the difference in Na(I) concentration for the more complex solutions.
Table 8 Predicted and actual Ba(II) concentrations

Experiment
Ba
Sr/Ba
Flowback
Produced
Produced 2

Ba(II) (mg/L)
Predicted
Experimental
172
144
87
75.7
127
141
144
159
104
114

Table 9 Predicted and actual Sr(II) concentrations

Experiment
Sr
Sr/Ba
Flowback
Produced
Produced 2

Sr(II) (mg/L)
Predicted
Experimental
173
151
87
75.3
5.2
5
5
6
32
36

Calcium, magnesium, and potassium predicted concentrations were only reported
for the Flowback, Produced, and Produced 2 experiments, because these ions were not
present in the added solutions of the other experiments. The predicted concentrations for
Ca(II) and Mg(II) were less than the experimental concentrations. This illite could be the
source of the additional concentration. The K(I) predicted value was relatively close for
the Flowback experiment, and accurate for the Produced 2 experiment. The predicted
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value was lower than the experimental concentration for the Produced experiment. As
previously seen in Figure 4, the K(I) concentration increases with time for all
experiments, which could indicate that the illite is the source of K(I) ions.
Table 10 Predicted and actual Ca(II) concentrations

Experiment
Flowback
Produced
Produced 2

Ca(II) (mg/L)
Predicted
Experimental
248
255
1885
2409
1330
1447

Table 11 Predicted and actual Mg(II) concentrations

Experiment
Flowback
Produced
Produced 2

Mg(II) (mg/L)
Predicted
Experimental
37
39
177
210
211
238

Table 12 Predicted and actual K(I) concentrations

Experiment
Flowback
Produced
Produced 2

K(I) (mg/L)
Predicted
Experimental
18
17
58
68
92
92
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pH

Figure 7 pH vs time for all experiments

Figure 8 pH vs time for NaCl 3, Flowback, Produced, and Produced 2 experiments

Figure 7 and Figure 8 show the pH change over time. As shown in Figure 7, most
experiments follow the same general change in pH. The pH increased in the first five
minutes, which was after the illite was added. The pH then decreased over the next hour,
and then began to increase. When the various solutions were added at time 120, the pH
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for all solutions decreased. All solutions then gradually increased over the remainder of
the experiments.
In Figure 8, it is easier to see the change of pH over time, and how the pH
changed with different solutions. The most apparent is the overall pH of the 1M NaCl
experiment was the highest pH after the solution was added. The more complex
solutions, Flowback, Produced, and Produced 2, resulted in lower pH. Flowback is not as
complex as Produced and Produced 2, and had a pH in between the 1M NaCl and
Produced experiments.
Effect of solution composition

Figure 9 Percent Cd(II) desorption vs time

Figure 9 shows that initially, the amount of Cd(II) desorbed is about the same for
all solutions in the background water only. The average percent desorption for time 0-120
minutes is 14%. For the experiment “background” where no additional solution was
added to the system, the desorption remained around 14% for the length of the
experiment, a maximum desorption of 14.5%.
There is an increase in percent desorption for all solutions around 120 minutes,
which is when the solutions were added. This indicates an immediate mobilization of
cadmium from the illite. The results for the Sr and Ba solution experiments are similar,
with a maximum desorption of 61 and 62%, respectively. This could indicate that neither
Sr(II) nor Ba(II) is more effective at mobilizing Cd(II) than the other. There is not a large
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difference in the desorption amongst the 1M NaCl, Sr, Ba and Sr & Ba results. This
indicates that Na(I) has the most effect on desorption of the 3 ions considered.
The maximum Cd(II) desorption resulted from the Produced solution, with a
maximum percent of 85%. Produced 2 had a maximum desorption of 85%. The flowback
solution had less desorption compared to the produced solutions, but more than the less
complex solutions. It had a maximum desorption of 71%. The presence of Ca(II), Mg(II),
and K(I) could contribute to the increased desorption in the experiments with more
complex solutions.

Figure 10 End point Na(I) concentration vs Cd(II) desorption

Figure 10 shows that in general, the higher the concentration of Na(I), greater
desorption occurs. Sodium concentration is not the only factor to consider though. For
example, the flowback solution has less than half the Na(I) concentration as the NaCl
experiment, but has greater desorption, 71% compared to 67%. This could indicate that
there are other factors involved in mobilization. The Na(I) concentration for Sr, Ba, and
Sr & Ba were similar: 3657, 3765, and 3672 mg/L respectively. These experiments had
similar results for the end point Cd(II) desorption: 61%, 59%, and 63%, respectively.
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Figure 11 End point Ca(II) concentration vs Cd(II) desorption

Figure 12 End point Mg(II) concentration vs Cd(II) desorption

Figure 11 and Figure 12 show the relationship between Ca(II) and Cd(II)
desorption, and Mg(II) and Cd(II) desorption, respectively. Percent Cd(II) desorption as a
function of calcium concentration does show a trend: Cd(II) desorption increases with
higher Ca(II) concentration. This is also true for Mg(II) concentration. Similarly to Na(I)
presence, Ca(II) and Mg(II) presence are not the only factors for desorption. The NaCl,
Sr, Ba solutions had Ca(II) and Mg(II) present only from the background water, but still
showed desorption results at low concentrations of Ca(II) and Mg(II).
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Figure 13 End point Ba(II) concentration vs Cd(II) desorption

Figure 14 End point Sr(II) concentration vs Cd(II) desorption

Changes in both Sr(II) and Ba(II) concentration did not have an apparent effect on
the Cd(II) desorption. The experiments with the highest Cd(II) desorption were Produced
and Produced 2; however both of these experiments had low Sr(II) and Ba(II)
concentrations. The end point Ba(II) concentrations were 157.17 mg/L and 116.99 mg/L,
with Cd(II) desorption at 82.27% and 83.6%, for Produced and Produced 2, respectively.
The Ba experiment had an endpoint concentration of 143.54 mg/L, but only resulted in
59.48% Cd(II) desorption.
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Results from the 1000 ppm Sr experiment show similar results. Experiments with
lower Sr concentrations, such as Produced 2, which had an end point Sr(II) concentration
of 37.1 mg/L, had 83.6% desorption. The 1000 ppm Sr experiment had an end point
Sr(II) concentration of 154.57 mg/L, and only 60.53% Cd(II) desorption.
Effect of ionic strength

Ionic strength is indicative of the total ion concentration in the solution. It is
calculated using Equation 6.
n

I=

1
2

2
i i

"c z
i=1

[6]

Where ci is the molar concentration of ion i (mol/L), and zi is the charge. For the anions,
Cl(-I) and Br(-I), it was assumed
that their concentrations remained constant, as Cl(-I)
!
and Br(-I) are conservative and non-reactive.

Figure 15 Cd desorption vs ionic strength

There is an apparent trend between ionic strength and the percent Cd(II)
desorption, as shown in Figure 15. Produced and Produced 2 had both the highest ionic
strength (0.65 and 0.51 mol/L, respectively) and the highest Cd(II) desorption (82.27 and
83.6%, respectively). However, Flowback had a low ionic strength of 0.11 mol/L, and
had the third highest desorption results, 70.93%. The ionic strengths for Ba, Sr, and Sr/Ba
were all approximately 0.17 mol/L and the percent Cd(II) desorption results were also
close, at 59.48%, 60.53%, and 62.95%. The 1M NaCl solution did have a slightly higher
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ionic strength (0.23 mol/L), as well as more Cd(II) desorption (67.02%). The total ionic
concentration does have an impact on the Cd(II) desorption, but there are still other
factors to consider.
Effect of pH

The pH of a system indicates the H+ concentration. The more H+ in solution, the
lower the pH, and the more acidic the solution is. Previous studies have shown that acidic
conditions lead to greater heavy metal desorption. The H+ ions compete for the sorption
sites, and are often more competitive, therefore mobilizing heavy metals.

Figure 16 Initial pH vs end point pH

The initial pH is the pH measured minutes after the illite was first added to the
background water. The initial pH of the background water was set to be approximately
7.65, with the exception of NaCl 2, which started at 7.53. As shown in Figure 16, all
experiments ended with a lower pH than their initial pH. Most solutions increased to a pH
between 7.8 and 8.1. NaCl 2 and NaCl 3 have slightly lower pH values; both solutions
only reached 7.64. NaCl 2 did start at a lower pH, which could explain why the pH after
the illite was added did not increase as much as the other solutions. The background
solution pH of NaCl 3 was 7.66, which is consistent with the other experiments initial
background pH levels. A possible explanation for this could be weathering time, as the
NaCl 3 experiment was completed about 3 weeks after the other experiments were done.
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As shown in Figure 8, the more complex solutions (Flowback, Produced, and
Produced 2) result in lower end pH. NaCl 2 also ended in a lower than average pH, which
could be explained by its lower initial pH. The end pH of Flowback was 7.19, Produced
was 7, and Produced 2 was 6.99. The other end pH levels were between 7.28 and 7.37.
The background solution end pH was the highest at 7.41.

Figure 17 End point pH vs Cd(II) desorption

Figure 17 shows the relationship between end point pH and Cd(II) desorption.
There is an apparent trend that at lower pH levels, there is greater desorption. The pH
from NaCl 1 may be difficult to consider in this analysis because it had other variable
changes, such as the pH of the NaCl solution was 6.9, as opposed to 6.2 for the other
experiments, and the ratio of solution to background water was different, resulting in
more dilute concentrations of sodium, calcium, and magnesium.
The end pH of Produced 2 was the minimum of all experiments, at 6.99. The
Cd(II) desorption for this experiment was the maximum of all experiments, 83.6%. The
next lowest pH was from Produced, with 7, and Cd(II) desorption of 82.27%. Flowback
had an end point pH of 7.19, and Cd(II) desorption of 70.93. The data point for NaCl 3 is
not consistent with the data trend; it has an end point pH of 7.37, and Cd(II) desorption of
67.02%. The Ba, Sr, and Sr/Ba experiments all had end point pH levels less than 7.37, but
less desorption than 67.02%. This indicates that pH, as well as other factors, are involved.
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Figure 18 Ionic strength vs pH

Ionic strength and pH appear to both be factors in Cd(II) desorption. Figure 18
compares the two to see if there is a relationship. As previously seen in Figure 8 and
Figure 16, the more complex solutions results in lower pH levels. A higher ionic strength
does not necessarily mean a lower pH will result. NaCl 3 had an ionic strength of 0.23
mol/L, and an end point pH of 7.37, while Flowback had an ionic strength of 0.11 mol/L,
and an end point pH of 7.19.

Figure 19 Ca(II) concentration vs pH
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As previously seen in Figure 11, Ca(II) presence had an apparent impact on Cd(II)
desorption. According to Figure 17, pH also had an impact on desorption. To determine if
these two factors were related, they were plotted on Figure 19. It does appear that higher
Ca(II) concentration results in a lower pH. Calcium concentration in Flowback was 267.6
mg/L, and the pH was 7.19. Calcium concentration in Produced was 2387 mg/L, and the
end point pH was 7. Calcium concentration in Produced 2 was 1484 mg/L, and the pH
was 6.99.
This could possibly be due to the presence of carbonate in the background water.
Based on the following reactions:
CaCO 3(s) + H + ↔ Ca 2+ + HCO -3

HCO -3 ↔ H + + CO 23
+
If carbonate is present,
€ it reacts with H ions, producing bicarbonate. The bicarbonate

then reacts with Ca(II) ions, and produces calcite, and additional H+ ions, which lowers
€
the pH. There was carbonate present in the background water.
Combined Effects

Figure 20 Na(I) concentration vs pH with Cd(II) desorption level

Figure 20 combines the Na(I) concentration with the pH for each experiment, as
well as the level of Cd(II) desorption. Produced has a low pH, high Na(I) concentration,
and high Cd(II) desorption. Produced 2 has a low pH, higher than average Na(I), and high
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Cd(II) desorption. Background has low Na(I) concentration, high pH and low Cd(II)
desorption. The data points in the middle, with average pH and Na(I) concentration do
have lower Cd(II) desorption. This figure shows that it is a combination of multiple
factors that contribute to the Cd(II) desorption.

Figure 21 Na(I) concentration vs pH, with Cd(II) desorption (color), and ionic strength (value)

Figure 21 adds on the ionic strength data for each experiment. While the high
ionic strength in Produced and Produced 2 appears to impact the desorption of Cd(II),
this figure also shows that NaCl 2 and Flowback had desorption around or above 70%,
but much lower ionic strength.

Figure 22 Na(I) concentration vs pH, with Cd(II) desorption (color), and Ca(II) concentration (value)
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Calcium concentration is included on Figure 22. In general, the data points with
high Ca(II) concentration also have lower pH, with the exception of NaCl 3. Figure 16
also shows that solutions with higher Ca(II) concentrations have higher desorption.
Calcium concentration, pH, and Na(I) concentration all contribute to Cd(II) desorption.

Figure 23 Na(I) concentration vs pH, with Cd(II) desorption (color), and Mg(II) concentration (values)

Figure 23 shows the Mg(II) concentration for each experiment. Similarly to
Ca(II), the experiments with higher Na(I) concentration also have lower pH values, and
greater Cd(II) desorption. Calcium and magnesium are known to compete for adsorption
sites, and are more competitive than Na(I) for the sites. Calcium and magnesium will also
both react with carbonate, and therefore produce calcite and magnesite, respectively, and
decrease the pH. The lower pH will also contribute to increased desorption because of the
added competing H+ ions.
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Figure 24 Na(I) concentration vs pH, with Cd(II) desorption (color) and initial pH (value)

Figure 24 includes to pH after the illite was added. It does not appear that the pH
from early in the experiment has a direct impact on the Cd(II) desorption. NaCl 3 and
NaCl 2 had the same pH, but different desorption results. The pH after the illite was
added is independent of the type of solution; the solutions were added two hours after the
pH was measured.
Lead desorption

The results showed little or no detection of Pb(II) desorption from the illite under
all fracking wastewater solutions. Previous research shows similar results. Research
shows that when the Pb is adsorbed at a higher pH, it is more likely to precipitate
(Echeverria, Zarranz et al. 2005). In the sorption phase of this research, the pH was
maintained around 8, to ensure adequate sorption of both metals simultaneously.
Echeverria et al (2005) state that at pH higher than 6, Pb will precipitate on illite.
Farrah and Pickering (1978) state that precipitation during sorption can cause
desorption to not occur. Results of this research are consistent with data from Farrah and
Pickering. Desorption of Pb(II) from illite did not occur at pH greater than 7. Sodium and
calcium are not effective at dissolving the precipitated form of Pb-hydroxide, therefore
desorbing only small amounts from illite.
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A study completed on the desorption of Pb(II) from kaolin, another type of clay,
also supports the results from this study. Lead was not easily desorbed from the kaolin
(Wang, Nan et al. 2011).
Discussion of results

The results show there are multiple factors involved in the mobilization of Cd(II)
from illite. The Flowback, Produced and Produced 2 experiments had the highest
mobilization results. These experiments also had the lowest end point pH. This could
possibly be due to reactions between Ca(II) and Mg(II), and carbonate in the background
water. This would results in the lower pH, and the increased concentration of H+ results
in more competition for the sorption sites. Increased ion competition results in greater
heavy metal mobilization.
Linear regression analysis was completed for the perecent Cd(II) desorption
versus pH data and the percent Cd(II) desorption versus ionic strength. Results showed
that pH had a stronger correlation than ionic strength did to the Cd(II) desorption results.
These results also show that other factors involved are the presence and
concentration of other competing ions, such as Na(I), Ca(II), and Mg(II). As previously
discussed, studies have been done on the mobilization and desorption of cadmium and
lead from clay minerals. The results of the studies previously done show that high
concentrations of competing ions, such as sodium and calcium, will mobilize heavy
metals, which is consistent with the current study (Farrah and Pickering 1978; Long and
Angino 1982; Saha, Iwasaki et al. 2003; Gu and Yeung 2011; Li, Wang et al. 2012).
The results of this study are similar to those of Farrah and Pickering (1978). In
this study, Pb(II) possibly precipitated, and therefore did not mobilize when the fracking
wastewater solutions were added. Cadmium did mobilize when competing ions (Na(I),
Ca(II), Mg(II)) were added to the solution. The results from Farrah and Pickering show
that Cd is more mobile than Pb, especially when the adsorption was done at pH 7. The Pb
in the Farrah and Pickering study did not mobilize at all. They mixed illite with 0.001M
and 0.05M CaCl2. Similar to the results of this study, the higher concentration of Ca(II) in
the system resulted in more Cd(II) desorption.
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Gu and Yeung (2011) state that Ca(II) and Na(I) are more effective at mobilizing
Cd(II) from a natural clay at lower pH values, which confirms that it is a combination of
factors for heavy metals desorption. Li et al (2012) show that high concentrations of
Na(I) are more effective at mobilizing Cd and Pb from clay, but it is dependent on the
type of metal. They showed that Pb is less mobile than Cd, which is consistent with data
from this study. They also explained that the reason for effective mobilization at high
Na(I) concentration is the Na(I) causes the structure of the clay to “collapse” which
allows for the Na ions to exchange with Cd and Pb ions at sorption sites found further in
the layers of the clay.
Saha et al (2003) showed that an important factor of the competing ion is its
affinity for adsorption to clay, in regards to its ability to mobilize heavy metals present.
In their experiment, the authors use Cu(II) as the competing ion. They state that Cu(II) is
more effective at mobilizing Cd, Zn, and Pb, because it is has a higher affinity for
sorption sites. Sodium is less likely to mobilize metals than Cu(II) is because it is not able
to exchange with ions located at the high-energy sorption sites. This could explain why
the high concentration of Ca(II) in Flowback, Produced and Produced 2 solutions
increased the mobilization of Cd(II), compared to the solutions with low concentrations.
Long and Angino (1982) also showed that the valence of the competing ion has an impact
on the heavy metal mobilization. They tested four types of solutions: a multication brine,
CaCl2, KCl, and NaCl. They found that in general, the multication solution, which had
Na(I), Ca(II), K(I), Mg(II), Cl(-I), and SO4 present, was the most effective at mobilizing
metals, followed by the CaCl2 solution.
Long and Angino (1982) also tested the effect of ionic strength on the
mobilization, and found that a higher ionic strength does result in greater mobilization.
This is consistent with data from the current study. The experiments with the highest
ionic strength were Produced and Produced 2; these studies also had the highest
mobilization results. A higher ionic strength indicates there is a higher total ion
concentration. These ions could be competing for adsorption sites; however high total ion
concentration does not necessarily correlate to high concentration of competing ions. The
Flowback experiment had a lower ionic strength compared to experiments with only
Na(I), Sr(II) and/or Ba(II); the Flowback mobilization results were higher than those of
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the NaCl, Sr, and Ba experiments. This indicates that it is the type of ion present, rather
than the total ion concentration that impacts the mobilization. Flowback had higher
concentrations of Ca(II) and Mg(II) than the Na, Sr and/or Ba experiments.
Implications of results

The main intent of this study was to determine if the wastewater generated from
Marcellus Shale hydraulic fracturing activities were to spill or leak into shallow aquifers,
would it mobilize Cd(II) and Pb(II). This poses a risk to shallow aquifers, which can be
drinking water sources. These results show that there is a risk of Cd(II) desorption from
contaminated illite when Marcellus wastewater spills.
Wastewater that has high concentrations of Ca(II), Mg(II), and Na(I) potentially
will cause the highest amounts of mobilization. Produced waters typically have higher
concentrations of these elements.
For all wastewater solutions, the pH decreased over the length of the experiment.
This is important to consider because lower pH, the more easily metals will be desorbed.
The presence of hydrogen ions is a risk because they will break hydroxide bonds of
precipitates.
In natural systems, there are other factors to consider however, such as the soil
type and characteristics, the presence of other types of clay, and the clay content. Clays
have different capacities to adsorb heavy metals, and different affinities for types of
metals. The bonding mechanisms between the clay and the heavy metals, as well as their
individual properties will also affect if they are mobilized in a natural system. It is also
important to consider the groundwater flow rate. If it is a low flow rate, the wastewater
will be more concentrated compared to a higher flow rate. The higher flow rate system
would dilute the spill quicker, as well as allow for less contact time between the
contaminated soil/sediment and the wastewater.
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Chapter 5
Conclusions
Fracking wastewater will continue to be generated, and inevitably some will spill
and leak, which poses a risk for the mobilization of heavy metals in shallow aquifers. The
results of this study showed there is a combination of factors effecting the mobilization of
heavy metals adsorbed onto clay and soil. This research showed that the pH, the Na(I),
Ca(II), and Mg(II), and the overall ionic strength of the system all affected the cadmium
desorption. Lead was immobile possibly because of precipitation during the adsorption
phase.
The pH of the system effects the mobilization because of the presence of H+ ions
competing for sites. In this study, the lower the pH, the higher the percent Cd mobilized.
The Flowback, Produced, and Produced 2 solutions resulted in an over all lower pH than
the other solutions (7.19, 7, and 6.99, respectively), and overall greater desorption (71,
82.3, and 83.6%, respectively). These solutions had higher concentrations of Ca(II) and
Mg(II), which could react with carbonate present in the background water, which results
in H+ ions as a product and therefore a lower pH. In all systems, the pH decreased from
the initial measurement when the illite was added to the end after the wastewater solution
had been added and mixed.
The presence of high concentrations of other competing ions, such as Na(I),
Ca(II), and Mg(II) has an impact on the Cd(II) desorption as well. In all experiments, the
added solutions had high concentrations of sodium. When these solutions were added, the
percent Cd(II) desorption quickly increased from about 14% to 60-85%, depending on
the solution composition. The solutions with higher concentrations of Ca(II) and Mg(II),
which were again Flowback, Produced, and Produced 2, all showed greater cadmium
desorption compare to those with very low Ca(II) and Mg(II) concentrations. The
presence of Na(I) did impact the desorption, but there was not a trend indicating that
higher Na(I) concentration results in higher Cd(II) desorption. Strontium and barium did
not show to be factors in the amount of Cd(II) mobilized.
Ionic strength indicates the overall ion concentration of the solutions. The higher
the ionic strength, the higher the total ion concentration is, and therefore there is greater
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competition from other ions for sorption sites. Produced and Produced 2 solutions had the
highest ionic strengths of all solutions (0.65 and 0.51 mol/L, respectively), and the
highest desorption results (82.3, and 83.6%, respectively). Flowback had the third
greatest cadmium desorption (70.9%), however it had one of the lowest ionic strengths of
all experiments (0.11 mol/L). Experiments with highest ionic strengths than Flowback
had greater desorption results. This could show that it is the type of ion present, rather
than the total ion concentration, that affects the heavy metal desorption.
Other factors impacting the heavy metal desorption include the conditions during
adsorption. In this experiment, based on literature, it is assumed that the Pb(II)
precipitated during the adsorption phase, resulting in a strong bond between the Pb(II)
and the clay mineral. A low pH could have better mobilized the Pb(II), but Na(I), Ca(II),
and Mg(II) ions were not able to, as they cannot break hydroxide bonds.
There is a definite possibility of spills and leaks of fracking wastewater, and based
on this research, if the wastewater does spill onto contaminated soil, there is a risk of
mobilizing heavy metals in contaminated shallow aquifers.
Future work

There are other factors to consider and improvements to be made for future work
on this topic. In a laboratory setting, a more realistic experiment could be designed using
columns packed with a combination of soil, different types of clay, and quartz. This
would better represent an aquifer. This would also allow for more realistic aquifer
conditions, such as the permeability, the porosity, and background water flow rate. The
wastewater spill could be introduced to the column as well. These settings can be
controlled, which allows for determination of how aquifer conditions affect heavy metal
mobilization as well. To make the experiment even more realistic, actual contaminated
soil and sediment can be used, as well as samples of Marcellus wastewater.
As previously discussed, there are many factors involved in heavy metal
desorption for clays. This study showed that high concentrations of Na(I), Ca(II), and
Mg(II), low pH, and high ionic strength will result in increased Cd(II) desorption. To
validate these results, more realistic settings should be considered in the experimental
design.
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Appendix – Ion Concentrations
Table 13 Ion concentration - NaCl 3
Ba
Ca
Time
pH
(ug/mL)
(ug/mL)

K
(ug/mL)

Mg
(ug/mL)

Na
(ug/mL)

Sr
(ug/mL)

Cd
(ug/mL)

0

7.65

0.007

6.744

4.925

17.589

42.754

0.009

0.000

60

7.22

0.005

7.247

6.923

14.233

52.394

0.037

0.135

115

7.59

0.006

9.681

7.118

14.091

46.532

0.039

0.138

125

7.2

0.013

8.358

13.564

15.761

4962.986

0.051

0.476

180

7.4

0.014

9.101

16.889

16.187

4963.371

0.052

0.501

240

7.32

0.025

9.421

16.673

16.285

4988.150

0.054

0.513

300

7.37

0.020

9.866

16.198

16.635

4970.434

0.049

0.528

360

7.37

0.014

10.394

17.335

16.773

5159.329

0.048

0.520

Table 14 Ion concentration - Sr
Ba
Ca
Time
pH
(ug/mL)
(ug/mL)

K
(ug/mL)

Mg
(ug/mL)

Na
(ug/mL)

Sr
(ug/mL)

Cd
(ug/mL)

0

7.615

0.008

4.358

3.050

18.718

21.602

0.065

0.000

60

7.285

0.027

7.528

5.612

14.771

44.661

0.107

0.118

115

7.625

0.146

7.799

6.077

14.943

49.521

0.181

0.128

125

7.07

0.067

9.033

7.970

15.915

3614.089

151.117

0.460

180

7.24

0.037

9.467

8.713

16.082

3607.407

150.638

0.480

240

7.31

0.050

9.747

9.145

16.308

3687.067

152.485

0.485

300

7.325

0.056

10.116

11.402

16.581

3616.062

152.204

0.493

360

7.35

0.061

10.275

12.826

16.856

3656.784

154.580

0.490

K
(ug/mL)

Mg
(ug/mL)

Na
(ug/mL)

Sr
(ug/mL)

Cd
(ug/mL)

Table 15 Ion concentration - Ba
Ba
Ca
Time
pH
(ug/mL) (ug/mL)
0

7.62

0.007

4.255

3.217

18.754

27.847

0.062

0.010

60
115
125

7.67
7.645
7.145

0.002
0.009
144.137

7.470
7.876
9.259

5.769
6.381
8.175

14.612
15.159
15.988

48.186
48.830
3642.160

0.143
0.107
0.151

0.129
0.135
0.464

180
240

7.225
7.205

145.123
144.992

9.359
9.643

9.193
10.341

16.343
16.316

3622.221
3651.705

0.155
0.158

0.484
0.487

300
360

7.27
7.275

149.143
143.544

9.904
9.752

11.998
12.474

16.885
16.428

3769.808
3765.114

0.168
0.166

0.499
0.483

K
(ug/mL)

Mg
(ug/mL)

Na
(ug/mL)

Sr
(ug/mL)

Cd
(ug/mL)

Table 16 Ion concentration – Sr & Ba
Ba
Ca
Time
pH
(ug/mL) (ug/mL)
0

7.645

0.000

3.381

0.000

19.498

14.000

0.038

0.000

60

7.35

0.062

6.977

1.224

15.307

30.000

0.109

0.089

115

7.315

0.591

7.140

1.727

15.350

33.000

0.233

0.117

125

7.025

75.681

8.697

8.778

17.896

3580.284

75.354

0.497

180

7.165

77.612

9.484

9.539

18.581

3654.533

74.892

0.532

240

7.235

74.131

9.217

11.018

17.883

3559.947

75.210

0.510

300

7.26

75.966

9.829

10.170

18.424

3612.867

73.649

0.537

360

7.285

75.172

9.927

10.922

18.382

3671.986

73.646

0.511
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Table 17 Ion concentration - Flowback
Ba
Ca
K
Time
pH
(ug/mL) (ug/mL) (ug/mL)
0

Mg
(ug/mL)

Na
(ug/mL)

Sr
(ug/mL)

Cd
(ug/mL)

7.625

0.007

3.932

2.351

18.323

22.015

0.038

0.000

60

7.31

0.001

7.490

6.499

14.566

43.097

0.066

0.141

115

7.565

0.003

7.679

6.213

14.675

43.180

0.075

0.136

125

6.905

140.960

255.985

16.580

39.305

1879.238

4.981

0.518

180

7.14

142.993

259.979

17.809

40.025

1866.488

5.106

0.550

240

7.16

144.396

262.939

17.689

40.453

1909.337

5.174

0.562

300

7.2

144.044

262.417

17.742

40.370

1867.759

5.179

0.563

360

7.19

144.234

267.553

18.200

40.890

1896.935

5.166

0.575

K
(ug/mL)

Mg
(ug/mL)

Na
(ug/mL)

Sr
(ug/mL)

Cd
(ug/mL)

Table 18 Ion concentration - Produced
Ba
Ca
Time
pH
(ug/mL) (ug/mL)
0

7.65

0.023

4.087

2.978

18.079

130.766

0.009

0.000

60

7.155

3.600

58.093

7.881

18.727

276.194

0.168

0.139

115

7.71

0.035

8.001

6.841

14.532

103.849

0.042

0.134

125

6.76

158.996

2409.459

68.364

210.008

7236.208

5.583

0.625

180

6.92

158.531

2418.376

68.776

209.983

6967.518

5.559

0.657

240

6.98

159.253

2432.457

69.056

211.239

6845.014

5.669

0.671

300

7

160.021

2463.552

70.606

213.891

6966.174

5.702

0.682

360

7

157.173

2386.857

68.686

208.102

6879.211

5.537

0.668

Table 19 Ion concentration - Produced 2
Ba
Ca
K
Time
pH
(ug/mL) (ug/mL) (ug/mL)

Mg
(ug/mL)

Na
(ug/mL)

Sr
(ug/mL)

Cd
(ug/mL)

17.776
14.143
14.259
237.659
239.304
243.807
244.830
243.314

29.777
43.410
41.714
4277.632
4339.842
4416.766
4074.805
4350.265

0.013
0.045
0.046
35.598
35.486
37.094
36.864
37.095

0.000
0.150
0.150
0.570
0.615
0.631
0.638
0.647

0
60
115
125
180
240
300
360

7.67
7.05
7.43
6.78
6.925
7
7.045
6.99

0
0
0
114.402
115.176
116.830
116.797
116.999

3.942
7.314
7.503
1446.779
1467.177
1481.975
1491.550
1484.046

14.261
14.491
14.640
92.454
95.744
98.415
99.247
99.356

Table 20 Ion concentration - Background water
Time

pH

Ca (ug/mL)

K (ug/mL)

Mg (ug/mL)

Na (ug/mL)

Cd (ug/mL)

0
60
120
180
240
300
420

7.67
7.25
7.12
7.28
7.38
7.33
7.41

3.973
7.575
8.008
7.887
8.218
8.362
8.795

1.997
6.437
7.054
6.866
7.036
7.405
8.435

18.981
15.337
15.993
15.454
15.852
16.005
16.535

11.722
28.381
32.115
46.041
25.039
34.906
34.779

0.000
0.136
0.148
0.145
0.132
0.135
0.139

