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Abstract 

Sodium silicates have been used in drinking water treatment for decades, both as 

sequestrants and as corrosion inhibitors. For the latter purpose they are poorly 

understood; a lack of information contributes uncertainty and risks drinking water 

quality. This work explored three approaches to investigate the effectiveness and 

mechanisms of sodium silicate on lead release control: lead release of corroded 

coupons, dissolution rate of lead carbonate, and lead release in a pilot-scale 

distribution system. Here, silicate treatment did not effectively mitigate the lead 

release, except for the impact of elevated pH with its use. Sodium silicate also 

provided minimal protection for galvanic corrosion while orthophosphate effectively 

mitigated lead release. Impact of silicate adsorption on lead carbonate dissolution 

was negligible and direct interaction between sodium silicate and lead appears 

unlikely. Lead carbonates are the major corrosion scales of lead pipes and lead 

coupons in silicate-treated systems. Although silicate formed a nanometer-thick 

coating on the top surface of corrosion scales, this mechanism appeared to be 

negligible in term of lead release. As a sequestrant, sodium silicates dispersed the 

colloidal metals (e.g., iron, manganese and aluminum) which in turn elevated the 

lead concentration. Elevated pH is the major mechanism by sodium silicate for lead 

corrosion mitigation. 
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1 Chapter 1 Introduction 

1.1 Health effects of lead exposure from drinking water 

Health risks from lead (Pb) exposure through drinking water have been recognized. 

Blood lead levels have been shown to be positively correlated with the elevated lead 

concentration in drinking water.1,2 Blood lead levels link with the risks of cardiovascular 

disease mortality,3 hypertension, and renal dysfunction.4,5 Childhood blood lead levels 

are also correlated with cognitive deficits.6,7 

1.2 Regulation of lead control 

Lead concentration of drinking water is regulated under Lead and Copper Rule in the 

United States, which specifies the action level of 15 µg/L for the 90th percentile level of 

tap water samples.8 In Canada, the maximum acceptable concentration of total lead is 5 

µg/L.9 

1.3 Research motivation 

Phosphate-based corrosion inhibitors are the most widely used practices in lead 

exposure control. Phosphate (i.e, orthophosphate) may limit lead release by forming low 

solubility lead phosphate solids (i.e., hydroxylpyromorphite and chloropyromorphite)10 or 

mitigate dissolution of lead carbonate by the adsorption.11 There are, however, several 

potential issues regarding the use of phosphate-based corrosion inhibitors: a) demand 

for phosphorus will increase (e.g., fertilizer in agriculture) in the future while the price is 

volatile.12,13 For example, the price of phosphate rock increased ~800% in 2007-2008.14 

b) the addition of phosphate-based corrosion inhibitors increases the phosphorus 

loading in wastewater while wastewater treatment plants are struggling to eliminate 

phosphorus at great cost. c) phosphorus also acts as a nutrient for microbial growth in 

distribution systems or eutrophication. 



2 
 

Due to the considerable public health and economic benefits, the water industry, 

suppliers, and researchers are paying attention to the potential alternatives to 

phosphate-based corrosion inhibitors. 

1.4 A suggested alternative—silicate-based corrosion inhibitor 

Besides phosphate-based corrosion inhibitors, silicate-based corrosion inhibitors may 

be the most frequently mentioned in literature, especially in the reviewing of existing 

corrosion inhibitors for lead. However, the effectiveness and mechanisms have not 

been well-documented. Schock et al. 10 reported a decrease (55 - 95%) in lead 

concentration by replacing polyphosphate with sodium silicate in a medium-size 

distribution system. Lintereur et al. 15 indicated that the increase in sodium silicate 

dosage from 3 to 12 mg/L resulted in the lead concentration below the action level of 15 

µg/L. These studies indicate that sodium silicate is a promising corrosion inhibitor for 

lead release control. But, in these studies, the effect of pH and dosage of silicate-based 

corrosion inhibitors were confounded. 

Previous studies also indicate that sodium silicate does not have a good performance 

on the lead release control. For instance, Kogo et al. 16 indicated that sodium silicate did 

not effectively decrease lead release for galvanic corrosion. Woszczynski et al. 17 

indicated phosphate treatment performed better than sodium silicate treatment in a 

pilot-scale system. Pinto et al. 18 demonstrated that pH and alkalinity adjustment were 

more effective than the silicate treatment. In these studies, the phosphate treatment 

was better than the silicate treatment. 

Also, sodium silicates are widely used as sequestrants to solve aesthetic issues caused 

by iron and manganese.19,20 Disperse impact of sodium silicate on lead release is still 

poorly understood. 

Recently, the failure of a silicate-treated system—Newark, New Jersey—came to public 

attention in 2017.21,22 The lack of understanding about silicate treatment raised 

important questions about the appropriate use and the potential misuse in lead control. 

However, few answers can be found in the peer-reviewed literature. 
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1.5 Possible mechanisms of silicate treatment 

Sodium silicates may form a thin coating on the internal surface of lead pipes,23,24 or 

contribute to passive scale formation,16,25,26 but little evidence exists to support these 

possibilities. The effect of sodium silicate is often confounded with the increase in pH 

that accompanies its use,10,15,25,27 which decreases lead carbonate solubility in most 

cases. Silicate-aluminum and quartz were frequently observed in drinking distribution 

systems,28,29 indicating that a non-lead diffusion barrier may contribute to the lead 

release control. Previous studies11,30 also indicate ion adsorption can inhibit the 

dissolution rates of minerals (e.g., lead carbonate) when the chemical equilibrium state 

is not reached. 

1.6 Organization of thesis 

The goal of the thesis is to comprehensively understand and evaluate the performance 

of silicate-based corrosion inhibitors on lead release control in drinking water distribution 

systems. There are six chapters: 

Chapter 1 introduces background information and current concerns about previous 

studies of silicate-based corrosion inhibitors. 

Chapter 2 is to evaluate total and dissolved lead release of corroded lead coupons in 

silicate-treated corrosion cells, compared against an inhibitor-free control, a better-

characterized inhibitor (orthophosphate), and a widely used sequestrant 

(polyphosphate) at two pH (7-9.5) and dissolved inorganic carbon levels (5-50 mg C/L). 

The estimated main effects of inhibitors (i.e., sodium silicate, orthophosphate, 

polyphosphate) and the interaction effects combined with pH and dissolved inorganic 

carbon levels were estimated by the linear regression and the factorial experiment 

design. This study also characterized the possible passive corrosion scales and the 

silicate-related coating on the surface of silicate-treated lead coupons (Figure 1). 
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Figure 1 Suggested mechanisms and research approaches. 

Chapter 3 focuses on the effect and efficiency of silicate-based inhibitors in the scenario 

- lead concentration does not meet the chemical equilibrium when dissolution rate 

controls lead release. This study using continuous-flow stirred tank reactors (CSTRs) to 

investigate whether silicate adsorption can block active sites and slow the dissolution 

rate of lead carbonate. The interaction effects of silicate treatment and the dissolution 

rates of lead carbonate were estimated by a factorial experimental design. The changes 

in the chemical and structural properties of lead carbonate and the mechanisms were 

described to explain these observations. 

Chapter 4 is to evaluate the performance of sodium silicate in a pilot-scale model 

distribution system, especially compared against two common corrosion inhibitors—

orthophosphate and zinc orthophosphate. Besides the effect of sodium silicate on lead 

release, the impacts of municipal main pipes (cast iron and PVC) and the lead service 

pipes types (galvanic and uniform) were evaluated by a generalized additive mixed 

model. In this chapter, the release of colloidal metals (iron, lead, copper, etc.) was also 

investigated by the field flow fractionation. 

Chapter 5 aims at the disperse impact of sodium silicate. This study focuses on the 

interaction between sodium silicate and iron particles under various water quality 
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conditions (i.e., pH, dissolved organic carbon, and natural organic matter). This would 

help to understand the co-transportation of lead and other metals (i.e., iron, aluminum, 

etc.) in future studies. 

Chapter 6 is the conclusions and recommendations. 

Appendix A - D provides supplementary information for the individual chapter 
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2 Chapter 2 Controlling lead release due to uniform and 

galvanic corrosion—an evaluation of silicate-based 

inhibitors 

This chapter reproduced from Li, B., Trueman, B. F., Rahman, S. M., & Gagnon, G. A. 

(2020). Controlling lead release due to uniform and galvanic corrosion—an evaluation of 

silicate-based inhibitors. Journal of Hazardous Materials. 

https://doi.org/10.1016/j.jhazmat.2020.124707 

Copyright 2020 Elsevier. Further permissions related to the excerpted material should be 

directed to Elsevier. 

 

Figure 2 Artwork of evaluating sodium silicate, orthophosphate and poly-phosphate on 

dissolved lead; lead carbonate appeared in the silicate-treated system. 

2.1 Abstract 

Silicates have been added to drinking water for decades, both to sequester 

iron/manganese and as a corrosion control treatment for lead. However, the 

mechanisms by which they might act to limit lead release are not well understood, which 

has contributed to lead contamination in practice. The effects of two silicate formulations 

on lead release were evaluated due to uniform and galvanic corrosion over a wide 

range of pH and dissolved inorganic carbon (DIC) concentrations. These results were 

compared to better-characterized systems, with added ortho- or polyphosphate and in 

an inhibitor-free control. Independent of pH, silicates did not mitigate lead release due to 

https://doi.org/10.1016/j.jhazmat.2020.124707
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either uniform or galvanic corrosion. Furthermore, lead carbonates appeared to 

determine lead solubility in the presence of sodium silicate. While silicate treatment did 

promote the formation of a nanometer-thick silicon layer on lead and a decrease in 

crystallite size at the scale surface, these changes were not strongly protective. 

However, unlike polyphosphate—which is known to form soluble complexes with lead 

and disperse particulate metals—high ratio silicate did not exacerbate lead release. 

Conversely, metasilicate did, especially at pH 7.5 and 5 mg DIC/L; this suggests that 

silicate formulation may play an important role in corrosion control. 

2.2 Introduction 

Water utilities rely on two primary strategies—often simultaneously—to minimize lead in 

drinking water: careful control of distributed water chemistry and lead service line 

replacement.31–34 Controlling water chemistry often means adding a corrosion inhibitor, 

and orthophosphate is the most frequent choice.31 Sodium silicates represent an 

alternative31; for example, the city of Newark, New Jersey, used a sodium silicate to 

control lead release beginning in the mid-1990s. Newark switched to orthophosphate 

after its lead in water crisis came to public attention in 2017,21,22 prompting questions on 

the appropriate use of silicates. A lack of research meant that there was little guidance 

for utilities, and almost no information on the mechanisms by which silicates might act.26 

Two general mechanisms have been proposed to explain the inhibition of lead release 

attributed to sodium silicates. First, they may form a passive corrosion scale on lead 

pipes—either a thin coating or a mineral solid—but this has not been conclusively 

demonstrated.15,16,23,24 Second, they increase water pH,10,15 which decreases lead 

carbonate solubility in most cases.35 

Sodium silicates are better understood as sequestrants for controlling aesthetic issues 

due to iron and manganese.19,20 But this application carries a potential risk: when 

polyphosphates are used for the same purpose, they can exacerbate lead release by 

dissolving lead scale and dispersing colloidal lead.10,36–38 Given the known dispersive 

properties of sodium silicates,20,39 careful evaluation is warranted to ensure that similar 

unintended consequences do not result from silicate-based sequestration. 
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The choice of corrosion inhibitor also has implications for the other main approach to 

lead control, lead service line replacement. When lead pipe is partially replaced with 

copper, the result is often a galvanic couple that can be a persistent source of lead and 

may even elevate lead levels above those that occurred pre-replacement.32,40–43 A 

galvanic joint can shift water quality dramatically in its immediate vicinity,44,45 and 

effective corrosion control appears to be critically important in minimizing the excess 

lead release caused by partial lead pipe replacement.32 The impacts of sodium silicates 

in this scenario are not well described. 

Here, silicates were evaluated as inhibitors of lead release due to uniform and galvanic 

corrosion, comparing them against two well-characterized referential treatments, ortho- 

and polyphosphate. A wide pH (7–9.5) and DIC range (5–50 mg C/L) was tested, and 

the surface chemistry of silicate-treated corrosion scale was characterized to 

understand the scale-water interface. These findings will improve understanding and aid 

decision making regarding silicate-based corrosion control treatment. 

2.3 Materials and methods 

2.3.1 Uniform corrosion cells 

New lead coupons (11 mm × 13 mm × 1.5 mm) were preconditioned in a 35 mg/L 

NaHCO3 solution for 24 hours;46 this step was repeated six times with fresh solution to 

generate corrosion scale on the surface of lead coupons. After preconditioning, lead 

coupons were two-thirds submerged in 100 mL of electrolyte solution held in 200 mL 

screw-top glass jars (Figure 3a).46,47 
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Figure 3 Lead release due to (a) uniform and (b) galvanic corrosion was divided into 

initial and stable phases. (c) Four corrosion inhibitors and one inhibitor-free control were 

investigated using a mixed level factorial design. (d) Lead coupons were examined by 

XRD, SEM-EDS, and XPS. 

The stagnation time was set at 48 h to approximate equilibrium48 with each change of 

room temperature (21°C ± 1°C) electrolyte solution. Lead release was monitored over 

time until it reached a steady-state. This was defined by calculating the local slope (rate 

of change) of the lead concentration time series using local linear regression.49 When its 

95% confidence interval included 0 µg/L per unit time (refill), the system was considered 

stable. An example is shown in Figure 4 (orthophosphate at pH 7 and DIC 50 mg/L). 
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Figure 4 In the presence of orthophosphate at pH 7 and 50 mg C/L, time series of (a) 

lead concentration along with a local linear fit and (b) the rate of change in lead 

concentration. Stable-phase was defined using the rate of change in lead, ΔPb; when its 

95% confidence interval (grey shaded region) included 0, the system was considered 

stable. 

2.3.2 Galvanic corrosion cells 

After lead release due to uniform corrosion had stabilized and sufficient data had been 

collected, a copper coupon (40 mm × 10 mm × 1 mm; two-thirds submerged) was 

coupled with the lead to form a galvanic connection (Figure 3b).46,50 The electrolyte 

solution was changed as usual to reach a stable state, and galvanic current was 

measured at 1, 24, and 48 h using a digital multimeter (PeakMeter MS8236, China). 



11 
 

Current measurements were integrated on the intervals 0-1, 1-24, and 24-48 h to 

estimate lead oxidized by galvanic corrosion (using Faraday’s law). 

While redox reactions (e.g., oxygen reduction), lead carbonate precipitation, and lead 

hydroxide/carbonate complexation can alter water chemistry in a closed galvanic 

system.51–53 pH and DIC settings represent initial values and were allowed to vary over 

the 48 h reaction period, as they would during stagnation in a lead pipe. 

The change in pH was measured due to galvanic corrosion after the systems had 

stabilized (Appendix A, Figure 38b). At an initial pH of 9.5 (DIC 5 mg C/L), pH 

decreased by more than an order of magnitude—from 9.5 to approximately 8. This may 

be linked to the formation of soluble complexes that contain OH- (e.g., Pb3(OH)4
2+).53–55 

The reverse trend was observed at an initial pH of 7 (DIC 50 mg C/L). That is, final pH 

increased to approximately 8.3, which may be caused by the overall redox reaction 

involving metallic lead, dissolved oxygen, and bicarbonate.51 During the uniform 

corrosion phase of the experiment, solution pH was stable over the 48 h stagnation 

period (Appendix A, Figure 38a). 

2.3.3 Experimental design and statistical analysis 

Four inhibitors were evaluated—orthophosphate (2 mg P/L), polyphosphate (2 mg P/L), 

high ratio sodium silicate (25 mg SiO2/L, SiO2:Na2O = 3.6), and sodium metasilicate (25 

mg SiO2/L, SiO2:Na2O = 1) — against a control at two pH (7 and 9.5) and two DIC levels 

(5 and 50 mg C/L) (Figure 3c). Each pH and DIC combination was evaluated for each of 

the four inhibitors and the control (Appendix A, Figure 39).56,57 This amounted to 20 

treatments, each of which was duplicated (40 cells = 5 inhibitor conditions × 2 pH levels 

× 2 DIC levels × 2 replicates). The experimental design allows for comparison of 

sodium silicates against the well-characterized lead-water-carbonate and lead-water-

carbonate-orthophosphate systems (Appendix A, Figure 40).54 While sequestration was 

not a focus here, sequestrants influence lead release.36,58 Polyphosphate was chosen 

as a reference because its effect on lead release is better characterized than that of 

sodium silicate. 
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After log-transforming the response to improve the distribution of residuals, linear 

regression was used to summarize the results.56,57 The inhibitor-free control at pH 7 and 

DIC 5 mg/L was defined here as the reference condition,56,57,59,60 and all effects were 

estimated as ratios of geometric mean lead concentration, with the reference condition 

as the denominator. That is, each main effect (pH, DIC, and each inhibitor) represents 

the ratio of lead release in that treatment group and lead release in the reference group. 

Due to the log transformation, effects in the original units are multiplicative; for instance, 

the ratio of lead release at high pH and high DIC is the product of three numbers: each 

main effect and the pH × DIC interaction effect. Ratios greater and less than one 

identify factors that increase and decrease lead release, respectively. 

2.3.4 Chemical reagents 

All solutions were prepared with ultrapure water. Dissolved inorganic carbon (DIC) was 

dosed as NaHCO3 (Fisher Scientific, USA), and solution pH was adjusted using NaOH 

and HNO3. Orthophosphate (as H3PO4, Fisher Scientific, USA), polyphosphate 

(Na(PO3)6, Alfa Aesar, USA), sodium silicate (high ratio) (SiO2:Na2O = 3.6:1, National 

Silicates, Canada), and sodium metasilicate (SiO2:Na2O = 1:1, Fisher Scientific, USA) 

were acquired commercially. 

2.3.5 Analytical methods 

2.3.6 Inductively coupled plasma-mass-spectrometry (ICP-MS) 

Metals were quantified by inductively coupled plasma-mass spectrometry (ICP-MS, X 

Series II, Thermo Scientific, reporting limits: Pb = 0.4 µg/L and Cu = 0.7 µg/L). At 48 h, 

coupons were carefully removed and the corrosion cells were vigorously agitated to mix 

the cell contents and resuspend colloidal/particulate metals. A 10 mL aliquot was 

removed from each cell, acidified with concentrated HNO3 (to a pH < 2.0), held for a 

minimum of 24 h in a polypropylene tube, and analyzed for total lead. A second 10 mL 

aliquot was passed through a 0.45 µm cellulose nitrate membrane filter with a syringe 

filter cartridge and preserved in the same manner. After sampling, the electrolyte 

solution was refreshed and the coupons returned to each cell. These steps took less 

than 2 minutes to prevent scale dehydration. 
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2.3.7 X-ray diffraction (XRD) 

XRD was used to identify crystalline phases on the surface of lead coupons that had 

been dried at room temperature (21°C ± 1°C).61,62 XRD scans were acquired on a 

Siemens D500 diffractometer equipped with a Cu anode and a diffracted beam 

monochromator (wavelength = 1.5406 Angstroms). Data were acquired in step scan 

mode using a step size of 0.04 degrees (2𝜃) and a dwell time of 3.0 seconds. 

2.3.8 X-ray photoelectron spectroscopy (XPS) 

A Thermo VG Scientific Multilab 2000 was used to determine the elemental composition 

of corrosion scales. An aluminum X-ray source (1486.6 eV) was used under high 

vacuum (1 x 10-9 < P < 1 x 10-8 torr), and a CLAM4 hemispherical analyzer (r = 150 

mm) with a multichannel detector was used to detect photoelectrons. Survey scans 

were acquired with a pass energy of 100 eV, an energy step of 1.0 eV, and a spot size 

of 0.6 mm. High-resolution scans were acquired at a pass energy of 30 eV with an 

energy step size of 0.1 eV. 

2.3.9 Scanning electron microscopy/energy-dispersive X-ray spectroscopy 

(SEM-EDS) 

A Hitachi S-4700 scanning electron microscope (SEM) was used for imaging and 

elemental analysis. Dried coupons were attached to metal stubs with conductive carbon 

tape, placed in a holder, and loaded for imaging. Elemental composition data were 

acquired over an area of 900 mm2 per sample. 

2.3.10 Data analysis 

Data were analyzed and visualized using R (version 4.0.0)63 and a collection of widely-

used contributed packages.64–73 
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2.4 Results and discussion 

2.4.1 Lead release due to uniform corrosion 

Sodium silicates did not strongly influence lead release due to uniform corrosion; 

representative steady-state lead concentrations in the bulk water (total) and filtrate 

(<0.45 µm) are shown in Figure 5 (Appendix A, Figure 41-42), along with the effect 

estimates for each experimental factor (inhibitors, pH and DIC). In the control system, 

total lead ranged from 46 - 90 µg/L and filtrate lead from 32 - 57 µg/L (21 - 57% 

particulate). High ratio silicate had a minimal impact on total and filtrate lead; 

concentrations ranged from 67 - 108 and 42 - 65 µg/L, respectively (13 - 55% 

particulate). This was also generally true of metasilicate, although at low pH and DIC, 

metasilicate tended to increase total lead release compared to the control. 

Accordingly, the main effects of high ratio silicate on total and filtrate lead were not 

statistically significant (p > 0.05) (Appendix A, Figure 42). The main effects of 

metasilicate were also not significant, except at pH 7 and DIC 5 mg C/L, where 

metasilicate caused a statistically significant increase in total—but not filtrate—lead. 

This increase was due to particles: lead in 0.45 µm filtrate accounted for just 27% of 

total lead in the presence of metasilicate compared with 63% in the control system (both 

at pH 7, 5 mg C/L). 

As expected, orthophosphate decreased lead release (6 - 37 µg/L total; <0.4 - 22 µg/L 

in filtrate) while polyphosphate increased lead release (615 - 1052 µg/L in total; 703 - 

1194 µg/L in filtrate). These effects are consistent with a large body of work 

demonstrating the efficacy of orthophosphate and the risks of polyphosphate in terms of 

lead solubility and release.31,35,36,58,74–76 Increasing pH to 9.5 or DIC to 50 mg C/L did 

not have a statistically significant impact on total lead in the control system (Figure 5a; 

Appendix A, Figure 42). Nevertheless, the effect estimates—being less than one—are 

consistent with the expected trends in lead solubility under the control of lead carbonate 

phases (Appendix A, Figure 40).10,11,54 

The two- and three-way interactions are also consistent with expectations based on 

equilibrium solubility. For instance, the two-way interactions between orthophosphate 
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and high pH or high DIC were greater than one (Figure 5). This agrees with the 

expected increase in solubility of hydroxylpyromorphite with increasing pH and DIC 

(Appendix A, Figure 40).54,77,78 The two way-interactions between metasilicate and pH 

or DIC—both less than one—indicate that the unusually high particulate lead release in 

the presence of metasilicate was confined to the low pH, low DIC condition. Changes in 

DIC and pH were not significant in the cells treated with high ratio silicate or 

polyphosphate, as indicated by the insignificant interaction effects involving these 

inhibitors. 
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Figure 5 (a) Geometric mean lead release due to uniform (stable phase) and galvanic 

corrosion (initial phase) at two pH and DIC levels. Arrows indicate the increase in lead 

release due to coupling lead and copper. (b) Linear model coefficients estimate the ratio 

of geometric mean lead in each treatment group (e.g., pH, DIC, or orthophosphate) to 

that of the reference group (pH 7 + 5 mg C/L, no inhibitor). Points represent coefficient 

magnitudes and error bars span the 95% confidence intervals; a ratio greater than 1 
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indicates an increase in mean lead release in the associated treatment group. Only the 

treatments with statistically significant effects on either total or filtrate lead are shown 

here; the full linear model is detailed in Appendix A, Figure 42.  

2.4.2 Lead release due to galvanic corrosion (initial phase) 

While coupling lead and copper invariably caused lead levels to spike (Figure 5a; 

Appendix A, Figure 41), silicate treatment fared poorly in comparison with both 

orthophosphate and the inhibitor-free control. Over the initial galvanic phase—the first 

29 solution changes (48 days) after introducing copper—total lead in the control system 

ranged from 250 - 2005 µg/L while filtrate lead remained comparable with levels due to 

uniform corrosion: 47 - 105 µg/L. Total and filtrate lead levels in the presence of high 

ratio silicate were similar, ranging from 600 - 2657 and 58 - 252 µg/L, respectively. 

Accordingly, the effects of high ratio silicate on total and filtrate lead were not 

statistically significant. Metasilicate, on the other hand, increased particle release 

dramatically. Total lead in the metasilicate-treated cells ranged from 2248 - 10457 µg/L, 

while filtrate levels were comparable with other treatments, at 42 - 157 µg/L. The effect 

of metasilicate was statistically significant, and greater than one, at low pH and DIC. 

Metasilicate was no better—and perhaps worse—than polyphosphate, which was 

associated with total and filtrate lead levels ranging from 1227 - 4487 and 905 - 1467 

µg/L. The main effect of polyphosphate on total lead release was not significant, while 

its effect on filtrate lead remained so, with a ratio greater than one. This is due to the 

large release of particles in most cells without polyphosphate, which obscured the effect 

of polyphosphate on lead solubility. The significant effect of polyphosphate on filtrate 

lead is likely explained by strong complexation of lead oxidized in galvanic corrosion. 

Orthophosphate was alone among inhibitors in causing a significant decrease in lead 

release relative to the control (Figure 5b). In the presence of orthophosphate, total and 

filtrate lead ranged from 160 - 353 and <0.4 - 23 µg/L. 
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2.4.3 Lead release due to galvanic corrosion (stable phase) 

A new galvanic couple typically causes a spike in lead release followed by stabilization, 

sometimes at an elevated baseline.79 The stable galvanic phase baseline in the 

metasilicate-treated cells was particularly elevated: even 30+ solution changes (60+ 

days) after introducing copper, lead release due to galvanic corrosion was greater than 

that due to uniform corrosion by a factor of more than 20 at both 5 (pH 9.5) and 50 mg 

C/L (pH 7) (Figure 6). This was largely due to the elevated release of particles, which 

accounted for 90-91 % of total lead (Appendix A, Figure 43). 

In most of the other treatment groups, stable-state lead release due to galvanic 

corrosion was greater than that due to uniform corrosion by a factor of 1.1 - 10.8 (Figure 

6). This is comparable with the 5 – 7-fold increase in lead release due to galvanic 

corrosion reported elsewhere.43 The exceptions to this trend were the orthophosphate-

treated cells at pH 9.5 and 50 mg C/L and the polyphosphate-treated cells (pH 7 + 5 mg 

C/L and pH 9.5 + 5 or 50 mg C/L), which exhibited slightly lower lead levels during the 

stable galvanic phase. In the case of orthophosphate, this is likely due to long-term 

passivation (i.e., hydroxylpyromorphite formation). Hydroxylpyromorphite may have 

contributed to a declining trend in lead release in the presence of polyphosphate as 

well, but given the high overall lead levels in polyphosphate-treated cells, this is not 

likely to be practically relevant. 

In all but the cells treated with polyphosphate, the effect of galvanic corrosion on lead 

was especially pronounced at 5 mg C/L and pH 7. This may be due to the lack of 

buffering capacity at low DIC against a local pH drop at the lead surface driven by 

galvanic corrosion.52 This effect has been reported elsewhere, and high DIC can 

sometimes mitigate it.44,45 Without sufficient buffering capacity, low pH at the corroding 

surface inhibits passive scale formation and increases lead solubility.53 
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Figure 6 Comparison of mean total lead concentration over the stable uniform and 

stable galvanic corrosion phases of the experiment. Error bars span one standard 

deviation about the mean.  

2.4.4 Lead release as a function of galvanic current 

In the presence of sodium silicate, a relatively large fraction of the lead oxidized by 

galvanic corrosion was released to water. Over the initial and stable galvanic phases (4 

- 158 days after introducing copper), an estimated 52% of oxidized lead was released to 

water treated with metasilicate, while just 5% of oxidized lead was released to water 

treated with orthophosphate. Fractional releases to high ratio silicate- and 

polyphosphate-treated waters were comparable, at 29 and 33%, while release to the 

control cells was intermediate, at 24% (estimates by linear regression). 

High initial galvanic currents were observed in all treatment groups and these nearly 

always resulted in elevated lead release. However, lead release in orthophosphate-

treated corrosion cells fell relatively quickly following the introduction of a copper 

cathode (Figure 7). After day 100, just 0.2 - 4.6% of oxidized lead was released to water 
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in the presence of orthophosphate. The inhibitor-free controls also exhibited relatively 

small fractional releases of 0.9 - 5.6%. Consistent with previous studies,16,80,81 

decreases were attributed in the ratio of observed-to-oxidized lead to scale formation. 

Cells treated with metasilicate, high ratio silicate, or polyphosphate exhibited a less 

pronounced decrease—or even an increase—in the fraction of galvanically corroded 

lead released to water (1.9 - 85% after day 100). That is, scale formed under these 

conditions had less capacity to store lead oxidized by galvanic corrosion, especially at 

low pH and DIC. This may be explained by detachment or dispersion of particles 

originating on the scale surface; accordingly, high particulate lead levels were observed 

in silicate-treated cells (Appendix A, Figure 43). At low DIC, metasilicate was 

comparable with polyphosphate in failing to consistently diminish fractional lead release 

over time (Figure 7). 

 

Figure 7 Linearly interpolated ratios of measured total lead to predicted lead calculated 

by Faraday’s Law over time, grouped by inhibitor, pH, and DIC concentration. The x-

axis indicates time since galvanic coupling was initiated, and the white ticks represent 

days when galvanic current was measured. 
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2.4.5 Corrosion scale structure, morphology, and elemental analysis 

At low pH and DIC (pH 7 + 5 mg C/L), neither silicate formulation yielded a crystalline 

lead-silicate phase (e.g., PbSiO3) identifiable by XRD (Figure 8). Rather, the phase 

composition of corrosion scale was consistent with expectations based on solubility in 

the lead-water-carbonate system.10,35 Cerussite (PbCO3) was predominant in the control 

system (Figure 8a), and in the two silicate-treated systems, scale also included 

hydrocerussite (Pb3(CO3)2(OH)2). Silicate-treatment yielded diffraction patterns that 

were consistent with the presence of quartz (SiO2) as a minor phase, but the associated 

signal was relatively weak and the match to quartz is somewhat uncertain. The principal 

peaks in diffraction patterns representing silicate systems were also wider than those 

representing the control system, which may be due to inelastic scattering by small 

crystallites.82,83 

Scale morphology was generally consistent with the XRD patterns: scanning electron 

micrographs of scale formed in the control system exhibited morphology characteristic 

of cerussite (Figure 9a).84,85 In the silicate-treated systems, hexagonal, platy crystals 

were apparent—consistent with the presence of hydrocerussite62,86,87—although most of 

these lacked a well-defined shape. Silicate treatment accompanied an approximate 

order-of-magnitude decrease in the grain size of accumulated crystals relative to the 

control system (Figure 9). This is consistent with the increase in the width of diffraction 

peaks due to silicate (Figure 8a-b) and suggests that silicates promote 

microcrystallization of cerussite or hydrocerussite. In the presence of meta- and high 

ratio silicates, the silicon contents of the respective corrosion scales were 0.42% and 

0.58% by weight (Table 1). 
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Figure 8 X-ray diffraction (XRD) patterns representing the (a) control, (b) metasilicate, 

high ratio silicate, (c) orthophosphate, and polyphosphate systems at pH 7 and DIC 5 

mg/L. Standard patterns are labelled according to their chemical formulas. 



23 
 

Hydroxylpyromorphite (Pb5(PO4)3OH) was predominant in XRD patterns representing 

the ortho- and polyphosphate-treated systems (Figure 8c). In the case of 

orthophosphate, this was expected based on equilibrium solubility and previous 

observations.35,88,89 Polyphosphate yielded a diffraction pattern with a lower signal-to-

noise ratio, and hydroxylpyromorphite formation here is likely due to partial reversion of 

poly- to orthophosphate during stagnation.90 

In agreement with the XRD data, scale in the presence of orthophosphate exhibited a 

needle-like morphology characteristic of hydroxylpyromorphite.91,92 In the presence of 

polyphosphate, scale exhibited irregular platy and globular characteristics. Ortho- and 

polyphosphate treatment yielded corrosion scale with phosphorus weight percentages 

(5.58% and 8.98%, respectively) that are comparable with the phosphorus content of 

hydroxylpyromorphite (6.95%). Copper was 8.5% in the polyphosphate-treated system, 

which is explained by high copper release under these conditions (Appendix A, Figure 

44). 
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Figure 9 SEM micrographs of corrosion scale in the (a) control, (b) high ratio silicate, (c) 

orthophosphate, (d) metasilicate, and (e) polyphosphate systems at pH 7 and DIC 5 

mg/L. 
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Table 1 Elemental analysis (weight %) by SEM-EDS of corrosion scale at pH 7 and DIC 

5 mg/L (ND = nondetect). 

Treatment O C Pb P Si Cu 

Control 25.8 12.84 61.37 ND ND ND 

High ratio silicate 19.84 6.79 72.79 ND 0.58 ND 

Metasilicate 21.79 8.15 69.64 ND 0.42 ND 

Orthophosphate 19.78 7.56 67.08 5.58 ND ND 

Polyphosphate 25.31 3.61 53.61 8.98 ND 8.5 

2.4.6 Surface chemistry of lead coupons 

Formation of a thin (e.g., ~nm) coating has been proposed as an explanation for 

silicates’ purported beneficial effect on lead release.23,24 To investigate this possibility, 

the top few nanometers of scale depth was characterized using XPS. By contrast, XRD 

and EDS penetrate to a depth of several micrometers (Figure 3d; Figure 8; Table 1),93–

95 which, given the age of the system, amounts to a bulk characterization of scale. 

XPS data suggest that, in the silicate-treated systems, a carbonate mineral was present 

at the solid-solution interface and likely controlled solubility (Figure 10c). While the Si 2p 

band (~102.8 eV) (Figure 10b) does indicate some degree of interaction between 

inhibitor and scale in the silicate-treated cells, the prominent secondary C 1s peak 

(289.28 eV) in the control and silicate-treated systems is attributable to carbonate.96,97 

The ortho- and polyphosphate spectra exhibited much less evidence of carbonate, due 

probably to the formation of hydroxylpyromorphite (Pb5(PO4)3OH). The minimal 

carbonate signal in the presence of phosphate suggests that hydroxylpyromorphite was 

predominant in the top few nanometers of scale and likely determined the exchange of 

lead between the scale surface and the solution. Conversely, the significant carbonate 

peak in the control and silicate-treated systems suggests that here solubility was 

controlled by lead carbonate. The comparable dissolved lead concentration (Appendix 

A, Figure 41) of these two systems also supports this observation. That is, under the 

conditions studied, sodium silicate does not appear to provide a protective film on the 

coupon surface in the same manner that orthophosphate does. 
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More generally, the principle photoelectron peaks in the XPS survey (Appendix A, 

Figure 45) matched the elemental composition reported by SEM-EDS. The Pb 4f 7/2 

and Pb 4f 5/2 binding energies, 138.81 eV and 143.67 eV respectively, were similar to 

values for cerussite reported in literature,96,97 and the P 2s band (~190.7 eV) was 

prominent in ortho- and polyphosphate-treated cells and absent otherwise (Figure 10a). 

 

Figure 10 High resolution XPS scans of (a) P 2s, (b) Si 2p and (c) C 1s at pH 7 and DIC 

5 mg C/L. The primary C 1s peak (adventitious C at 284.8 eV) is attributable to air 

exposure.98 No P 2s signal was observed in the silicate-treated systems, and no Si 2p 

signal was observed in the non-phosphate systems. 
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2.5 Conclusions 

Despite of decades of use, fundamental knowledge gaps concerning the proper use of 

sodium silicates remain. Two silicate formulations were evaluated over a representative 

pH and DIC range, comparing them against a well-studied inhibitor and sequestrant 

(orthophosphate and polyphosphate, respectively). The results suggest the following: 

1. The effect of sodium silicate on lead release is explained mainly by its tendency to 

increase pH. While silicate-treated cells did release less lead than their 

corresponding controls under some conditions, these differences were generally 

small and inconsistent. For example, metasilicate performed best at high pH and 

low DIC (pH 9.5 with 5 mg C/L): total lead release under these conditions was 50% 

of that in the corresponding control system. But once a galvanic couple was 

established, metasilicate-treated cells released 5.1 times the lead of the high pH 

and low DIC control cells. 

2. Compared with sodium silicate, orthophosphate is an efficient lead corrosion 

control treatment. Except for the high pH and DIC setting (pH 9.5 with 50 mg C/L), 

orthophosphate was effective in controlling lead release due to uniform and 

galvanic corrosion. 

3. Direct interaction between silicate and lead appears unlikely: although silicates 

influence the morphology and grain size of corrosion scale and yield a nanometer-

thick silicon coating, lead carbonates appear to control lead release in silicate-

treated systems. Sodium silicate may react differently with a complex scale rich in 

other elements, but without further research this is not practically relevant.  
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3 Chapter 3 Evaluation of cerussite Pb(CO3) dissolution by 

sodium silicate 

 

Figure 11 Artwork of main effect of sodium silicate, orthophosphate and poly-phosphate 

on dissolution of cerussite. 

3.1 Abstract 

Silicates have been added to drinking water for decades, mainly to control colour by 

dispersing oxidized iron and manganese. Silicates have been used occasionally to 

control lead release, but there is no consensus on whether they do so effectively. 

Moreover, there are concerns that silicates may disperse particulate lead. The effect of 

sodium silicate on lead release from a model lead(II) carbonate powder was evaluated 

using a continuous-flow stirred-tank reactor. A wide range of pH (7.5 and 9) and 

dissolved inorganic carbon (DIC) concentrations (5 and 50 mg C/L) was tested. Sodium 

silicate is compared against against an inhibitor-free control, a better-characterized 

inhibitor (orthophosphate), and a widely used sequestrant (polyphosphate). Sodium 

silicate did not have a statistically significant impact on lead release at pH 7.5, 

regardless of the DIC concentration. At pH 9 it accompanied 58% more lead release at 

5 mg C/L and 21% less lead release at 50 mg C/L, compared with controls at matched 

pH and DIC settings. Sodium silicate did not influence the crystalline phase 

composition, but it did adsorb to lead(II) carbonate. This may account for its effects at 

pH 9. Orthophosphate was the more effective inhibitor, yielding 38 - 96% less lead 

release relative to matched controls. Orthophosphate inhibition was attributed to 
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conversion from lead(II) carbonate to hydroxylpyromorphite (Pb5(PO4)3OH) and 

adsorption to lead(II) carbonate in the absence of a phase conversion (i.e., at pH 9 with 

50 mg C/L). Polyphosphate increased lead release by 540 - 3600%, likely due to 

aqueous complexation and possibly due to colloidal dispersion. 

3.2 Introduction 

Silicates are recognized as effective sequestrants, added to drinking water to prevent 

colour caused by oxidized iron and manganese.19,20,39 Silicates have also been used to 

control corrosion. Newark, New Jersey, for instance, used a sodium silicate corrosion 

inhibitor from the mid-1990s until 2019, when, following a lead-in-water crisis, the city 

switched to orthophosphate.21,22 This event raised concerns regarding the appropriate 

use of sodium silicates for lead corrosion control treatment.21 

While there is no consensus on how, or even if, silicates control lead release, several 

mechanisms have been proposed. First, silicates may form a protective film or diffusion 

barrier on the interior surface of lead pipes. This may be an amorphous coating or a 

mineral solid,15,16,23,24 but the formation of such a film has not been conclusively 

demonstrated. Second, silicate species may adsorb to lead mineral surfaces, blocking 

active sites and slowing dissolution. Orthophosphate may function analogously in 

systems that do not reach equilibrium, or where the solution remains undersaturated 

with respect to all possible lead-phosphate solids.11,99,100 Third, silicates increase pH, 

which decreases the equilibrium solubility of common lead carbonates under most 

conditions.10,15 

But there is a potential drawback to silicate corrosion control treatment: the properties 

that make silicates effective at sequestering metals20,39,101 may result in dispersion of 

particulate or colloidal lead. This is analogous to the negative side effects of 

polyphosphates—another common class of sequestrants—which are known to mobilize 

lead.10,36,38,102 Whether silicates are used as sequestrants or corrosion inhibitors, a 

comprehensive evaluation is needed to guarantee drinking water safety. 

Here, lead release was evaluated in the presence of sodium silicate, quantified as the 

net conversion rate from lead(II) carbonate to dissolved species and small colloids (< 
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0.2 or 0.45 µm). A continuous-flow stirred-tank reactor was used with a hydraulic 

retention time of 30 minutes, chosen to match the stagnation periods of regulatory 

sampling protocols in Canada and the United Kingdom.103,104 The effect of sodium 

silicate was compared against that of orthophosphate, as a reference inhibitor, and 

polyphosphate, as a reference sequestrant. Changes in the chemical and structural 

properties of lead(II) carbonate due to each inhibitor/sequestrant and water quality 

setting, proposing mechanisms were described to explain these observations. These 

findings will inform corrosion control and sequestration strategies and improve 

understanding of sodium silicate’s impacts on drinking water. 

3.3 Materials and methods 

3.3.1 Continuous-flow stirred-tank reactors (CSTRs) 

Experiments were conducted at room temperature (21°C ± 1°C) in continuous-flow 

stirred-tank reactors made with glass chromatography columns (Kimble, Rockwood, 

USA) (diameter × length = 2.5 cm × 30 cm) (Figure 12a). Similar reactors have been 

used previously to investigate the release of lead from representative solids.11,100,105,106 

Columns, tubing, and other containers were immersed in HNO3 (approximately 1.6 M) 

for at least 24 h and rinsed at least four times with ultrapure water before each 

experiment. Reactor influent was maintained by a peristaltic pump at 4.9 mL/min to 

achieve a hydraulic retention time of 30 minutes, and all experiments were completed 

within 40 hours. 

Lead(II) carbonate was suspended at 1 g/L, to ensure oversaturation, in solutions 

containing either no inhibitor (the control), orthophosphate (1 mg P/L), polyphosphate (1 

mg P/L), or sodium silicate (32 mg SiO2/L). Lead carbonate particles were retained by a 

0.45 µm cellulose nitrate membrane filter (Figure 12a)).11 Reactor effluent was then 

filtered through a 0.2 µm cellulose nitrate membrane filter using a syringe-mounted 

apparatus.100,106,107 Filtered effluent was sampled periodically and preserved for analysis 

with concentrated nitric acid. 

Lead release was determined as the net conversion rate from lead carbonate to 

dissolved lead and small colloids (<0.2 or 0.45 µm). Lead release was highly variable 
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during the first 40 retention times but did eventually stabilize (Appendix B, Figure 46). 

This has been noted previously and has been attributed to an uncharacteristically labile 

surface phase.11,42,100,106,108 Here, stability was defined as less than 30% variation 

(standard deviation/mean) over at least four consecutive effluent samples spanning at 

least eight hydraulic retention times.11 

Once reactor effluent had stabilized, the net conversation rate was calculated according 

to Equation (1).11,108 

𝑟𝑒𝑥𝑝 =
𝑄𝐶𝑠𝑠

𝑉𝑅𝐴[𝑠𝑜𝑙𝑖𝑑𝑠]
=

𝐶𝑠𝑠

𝜏 𝐴[𝑠𝑜𝑙𝑖𝑑𝑠]
 

where rexp is the net conversation rate (mol/m2 min); Q is the flow rate (L/min); Css is the 

lead concentration measured after satisfaction of the stability criterion; VR is the volume 

of the reactor (L); A is the specific surface area of lead carbonate, determined by BET-

N2 adsorption analysis at 0.72 m2/g; [solids] is the mass of solids (g/L); and 𝜏 is the 

hydraulic retention time in minutes (i.e., Vr/Q). 
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Figure 12 (a) Schematic diagram of continuous-flow stirred-tank reactors. (b) Three 

corrosion inhibitors and one inhibitor-free control were investigated using a 4 × 2 × 2 

mixed-level factorial design. (c) Conceptual diagram of the factorial design for effect and 

interaction evaluation; + indicates an increase in lead concentration; - indicates a 

decrease. (d) Effects and interaction estimation for inhibitor and pH. (e) A factorial 

design can approximate the equilibrium solubility of lead as a function of pH, dissolved 

inorganic carbon concentration, with cerussite and hydrocerussite (0 P mg/L) or 

hydroxylpyromorphite (1 mg P/L) as possible phases. Thermodynamic data are due to 

Schock et al. 54 and solubility calculations were made with tidyphreeqc.109 
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3.3.2 Experimental design and statistical analysis 

A 4 × 2 × 2 mixed-level factorial design was used to compare sodium silicate against 

better-characterized reference treatments (Figure 12b). Three inhibitors were 

evaluated—sodium silicate (32 mg SiO2/L, SiO2:Na2O = 3.6), orthophosphate (1 mg 

P/L), and polyphosphate (1 mg P/L)—against a control at two pH (7.5 ± 0.3 or 9.0 ± 0.3 

in effluent) and two DIC levels (5 and 50 mg C/L). This amounted to 16 settings (4 

inhibitors × 2 pH levels × 2 DIC levels), each of which was duplicated at a minimum (n 

≥ 2). 

Factorial designs are used widely to evaluate the synergies among factors in complex 

systems.56,57 In the lead-water-carbonate system, for example, pH and DIC have non-

additive effects on lead solubility (Figure 12c and e), which can be approximated by two 

main effects and an interaction term.56,57 The effect of an inhibitor and its interactions 

with pH and DIC can be evaluated in the same way (Figure 12d and e). For instance, 

increasing DIC decreases lead concentration at pH 7, but it has the opposite effect in 

the presence of orthophosphate, leading to a non-negligible orthophosphate-DIC 

interaction term (Figure 12e).11,54 

Here, the main effects and interactions were summarized using linear regression, after 

log-transformation to improve the distribution of the model residuals.56,57 The inhibitor-

free control at pH 7.5 and DIC 5 mg C/L was defined as the reference condition56,57,59,60 

and all effects were estimated as ratios of geometric mean lead release, with the 

reference condition as the denominator. Ratios greater and less than one indicate 

factors or interactions that accelerate or slow lead release, respectively. Due to the log-

transformation, effects in the original units are multiplicative: for example, lead release 

in the presence of orthophosphate at pH 9 and DIC 50 mg C/L is estimated as the 

product of five numbers: lead release under the reference condition; each main effect; 

the two-way interactions among orthophosphate, pH, and DIC; and the three-way 

interaction. 
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3.3.3 Chemical reagents 

All solutions were prepared in ultrapure water. Dissolved inorganic carbon (DIC) was 

dosed as NaHCO3 (Fisher Scientific, USA), and solution pH was adjusted with NaOH 

and HNO3. Sodium silicate, orthophosphate, and polyphosphate were dosed as high-

ratio (NaO:SiO2=1:3.6) sodium silicate product (National Silicates, Canada), phosphoric 

acid (H3PO4) (Fisher Scientific, USA), and sodium hexametaphosphate ((NaPO3)6) (Alfa 

Aesar, USA). Lead carbonate (Alfa Aesar, USA) was used as a model for lead corrosion 

scale in the reactors; an X-ray diffractorgram of the unreacted powder is shown in 

Appendix B, Figure 48. 

3.3.4 Inductively coupled plasma mass spectrometry (ICP-MS) 

Metals were quantified by inductively coupled plasma-mass spectrometry (ICP-MS, X 

Series II, Thermo Scientific). Filtered samples (0.2 and 0.45 µm) were acidified with 

HNO3 to pH < 2 and held for a minimum of 24 hours before analysis. 

3.3.5 X-ray diffraction (XRD) 

A Rigaku Ultima IV X-ray Diffractometer (XRD) with a copper K𝛼 source was used to 

identify crystalline phases present in the reactor solids. The X-ray tube was operated at 

45 kV and 40 mA. Scans were performed over the range 10° to 80°/90° (2-theta) with a 

step size of 0.05° and a scan speed of 1 degree/min. 

3.3.6 X-ray photoelectron spectroscopy (XPS) 

A Thermo VG Scientific Multilab 2000 instrument was used to examine the chemical 

states of elements. An aluminum X-ray source (1486.6 eV) was used under high 

vacuum: 1 x 10-9 < P < 1 x 10-8 torr. Photoelectrons were detected using a CLAM4 

hemispherical analyzer (r = 150mm) with a multi-channel detector. Survey scans were 

collected using a pass energy of 100eV, an energy step of 1.0 eV, and a spot size of 0.6 

mm. High-resolution scans were performed at a pass energy of 30 eV and an energy 

step of 0.1 eV. Samples were prepared by collecting 50 mL aliquots of each 

suspension, centrifuging for 5 min, and evaporating the pellet on tin foil. 
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3.3.7 Zeta (𝜻) potentials 

Zeta (𝜁) potential was measured using a Zetasizer-Nano-ZS (Malvern Instruments, 

Worcestershire, UK). Freshly prepared lead carbonate suspension (100 mL at 1 g/L) 

was dosed with each inhibitor for measurement according to the electrophoretic light 

scattering method.110 

3.3.8 Fourier transform infrared (FT-IR) 

After reaction with orthophosphate, polyphosphate, or sodium silicate, lead carbonate 

suspensions were characterized using Fourier transform infrared spectroscopy (FT-IR) 

in attenuated total reflectance mode (Bruker, USA). Spectra were collected over a 

wavenumber range of 400-4000 cm-1 with a resolution of 4 cm-1 and 60 scans per 

spectrum. 

3.3.9 Scanning Electron Microscopy (SEM) 

A Hitachi S-4700 scanning electron microscope was used for imaging analysis. After 

reaction, a 50 ml aliquot of each suspension was centrifuged for 5 minutes and the 

pellet was dried on a SEM specimen stub at 21 ± 1 °C. SEM samples were placed in a 

holder and loaded into the Hitachi S-4700 SEM for imaging. 

3.3.10 Equilibrium solubility model and data analysis 

Data were analyzed and presented using R version 4.0.063 and a collection of widely 

used contributed packages.111–115 The thermodynamic data (Appendix B, Table 4) used 

in the equilibrium solubility model are due to Schock et al. 54 and the model was 

implemented using tidyphreeqc,109 an R interface for PHREEQC.116 Calculation of 

activity coefficients is described in the method described by Parkhurst and Appelo.117 

3.4 Results and discussion 

3.4.1 Effect of sodium silicate on the lead leaching of cerussite 

Sodium silicate did not have a statistically significant impact on the net conversion rate 

of lead(II) carbonate (Figure 13b, Appendix B, Table 5- 6), except under two 
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circumstances. First, increasing pH from 7.5 to 9 and adding silicate resulted in 58% 

more lead in 0.45 µm filtrate than would be expected based on the main effects of these 

two factors (i.e., a significant silicate:pH interaction). Second, increasing pH from 7.5 to 

9, DIC from 5 to 50 mg C/L, and adding silicate resulted in 59% less lead in 0.45 µm 

filtrate than would be expected based on the main effects and two-way interactions 

among these factors (i.e., a significant silicate:pH:DIC interaction, also significant at 0.2 

µm). The latter interaction highlights the only scenario where sodium silicate yielded a 

lower net conversion rate than the corresponding control: lead in 0.45 µm filtrate was 

21% lower in the presence of sodium silicate at pH 9 and 50 mg C/L (Appendix B, Table 

6). Elevated lead associated with the former interaction may be due to colloidal 

dispersion by sodium silicate. 

While the net conversion rate estimates representing 0.2 and 0.45 µm filtrate were 

similar (Figure 13a), lead colloids, defined here as particles between 0.2 and 0.45 µm, 

were present in reactor effluent. In the control system, rates representing 0.2 and 0.45 

µm filtrate were 9 - 31 and 11.1 - 34.7 × 10-9 mol/m2⋅min, respectively (0.2:0.45 ratio = 

64 - 87%). In the presence of sodium silicate, rates ranged from 12 - 23 and 16 - 28 × 

10-9 mol/m2⋅min (0.2:0.45 ratio = 73 - 81%). Consistent with the linear model, 

orthophosphate yielded lower net conversion rates ranging from 0.6- 19 and 1 - 21 × 

10-9 mol/m2⋅min (0.2:0.45 ratio = 58 - 90%). 

In agreement with solubility predictions for the lead-water-carbonate system (Figure 

13e), increasing pH or DIC slowed lead release from lead(II) carbonate. But these two 

effects were non-additive: the large and statistically significant pH:DIC interaction 

captures the known tendency for carbonate species to decrease solubility at pH 7.5 

while increasing it at pH 9 (Figure 13b). Also consistent with solubility predictions, 

adding orthophosphate slowed lead release at low pH (i.e., a significant main effect) but 

reversed the effect of increasing pH or DIC. That is, the significant two-way interactions 

between orthophosphate and pH or DIC counteract the negative main effects of pH and 

DIC. These interactions accord with the known tendency of orthophosphate to shift the 

lead solubility minimum to pH 7 - 8 with 0 mg C/L.54 
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In contrast to orthophosphate, polyphosphate accelerated lead release dramatically. 

And while the dissolution rates of lead carbonates by polyphosphate have not been well 

studied, this is consistent with a substantial body of literature demonstrating the risks of 

polyphosphate in systems with lead.35,36,58 

 

Figure 13 (a) Geometric mean net conversion rates at two pH (7.5 and 9) and DIC 

levels (5 and 50 mg C/ L) (log-scale). Each setting represents at least two reactor runs, 

and error bars span the range of measurements. (b) Main effects and their interactions 

estimate the ratio of geometric means at different settings. The reference state is 
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defined as the low pH, low DIC, inhibitor-free condition. Points indicate coefficient 

magnitudes and error bars span their 95% confidence intervals. 

3.4.2 Dissolution rates and equilibrium solubility 

While similar reactors have been used previously to study dissolving lead 

minerals,11,105,106 the data they generate may not always yield pure dissolution rates. 

The effluent lead concentration may reach equilibrium under some water quality 

conditions, and transformation of mineral phases may occur.11 To better understand 

these limitations, lead in reactor effluent was compared against a well-established 

solubility model.54 It is assumed that cerussite or hydrocerussite controlled lead 

solubility in the control systems and in the presence of sodium silicate. 

Hydroxylpyromorphite controlled solubility in the presence of orthophosphate (Appendix 

B, Figure 47). 

Effluent lead concentrations in the control and silicate-treated systems were lower than 

predicted at all pH and DIC settings (measured:predicted ratio = 24–69 %). Assuming, 

based on model predictions, that these systems did not reach equilibrium, the effluent 

lead concentrations approximate cerussite’s dissolution rate (neglecting any contribution 

from minor phases, see Crystalline structure and morphology). The major exception 

was at pH 9 and 5 mg C/L, where hydrocerussite was prominent in the reactor solids. 

The latter pH/DIC setting is near the solubility minimum in the lead-water-carbonate 

system, where hydrocerussite is predicted to control solubility. 

While solubility predictions generally captured the trends in lead release due to variation 

in pH and DIC, there were some notable discrepancies. Whereas predicted solubility at 

50 mg C/L is approximately constant between pH 7.5 and 9, lead release increased with 

pH. This may be due to dissolution of cerussite, whereas the model predicts that 

hydrocerussite will control solubility (Appendix B, Figure 47). Under the experimental 

conditions, the 30-minute retention time may not get have been long enough to convert 

cerussite to hydrocerussite (see Crystalline structure and morphology). 

In the presence of orthophosphate, reactor data paralleled the equilibrium 

hydroxylpyromorphite solubility predictions (Figure 14). But these data do not represent 
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pure dissolution rates; they involve at least partial phase conversion, which complicates 

the interpretation. In the presence of polyphosphate, lead release was much higher than 

predicted (629 - 1851 µg/L), and speciation was likely dominated by lead-polyphosphate 

complexes which are not accounted for in the solubility model.36 

 

Figure 14 Lead release in the control, silicate-treated, and orthophosphate-treated 

systems (dashed lines), along with equilibrium solubility predictions (solid lines). Error 

bars span the manxium and mininum values. Thermodynamic data are due to Schock et 

al. 54 and solubility calculations were made with tidyphreeqc.109 

3.4.3 Crystalline structure and morphology (XRD and SEM data) 

Previous studies15,16 suggest that silicate may form a protective layer on lead surfaces, 

but here, silicate did not yield a crystalline silicate solid (e.g., PbSiO3) identifiable by 

XRD (Figure 15). Instead, cerussite and hydrocerussite appeared to control lead 



40 
 

release (Figure 15). These findings are consistent with model predictions that a lead 

carbonate phase controls solubility, regardless of the concentration of sodium 

silicate.54,118 

In the control reactors, cerussite was identified as the predominant crystalline phase, 

although it underwent partial conversion to hydrocerussite at pH 9 and 5 mg C/L. While 

cerussite was predominant silicate-treated reactors as well, a small amount of 

hydrocerussite was detectable at all pH and DIC settings. Scale morphology generally 

supported the XRD patterns: scanning electron micrographs of control reactor solids 

exhibited morphology characteristic of cerussite (Figure 16).84,85 In the silicate-treated 

systems, cerussite exhibited a new prismatic presentation,119 suggesting that sodium 

silicate might influence the morphology of cerussite. 

While polyphosphate did not alter the phase composition at any pH or DIC setting, 

orthophosphate promoted formation of low-solubility hydroxylpyromorphite (Appendix B, 

Figure 49). Needle-like crystals indicative of hydroxylpyromorphite91,92 were apparent on 

reactor solids (Figure 16), and this phase most likely explains the slow rates of lead 

release in the orthophosphate-treated reactors. The exception was at pH 9 with 50 mg 

C/L, where cerussite remained predominant (Appendix B, Figure 49). Hydrocerussite is 

predicted to control solubility at high pH and DIC, but the effluent lead concentration did 

not reach predicted saturation with respect to hydrocerussite (Figure 14). Nevertheless, 

orthophosphate did limit lead release compared to the corresponding control (pH 9 with 

50 mg C/L). Instead of altering the phase composition, orthophosphate may have 

adsorbed to lead carbonate, slowing dissolution by blocking active sites at the surface.11 
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Figure 15 X-ray diffraction (XRD) patterns representing the (a) control and (b) silicate. 

Standard patterns are labelled according to their chemical formulas. 
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Figure 16 Scanning Electron Microscopy (SEM) of reactor solids in the (a) control, (b) 

silicate, (c) orthophosphate, and (d) polyphosphate systems at pH 7.5 and DIC 5 mg/L. 

3.4.4 Role of silicate adsorption 

Although sodium silicate did not change the crystalline structure of lead(II) carbonate in 

any way that clearly slowed lead release, a thin (~nm) silicate film has been proposed 

as a mechanism for lead control in silicate-treated systems.23,24 Since accumulation of 

amorphous silicate at the surface would be difficult to detect by XRD and SEM,23 XPS 

was used to quantify Si up to several nanometers below the surface in the low pH, low 

DIC system.23,106,120,121 Fourier transform infrared (FT-IR) spectra was used to identify 

changes in functional groups under the same conditions. 

Adsorption of silicate anions might conceivably slow lead release by blocking active 

sites at the lead carbonate surface. A similar mechanism has been proposed to explain 

the effect of orthophosphate on lead release at high DIC concentrations,11 and the 
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inhibition of calcite dissolution by orthophosphate. In the latter system, orthophosphate 

chemisorbs to calcite, accumulating Ca2+ around the phosphate-poisoned sites and 

slowing the dissolution rate.30 Here, silicate adsorbed to lead carbonate, as detected by 

XPS, but no evidence was found that this process slowed lead release at pH 7.5 and 5 

mg C/L. Failure of silicate to chemisorb and effectively block (poison) active surface 

sites from releasing lead may explain these results. 

Oxygen, carbon, and lead dominated the elemental composition of solids from the 

control reactors, which is consistent with the composition of lead carbonate (Figure 17). 

The FT-IR spectrum was also consistent with previous studies of cerussite,122–125 with 

bands characteristic of carbonate at 673, 836, 1048, and 1730 cm-1. Solids from the 

silicate-treated reactors had a silicon content of 5.7% at the surface, whereas solids 

from the control reactors did not have detectable silicon (Figure 17). A weak Si-O-Si 

band occurred at 994 cm-1 in the FT-IR spectrum (Figure 18),126 which agrees with a 

previous observation of silicate in water service lines treated by sodium silicate.23 

Phosphorus accounted for 20.7% of the surface elemental composition in solids from 

the orthophosphate-treated reactors (Figure 17). This is explained by 

hydroxylpyromorphite and perhaps by orthophosphate adsorption. Reactor solids 

yielded an FT-IR spectrum consistent with hydroxylpyromorphite, but carbonate bands 

occurred at 1334 1422, and 1388 cm-1, which may be due to carbonate-substituted 

hydroxylpyromorphite.92,127 Solids from the reactors treated with polyphosphate yielded 

an FT-IR spectrum consistent with that of the control reactor. 



44 
 

 

Figure 17 Elemental analysis (atomic %) by X-ray photoelectron spectroscopy (XPS) of 

reactor solids at pH 7.5 and 5 mg C/L. 

 

Figure 18 FTIR spectra of reactor solids after reaction with orthophosphate, 

polyphosphate, or sodium silicate at pH 7.5 and DIC 5 mg C/L. 
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3.4.5 Implications for distribution systems 

Given that sodium silicate had a minimal impact on lead release from lead carbonate—

especially compared with orthophosphate—pH adjustment appears from these data to 

be the primary mechanism by which sodium silicate controls lead release. That is, this 

study suggests the silicate-treated system may be approximated as a lead-water-

carbonate system, provided that other impacts of silicate are negligible. 

As a sequestrant, sodium silicate may avoid some of the problems associated with 

polyphosphate: phosphorus loading to the environment and elevated lead solubility. 

Like polyphosphate, however, sodium silicate can mobilize particulate and colloidal 

metals (e.g., lead and iron) via dispersion. Both sequestrants caused pronounced 

negative shifts in the zeta potentials of cerussite suspensions over a wide pH range, 

highlighting their dispersive properties (Figure 19). Unlike polyphosphate, sodium 

silicate did not cause any significant increases in lead, except at pH 9 and 5 mg C/L. 

But the negative shift in zeta potential that silicate induces may disperse particles or 

colloids at circumneutral pH in systems where lead is more easily mobilized. Similar 

concerns have been raised concerning orthophosphate,128 but further study is needed 

to evaluate these factors and potential drawbacks. 
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Figure 19 Zeta potential as a function of pH, characterizing newly-prepared suspensions 

of cerussite (1 g/L) at 5 mg C/L and 21 oC (orthophosphate 1 mg P/L; polyphosphate 1 

mg P/L and sodium silicate 32 mg SiO2/L). 

Here, silicate adsorption to lead carbonate did not slow lead release, except perhaps at 

pH 9 with 50 mg C/L. But formation of a diffusion barrier may take longer than the time 

in which experiments were completed (≤ 40 hours). The long-term impact of sodium 

silicate is still worth investigating, as is the interaction between silicate and non-lead 

species. Natural silicate minerals (e.g., aluminosilicate, quartz, etc…) are frequently 

observed in lead corrosion scale,28,29 and a recent study using recovered lead pipe 

attributed declines in lead release with silicate addition to an aluminum-rich diffusion 

barrier.129 

Conversely, orthophosphate promoted formation of low-solubility hydroxylpyromorphite 

within the experiment’s timeframe. Comparable to sodium silicate, orthophosphate 

slowed lead release at high pH and DIC even without altering the crystalline phase 

composition (perhaps via chemisorption and crystal poisoning).11,30 At the other pH and 

DIC settings, the rapid action of orthophosphate relative to sodium silicate represents a 

distinct advantage even if future work shows silicate addition to be effective on longer 

timescales. 



47 
 

3.5 Conclusion 

This study investigated lead release from lead(II) carbonate in the presence of sodium 

silicate, orthophosphate as a reference inhibitor, and polyphosphate as a reference 

sequestrant. Sodium silicate has seen some use for lead release control, but its effect is 

often confounded with the accompanying increase in pH. Here, pH was controlled, 

finding that sodium silicate had relatively little impact on lead release within the 30-

minute hydraulic retention time. 

Silicate treatment did not induce formation of silicate-based mineral phases or 

significant changes in functional groups, but it did accumulate at the lead carbonate 

surface, altering surface morphology. At pH 7.5, sodium silicate had a negligible impact 

on lead release at both low and high DIC concentrations. At pH 9, silicate had diverging 

effects. At 5 mg C/L, sodium silicate accelerated lead release, which may be due to its 

negative effect on zeta potential facilitating colloidal dispersion. At 50 mg C/L sodium 

silicate slowed lead release. These data suggest that future work on silicate control of 

lead release should focus on high pH, high DIC systems and the formation of silicate-

based diffusion barriers due to interaction with non-lead species. 
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4 Chapter 4 Impact of sodium silicate on lead release and 

colloid size distributions in drinking water 

This chapter reproduced from Li, B., Trueman, B. F., Munoz, S., Locsin, J. A., & 

Gagnon, G. A. (2020). Impact of sodium silicate on lead release and colloid size 

distributions in drinking water. Water Research. https://doi.org/10.1016/j.watres.2020.116709  

Copyright 2020 Elsevier. Further permissions related to the excerpted material should be 

directed to Elsevier. 

 

Figure 20 Artwork of impact of sodium silicate and orthophosphate on lead release; co-

transport of iron and lead with addition of sodium silicate. 

4.1 Abstract 

Sodium silicates have been used in drinking water treatment for decades as 

sequestrants and corrosion inhibitors. For the latter purpose they are poorly understood, 

which presents a potential public health risk. A common sodium silicate formulation was 

investigated as a treatment for lead release and compared it to orthophosphate, a well-

established lead corrosion control treatment. The size distributions of colloids generated 

in silicate and orthophosphate-treated systems were compared using field flow 

fractionation with multielement detection. Sodium silicate provided minimal protection of 

new lead pipes while orthophosphate effectively mitigated lead release. Moreover, an 

elevated sodium silicate dose (48 mg SiO2/L) dispersed corrosion scale in cast iron pipe 

sections and lead service lines, resulting in a substantial release of colloidal iron and 

lead. Although a silicon-rich coating was observed at the lead-water interface, lead 

https://doi.org/10.1016/j.watres.2020.116709
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carbonate remained the major corrosion product and appeared to control lead levels in 

the silicate-treated system. These data suggest that pH adjustment is the major 

mechanism explaining lead corrosion control by sodium silicate, and that—as with 

polyphosphate—excess silicate can be highly detrimental to controlling lead release. 

4.2 Introduction 

Sodium silicates have been used by water utilities as corrosion inhibitors and 

sequestrants for decades.19–21 Orthophosphate is much more widely used for lead 

control,74,75,130 but silicates are regarded as a legitimate lead control treatment.9,131 

Limited data, however, mean that the mechanisms by which silicates might act to limit 

lead release are still unclear. They may form a thin silicate-based film on the internal 

surface of lead pipes,23,24 or contribute to passive corrosion scale formation,16,25 but little 

evidence exists to support either possibility. Moreover, the effect of silicates on lead is 

often confounded with the increase in pH that silicates cause.10,15,24,25,27 Limited 

understanding of silicate-lead interactions leaves water systems that use silicates 

vulnerable to lead contamination. 

Silicates are better known as sequestrants, and they are widely used to solve aesthetic 

issues caused by iron and manganese.19,20,132,133 However, given the role of 

polyphosphate—another popular sequestrant—in exacerbating lead release,36,58,134 

careful evaluation of silicates’ effect on lead is warranted. Although silicates’ impacts on 

iron oxidation135,136 and particle size distribution20 have been described previously, 

silicates’ effect on the distribution system as a whole is poorly characterized. Previous 

work46,48,50,137–139 indicates that particulate iron and manganese may increase lead 

release. Given the dispersive effects of silicates on these metals, study of the interplay 

between iron/manganese, lead, and silicate species is important to avoid future water 

quality problems. 

Here lead release control was evaluated using a common sodium silicate formulation, 

comparing it against orthophosphate, a well-established corrosion control 

treatment.31,58,76,140 A model distribution system was used with new lead pipes and cast 

iron or PVC water mains to address three primary objectives: a) the effect of sodium 
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silicate on lead release from full and partial lead service lines (LSLs); b) its effect on 

colloidal metals release from both LSLs and water mains; and c) LSL scale formation in 

the presence of sodium silicate. This work provides new insight into silicate corrosion 

control and sequestration, especially for minimizing lead release. 

4.3 Materials and methods 

4.3.1 Model distribution system 

Detailed descriptions of the pilot-scale model distribution system are available 

elsewhere,46,141,142 and the relevant modifications are described here. Given the limited 

data on silicate-lead interactions in a drinking water context, new lead pipe was used in 

this study because it yields repeatable results, avoiding the peculiarities of recovered 

lead pipe that would have limited our ability to generalize the study findings. 

The model system (Figure 21a) comprised six independent distribution main pipe loops: 

three PVC and tuberculated cast iron (100 and 150 mm in diameter, respectively; 1.8 m 

in length). Each loop supplied one partial and one full LSL section in parallel; these 

were constructed with 30 and 60 cm sections, respectively, of new lead pipe (≥ 99.97 % 

purity; 3/4 in. extra strong; Canada Metal, Montréal, Canada). Partial LSL sections 

included 30 cm of new copper pipe (3/4 in. type ‘K’; Wolverine, Portage, USA) coupled 

to the new lead with a plastic fitting (Philmac, North Plympton, Australia). Electrical 

continuity between lead and copper was achieved with an external copper wire and 

copper alligator clips. 

Effluent from the six pipe loops was discharged to six independent 68 L reservoirs and 

pumped through the LSLs for 5 minutes each day at an approximate flow rate of 2 

L/min. This resulted in a daily stagnation period of 23h 55 min, which, given the pipe 

diameter, approximates equilibrium.143 

Feedwater for the model distribution system was provided by the J.D. Kline water 

supply plant (Halifax, Nova Scotia, Canada), which uses alum coagulation followed by 

dual media direct filtration (sand and anthracite). A full description of the facility is 

available elsewhere.139,144 Typical total organic and inorganic carbon values were 1.5 
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and 5 mg C/L, while lead and iron were below their reporting limits. Feedwater was 

modified according to the experimental design (Figure 21a) with sodium hypochlorite 

(1.0 mg Cl2/L, Altantic Chemical and Aquatic Inc., Canada), sodium silicate (12, 24 and 

48 mg SiO2/L, Na2O:SiO2 = 1:3.22, National Silicate, Canada), orthophosphate (1.0 mg 

PO4
3-/L, dosed as H3PO4, Fisher Scientific, USA), zinc orthophosphate (1.0 mg PO4

3-/L, 

Carus 3150, Carus Chemical Company, USA), and sodium hydroxide (pH 7.4, Fisher 

Scientific, USA) (Appendix C, Figure 50b). Water temperature in the model distribution 

system ranged from 14.5 to 23.7°C over the experiment (Appendix C, Figure 51a). 

4.3.2 Experimental design 

Lead release was evaluated under twelve conditions: three inhibitors (i.e., sodium 

silicate, orthophosphate, zinc orthophosphate), two distribution main materials 

(recovered cast iron and PVC), and two LSL types (full and partial, Figure 21a). A 

standard 3 × 2 × 2 mixed level factorial design which,56,145 under a mild assumption 

concerning interactions between factors (i.e., a negligible three-way interaction), yields 

a multiple-degree-of-freedom estimate of error. The effect of sodium silicate was 

evaluated using data from at least eight pipe sections, and the effect of LSL type was 

evaluated using data from all twelve pipe sections (Figure 21a). 

To prevent the confounding of pH and silicate dose noted in previous studies, the LSL 

influent water pH was maintained at 7.4 (Figure 21a; Appendix C, Figure 50b) 

throughout the experiment and under all water quality conditions. Stagnated LSL 

effluent pH was 6.99 (Figure 21b; Appendix C, Figure 51b and c) at 24 and 48 mg 

SiO2/L. Silicate doses were selected based on previous studies10,15,16 and the current 

NSF/ANSI/CAN standard.131 

4.3.3 Conditioning and sampling 

The model distribution system was operated for 84 weeks (Figure 21b), the first 44 of 

which were devoted to conditioning under the parameter settings described above. 

Lead in LSL effluent was measured sporadically during conditioning, while control 

parameters were measured consistently. Regular sampling began at week 45; LSL 

effluent was collected almost every week in 250 mL polyethylene (HDPE) bottles 
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following 23 h 55 min of stagnation. Samples of influent to the LSLs were collected from 

the 68 L reservoirs in polypropylene tubes. HDPE bottles and caps were prepared for 

use by immersion for at least 24 h in ~2M HNO3, followed by thorough rinsing with 

ultrapure water. At the end of experiment, full LSL pipes were retrieved and prepared for 

surface analysis (i.e., XRD, SEM-EDS, and XPS). 

 

Figure 21 (a) A description of the model system: a PVC or recovered cast iron pipe 

loop, a set of full and partial LSL sections, and the experimental design. (b) 

Experimental timeline of the constant pH system. 
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4.3.4 On-site water quality analysis 

Free chlorine, orthophosphate, and sodium silicate were measured on-site in pipe loop 

effluent using the N,N-diethyl-p-phenylenediamine (DPD), molybdate colorimetric, and 

silicomolybdate methods, respectively, with a UV-Vis spectrometer (DR6000, Hach, 

USA).146 Temperature was measured using a glass thermometer (Fisher Scientific, 

USA) and pH using a combination electrode (Accumet Excel XL25, Fisher Scientific, 

USA). 

4.3.5 Inductively coupled plasma-mass-spectrometry (ICP-MS) 

Metals were quantified by inductively coupled plasma-mass spectrometry (ICP-MS, X 

Series II, Thermo Scientific).147 Samples of LSL influent were preserved for total metals 

analysis by acidifying with trace metal grade nitric acid (Fisher Scientific, USA) to pH < 

2.0 and holding for a minimum of 24 h. Ten ml aliquots from a subset of effluent 

samples were passed through 0.45 µm cellulose nitrate membrane filters with a syringe 

filter cartridge and preserved in polypropylene tubes for quantification of 

dissolved/colloidal metals. The remaining volume of each effluent sample was 

preserved in the original bottle and held for a minimum of 24 h. Afterwards, a 10 ml 

aliquot from each was decanted to a polypropylene tube for total metals analysis. 

4.3.6 Field flow fractionation (FFF) 

Colloidal metals were characterized in LSL effluent from the silicate- and zinc 

orthophosphate-treated systems by asymmetric flow field flow fractionation.148–152 

Samples were filtered at 0.45 µm with a cellulose nitrate membrane immediately before 

analysis, and details of the method are described elsewhere.138 

4.3.7 X-ray diffraction (XRD) 

A Siemens D500 diffractometer equipped with a copper anode and a diffracted beam 

monochromator (wavelength = 1.5406 Angstroms) was used to identify crystalline 

phases on the internal surfaces of lead pipes. Measurements were made in step scan 

mode using a step size of 0.04 degrees (2𝜃) and a dwell time of 3.0 seconds. Samples 

were dried at 21°C ± 1°C before analysis. 
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4.3.8 X-ray photoelectron spectroscopy (XPS) 

A Thermo VG Scientific Multilab 2000 was used to determine the elemental composition 

of corrosion scale. An aluminum X-ray source (1486.6 eV) was used under high vacuum 

(1 x 10-9 < P < 1 x 10-8 torr), and a CLAM4 Hemispherical Analyzer (r = 150mm) with a 

multichannel detector was used to detect photoelectrons. High-resolution scans were 

performed at pass energy of 30 eV with a step size of 0.1 eV, and survey scans were 

performed at a pass energy of 100 eV with a step size of 1.0 eV. Samples were dried at 

21°C ± 1°C. Binding energy was calibrated using the C 1s line (285.0 eV), due to 

adventitious carbon; binding energies drawn from literature were adjusted based on this 

calibration. 

4.3.9 Scanning electron microscopy/energy-dispersive X-ray spectroscopy 

(SEM-EDS) 

The morphology and elemental composition of corrosion scale was characterized using 

a Hitachi S-4700 scanning electron microscope, operated at 10 kV and an 11-12 mm 

working distance. Samples were dried at 21°C ± 1°C, attached with conductive carbon 

tabs to aluminum stubs, and loaded into the SEM for imaging. 

4.3.10 Galvanic current measurement 

Galvanic current between the lead and copper comprising partial LSLs was measured, 

before sampling the effluent, using a digital multimeter (PeakMeter MS8236, China). 

4.3.11 Data analysis and modeling 

The experimental data was analyzed using R (version 4.0.0),63 along with a collection of 

widely-used contributed packages.64–67,153 An additive mixed model153 was fitted to the 

LSL effluent data, describing lead release as a smooth non-parametric function of 

effluent iron concentration (a thin plate regression spline). LSL type (full or partial) and 

inhibitor type was modeled as parametric effects, and the model was estimated using 

restricted maximum likelihood. 
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To account for the differences in length of lead pipe between full and partial LSLs, lead 

release was expressed as mass released per unit length of lead pipe (µg Pb/cm). This 

quantity is a function of the lead concentration in LSL effluent, the volume of water 

contained within the LSL section, and the length of lead pipe. 

Autocorrelation was modeled for each LSL section as a continuous time first order 

autoregressive process (CAR(1)) (Appendix C, Figure 54d).154,155 The basic form of the 

model is described in Pedersen et al. (model G),156 and the autocorrelation structure is 

described in Simpson.154 The model is summarized by Equation (2): 

𝑙𝑜𝑔(Pb) = 𝛽𝑜 + 𝛽1𝑥𝑝𝑎𝑟𝑡𝑖𝑎𝑙 𝐿𝑆𝐿 + 𝛽2𝑥𝑧𝑖𝑛𝑐 𝑜𝑟𝑡ℎ𝑜𝑝ℎ𝑜𝑠𝑝ℎ𝑎𝑡𝑒 + 𝛽3𝑥𝑠𝑜𝑑𝑖𝑢𝑚 𝑠𝑖𝑙𝑖𝑐𝑎𝑡𝑒 + 𝑓(𝑙𝑜𝑔(Fe)) + 𝑒 

where 𝑙𝑜𝑔 is the natural log transformation, Pb is the mass of lead released per unit 

length of lead pipe (µg Pb/cm), Fe is the iron concentration in LSL effluent (µg Fe/L), 𝑒 

is the error term, 𝑓 is a smooth function, and the 𝑥 are 0/1 dummy variables where 𝑥 =

0 is the reference state (𝑥𝑝𝑎𝑟𝑡𝑖𝑎𝑙 𝐿𝑆𝐿: 0 = full LSL, 1 = partial LSL; 𝑥𝑧𝑖𝑛𝑐 𝑜𝑟𝑡ℎ𝑜𝑝ℎ𝑜𝑠𝑝ℎ𝑎𝑡𝑒: 0 = 

absent, 1 = present; 𝑥𝑠𝑜𝑑𝑖𝑢𝑚 𝑠𝑖𝑙𝑖𝑐𝑎𝑡𝑒: 0 = absent, 1 = present; and 𝑥𝑧𝑖𝑛𝑐 𝑜𝑟𝑡ℎ𝑜𝑝ℎ𝑜𝑠𝑝ℎ𝑎𝑡𝑒 = 

𝑥𝑠𝑜𝑑𝑖𝑢𝑚 𝑠𝑖𝑙𝑖𝑐𝑎𝑡𝑒 = 0 indicates the orthophosphate system). 

4.4 Results and discussion 

4.4.1 Effect of sodium silicate on lead release from LSLs 

Sodium silicate performed worse than either orthophosphate or zinc orthophosphate in 

mitigating lead release due to uniform (full LSL) corrosion (Figure 22; Appendix C, 

Figure 52). At 24 mg SiO2/L, median lead in full LSL effluent was 398 µg/L (n=54). In the 

presence of orthophosphate or zinc orthophosphate (1 mg PO4
3-/L), it was much lower: 

67 µg/L (n=78) and 53 µg/L (n=78), respectively. Lead levels at 1 mg PO4
3-/L were 

comparable to peak lead levels in homes with LSLs in the distribution system 

modeled,37 and this system also maintains 1 mg PO4
3-/L. 

Sodium silicate did not protect against galvanic corrosion either, at least in comparison 

with the other two treatments. Here, galvanic effects were estimated as the difference in 

median lead release between full and partial LSLs receiving the same water type. Lead 
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release from partial LSLs treated with 24 mg SiO2/L (median: 578 µg/L; n=54) was 

greater by 180 µg/L, while the effect of galvanic corrosion in the other two systems was 

relatively minor. Lead release from partial LSLs was greater by just 2 (median: 69 µg/L; 

n=78) and 15 µg/L (median: 68 µg/L; n=77) in the orthophosphate and zinc 

orthophosphate-treated systems, respectively. These effects are consistent with 

previous reports that, in galvanic systems, sodium silicate performs poorly in 

comparison with orthophosphate.16,17 

 

Figure 22 Lead concentration in LSL effluent grouped by corrosion inhibitor and LSL 

configuration (full or partial)(silicate dosage: 24 mg/L). Boxes span the interquartile 

range (IQR), medians divide the boxes in two, and whiskers extend from the upper and 

lower quartiles to the most extreme value within 1.5 times the IQR. 

4.4.2 Galvanic corrosion and lead release 

While sodium silicate was ineffective, relative to orthophosphate, in controlling lead 

release due to galvanic corrosion, orthophosphate did not inhibit charge transfer 

between copper and lead (Figure 23. Instead, it appeared to promote scale formation. In 

the presence of sodium silicate, each additional µA of current accompanied 94 µg Pb/L 

(r2 = 0.89). In the presence of either orthophosphate or zinc orthophosphate, each 

additional µA accompanied much less: between 7.4 and 8.7 µg Pb/L (Figure 23. 

Moreover, the relationship between galvanic current and lead release in the presence of 

orthophosphate was generally weak, with r2 ranging from 0.16 - 0.20. These findings are 
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consistent with previous work describing immobilization in scale of lead released due to 

galvanic corrosion.16,53,80,81,157 The failure of sodium silicate, compared with 

orthophosphate, to immobilize lead is discussed mechanistically below. 

 

Figure 23 Lead release from partial LSLs, grouped by inhibitor and displayed as a 

function of galvanic current (silicate dosage: 24 mg/L). The shaded region defines a 

95% confidence interval on the fitted values. 

4.4.3 Role of iron release 

In the presence of sodium silicate, LSLs supplied by unlined iron released much more 

lead than those supplied by PVC, with a median difference of 358 µg/L over the 

experiment. Given the strong prior evidence that iron is a driver for lead 

release,46,48,137,158,159 observed lead mass loss was modeled as a smooth non-

parametric function of iron concentration, where the relationship between the two 

variables was dictated by the data, not by a user-selected parameter (Table 2; Figure 

24; Appendix C, Figure 54). The relationship between iron and lead was statistically 
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significant (p << 0.001), suggesting that iron particles represent a significant mobile sink 

for lead. 

 

Table 2 Terms and their corresponding p-values in the additive model fit to lead level, 

expressed as mass release per unit length of lead pipe (µg Pb/cm). Estimates reflect the 

natural log transformation of the response, while percent increases are the result of 

back-transformation and are calculated relative to the reference state (full LSL or non-

zinc orthophosphate for LSL type and inhibitor type predictors). 

Term Estimate % increase p-value 

Partial LSL 0.7011 101.6 5.021e-15 

Sodium silicate 2.103 719 3.871e-63 

Zinc orthophosphate 0.3113 36.52 0.004416 

Fe concentration (non-parametric smooth function) NA NA 1.635e-52 

The other experimental factors—LSL type and inhibitor—were incorporated into the 

model as parametric effects. Partial LSLs released an estimated 102% more lead per 

unit length of lead pipe than full LSLs (p << 0.001), which is consistent with previous 

data51,81,160 and the differences between lead release from full and parial LSLs 

summarized above. 

Relative to orthophosphate, sodium silicate accompanied 719% more lead release (p 

<< 0.001), which is also consistent with the differences summarized above. Zinc 

orthophosphate treatment resulted in 36% more lead (p = 0.004) (Figure 24; Table 2)). 

And while this difference is not apparent in Figure 22, the model controls for the positive 

effect of iron but the figure does not. Iron was higher in cast iron effluent treated with 

non-zinc orthophosphate, and excluding LSLs supplied by cast iron, zinc 

orthophosphate treatment resulted in a median of 23 µg/L more lead release than 

orthophosphate treatment. 
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Figure 24 Lead release per unit lead pipe length as a function of iron concentration, 

grouped by inhibitor type and LSL configuration (silicate dosage: 24 and 48 mg/L). The 

additive model fit is superimposed, the shaded region denotes a point-wise 95% 

confidence interval on the fitted values, and horizontal grey lines represent iron 

concentrations below the reporting limit of 6 µg L-1. 

4.4.4 Dispersion of colloidal metals by sodium silicate 

While the additive model describes variation in lead release as a function of inhibitor 

type, it does not account for variation in the dose of sodium silicate, except implicitly 

through covariation in iron concentrations. When the silicate dose was doubled from 24 

to 48 mg SiO2 in the final twelve weeks of the study (Figures 21b), lead and iron 

increased dramatically (Figure 25). This cannot be explained by effluent pH , which was 

maintained at 6.99 throughout the experiment. At 24 mg SiO2/L, lead levels in full LSL 

effluent were relatively constant, with median values of 589 and 297 µg/L in cast iron 
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and PVC systems, respectively (Figure 25a). At 48 mg/L, median lead in full LSL 

effluent increased to 1234 and 425 µg/L, and partial LSL effluent exhibited a similar 

trend (Appendix C, Figure 52). 

With the increase in silicate dose, median iron increased from 18 to 130 and 7 to 37 

µg/L in cast iron and PVC distribution main effluent (that is, in the influent to LSL 

sections; Figures 25). Similar observations have been reported elsewhere:10 in 

Hopkinton, MA, silicate addition (~25-55 mg SiO2/L) without pH control accompanied an 

increase in iron, although seasonality and variable well use may have been factors in 

this case. Silicate treatment also accompanied a temporary increase in lead.10 

Here, increases in iron and lead are likely due at least in part to colloidal dispersion of 

metals, originating either from corrosion scale or from iron deposits on PVC. The 

dispersive properties of sodium silicate have been highlighted in previous work, where 

silicate has been linked with formation of colloidal polymeric ferric iron39 and dose-

dependent dispersion of particulate/colloidal iron.20 The negative surface charge 

imparted to iron oxide particles by sodium silicate20,135 may play an important role in the 

elevated iron observed here, and silicate’s negative effect on the rate of ferrous iron 

oxidation may also be relevant.135,136 
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Figure 25 (a) Lead concentration in effluent from LSLs and (b) iron concentration in 

effluent from cast iron and PVC distribution mains, at sodium silicate doses of 24 (white 

background) and 48 mg SiO2/L (grey background). Effluent pH in lead pipes was 

mantained at 6.99 at 24 and 48 mg SiO2/L. 

The dispersive effects of sodium silicate on iron and lead are apparent in the 

fractograms representing the “dissolved” (<0.45 µm) fraction of full and partial LSL 

effluent (Figure 26 and Appendix C, Figure 55, respectively). These element-specific 

size distributions show a substantial concentration of colloids in the presence of 48 mg 

SiO2/L and a negligible concentration in the presence of zinc orthophosphate. Colloidal 

iron was much greater in LSLs supplied by cast iron compared with PVC, which is 

consistent with the higher levels of iron observed in cast iron pipe effluent (Figure 26). 
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The elevated lead levels in LSLs supplied by cast iron are probably explained by 

partitioning of lead to colloidal iron, which provides additional capacity—beyond the 

limits of equilibrium solubility—for water to transport lead.138,152,161 Silicate addition may 

also disperse lead from LSL corrosion scale directly, but further study is needed to 

explore this possibility. A similar effect has been observed in the presence of excess 

orthophosphate or natural organic matter, which disperses particulate lead by imparting 

a negative surface charge.107,128 

Colloidal iron and lead also occurred in LSLs supplied by PVC, albeit in a smaller size 

range: in the cast iron system, maximum colloid retention occurred at approximately 1 

MDa, whereas in the PVC system it was closer to 100 kDa. The size distribution of 

UV254 absorbance tracked those of iron and lead closely. This is due largely to light 

scattering caused by colloid particles,162 but may also represent absorbing species 

including natural organic matter. Colloids in LSL effluent also contained copper (due to 

low levels in source water or the copper pipe in partial LSLs (Appendix C, Figure 55), 

manganese (present at low levels in source water), and aluminum (due to alum 

coagulation). These metals have also been reported to co-occur with lead in previous 

work.50,139,163,164 
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Figure 26 Fractograms representing 0.45 µm-filtered full LSL effluent, grouped by pipe 

loop material (PVC/cast iron), and inhibitor type (sodium silicate at 48 mg SiO2 /L or zinc 

orthophosphate at 1 mg PO4 3- /L). Each fractogram represents an average of 

duplicates. 
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4.4.5 Scale morphology, structure, and elemental composition 

LSL corrosion scale formed in the presence of sodium silicate yielded an X-ray 

diffraction pattern dominated by hydrocerussite (Pb3(CO3)2(OH)2) (Figure 27a). Massicot 

(𝛽-PbO), litharge (𝛼-PbO), and metallic lead (Pb) were present as minor phases. 

Consistent with the diffraction data, corrosion scale in this system exhibited a platy 

crystalline morphology typical of hydrocerussite.62,86,91 Quartz (SiO2) was also identified 

by XRD, but crystalline lead silicate solids (e.g., PbSiO3) were not. These findings are 

consistent with model predictions that a lead carbonate phase will dominate under the 

experimental conditions, regardless of the influence of silicate.54,118 

In the presence of orthophosphate (with or without zinc), hyroxylpyromorphite 

(Pb5(PO4)3(OH)) was the dominant crystalline phase (Figure 27b-c). Accordingly, scale 

exposed to orthophosphate exhibited a clustered, needle-like morphology characteristic 

of hydroxylpyromorphite.91,92 Quartz, litharge, cerussite (PbCO3), and metallic lead were 

identified as minor phases by XRD. 

Sodium silicate did result in corrosion scale with greater silicon content (3.4 ± 0.1 % wt. 

by EDS) than orthophosphate (with or without zinc, Figure 28 and Appendix C, Figure 

56). Lead was also relatively abundant (16.3 ± 0.9 % wt. by EDS) in the silicate-treated 

system, while calcium, chlorine, iron, and manganese were more abundant in the 

presence of orthophosphate and zinc orthophosphate. These findings are consistent 

with the strong dispersive action of sodium silicate. That is, colloidal dispersion by 

sodium silicate may have prevented these elements from accumulating on the surface 

of lead pipes, resulting in higher levels of suspended colloidal metals in the water 

phase. 
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Figure 27 X-ray diffractograms (left), SEM micrographs (middle), and photographs 

(right) of corrosion scale representing full LSLs supplied by PVC and treated with (a) 

sodium silicate, (b) orthophosphate, or (c) zinc orthophosphate. 
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Figure 28 Elemental composition of LSL corrosion scale supplied by PVC, as 

determined by SEM-EDS. 

4.4.6 XPS analysis of LSL surface chemistry 

While silicate did not alter scale in any way that would clearly diminish lead release, the 

methods (XRD, SEM-EDS) provide information up to a depth of several micrometers.93–

95 However, a nanometer-thick silica coating has been proposed as a possible 

mechanism for corrosion control due to silicate in previous studies.23,24 Since such a 

coating would be difficult to detect via XRD and SEM-EDS,23 XPS was used to 

characterize the scale-water interface to a depth of several nanometers.23,120,121 

Sodium silicate did promote formation of a thin silicon-rich layer at the surface: the 

silicon/lead ratio of atomic percentages was 42.6, 0.6, and 3.3 in the silicate-, 

orthophosphate-, and zinc orthophosphate-treated systems according to the XPS 

survey scan. Consistent with SEM-EDS results (Figure 28b), silicon (Si 2p) was 

observed in all systems, due either to naturally-occurring and added silicate (Figure 

29d). The Pb 4f intensity was relatively low in the presence of sodium silicate (Figure 
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29a), and carbonate (~289 eV) was not detected at the scale surface. The C 1s peak 

occurred instead at 285.0 eV. This peak is attributable to adventitious carbon from air 

exposure and was used to calibrate the other binding energies (Figure 29b).98 As 

expected, phosphorus was not detected in scale exposed to added sodium silicate, 

whereas in the presence of orthophosphate it was relatively abundant (Figure 29c, P 2s). 

Given the complex environment at the scale-water interface, there are many possible 

sources of oxygen (e.g., metal oxides, hydroxides or carbonate). In the presence of 

sodium silicate, the peak of O 1s photoline occurred at 532.4 eV. Previous work 

suggests that O 1s due to metal oxides and hydroxides occurs between 530.9 and 

531.5 eV,165 while the non-bridging oxygen of silica compounds occurs at higher binding 

energies (e.g., O 1s due to SiO2: 533.1-533.3 eV).166,167 Thus, non-bridging oxygen 

(e.g., silica tetrahedra) appears to be relatively abundant in the sodium silicate treated 

system. In the presence of orthophosphate, the O 1s peak occurred at a lower binding 

energy (531.5 eV) (Figure 29, O1s), which may be due to the oxygen in phosphate and 

hydroxide from hydroxyprymorphite, reported elsewhere at ~531.3 eV.168 

Together, the identification of lead carbonate (hydrocerussite, by XRD) as the dominant 

phase, the weak lead (Pb 4f) signal, the weak carbonate signal (C 1s at 289 eV), the 

strong silica signal (Si 2p), and the high O 1s binding energy suggest that the (lead 

carbonate) surface was covered by a thin silicate-rich layer. This agrees with previous 

results,23 but no evidence was found that the nanometer-thick coating inhibited lead 

release, especially compared to orthophosphate treatment. 
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Figure 29 High-resolution XPS scans of the Pb 4f, C 1s, P 2s, Si 2p, and O 1s 

photolines. 
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4.5 Implications for corrosion control 

This study eliminated the effect of pH that has confounded several previous studies on 

silicate corrosion control. And while silicate treatment might have reduced lead release 

relative to an inhibitor-free system, it fared poorly against even a moderate dose of 

orthophosphate, providing relatively little protection against either uniform or galvanic 

corrosion. Nevertheless, the benefit of sodium silicate as a pH control additive may be 

important: at low-to-moderate DIC, an increase in pH predicts a significant decrease in 

lead carbonate solubility54 (Appendix C, Figure 57). 

It is also possible that this study was not long enough to capture the benefits of silicate 

treatment. Here, the model system was operated for ~500 days at a low-to-moderate 

silicate dose (12 or 24 mg SiO2/L) and ~90 days at a high dose (48 mg SiO2/L). This 

time frame may not capture slow processes that eventually exert significant effects. But 

if the time to achieve the benefits of silicate addition is long relative to orthophosphate, 

silicate treatment is inherently less useful. And regardless of the potential long-term 

benefits, the short-term impacts identified here need to be carefully evaluated when 

silicate treatment is initiated. 

Chief among them is the potential for sodium silicate to disperse metal-rich colloids. In 

this study, high levels of sodium silicate dispersed colloidal lead and iron, increasing the 

concentrations of these metals considerably. Dispersion may be especially important in 

LSLs supplied by iron distribution mains, and these LSLs are already at high risk for 

elevated lead release.46,159 Moreover, point-of-use filters may be poorly suited to 

removing highly dispersed colloidal lead, although this might be less of an issue in 

systems with high hardness.169 

4.6 Conclusions 

Despite decades of use, significant knowledge gaps concerning sodium silicates 

remain, especially in the context of corrosion control. Sodium silicate was compared 

with orthophosphate at a constant pH, and our results suggest the following: 
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1. Relative to orthophosphate, sodium silicate did not control lead release due to 

either uniform (full LSL) or galvanic (partial LSL) corrosion. Hydrocerussite—a lead 

carbonate—dominated corrosion scale in the presence of sodium silicate, although 

a thin (~nm) silicon-rich coating did occur at the scale-water interface. 

2. Sodium silicate dispersed colloidal iron and lead, highlighting a significant risk when 

silicate is used as a drinking water additive. Water systems with unlined iron or lead 

pipe should exercise particular care in dosing sodium silicate. 

3. Corrosion inhibition due to direct lead-silicate interactions appears unlikely. But 

investigating the impact of silicate on recovered lead pipes with a complex, multi-

layered corrosion scale may still be valuable. Future work should focus on silicate-

based diffusion barriers that might form due to interaction with non-lead species 

(e.g., aluminosilicate, quartz, and other silicate minerals). 
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5 Chapter 5 Understanding the dispersing impact of sodium 

silicate on water quality and iron oxide particles 

This chapter reproduced from Li, B., Trueman, B. F., Rahman, M. S., Gao, Y., Park, Y., 

& Gagnon, G. A. (2019). Understanding the impacts of sodium silicate on water quality 

and iron oxide particles. Environmental Science: Water Research & Technology, 5(8), 

1360-1370. (20th reference) with permission from the Royal Society of Chemistry. 

https://doi.org/10.1039/C9EW00257J 

Copyright is The Royal Society of Chemistry 2019. Further permissions related to the 

excerpted material should be directed to the Royal Society of Chemistry. 

 

Figure 30 Artwork of effect of sodium silicate dosage on the colour, turbidity and iron 

particle size. 

5.1 Abstract 

Colloidal iron is strongly correlated with lead release in drinking water distribution 

system. Maintaining drinking water quality during distribution requires a range of tools to 

ensure chemical stability at the tap. Coloured water caused by iron release is a primary 

concern, and sodium silicates have been reported to reduce colour from iron. However, 

the impacts of water quality and the interactions between sodium silicate and iron 

oxides are not well characterized in this context. A better understanding about impact of 

sodium silicate on iron particles would also be helpful to avoid potential colloidal iron 

and lead release when sodium silicate is used as an sequestrant. Here, a bench-scale 

https://doi.org/10.1039/C9EW00257J
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factorial experiment (24) was used to evaluate the effect of sodium silicate on colour and 

turbidity with pH, humic acid, free chlorine, and sodium silicate as independent 

variables. Sodium silicate reduced colour and turbidity due to particulate iron by 113.3 

Pt-Co and 4.0 NTU, respectively. Sodium silicate reduced the size of iron particles, as 

determined by dynamic light scattering and laser diffraction, and increased the apparent 

density, as assessed by electron microscopy. XRD and XPS data were consistent with 

increased amorphous and oxyhydroxide content in iron precipitates exposed to sodium 

silicate. Silicate also inhibited the adsorption of humic acid onto model iron oxides due 

to electrostatic repulsion: the zeta (ζ-) potentials of iron oxides in silicate-treated 

systems were substantially more negative. 

5.2 Introduction 

Previous chapters have indicated the dispersion of colloidal metals (e.g., iron and lead) 

in batch and pilot-scale experiments. Chapter 4 revealed the iron release considerably 

increased the lead release, along with the increased dosage of sodium silicate. Here, a 

better understanding of dispersion of iron oxide particles by sodium silicate would be 

helpful to prevent the potential colloidal iron and lead release when the silicate 

treatment is initiated. 

“Red water” is a frequent consumer complaint received by water utilities.170 Red water is 

caused by corrosion of iron pipes: soluble ferrous iron Fe (II) released due to corrosion 

is oxidized by dissolved oxygen and chlorine to ferric iron, forming insoluble iron 

oxides.171,172 Phosphates (e.g., orthophosphate, hexametaphosphate, and their blends) 

are commonly used to sequester iron and control corrosion in drinking water 

systems,36,58 but polyphosphate (e.g., hexametaphosphate) increases lead 

solubility.36,58 This is a public health concern, as lead is strongly linked with cognitive 

deficits in children and cardiovascular disease mortality.3,173 Phosphate is also a key 

nutrient for microorganisms and increases biomass regrowth at levels as low as 0.001 

mg P/L174 to 0.03 mg P/L.175 Biomass regrowth is linked with taste and odor problems 

and increased risk of gastrointestinal illness.176–178 
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Sodium silicate is an alternative iron sequestrant132,169,179 that does not increase lead 

solubility or biomass regrowth.10,15,16,180 Early research supported its use for this 

purpose: Dart and Foley179 suggested that silicate and ferric iron form a stable iron-silica 

complex, preventing aggregation of ferric iron; Browman et al. 39 proposed a mechanism 

involving formation of a colloidal or high molecular weight polymeric ferric iron phase; 

Robinson et al. 19 investigated five water facilities using sodium silicate and determined 

that the iron:silicate ratio is important for successful sequestration. The formation of 

particulate iron is also influenced by pH, chlorine, and dissolved organic matter (DOM): 

pH exerts a strong influence on the oxidation of ferrous iron,181 chlorine reacts rapidly 

with ferrous iron in distribution systems,182,183 and DOM from natural waters is 

correlated with both the oxidation rate of ferrous iron and the formation of colloidal Fe-

DOM particles.184,185 These factors affect the aesthetics of drinking water by altering the 

structural properties of iron oxide particles. However, the interactions between sodium 

silicate and iron oxides—and the influences of water quality—are not well characterized 

in this context. 

The objectives of this study were (1) to evaluate the effect of sodium silicate—along 

with pH, free chlorine, and DOM— on aesthetic water quality in terms of colour 

(apparent colour) and turbidity, (2) to characterize the structural properties of iron oxides 

formed in a silicate-treated system, and (3) to investigate the effect of sodium silicate on 

the interaction between iron oxides and DOM. The findings will inform silicate use in 

water treatment applications and improve our understanding of iron oxide-DOM 

interactions. 

5.3 Materials and methods 

5.3.1 Bench-scale assessment of water quality parameters impacting iron-oxides 

Sodium silicate-iron interactions were evaluated using a full factorial (24) design. The 

four independent variables (factors) were set at the following levels: sodium silicate at 0 

and 100 mg as Na2SiO3 /L, chlorine at 0 and 2.5 mg/L, pH at 6.5 and 8.5, and DOM at 0 

and 1.5 mg as TOC/L. A standard jar test was used to ensure mixing of chemical 

additives; tests were conducted in 1000 ml glass beaker mixed with magnetic stir bars. 
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A pH electrode, thermometer, and dissolved oxygen electrode were placed in the 

solution during the experiment. 1L of ultrapure water was added to each jar, and water 

quality was adjusted. NaHCO3 was added to set dissolved inorganic carbon (DIC) at 5 

mg C/L.171,182 In the absence and the presence of chlorine, DOM and sodium silicate, 

the solution pH was adjusted to the target pH (6.5 or 8.5) using HCl (0.1 N/1N) and 

NaOH (0.1N) before adding ferrous iron. Water temperature was 21±1°C. Dissolved 

oxygen remained at approximately 8.5 mg/L during each test. FeSO4·7H2O was added 

to the solution to achieve a target concentration of 6 mg Fe(II)/L.182 Samples were 

collected from each jar after 3.5 hours of reaction for analysis. The final pH was 6.12 ± 

0.27 (mean ± SD, initial pH 6.5) and 7.44 ± 0.09 (initial pH 8.5), respectively (Appendix 

D, Figure 58). 

Sodium silicate (Na2SiO3), goethite (α-FeOOH), magnetite (Fe3O4), and humic acid—as 

a model for DOM—were obtained from Sigma Corp., USA. Ferrous sulfate heptahydrate 

(FeSO4·7H2O), sodium hydroxide (NaOH), hydrochloric acid (HCl), sodium hypochlorite 

(NaOCl), sodium chloride (NaCl) were obtained from Fisher Scientific, USA. Solutions 

and test waters were prepared using ultrapure water. 

5.3.2 Iron oxide-DOM experiment 

Iron oxide-DOM interactions were evaluated with sodium silicate in 250 ml conical flasks 

placed on a shaker table. The concentrations of goethite and magnetite were set at 0.3 

g/L; these compounds were chosen to represent the major iron oxides in iron pipe 

corrosion scale.186,187 A 150 mL DOM solution (3 mg TOC/L) was adjusted to 0.01 M 

ionic strength by NaCl and to pH 6.5 using HCl and NaOH. Sodium silicate was dosed 

in the range 0-90 mg/L. The mixed suspension was sonicated for 5 minutes to disperse 

the iron oxides and then shaken at 175 rpm at 21±1°C for 5 days to reach 

equilibrium.186 Suspensions were then centrifuged for 15 min at 3000 rpm, and the 

supernatants were filtered using 0.45 µm cellulose nitrate membranes. 

5.3.3 On-site analytical methods 

Water temperature and pH were measured using an Accument XL50 meter (Fisher 

Scientific, USA). Dissolved oxygen was measured with a dissolved oxygen meter 
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(Thermo Orion, UK). Colour in this study was measured as apparent colour using the 

platinum-cobalt standard method and a DR 5000 UV-visible spectrophotometer (Hach, 

Loveland, Colorado). Turbidity was measured using a 2100AN turbidimeter (Hach, 

Loveland, Colorado). 

5.3.4 Transmission electron microscope (TEM) 

A transmission electron microscope (FEI Tecnai-12) with a MegaView II camera and 

AnalySIS software was used to capture images of iron particles. A 10 mL aliquot of 

aqueous suspension was vortexed for 1 min, and a droplet was evaporated on carbon 

film. After 24 hours the sample was placed in a holder and loaded into the instrument 

under vacuum for imaging. 

5.3.5 Scanning Electron Microscopy - Energy Dispersive X-Ray Spectroscopy 

(SEM-EDS) 

A Hitachi S-4700 scanning electron microscope was used for imaging and elemental 

analysis. A 250 mL aliquot of aqueous suspension was filtered through pre-conditioned 

0.45 μm cellulose nitrate membranes; each membrane was then dried and coated in 

gold film (20 nm thickness). Samples were placed in a holder and loaded into the 

instrument for imaging. 

5.3.6 X-ray powder diffraction (XRD) 

A 50 mL aliquot of aqueous suspension was centrifuged for 5 min, and the pellet was 

dried in air for analysis. A Rigaku Ultima IV X-ray Diffractometer (XRD) with a copper Kα 

source coupled with a monochromator was used to identify crystalline phases. The X-

ray tube was operated at 45 kV and 40 mA; samples were scanned from 10° to 80°/90° 

(2-theta) with a step size of 0.05° and a scan speed of 10 degree/min. 

5.3.7 X-ray photoelectron spectroscopy (XPS) 

A 50 mL aliquot of aqueous suspension was centrifuged for 5 min, and the pellet was 

evaporated on tin foil for analysis. A Thermo VG Scientific Multilab 2000 was used to 

examine the chemical states of elements. Measurements were performed using an 
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aluminum X-ray source (1486.6 eV) under high vacuum: 1 × 10-9 < P < 1 × 10-8 torr. 

The wide pressure range was due to degassing of the samples. Photoelectrons were 

analyzed using a CLAM4 Hemispherical Analyzer (r = 150mm) with a multichannel 

detector. High-resolution scans were made with a pass energy of 30 eV and an energy 

step of 0.1 eV. 

5.3.8 Particle size distribution and Zeta potential 

Particle size distributions were measured by dynamic light scattering (DLS) and laser 

diffraction using a Malvern Mastersizer 3000 and a Zetasizer-Nano-ZS (Malvern 

Instruments, Worcestershire, UK). Zeta potential was measured according to the 

electrophoretic light scattering method.110,188 

5.3.9 SEC-HPLC 

Size exclusion chromatography (SEC, Perkin-Elmer Series 200) with UV/Vis detection 

was used to determine the molecular weight (MW) distribution of DOM. Aqueous 

samples were filtered through pre-conditioned 0.45 μm cellulose nitrate membranes and 

collected headspace-free in pre-cleaned and baked 2 mL glass vials (100°C for 24 

hours). Analysis was performed with a TSK G30000SW column (7.5 mm × 300 mm) 

and a TSKgel SW guard column (7.5 mm × 70 mm) connected to a Perkin Elmer Series 

200 autosampler and Perkin UV/Vis detector. Sample absorbance was monitored at 

254 nm with an injection volume of 100 μL, a flow rate of 0.7 mL/min, a 30-minute run 

time, and a mobile phase of 0.02M ammonium acetate. 

5.3.10 Data analysis 

Data were analyzed using R-studio (version 3.4.1).189 The statistical analysis included 

graphical representation, Pearson’s correlation coefficients, F-tests and an analysis of 

variance at the 95% confidence level. Effect sizes of experimental factors were 

calculated as described by Mac Berthouex and Brown.190 
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5.4 Results and discussion 

5.4.1 Effect of sodium silicate on colour and turbidity 

Addition of sodium silicate (100 mg Na2SiO3/L) reduced colour and turbidity by 113.3 Pt-

Co (95% CI: -125.0 to -101.7) and 4.0 NTU (95% CI: -4.8 to -3.1), respectively (Figure 

31; Appendix D, Figure 59; n = 4 replicates per treatment). These effects were 

dominant: they exceeded the effects of pH (-42.3 Pt-Co and 1.0 NTU), DOM (26.7 Pt-

Co and -1.3 NTU), and free chlorine (-35 Pt-Co and -1.0 NTU). Sodium silicate 

moderated the effect of pH, as estimated by the interaction between the two factors (-

23.0 Pt-Co and -1.65 NTU). That is, the increase in colour and turbidity at high pH was 

less pronounced in the presence of sodium silicate than would be expected based on 

the effect of each factor considered on its own. The interactions between silicate and 

free chlorine (54.9 Pt-Co and 3.7 NTU) were opposite in sign to the main effects, 

suggesting competitive interaction between these two factors. The same can be said of 

silicate and DOM with respect to turbidity but not colour: the decrease in turbidity due to 

silicate was diminished in the presence of DOM by 2.62 NTU (the interaction effect). 

The main effects of DOM and silicate on turbidity are probably due to adsorption of 

these species to the surface of iron oxide particles, limiting aggregation due to 

electrostatic and steric effects.191,192 The interaction term might be explained by 

competitive adsorption: the effects are not additive because adsorption sites were 

limited. The main effect of silicate on colour (-113.3 Pt-Co) is probably also due to a 

reduction of iron particle size by silicate, while DOM represents a source of colour (30 

Pt-Co on its own). Again, due to competitive adsorption, a higher concentration of DOM 

in the water phase was expected, but not confirmed, in the presence of silicate; this may 

explain the positive interaction (37.3 Pt-Co) between the two factors. Previous 

studies135,136 have indicated that sodium silicate decreases the oxidation of ferrous iron, 

which would also result in less colour and turbidity, at least initially. Residual ferrous iron 

was observed at pH 6.5, but not at 8.5 (Appendix D, Figure 58). Given that the effects of 

sodium silicate on colour and turbidity were comparable when computed for the full 

dataset and at pH 8.5 alone, the physical nature of ferric iron precipitates appears to be 

the dominant mechanism. 
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Figure 31 Estimated effects of sodium silicate, pH, free chlorine, and DOM on (a) colour 

and (b) turbidity in the full (24) design and at pH= 8.5 alone (i.e., no residual ferrous 

iron). Points indicate effect sizes and error bars span the 95% confidence intervals. 

An extended study was conducted to evaluate the effect of sodium silicate dose (0-100 

mg/L) on colour and turbidity in a NaHCO3-buffered pure water system (Figure 32). 

Sodium silicate concentration was negatively correlated with colour (R2 =0.988; 

p<0.0001; α=0.05) and turbidity (R2 = 0.826; p <0.01; α=0.05), but at 20 mg/L, sodium 
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silicate increased turbidity. This result highlights a previous finding: the ratio between 

sodium silicate and iron concentration is critical for a successful sequestration.19 Given 

the results of the factorial experiment, the primary explanatory mechanism for these 

trends appears to be particle characteristics. However, residual ferrous iron was slightly 

higher at 100 mg/L silicate compared with the control system (1.39 ± 0.1 mg/L vs. 1.7± 

0.6 mg/L), and slowed ferrous iron oxidation due to silicate may also be important at pH 

6.5. 
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Figure 32 Effect of sodium silicate at doses of 0-100 mg/L on (a) colour and (b) turbidity 

in a NaHCO3-buffered (5 mg C/L) pure water system at 21±1°C and pH 6.5. Dashed 

lines denote the 95% confidence interval on the fitted values. 

5.4.2 Effect of sodium silicate on particle sizes, light-scattering and absorbance 

Using dynamic light-scattering, the particle size distribution of colloidal iron was 

measured in the control system and in the presence of additives. Free chlorine (2.5 

mg/L), DOM (1.5 mg TOC/L), and sodium silicate (0-100 mg/L) reduced median iron 
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particle size to 14.5 µm, 1.7 µm, and as low as 141 nm, respectively (Figure 33). 

Median particle size in the control system was estimated at 31.1 µm. The effect of DOM 

on particle size accords with previous work;193 DOM enhances the stability (i.e., limits 

the aggregation) of iron oxide particles by increasing the negative surface charge.192 

The dose-dependent effect of sodium silicate in reducing particle size is also consistent 

with previous work: Rushing et al. 194 used membrane filtration to measure dissolved 

iron at 0-50 mg SiO2/L, observing dispersed colloidal iron oxide particles in the presence 

of SiO2. 

 

Figure 33 Particle size distribution of iron particles suspended in a NaHCO3-buffered 

synthetic water system at pH 6.5 and 21±1°C. 

In this study, the light scattering of particles across the measured size distribution can 

be explained by a combination of Mie and Rayleigh theory.162 The turbidimeter used 

here measures the intensity of scattered light at 90° between λ= 400 nm and 900 nm.195 

The observed median particle size ranged from 31.1 µm to 141 nm. However, the wide 

particle size distribution and the limitations of DLS196 and laser diffraction methods may 

lead to an underestimate of the percentage of small particles. Here, Rayleigh theory is 

applicable to the particle sizes observed at high sodium silicate doses (e.g., ~100 

mg/L).162 Under these conditions, light scattering would decrease with a decrease in 
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particle size, resulting in a decrease in turbidity. This explains the significant decrease in 

turbidity at relatively high silicate doses of 80-100 mg/L as shown in Figure 32. At 

medium and low doses (e.g., 20 mg/L), Mie theory is more applicable to explain 

variation in turbidity caused by sub-micrometer and micrometer particles: in this size 

range, smaller particles scatter more light, although the relationship is non-linear and 

non-monotonic.162 Mie theory may explain the variation in turbidity at lower doses of 

sodium silicate: an increase was observed in turbidity and a decrease in particle size at 

20 mg/L compared with the control (Figure 32). However, the relationship between 

sodium silicate and turbidity is probably complex, depending on particle number, 

morphology, fractal dimension, and polydispersity as well as size.197,198 An increasing 

polydispersity was observed with increasing median particle size (Figure 33) and 

significant differences in morphology across treatments that complicate the application 

of scattering theory; in practice, the effect of sodium silicate on colour and turbidity due 

to iron should be evaluated on a case-by-case basis. 

Apparent colour, determined by absorbance at 455 nm, decreased in the presence of 

sodium silicate (Figure 34) while ultraviolet absorbance increased. This may be due in 

part to morphology: for example, ferrihydrite, a possible oxidation product in the 

presence of sodium silicate, does not exhibit pronounced absorption lines in the visible 

range, while crystalline hematite does.199 Scattering effects may be important, but the 

differences in particle size between the silicate and control systems complicate 

interpretation. Size-dependent changes in the optical band gap200 and morphology-

dependent changes (e.g., effective density201) in refractive index may also influence 

measured colour. 
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Figure 34 UV-Vis absorbance spectrum for Na2SiO3 (100 mg/L), an iron oxide 

suspension [6 mg Fe(III) /L], and an iron oxide suspension with added Na2SiO3 at pH 

8.5 and 21±1°C. 

5.4.3 Morphology changes and element analysis of iron oxide particles 

Sodium silicate altered the morphology and elemental composition of iron oxide 

particles, as characterized by TEM, SEM-EDS, XRD, and XPS. Iron oxide particles 

formed in the control system appeared in TEM micrographs as dense masses with 

needlelike, poorly crystalline morphology (Figure 35). In the presence of sodium silicate, 

a clear change of shape to aggregates of spherical units was observed. This structure is 

consistent with observations from previous studies on SiO2-coated iron 

nanoparticles.202,203 In the presence of DOM and free chlorine (this study), a diffuse, 

distributed morphology was apparent. This finding is consistent with previous work 

examining the influence of DOM on the formation of particulate iron.182,204 In a similar 

system, dense and opaque diffusely distributed nanoparticles were observed in the 

presence of DOM.182 This may be due to complexation between carboxyl groups and 

metal oxide surfaces altering the surface charge, resulting in a highly stable 

colloid.182,205 Addition of sodium silicate to the Fe-DOM-Cl2 system yielded a 
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morphology similar to that of the Fe-Si system, with aggregates of spherical units 

apparent. 

 

Figure 35 TEM micrographs of iron particles formed in a NaHCO3-buffered pure water 

system at pH 6.5 and temperature 21±1°C: (a) the control system (Fe), (b) Na2SiO3 (60 

mg/L) (Fe-Si), (c) DOM (3 mg TOC/L) and chlorine (2.5 mg/L) (Fe-DOM-Cl2), (d) DOM, 

chlorine and Na2SiO3 (60 mg/L) (Fe-DOM-Cl2-Si). 

Consistent with TEM data, needlelike iron oxide particles were observed in the control 

and Fe-DOM-Cl2 systems by SEM (Appendix D, Figure 60). In the presence of sodium 

silicate, small spherical particles with low apparent crystallinity were present in place of 

the needlelike particles; this is also consistent with TEM results. As expected, carbon, 

oxygen and iron were the most abundant elements as determined by SEM-EDS; these 

are typically the most abundant elements identified in cast iron pipe corrosion 

scales29,186 (Table 3). In the presence of DOM and chlorine, the weight percentage of 

carbon (35.13%) was higher than that in the control system (18.75 %); this difference 

suggests the adsorption of DOM to iron oxide particles.185,192 Aluminum (0.54 %) was 

also observed in these samples, likely originating from DOM as reported 

elsewhere.206,207 Silicon was observed in the Fe-Si and Fe-DOM-Cl2-Si systems at 5.06 

% and 2.35 %, suggesting bond formation with iron oxides in these two systems. 
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Table 3 Elemental analysis (weight percentage %) by SEM-EDS 

Element Fe(II) Fe(II)+Na2SiO3 Fe(II)+DOM+Cl2 Fe(II)+DOM+Cl2+Na2SiO3 

Si ND 5.06 0.39 2.35 

C 18.75 16.97 35.13 37.16 

O 42.18 39.45 29.22 32.75 

Fe 40.85 36.74 33.88 25.04 

Al ND ND 0.54 0.6 

Cl ND ND 0.87 1.26 

Na ND ND ND 0.86 

The morphology changes in iron particles accorded with the results of XRD analysis 

(Appendix D, Figure 61): sodium silicate increased the X-ray amorphous content of iron 

oxides.208 The control sample yielded an XRD trace with a low signal-to-noise ratio 

diffractogram—consistent with a large amorphous fraction—but the single identifiable 

peak did correspond to the principal peak in the lepidocrocite standard (γ-FeOOH). In 

the presence of sodium silicate, no peaks were identifiable; iron oxides were completely 

X-ray amorphous, although 2-line ferrihydrite is usually prepared by rapid oxidation of a 

Fe (II) solution209–212 and was likely present here. 

Similar trends have been reported elsewhere,213 suggesting that silicate species inhibit 

the crystallization of iron oxides.214,215 Specifically, silicate has been shown to inhibit 

lepidocrocite formation,216 resulting in a higher amorphous ferrihydrite content and 

formation of silicate-ferrihydrite species.135,136 Iron oxyhydroxide phases form due to 

dissolution of ferrihydrite followed by nucleation and crystal growth.217,218 Sodium 

silicate inhibits the nucleation step, a precursor to lepidocrocite and goethite 

formation.219 Zhao et al. 211 showed that silicate occupies the coordination unsaturated 

sites of iron ions on the surface of iron particles, blocking most of the crystal growth 

sites. 

Sodium silicate appeared to alter the phase composition of iron oxide particles, as 

determined by high resolution XPS scans of the Fe 2p
3/2, O 1s and C 1s spectral regions 

(Figure 36). The binding energies of characteristic photoelectrons provide information 

on the chemical states of specific elements.220 Previous studies have shown that iron 

oxide particles in aquatic samples are composed of lepidocrocite (ϒ-FeOOH), goethite 

(α-FeOOH), siderite (FeCO3), magnetite (Fe3O4), hematite (Fe2O3) and 
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ferrihydrite.170,182,194,214,217 Consistent with this work, our data suggest the occurrence of 

a mixture of iron oxides and oxyhydroxides. Fe 2p
3/2 peaks were observed at 711.4 eV-

711.9 eV, and iron oxides generally yield Fe 2p
3/2 binding energies between 710.4 and 

711.6 eV (Fe2O3: 710.40-711.60 eV; Fe3O4: 710.40- 711.40 eV).221–225 Oxyhydroxides 

(FeOOH) yield energies between 711.0-711.9 eV.225,226 

 

Figure 36 High resolution XPS scans of (a) Fe 2p, (b) O 1s, and (c) C1s in control (Fe) 

and Fe - Na2SiO3 (Na2SiO3 60 mg/L) systems. 

In the presence of sodium silicate, the Fe 2p
3/2 peak increased from 711.4 to 711.9 eV, 

which may be explained by an increasing representation of hydroxyl groups in the 

samples. This interpretation is supported by a shift in the O 1s peak, from 530.2 eV with 

a prominent, higher energy shoulder in the control system to 531.1 eV in the present of 

sodium silicate. This finding is consistent with an increasing fraction of Fe-O-H bonds 

(531.1 eV) and a decreasing fraction of Fe-O bonds (530.0 eV).227,228 Hence, sodium 

silicate may prevent the transformation of iron oxides from the internal dehydration and 

rearrangement of either ferrihydrite214,222 or iron oxyhydroxide (e.g., lepidocrocite and 

goethite).212,214 

In addition to iron (oxyhydr)oxides, siderite (FeCO3)187 may have occurred in our study 

as a minor phase, as indicated by a secondary C1s peak at 289.3 eV (289.4 eV in 
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Heuer and Stubbins’ study).229 The primary C1s peak (adventitious carbon at 285.0 eV) 

was ascribed to carbon contamination during air exposure, as described elsewhere.98 

5.4.4 Interactions among sodium silicate, DOM and iron oxides 

The affinity of DOM for iron oxide and other mineral surfaces185,193,230,231 has important 

implications for contaminant mobility in drinking water systems. Understanding the 

effect of sodium silicate on the interaction between iron oxides and DOM is important 

because DOM-coated iron oxide particles have been linked with transport of both 

organic and inorganic contaminants.46,232–234 In this study, goethite (α-FeOOH) and 

magnetite (Fe3O4) were used to represent the corrosion scales of iron pipes that are 

released to water as iron oxide particles; goethite and magnetite are typically identified 

as major compounds in iron corrosion scale.29,170 

Size exclusion chromatography (SEC) has been applied previously to characterize the 

molecular weight distribution (MW) of DOM.235,236 Here, SEC was used to generate MW 

distributions for the residual DOM after reaction with goethite or magnetite (Appendix D, 

Figure 62). Increasing sodium silicate concentration within the range 0 - 90 mg/L 

reduced partitioning of DOM to the iron oxide surface, as indicated by the change in UV 

absorbance in the water phase (Figure 37). This approach does not capture DOM that 

absorbs poorly in the UV range, but previous studies186,237 have indicated that aromatic 

and hydrophobic DOM is preferentially absorbed by iron oxides. Our analysis captures 

changes in highly adsorbable aromatic DOM due to silicate. 
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Figure 37 UV response of residual dissolved organic matter (DOM) in presence of 0.3 

g/L of goethite or magnetite at pH 6.5 temperature 21±1°C. Dashed lines represent 95% 

confidence intervals on the fitted values. 

The UV absorbance of residual DOM exhibited a linear dependence on sodium silicate 

dose. The MW distribution of DOM is an important factor in DOM adsorption to soil 

minerals238,239 and Rahman and Gagnon186 found that higher MW factions adsorbed 

preferentially to goethite and magnetite. Here, the weight-average MW (Appendix D, 

Figure 63) did not change significantly with sodium silicate dose in the range 0-90 mg/L. 

Weight-average MWs were 9416 – 10737 Da in the presence of goethite (p = 0.95; F-

test on the compound-specific linear regression of weight-average MW on silicate dose) 

and 8918 – 9686 Da in the presence of magnetite (p = 0.49). That is, inhibition of solid 

phase partitioning by sodium silicate was independent of MW of DOM. 

5.4.5 Zeta (ζ-) potential 

Sodium silicate decreased the ζ- potential of model iron minerals ((Appendix D, Figure 

64). In the goethite and magnetite control systems, solution pH values at the point of 

zero charge (pHpzc) were approximately 8.5 and 7.2, respectively. These are similar to 

previously reported values.240,241 In the presence of sodium silicate (20 mg/L), the 

pHpzc shifted to lower pH: 7.8 and 6.5 in the goethite and magnetite systems, 
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respectively. This trend is consistent with studies on the surface charge of magnetite in 

a solution of sodium silicate (1 mM)242 and on the ζ- potential of goethite exposed to 

0.1mM - 1.0 mM silicic acid.243 This also explains the inhibiting effect of silicate on the 

adsorption of DOM to magnetite and goethite. Moreover, Alexandrino et al.244 indicated 

that the sodium silicate increases the degree of dispersion and ζ- potential of hematite. 

Kinsela et al. 135 also observed the greater negative surface charge on lepidocrocite and 

silicate-ferrihydrite by adding sodium silicate. The higher negative surface charge 

imparted by sodium silicate explains our observation of colloidal particulate iron oxides 

at the highest silicate concentration (100 mg/L, Figure 33). 

5.5 Conclusions 

Compared with polyphosphates, sodium silicate has received little attention as a 

potential iron sequestrant. However, sodium silicates offer potential benefits in that they 

avoid the risks of polyphosphates: increased lead solubility and biofilm regrowth. Here, 

sodium silicate effectively reduced the colour and turbidity of iron oxide suspensions. 

Previous studies have indicated that sodium silicate inhibits the oxidation of ferrous iron, 

particular at relatively low pH: outer-sphere complexation of ferrous iron to silicate-

ferrihydrite may retard the electron transfer rate compared with inner-sphere 

complexation to lepidocrocite. This may reduce color and turbidity in the short term. In 

the longer term, assuming complete oxidation of ferrous iron, the morphology, structure, 

and size of iron (oxyhydr)oxides and related compounds (e.g., silicate-ferrihydrite) has a 

greater influence on sequestration. TEM, SEM-EDS and XRD showed that iron oxides 

exhibited a poorly crystalline morphology and that sodium silicate altered this 

morphology by promoting formation of aggregates with spherical units. Sodium silicate 

also appeared to inhibit crystallization of iron (oxyhydr)oxides, resulting in X-ray 

amorphous precipitates with a higher hydroxyl group content. At the maximum sodium 

silicate dose, colloidal iron approached the nanoparticulate size range (1 - 100 nm); this 

was explained by the more negative surface charge of iron oxide in the presence of 

sodium silicate. The change in surface charge also explains the inhibition of DOM 

adsorption to magnetite and goethite, with potential implications for contaminant 

transport (e.g., microorganisms and heavy metals) in water distribution systems. 
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This is a preliminary study to investigate the effect of sodium silicate on sequestration 

and water quality. Besides those investigated here, other factors may also affect the 

application of sodium silicate. For example, according to the Schulze-Hardy rule, 

cations from water hardness may have an adverse effect on sequestration, inhibiting 

colloidal dispersion and increasing the sodium silicate requirement. DIC concentration 

may also affect the oxidation of ferrous iron. In engineering applications, bench-scale 

and field tests would be required to ensure successful sequestration without adverse 

consequences, such as precipitation and clogging or heavy metal mobilization. Further 

study is needed to the fully understand these factors and potential drawbacks. 

In drinking distribution systems, the elevated colloidal iron release from sequestration by 

sodium silicate would elevate the lead release. The potential drawbacks of sodium 

silicate sequestration on other colloidal metals (e.g., lead) needs to be carefully 

evaluated when the silicate treatment is initiated. 
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6 Chapter 6 Conclusions and recommendations 

6.1 Conclusions 

This work investigated the effectiveness and impacts of sodium silicate on lead control 

and colloid size distributions. 

A brief summary of key findings as follows: 

a) Given that silicate-based inhibitors had a minimal impact on lead release control in 

drinking water—especially compared with the widely used orthophosphate-based 

inhibitors—elevated pH level appears to be the primary mechanism by which 

sodium silicate controls lead release. This was demonstrated in Chapters 2, 3 and 

4. This work highlights the constraints on the conditions under which sodium 

silicate might be effective. Silicate-based inhibitors do not work in any way that is 

analogous to orthophosphate. If it works at all, it probably requires the rich 

aluminum or other metals of corroded lead pipes as described by Mishrra et al. 129. 

But, this study revealed that having aluminum in the water is not sufficient, because 

the pilot-scale distribution system (Chapter 4) using real treated surface water (i.e., 

contains aluminum) did not show this mechanism. 

b) Direct interaction between sodium silicate and lead appears unlikely. No passive 

corrosion scales (e.g., PbSiO3) were observed in silicate-treated corrosion cells 

(Chapter 2), CSTRs (Chapter 3), and the pilot-scale distribution model (Chapter 4). 

Lead carbonates (e.g., cerussite or hydrocerussite) were the major corrosion scales 

of lead coupons and lead pipes treated in silicate-treated systems, which controls 

the chemical equilibrium of lead in water. 

c) Silicate was adsorbed to the lead coupons in corrosion cells (Chapter 2) and lead 

carbonate solids in CSTRs (Chapter 3). This might work for the lead release 

mitigation at high pH (pH 9) and high DIC (50 mg C/L), but this finding was not 

confirmed by the corrosion cell experiment. A nanometer-thick coating was 

observed in the pilot-scale distribution system (Chapter 4), but the coating did not 
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maintain the lead concentration at an acceptable level and protect against galvanic 

corrosion. 

d) Disperse property of sodium silicate resulted in the elevated colloidal lead and iron 

concentration at specific water quality conditions (e.g., overdose or certain pH and 

DIC level). As a sequestrant, sodium silicate contributed more negative surface 

charge (i.e., zeta potential). In the pilot-scale model (Chapter 4), colloidal metals 

(e.g., iron and lead) were dispersed at the high silicate level, which in turn 

considerably increased the total lead. This was consistent with the observation of 

the high total lead release in corrosion cells (Chapter 3) and the more 

nanoparticulate iron in the sequestration tests (Chapter 5). This finding represents 

a novel contribution that has not been demonstrated in the peer-reviewed literature 

to date. 

6.2 Recommendations 

First of all, despite decades of use, significant knowledge gaps concerning the role of 

sodium silicate remain in corrosion control of drinking water distribution systems. 

Previous studies often confounded with the increase in pH that accompanies with 

sodium silicate’s use. This study, however, clearly indicates the benefits of sodium 

silicate alone are relatively negligible, except for the elevated pH with its use. Until 

proven otherwise, silicate-based corrosion inhibitors should be viewed as pH 

adjustment chemicals, like sodium hydroxide. This means water utilities need to 

carefully monitor and adjust the pH in raw water and treated water. For example, if raw 

water pH became lower (i.e., more corrosive), the protection from sodium silicate would 

disappear in a lead-water-carbonate system. 

Secondly, the pH adjustment by sodium silicate may not be better than other pH 

adjustment methods due to its disperse property. In this study, the disperse property of 

sodium silicate for colloidal metals (e.g., iron and lead) has been observed. This 

indicates that the disperse property of sodium silicate could result in an extra colloidal 

lead and total lead release at the same pH level. A similar observation was reported in a 

pilot-study conducted by Aghasadeghi et al. 245. Concerns raised about the disperse 
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property of orthophosphate128 and polyphosphate in previous studies. Therefore, how to 

make a balance between chemical reagent dosage and the elevated disperse property 

(i.e., more negative zeta potentials) is a critical issue in corrosion control practices. 

Thirdly, the long-term impact of sodium silicate is still worth investigating, but the low 

efficiency of sodium silicate would limit its use. Natural silicate minerals (e.g., 

aluminosilicate, quartz, etc…) are frequently observed in lead corrosion scales,28,29 and 

a recent study using recovered lead pipe attributed declines in lead release with silicate 

addition to an aluminum-rich diffusion barrier.129 These benefits seem to require a long-

term silicate treatment to reach, especially compared with orthophosphate. For 

example, no evidence of silicate-related minerals (e.g.,aluminosilicate) and significant 

aluminum concentration (median in every pipe: 50 -166 µg/L) in the treated water of the 

pilot-scale model (Chapter 4) after ~600 days’ operation while the passive lead-

phosphate solids (i.e., hydroxylpyromorphite) formed in CSTRs (Chapter 3) within 40 

hours. If the time to achieve the benefits of sodium silicate is long, however, the 

treatment is inherently less useful. 

Fourth, in CSTRs, a decrease in lead release of lead carbonate at high pH and high 

DIC, but this finding was not confirmed by the corrosion cell experiment. It is possible 

that, at high pH and high DIC, the silicate adsorption may inhibit lead release (e.g., 

dissolution rate) in a dissolution rate (not equilibrium) control system. This will be a 

subject for future study. 

Fifth, official drinking water guidelines published by national departments and agencies 

(i.e., Health Canada and USEPA)9,26 regard sodium silicate as a legitimate lead control 

treatment. Unclarified mechanisms, however, in these documents may result in 

improper use. It is true that these documents pointed out the limited data, applications, 

and studies are available. But, the description in these documents about the 

unapproved passive film or diffusion barriers may result in a misunderstanding about 

the function of sodium silicate. This study indicates the sodium silicate may only play 

the role as a pH adjustment reagent. The research and regulatory community need to 

think about whether the word “inhibitor” is properly used to describe silicate-related 

reagent in lead control. 
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Sixth, the uncertainty of using sodium silicate needs to be carefully evaluated. This 

study did not investigate the hypothesis of diffusion barrier formation in recovered lead 

pipes which are rich in non-lead species (e.g., aluminum) as described elsewhere.129 

Even if this hypothesis is true, the various properties of corrosion scales in different 

distribution systems would result in uncertainties of efficiency and effectiveness. For 

example, two recent studies using recovered lead pipes showed the discrepancy in 

silicate treatment. Aghasadeghi et al. 245 found silicate treatment made lead control 

worse while Mishrra et al. 129 indicated silicate treatment was somewhat effective. 

Finally, many current peer-reviewed papers cited the studies of iron corrosion control 

using sodium silicate. This may be due in part to the limited studies of lead corrosion 

control using sodium silicate. However, differences in chemical properties between iron 

and lead systems are considerable. Future work should include a comprehensive 

literature review of silicate’s use in drinking water treatment and distribution. Such a 

review must carefully distinguish among the different metals in the distribution systems, 

and clearly differentiate the effect of pH and the protective film formation. 

Literature and this study are unanimous that silicates are not as good as 

orthophosphate for lead release control. We still need to look for an alternative inhibitor 

in the future lead corrosion control. 
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Appendix A: Supporting Data for Chapter 2 

 

Figure 38 Final pH, at stable-state, of electrolyte solution after 48 hours of (a) uniform or 

(b) galvanic corrosion. 

Factorial designs 

Factorial designs are widely used to study the synergies among factors when probing 

complex systems.56 This is useful in the present context: in lead corrosion studies, pH 

and DIC have important effects on the performance of corrosion inhibitors. For example, 

increasing DIC decreases lead solubility at circumneutral pH, but it has the opposite 

effect in the presence of orthophosphate.11 

Figure 39a illustrates the outcomes in a 2 × 2 factorial experiment fit to hypothetical 

control system data (no corrosion inhibitor). The main effect of DIC is equal to the 

difference in Pb concentration between the low (5 mg C/L) and high levels (50 mg C/L). 

The main effect of pH is equal to the difference between the dashed and solid lines (pH 

7 + 5 or 50 mg C/L). At pH 9.5 and DIC 50 mg C/L, the observed Pb concentration is 

higher than the sum of the main effects of pH and DIC; this is due to the (two-way) 

interaction between DIC and pH. 
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In the presence of an inhibitor (Figure 39b), the main effects of the inhibitor can be 

evaluated the same way. In an extended factorial design of 2 pH levels × 2 DIC levels × 

2 inhibitor levels (absence/presence) = 8 treatments, Pb concentrations can be used to 

investigate the three-way interaction (inhibitor-pH-DIC). 

Lead release under the conditions these experiments represent is estimated by adding 

the relevant main effects and interactions. For instance, lead release at pH 9 and DIC 5 

mg C/L in the presence of the inhibitor (Figure 39b) is the sum of three numbers: the 

main effects of the inhibitor, pH, and the inhibitor × pH interaction. In our study, effects 

were estimated after log transformation, so the re-transformed estimates are 

multiplicative. 0/1 coding was used for the model matrix so that all effects are calculated 

relative to a reference condition (here, the pH 7 + 5 mg C/L control). 

 

Figure 39 Conceptual diagram of the factorial design (artwork is not scientifically 

accurate). (a) Main effects of DIC and pH and the two-way interaction in the inhibitor-

free system. (b) Main effects of an inhibitor, pH and the two-way interaction; + indicates 

an increase in lead concentration; - indicates a decrease. 
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Experimental design for evaluating lead corrosion control 

Here, a factorial design was used to evaluate the effect of corrosion control on lead 

release (Figure 40). Treatments at two pH (7 and 9.5) and two DIC levels (5 and 50 mg 

C/L) were used to evaluate the main effects and interactions in the inhibitor-free control 

group (i.e., 0 mg P/L). These levels were selected based on a well-established solubility 

model incorporating cerussite, hydrocerussite, and hydroxylpyromorphite.54 In the 

presence of orthophosphate (2 mg P/L), the main effect of orthophosphate and the 

orthophosphate × DIC interaction can be evaluated by comparing lead release at pH 7 

with or without orthophosphate. The evaluation of high ratio silicate, metasilicate, and 

polyphosphate were evaluated following the same pattern. 

 

Figure 40 Solubility equilibrium of lead with cerussite, hydrocerussite, or 

hydroxylpyromorphite as a function of pH, dissolved inorganic carbon concentration (5 - 

50 mg C/L), and orthophosphate concentration (0 or 2 mg P/L). The pH settings used in 

this study (7 and 9.5) are indicated by vertical dotted lines. Thermodynamic data are 

due to Schock et al.54 and solubility calculations were made with tidyphreeqc.109 
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Figure 41(a) Geometric mean dissolved lead release (<0.45 µm) due to uniform (stable 

phase) and galvanic corrosion (initial phase) at two pH and DIC levels. Arrows indicate 

the increase in lead release due to coupling lead and copper. 
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Figure 42 Linear model coefficients estimate the ratio of geometric mean lead in each 

treatment group (e.g., pH, DIC, or orthophosphate) to that of the reference group (pH 7, 

DIC 5 mg C/L, no inhibitor) with uniform corrosion (stable phase) and galvanic corrosion 

(initial phase). Points represent coefficient magnitudes and error bars span the 95% 

confidence intervals; a ratio greater than 1 indicates an increase in mean lead release in 

the associated treatment group. 
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Figure 43 Particulate lead (>0.45 µm) as a percentage of total lead during the initial and 

stable galvanic phases of the experiment. 

 

Figure 44 Geometric mean of total and filtrate (<0.45 µm) copper after 48-hr stagnation 

during the stable phase. Error bars span one geometric standard deviation about the 

mean. 
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Figure 45 XPS survey of lead coupons at pH 7 and DIC 5 mg C/L. 
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Appendix B: Supporting Data for Chapter 3 

Table 4 Summary of thermodynamic data used in equilibrium solubility modeling.54 

Phase Equation log K 

- Pb+2 + H2O = PbOH+ + H+ -7.22 

- Pb+2 + 3H2O = Pb(OH)3
- + 3H+ -28.08 

- Pb+2 + 4H2O = Pb(OH)4
-2 + 4H+ -39.72 

- Pb+2 + 2H2O = Pb(OH)2 + 2H+ -16.91 

- 2Pb+2 + H2O = Pb2OH+3 + H+ -6.36 

- 3Pb+2 + 4H2O = Pb3(OH)4
+2 + 4H+ -23.86 

- 4Pb+2 + 4H2O = Pb4(OH)4
+4 + 4H+ -20.88 

- 6Pb+2 + 8H2O = Pb6(OH)8
+4 + 8H+ -43.62 

- Pb+2 + CO3
-2 = PbCO3 7.10 

- Pb+2 + 2CO3
-2 = Pb(CO3)2

-2 10.33 

- Pb+2 + CO3
-2 + H+ = PbHCO3

+ 12.59 

- Pb+2 + PO4
-3 + H+ = PbHPO4 15.41 

- Pb+2 + PO4
-3 + 2H+ = PbH2PO4

+ 21.05 

- Pb+2 + SO4
-2 = PbSO4 2.73 

- Pb+2 + 2SO4
-2 = Pb(SO4)2

-2 3.50 

- Pb+2 + Cl- = PbCl+ 1.59 

- Pb+2 + 2Cl- = PbCl2 1.80 

- Pb+2 + 3Cl- = PbCl3- 1.71 

- Pb+2 + 4Cl- = PbCl4-2 1.43 

Cerussite PbCO3 = Pb+2 + CO3
-2 -13.11 

Hydrocerussite Pb(OH)2:2PbCO3 + 2H+ = 3Pb+2 + 2CO3
-2 + 

2H2O 
-18.00 

Hydroxylpyromorphite Pb5(PO4)3OH + H+ = 5Pb+2 + 3PO4
-3 + H2O -62.83 
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Table 5 Linear model coefficients, p-values, and 95% confidence intervals (lower and 

upper bounds). 

Filter pore size 
(µm) Term Coefficient 

p-
value 

Lower 
bound 

Upper 
bound 

0.2 (Intercept) 78.78 0.00 65.86 94.23 

0.2 Polyphosphate 23.49 0.00 17.23 32.03 

0.2 Orthophosphate 0.03 0.00 0.02 0.05 

0.2 Silicate 1.23 0.08 0.98 1.55 

0.2 50 mg C/L 0.62 0.00 0.45 0.84 

0.2 pH 9 0.49 0.00 0.36 0.67 

0.2 Polyphosphate : 50 mg C/L 1.60 0.05 1.00 2.58 

0.2 Orthophosphate : 50 mg C/L 14.11 0.00 8.79 22.66 

0.2 Silicate : 50 mg C/L 0.82 0.34 0.53 1.25 

0.2 Polyphosphate : pH 9 1.90 0.01 1.18 3.05 

0.2 Orthophosphate : pH 9 6.23 0.00 3.88 10.00 

0.2 Silicate : pH 9 1.33 0.18 0.87 2.04 

0.2 50 mg C/L : pH 9 5.73 0.00 3.57 9.20 

0.2 Polyphosphate : 50 mg C/L : 
pH 9 

0.06 0.00 0.03 0.13 

0.2 Orthophosphate : 50 mg C/L : 
pH 9 

0.22 0.00 0.11 0.43 

0.2 Silicate : 50 mg C/L : pH 9 0.49 0.04 0.25 0.95 

0.45 (Intercept) 122.93 0.00 102.81 147.00 

0.45 Polyphosphate 15.92 0.00 11.68 21.70 

0.45 Orthophosphate 0.04 0.00 0.03 0.05 

0.45 Silicate 1.00 0.99 0.80 1.26 

0.45 50 mg C/L 0.47 0.00 0.34 0.64 

0.45 pH 9 0.40 0.00 0.31 0.53 

0.45 Polyphosphate : 50 mg C/L 2.07 0.00 1.29 3.32 

0.45 Orthophosphate : 50 mg C/L 18.27 0.00 11.38 29.32 

0.45 Silicate : 50 mg C/L 1.21 0.36 0.79 1.86 

0.45 Polyphosphate : pH 9 2.28 0.00 1.46 3.58 

0.45 Orthophosphate : pH 9 6.38 0.00 4.07 10.01 

0.45 Silicate : pH 9 1.58 0.03 1.06 2.36 

0.45 50 mg C/L : pH 9 6.66 0.00 4.25 10.45 

0.45 Polyphosphate : 50 mg C/L : 
pH 9 

0.07 0.00 0.04 0.14 

0.45 Orthophosphate : 50 mg C/L : 
pH 9 

0.14 0.00 0.07 0.28 

0.45 Silicate : 50 mg C/L : pH 9 0.41 0.01 0.22 0.79 
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Table 6 Ratio of geometric mean lead release in the inhibitor group to the corresponding 

control group. 

Filter pore size 
(µm) Inhibitor pH 

DIC (mg 
C/L) 

Ratio 
(inhibitor:control) 

0.2 Polyphosphate 7.5 5 23.49 

0.2 Polyphosphate 7.5 50 37.68 

0.2 Polyphosphate 9 5 44.65 

0.2 Polyphosphate 9 50 4.60 

0.2 Orthophosphate 7.5 5 0.03 

0.2 Orthophosphate 7.5 50 0.47 

0.2 Orthophosphate 9 5 0.21 

0.2 Orthophosphate 9 50 0.63 

0.2 Sodium silicate 7.5 5 1.23 

0.2 Sodium silicate 7.5 50 1.01 

0.2 Sodium silicate 9 5 1.64 

0.2 Sodium silicate 9 50 0.66 

0.45 Polyphosphate 7.5 5 15.92 

0.45 Polyphosphate 7.5 50 32.96 

0.45 Polyphosphate 9 5 36.36 

0.45 Polyphosphate 9 50 5.39 

0.45 Orthophosphate 7.5 5 0.04 

0.45 Orthophosphate 7.5 50 0.67 

0.45 Orthophosphate 9 5 0.24 

0.45 Orthophosphate 9 50 0.62 

0.45 Sodium silicate 7.5 5 1.00 

0.45 Sodium silicate 7.5 50 1.21 

0.45 Sodium silicate 9 5 1.58 

0.45 Sodium silicate 9 50 0.79 
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Figure 46 Lead in effluent from CSTRs with 1 g/L cerussite as a function of operational 

times. Hydraulic residence time of 30 min at pH 7.5 and dissolved inorganic carbon of 5 

mg C/L 

 

Figure 47 Equlibirium solubility of cerussite, hydrocerussite, and hydroxylpyromorphite 

at DIC 5 and 50 mg C/L. Grey lines indicated experimental pH condition (7.5 or 9) in this 

study. Thermodynamic data are due to Schock et al. 54 and solubility calculations were 

made with tidyphreeqc.109 
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Figure 48 X-ray diffraction (XRD) patterns representing the lead carbon solids before 

reaction. 
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Figure 49 X-ray diffraction (XRD) patterns characterizing cerrusite particles after 

reaction with orthophosphate, polyphosphate, or sodium silicate at two pH (7.5 and 9) 

and DIC levels (5 and 50 mg C/ L-1). 
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Appendix C: Supporting Data for Chapter 4 

 

Figure 50 Free chlorine (a), pH (b), orthophosphate (c), silicate (d) in the influent to 

LSLs (full/partial). The free chlorine, pH, and orthophosphate series were smoothed 

using a four-point moving average. 
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Figure 51 (a) water temperature in LSL (full/partial) effluent, (b) pH in full LSL effluent, 

(c) pH in partial LSL effluent. The pH series were smoothed using a four-point moving 

average. 
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Figure 52 Lead in LSL (full/partial) effluent at an orthophosphate concentration of 1 mg 

PO4 3- or a sodium silicate concentration of 24 (white background) or 48 mg SiO2 mg/L 

(grey background). 
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Figure 53 Iron in LSL (full/partial) effluent at an orthophosphate concentration of 1 mg 

PO4 3- or a sodium silicate concentration of 24 (white background) or 48 mg SiO2 mg/L 

(grey background). 



132 
 

 

Figure 54 (a) Model residuals (data minus fitted values) were approximately Gaussian, 

as shown here plotted against the quantiles of the standard normal distribution. (b) The 

variance of the model residuals was approximately constant accross the range of fitted 

values. (c) The autocorrelation function of the raw model residuals (difference between 

data and fitted values). (d) The autocorrelation function of the normalized residuals, 

transformed according to the CAR(1) error model (nlme::corCAR1()). This model 

accounts for the majority of residual autocorrelation. 
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Figure 55 Fractograms representing 0.45 µm-filtered partial LSL effluent, grouped by 

pipe loop material (PVC/cast iron), and inhibitor type (sodium silicate at 48 mg SiO2 /L 

or zinc orthophosphate at 1 mg PO4 3- /L). Each fractogram represents an average of 

duplicates. 
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Figure 56 Scan area (duplicate) used for element analysis by SEM-EDS. 
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Figure 57 Solubility equilibrium of lead with cerussite and hydrocerussite as a function 

of pH, dissolved inorganic carbon concentration (4.5 - 25 mg C/L) at 17.9 °C (median 

water temperature in this study). The water pH range of 6.99 to 7.4 observed in this 

study are indicated by vertical dotted lines. Thermodynamic data are due to Schock et 

al. 54 and solubility calculations were made with tidyphreeqc.109 

  



136 
 

Appendix D: Supporting Data for Chapter 5 

 

Figure 58 Final pH and residual Fe (II) after 3.5 hour of reaction. 
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Figure 59 Effect of sodium silicate on the formation of iron particle suspension (a) colour 

and (b) turbidity in NaHCO3 buffered synthetic water at 21±1°C. 
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Figure 60 Scanning electron microscopy-energy dispersive X-ray spectroscopies (SEM-

EDS) of (a) control system (Fe); (b) system in the presence of sodium silicate (60 mg/L) 

(Fe-Si); (c) system in the presence of DOM (3 mg TOC/L) and chlorine (2.5 mg/L) (Fe-

DOM-Cl2); and (d) system in the presence of DOM (3 mg TOC/L), chlorine (2.5 mg/L) 

and sodium silicate (60 mg/L) (Fe-DOM-Cl2-Si). 



139 
 

 

Figure 61 X-ray powder diffraction (XRD) of (a) control system (Fe); (b) system in the 

presence of sodium silicate (60 mg/L) (Fe-Si) and (c) XRD standard curves. 
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Characteristics of Goethite and Magnetite  

Goethite (FeOOH): Particle size distribution in the range of 0.314-7.64 µm (>1%) using 

laser diffraction Surface area 10.97 m2/g using BET-N2 

 

Magnetite (Fe3O4): Particle size distribution in the range of 0.991-35.3 µm (>1%) using 

laser diffraction Surface area 6.77 m2/g using BET-N2 
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Figure 62 Molecular weight distribution of residual DOM at sodium silicate dosages of 0-

90 mg/L with (a) goethite and (b) magnetite using high performance size exclusion 

chromatogphy (SEC-HPLC). 
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Figure 63 Weight-average molecular weight of matter in the presence of 0.3 g/L of 

goethite or magnetite. Data summarized from high performance size exclusion 

chromatogram results. 
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Figure 64 Effect of sodium silicate (20 mg/L) on the Zeta potential of (a) goethite (0.3 

mg/L) and (b) magnetite (0.3 mg/L) at pH 6.5 and 21±1°C in a 0.01M NaCl solution. 
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