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ABSTRACT 

Lead has long been identified as a health issue in the United States. Government regulations limit 

the amount of lead allowed in distribution pipes, fittings and residential plumbing systems, but 

lead leaching problems persist as water quality changes or new technologies are implemented. In 

this work, experiments were developed to determine the effect of temperature, ionic strength, and 

carbonate concentrations on soluble lead concentrations over relevant pH ranges. Equilibrium 

models were developed to predict changes in soluble lead and the predominating solid(s) that form 

under these varied water quality conditions. Additional experiments were also performed to verify 

how effectively PbO2(s), a lead(IV) solid, could be measured using a colorimetric method. Results 

for the kinetic experiments tested over a period of 48 hours found that an increase in temperature 

from 25°C to 55°C brought a decrease in soluble lead (i.e. increased lead precipitation) across a 

pH range of 3.0-9.8. Increasing ionic strength (NaCl) as well as increasing the total carbonate 

concentrations in these solutions at 25°C resulted in higher measured soluble lead over 48 hours 

at pH 7.0 than the same kinds of experiments without these variables. In the solutions containing 

lead with and without NaCl and NaHCO3, no solid was modeled to predominate in equilibrium (6 

week analysis). Since several of the 6-week experiments measured lower levels of soluble lead 

than originally added, the systems were unlikely to be at equilibrium. Additionally, the previously 

developed iodometric method proved to be a feasible method of quantifying PbO2(s) in water with 

80-88% accuracy. These findings may have important implications towards how lead behaves in 

in-home water heaters or softeners. 

 

  



 

16 

 INTRODUCTION  

1.1 Lead regulations in drinking water 

In spite of its presence in potable water distribution systems, lead (Pb) has long been known as a 

toxicant [1]. Health-related research concerning drinking water contamination in the past few 

decades has revealed more about the toxicity of Pb. In response, the United States Environmental 

Protection Agency (USEPA) established the Safe Drinking Water Act (SDWA) of 1974 [2]. 

Exposure may lead to cognitive and development issues, as well as infant mortality and stillbirths 

[1],[3],[4]. Pb contamination in drinking water accounts for approximately 14-20% of Pb 

exposures in the U.S. [5]. The SDWA limited newly-constructed water systems with leaded 

components, where “Pb free” materials had no more than 0.2% Pb solder and flux and no more 

than 8% Pb in pipes themselves. Further revisions have lowered the Pb-free content in wetted 

surfaces from 8% to 0.25% and also restricted non-Pb free pipes, solder and joints from entering 

the market [2]. The 1986 amendments to the SDWA included passing additional regulations for 

communities and non-transient non-community water systems in order to ensure safe water to 

people in both urban and rural areas. The main source of Pb in potable distribution systems today 

is a result of leaching either from preexisting Pb pipes (Pb service lines), solder, fittings, and joints 

or the small percentage of Pb in pipes and components installed after 1986 [6]–[10]. As of this 

amendment, new construction does not include fully leaded components. 

The Lead and Copper Rule (LCR, 1991) was a follow-up regulation by the USEPA to limit 

the amount of lead and copper in drinking water by adding 15 ppb as the action level [5]. The 

action level is defined as the contaminant level at which the water distribution authority is required 

to act to inhibit corrosion and inform the public about safe preventative measures [5]. They must 

minimize Pb levels below the action level using corrosion controls, additional treatment, or full 

line replacement [5]. Additionally, the LCR reduced the 50 ppb maximum contaminant level goal 

(MCLG) for Pb to zero to further limit adverse health effects and corrosion hot spots [5]. 

1.2 Lead contamination: Case studies 

Several incidents in the U.S. exemplify how lead can contaminate drinking water systems. In one 

example, Washington, D.C. residents experienced long-term exposure to Pb in water due to a 



 

17 

change in disinfectant. Typical disinfectants used in the US include chlorine and chloramines. Free 

chlorine has high oxidation-reduction potential (ORP) but a shorter residence time than one type 

of chloramine, monochloramine, which is comprised of chlorine and ammonia. Washington, 

D.C.’s utility had been using free chlorine but switched to chloramines in 2000 when disinfectant 

byproducts began to be a concern [11]. When using free chlorine, the pipe layers passivated with 

insoluble Pb chlorides and other highly oxidized Pb solids (i.e. PbO2) [12],[13]. Once the free 

chlorine was no longer keeping the electrochemical potential of the water in the higher range, the 

solids began to break down [12]. Soluble Pb leached from the pipes and entered people’s homes, 

resulting in elevate blood lead levels (BLLs) in children, up to four times the amount found in 

children drinking uncontaminated water [14],[15]. 

In another case study, elevated BLLs in Greenville and Durham, North Carolina were a 

result of high amounts of particulate Pb found in the water in 2006. In this case, the utilities had 

changed the chemical coagulant from alum to ferric chloride, disrupting the steady state chloride 

to sulfate mass ratio (CSMR) [16],[17]. A year passed between detecting the alarming BLLs in 

children and the authorities responding in proper corrective action. One child’s lead test in 

Greenville, NC returned 20 μg/dL Pb in his blood (compared to the CDC’s limit of concern at the 

time, 10 μg/dL) [16],[18] . 

From each of these scenarios, water quality played a large role on the changes in Pb 

speciation. Any number of changes – from disinfectant to corrosion inhibitor, pH to alkalinity – 

affected these distinct systems in dramatic ways. One of the most recent examples of Pb 

contamination in the U.S. occurred in Flint, MI in 2014. The city changed its water source from a 

Detroit water district to save money, but the new source was a naturally more corrosive water [19]. 

The new source water, the Flint River, had an overall lower pH than the older source [20]. 

Additionally, the new district did not add in any phosphate buffer for corrosion control while the 

previous one had [19]. The internal pipe lining, a passivating layer of phosphate that distanced the 

water from the pipe material, degraded over time without continuing addition [20]. Within a few 

months of the changing to the Flint River water, residents of Flint were complaining of discolored 

and foul-tasting water. The lack of a passivating layer along with acidic water created ideal 

conditions for Pb leaching from the pipes [20]. The problem escalated with Pb levels measured 

over 25 ppb across the city, with some reaching concentrations over 1,000 ppb [21]. BLLs of 

children in Flint increased significantly after the exposure [22]. 
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1.3 Lead speciation in a distribution system  

1.3.1 Oxidation States of Lead 

Pb speciation in water is highly dependent on water quality conditions; therefore, a considerable 

amount of literature has investigated how Pb chemical speciation is affected by these water quality 

conditions. Pb exists naturally in the environment as Pb(II) and Pb(IV), but its various forms 

include both solid and dissolved species (Table 1.1, Table 1.2, Table 1.3) Additionally, Pb tends 

to exist in the Pb(II) oxidation state in water distribution systems, which is mostly due to the high 

ORP required to change Pb(II) into Pb(IV) [23].   

Table 1.1. Relevant reactions of lead (Pb) oxidation states. 

# Reaction log Keq Source 

1.1 Pb(s)
0 ⇌ Pb(aq)

2+ + 2e−  -0.13 [24] 

1.2 Pb(aq)
4+ + 2e− ⇌ Pb(aq)

2+   28.64 [25] 

References: [24] MINEQL+, [25] Benjamin 

1.3.2 Lead Complexation Chemistry in the Dissolved Phase 

As a positively charged ion, lead readily binds with anionic hydroxides, oxides, chlorides, 

phosphates, sulfates and carbonates in potable water systems. The following reactions form the 

foundation for models that are documented in later chapters to determine speciation of Pb over 

varied pH. In relevant pH ranges with good aeration, Pb in drinking water tends to form oxide, 

hydroxide and carbonate species, outlined in Table 1.2 below [26].While water does not attack 

lead, aerated water allows the formation of many Pb(II) compounds. 

Soluble hydroxide complexes form in water at neutral to high pH values. Additionally, 

higher alkalinity can contribute to hydroxide concentration, whether natural or added chemically 

at a treatment plant. Alkalinity is defined as acid neutralizing capacity and is outlined in the 

following equation:  

Alkt = [HCO3
−] + 2[CO3

2−] + [OH−] − [H+] 

Eq. 1.1 
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Chlorination for disinfection can form soluble Pb chloride complexes. This set of 

complexation reactions (1.9-1.12) is a direct result of chlorination (HOCl/OCl-), which increases 

the amount of available chloride ions in the water. Water containing atmospheric carbon dioxide 

can allow the reaction forming Pb(II) bicarbonate. Another source of carbonaceous compounds is 

due to alkalinity. 

Table 1.2. Complexation reactions of lead (Pb) with relevant species & ions. 

# Reaction log Keq Source 

  1.3 H2O ↔ H+ + OH− -14 [24] 

 Hydroxides   

  1.4 PbOH(aq)
+ ⇌ Pb(aq)

2+ + OH−  6.4 [24],[25],[27]  

  1.5 Pb(OH)2(aq)
0 ⇌ Pb(aq)

2+ + 2OH− 4.5 [27]  

  1.6 Pb(OH)3(aq)
− ⇌ Pb(aq)

2+ + 3OH−  3.0 [25],[27],[28]  

  1.7 Pb(OH)4(aq)
2− ⇌ Pb(aq)

2+ + 4OH−  -11.9 [25] 

 Chlorides   

  1.8 HOCl ⇌ OCl− + H+ -7.60 [25] 

  1.9 PbCl(aq)
+ ⇌ Pb(aq)

2+ + Cl−  1.550 [29] 

1.10 PbCl2(aq) ⇌ Pb(aq)
2+ + 2Cl−  0.650 [29] 

1.11 PbCl3(aq)
− ⇌ Pb(aq)

2+ + 3Cl− -0.400 [29] 

1.12 PbCl4(aq)
2− ⇌ Pb(aq)

2+ + 4Cl−  -0.340 [29] 

 Carbonates   

1.13 H2CO3
− ↔ H+ + HCO3

− -6.35 [24]  

1.14 HCO3
− ↔ H+ + CO3

2− -10.33 [24] 

1.15 PbCO3(aq)
0 ⇌ Pb(aq)

2+ + CO3
2−  6.478 [24] 

1.16 Pb(CO3)2(aq)
2− ⇌ Pb(aq)

2+ + 2CO3
2−  3.460 [24] 

1.17 PbHCO3(aq)
+ ⇌ Pb(aq)

2+ + CO3
2− + H+ 13.20 [25] 

References: [24] MINEQL+, [25] Benjamin, [27] Lind, [28] Bilinski, [29] Brezonik 

1.3.3 Precipitation Reactions of Lead 

Given the right conditions, lead may settle out to form solids listed in Table 1.3. The literature 

cited below elucidates these relationships more thoroughly, citing the effects of various water 

quality conditions on the formation of different lead solids.  
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Table 1.3. Precipitation reactions of lead (Pb) with relevant species & ions. 

# Reaction log Keq Source 

 Oxides   

1.18 PbO(s)(yellow) + 2H+ ⇌ Pb(aq)
2+ + H2O   12.91 [24] 

1.19 PbO2(s) + 4H+ + 2e−  ↔  Pb2+ + H2O +
1

2
O2(aq)  -8.91 [23],[24]  

 Hydroxide   

1.20 Pb(OH)2(s)
0 ⇌ Pb(aq)

2+ + 2OH− 8.15 [30] 

 Carbonates   

1.21 PbCO3(s)
0 ⇌ Pb(aq)

2+ + CO3
2− -13.13 [28] 

1.22 Pb3(CO3)2(OH)2(s) + 2H+ → 3Pb2+ + 2CO3
2− + 2H2O -18.77 [31] 

References: [23] Delahay, [24] MINEQL+, [28] Bilinski, [30] Smith, [31] Schock 

1.3.4 Effect of pH and Alkalinity 

Due to various sources of water, a range of pH values and alkalinity can be seen in water 

distribution systems. Schock (1980) modeled the trends of varying alkalinity with formation of 

lead(II) carbonate compounds (reactions 1.21 and 1.22 in Table 1.3) [31]. He compared 

experiments from Patterson and O’Brien and saw correlation between high alkalinity and scale 

formation on Pb coupons [32]. Results showed that carbonate levels 30-40 mg/L as CaCO3 were 

ideal to precipitate lead on the coupons and decrease total Pb concentrations in water below the 

then-MCL 50 μg/L Pb for pH 8.0-9.5. However, additional carbonate actually increased the 

formation of soluble Pb carbonate complexes, and local points of increased pH may have served 

to create more permeable scale. Noel et al. (2010) also found that hydrocerussite 

(Pb3(CO3)2(OH)2(s)) solubility was pH- and DIC-dependent, with dissolution rates decreasing with 

increased pH [33]. Adding in DIC (10, 50 mg C/L) decreased the dissolution rate at each pH tested. 

Lead(IV) dioxide (PbO2(s)) has long been established as a corrosion-controlling lead solid 

due to its highly insolubility [23],[31]. Wang et al. (2010) postulated that DIC and pH could affect 

the formation of PbO2 polymorphs from Pb(IV) solids - α-PbO2, scrutinyite and β-PbO2, plattnerite 

(reaction 1.19 in Table 1.3). A matrix of tests with a range of pH, DIC, and free chlorine proved 

that various mechanisms caused of formation of PbO2(s) from PbCl2(aq) and solids PbO(s) (massicot, 

yellow), hydrocerussite, and cerussite (PbCO3(s)) [34]. Complex mechanisms characterize these 

interactions, and assumptions could not be uniformly applied to all situations. Another researcher 

reported water in Cincinnati, OH with high disinfectant concentrations over time, relatively high 

pH (8.5-9.2) resulted in formation of PbO2(s) and traces of PbCO3(s) in service lines [35]. However, 
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pipes from Madison, WI with low organic carbon but high alkalinity and neutral pH had only a 

thin layer of PbO2(s) with the majority of the Pb as PbCO3(s).  

Xie et al. (2010) determined that varying pH and dissolved inorganic carbon (DIC) 

impacted the slow dissolution rates of PbO2(s) [36]. Dissolution rates were higher at lower pH 

values but increased with increasing DIC concentrations. A change from 0 to 50 mg C/L DIC 

accelerated the formation of soluble Pb(II) carbonate complexes more than an increase in pH (from 

7.5 to 10). Higher pH resulted in increased formation of Pb hydroxide complexes, which also 

increased the dissolution rate of PbO2(s), even at lower DIC. 

1.3.5 Effect of ORP 

Moderate oxidation-reduction potentials (ORP) favor the formation of Pb(II) solids and complexes. 

Research has shown that at environmentally-relevant pH values (5-10) and more oxidizing 

conditions at higher (ORP), Pb tends to form PbO2(s) [23],[35]. The following reactions show that 

PbO2(s) can form from the oxidation of Pb(II) salts in the presence of a strong oxidizer such as 

chlorine [37].  

Pb2+ + H2O +
1

2
O2(aq) ↔ PbO2(s) + 4H+ + 2e− 

1.19 

Pb2+ + 2H2O +  Cl2 ↔ PbO2(s) + 4H+ + 2Cl− 

1.23 

Additionally, Pb(II) solids such as cerussite (PbCO3(s)) and hydrocerussite 

(Pb3(CO3)2(OH)2(s)), can exist in systems with moderate to high alkalinity [38]. They can also 

oxidize to PbO2(s) when free chlorine is added to the system [38],[39]. 

PbCO3(s) + HOCl + OH− ↔ PbO2(s) + Cl− + H2CO3 

1.24 

Pb3(CO3)2(OH)2(s) + 3HOCl + 3OH− ↔ 3PbO2(s) + 3Cl− + 2H2CO3 + 2H2O 

1.25 
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1.3.6 Impact of ionic strength 

Limited research has considered ionic strength as a factor in lead solubility. Holm and Schock 

(1991) determined that chloropyromorphite (Pb5(PO4)3Cl(s)) solubility is dependent on ionic 

strength. Solubilities of Pb solids chloropyromorphite and hydrocerussite were estimated to 

decrease with higher ionic strength (0.005 M versus 0.1 M) [40].  

1.4 Water heaters 

Whether by seasonal variations, locations, or anthropological changes (i.e. residential water 

heaters), temperature of water is consistently changing. Residential water heaters have been in use 

since the early 1900s. Today, both tank and tankless water heaters are prevalent in U.S. homes 

with 8 million sold in the U.S. in 2009 and 118.2 million in use in 2015 [41],[42]. Energy sources 

for water heaters include electric, natural gas, and solar power.  

The schematic below shows an upflow electric water heater, holding 30-50 gallons of water 

(Figure 1.1). Water from the distribution system enters the water through the bottom of the tank 

via the cold water supply valve. One or two (pictured) heating elements supply heat to the system 

and begin warming the water up to 45-60°C, depending on the set temperature. The anodic rod or 

sacrificial anode is present to prevent corrosion of the heating elements and is generally made of 

zinc, aluminum, or magnesium. The metal tank has an inner vitreous lining, non-reactive with the 

water entering it. Water continues to fill the tank as heats to the set temperature, and then is 
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dispensed out the hot water outflow pipe to the rest of the premises plumbing system as residents 

use hot water. 

 

 

Figure 1.1. Schematic of residential electric tank water heater. 

Current water heater literature is primarily concerned with the formation of harmful 

bacteria and pathogens [43]–[47] or flushing protocols to remove contaminants [48],[49]. Masters 

et al. noted that lead release proved to be related to temperature where increasing the temperature 

(4°C to 20°C) as a function of seasonal variations tended to increase solubility of common Pb 

solids as well as total Pb release [50]. Dissolution of Pb dioxide increased by a factor of 35 when 

the temperature increased from 4°C to 20°C in the presence of NOM [50]. At this point, lead (Pb) 

response has not been measured as a function of higher temperature water from water heaters. 
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1.5 Water softeners 

Natural freshwater has an ionic strength (I) ranging from 10-4 to 10-2 M, where continental rainfall 

has ionic strength of approximately 10-4 M and hard water from groundwater sources approaches 

the upper limit [29]. In ideal solutions, concentration is equivalent to activity, denoted with 

brackets ({}). However, actual solutions account for ionic strength using activity coefficients, γ (γ 

= 1.0 at I = 0 M; otherwise, γ < 1.0). Water softeners are used in residential and industrial 

applications to soften water. In 2011, the EPA estimated that 6-10 million cation exchange water 

softeners were in use in residences across the U.S. [51]. Ion-exchange softening is the most 

common type of system for residences, especially in areas with very hard water. Figure 1.2 shows 

a schematic of simplified residential pipe network where water softeners are installed upstream of 

the water heaters and the residence so that all inflow runs through it. 

 

Figure 1.2. Schematic of residence with water softener and water heater. Lead (Pb) enters 

residential plumbing through distribution system. 

A model of a home water softener system is shown below in Figure 1.3. The user fills a 

brine tank (used to hold salt and keep up the required sodium concentrations in the resin tank) with 

a salt and then fills it with water. The brine mixture is pumped into the main softening tank and 

salt cations (Na+) coat the resin inside the tank. The resin inside the softener is now covered by 

sodium ions from salt, which are exchanged for the more favorable Ca2+ and Mg2+ hardness ions. 

This exchange is especially pertinent when the hard water percolates down through the resin. The 

ions exchanging on the resin can change the ionic strength of the water passing through the softener. 

Other softeners can use potassium as the exchange ion, but sodium is the most common. Cation 

exchange technology allows the exchange of hardness cations (Ca2+, Mg2+, Fe2+) for other cations 
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like Na+ or K+ in salts. In some cases, iron, manganese, and other ions could be also taken up in 

the resin. 

 

Figure 1.3. Schematic of residential ion-exchange water softener system. 

However, research indicates that softeners could also be used to remove harmful 

contaminants such as lead, cadmium, or copper. Research in this area has been focused on 

determining effective resins, optimizing the ion-exchange process, or determining if a resin could 

assist in heavy metal removal [52]–[54]. Manufacturers employ different resins, like zeolite 

mineral or carbon-based materials, that exchange hardness cations out of the water and onto the 

resin. Some of these resins have shown potential for removal of particulate lead with both anionic 

and cationic resins. One study that measured lead concentrations across a range of temperatures 

and reported that 25-96% of the known value(s) of lead sequestered to the resin [53]. Another 

study used coal as a resin and determined that lower pH (0-3) resulted in lower Pb(II) removal 

[54]. Pb uptake on the coal resin was inversely proportional to the temperature, where the higher 
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temperatures were less effective at Pb(II) removal. In all of this, there is still a lack of knowledge 

as to how the water quality changes due to the use of water softeners could affect lead. 

1.6 Quantification of Dissolved Lead 

Due to varied water quality and the impact of water quality on speciation, Pb exists in a variety of 

forms. Parameters such as pH, alkalinity, water temperature and ionic strength vary immensely 

and can alter which Pb species exist at any one time. Determining speciation is critical to make 

assessments for environmental and human health. The USEPA standard method 200.8 measuring 

total Pb in an aqueous sample requires full sample acidification with 0.15% HNO3. Samples have 

at least a 16-hour holding period for all lead analyses using an ICP-MS (or OES) [55]. Proper 

acidification is required for total Pb analysis. However, Triantafyllidou, Parks, and Edwards (2007) 

determined that the analysis by EPA Standard Method 200.8 resulted in only recovering 20% or 

less of pure Pb(s), Pb(IV), and solder particles [56]. Dissolution increased by 20-33% when the 

samples were introduced to 2% HNO3 and higher temperatures for 3 hours. Additionally, follow-

up experiments of full acid digestion with 2% HNO3 and heating the sample to 85-90°C recovered 

90-100% of Pb after 1 week of digestion.  

Measurement of Pb(IV) is difficult because of the tendency of lead to be in the Pb(II) 

oxidation state in natural conditions. The reactions in Table 1.1-Table 1.3, in conjunction with 

natural water ORP from Delahay et al. [23], show that given a significant decrease in pH, most 

lead solids tends to undergo dissolution along with a reversion from Pb(IV) to Pb(II). While 

effective for measuring total lead in a sample, the EPA Standard Method 200.8 acidification for 

Pb analysis means all the lead in the sample will likely be in the Pb(II) form. Therefore, 

determining the speciation of Pb by oxidation states (II or IV) remains a challenge. Various 

methods of filtration, chemical tracers, or solids analysis (x-ray diffraction) are available, but 

require more materials or analytical machinery. There are some researched methods in 

development to determine Pb(IV) solids using indirect measurement [57], but procedures have yet 

to be standardized. 
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1.7 Study Objectives 

Based on this literature, there are some clear knowledge gaps even with a plethora of information 

concerning lead chemistry. The complex kinetics and lack of established equilibrium data make it 

difficult to properly characterize lead under different water quality conditions. Research has yet to 

determine a strong connection between the kinetics of lead speciation changes and temperatures 

reached in a water heater. Additionally, current research focused on water softeners are not 

associated with the impact on lead chemistry.  

Core chapters discuss experimental kinetic data that was collected, as well as several long-

term equilibrium points that will be compared to a mathematical model. To simulate a residential 

water heater affecting water temperature, Chapter 2 examines the effect of temperature on lead 

(Pb) speciation, addressing (1) how variation in temperature affects the speciation of Pb. In 

Chapter 3, the effect of ionic strength is discussed to explore how residential water softeners could 

impact lead (Pb) chemistry, addressing (2) how variation in ionic strength affects the speciation of 

Pb. Chapter 4 focuses on addressing (3) how carbonate concentration affects the speciation of Pb. 

Another challenge to determine the speciation of lead is (4) to separate Pb(IV) from Pb(II), as well 

as accurately quantify the Pb(IV) solid PbO2. Indirect lead(IV) dioxide measurement and analysis 

is confirmed and applied in Chapter 5. The last chapter summarizes the final results from the 

previous chapters and concludes with application points about the significance of using these 

traditional in-home devices and their effect on Pb speciation.  
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 TEMPERATURE AND pH DEPENDENCE OF SOLUBLE LEAD 

2.1 Introduction 

Characterizing lead speciation within distribution systems and residences has become more 

prominent in the last few decades. Using several pipe loop studies, Masters, Welter and Edwards 

(2014) found that temperature fluctuations from 20°C to 4°C affected lead solids’ dissolution very 

little on its own [1]. When considered in the presence of natural organic matter, lead release 

increased by factors of 2-36 concerning various lead species. Research has been performed on the 

development of Legionella pneumophila and other microbial growth in water heaters [2]-[4]. 

However, minimal experimental research has been performed in the area linking lead speciation 

specifically with high water temperature. One study developed a set of models to predict the 

concentration of lead in water heaters, a premise plumbing network, and the external distribution 

system [5]. The model in that study was based on inputs from water samples at a nearby housing 

complex but was not specifically chemistry based. This work will attempt to close the gap on 

characterizing lead speciation in water at high temperatures that are achieved by a residential water 

heater. 

2.2 Materials & Methods  

2.2.1 Standards, Reagents, and Preparation of Stocks  

All solutions were prepared with ultrapure deionized water from a THERMO Barnstead GenPure 

Pro water system with a resistivity of 18.0-18.2 MΩ-cm, sparged with nitrogen. Concentrated 

nitric acid (67-70%, trace metal grade, Fisher Scientific) was used for all sample acidification. All 

stock solutions of lead were 4.8⨉10-3 M (1000 ppm) Pb(NO3)2 as Pb dissolved in 2% HNO3 

purchased from EXAXOL Chemical Corp. or 4.8⨉10-3 M Pb(NO3)2 as Pb dissolved in 0.5% 

HNO3 purchased from Inorganic Ventures. pH control was achieved with the addition of solutions 

made from NaOH pellets from ACROS Organics at a purity of 98.5% for analysis or dilutions of 

concentrated HNO3. Stock Yttrium (1.1⨉10-4 M, 10 ppm) in 2% HNO3 from EXAXOL Chemical 

Corp. was used as an internal standard for the ICP-OES analysis.  

Stock solutions for sample preparation were prepared by diluting the 4.8⨉10-3 M Pb 

standard solution to 4.8⨉10-5M (10 ppm) Pb in sparged DI water. Stock solutions for ICP-OES 
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standards preparation were prepared by diluting the stock solution to 4.8⨉10-5M (10 ppm) and 

4.8⨉10-7M Pb (100 ppb) in 2% HNO3. ICP-OES lead standards were created in concentrations 

ranging from 2.4⨉10-8M to 4.8⨉10-6 M (5-1000 ppb) from stock solutions. Standards were 

periodically remade, and samples were calibrated to these standards when run on the ICP-OES. 

Stock solutions of 4% HNO3, 10-3 M NaOH, and 10-1 M NaOH were used for pH control and 

added in small volumes to avoid dilution of lead. 

2.2.2 Experimental Procedure 

Ultrapure water was sparged with nitrogen (N2) gas prior to formulating any solutions to exclude 

all other gases. All experiments were conducted in 15 or 50 mL metal-free, non-sterile 

polypropylene (PP) centrifuge tubes. To initiate the reaction, 15 mL plastic vials were filled with 

7.35 mL of N2 sparged water and were adjusted with acid or base to reach the target pH. The lead 

stock solution (4.8⨉10-5 M) was then added to the solution to reach a total volume of 7.50 mL, 

which led the reactor to contain a final concentration of 9.7⨉10-7M Pb (200 ppb Pb). All weighing 

was performed using a Mettler Toledo, NewClassic MS balance. Select samples were used for pH 

measurement using a Mettler Toledo SevenCompact, pH/ion InLab® Routine Pro-ISM glass 

electrode. Experiments were conducted at two temperatures, 25°C and 55° C. All 25°C samples 

were kept at a constant temperature on the benchtop in the lab space. All higher temperature 

samples were placed in the constant temperature oven (Thermo Scientific Heratherm OGS60) set 

to 55°C. 

Each data point was tested in triplicate. Samples were taken at half hour increments for the 

first 3 hours, and then at 4, 6, 10, 12, 24, 48 hours for kinetic tests. Sample pH was taken prior to 

filtration and acidification for at least half of the samples in each condition to determine a trend 

over time. A benchtop recirculating bath was used to keep high temperature samples at 55°C 

during transitional phases as pH values were taken, until they were filtered. Total Pb 

concentrations were determined using an iCAP 7400 Duo inductively coupled plasma optical 

emission spectroscopy (ICP-OES, Thermo Scientific). Abiding by ICP-OES analysis requirements, 

solids were filtered into another 15 mL vial using surfactant-free cellulose acetate (SFCA) 0.45μm 

syringe filters and the entire sample was acidified to 2% HNO3 (pH = 0.2-1.0). Using a 1:1 dilution. 

Y stock was added (0.150 mL) to the final 15 mL sample for a final concentration of 1.1⨉10-6 M 

Y (100 ppb Y, corresponding to the maximum final analyzed mass concentration of lead, 100 ppb 
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Pb).One set of triplicate samples from each experiment was processed for total recovery after 

creation to verify the total starting concentration of lead. In this case, the sample procedure 

reversed - first acidified to 2% HNO3 and then filtered. Internal standard Y was added for a final 

concentration of 1.1⨉10-6 M Y. Another set of triplicate samples from each experiment was left 

undisturbed for a 6-week analysis (about 1000 hours). These samples followed the same 

experimental procedure as the traditional kinetic samples. It was believed that these ~1000 hour 

samples likely represented conditions where equilibrium was met in the system, and thus, the data 

were directly compared to the developed equilibrium models.  

2.2.3 Analytical Methods 

Lead was measured by ICP-OES analysis. This method is described below and is the same for all 

subsequent chapters where Pb was measured. In general, raw intensities from the ICP-OES were 

used to back-calculate the concentration of Pb (ppb) in sample vials. Originally, internal standard 

Y intensities were used to standardize both the standard curve and sample readings using an 

intensity ratio of Pb/Y (Table 2.1). Due to inconsistency of the Y readings over time in the kinetic 

experiments, the Pb/Y ratio was no longer a usable value. Instead, raw Pb intensities were 

converted to concentration using Eq. 2.1.  

Table 2.1. Standard Pb curve data. Raw intensity (output) was compared to the known Pb in vial 

(input). 

Standard 

Pb in Vial 

(Calculated) 

Average ICP-OES 

Pb Response 

Average ICP-OES 

Y Response 

Pb/Y Intensity  

Ratio 

ppb cps cps   

STD 0 ppb 0.00 6.13 494.74 0.01 

STD 5 ppb 5.00 10.79 496.60 0.02 

STD 50 ppb 50.39 63.21 479.31 0.13 

STD 100 ppb 101.84 126.45 491.62 0.26 

STD 250 ppb 250.46 296.11 469.64 0.63 

STD 500 ppb 500.04 606.22 489.65 1.24 

STD 1000 ppb 1003.26 1181.96 473.03 2.50 

 

ICP-OES Avg Pb Response (cps) = (slope ⨉ Calculated Pb Concentration (ppb)) + y-intercept 

Eq. 2.1 
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Concentrations of Pb were first determined mathematically by weight (Table 2.1). Plotting 

the known concentrations of standard curve (0-1000 ppm) against the output intensities (0-1200 

cps) results in Figure 2.1 below, establishing a relationship that allowed the calculation of lead 

concentration when given intensity (Eq. 2.2).  

 

Figure 2.1. Standard curve with ICP-OES lead samples with linear correlation between Pb in vial 

(ppb) vs. ICP-OES response (cps). 

Calculated Pb concentration (ppb) =
[ICP − OESPbResponse(cps) − y − intercept]

slope
 

Eq. 2.2 

Standards were always run on the ICP-OES for every sample analysis. Every 5-6 weeks, 

standards were remade to ensure accurate readings; therefore, several individual sample data sets 

have different standard curves that correspond to different sections of the data if data sets were run 

on multiple days. Samples corresponding to different time points were made in triplicate, injected 

into the ICP-OES three (3) times, and analyzed in triplicate to ensure accuracy of the readings, 

especially without the implementation of an internal standard. This resulted in at least 9 data points 

per sample (1 vial) and 27 data points for each time point (set of 3 vials). If sample intensity 

showed significant variation, they were remade, reanalyzed, and the new data was added to the set. 
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Averages and standard deviations of lead concentrations reported in tables and graphs take all 

intensities into consideration.  

Percentages of measured lead are reported using Eq. 2.3 to show the amount of lead that 

was measured on the ICP-OES in relation to the concentration of lead that was added to an 

individual reactor. Though each sample was prepared with the same process, there was still 

variability and error per reactor. Every reactor had a total lead of approximately 9.7⨉10-7 M, but 

specific values within each reactor were used for accuracy in reporting. 

Measured soluble lead (ppb)

Total added lead (ppb)
× 100% =  Percent Pb (%) 

Eq. 2.3 

Limits of detection and quantitation were determined mathematically from a single run 

with low lead concentrations. Eight (8) standards with lead concentrations ranging from 1.0-20 

ppb were run with 16 injections against 4 wavelengths (168.215 nm, 182.205 nm, 216.999 nm, 

220.353 nm). Data measured against 220.353 nm performed with the highest accuracy and all 

subsequent lead studies used this wavelength (Table B.1 in Appendix B). Standard deviation (σ) 

was determined for each of the standards based on all 16 of the injections (x) and sample average 

(x̅) then correlated to a relative standard deviation (RSD): 

Sample Standard Deviation (σ) = √
∑ (xi − x̅)2n

i=1

n − 1
 

Eq. 2.4 

RSD(%) =
σ(ppb)

x̅(ppb)
 

Eq. 2.5 

Recovery of the standards was measured against the calculated lead concentration (from 

mass measurements). If the recovery was within 10% of the calculated amount (90-110%), the 

limit of quantitation (LOQ) could be calculated using the following equation: 

LOQ = 10σ  

Eq. 2.6 
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The instrument detection limit (IDL) was also determined for standards that recovered 

within 10% of the calculated amount. With 16 injections and a 99% confidence interval, a t-value 

of 2.947 was determined: 

 

IDL = 2.947σ 

Eq. 2.7 

With this analysis, LOQ = 2.5⨉10-8 M (5.15 ppb) and IDL = 7.3⨉10-9 M (1.52 ppb). 

Sample data that read as negative intensity after data manipulation was recorded as a zero (0). 

Intensity data that fell below the IDL but above zero (0) was replaced with the IDL (7.3⨉10-9 M). 

Previous research suggested that values below the LOQ were not able to accurately quantify the 

data; however, no approximation would gain any accuracy. Therefore, all data above the IDL is 

the originally reported value. Refer to Table B.1 in Appendix B for the raw LOQ and IDL data as 

well as additional data concerning the chosen wavelength (220.353 nm). 

2.3 Equilibrium Thermodynamic Parameters 

A thermodynamic model was also developed to predict the equilibrium concentration of soluble 

Pb and potential solid Pb formations with an increase temperature from equilibrium conditions. 

The van’t Hoff equation (Eq. 2.8) quantifies the temperature dependence of equilibrium constants. 

The integrated form of the equation, with the assumption that ∆H°rxn is constant, is shown below 

ln
Keq,T2

Keq,T1

=
∆H°rxn

R
(

1

T1
−

1

T2
) 

Eq. 2.8 

where T1 = 25°C (298.15 K) to represent STP conditions and T2 = 55°C (328.15 K) to represent 

the average temperature of water within a residential water heater. Applying Eq. 2.8 to all the 

possible Pb species in each of the conditions specified in the following work results in the 

following system inputs in Table 2.2. With the assumption that ΔC°p = 0 J mol-1 K-1, then it can 

be assumed that there is no change in the enthalpy of a reaction with temperature; therefore, 

ΔH°1,rxn = ΔH2,rxn. Based on the experimental conditions for the system, lead oxides, hydroxides, 

or nitrates could form. Additional data for lead carbonates, bicarbonate, and chlorides were 

included to further characterize a traditional potable water distribution system. 
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From the initial equilibrium constant and enthalpy data reported in Table 2.2, a 

thermodynamic equilibrium model was compiled that predicted changes in log K values from 25°C 

to 55°C. All equilibrium Keq values were written as functions of dissolution reactions. Therefore, 

an increase in Keq would suggest that the species is more likely to dissociate, favoring the products. 

Because lead(IV) species are uncommon in many systems as well as the performed experiments, 

those reactions were not included. Hydrocerussite (Pb3(CO3)2(OH)2 (s)) and PbO(s) were modeled 

to slightly increase solubility with an increase in temperature. Most of the other species considered 

showed little to no change in the equilibrium constant, meaning that solubility models would 

remain relatively unchanged by incorporating the thermodynamic data.  
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Table 2.2. Enthalpy of reaction (ΔH), and equilibrium constants (K) for a variety of relevant Pb 

compounds in drinking water. Sections labeled with a dash (-) refer to unavailable data.  

# Reaction 
ΔH°rxn at 25°C 

(kJ/mol) 

log Keq  

at 25°C 

log Keq  

at 55°C 

Aqueous 

1.1 Pb(s)
0 ⇌ Pb(aq)

2+ + 2e−  1.02 -0.13 -0.13 

1.4 PbOH(aq)
+ ⇌ Pb(aq)

2+ + OH− - 6.40  

1.5 Pb(OH)2(aq)
0 ⇌ Pb(aq)

2+ + 2OH− - 4.5  

1.6 Pb(OH)3(aq)
− ⇌ Pb(aq)

2+ + 3OH− - 3.0  

1.7 Pb(OH)4(aq)
2− ⇌ Pb(aq)

2+ + 4OH− - -11.9  

1.9 PbCl(aq)
+ ⇌ Pb(aq)

2+ + Cl−  12.10 1.550 1.550 

1.10 PbCl2(aq) ⇌ Pb(aq)
2+ + 2Cl−  -323.06 0.650 0.650 

1.11 PbCl3(aq)
− ⇌ Pb(aq)

2+ + 3Cl− -340.14 -0.40 -0.40 

1.12 PbCl4(aq)
2− ⇌ Pb(aq)

2+ + 4Cl−  -188.09 -0.34 -0.34 

1.14 HCO3
− ↔ H+ + CO3

2− - 13.20  

1.15 PbCO3(aq)
0 ⇌ Pb(aq)

2+ + CO3
2−  23.15 6.48 6.48 

1.16 Pb(CO3)2(aq)
2− ⇌ Pb(aq)

2+ + 2CO3
2−  - 3.46 3.46 

Solid 

1.18 PbO(s)(yellow) + 2H+ ⇌ Pb(aq)
2+ + H2O   217.05 -15.11 -15.23 

1.20 Pb(OH)2(s)
0 ⇌ Pb(aq)

2+ + 2OH− 54.41 8.15 8.17 

1.21 PbCO3(s)
0 ⇌ Pb(aq)

2+ + CO3
2− -13.74 -13.13 -13.12 

1.22 Pb3(CO3)2(OH)2(s) + 2H+

→ 3Pb2+ + 2CO3
2− + 2H2O -101.86 -18.77 -18.70 

2.4 Results & Discussion  

2.4.1 Effect of nitrogen sparging 

The glovebox experimental results were compared with those performed outside the glovebox at 

pH 4.8-5.6 at 25°C to determine the effect of CO2 sequestration from the atmosphere and potential 

formation of lead carbonate solids. All the same procedures were followed as in the temperature 

comparison experiments. Both experiments confirmed the total initial Pb concentration at   

9.7⨉10-7 M Pb, and subsequently, soluble lead concentrations decreased after t = 0 hours. While 

maintaining the same pH, the soluble lead concentrations over 6 hours measured just under 50% 

of the added lead value were not significantly different between the two experiments, as shown in 
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Figure 2.2. These results indicated that eliminating all CO2 from the reaction in the glovebox did 

not change the soluble lead concentrations significantly. Since the data from both experiments 

performed similarly, it was unlikely that additional (carbonate) solid was forming under normal 

benchtop conditions. Any data differences were not significant enough to require all subsequent 

samples to be made under glovebox conditions. ICP-OES soluble lead concentrations and pH data 

can be found in Table C.1 and  

 

 

 

Table C.4 in Appendix C. 

 

Figure 2.2. Comparison of soluble lead (Pb) at pH 4.8-5.6 under variable atmospheric conditions: 

open to atmosphere with nitrogen sparging (black points) or in a nitrogen-sparged glovebox (“GB”, 

red points). PbTotal = 9.7⨉10-7 M and low I= 8.5⨉10-6 M. 

2.4.2 Effect of pH and temperature on soluble lead in kinetic experiments  

Experiments were conducted over a range of pH values (2.9-9.8) at 25°C to characterize a 

traditional drinking water system at both standard conditions and at 55°C to simulate the difference 

higher temperatures can have. ICP-OES soluble lead concentrations and pH data can be found in 

Appendix C. 
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First, for the pH 3.0 experiment, the pH at both 25°C and 55°C experiments remained 

relatively constant throughout the 48-hour experiment. This similarly enabled the Pb trends at 

these different temperatures to be directly compared to each other (Figure 2.3). Total lead was 

verified at the beginning of each experiment at 25°C and 55°C as 1.1⨉10-6 M (227 ppb) and 

1.0⨉10-6 M (210 ppb), respectively (Figure 2.3). As expected, the pH 2.9-3.1 at 25°C soluble lead 

concentrations remained relatively constant, with a slight dip under 100% recovery at 

approximately 9 hours (9.34⨉10-7 M, 94%) (Figure 2.3(A)). At 55°C, pH 3.0-3.1 soluble lead 

concentrations consistently recovered just under half of the total lead (90-100.1 ppb) originally in 

the reactors (Figure 2.3(B)). The higher temperature experiment did not follow the expected trend 

that there would be equal or greater soluble lead of species at higher temperature. Conditions 

between the two experiments remained constant except for the temperature variation, but the 

measured soluble lead clearly differed.  

 

Figure 2.3. Changes in soluble lead (Pb) concentration (left axis, squares) and pH reported (right 

axis, triangles) for pH 3.0 over 48 hours. Kinetic data compared against temperature at (A) 25°C, 

pH 2.9-3.1 and (B) 55°C, pH 3.0-3.1. 

However, as the pH was increased, the experiments were more difficult to interpret because 

the pH did not remain constant as a function of reaction time. This issue also became exacerbated 

with higher temperature experiments and at higher starting pH values. 

With a similar trend at each temperature, kinetic experiments at pH 4.4-5.3 and at a 

temperature of 25°C and 55°C showed variable soluble lead concentrations from 3.36⨉10-7 to 
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6.1⨉10-7 M (34-63% of original Pb) within the first 10 hours (Figure 2.4). However, the 25°C 

experiment had lower average soluble lead concentration (4.5⨉10-7) than the 55°C experiment 

(5.4⨉10-7) until 48 hours. While maintaining a smaller pH range of 4.8-5.3, lower temperature 

specimens also had higher variance of single timepoint samples, shown in Figure 2.4(A). Higher 

temperature experimental data in this lower pH range in Figure 2.4(B) had a greater variation in 

samples at different time points as well as a larger pH range at lower values (4.4-5.2). As the 

systems approached the end of the kinetic experiments (48 hours), lead concentrations increased 

regardless of temperature. These experiments had very little distinction regardless of temperature, 

which may mean that this system response was more pH-dependent than temperature-dependent. 

 

Figure 2.4. Changes in soluble lead (Pb) concentration (left axis, square) and pH reported (right 

axis, triangle) for pH 4.4-5.3 over 48 hours. Kinetic data compared against temperature at (A) 25°C, 

pH 4.8-5.3 and (B) 55°C, pH 4.4-5.2. 

The kinetic experiments from pH 4.8-7.4 had more distinct overall trends in comparing the 

two temperatures. Starting at pH 6.8, higher temperature experiments ranged from pH 4.8-6.8 

(Figure 2.5(A)) and showed immediately lower soluble lead at t = 0 hours than the corresponding 

25°C experiments starting at pH 7.4 decreasing to pH 5.7 (Figure 2.5(B)). The lower temperature 

soluble lead measurements had an inconsistent trend and also had higher standard deviation per 

time point (Figure 2.5(B)). This initial soluble lead response at higher temperatures proved to be a 

pattern also extending above the neutral pH zone, shown in Figure 2.6(B) and Figure 2.7(B). 

Soluble lead in the 25°C experiment steadily decreased to 25% of original in kinetic test while the 
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55°C experiment consistently recovered around 25% soluble Pb2+. However, experiments at both 

25°C and 55°C followed a similar recovery trend near the end of the kinetic experiment (past 24 

hours). This trend could mean that temperature had an immediate effect on soluble lead 

concentrations, but pH eventually controlled the speciation of lead in this system. 

 

Figure 2.5. Changes in soluble lead (Pb) concentration (left axis, square) and pH reported (right 

axis, triangle) for pH 4.0-5.3 over 48 hours. Kinetic data compared against temperature at (A) 

25°C, pH 5.7-7.4 and (B) 55°C, pH 4.8-6.8. 

Immediately at t = 0 hours, lead precipitated in experiments pH 5.6-8.9 at both temperatures 

(Figure 2.6), similar to the trend previously noted at pH 4.8-6.8 experiment at 55°C (Figure 2.5(B)). 

The instantaneous low lead measurement that increased slightly around 25% recovery (2.5⨉10-7 

M) by 48 hours was clearly tied to the higher temperature experiments. Soluble lead in 55°C 

decreased with several measurements below the IDL and LOQ, which was also mirrored in the 

higher pH (6.8-9.5) experiment (Figure 2.7(B)). Both experiments behaved similarly regardless of 

temperature differences, suggesting that the higher pH controlled the lead speciation in the system. 
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Figure 2.6. Changes in soluble lead (Pb) concentration (left axis, square) and pH reported (right 

axis, triangle) for pH 5.6-8.9 over 48 hours. Kinetic data compared against temperature at (A) 25°C, 

pH 6.8-8.1 and (B) 55°C, pH 5.6-8.9. 

Neither the 25°C nor 55°C experiments from pH 7.3-9.8 confirmed the initial total added 

lead at 9.7⨉10-7 M, measuring at 90% and 81% of the total lead, respectively. The trend in the pH 

7.3-9.8 experiment at 25°C in Figure 2.7(A) more closely followed that in the pH 5.7-7.4 

experiment at 25°C than the immediate decrease in measured soluble lead seen in the neutral pH 

(6.8-8.1) experiment. The overall decrease to 22% of the originally added Pb in the pH 7.3-9.8 test 

could be a result of pH dropping near neutral, closely resembling the conditions outlined in Figure 

2.5(A) by the end of 24 hours. Higher variability characterized the high-temperature-high-pH 

experiment, with many data measurements below the IDL and LOQ (Figure 2.7(B)). In 

comparison to other high temperature experiments, this experiment had a higher recovery of Pb2+ 

by 48 hours. Overall, the pH decreased at a relatively similar rate in these experiments, independent 

of temperature. In conjunction with the neutral pH experiment (Figure 2.5), this trend suggested 

that temperature immediately affected soluble lead concentrations, but the speciation of lead was 

controlled by pH. 
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Figure 2.7. Changes in soluble lead (Pb) concentration (left axis, square) and pH reported (right 

axis, triangle) for pH 6.8-9.8 over 48 hours Kinetic data compared against temperature (A) 25°C, 

pH 7.3-9.8 and (B) 55°C, pH 6.8-9.5. 

Changes in the soluble lead concentration was compared across pH, keeping temperature 

constant (Figure 2.8). Clearly, pH played a distinct role in the soluble Pb over time, which is 

consistent with previous studies’ results. While not all trends are clearly defined for each 

experiment, results from 25°C tests at or above pH 6.5 resulted in higher lead precipitation early 

in the process. The complex kinetics in these experiments make it difficult to characterize the 

mechanisms that could be controlling the system. 

 

Figure 2.8. Soluble lead concentration over time. Comparison at T = 25°C from pH 2.9-9.8. Error 

bars removed for readability. 
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The 55°C experiments showed less variability in soluble lead concentrations across pH, 

while reaching a similar, lower final pH over time (Figure 2.9). In congruence with the data at 

25°C, increasing pH led to a decrease in overall concentrations of soluble lead. All samples showed 

an initial drop in measured soluble lead concentrations at time = 0 hours, showing that increasing 

temperature caused a more dynamic rate of lead precipitation. None of the 55°C experiments 

recovered more than 58% of the original Pb added to the system until after 10 hours, suggesting 

the relationship that sustaining higher temperature for up to 10 hours could lead to higher 

precipitation of lead solids in a Pb-H2O system. However, after 12 hours, samples at alkaline pH 

showed an increase in soluble lead, leading to the conclusion that both pH and temperature play 

integral roles in soluble lead concentrations.  

 

Figure 2.9. Soluble lead concentration over time. Comparison at T = 55°C from pH 3.0-9.5. Error 

bars removed for readability. 

2.4.3 Effect of pH and temperature on soluble lead at equilibrium 

Long-term points were taken approximately 6 weeks (1000 hours) after sample preparation and 

meant to simulate equilibrium conditions. In almost every case above pH 3.0, the final equilibrium 

pH was lower than the pH of the rest of the experiment, except one: there was an increase from 

average kinetic pH 5.06 to equilibrium pH 5.57 (compare to Figure 2.3). The higher temperature 

(55°C) experiments showed the greatest pH fluctuation, making it difficult to correlate pH to 

soluble lead concentrations in the long-term experiments.  

The lead speciation model developed in this work included solubility of Pb to determine 
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with a given set of conditions at equilibrium. For the Pb-H2O system, potential solids include: Pb(s), 

PbO(s), Pb(OH)2(s), and PbO2(s). Due to the high unlikelihood of Pb(s) and PbO(s) forming (refer to 

Pourbaix diagram), only the oxide and hydroxide solids were included in this analysis [6].  

Equilibrium constants are reported for infinite dilution conditions. With a constant ionic 

medium, it may be useful to apply a concentration-based equilibrium constant, cK. To account for 

the change due to ionic strength, equilibrium constant, K for a general reaction (aA + bB ⇌ cC + 

dD) is determined mathematically based on the relationship 

𝐾 =
γC[C]c γD[D]d

γA[A]a γB[B]b
= Kc ×

γC
c γD

d

γA
a γB

b
 

Eq. 2.9 

where gamma (γ) is the activity coefficient, (γ=1) the system is. Activity, denoted with braces ({}), 

is the activity of a species. Ionic strength (I) of the system is calculated with the following equation: 

I =  1
2⁄ ∑ miZi

2

i

 

Eq. 2.10 

Ionic strength varied per experiment due to differences in the pH control but was estimated 

at 8.5⨉10-6 M for modeling purposes (Table 2.3). 

Table 2.3. Ionic strength calculation for speciation model with PbTotal = 9.7⨉10-7 at pH 7.0. 

Species 
Concentration 

M 

Ionic Strength  

M 

 Pb2+ 9.7⨉10-7 1.9⨉10-6 

H+ 1.0⨉10-7 5.0⨉10-8 

NO3
2- 3.2⨉10-6 6.5⨉10-6 

Na+ 4.4⨉10-8 2.2⨉10-8 

OH- 1.6⨉10-7 8.0⨉10-8 

  I = 8.5⨉10-6 

 

Activity coefficients (γ) were found using the ionic strength (I) and applying the Davies 

Equation (Eq. 2.11) for I < 0.5 M and reported in Table 2.4: 

−log γi = AZi
2 (

√I

1+√I
− 0.2I). 

Eq. 2.11  
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Table 2.4. Activity coefficients calculated for speciation model. 

Charge γ 

1 0.997 

2 0.986 

3 0.970 

4 0.947 

 

These relationships were used to recalculate the tabulated equilibrium cK values in relation 

to the ionic strength defined by the experiments laid out in Section 2.2.2. In the Pb-H2O closed 

system, various species including lead ions (Pb2+), oxides and hydroxides could form. Aqueous 

complexes are included below. 

PbOH+ + H+
 ⇌ Pb2+ + H2O 

1.4 

Pb(OH)2
0 + 2H+

 ⇌ Pb2+ + 2H2O 

1.5 

Pb(OH)3
- + 3H+ ⇌ Pb2+ + 3H2O 

1.6 

Pb(OH)4
2- + 4H+ ⇌ Pb2+ + 4H2O 

1.7 

To characterize the system, total solubility of the Pb-H2O system is given by the equation 

PbTOT
II = [Pb2+] + [Pb(OH)+] + [Pb(OH)2(aq)] + [Pb(OH)3

−] + [Pb(OH)4
2−] 

Eq. 2.12 

where a predominating solid (PbO(s) or Pb(OH)2(s)) controls the concentrations of each complex. 

Polynuclear lead species were not considered as a part of this system. Additionally, PbO2(s) was 

excluded from the analysis due to the high unlikelihood of its formation under the experimental 

conditions. 

PbO(s) + 2H+ ⇌ Pb2+ + H2O 

1.18 
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Pb(OH)2(s) + 2H+ ⇌ Pb2+ + 2H2O 

1.20 

Table 2.5 summarizes the model input values for the equilibrium constants of soluble lead 

complexes. Cumulative complexation constants, or beta (β) values, were calculated as a product 

of Keq values for sequential ligands.  

Keq 1 = β1 

Eq. 2.13 

Keq 1 × Keq 2 = β2 

Eq. 2.14 

Hydrolysis complexation constants (*β) were calculated as a product of Keq values in each 

reaction and Kw, based on ionic strength (Table 2.5). *β is a useful constant for sequential hydroxyl 

complexes, which simplifies these interdependent relationships and shows the pH-dependence of 

the equations: 

Kw × Keq 1,PbOH+ = β1
∗ =

{PbOH+}{H+}

{Pb2+}
 

Eq. 2.15 

Kw × Keq 2,Pb(OH)2(aq)
× β1

∗ = β2
∗ =

{Pb(OH)2(aq)}{H+}2

{Pb2+}
 

Eq. 2.16 

Kw × Keq 3,Pb(OH)3
− × β2

∗ = β3
∗ =

{Pb(OH)3
−}{H+}3

{Pb2+}
 

Eq. 2.17 

Kw × Keq 4,Pb(OH)4
2− × β3

∗ = β4
∗ =

{Pb(OH)4
2−}{H+}4

{Pb2+}
 

Eq. 2.18 
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Table 2.5. Equilibrium constants and β values for relevant complexes of Pb in a Pb-H2O system. 

Complex 

log cK at 

I=0 M 

[29] 

log Keq 

 

(Calc) 

log βi  

 

(Calc) 

log *βi at 

I=0 M 
[29] 

log *βi 

 

(Calc) 

Name of 

Constant 

βi 

 

(Calc) 

PbOH+ 6.40 6.40 6.40 -7.60 -7.60 *β1, PbOH 2.5⨉10-8 

Pb(OH)2(aq) 1.70 1.70 10.90 -19.99 -19.90 *β2, Pb(OH)2 1.3⨉10-20 

Pb(OH)3
- 1.28 1.27 13.90 -28.09 -32.63 *β3, Pb(OH)3 2.3⨉10-33 

Pb(OH)4
2- 0.14 0.14 2.00 -39.70 -46.49 *β4, Pb(OH)4 3.3⨉10-47 

 

When *β values are inserted into Eq. 2.12, the soluble lead concentration is calculated as 

follows, where all species are listed as a function of [Pb2+]: 

PbTOT
II = [Pb2+](1 +

β1
∗

[H+]
+

β2
∗

[H+]2
+

β3
∗

[H+]3
+

β4
∗

[H+]4
) 

Eq. 2.19 

Given PbTotal = 9.7⨉10-7 M (200 ppb) to match the experimental maximum Pb 

concentration, {Pb2+} was determined as a function of pH and *β values. Then, each hydroxyl 

complex concentration was calculated as a function of pH and {Pb2+}. Additionally, the ion 

activity product (IAP) is used to measure the solubility of solids. If the product of the complexes 

concentrations (IAP) in each reaction is equivalent to the solubility of a solid (Ks0) controlling the 

system, the system is in equilibrium. When IAP > Ks0, a solid will form; when IAP < Ks0, no 

precipitation occurs. The reactions between lead and water forming oxide or hydroxide solids all 

include water (Kw); therefore, the specific *Ks0 is used as the comparative value for IAP 

calculations. 

PbO(s) + H2O ⇌  Pb2+ + 2OH− 

1.18 

Ks0  =  1012.894  = {Pb2+}{OH−}2 

Eq. 2.20 

Ks0
∗ =

{Pb2+}{OH−}2

{H+}2{OH−}2
 =

{Pb2+}

{H+}2
 

Eq. 2.21(A) 
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If IAP > Ks0, the total soluble lead (PbTOT
II) decreases, as more Pb precipitates as a solid. 

The upper limit of {Pb2+} is therefore dependent on the solubility of the controlling solid (*Ks0).  

{Pb2+} = Ks0
∗ × {H+}2 

Eq. 2.21(B) 

Table 2.6. *Ks0 values for relevant solids used in the speciation 

model for the Pb-H2O system. 

Solid log *Ks0 Source 

PbO(s) (massicot) 12.894 [7] 

Pb(OH)2(s) 8.15 [7] 

 

The new {Pb2+} was the basis to recalculate all other complex concentrations. This set of 

calculations was performed for each solid listed in Table 2.6, and graphical models for each 

predominating solid are included below. The graphic representation of the speciation model is 

presented as a pC-pH diagram to characterize the system, where pC is the negative log of lead 

concentration (-log {Pb}). 

PbTOT
II is the sum of concentrations of all soluble lead complexes in the Pb-H2O system, 

noted by C in subsequent diagrams. Figure 2.10 shows a pC-pH diagram where PbO(s) and 

Pb(OH)2(s) control the system individually. Because the relationship between their formation is the 

same (Eq. 2.21(B)), the models are identical regardless of the controlling solid. Neither solid is 

expected to precipitate at any point as they are not insoluble enough to control the system entirely. 

{Pb2+} and {PbOH+} have the highest predicted concentrations for most of the pH range. At pH 

11.3, {PbOH+} is 10 times greater than that of {Pb(OH)2(aq)} but steadily decreases as pH increases 

past that point. Due to a lack of enthalpy data for several lead hydroxide complexes, the 

equilibrium model was unable to be adjusted to account for the effect of temperature on K.  
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Figure 2.10. pC-pH diagram for the Pb-H2O system at 25°C when either PbO(s) or Pb(OH)2(s) 

predominates. PbTotal = 9.7⨉10-7 M and low I = 8.5⨉10-6 M. 

Each long-term sample was prepared and analyzed in the same manner as the kinetic 

samples and was then combined with the solubility model shown in Figure 2.11. Experimental 

data values and other relevant information are recorded below in Table 2.7. The equilibrium point 

at pH 3.0 shows a distinct deviation from the model and the formation of solid at low pH is not 

supported in literature. A large variability characterized the equilibrium point at pH 5.45 (25°C) 

even after multiple attempts to accurately identify the data. In the neutral-pH experiments, the pH 

of the 25°C data (pH=6.8-8.4) decreased to 6.5 while the pH decreased to 4.9 at the final 

equilibrium point in the 55°C experiment (pH = 5.6-8.9). The drop in pH may have contributed to 

the soluble lead as concentrations slightly increased to 2.3⨉10-7 M (25°C) and 4.8⨉10-7 M (55°C). 

At a 0.7 pH-unit difference, the higher temperature experiment measured more than twice the value 

of lead at 25°C. 
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Table 2.7. Long-term equilibrium experiment recovery as a function of temperature and pH. 

Initial 

pH 

Final 

pH 

Time 

(hours) 

Measured 

{Pb2+} (M) 

Measured 

{Pb2+}  

Error (M) 

𝐏𝐛𝐓𝐎𝐓
𝐈𝐈

𝐏𝐛𝐓𝐨𝐭𝐚𝐥
 

(%) 

𝐏𝐛𝐓𝐎𝐓
𝐈𝐈

𝐏𝐛𝐓𝐨𝐭𝐚𝐥
 

Error (%) 

Temperature = 25°C 

3.0 2.96 1008.23 4.9⨉10-8 1.0⨉10-8 5% 1% 

5.3 5.57 1010.22 8.9⨉10-7 6.4⨉10-8 92% 7% 

6.7 5.45 1014.19 7.4⨉10-7 3.3⨉10-7 76% 35% 

8.4 6.49 1016.82 2.3⨉10-7 1.4⨉10-7 24% 14% 

9.7 7.02 1010.72 3.4⨉10-7 5.4⨉10-8 35% 6% 

Temperature = 55°C 

3.0 3.15 1012.33 6.2⨉10-7 1.1⨉10-7 64% 12% 

5.2 3.96 1009.36 1.0⨉10-6 2.8⨉10-8 103% 3% 

6.8 4.12 1004.08 4.7⨉10-7 3.8⨉10-8 49% 4% 

8.9 4.87 1011.24 4.8⨉10-7 2.0⨉10-8 50% 2% 

9.4 4.38 1009.52 9.2⨉10-7 1.3⨉10-7 96% 13% 

 

 

 

Figure 2.11. Comparison of experimental equilibrium solubility of Pb at various pH values with 

speciation model. Total dissolved Pb (PbTOT
II, M) over range of pH with PbO(s) and Pb(OH)2(s) 

predominating at 25°C with PbTotal = 9.7⨉10-7 M and low I= 8.5⨉10-6 M. 
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Based on the inputs to the experimental samples, PbO2(s) was unlikely to form. The non-

chlorinated, nitrogen-sparged system would not have been oxidizing enough to form Pb(IV) 

species from Pb(II) [8]. PbO(s) and Pb(OH)2(s) were the only potential solids within the system, and 

neither were predicted to predominate.  

The results indicate that both temperature and pH affect the speciation of lead in water. As pH 

increased, independent of temperature, generally concentrations of soluble lead decreased. 

Additionally, the long-term experiments could support the idea that higher temperature increased 

solubility of lead in a Pb-H2O system. However, the final pH values of the 55°C experiments were 

generally lower than those of the 25°C experiments. The lack of correlation between model and 

experimental equilibrium points could be due to the experiment not yet being at equilibrium by six 

weeks. Further work is needed to characterize the higher temperature system at consistently higher 

pH values. 

2.5 Conclusions 

The kinetic experiments in this work verified that high temperatures (55°C) could be a 

factor in characterizing soluble lead concentrations over a range of environmentally relevant pH 

values (2.9-9.8). Formation of Pb solids was confirmed in most experimental scenarios at both 

25°C and 55°C. The equilibrium thermodynamic model suggests that there would be minimal 

changes in lead speciation while maintaining all equilibrium conditions and solely increasing 

temperature to 55°C. Based on the equilibrium solubility model and how the experimental systems 

performed, the solid formation indicated that these experiments were not yet at equilibrium. 

Increases in temperature proved to decrease the concentrations of soluble lead in comparison to 

the identical pH 25°C experiment in both kinetic and equilibrium tests. However, final pH 

measurements for equilibrium points at 55°C showed significantly more variation than those taken 

at 25°C, which may mean that the combination of low pH and high temperature impacted the long-

term soluble lead concentrations.  

Application for these results could be tied to residential water heaters, which reach 

temperatures up to 60°C. Refer to Figure 1.1 and Section 1.4 for a fuller description of residential 

heaters. While these appliances are not a source of Pb themselves, lead can leach from materials 

used in municipal piping networks or residences when certain water quality parameters are present. 
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Previous research has shown that some solids take hours, days, or weeks for equilibrium conditions 

to stabilize, if at all [10],[11]. Practically, water entering a residential water heater has very little 

time to heat before the household requires it. The holding (stagnation) time within the heater could 

range depending on size and household usage for a short period up to 48 hours, which was the 

basis of the kinetic experiments. 

2.6 Future Work 

Integration of the speciation model with the thermodynamic model would allow for the 

interpretation of different solids forming at various temperatures. Further work on the speciation 

analysis of the experiments should be also performed. Solids analysis (such as x-ray diffraction) 

would help to accurately characterize the system. Follow-up experiments could include other water 

quality parameters, such as disinfectant residual (free chlorine or chloramines), comparing further 

kinetic and equilibrium data to the model discussed in this work. 
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 IONIC STRENGTH DEPENDENCE OF SOLUBLE LEAD  

3.1 Introduction 

The main source of lead in U.S. drinking water systems and the ensuing health effects of lead 

poisoning is from preexisting service lines, solder, fittings, joints or the small percentage of Pb in 

pipes and components installed after 1986 [1]–[3]. The Safe Drinking Water Act (1974) and Lead 

and Copper Rule (1991) ensure that new construction does not include fully leaded components in 

distribution pipes or residential plumbing [2], [4], [5]. One aspect of residential plumbing that has 

received little research attention is water softeners. No part of the water softener is made with lead, 

but the changes in water chemistry due to use of a water softener may alter the speciation of 

incoming lead (Pb) from a distribution system. With residential water softening increasing in 

popularity, changes in ionic strength could be an important factor to consider when examining 

water quality effects within a potable water system.  

Few publications have focused on the interactions of lead in a chemically softened water 

system. Research indicates that softeners could be effective mechanisms to remove metal 

contaminants, such as lead. Research in this area has been focused on resins, optimizing the ion-

exchange process for heavy metal removal, or determining if a resin could assist in heavy metal 

removal [6]–[8]. Maliou, et al. researched zeolite mineral (clinoptilolite) resin in the early 1990s 

to determine its capability for Pb removal [6]. From several kinetic experiments, the authors 

determined that increased temperature (70°C) led to increased metal uptake due to resin selectivity 

placing lead higher than sodium. Another study measured the efficiency of particulate lead 

removal with seven anionic and cationic resins, with breakthrough values ranging from 4-75% of 

the original known value(s) [7]. Furthermore, a more recent study performed by Aydin, et al. used 

coal as a resin and determined that lower pH (0-3) resulted in lower Pb(II) removal [8].The authors 

believed this was due to positive-positive ion repulsion with Pb(II) and H+. Above pH 5, there was 

also a noticeable decrease in Pb(II) sorption to the resin, which was likely due to Pb precipitation. 

Unlike the experiments with the zeolite resin, Pb uptake onto the coal resin was inversely 

proportional to the temperature, where the higher temperatures were less effective at Pb(II) 

removal.  
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While those works focused on resins and lead removal, previous research linking ionic 

strength and lead solubility is limited. Holm and Schock (1991) determined that lead solid 

chloropyromorphite (Pb5(PO4)3Cl(s)) solubility is dependent on ionic strength. The solubility of 

several lead solids (chloropyromorphite and hydrocerussite) were estimated to decrease in the 

presence of increased ionic strength (0.005 M versus 0.1 M) [9]. To close the gap on lead chemistry 

in water with high ionic strength, research in this work intends to focus on changes in ionic strength 

and the resulting speciation of lead in water. 

3.2 Materials & Methods 

3.2.1 Standards, Reagents, & Preparation of Stocks  

Refer to Section 2.2.1 for reagents used. Ionic strength was controlled by addition of granular NaCl 

purchased from Aldrich.  

Stock solutions for sample preparation in reactors were prepared by diluting the purchased 

4.8⨉10-3 M (1000 ppm) Pb standard solution to 4.8⨉10-5 M (10 ppm) Pb in sparged DI water. 

Stock solutions for preparation of ICP-OES lead standards were prepared by diluting the original 

stock solution (4.8⨉10-3 M) to 4.8⨉10-5 M (10 ppm) and 4.8⨉10-7 M Pb (100 ppb) in 2% HNO3, 

ranging from 2.4⨉10-8 M to 4.8⨉10-6 M (5-1000 ppb). Standards were periodically remade, and 

samples were calibrated to these standards when run on the ICP-OES. Stock solutions of 10-3 M 

and 10-2 M NaOH were used for pH control. Stock solutions for controlling ionic strength were 

prepared with granular NaCl in N2 sparged DI water. A stock solution of 1.0 M NaCl was prepared 

and diluted in water to solutions of 0.02-0.14 M. 

3.2.2 Experimental Procedure and Sample Analysis 

The experimental procedure and sample analysis used in this chapter were identical to Section 

2.2.2, although the reactors were additionally adjusted with NaCl to obtain a range of ionic strength 

values. Here, lead-containing synthetic waters were placed into 15 or 50 mL metal-free, non-sterile 

polypropylene (PP) centrifuge tubes. Depending on the ionic strength, the 15 mL plastic vials were 

filled to 7.35 mL with the corresponding NaCl stock solution and were adjusted to pH 7.0. An 

aliquot of the lead stock solution (4.8⨉10-5 M) was added to each solution to achieve a final 

reaction concentration of 9.7⨉10-7 M (200 ppb) Pb.  
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Ionic strength (I) was calculated for reactors with Eq. 2.11. An example of all the 

constituents in each sample reactor is shown below in Table 3.1, and these values of ionic strength 

were reflected in the developed equilibrium model. The ionic strength was primarily controlled by 

the addition of NaCl.  

Table 3.1. Ionic strength calculations for speciation at I = 0.02 M, pH 7.0, T = 25°C. 

Species 
Concentration 

M 

Ionic Strength 

M  

Pb2+ 9.7⨉10-7 1.9⨉10-6 

H+ 7.9⨉10-8 4.0⨉10-8 

NO3
2- 9.7⨉10-7 1.9⨉10-6 

Na+ 1.8⨉10-2 9.0⨉10-3 

Cl- 1.8⨉10-2 9.0⨉10-3 

OH- 3.2⨉10-5 1.6⨉10-5 

  I = 1.8⨉10-2 

3.3 Results & Discussion 

3.3.1 Effect of ionic strength on kinetic experiments 

ICP-OES soluble lead concentrations and pH data from kinetic experiments can be found in 

Appendix C (Table C.6, Table C.12-C.14). The first set of experimental results were obtained 

when the ionic strength was varied from 0-0.15 M and the initial pH set at 7.0, as seen in Figure 

3.1. In general, the pH remained relatively stable, fluctuating between pH 6.5-7.1 over the course 

of 48 hours. In addition, all the experiments were effectively able to exhibit 91-107% initial Pb 

recovery of the spiked Pb solution, which represented the initial time point at t = 0 hours. The only 

exception occurred when the ionic strength equaled 0.15 M where a low initial Pb recovery of 81% 

was obtained (Figure 3.1(D)).  
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Figure 3.1. Measurement of soluble lead (PbTOT
II) over time at pH 7.0, 25°C with (A) I = 8.5⨉10-

6 M, (B) I = 0.02 M, (C) I = 0.07 M, (D) I = 0.15 M. 

All the experiments performed somewhat similarly and had a unified, steady trend. The 

kinetic experiments had a moderate recovery with consistency between triplicate points. The low 

ionic strength test (I = 8.5⨉10-6 M) showed the most unique response with an immediate drop to 

44% of the original Pb added (PbTotal = 9.7⨉10-7 M Pb). The soluble Pb concentration remained 

lower than Pb measured at higher ionic strengths for the duration of the experiment (<50% of 

PbTotal). The higher ionic strength tests (I = 0.02-0.15 M) had higher measured concentrations of 

soluble lead, where no data was measured below 50% of the original Pb in the kinetic test. 
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Figure 3.2. Comparison of soluble Pb measured in experimental reactors for 48 hours; I = 8.5⨉10-

6 to 0.15 M at pH = 7.0, T = 25°C. 

The kinetic data trend from each of the higher ionic strength tests was virtually 

indistinguishable between 0.02-0.15 M (Figure 3.2). This similarity could be due to the high 

overdose of NaCl to Pb in the system, resulting in a 1 Pb2+ : 104 Cl- molar ratio at I = 0.02 M up to 

1 Pb2+ : 105 Cl- at I = 0.15 M. With an increase in chloride ions from NaCl addition, soluble lead 

chloride complexes could form. 

This difference between PbTotal and measured soluble Pb in any of the experiments was 

most likely be due to the presence of Pb(OH)2(s) forming at neutral pH. Without an oxidizing agent, 

the experimental inputs did not provide enough ORP for the formation of PbO2(s), and PbO(s) is 

unlikely to form at neutral pH conditions. Additionally, all final concentration points at 48 hours 

increased from the trend leading up to it, indicating that the system was not yet at equilibrium by 

the end of the kinetic tests. 

3.3.2 Effect of ionic strength on equilibrium experiments 

Long-term points were taken approximately 6 weeks (1000 hours) after sample preparation and 

meant to simulate equilibrium conditions. Sample pH remained relatively constant throughout the 

experiment, with a maximum decrease of 0.8 pH units. To model the experiments, pH was held 

constant at 7.0, but ionic strength was varied at 0.02 M, 0.07 M, 0.15 M to address each of the 
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experimental conditions. Table 3.1 showed the ionic strength calculations for the I = 0.02 M 

condition, which were repeated for each condition. Activity coefficients (γ) were found using the 

ionic strength (I), applying the Davies Equation (Eq. 2.11), and are reported in Table 3.2. 

−log γi = AZi
2 (

√I

1 + √I
− 0.2I) 

Eq. 2.11 

Table 3.2. Activity coefficients for Pb-H2O-NaCl system at I = 0.02-0.15 M, pH 7.0, T = 25°C. 

Charge 

(z) 

γ  

I=0.02 M 

γ 

I=0.07 M 

γ 

I=0.15 M 

1 0.875 0.794 0.749 

2 0.585 0.397 0.315 

3 0.300 0.125 0.074 

4 0.117 0.025 0.010 

 

These relationships were used to recalculate the tabulated equilibrium cK values in relation 

to the ionic strength defined by the experiments laid out in 2.2.2 (values recorded in Appendix A). 

The lead speciation model discussed in Section 2.4.3 was also used to predict which lead 

complexes may be present in the Pb-H2O-NaCl system and which solid(s) may predominate with 

a given set of conditions. For this system, potential solids included: Pb(s), PbO(s), Pb(OH)2(s), and 

PbO2(s). Due to the high unlikelihood of Pb(s) or PbO2(s) forming in this system (refer to Pourbaix 

diagram), only the oxide and hydroxide lead(II) solids were included in this analysis [23]. In the 

closed Pb-H2O-NaCl closed system, various species including lead ions (Pb2+), oxides, hydroxides, 

and chlorides could form. Reactions of the soluble complexes are included below. 

PbOH+ + H+
 ⇌ Pb2+ + H2O 

1.4 

Pb(OH)2
0 + 2H+

 ⇌ Pb2+ + 2H2O 

1.5 

 Pb(OH)3
- + 3H+ ⇌ Pb2+ + 3H2O 

1.6 

 

Pb(OH)4
2- + 4H+ ⇌ Pb2+ + 4H2O 
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1.7 

PbCl+ ⇌ Pb2+ + Cl− 

1.9 

PbCl2(aq) ⇌ Pb2+ + 2Cl− 

1.10 

PbCl3
− ⇌ Pb2+ + 3Cl− 

1.11 

PbCl4
2− ⇌ Pb2+ + 4Cl− 

1.12 

To characterize the system, total solubility of the Pb-H2O-NaCl system is given by the 

equation 

PbTOT
II = [Pb2+] + [Pb(OH)+] + [Pb(OH)2(aq)] + [Pb(OH)3

−] + [Pb(OH)4
2−] + [PbCl+]

+ [PbCl2(aq)] + [PbCl3
−] + [PbCl4

2−] 

Eq. 3.1 

where a predominating solid (PbO(s) or Pb(OH)2(s)) controls the concentrations of each complex.  

 

Table 3.3 summarizes the model input values for the equilibrium constants of soluble lead 

complexes at each ionic strength. Cumulative complexation constants, or beta (β) values, were 

calculated as a product of Keq values for sequential ligands. 

Keq 1,PbCl− = β1 =
{PbCl+}

{Pb2+}{Cl−}
 

Eq. 3.2 

β1 × Keq 2,PbCl2(aq)
= β2 =

{PbCl2(aq)}

{Pb2+}{Cl−}2
 

Eq. 3.3 
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β2 × Keq 3,PbCl3
− = β3 =

{PbCl3
−}

{Pb2+}{Cl−}3
 

Eq. 3.4 

β3 × Keq 4,PbCl4
2− = β4 =

{PbCl4
2−}

{Pb2+}{Cl−}4
 

Eq. 3.5 

Hydrolysis complexation constants (*β) were calculated as a product of Keq values in each reaction 

and Kw, based on ionic strength (Table 3.3).  

Kw × Keq 1,PbOH+ = β1
∗ =

{PbOH+}{H+}

{Pb2+}
 

Eq. 3.6 

Kw × Keq 2,Pb(OH)2(aq)
× β1

∗ = β2
∗ =

{Pb(OH)2(aq)}{H+}2

{Pb2+}
 

Eq. 3.7 

Kw × Keq 3,Pb(OH)3
− × β2

∗ = β3
∗ =

{Pb(OH)3
−}{H+}3

{Pb2+}
 

Eq. 3.8 

Kw × Keq 4,Pb(OH)4
2− × β3

∗ = β4
∗ =

{Pb(OH)4
2−}{H+}4

{Pb2+}
 

Eq. 3.9 

 



 

 

6
7
 

 

 

Table 3.3. Equilibrium and complexation constants for relevant Pb species in Pb-H2O-NaCl closed system. 

      log K log *βi 

Species 
log βi 

I=0 M 

log cK  

I=0 M 

I = 8.5x10-6 

M 
I = 0.02 M I = 0.07 M 

I = 0.15 

M 

I = 8.5x10-6 

M 
I = 0.02 M I = 0.07 M 

I = 0.15 

M 

PbOH+ 6.40 6.40 6.40 6.28 6.20 6.15 -7.60 -7.72 -7.80 -7.85 

Pb(OH)2 (aq) 10.90 4.50 4.50 4.38 4.30 4.25 -17.11 -17.33 -17.50 -17.60 

Pb(OH)3
- 13.90 3.00 3.00 3.00 3.00 3.00 -28.09 -28.09 -28.09 -28.09 

Pb(OH)4
2- 2.00 -11.90 -11.89 -11.67 -11.50 -11.40 -53.99 -53.76 -53.59 -53.49 

        log βi 

PbCl+ 1.55 1.55 1.54 1.32 1.15 1.05 1.54 1.32 1.15 1.05 

PbCl2(aq) 2.20 0.65 0.64 0.30 0.05 -0.10 2.19 1.62 1.20 0.95 

PbCl3
- 1.80 -0.40 -0.41 -0.75 -1.00 -1.15 1.78 0.87 0.19 -0.21 

PbCl4
2- 1.46 -0.34 -0.35 -0.57 -0.74 -0.84 1.43 0.30 -0.55 -1.05 
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When the complexation constant relationships are inserted into Eq. 3.1, the soluble lead 

concentration is calculated as follows, where all species are listed as a function of [Pb2+]: 

 

PbTOT
II = [Pb2+](1 +

β1
∗

[H+]
+

β2
∗

[H+]2
+

β3
∗

[H+]3
+

β4
∗

[H+]4
+ β1[Cl−] + β2[Cl−]2 + β3[Cl−]3

+ β4[Cl−]4) 

Eq. 3.10 

Given PbTotal = 9.7⨉10-7 M (200 ppb) to match the experimental maximum Pb 

concentration, {Pb2+} was determined as a function of pH, β, and *β values. Then, each complex 

concentration was calculated as a function of pH and {Pb2+}. Additionally, the ion activity product 

(IAP) was used to measure the solubility of solids. If the product of the complexes’ concentrations 

(IAP) in each reaction is equivalent to the solubility of a solid (Ks0) controlling the system, the 

system is in equilibrium. Eq. 3.12 shows the relationship for PbO(s) and Pb(OH)2(s). (This concept 

is further discussed in Section 2.4.3). For example, with PbO(s) as a solid: 

PbO(s) + H2O ⇌  Pb2+ + 2OH− 

1.18 

Ks0  =  1012.894  = {Pb2+}{OH−}2 

Eq. 3.11 

Ks0
∗ =

{Pb2+}{OH−}2

{H+}2{OH−}2
 =

{Pb2+}

{H+}2
 

Eq. 3.12(A) 

If IAP > Ks0, the total soluble lead (PbTOT
II) decreases, as more Pb precipitates as a solid. 

The upper limit of {Pb2+} is therefore dependent on the solubility of the controlling solid (*Ks0).  

{Pb2+} = Ks0
∗ × {H+}2 

Eq. 3.12(B) 

Dissolution reactions are included below for each potential solid. 

PbO(s) + 2H+ ⇌ Pb2+ + H2O 

1.18 
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Pb(OH)2(s) + 2H+ ⇌ Pb2+ + 2H2O 

1.20 

Table 3.4. Equilibrium solubility constants for relevant solids used in the speciation model. 

Chemical 

Species 

log *Ks0 

Source 

log *Ks0 

I = 0 M 
I = 8.5x10-6 

M 
I = 0.02 M I = 0.07 M 

I = 0.15 

M 

Pb(OH)2(s) 8.15 [29] 8.15 8.03 7.95 7.90 

PbO(s) 12.894 [29] 12.89 12.78 12.69 12.67 

 

The new {Pb2+} was the basis to recalculate all other complex concentrations. This set of 

calculations was performed for each solid listed in Table 3.4, and graphical models for each 

predominating solid are included below. PbTOT
II is the sum of concentrations of all soluble lead 

complexes. The graphic representations of the speciation model are presented as a pC-pH diagram 

to characterize the system. Any dip of the total dissolved Pb (black dashed) line below 9.7⨉10-7 

M (-log [Pb] = 6.0) indicates the formation of the controlling solid. 

In the lead oxide system, neither PbO(s) nor Pb(OH)2(s) were modeled to precipitate at any 

point and all dissolved species controlled the model (Figure 3.3). Because the relationship between 

their formation is the same (Eq. 3.12(B)), the models are identical regardless of the controlling 

solid. The low ionic strength model did not include NaCl; therefore, chloride complexes were not 

formed in the I = 8.5⨉10-6 M models. Without the chloride complexes, most of the dissolved 

species until pH 10.7 were Pb2+ and PbOH+. Pb(OH)3
- and Pb(OH)4

2- were present in very small 

concentrations but dominated the system above pH 10.7. With ionic strength at 0.02 M in Figure 

3.4, Pb2+ and PbOH+ concentrations decreased by average factors of 1.2 and 1.6 (respectively) as 

the chloride complexes formed (Table 3.5).The model predicted that PbOH+ concentration also 

declined sooner but at a slower rate at I = 0.02 M than at low ionic strength. Small but increased 

concentration of Pb(OH)3
- formed as ionic strength increased to 0.02 M but decreased with the 

increase to I = 0.15 M. Pb(OH)4
2-

 concentration dropped off significantly as higher ionic strength 

was reached. In comparing I = 0.02 to 0.15 M, lead hydroxide complexes decreased in solubility 

by factors of 1.1 to 2.1, due to the presence of lead chlorides (Table 3.6). Lead ion (Pb2+) was also 

modeled to decrease by a factor of 1.1, while chloride complexes increased by factors of 4.8 to 
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409. However, the dissolved lead concentration was expected to remain unchanged between the 

all ionic strength and controlling solid conditions (Figure 3.5). 

Table 3.5. Average factors of change for each lead complex (right) with predominating solid (top) 

when comparing system at I = 8.5⨉10-6 M to 0.02 M. No chloride complexes included because 

NaCl present at low ionic strength. 

Species 
Predominating Solid 

PbO(s) & Pb(OH)2(s) 

Pb2+ 0.82 

PbOH+ 0.66 

Pb(OH)2 411.74 

Pb(OH)3
- 0.81 

Pb(OH)4
2- 8.54×10-14 

 

Table 3.6. Average factors of change for each lead complex (right) with predominating solid (top) 

when comparing system at I = 0.02 M to 0.15 M.  

Species 
Predominating Solid 

PbO(s) & Pb(OH)2(s) 

Pb2+ 0.88 

PbOH+ 0.65 

Pb(OH)2 0.48 

Pb(OH)3
- 0.88 

Pb(OH)4
2- 1.62 

PbCl+ 4.76 

PbCl2 11.20 

PbCl3
- 75.55 

PbCl4
2- 409.19 
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Figure 3.3. pC-pH diagram for the Pb-H2O system at pH = 7.0, 25°C when either PbO(s) or 

Pb(OH)2(s) predominates. PbTotal = 9.7⨉10-7 M and I = 8.5⨉10-6 M. 

 

Figure 3.4. pC-pH diagram for the Pb-H2O-NaCl system at pH = 7.0, 25°C when either PbO(s) or 

Pb(OH)2(s) predominates. PbTotal = 9.7⨉10-7 M and I = 0.02 M. 
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Figure 3.5. pC-pH diagram for the Pb-H2O-NaCl system at pH = 7.0, 25°C when either PbO(s) or 

Pb(OH)2(s) predominates. PbTotal = 9.7⨉10-7 M and I = 0.15 M. 

Surprisingly, the I = 0.07 M experiment resulted in the lowest equilibrium soluble Pb 

concentration. With twice as much ionic strength (I = 0.15 M), soluble lead concentrations doubled. 

At negligible ionic strength (I = 8.5⨉10-6 M), soluble lead concentrations measured 4 times that 

in the ionic strength 0.07 M experiment. With 5 times less ionic strength (I = 0.02 M), soluble lead 

concentration increased 6-fold, which was consistent with the model prediction. There was no 

noticeable trend for the equilibrium lead measurements and variations in ionic strength. The 

condition at I = 0.02 M resulted in the highest measured soluble lead; however, the I = 0.15 M 

condition reported the second-highest lead precipitation which did not follow the model prediction. 

Measured soluble lead concentrations did not closely align with either solid-controlled system, as 

the experiments formed precipitates which were not expected according to the model. Less soluble 

lead was measured than the models predicted at all conditions tested. It is hypothesized that the 

system was not yet at equilibrium. Previous research verifies that many lead solid equilibrium 

points range on the orders of hours to months [11],[12]. 

0.0

4.0

8.0

12.0

16.0

20.0

0.0 3.0 6.0 9.0 12.0

p
C

pH

Total Dissolved Pb

[Pb 2+]

[PbOH +]

[Pb(OH)2(aq)]

[Pb(OH)3 -]

[Pb(OH)4 2-]

[PbCl +]

[PbCl2]

[PbCl3 -]

[PbCl4 2-]



 

73 

 

Figure 3.6. Long-term equilibrium model for all controlling solids in Pb-H2O-NaCl system under 

different ionic strength conditions, ranging from 8.5⨉10-6 M to 0.15 M. Experimental points taken 

at 6 weeks are plotted on model lines. 

Table 3.7. Long-term equilibrium Pb recovery as a function of ionic strength. 

I  

(M) 

Initial 

pH 

Final 

pH 

Time 

(hours) 

Measured 

{Pb2+} 

(M) 

Measured 

{Pb2+} 

Error (M) 

𝐏𝐛𝐓𝐎𝐓
𝐈𝐈

𝐏𝐛𝐓𝐨𝐭𝐚𝐥
 

(%) 

𝐏𝐛𝐓𝐎𝐓
𝐈𝐈

𝐏𝐛𝐓𝐨𝐭𝐚𝐥
 

Error (%) 

8.5⨉10-6 7.24 7.02 1010.72 3.39⨉10-7 5.40⨉10-8 35% 6% 

0.02 6.95 6.99 983.56 5.49⨉10-7 1.04⨉10-7 57% 11% 

0.07 6.95 6.58 995.14 8.72⨉10-8 1.00⨉10-7 9% 10% 

0.15 7.11 6.63 994.53 1.83⨉10-7 6.52⨉10-9 19% 1% 
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3.4 Conclusions 

From these results, speciation of lead was affected by the addition of ionic strength. Compared to 

low I = 8.5⨉10-6M, the increase of ionic strength due to addition of NaCl showed consistently 

higher dissolved concentration of Pb (around 50-65% of original value) in the kinetic experiments, 

while potentially facilitating greater lead precipitation in the long-term experiments. The long-

term experimental data did not closely align with any of the models, which indicates that the 

systems were not yet at equilibrium. The specific impact of ionic strength on lead speciation in 

equilibrium conditions remains inconclusive. The authors hypothesize that model limitations or 

not attaining equilibrium conditions (at six weeks) inhibited a fuller interpretation of the lead 

speciation in the experiment.  

The results of this work could have implications for water softening applications. Hard 

water continues to pose issues for plumbing and water softener usage in the U.S. has continued to 

rise [13]. Cation exchange technology allows the exchange of hardness cations(Ca2+, Mg2+, Fe2+) 

for other cations like Na+ or K+ in salts. Since the softening process changes the ionic strength of 

the water, the results presented above could be used to interpret lead speciation with respect to 

softeners.  
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 CARBONATE DEPENDENCE OF SOLUBLE LEAD 

4.1 Introduction 

Lead-containing materials within pipe networks and residences contribute substantially to lead in 

water and subsequent detrimental health effects [1]. Significant research has been dedicated to the 

intricacies of lead complexation in the presence of carbonate (HCO3
-/CO3

2-) in potable water 

systems [2]–[6]. Total carbonate (Ct) in water may be due to several sources. Many water systems 

have high alkalinity or hardness, whether a result of natural water chemistry or by chemical 

addition. Groundwater and surface water both have a range of alkalinity from 20-250 mg/L CaCO3. 

Another contributor to total carbonate is natural equilibration with atmospheric CO2(g). Because 

water treatment systems are open to the atmosphere, CO2 sequestration is natural within potable 

water through the following mechanisms [7]: 

CO2(g) ⇌ CO2(aq) 

  4.1(A) 

H2O + CO2(aq) ⇌ H2CO3 ⇌ H+ + HCO3
− 

4.1(B) 

HCO3
− ⇌ H+ + CO3

2− 

4.1(C) 

 

Lead easily complexes with the carbonate and bicarbonate ions, as a function of pH. The 

following reactions show some of the aqueous lead species formed in the presence of carbonate. 

PbCO3(aq) ⇌ Pb2+ + CO3
2− 

1.15 

Pb(CO3)2(aq) ⇌ Pb2+ + 2CO3
2− 

1.16 

PbHCO3
+ ⇌ Pb2+ + HCO3

− 

1.17 
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Furthermore, solid lead carbonate (cerussite, PbCO3(s)) and basic lead carbonate 

(hydrocerussite, Pb3(CO3)2(OH)2(s)) are two common precipitates within distribution systems with 

leaded components. Studies have shown that Pb(II) solids like hydrocerussite and cerussite can be 

precursors that contribute to plumbosolvency control or promote the formation of other low-

solubility solids within a distribution system, such as PbO2(s) [8],[9]. In response to the Washington, 

D.C. lead crisis of 2001-2004, Edwards and Dudi (2004) determined the effects of disinfectant on 

lead leaching from pipes as well as various solid formations, likely to be PbO2(s) [10]. Formation 

kinetics of carbonate solids at moderate total carbonate concentrations was investigated by Liu et 

al. (2008) with the intention of further characterizing lead(II) solids forming in the presence of 

chlorine [4]. Further research into the dissolution rate of carbonate solids was investigated as a 

function of various water quality parameters [11],[12]. This previous research has characterized 

traditional potable water systems with lower dissolved carbonate concentrations, generally at 

lower ionic strengths. Research in this work intends to prove the hypothesis that high total 

carbonate concentration can affect the speciation of lead without the effect of a disinfectant. 

4.2 Methods & Materials 

4.2.1 Standards, Reagents & Preparation of Stocks 

Refer to Section 2.2.1 for reagents used. Total carbonate concentration was controlled by addition 

of granular NaHCO3(s) purchased from Aldrich.  

Stock solutions for sample preparation were prepared by diluting the 4.8⨉10-3 M           

(1000 ppm) Pb standard solution to 4.8⨉10-5 M (10 ppm) Pb in sparged DI water. Stock solutions 

for ICP-OES standards preparation were prepared by diluting the stock solution to 4.8⨉10-5 M  

(10 ppm) and 4.8⨉10-7 M Pb (100 ppb) in 2% HNO3. ICP-OES lead standards were created in 

concentrations ranging from 2.4⨉10-8 M to 4.8⨉10-6 M (5-1000 ppb) from stock solutions. 

Standards were periodically remade, and samples were calibrated to these standards when run on 

the ICP-OES. Carbonate concentrations were added from initial stock solution of NaHCO3 created 

at 1.0 M CO3
2-. Dilutions of 0.014, 0.072 and 0.143 M total carbonate (Ct) were prepared at an 

initial pH = 7.0. Stock solutions of 4% HNO3 were used for pH control and added in small volumes 

to avoid dilution of lead. 
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4.2.2 Experimental Procedure 

All samples were contained in 15 or 50 mL metal-free, non-sterile polypropylene (PP) centrifuge 

tubes. Depending on Ct in each experiment, the 15 mL plastic vials were filled to 7.35 mL with the 

corresponding NaHCO3 stock solution and were adjusted to pH 7.0 with 4% HNO3. Lead stock 

solution (4.8⨉10-5 M) was added to the solution for total volume of 7.50 mL as 9.7⨉10-7 M        

(200 ppb Pb). All experiments were conducted at 25°C on a benchtop. The remaining experimental 

procedure and analysis follow that which was discussed in Section 2.2.2.  

4.3 Results & Discussion  

4.3.1 Effect of carbonate concentration on kinetic experiments 

The total carbonate concentrations (0.01, 0.07, 0.14 M) in each system resulted in high ionic 

strengths – 0.01, 0.09, 0.21 M, respectively. The experiment at Ct = 0.01 M consistently over 

recovered lead (above 9.7⨉10-7 M) and its data was excluded from the set. ICP-OES soluble lead 

concentrations and pH data can be found in Appendix C (Table C.6,  

 

 

 

 

 

Table C.15-C.17). 

At pH 5.0-6.0, CO2 sequestration from the atmosphere did not affect soluble lead 

concentration significantly within the reactors. Refer to Section 2.4.1 for Figure 2.2. This 

relationship signified that lead behaved similarly under N2-sparged, open to atmosphere conditions 

as well as N2-sparged, closed conditions, suggesting that there could be an equivalent amount of 

carbonate complexes forming under both conditions. The measured concentrations of soluble lead 

were similar, which signified that no additional solid(s) formed from the potential carbonate from 

CO2 in atmosphere. 

At Ct = 0 M, ionic strength (I) remained low at 8.5⨉10-6 M. The soluble lead concentration 

decreased consistently to approximately 4.5⨉10-7 M (93 ppb), indicating solid formation early on, 

and the initial pH 7.0 decreased slightly to pH 6.33 at 48 hours (Figure 4.1(A)). However, the pH 
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did not remain steady for experiments with high Ct. Increased pH from 6.8-9.0 over time may have 

contributed to the speciation of lead during both tests, in addition to Ct addition (Figure 4.1(B), 

(C)). There was no significant trend noted by comparing experiments at Ct = 0.07 M or 0.14 M 

that were consistent with previous research. While lead remained highly soluble at Ct = 0.07 M, 

the results indicate that doubling total carbonate to 0.14 M led to a decrease in soluble lead 

concentrations.  

 

 

Figure 4.1. Measurement of soluble lead (PbTOT
II) over time at pH 7.0, 25°C with (A) Ct = 0 M, I= 

8.5⨉10-6 M, (B) Ct = 0.07 M, I = 0.09 M (C) Ct = 0.14 M, I = 0.21 M. 

When comparing all trends on Figure 4.2, the soluble lead concentrations at Ct = 0 M and 

0.14 M responded very similarly over time, regardless of the differences in pH. The performance 

of the moderate Ct = 0.07 M experiment was starkly contrasted to the negligible (0 M) and high 
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(0.14 M) conditions, where some solid had been filtered out of the system. The trend reported in 

this work is not supported in previous literature and should be further investigated. The 

mechanisms changing lead speciation in this system were complex and interdependent. As Ct was 

adjusted, pH increased over time and ionic strength changed. Individually, these factors can change 

the speciation of lead, making it difficult to interpret their compounded effect(s). 

 

Figure 4.2. Soluble Pb in reactor with varying Ct from 8.5⨉10-6 M to 0.14 M. PbTotal = 9.7⨉10-7 
M at 25°C and pH = 7.0. 

4.3.2 Effect of carbonate concentration on equilibrium experiments 

Long-term points were taken approximately 6 weeks (1000 hours) after sample preparation and 

meant to simulate equilibrium conditions. Sample pH continued to increase throughout the 

experiment until the equilibrium point, 1.5-1.7 units above the originally measured pH. Using the 

same models from Chapter 2, the author determined the equilibrium chemical speciation for the 

Pb-H2O-CO2 system. In addition to PbO(s) and Pb(OH)2(s), potential solids could include two 

additional solids: PbCO3(s) (cerussite) and Pb3(CO3)2(OH)2(s) (hydrocerussite). One limitation of 

the model was that it did not consider formation of additional polynuclear solids, which could also 

affect the interpretation of the equilibrium data. PbO2(s) was also intentionally omitted as the 

experimental conditions at low ORP were not suitable to form oxidized lead(IV) species. 

To model the different experiments, the initial pH was set to 7.0 while total carbonate 

concentration (Ct) was varied at 0.01 M, 0.07 M, and 0.14 M to address each of the experimental 

conditions. Total carbonate was calculated as: 
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Ct = H2CO3
∗ + HCO3

− + CO3
2− 

Eq. 4.1 

Using the Davies equation (Eq. 2.11), the following activities were calculated in Table 4.1. 

 

Table 4.1. Activity coefficients for Pb-H2O-CO2 system at Ct = 0.01-0.14 M ( I = 0.01-0.21 M), 

pH° 7.0, T = 25°C. 

Charge 

(z) 

γ 

I=0.01 M 

γ 

I=0.09 M 

γ 

I=0.21 M 

0 1.000 1.000 1.000 

1 0.888 0.781 0.728 

2 0.622 0.371 0.281 

3 0.343 0.108 0.058 

4 0.150 0.019 0.006 

 

These relationships were used to recalculate the tabulated equilibrium cK values in relation 

to the adjusted ionic strength. In the Pb-H2O-CO2 closed system, various species including lead 

ions (Pb2+), oxides, hydroxides, and carbonates could form. Reactions of the soluble complexes 

are included below. 

PbOH+ + H+
 ⇌ Pb2+ + H2O 

1.4 

Pb(OH)2
0 + 2H+

 ⇌ Pb2+ + 2H2O 

1.5 

 Pb(OH)3
- + 3H+ ⇌ Pb2+ + 3H2O 

1.6 

Pb(OH)4
2- + 4H+ ⇌ Pb2+ + 4H2O 

1.7 

PbCO3(aq) ⇌ Pb2+ + CO3
2− 

1.15 
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Pb(CO3)2(aq) ⇌ Pb2+ + 2CO3
2− 

1.16 

PbHCO3
+ ⇌ Pb2+ + HCO3

− 

1.17 

To characterize the system, total solubility of the Pb-H2O-CO2 system is given by the mass 

action equation 

PbTOT
II = [Pb2+] + [Pb(OH)+] + [Pb(OH)2(aq)] + [Pb(OH)3

−] + [Pb(OH)4
2−] + [PbCO3(aq)]

+ [Pb(CO3)2
2−] + [PbHCO3

+] 

Eq. 4.2 

where one of the solids controls the concentrations of each complex. Dissolution reactions are 

included below for each potential solid. 

PbO(s) + 2H+ ⇌ Pb2+ + H2O 

1.18 

Pb(OH)2(s) + 2H+ ⇌ Pb2+ + 2H2O 

1.20 

PbCO3(s) ⇌  Pb2+ + CO3
2− 

1.21 

Pb3(CO3)2(OH)2 +  2H+ ⇌ 3Pb2+ + 2CO3
2− +  2H2O  

1.22 

Table 4.2 summarizes the model input values for the equilibrium constants of soluble lead 

complexes. Cumulative complexation constants, or beta (β) values, were calculated as a product 

of Keq values for sequential ligands (Eq. 4.3 to Eq. 4.5). 

Keq 1,PbCO3(aq)
= β1,PbCO3(aq)

=
{PbCO3(aq)}

{Pb2+}{CO3
2−}

 

Eq. 4.3 
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β2 × Keq 2,Pb(CO3)2
2− = β2, (PbCO3)2

2− =
{Pb(CO3)2

2−}

{Pb2+}{CO3
2−}2

 

Eq. 4.4 

Keq,PbHCO3
+ = β =

{PbHCO3
−}

{Pb2+}{HCO3
−}

 

Eq. 4.5 

Hydrolysis complexation constants (*β) were calculated as a product of Keq values in each reaction 

and Kw, based on ionic strength (Table 4.2).  



 

 

8
4
 

 

 

Table 4.2. Equilibrium and complexation constants for relevant Pb species in Pb-H2O-CO2 closed system with changes in I due to 

varying Ct. 

     log cK log *cβ 

Species log βi 
log K 

I = 0 M 

I = 10-5.07 

M 

I = 0.01 

M 

I = 0.09 

M 

I = 0.21 

M 
I = 10-5.07 M 

I = 0.01 

M 

I = 0.09 

M 
I = 0.21 M 

PbOH+ 6.4 6.4 6.40 6.25 6.08 5.99 -7.60 -7.75 -7.92 -8.01 

Pb(OH)2(aq) 10.9 4.5 4.50 4.40 4.28 4.22 -17.11 -17.36 -17.64 -17.79 

Pb(OH)3
- 13.9 3.0 3.00 2.95 2.89 2.86 -28.11 -28.41 -28.75 -28.93 

Pb(OH)4
2- 2 -11.9 -11.90 -11.90 -11.90 -11.90 -54.01 -54.31 -54.65 -54.83 

        log β 

PbCO3 6.478 6.478 6.47 6.03 6.07 5.38 6.47 6.07 5.62 5.38 

Pb(CO3)2
2- 9.938 3.46 3.47 3.69 3.67 4.01 9.93 9.73 9.51 9.39 

PbHCO3
- 13.2 13.2 13.19 12.75 12.79 12.10 13.19 12.79 12.34 12.10 
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When the complexation constant relationships are inserted into the mass action Eq. 4.2, the 

soluble lead concentration is calculated as follows, where all species are listed as a function of 

[Pb2+]: 

PbTOT
II = [Pb2+](1 +

β1
∗

[H+]
+

β2
∗

[H+]2 +
β3

∗

[H+]3 +
β4

∗

[H+]4 + β1[CO3
2−] + β2[CO3

2−]2 + β[HCO3
−]). 

Eq. 4.6 

Given PbTotal = 9.7⨉10-7 M (200 ppb) to match the experimental maximum Pb 

concentration, {Pb2+} was determined as a function of pH, β and *β values. Then, each complex 

concentration was calculated as a function of pH and {Pb2+}. Additionally, the ion activity product 

(IAP) was used to measure the solubility of solids. If the product of the complexes’ concentrations 

(IAP) in each reaction is equivalent to the solubility of a solid (Ks0) controlling the system, the 

system is in equilibrium. If IAP > Ks0, the total soluble lead (PbTOT
II) decreases, as more Pb 

precipitates as a solid. The upper limit of {Pb2+} is therefore dependent on the solubility of the 

controlling solid (*Ks0). Eq. 4.7 shows the relationship for PbO(s) and Pb(OH)2(s). (Further 

discussed in Section 2.4.3). 

{Pb2+} = Ks0
∗ {H+}2 

Eq. 4.7 

Dissolved lead(II) under control of cerussite and hydrocerussite is calculated using Eq. 4.8 

and Eq. 4.9, respectively. These relationships as a function of ionic strength are recorded in Table 

4.3. 

{Pb2+} =
Ks0

∗

{CO3
2−}

 

Eq. 4.8 

{Pb2+} = (
Ks0

∗ × {H+}2

{CO3
2−}2

)

1/3

 

Eq. 4.9 
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Table 4.3. Equilibrium solubility constants for relevant solids used in the speciation model. 

Chemical 

Species 

log *Ks0 
Source 

log *cKs0 

I = 0 M I = 10-5.07 M I = 0.01 M I = 0.09 M I = 0.21 M 

PbO(s) 12.894 [7] 12.891 12.732 12.611 12.576 

Pb(OH)2(s) 8.15 [7] 8.147 7.988 7.867 7.832 

 log Ks0  log cKs0 

PbCO3(s) -13.13 [7] -13.142 -13.780 -14.263 -14.403 

Pb3(CO3)2(OH)2(s) -18.77 [13] -18.802 -20.557 -21.884 -22.272 

 

 

Due to irregularities with the experiment at Ct = 0.01 M, the data was excluded from the 

reported data. The following model descriptions compare low ionic strength (8.5⨉10-6 M) with no 

carbonate present to higher ionic strength experiments at Ct = 0.07 M and 0.14 M. At the low ionic 

strength condition, carbon dioxide was assumed to be fully removed through nitrogen sparging, 

resulting in Ct = 0 M. Any dip of the total dissolved Pb (black dashed) line below 9.7⨉10-7 M (-

log [Pb] = 6.0) indicates the formation of the controlling solid. 

Because the relationship between their formation is the same (Eq. 4.7), the models 

controlled by either PbO(s) or Pb(OH)2(s) are identical regardless of the individual controlling solid. 

When PbO(s) or Pb(OH)2(s) were set as the predominating solid in the model, all conditions resulted 

in the dissolved species controlling the model. With low ionic strength (I = 8.5⨉10-6 M), lead(II) 

ion controls the system until pH 6.0, and then consistently decreases. Following this trend, 

consecutive lead(II) hydroxide complexes control the system as a function of pH. As pH increases, 

multiligand complexes dominate more fully. 
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Figure 4.3. pC-pH diagram for the Pb-H2O-CO2 system at pH = 7.0, 25°C when either PbO(s) or 

Pb(OH)2(s) predominates at Ct = 0 M. PbTotal = 9.7⨉10-7 M and I = 8.5⨉10-6 M. 

At Ct = 0.07 M, all lead complex concentrations decrease dramatically, by factors of 105-

1013, as lead bicarbonate dominates the system from pH 0-12.7 (Table 4.4 and Figure 4.4). 

Doubling Ct to 0.1 M in Figure 4.5 shows a decrease in hydroxide complexes and lead ion 

concentrations by more than a factor of two. Concentrations of carbonate ligand complexes double 

with increasing ionic strength (as bicarbonate is added) (Table 4.6). Lead bicarbonate controls the 

dissolved lead concentration of the system up to pH 12.9 in all cases with carbonate. In the high 

pH ranges at both Ct = 0.09 M and 0.14 M, Pb(OH)3
- is modeled to predominate as the dissolved 

species above pH 12.9.  
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Figure 4.4. pC-pH diagram for the Pb-H2O-CO2 system at pH = 7.0, 25°C when either PbO(s) or 

Pb(OH)2(s) predominates at Ct = 0.07 M. PbTotal = 9.7⨉10-7 M and I = 0.09 M. 

 

 

Figure 4.5. pC-pH diagram for the Pb-H2O-CO2 system at pH = 7.0, 25°C when either PbO(s) or 

Pb(OH)2(s) predominates at Ct = 0.14 M. PbTotal = 9.7⨉10-7 M and I = 0.21 M. 
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Table 4.4. Average factors of change for each lead complex (right) with predominating solid (top) 

when comparing system at Ct = 0 M to 0.07 M (I= 8.5⨉10-6 M to 0.09 M). No carbonate complexes 

included because no carbonate was present at low ionic strength. 

Species 
Predominating Solid 

PbO(s) & Pb(OH)2(s)  

Pb2+ 10-5 to 10-12 

PbOH+ 10-5 to 10-13 

Pb(OH)2 10-6 to 10-13 

Pb(OH)3
- 10-6 to 10-13 

Pb(OH)4
2- 10-6 to 10-13 

Table 4.5. Average factors of change for each lead complex (right) with predominating solid (top) 

when comparing system at Ct = 0.07 M to 0.14 M (I = 0.09 M to 0.21 M).  

Species 
Predominating Solid 

PbO(s) Pb(OH)2(s) PbCO3(s) Pb3(CO3)2(OH)2(s) 

Pb2+ 0.56 0.56 0.56 0.56 

PbOH+ 0.50 0.49 0.50 0.50 

Pb(OH)2(aq) 0.46 0.46 0.46 0.46 

Pb(OH)3
- 0.44 0.44 0.44 0.44 

Pb(OH)4
2- 0.44 0.44 0.44 0.44 

PbCO3(aq) 1.13 1.12 1.13 1.13 

Pb(CO3)2
2- 2.25 2.24 2.25 2.25 

PbHCO3
+ 1.13 1.12 1.13 1.13 

 

 

No carbonate-based lead solids (cerussite or hydrocerussite) could form without the 

addition of carbonate; therefore, there is no instance at low ionic strength with carbonate solids 

predominating. At Ct = 0.07 M, most other complexes reach (relative) maximums at pH = 12.7-

12.9 (Figure 4.6). Lead bicarbonate controls the system until pH 12.8. Pb(OH)3
- controls the 

system in the extremely high pH ranges. When carbonate concentration is doubled (Ct = 0.14 M) 

in Figure 4.7, the trends under Ct = 0.07 M conditions are echoed but generally at lower 

concentrations. Only lead carbonate complexes increase in concentration with an increase in ionic 

strength. Pb2+ and hydroxide complexes decrease by a factor of 1.7-2.3 (Table 4.6). 
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Figure 4.6. pC-pH diagram for the Pb-H2O-CO2 system at pH = 7.0, 25°C when PbCO3(s) 

predominates at Ct = 0.07 M. PbTotal = 9.7⨉10-7 M and I = 0.09 M. 

 

Figure 4.7. pC-pH diagram for the Pb-H2O-CO2 system at pH = 7.0, 25°C when PbCO3(s) 

predominates at Ct = 0.14 M. PbTotal = 9.7⨉10-7 M and I = 0.21 M. 

Hydrocerussite, Pb3(CO3)2(OH)2(s), is not predicted to form under any tested conditions, 

closely mirroring the PbCO3(s) model at all points. Lead bicarbonate is the only significant 
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dissolved species until pH 12.7-12.9 under each modeled Ct condition. Above pH 12.8, Pb(OH)3
- 

has the greatest soluble complex concentration (Figure 4.8). Only lead carbonate complexes 

increase in concentration with an increase in Ct, shown in Figure 4.9. With the increase to high 

total carbonate, Pb2+ and hydroxide complexes decrease by a factor of 1.7-2.3 (Table 4.6). 

 

  

Figure 4.8. pC-pH diagram for the Pb-H2O-CO2 system at pH = 7.0, 25°C when Pb3(CO3)2(OH)2(s) 

predominates at Ct = 0.07 M. PbTotal = 9.7⨉10-7 M and I = 0.09 M. 
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Figure 4.9. pC-pH diagram for the Pb-H2O-CO2 system at pH = 7.0, 25°C when Pb3(CO3)2(OH)2(s) 

predominates at Ct = 014 M. PbTotal = 9.7⨉10-7 M and I = 0.21 M. 

Figure 4.10 combines the solubility of total dissolved Pb with each controlling solid 

modeled at the various ionic strength conditions. The recorded data from each equilibrium 

experiment at varying carbonate concentrations and ionic strengths are compared to the model and 

shown on the graph as points. Data for each experiment is listed in Table 4.6.  

Table 4.6. Long-term equilibrium Pb recovery as a function of carbonate concentration. 

Ct 

(M) 

I  

(M) 

Initial 

pH 

Final 

pH 

Time 

(hours) 

Measured 

{Pb2+} 

(M) 

Measured 

{Pb2+} 

Error (M) 

𝐏𝐛𝐓𝐎𝐓
𝐈𝐈

𝐏𝐛𝐓𝐨𝐭𝐚𝐥
 

(%) 

𝐏𝐛𝐓𝐎𝐓
𝐈𝐈

𝐏𝐛𝐓𝐨𝐭𝐚𝐥
 

Error (%) 

0 8.5⨉10-6 - 5.45 1014.19 7.4⨉10-7 3.3⨉10-7 65% 30% 

0.01 0.01 7.28 8.82 997.44 1.1⨉10-6 8.0⨉10-8 110% 8% 

0.07 0.07 7.20 8.96 984.00 8.7⨉10-7 7.3⨉10-8 87% 8% 

0.14 0.14 7.34 8.82 984.00 4.5⨉10-7 3.8⨉10-8 46% 4% 
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Figure 4.10. Long-term equilibrium model plotted as pC-pH diagram for all solids in Pb-H2O-CO2 

system under various Ct conditions (listed in legend). Experiments measured at 6 weeks plotted as 

points on model lines. PbTotal = 9.7⨉10-7 M, Ct = 0-0.14 M with corresponding I = 8.5⨉10-6-0.21 

M.  

Dissolved lead concentration in this system could have been a combination of several 

compounds but, based on the model, are likely to be Pb2+ or Pb(OH)+ at neutral pH, or small 

amounts of Pb(OH)2(aq) at higher pH without carbonate. In the presence of carbonate, the model 

solely predicts the formation of aqueous PbHCO3
+. No solid was modeled to precipitate at any 

point and only the moderately high carbonate condition (Ct = 0.07 M) followed the model 

predictions. Data from the Ct = 0.01 M experiment over-recovered lead consistently, even at the 

long-term equilibrium point (shown in red). The experiments at Ct = 0 M and 0.14 M measured 

lower soluble lead than predicted, indicating that experiments were not at equilibrium by six weeks. 
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4.4 Conclusion 

Lead speciation was determined at 25°C over a variety of total carbonate concentrations with a set 

of kinetic and equilibrium experiments. The addition of total carbonate did not follow a specific 

trend during the 48-hour kinetic experiments, but the moderately high values (Ct = 0.07 M) showed 

a 2-fold increase in measured soluble lead concentrations over low (0 M) and high (0.14 M) 

carbonate concentrations. Only one of the equilibria results moderately aligned with the model, 

suggesting that the system was not yet at equilibrium. The specific trends concerning lead 

speciation while increasing carbonate concentration in a Pb-H2O-CO2 system at equilibrium 

conditions remains inconclusive. The deviation of equilibrium experimental points from the model 

could be due to a combination of factors including the varied carbonate concentration, intrinsic 

change in ionic strength, or changing pH over time. The complexity of the system made it difficult 

to characterize the mechanism that affected lead speciation. The authors hypothesize that model 

limitations inhibited a fuller interpretation of the lead speciation in the experiment. Further work 

could be performed on the mathematical model to include less common lead solids. 

This work could have further applications to the residential water softener. Through ion 

exchange, Na+ ions that coat a resin inside the softener tank. These ions are exchanged for 

incoming Ca2+/Mg2+ hardness ions, softening the water. The action could lead to a higher 

concentration of carbonate or bicarbonate ions in the water as the hardness ions are sequestered 

onto the resin without the carbonate ligands, resulting in higher Ct concentrations in water. 
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 METHOD TO DETERMINE LEAD DIOXIDE CONCENTRATION 

5.1 Introduction 

Lead concentrations in distribution systems are generally limited by solid species and their 

dissolution rates. Solids like hydrocerussite (Pb3(CO3)2(OH)2(s)) and lead(IV) dioxide (PbO2(s)) can 

result in very low total dissolved lead by controlling the lead release into water in pipe networks. 

Therefore, measurement of these controlling solids could be beneficial in determining the stability 

of pipe scale in addition to lead speciation in a system. If higher ORP is maintained with the 

addition of free chlorine, lead(IV) solids can dominate a system. However, lead(IV) is reduced to 

the +2 oxidation state at moderate ORP or in neutral or acidic pH because its reduction potential 

is greater than the O2/H2O boundary under these conditions [1]. Direct Pb(IV) measurement 

experiments remain a challenge because of this relationship.  

The standard method (EPA 200.8) for total Pb quantification requires acidification of any 

lead sample to 0.15% v/v HNO3 for at least 16 hours prior to analysis [2]. This method has proven 

to drastically underestimate the concentration of total Pb when solid lead – especially PbO2 – is 

present because of its incomplete dissolution [3], [4]. Additionally, ICP-OES analysis requires 

acidification to 2% v/v HNO3 for metals analysis. Acidification of Pb(IV) reducing lead to Pb(II) 

makes it difficult to measure original concentrations of Pb(IV) solids. However, lead(IV) dioxide 

can easily oxidize iodide (I-) to triiodide (I3
-) through the following reaction. 

PbO2(s) + 3I− + 4H+ → Pb2+ + 2H2O + I3
− 

  5.1 

Closely following the iodometric method detailed in Lin et al. (2008) and follow-up work of Zhang 

et al. (2010), the method and results presented in this work aim to quantify Pb(IV) with a 

disinfectant residual in aqueous samples. Analysis is performed by colorimetry, measuring the 

product formed from reaction 5.1, triiodide (I3
-), with a UV-vis spectrophotometer [5], [6]. The 

aim of this work is to replicate the results of the original method developers.  
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5.2 Methods & Materials  

5.2.1 Standards, Reagents, & Preparation of Stocks 

All experiments used reagent grade chemicals. PbO2 was purchased from Alfa Aesar as solid 

particles and was 99.995% (metals basis) pure. Concentrated hydrochloric acid, HCl, was 

purchased from Aldrich, but was diluted to 1.0 F for the experiments. Sodium hypochlorite (NaOCl) 

was purchased as a ~5% NaOCl stock from ACROS Organics. Free chlorine stock solutions of 

0.015 M were diluted from the 5% NaOCl stock with DI water. The source of iodide was potassium 

iodide purchased from ACROS Organics at a purity of 99+% for analysis and nitrogen flushed. 

All solutions were prepared with ultrapure deionized water from a THERMO Barnstead GenPure 

Pro water system with a resistivity of 18.0-18.2 MΩ-cm. 

5.2.2 Experimental Procedure 

For each experiment, a 1000 mL glass screw cap bottle was filled with 1000 mL of DI water as 

the stock solution. NaOCl stock solution (0.015 M) was added to the DI water to achieve 0.5 mg/L 

Cl2 in each experimental sample. After chlorination, the capped bottle was inverted several times 

to ensure the sample was homogenous. The uncapped reactor was continuously mixed on a stir 

plate for the remainder of the experiment. Solid lead as PbO2(s) was measured with a Sartorius 

CP2P microbalance. Experiments ranged in lead concentration from 0.06-15.0 mg/L Pb, and 

corresponding amounts of lead were added per experiment. 

Refer to the original and follow-up work for additional details in the iodometric process 

[5],[6]. Zhang et al. (2010) used a range of KI concentrations (2-4 g/L) to optimize lead recovery 

[6]. Based on that investigation, the research team in this work decided that the data associated 

with 2.0 g/L KI in the original work yielded adequate and precise recovery. This dosage was used 

in this work, which still overdosed the system with iodide by factors of 1.9×102 to 5.4×104 (molar 

comparison) to the lead concentration at any point. Because KI and free chlorine react quickly at 

ambient pH, the original authors determined that the absorbance due to this reaction could easily 

be subtracted at the beginning of the experiment [5]. Additionally, based on reaction 5.1, the 

dissolution of PbO2(s) to Pb2+ by triiodide is most effective at low pH and is slower at neutral to 

alkaline pH. Therefore, solid KI was measured on the analytical balance to 2.0 g/L within each 

sample and was added to the reactor while at ambient pH and continuing to mix on the stir plate. 
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Within 30 seconds of KI addition, the sample had a color change due to the reaction between KI 

and free chlorine. An aliquot of the mixture was taken 30 seconds after KI addition to calculate 

the contribution of the non-lead reaction. Absorbance was measured via UV-spectrophotometer at 

351 nm. 

The sample was then quickly acidified to pH 2.0±0.05 with 1.0 F HCl while continuing to 

stir, activating the fast reaction between KI and PbO2(s). Sample aliquots were removed and 

analyzed via colorimetry every 3-5 minutes until 20 minutes elapsed. Absorbance of each aliquot 

was recorded as a function of time. All experiments were run for at least 20 minutes. The original 

authors determined a pattern of diminishing return past 20 minutes, which was replicated for 

several samples (to 60 minutes) in this work to verify this phenomenon [5]. Because colorimetry 

is not a destructive process, all aliquots were returned to the reactor after analysis. Additionally, 

pH was recorded when every aliquot was taken to ensure the sample maintained a low pH.  

Overall, the concentration of I3
- was measured by colorimetry with a UV-vis 

spectrophotometer (UV2700, Shimadzu), corresponding to the concentration of PbO2 added 

originally based on reaction 5.1. Using the Beer-Lambert law, all absorbance values were 

correlated to concentration. Initial experiments were used to determine and verify the molar 

absorption coefficient (ε) of I3
- at 351 nm, which was found to equal 23,325 M-1cm-1, verifying the 

previous work’s value [7]. Previous literature also cited a value of 25,700 M-1cm-1
 at 351 nm [5], 

[8]. While a peak also exists at 288 nm, this wavelength was not used due to interferences. The 

initial absorbance measured from the immediate reaction between KI and free chlorine was 

subtracted from all subsequent measurements to differentiate the reactions of KI and free chlorine 

from KI and PbO2(s). This action was performed for each individual experiment. Recovery of lead 

was calculated for each aliquot that was measured. The recovery was calculated as the measured 

absorbance, converted to concentration of Pb (mg/L) compared to the total concentration, 

originally determined as a fraction of mass PbO2(s) added in the total volume of water. This value 

is converted to a percentage of the total and reported in Table 5.1. 

5.3 Results & Discussion 

This work verified the accuracy of the original method to measure PbO2(s) in reactors with 0.05 

mg/L Cl2 and 2 g/L KI. Figure 5.1 shows a recovery curve that had an added lead concentration of 

7.05 mg/L Pb. Triiodide was measured as a function of time and the absorbance readings of I3
- 
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corresponded to both Pb2+/PbO2(s) concentration, according to the 1:1 molar comparison (triiodide 

to lead) in reaction 5.1. As shown in the figure below, the recovery of lead followed a somewhat 

logarithmic trend over time during each experiment, increasing to a maximum around 20 minutes. 

This experiment continued to 40 minutes and was an example of the diminished recovery of lead 

over time after 20 minutes. 

 

Figure 5.1. Results of iodometric experiment with 7.05 mg/L (3.4⨉10-5 M) Pb shown as the dashed 

line with 0.5 mg/L Cl2. Recovery over time shown as points. Maximum recovery of 85% original 

Pb at 20 minutes. 

Overall results of the experiments in this work and Zhang et al. (2010) are shown in Table 

5.1, reporting high recovery of lead over variable parameters. Recovery of each experiment is 

reported as individual points in Figure 5.2. Each data point shown is a comparison of the added Pb 

in one experiment and the corresponding measured value of Pb at 20 minutes. Recovery varied per 

experiment and ranged from 53-103% of original Pb added to the system. The average recovery 

in this work was 81±10.8% with the bulk of readings falling between 81-88%. Further details 

concerning recovery experiments are reported in Table D.1 in Appendix D. 
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Table 5.1. Summary of experimental input parameters and results comparing Zhang et al. (2010) 

and this work [6]. 

PbO2 

(mg/L as 

Pb) 

Chlorine 

(mg/L as 

Cl2) 

pH 
KI in Original 

Work (g/L) 

Pb Recovery in 

Original Work 

KI in This 

Work 

(g/L) 

Pb Recovery 

in This Work 

0.01-19.7 0 2.0 2-4 90-111% 2 N/A  

0.01-20 0.9-4.3 2.0 2-4 92-103% 2 53-103%  

 

These results are significantly lower than the original work (92-103%) but remained 

consistent throughout experimentation, with lead concentrations above 1 mg/L (Figure 5.2) [6]. 

Despite this variation, the research team determined this to be a usable method of PbO2 

quantification due to consistent recovery. Still, the consistent recovery did not explain the failure 

to match the previous work’s values. Some of the lack of recovery may have been due to the use 

of glassware instead of plasticware for experimentation. Previous literature has shown that lead 

may adhere to holding materials, thus resulting in lower overall recovery of lead in samples [4], 

[9], [10], [11]. Lead may also have adhered to the plastic stir bar during the experiment. Another 

possibility exists that while KI was in excess compared to lead, some percentage of the lead may 

have remained solid due to lack of interaction with iodide. 
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Figure 5.2. Plot showing the recovery of PbO2 from 0.06-15.0 mg/L Pb with free chlorine = 0.5 

mg/L as Cl2, KI = 2.0 g/L, temp = 25°C, pH = 2.0. Specific experiment recoveries are reported in 

Table D.1 in Appendix D. 

Experiments with lower concentrations of lead (0 to 9.7⨉10-6 M, 0-2 mg/L) over-recovered 

Pb, shown in the lower left-hand corner of Figure 5.2. This variability could have been due to 

reaching the lower limits of the microbalance that was used to measure small PbO2(s) masses. 

Though it would have been relevant to prepare lower-range concentrations (less than 2.4⨉10-7 M 

or 0.05 mg/L Pb) of lead, those values could not be reached due to inaccuracy of multiple dilutions 

with solid Pb. The team was limited by available resources (larger volumetric containers) and a 

dissolution analysis would have been skewed with dilutions into several smaller containers. 

5.4 Conclusions & Future Work 

This work was able to replicate the results of the original work, but with less accuracy. This precise 

quantitative method of PbO2 measurement could be used to aid in future speciation studies. Further 

work could include performing both the iodometric method and ICP-OES analysis on duplicate 

samples to determine both what concentration of Pb(II) was present in the system as well as the 
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concentration PbO2(s), if present at all. This analysis could be performed on laboratory samples or 

real system draws of tap water.  

Future work is also required to compare the levels of PbO2 in samples that have passed 

through a water heater, water softener, or a combination. This experimentation could be performed 

with synthetic water samples or tap water draws from sample residences. The integrated system 

would give insight into the speciation of Pb(II) and Pb(IV) (iodometric analysis), as well as the 

solid-dissolved fractions of Pb (ICP-OES analysis) with respect to temperature and ionic strength 

variation.  
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 CONCLUSIONS 

Lead has been used as a building material in water distribution systems for centuries. However, 

the quality of water passing through pipes controls lead contamination and the subsequent health 

effects. Several water quality parameters were assessed in this work to determine the effect of 

these fundamental characteristics on the speciation of lead within water systems. Kinetic (0-48 

hours) and long-term (6 weeks) experiments were developed to determine the effect of temperature, 

ionic strength, and carbonate concentrations on soluble lead concentrations over environmentally 

relevant pH ranges. Equilibrium modeling calculations were performed to predict changes in 

soluble lead and the potential solid(s) that could predominate under the experimental conditions. 

Finally, a recently developed experimental method for PbO2(s) measurement in water was verified. 

Across a pH range of 3.0-9.8, experiments with increased water temperature (55°C) proved 

to decrease the measure soluble lead concentrations (i.e. increased lead precipitation) in 

comparison to the identical pH 25°C experiment in all experiments. The equilibrium 

thermodynamic model suggested that very little change in lead speciation would occur while 

maintaining all equilibrium conditions and solely increasing temperature to 55°C. Interestingly 

enough, final pH measurements for equilibrium points at 6 weeks at 55°C showed significantly 

more variation than those taken at 25°C, which may mean that the combination of low pH and 

high temperature impacted the long-term measurements of soluble lead. 

Increasing both ionic strength (NaCl) and total carbonate (Ct) concentrations in solutions 

for 48 hours at 25°C resulted in higher measured soluble lead at pH 7.0 than the equivalent 

experiments without the added variables. Experiments with high ionic strength showed higher 

amounts of soluble lead during the first 48 hours than low ionic strength samples. The 

corresponding equilibrium experiments proved that higher ionic strength tended to promote more 

solid formation. Also, lead speciation at 25°C over a variety of total carbonate concentrations was 

tested with a set of kinetic and equilibrium experiments but failed to follow a specific trend.  

In the non-carbonate systems at the tested pH range, dissolved lead concentration was 

likely a combination of several compounds: Pb2+ or Pb(OH)+ at neutral pH, or small amounts of 

Pb(OH)2(aq) at higher pH. In the presence of carbonate, the model solely predicts the formation of 

aqueous PbHCO3
+ at relevant pH ranges. Under all tested conditions of temperature change, ionic 

strength, and total carbonate, the equilibrium chemical speciation model did not predict any solid 
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formation. Experiments that measured low dissolved lead concentrations contribute to the 

hypothesis that the systems were not yet at equilibrium by six weeks. 

Additional experiments were also performed to verify how effectively PbO2(s), a lead(IV) 

solid, could be measured using a colorimetric method. The previously developed iodometric 

method proved to be a feasible method of quantifying PbO2(s) in chlorinated water with 80-88% 

accuracy. Results of this work were significantly lower than the original work but remained 

consistent throughout experimentation when testing lead concentrations above 1 mg/L. 

6.1 Future work & application 

Application for these results could be tied to usage of residential water appliances. Water 

heaters, which reach temperatures up to 60°C, are a universal convenience in developed countries. 

(Refer to Section 1.4 and Figure 1.1 for a fuller description of residential heaters.) While these 

appliances are not a source of Pb themselves, lead can leach from materials used in municipal 

piping networks or residences when certain water quality parameters are present, and this process 

can be affected by temperature fluctuations. Additionally, the experiments and modeling work 

concerning ionic strength and carbonate concentration changes could have applications to the 

residential water softener. Through ion exchange, Na+ ions coat a resin inside the softener tank. 

These ions are released upon exchange for incoming Ca2+/Mg2+ hardness ions, resulting in softened 

water. The action leads to higher sodium concentrations and could also lead to a higher 

concentration of carbonate or bicarbonate ligands in the water. As the hardness ions are bound to 

the softener resin, without the carbonate ligands, higher Ct concentrations may be found in water. 

Future work could be performed that compares the levels of PbO2(s) in samples that have 

passed through a water heater, water softener, or a combination. This experimentation could be 

performed with synthetic water samples or tap water draws from sample residences. The integrated 

system would give insight into the speciation of Pb(II) and Pb(IV) (iodometric analysis), as well 

as the solid-dissolved fractions of Pb (ICP-OES analysis) with respect to temperature and ionic 

strength variation. 
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APPENDIX A: TABULATED THERMODYNAMIC & EQUILIBRIUM 

VALUES 

Table A.1. Thermodynamic data for relevant Pb species: standard enthalpy of formation. 

Species 
ΔH°f at 25°C  

(kJ mol-1) 
Source 

Pb(0) 

Pb (s) 0 [12] 

Pb(II) 

Pb2+ -1.02 [12],[9] 

PbO (s) - Massicot/yellow -219.09 [12] 

PbO (s) - Litharge/red -217.83 [12],[9],[13] 

PbOH+ -   

Pb(OH)2 (aq) -   

Pb(OH)2 (s) -515.46 [15],[16] 

Pb(OH)3
- -   

Pb(OH)4
2- -   

PbHCO3
+ -   

PbCO3 (s) -662.51 [15], [16]  

PbCO3 (aq) -699.40 [14],[9] 

Pb(CO3)2 (aq) -   

PbCl+ (aq) -180.20 [14] 

PbCl2 (s) -359.35 [14], [15], [16] 

PbCl2 (aq) -335.98 [15] 

PbCl3
- (aq) -179.20 [14] 

PbCl4
2- (aq) -329.20 [14] 

PbNO3
+ -   

Pb(NO3)2 (s) -226.63 [14], [15] 

Pb3(CO3)2(OH)2 (s) -1711.70 [15] 
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Table A.2. Thermodynamic data for relevant Pb species: standard Gibbs free energy of 

formation. 

Species 
ΔG°f at 25°C  

(kJ mol-1) 
Source 

Pb(0) 

Pb (s) 0 [13], [12] 

Pb(II) 

Pb2+ -24.384 [12],[9] 

PbO (s) - Massicot/yellow -188.563 [12] 

PbO (s) - Litharge/red -187.903 [12],[9] 

PbOH+ -226.325 [9] 

Pb(OH)2 (aq) -400.83 [9],[16] 

Pb(OH)2 (s) -436.573 [9] 

Pb(OH)3
- -575.71 [9] 

Pb(OH)4
2- -   

PbHCO3
+ -   

PbCO3 (s) -625.51 [15] 

PbCO3 (aq) -625.767 [9],[14] 

Pb(CO3)2 (aq)    

PbCl+ (aq) -239.955 [14],[15] 

PbCl2 (s) -314.075 [14], [15] 

PbCl2 (aq) -286.9 [15] 

PbCl3
- (aq) -369.725 [14], [15] 

PbCl4
2- (aq) -259 [15] 

PbNO3
+ -  

Pb(NO3)2 (s) -251.65 [16] 

Pb3(CO3)2(OH)2 (s) - [13], [12] 
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APPENDIX B: DETERMINATION OF ICP-OES ANALYSIS WAVELENGTH 

Table B.1. ICP-OES output data at various wavelengths. Sixteen (16) replicates of eight (8) standards ranging from 1.0-20 ppb Pb were analyzed to determine the most accurate wavelength for Pb analysis. Standard deviation 

(STD Dev), relative standard deviation (RSD), limit of quantitation (LOQ), and instrument detection limit (IDL) were determined from the output data. 

Wavelength 

(182.205 nm) 

Average Pb 

Concentration 

 
1 2 3 4 5 6 7 8 9 10 11 12 13 14 15 16 

STD 

Dev 
RSD 

Recovery 

of STD 

Accuracy 

Difference 
LOQ 

IDL (99% 

confidence) 

  ppb  ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb % % % ppb ppb 

STD 0.6 ppb 1.295  4.469 -1.008 0.446 1.901 1.930 1.141 -0.157 2.562 3.789 1.889 4.187 -1.920 -0.196 0.525 1.061 0.095 1.771 137%         

STD 1 ppb 1.720  0.380 4.845 2.374 1.094 2.182 2.803 -0.067 2.244 0.756 2.142 0.410 0.752 2.488 -0.142 2.217 3.035 1.300 76%         

STD 2 ppb 2.440  3.091 4.037 1.812 2.490 1.717 2.384 4.392 3.009 4.272 5.108 0.784 1.746 1.379 1.256 1.837 -0.271 1.414 58%         

STD 3 ppb 3.303  4.088 3.680 5.960 2.883 2.850 2.301 1.922 4.275 2.200 2.484 3.531 2.472 1.804 5.484 3.964 2.947 1.179 36%         

STD 5 ppb 5.982  6.201 6.220 3.804 6.659 5.128 4.184 6.035 5.307 3.792 11.040 6.375 3.822 6.634 6.752 6.387 7.373 1.733 29%         

STD 6 ppb 6.725  8.312 7.592 5.179 7.615 4.417 5.064 5.645 10.031 6.760 5.913 7.359 7.392 6.460 6.933 7.486 5.444 1.380 21%         

STD 10 ppb 10.665  12.104 11.008 10.652 10.253 10.605 13.037 9.556 9.825 11.565 9.644 7.774 11.695 10.485 11.341 11.767 9.332 1.242 12%         

STD 20 ppb 19.775  20.469 17.839 20.316 18.217 22.137 18.251 20.197 19.926 19.714 21.162 18.190 20.786 18.362 20.841 20.591 19.409 1.236 6% 97% -3% 12.362 3.643 

                                     

Wavelength 

(220.353 nm) 

Average Pb 

Concentration 

 
1 2 3 4 5 6 7 8 9 10 11 12 13 14 15 16 

STD 

Dev 
RSD 

Recovery 

of STD 

Accuracy 

Difference 
LOQ 

IDL (99% 

confidence) 

  ppb  ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb % % % ppb ppb 

STD 0.6 PPB 0.476  0.244 0.314 -0.505 -0.227 0.258 2.015 0.178 0.899 0.472 0.608 0.308 -0.052 1.491 -0.069 0.485 1.194 0.632 133%         

STD 1 ppb 0.787  0.622 1.273 0.523 1.583 0.727 1.030 0.908 0.667 1.102 0.795 0.677 1.548 0.897 0.534 0.273 -0.563 0.494 63%         

STD 2 ppb 1.728  1.875 0.983 2.572 1.727 1.148 1.403 1.997 1.449 1.796 1.306 1.621 1.296 3.087 1.889 1.568 1.929 0.512 30%         

STD 3 ppb 2.997  3.838 3.204 2.403 2.687 2.797 2.248 3.988 2.110 2.126 2.750 4.259 2.715 3.076 2.576 3.316 3.857 0.665 22%         

STD 5 ppb 4.682  4.235 4.679 4.118 4.831 4.518 3.025 4.373 6.266 5.229 4.478 4.496 4.104 6.009 5.379 5.283 3.880 0.786 17%         

STD 6 ppb 5.979  5.485 6.445 5.242 6.262 6.160 5.357 6.927 5.814 4.668 6.950 6.000 5.181 5.987 6.524 6.990 5.669 0.668 11%         

STD 10 ppb 10.626  9.988 10.353 10.448 10.835 10.686 10.959 11.020 10.639 9.805 10.084 10.272 10.730 10.008 11.071 11.636 11.476 0.516 5% 105% 5% 5.156004 1.519 

STD 20 ppb 20.548  22.418 20.911 20.191 20.168 20.442 22.170 20.275 20.049 19.984 19.969 20.222 19.716 20.737 20.675 20.527 20.319 0.726 4% 100% 0% 7.256 2.138 

  
 

            

Wavelength 

(216.999 nm) 

Average Pb 

Concentration 

 
1 2 3 4 5 6 7 8 9 10 11 12 13 14 15 16 

STD 

Dev 
RSD 

Recovery 

of STD 

Accuracy 

Difference 
LOQ 

IDL (99% 

confidence) 

  ppb  ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb % % % ppb ppb 

STD 0.6 PPB 0.244  7.475 -4.197 2.533 2.829 0.016 -8.599 -6.114 -5.197 3.262 0.320 3.210 4.091 8.404 -8.800 2.163 2.500 5.136 2109%         

STD 1 ppb 2.473  6.672 6.948 -4.510 -0.800 3.249 8.841 2.311 4.430 -3.861 1.751 3.038 0.858 4.094 -4.010 6.703 3.860 3.954 160%         

STD 2 ppb 1.251  0.152 1.735 4.897 -1.970 -4.138 4.736 -0.950 3.556 0.951 2.381 2.802 1.092 3.327 0.469 -2.064 3.036 2.492 199%         

STD 3 ppb 2.681  0.512 2.735 1.355 5.357 1.955 0.880 6.336 3.066 -5.004 6.980 4.134 3.349 0.631 8.932 -0.376 2.054 3.202 119%         

STD 5 ppb 6.631  7.035 2.226 3.682 10.481 13.187 4.273 7.199 6.906 2.545 5.430 4.752 8.491 5.383 5.365 10.707 8.437 2.960 45%         

STD 6 ppb 7.431  9.767 4.177 4.928 8.755 4.728 9.340 9.925 9.480 8.001 9.718 8.473 7.603 7.884 5.484 8.443 2.193 2.299 31%         

STD 10 ppb 10.785  9.476 10.263 9.227 12.421 9.540 5.045 8.169 15.778 15.315 9.140 8.456 9.791 9.811 12.708 12.634 14.786 2.818 26%         

STD 20 ppb 19.529  22.070 18.258 21.654 17.966 21.850 16.269 17.301 22.892 15.551 20.474 16.101 16.690 26.831 18.933 16.498 23.122 3.158 16%         
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Wavelength 

(168.215 nm) 

Average Pb 

Concentration 

 
1 2 3 4 5 6 7 8 9 10 11 12 13 14 15 16 

STD 

Dev 
RSD 

Recovery 

of STD 

Accuracy 

Difference 
LOQ 

IDL (99% 

confidence) 

  ppb  ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb ppb % % % ppb ppb 

STD 0.6 PPB 2.120  2.262 12.205 2.392 -2.483 3.573 2.104 -0.500 -0.687 -3.896 5.330 -3.133 2.601 5.030 3.381 1.793 3.940 3.772 178%         

STD 1 ppb 2.795  7.443 0.720 3.279 3.692 -0.478 2.189 1.059 2.426 4.494 2.748 3.319 5.341 0.590 -2.314 4.313 5.906 2.421 87%         

STD 2 ppb 2.808  -0.082 -3.596 0.969 8.742 4.273 0.121 1.533 9.138 0.449 7.720 -4.059 4.290 -4.235 1.488 6.595 11.584 4.748 169%         

STD 3 ppb 4.211  2.799 4.189 2.624 3.211 9.239 3.629 -0.031 7.251 4.432 7.629 4.714 2.454 3.223 5.053 3.409 3.556 2.182 52%         

STD 5 ppb 4.867  4.115 6.528 5.533 4.584 6.013 3.059 -0.297 5.465 2.720 4.867 10.352 5.539 4.200 3.319 5.426 6.454 2.183 45%         

STD 6 ppb 5.846  11.928 4.607 1.737 2.584 4.884 7.725 5.273 7.511 9.595 9.539 4.494 4.053 0.370 8.505 7.053 3.680 3.057 52%         

STD 10 ppb 11.393  8.414 6.883 18.832 9.477 12.764 5.895 10.623 9.420 9.640 15.826 11.623 18.318 10.087 14.674 9.742 10.070 3.644 32%         

STD 20 ppb 19.698  22.182 22.888 22.877 19.781 16.606 13.369 25.589 19.758 18.058 22.527 15.437 22.527 20.781 26.764 12.719 13.301 4.245 22%         

 

 

Figure B. 1. Experimental set to determine accurate wavelength for ICP-OES analysis of Pb. Due to consistency and accuracy of 

measurement, the author chose 220.353 nm. 
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APPENDIX C: EXPERIMENTAL KINETIC & EQUILIBRIUM DATA  

For Pb-H2O System 

Table C.1. Kinetic data output from ICP-OES at pH 5.0, T = 25°C within glovebox. 

Time  

(hours) 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Standard 

Dev. (M) 

[Pb2+] 

Recovery 

(%) 

Standard 

Dev. (%) 

0.11 210.00 8.95 1.01X10-6 4.32X10-8 109% 5% 

0.07 91.86 6.06 4.43X10-7 2.92X10-8 49% 3% 

1.08 105.59 8.24 5.10X10-7 3.98X10-8 54% 5% 

2.20 124.60 6.66 6.01X10-7 3.21X10-8 62% 3% 

6.09 86.25 20.88 4.16X10-7 1.01X10-7 44% 11% 

Table C.2. Kinetic and equilibrium data output from ICP-OES at pH 2.9-3.1, T = 25°C. 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std 

Dev. 

(%) 

0.00 - 3.01 227.87 1.11 1.10X10-6 5.34X10-9 128% 0% 

0.00 2.90 - 242.91 2.66 1.17X10-6 1.28X10-8 117% 1% 

0.57 3.06 - 214.54 3.92 1.04X10-6 1.89X10-8 110% 2% 

1.04 3.16 2.99 222.95 2.57 1.08X10-6 1.24X10-8 109% 1% 

1.50 2.92 - 224.38 3.57 1.08X10-6 1.72X10-8 108% 2% 

2.00 2.97 3.05 222.47 1.99 1.07X10-6 9.59X10-9 111% 1% 

2.30 3.04 3.10 - - - - - - 

3.00 - - 215.08 6.03 1.04X10-6 2.91X10-8 111% 3% 

3.97 3.03 3.08 222.40 1.10 1.07X10-6 5.32X10-9 108% 0% 

5.93 3.00 2.94 211.63 2.99 1.02X10-6 1.44X10-8 110% 1% 

8.62 - - 193.56 3.45 9.34X107 1.67X10-8 94% 2% 

10.14 3.00 - 226.77 2.40 1.09X10-6 1.16X10-8 111% 1% 

18.03 - - 209.32 3.02 1.01X10-6 1.46X10-8 102% 1% 

24.05 2.95 - 205.76 1.74 9.93X10-7 8.39X10-9 106% 1% 

48.03 - - 229.07 0.92 1.11X10-6 4.44X10-9 110% 0% 

72.02 - - 218.68 2.44 1.06X10-6 1.18X10-8 108% 1% 

140.58 - - 218.27 3.47 1.05X10-6 1.67X10-8 106% 2% 

1008.23 2.85 2.96 10.12 2.11 4.88X10-8 1.02X10-8 5% 21% 

  



 

 

 

111 

 

 

 

 

Table C.3. Kinetic and equilibrium data output from ICP-OES at pH 3.0-3.1, T = 55°C. 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std 

Dev. 

(%) 

0.00 - - 210.33 16.02 1.02X10-6 7.73X10-8 105% 4% 

0.02 - - 95.55 4.05 4.61X10-7 1.96X10-8 47% 2% 

0.54 - - 97.03 3.45 4.68X10-7 1.66X10-8 48% 2% 

1.01 3.13 3.11 95.74 3.41 4.62X10-7 1.65X10-8 47% 2% 

1.52 - - 92.22 4.72 4.45X10-7 2.28X10-8 48% 3% 

2.02 3.00 3.00 90.08 9.01 4.35X10-7 4.35X10-8 44% 4% 

2.52 - - 93.21 3.91 4.50X10-7 1.89X10-8 48% 2% 

3.01 - - 99.87 4.13 4.82X10-7 1.99X10-8 49% 2% 

4.01 3.03 3.03 94.88 7.33 4.58X10-7 3.54X10-8 47% 4% 

6.02 3.07 3.05 91.91 12.76 4.44X10-7 6.16X10-8 45% 5% 

10.17 2.97 2.97 94.26 8.91 4.55X10-7 4.30X10-8 46% 4% 

12.12 - - 96.20 4.42 4.64X10-7 2.13X10-8 48% 2% 

24.01 - - 100.13 5.42 4.83X10-7 2.62X10-8 49% 2% 

48.53 - - 96.99 2.36 4.68X10-7 1.14X10-8 47% 1% 

1012.33 - 3.15 128.11 23.06 6.18X10-7 1.11X10-7 62% 11% 
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Table C.4. Kinetic and equilibrium data output from ICP-OES at pH 4.8-5.6, T = 25°C. 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std 

Dev. 

(%) 

0.02 - 5.01 202.04 4.39 9.75X10-7 2.12X10-8 100% 2% 

0.02 - - 124.68 2.25 6.02X10-7 1.09X10-8 61% 1% 

0.52 - - 71.90 6.14 3.47X10-7 2.96X10-8 35% 3% 

1.01 - - 75.81 10.34 3.66X10-7 4.99X10-8 37% 5% 

1.56 - - 79.11 5.70 3.82X10-7 2.75X10-8 39% 3% 

2.01 4.89 5.01 78.70 5.73 3.80X10-7 2.76X10-8 39% 3% 

2.54 - - 69.65 10.93 3.36X10-7 5.28X10-8 34% 5% 

3.01 - - 71.73 7.31 3.46X10-7 3.53X10-8 35% 3% 

4.00 - - 79.63 5.76 3.84X10-7 2.78X10-8 39% 3% 

6.01 5.10 5.09 92.16 39.91 4.45X10-7 1.93X10-7 45% 19% 

10.02 - - 91.99 16.22 4.44X10-7 7.83X10-8 46% 7% 

12.05 4.98 5.01 126.84 47.67 6.12X10-7 2.30X10-7 63% 24% 

24.33 5.19 5.34 100.49 46.99 4.85X10-7 2.27X10-7 49% 24% 

27.92 - - 80.31 0.86 3.88X10-7 4.17X10-9 39% 0% 

48.02 4.81 4.87 170.73 46.70 8.24X10-7 2.25X10-7 84% 22% 

72.18 - - 118.00 5.08 5.69X10-7 2.45X10-8 59% 3% 

168.43 - - 72.93 1.66 3.52X10-7 7.99X10-9 37% 1% 

1010.22 - 5.57 184.52 13.19 8.91X10-7 6.37X10-8 92% 7% 
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Table C.5. Kinetic and equilibrium data output from ICP-OES at pH 4.0-5.2, T = 55°C. 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std 

Dev. 

(%) 

0.03 - 5.16 217.60 4.45 1.05X10-6 2.15X10-8 109% 3% 

0.02 - - 94.62 17.03 4.57X10-7 8.22X10-8 53% 4% 

0.58 - - 118.03 7.88 5.70X10-7 3.80X10-8 62% 3% 

1.04 - - 115.29 13.65 5.56X10-7 6.59X10-8 60% 5% 

1.53 - - 118.10 8.25 5.70X10-7 3.98X10-8 59% 4% 

2.03 5.04 4.98 89.22 5.22 4.31X10-7 2.52X10-8 46% 3% 

2.58 - - 104.94 13.78 5.06X10-7 6.65X10-8 55% 7% 

3.03 - - 91.38 5.38 4.41X10-7 2.60X10-8 46% 2% 

4.01 - - 100.11 9.13 4.83X10-7 4.41X10-8 50% 4% 

6.16 5.04 4.89 110.65 26.12 5.34X10-7 1.26X10-7 55% 13% 

10.08 4.96 4.89 115.05 20.55 5.55X10-7 9.92X10-8 58% 11% 

12.02 4.96 4.71 193.91 34.42 9.36X10-7 1.66X10-7 96% 17% 

23.89 - - 22.79 2.74 1.10X10-7 1.32X10-8 11% 1% 

48.17 4.93 4.44 186.68 4.94 9.01X10-7 2.39X10-8 93% 2% 

96.92 - 4.40 148.19 15.35 7.15X10-7 7.41X10-8 72% 5% 

1009.36 - 3.96 206.55 5.86 9.97X10-7 2.83X10-8 103% 3% 

Table C.6. Kinetic and equilibrium data output from ICP-OES at pH 5.5-7.4, T = 25°C. 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std 

Dev. 

(%) 

0.00 - 7.35 190.55 11.91 9.20X10-7 5.75X10-8 107% 20% 

0.06 - - 93.26 39.38 4.50X10-7 1.90X10-7 45% 19% 

0.51 - - 95.33 15.47 4.60X10-7 7.47X10-8 48% 8% 

1.01 6.29 6.32 145.38 46.93 7.02X10-7 2.27X10-7 72% 24% 

1.51 6.41 6.47 127.20 33.86 6.14X10-7 1.63X10-7 64% 18% 

2.03 6.19 6.12 145.20 20.78 7.01X10-7 1.00X10-7 73% 11% 

2.54 6.41 6.13 122.37 6.79 5.91X10-7 3.28X10-8 62% 3% 

3.13 7.28 6.78 84.07 18.12 4.06X10-7 8.75X10-8 43% 11% 

4.27 7.32 6.79 70.74 10.50 3.41X10-7 5.07X10-8 35% 5% 

5.12 - - 63.26 0.21 3.05X10-7 1.04X10-9 31% 0% 

6.16 7.25 6.63 74.42 10.25 3.59X10-7 4.95X10-8 29% 11% 

9.03 5.74 5.88 129.66 19.12 6.26X10-7 9.23X10-8 65% 9% 

10.00 7.18 6.45 86.69 6.71 4.18X10-7 3.24X10-8 43% 4% 

12.14 6.78 6.51 87.07 14.20 4.20X10-7 6.85X10-8 44% 7% 

13.13 6.61 6.72 76.10 12.83 3.67X10-7 6.19X10-8 40% 6% 

24.03 7.24 6.63 55.78 11.81 2.69X10-7 5.70X10-8 28% 6% 
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Table C.6. Kinetic and equilibrium data output from ICP-OES at pH 5.5-7.4, T = 25°C. 

(Continued from previous.) 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std Dev. 

(%) 

48.07 6.79 6.33 86.40 18.25 4.17X10-7 8.81X10-8 42% 9% 

72.16 - - 62.33 3.98 3.01X10-7 1.92X10-8 31% 2% 

169.25 - - 59.77 1.16 2.88X10-7 5.58X10-9 29% 1% 

193.83 - - 55.75 1.96 2.69X10-7 9.47X10-9 28% 1% 

1014.19 - 5.45 152.26 69.28 7.35X10-7 3.34X10-7 65% 30% 

 

Table C.7. Kinetic and equilibrium data output from ICP-OES at pH 4.1-6.8, T = 55°C. 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std 

Dev. 

(%) 

0.02 - 6.81 194.60 6.93 9.39X10-7 3.34X10-8 96% 3% 

0.01 - - 28.24 3.98 1.36X10-7 1.92X10-8 15% 2% 

0.50 - - 33.10 1.98 1.60X10-7 9.56X10-9 17% 1% 

1.00 - - 32.46 1.79 1.57X10-7 8.63X10-9 16% 1% 

1.55 - - 32.81 2.82 1.58X10-7 1.36X10-8 17% 1% 

2.02 - - 37.56 6.07 1.81X10-7 2.93X10-8 19% 3% 

2.54 - - 34.76 2.82 1.68X10-7 1.36X10-8 18% 2% 

3.01 - - 32.69 2.82 1.58X10-7 1.36X10-8 16% 1% 

4.05 6.48 6.22 38.76 17.78 1.87X10-7 8.58X10-8 20% 9% 

6.14 6.54 5.97 62.08 9.04 3.00X10-7 4.36X10-8 30% 4% 

10.00 5.92 5.16 74.90 14.44 3.62X10-7 6.97X10-8 36% 7% 

12.00 - - 46.37 3.41 2.24X10-7 1.64X10-8 23% 2% 

24.27 - 4.81 52.81 5.85 2.55X10-7 2.83X10-8 26% 3% 

48.30 - - 54.62 2.52 2.64X10-7 1.22X10-8 27% 1% 

1004.08 - 4.12 97.65 7.86 4.71X10-7 3.79X10-8 48% 4% 
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Table C.8. Kinetic and equilibrium data output from ICP-OES at pH 6.5-8.4, T = 25°C. 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std 

Dev. 

(%) 

0.00 - - 217.16 12.20 1.05X10-6 5.89X10-8 107% 4% 

0.03 - - 30.30 10.24 1.46X10-7 4.94X10-8 15% 5% 

0.52 - - 31.49 12.10 1.52X10-7 5.84X10-8 16% 5% 

0.99 - - 34.02 8.39 1.64X10-7 4.05X10-8 17% 4% 

1.58 - - 30.29 8.80 1.46X10-7 4.25X10-8 15% 4% 

2.00 7.44 6.75 31.90 11.72 1.54X10-7 5.65X10-8 16% 5% 

2.52 - - 32.87 10.21 1.59X10-7 4.93X10-8 16% 5% 

3.04 - - 30.08 3.43 1.45X10-7 1.65X10-8 16% 2% 

4.13 8.14 7.13 37.94 10.15 1.83X10-7 4.90X10-8 19% 5% 

6.03 7.40 7.10 48.71 21.18 2.35X10-7 1.02X10-7 23% 11% 

10.00 - - 12.53 4.55 6.05X10-8 2.20X10-8 6% 2% 

12.20 - - 12.53 4.55 6.05X10-8 2.20X10-8 6% 2% 

24.22 7.17 - 13.16 7.61 6.35X10-8 3.67X10-8 7% 4% 

48.87 6.88 6.97 9.89 10.78 4.77X10-8 5.20X10-8 5% 5% 

1016.82 8.35 6.49 47.05 28.71 2.27X10-7 1.39X10-7 23% 13% 

 

Table C.9. Kinetic and equilibrium data output from ICP-OES at pH 4.9-8.9, T = 55°C. 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std 

Dev. 

(%) 

0.00 - 8.85 198.54 46.55 9.58X10-7 2.25X10-7 102% 24% 

0.02 - 8.80 41.80 25.42 2.02X10-7 1.23X10-7 22% 13% 

0.54 - - 13.91 6.25 6.71X10-8 3.02X10-8 7% 3% 

1.01 - - 8.85 1.30 4.27X10-8 6.27X10-9 5% 1% 

1.58 - - 8.18 0.93 3.95X10-8 4.49X10-9 4% 0% 

2.05 - 7.17 7.69 1.07 3.71X10-8 5.18X10-9 4% 1% 

2.50 - - 17.39 20.52 8.39X10-8 9.91X10-8 9% 11% 

3.00 - - 12.07 16.26 5.82X10-8 7.85X10-8 6% 8% 

4.10 8.10 7.03 8.89 1.29 4.29X10-8 6.25X10-9 5% 1% 

6.06 7.50 6.81 7.24 1.81 3.49X10-8 8.73X10-9 4% 1% 

10.24 8.58 - 8.32 2.95 4.02X10-8 1.42X10-8 4% 2% 

12.10 7.85 6.62 30.52 8.33 1.47X10-7 4.02X10-8 16% 4% 

24.12 7.10 5.57 44.99 2.31 2.17X10-7 1.11X10-8 23% 1% 

48.49 - - 50.89 3.35 2.46X10-7 1.61X10-8 26% 2% 

1011.24 - 4.87 99.84 4.15 4.82X10-7 2.00X10-8 51% 2% 
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Table C.10. Kinetic and equilibrium data output from ICP-OES at pH 7.0-9.8, T = 25°C. 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std 

Dev. 

(%) 

0.04 - 9.69 184.42 14.36 8.90X10-7 6.93X10-8 90% 7% 

0.04 - 9.67 133.04 9.15 6.42X10-7 4.41X10-8 65% 4% 

0.52 - - 171.39 6.15 8.27X10-7 2.97X10-8 83% 3% 

1.11 9.41 9.39 128.68 40.49 6.21X10-7 1.95X10-7 63% 19% 

1.58 9.56 9.29 124.27 7.55 6.00X10-7 3.64X10-8 60% 4% 

2.04 - - 128.34 5.26 6.19X10-7 2.54X10-8 63% 2% 

2.58 9.56 8.78 73.55 29.59 3.55X10-7 1.43X10-7 37% 14% 

3.19 - - 118.71 6.72 5.73X10-7 3.24X10-8 58% 3% 

4.12 9.80 9.10 139.11 25.56 6.71X10-7 1.23X10-7 69% 13% 

6.01 9.54 8.92 113.35 23.74 5.47X10-7 1.15X10-7 55% 11% 

10.04 - - 91.81 4.85 4.43X10-7 2.34X10-8 45% 2% 

12.82 9.64 8.83 112.32 7.94 5.42X10-7 3.83X10-8 55% 4% 

24.83 9.73 8.13 49.47 25.44 2.39X10-7 1.23X10-7 24% 12% 

48.14 9.57 7.30 44.96 5.13 2.17X10-7 2.48X10-8 22% 2% 

1010.72 9.50 7.02 70.31 11.19 3.39X10-7 5.40X10-8 34% 5% 

Table C.11. Kinetic and equilibrium data output from ICP-OES at pH 4.4-9.5, T = 55°C. 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std 

Dev. 

(%) 

0.04 - 9.24 165.63 6.01 7.99X10-7 2.90X10-8 81% 4% 

0.03 - 9.29 116.01 26.02 5.60X10-7 1.26X10-7 57% 13% 

0.52 9.43 9.18 12.21 6.53 5.89X10-8 3.15X10-8 6% 3% 

1.01 - - 10.80 3.22 5.21X10-8 1.56X10-8 5% 2% 

1.54 8.98 - 4.50 3.31 2.17X10-8 1.60X10-8 2% 2% 

2.07 - - 3.49 2.53 1.68X10-8 1.22X10-8 2% 1% 

2.38 9.32 8.05 - - - - - - 

3.01 - - - - - - - - 

4.00 - - 7.59 6.93 3.66X10-8 3.34X10-8 4% 3% 

6.04 9.33 7.57 24.08 41.42 1.16X10-7 2.00X10-7 12% 20% 

10.24 - 8.90 - - - - - - 

12.08 9.49 7.08 9.35 5.54 4.51X10-8 2.67X10-8 5% 3% 

13.06 - - 36.27 47.40 1.75X10-7 2.29X10-7 18% 23% 

24.14 9.36 6.81 29.44 28.33 1.42X10-7 1.37X10-7 15% 14% 

47.64 9.38 6.79 89.48 53.80 4.32X10-7 2.60X10-7 47% 27% 

1009.52 9.22 4.38 191.26 26.64 9.23X10-7 1.29X10-7 93% 13% 
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For Pb-H2O-NaCl System at 25°C 

 

 

 

 

Table C.6. Kinetic data output from ICP-OES at I = 8.5x10-6 M, pH 7.0, T = 25°C. (Graph 

repeated from Pb-H2O system.) 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std Dev. 

(%) 

0.00 - 7.35 190.55 11.91 9.20X10-7 5.75X10-8 107% 20% 

0.06 - - 93.26 39.38 4.50X10-7 1.90X10-7 45% 19% 

0.51 - - 95.33 15.47 4.60X10-7 7.47X10-8 48% 8% 

1.01 6.29 6.32 145.38 46.93 7.02X10-7 2.27X10-7 72% 24% 

1.51 6.41 6.47 127.20 33.86 6.14X10-7 1.63X10-7 64% 18% 

2.03 6.19 6.12 145.20 20.78 7.01X10-7 1.00X10-7 73% 11% 

2.54 6.41 6.13 122.37 6.79 5.91X10-7 3.28X10-8 62% 3% 

3.13 7.28 6.78 84.07 18.12 4.06X10-7 8.75X10-8 43% 11% 

4.27 7.32 6.79 70.74 10.50 3.41X10-7 5.07X10-8 35% 5% 

5.12 - - 63.26 0.21 3.05X10-7 1.04X10-9 31% 0% 

6.16 7.25 6.63 74.42 10.25 3.59X10-7 4.95X10-8 29% 11% 

9.03 5.74 5.88 129.66 19.12 6.26X10-7 9.23X10-8 65% 9% 

10.00 7.18 6.45 86.69 6.71 4.18X10-7 3.24X10-8 43% 4% 

12.14 6.78 6.51 87.07 14.20 4.20X10-7 6.85X10-8 44% 7% 

13.13 6.61 6.72 76.10 12.83 3.67X10-7 6.19X10-8 40% 6% 

24.03 7.24 6.63 55.78 11.81 2.69X10-7 5.70X10-8 28% 6% 

48.07 6.79 6.33 86.40 18.25 4.17X10-7 8.81X10-8 42% 9% 

72.16 - - 62.33 3.98 3.01X10-7 1.92X10-8 31% 2% 

169.25 - - 59.77 1.16 2.88X10-7 5.58X10-9 29% 1% 

193.83 - - 55.75 1.96 2.69X10-7 9.47X10-9 28% 1% 

1014.19 - 5.45 152.26 69.28 7.35X10-7 3.34X10-7 65% 30% 
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Table C.12. Kinetic and equilibrium data output from ICP-OES at I = 0.02 M, pH 7.0, T = 25°C. 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std Dev. 

(%) 

0.17 - 7.05 198.67 8.84 9.59X10-7 4.27X10-8 100% 3% 

0.06 - 6.89 166.91 6.63 8.06X10-7 3.20X10-8 83% 3% 

0.53 7.01 6.63 141.39 6.54 6.82X10-7 3.16X10-8 71% 4% 

1.01 6.92 6.76 140.06 7.84 6.76X10-7 3.78X10-8 69% 3% 

1.52 6.86 6.73 142.91 5.73 6.90X10-7 2.77X10-8 72% 3% 

2.21 6.97 6.73 126.05 10.06 6.08X10-7 4.86X10-8 60% 2% 

2.51 6.91 6.64 144.57 9.75 6.98X10-7 4.70X10-8 72% 5% 

3.32 6.92 6.71 121.53 15.33 5.87X10-7 7.40X10-8 62% 8% 

3.99 6.97 6.66 136.65 16.31 6.60X10-7 7.87X10-8 69% 8% 

6.13 6.89 6.54 148.81 12.78 7.18X10-7 6.17X10-8 74% 6% 

10.01 7.11 6.56 133.72 14.41 6.45X10-7 6.96X10-8 67% 7% 

12.16 7.03 6.42 111.12 28.58 5.36X10-7 1.38X10-7 56% 14% 

24.02 6.90 6.65 112.08 23.08 5.41X10-7 1.11X10-7 56% 12% 

48.17 6.95 6.54 145.64 5.72 7.03X10-7 2.76X10-8 74% 3% 

983.56 6.95 6.99 113.77 21.52 5.49X10-7 1.04X10-7 52% 13% 

Table C.13. Kinetic and equilibrium data output from ICP-OES at I = 0.07 M, pH 7.0, T = 25°C. 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std Dev. 

(%) 

0.05 - 6.88 184.59 16.24 8.91X10-7 7.84X10-8 91% 8% 

0.14 - 6.88 157.99 33.58 7.62X10-7 1.62X10-7 79% 16% 

0.57 6.99 6.60 149.61 17.34 7.22X10-7 8.37X10-8 75% 8% 

1.01 6.97 6.59 176.54 12.60 8.52X10-7 6.08X10-8 88% 6% 

1.53 6.86 6.63 162.10 23.34 7.82X10-7 1.13X10-7 81% 11% 

2.02 6.97 6.80 147.81 7.62 7.13X10-7 3.68X10-8 75% 5% 

2.61 6.91 6.70 141.73 14.84 6.84X10-7 7.16X10-8 71% 8% 

3.33 6.92 6.67 153.91 9.64 7.43X10-7 4.65X10-8 78% 5% 

4.04 6.97 6.58 154.03 7.13 7.43X10-7 3.44X10-8 78% 4% 

6.11 6.89 6.56 163.91 10.02 7.91X10-7 4.84X10-8 83% 5% 

10.00 7.03 6.37 151.66 10.28 7.32X10-7 4.96X10-8 76% 5% 

12.16 6.90 6.41 126.11 14.79 6.09X10-7 7.14X10-8 62% 7% 

24.01 7.11 6.44 132.53 61.29 6.40X10-7 2.96X10-7 66% 30% 

48.13 6.95 6.58 163.38 11.10 7.89X10-7 5.36X10-8 84% 5% 

995.14 6.95 6.58 18.07 20.75 8.72X10-8 1.00X10-7 9% 10% 
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Table C.14. Kinetic and equilibrium data output from ICP-OES at I = 0.15 M, pH 7.0, T = 25°C 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std Dev. 

(%) 

0.00 - 6.95 162.15 5.48 7.83X10-7 2.65X10-8 81% 3% 

0.07 - 6.99 141.69 10.02 6.84X10-7 4.84X10-8 72% 4% 

0.55 6.99 6.73 132.96 15.09 6.42X10-7 7.28X10-8 65% 7% 

1.03 6.92 6.93 128.14 3.55 6.18X10-7 1.72X10-8 64% 2% 

1.51 6.89 6.87 123.23 3.02 5.95X10-7 1.46X10-8 62% 2% 

2.01 6.94 6.62 130.04 12.88 6.28X10-7 6.22X10-8 65% 6% 

2.76 6.87 6.77 112.20 5.12 5.42X10-7 2.47X10-8 57% 2% 

3.05 6.87 6.76 115.92 13.46 5.59X10-7 6.50X10-8 58% 7% 

4.03 6.95 6.23 145.95 9.67 7.04X10-7 4.67X10-8 73% 5% 

6.08 6.94 6.46 138.42 12.16 6.68X10-7 5.87X10-8 69% 6% 

10.02 6.92 6.77 115.06 1.84 5.55X10-7 8.88X10-9 57% 1% 

12.00 7.01 6.54 130.62 7.80 6.30X10-7 3.77X10-8 64% 4% 

24.00 6.91 6.43 121.64 21.01 5.87X10-7 1.01X10-7 60% 11% 

48.00 6.95 6.09 127.82 0.01 6.17X10-7 4.97X10-11 65% 10% 

994.53 7.11 6.63 37.84 1.35 1.83X10-7 6.50X10-9 19% 29% 
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Pb-H2O-CO2 System at 25°C 

 

 

 

Table C.6. Kinetic data output from ICP-OES at Ct = 0 M, I = 8.5x10-6 M, pH 7.0, T = 25°C. No 

carbonate within this system. (Graph repeated from Pb-H2O system.) 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std Dev. 

(%) 

0.00 - 7.35 190.55 11.91 9.20X10-7 5.75X10-8 107% 20% 

0.06 - - 93.26 39.38 4.50X10-7 1.90X10-7 45% 19% 

0.51 - - 95.33 15.47 4.60X10-7 7.47X10-8 48% 8% 

1.01 6.29 6.32 145.38 46.93 7.02X10-7 2.27X10-7 72% 24% 

1.51 6.41 6.47 127.20 33.86 6.14X10-7 1.63X10-7 64% 18% 

2.03 6.19 6.12 145.20 20.78 7.01X10-7 1.00X10-7 73% 11% 

2.54 6.41 6.13 122.37 6.79 5.91X10-7 3.28X10-8 62% 3% 

3.13 7.28 6.78 84.07 18.12 4.06X10-7 8.75X10-8 43% 11% 

4.27 7.32 6.79 70.74 10.50 3.41X10-7 5.07X10-8 35% 5% 

5.12 - - 63.26 0.21 3.05X10-7 1.04X10-9 31% 0% 

6.16 7.25 6.63 74.42 10.25 3.59X10-7 4.95X10-8 29% 11% 

9.03 5.74 5.88 129.66 19.12 6.26X10-7 9.23X10-8 65% 9% 

10.00 7.18 6.45 86.69 6.71 4.18X10-7 3.24X10-8 43% 4% 

12.14 6.78 6.51 87.07 14.20 4.20X10-7 6.85X10-8 44% 7% 

13.13 6.61 6.72 76.10 12.83 3.67X10-7 6.19X10-8 40% 6% 

24.03 7.24 6.63 55.78 11.81 2.69X10-7 5.70X10-8 28% 6% 

48.07 6.79 6.33 86.40 18.25 4.17X10-7 8.81X10-8 42% 9% 

72.16 - - 62.33 3.98 3.01X10-7 1.92X10-8 31% 2% 

169.25 - - 59.77 1.16 2.88X10-7 5.58X10-9 29% 1% 

193.83 - - 55.75 1.96 2.69X10-7 9.47X10-9 28% 1% 

1014.19 - 5.45 152.26 69.28 7.35X10-7 3.34X10-7 65% 30% 
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Table C.15. Kinetic and equilibrium data output from ICP-OES at Ct = 0.01 M, I = 0.01 M, pH° 

7.0, T = 25°C. Not included in final data set. 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

M) 

[Pb2+] 

Recovery 

(%) 

Std Dev. 

(%) 

0.00 - 7.06 219.95 48.80 1.06X10-6 2.36X10-7 106% 26% 

0.08 - 7.05 196.73 7.05 9.49X10-7 3.40X10-8 96% 4% 

0.57 6.96 7.08 180.96 6.81 8.73X10-7 3.29X10-8 88% 3% 

0.98 7.01 7.24 185.25 6.49 8.94X10-7 3.13X10-8 89% 5% 

1.52 7.00 7.15 332.96 103.19 1.61X10-6 4.98X10-7 164% 51% 

2.16 6.94 7.04 279.65 10.93 1.35X10-6 5.28X10-8 136% 5% 

2.62 7.01 7.25 274.00 13.25 1.32X10-6 6.39X10-8 137% 6% 

3.01 6.93 7.18 255.50 7.83 1.23X10-6 3.78X10-8 129% 4% 

4.06 7.03 7.23 259.23 16.73 1.25X10-6 8.07X10-8 129% 8% 

6.08 7.02 7.29 137.29 13.63 6.63X10-7 6.58X10-8 67% 7% 

10.26 7.09 7.39 235.79 27.02 1.14X10-6 1.30X10-7 118% 13% 

14.78 6.95 7.41 150.93 59.54 7.28X10-7 2.87X10-7 74% 29% 

24.32 7.06 7.47 221.27 60.57 1.07X10-6 2.92X10-7 107% 29% 

48.14 7.06 7.88 287.35 16.84 1.39X10-6 8.13X10-8 138% 8% 

997.44 7.28 8.82 219.80 16.64 1.06X10-6 8.03X10-8 110% 8% 
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Table C.16. Kinetic and equilibrium data output from ICP-OES at Ct = 0.07 M, I = 0.09 M, pH° 

7.0, T = 25°C. 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std Dev. 

(%) 

0.00 - 6.81 227.88 4.10 1.10X10-6 1.98X10-8 108% 2% 

0.06 - 6.93 233.22 11.98 1.13X10-6 5.78X10-8 110% 6% 

0.53 6.92 7.02 219.21 11.06 1.06X10-6 5.34X10-8 105% 6% 

1.07 6.89 6.92 225.33 7.27 1.09X10-6 3.51X10-8 106% 3% 

1.50 6.95 6.96 222.09 8.95 1.07X10-6 4.32X10-8 105% 4% 

2.03 6.97 7.02 222.42 8.99 1.07X10-6 4.34X10-8 105% 4% 

2.50 6.96 7.15 215.29 8.27 1.04X10-6 3.99X10-8 102% 4% 

3.21 7.01 7.10 213.12 10.62 1.03X10-6 5.13X10-8 105% 5% 

4.49 6.83 7.01 202.28 9.91 9.76X10-7 4.79X10-8 99% 6% 

6.01 6.86 6.99 198.33 21.40 9.57X10-7 1.03X10-7 95% 11% 

10.01 6.91 7.14 195.70 27.66 9.44X10-7 1.34X10-7 96% 14% 

12.16 6.79 7.00 208.25 6.87 1.01X10-6 3.31X10-8 100% 3% 

24.05 6.90 7.23 198.42 10.97 9.58X10-7 5.30X10-8 94% 5% 

47.91 6.91 7.40 191.97 16.67 9.27X10-7 8.04X10-8 92% 8% 

984.00 7.20 8.96 180.13 15.08 8.69X10-7 7.28X10-8 87% 8% 
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Table C.17. Kinetic and equilibrium data output from ICP-OES at Ct = 0.14 M, I = 0.21 M, pH° 

7.0, T = 25°C. 

Time 

(hours) 

pH 

initial 

pH 

final 

[Pb2+] 

(ppb) 

Std Dev. 

(ppb) 

[Pb2+]  

(M) 

Std Dev. 

(M) 

[Pb2+] 

Recovery 

(%) 

Std Dev. 

(%) 

0.00 - 7.09 261.03 32.69 1.26X10-6 1.58X10-7 125% 16% 

0.06 - 6.99 115.22 4.83 5.56X10-7 2.33X10-8 56% 3% 

0.51 6.95 7.11 98.40 13.45 4.75X10-7 6.49X10-8 48% 7% 

1.01 6.92 7.12 111.37 6.94 5.37X10-7 3.35X10-8 54% 2% 

1.51 7.00 7.28 104.10 4.43 5.02X10-7 2.14X10-8 51% 2% 

2.00 7.00 7.21 107.57 2.98 5.19X10-7 1.44X10-8 52% 2% 

2.51 7.04 7.10 107.00 3.81 5.16X10-7 1.84X10-8 53% 2% 

3.00 7.00 7.16 106.08 5.26 5.12X10-7 2.54X10-8 54% 3% 

4.02 6.96 7.15 101.63 5.71 4.91X10-7 2.75X10-8 51% 3% 

6.00 6.98 7.14 96.50 6.93 4.66X10-7 3.35X10-8 47% 3% 

10.36 6.92 7.10 100.05 4.21 4.83X10-7 2.03X10-8 50% 2% 

12.02 6.90 7.22 97.37 4.71 4.70X10-7 2.28X10-8 48% 2% 

24.00 6.90 7.39 96.35 6.19 4.65X10-7 2.99X10-8 47% 3% 

48.64 7.03 7.53 103.35 5.42 4.99X10-7 2.61X10-8 50% 3% 

984.00 7.34 8.82 92.78 7.84 4.48X10-7 3.78X10-8 46% 4% 
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APPENDIX D. IODOMETRIC METHOD 

 

 

 

 

 

 

Figure D.1. Determination of PbO2(s) via triiodide measurement using the iodometric method. 

Experiment duration of 60 minutes to ensure full recovery of Pb over time. 
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Table D.1. Summary of results from iodometric method experiments. Organized by original mass 

added of PbO2(s). Average recovery ranged from 81±10.8%, excluding over-recovered samples. 

Mass added 

(mg PbO2) 

Known [Pb] 

(mg/L as Pb) 

Measured [Pb] 

(mg/L as Pb) 

Known [Pb] 

(M as Pb) 

Measured [Pb] 

(M as Pb) 

Recovery 

(%) 

0.01 0.01 0.05 4.18X10-8 2.69X10-7 644% 

0.04 0.03 0.41 1.67X10-7 2.24X10-6 1339% 

0.062 0.05 0.04 2.59X10-7 2.10X10-7 81% 

0.062 4.30 3.44 2.07X10-5 1.66X10-5 81% 

0.150 0.13 0.12 6.27X10-7 5.79X10-7 92% 

0.431 1.38 1.08 1.80X10-6 1.41X10-6 78% 

0.623 1.97 1.56 2.60X10-6 2.06X10-6 79% 

2.000 1.74 1.43 8.36X10-6 6.88X10-6 82% 

2.036 1.76 1.44 8.51X10-6 6.94X10-6 81% 

2.054 1.78 1.55 8.59X10-6 7.47X10-6 87% 

2.300 2.00 1.07 9.62X10-6 5.12X10-6 53% 

2.335 2.02 1.89 9.76X10-6 9.15X10-6 94% 

2.500 2.18 2.07 1.05X10-5 9.95X10-6 95% 

3.727 3.03 2.29 1.56X10-5 1.18X10-5 76% 

4.137 3.25 3.34 1.73X10-5 1.78X10-5 103% 

5.620 4.86 4.27 2.35X10-5 2.06X10-5 88% 

6.566 5.31 5.03 2.74X10-5 2.60X10-5 95% 

8.099 7.01 6.07 3.39X10-5 2.93X10-5 87% 

8.142 7.05 5.97 3.40X10-5 2.88X10-5 85% 

8.194 7.09 5.87 3.43X10-5 2.83X10-5 83% 

9.959 8.63 7.76 4.16X10-5 3.74X10-5 90% 

10.165 8.81 6.21 4.25X10-5 3.00X10-5 71% 

10.342 8.91 7.37 4.32X10-5 3.58X10-5 83% 

11.708 10.16 8.61 4.89X10-5 4.15X10-5 85% 

12.020 10.41 6.00 5.03X10-5 2.90X10-5 58% 

12.234 10.61 6.86 5.11X10-5 3.31X10-5 65% 

12.463 10.79 7.76 5.21X10-5 3.75X10-5 72% 

13.667 11.90 8.67 5.71X10-5 4.16X10-5 73% 

15.105 13.09 10.83 6.31X10-5 5.23X10-5 83% 

15.183 13.15 11.14 6.35X10-5 5.38X10-5 85% 

17.348 15.05 12.01 7.25X10-5 5.79X10-5 80% 

 


