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ABSTRACT1

Pb(II) carbonate solids are corrosion products that form on the inner surfaces of lead service lines 2

(LSLs) and can be oxidized by free chlorine to form Pb(IV) oxide (PbO2). The formation of PbO23

can maintain low dissolved lead concentrations in drinking water, but PbO2 can dissolve if a free 4

chlorine residual is not maintained. Experiments demonstrated that the oxidation of Pb(II) 5

carbonate by free chlorine was faster with manganese (Mn). Without Mn(II), the oxidation of Pb(II)6

carbonate was an autocatalytic process. With Mn(II), the overall oxidation rate was two orders of 7

magnitude faster than without Mn(II). X-ray diffraction and free chlorine consumption profiles 8

indicated that δ-MnO2 was formed within several minutes of the reaction of Mn(II) with free 9

chlorine, and δ-MnO2 catalyzed the oxidation of Pb(II) carbonate by free chlorine. Free chlorine 10

consumption profiles for Pb(II) carbonate with and without Mn(II) were interpreted based on the 11

kinetics and stoichiometry of the underlying chemical reactions. These findings highlight the 12

importance of Mn in accelerating the formation of PbO2 in water with Pb(II) carbonate solids and 13

free chlorine, and it may help explain why PbO2 is observed on LSLs of some but not all water 14

systems that use free chlorine.15

Key words: Manganese, Pb(II) carbonate, Pb(IV) oxide, catalytic oxidation, drinking water16

17
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Introduction20

Ingestion of lead-contaminated drinking water is one of the major pathways for human exposure 21

to lead.1–3 Lead service lines (LSLs) and premise plumbing are the largest sources of lead to 22

drinking water.2 In the United States, the Lead Copper Rule has an action level of 0.015 mg/L lead 23

for the 90th percentile of specific homes’ 1-L first draw samples of tap water that triggers additional 24

actions if it is not met.4 Although the 1986 Safe Drinking Water Act Amendments banned lead 25

pipes, fittings, fixtures, solder and flux, millions of partial or whole lead service lines are still 26

present in the United States.3,5,627

Lead concentrations in drinking water are controlled by the solubility of lead corrosion 28

products that form in lead pipes and premise plumbing.7–12 These corrosion products include Pb(II)29

carbonate, oxide, and phosphate solids as well as Pb(IV) oxide (PbO2).9,10,13,14 Previous studies 30

have shown that the oxidation of Pb(II) carbonate, including cerussite (PbCO3) and hydrocerussite 31

(Pb3(CO3)2(OH)2), by free chlorine will lead to the formation of lead(IV) oxide.8,15,16 Liu et al.1632

reported an autocatalytic reaction during Pb(II) carbonate oxidation by chlorine. Wang et al.8 found 33

that the identity and rate of formation of the PbO2 phases produced from reaction of various Pb(II)34

species with free chlorine were affected by the initial solid or dissolved Pb(II) species, dissolved 35

inorganic carbon (DIC), pH, and free chlorine concentration.17 PbO2 has two phases, scrutinyite 36

(α-PbO2) and plattnerite (β-PbO2), both of which have a low solubility compared with Pb(II)37

corrosion products. Triantafyllidou et al.18 reported that lead release from lead pipes coated with 38

Pb(IV) oxides was consistently much lower than from pipes coated with Pb(II)-containing solids39

and hence concluded that formation of PbO2 in LSLs could be an effective lead corrosion control 40

strategy.18 The depletion of free chlorine, lower oxidation reduction potential (ORP) disinfectants41

(such as monochloramine), and the presence of reductants (natural organic matter, Br-, I-, Fe(II), 42
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and Mn(II), etc.) may lead to the dissolution of PbO2.19–25 The increases in lead concentrations in 43

Washington, DC tap water that begins in late 2000 were triggered by a change in disinfectant from 44

higher ORP free chlorine to lower ORP monochloramine.26 While PbO2 has been observed on 45

many LSLs from water systems that use free chlorine,10,12,14,18 PbO2 has not always been observed 46

in the scales of LSLs for such systems.10,12,18 The limited range of conditions over which PbO2 is 47

stable may limit its observation. While PbO2 can be formed by reaction with free chlorine, it is 48

only stable when a free chlorine residual is present and PbO2 can be reduced by reductants such as 49

natural organic matter, I-, Br-, Fe(II), Mn(II), and even water (Figure 1) when free chlorine is 50

depleted.19,21–2551

Manganese accumulation has been reported in different water distribution systems.11,27–30 The 52

accumulated Mn in water distribution systems is generated from oxidation of soluble Mn(II) by 53

free chlorine, oxygen, and other oxidants to form insoluble Mn(III) and Mn(IV) solids.27,28,31 In 54

addition, the activity of manganese depositing microbes can also give rise to the formation of 55

manganese oxides in drinking water networks.27,32–35 Gerke et al.33 reported that birnessite (Mn(III)56

and Mn(IV)), hollandite (Mn(II) and Mn(IV)), and braunite (Mn(II) and Mn(IV)) were the main 57

Mn oxides/oxyhydroxide in water distribution systems. The interactions between Pb and Mn may 58

represent a sink or source for lead and Mn in drinking water, and previous studies have investigated59

the adsorption of Pb(II) on Mn(III, IV) oxides36–38 as well as the oxidation of Mn(II) by lead(IV) 60

oxide.25,39 Matocha et al.39 revealed that Pb(II) was adsorbed as inner-sphere complexes on both 61

birnessite and manganite, and they found no evidence of Pb(II) oxidation by birnessite and 62

manganite based on X-ray absorption fine structure (XAFS) spectra. Shi and Stone25 studied the 63

redox reaction between PbO2 and Mn(II), and they found that Mn(II) could be oxidized to Mn(III) 64
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or Mn(IV) (hydr)oxides (MnOOH and σ-MnO2) by PbO2. This result is consistent with Figure 1, 65

which illustrates that PbO2 is a stronger oxidant than Mn(IV) oxide.2566

Although recent investigations have examined the fundamental surface reactions between Pb-67

and Mn-containing solids, the nature of these interactions at conditions relevant to drinking water 68

supply and their implications for tap water quality had not been sufficiently explored. Such 69

interactions can be important in affecting lead concentrations in drinking water. Recently, 70

Trueman et al.40 reported that without free chlorine, Mn(II) increased Pb release mainly because 71

of the oxidation of lead by oxygen on MnO2 deposits or by Mn(IV) itself. However, this may not 72

be the scenario when free chlorine is present in the system. The goal of this work was to identify73

the products and pathways of the reaction of dissolved Mn(II), Pb(II) carbonate and free chlorine. 74

Specific attention was paid to the heterogeneous catalytic effect of Mn solids on hydrocerussite 75

and cerussite oxidation by chlorine. The oxidation of Pb(II) is a necessary step to form Pb(IV) 76

oxide. This process may take place during drinking water distribution at locations where lead-77

containing materials and dissolved or solid Mn coexist. In this study, we investigated the oxidation 78

of Pb(II) from Pb(II) carbonate solids with and without the presence of Mn(II) at various pH values. 79

We performed batch experiments to probe the products and dynamics of the reactions, and these 80

were supplemented by kinetic models based on mass balances and the stoichiometry of the 81

reactions. Flow-through experiments provided additional information on reaction rates with a 82

lower but sustained supply of free chlorine that is more directly relevant to the actual conditions 83

in LSLs. 84

Materials and Methods85

Materials86
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Hydrocerussite and cerussite were purchased from Sigma-Aldrich. A free chlorine stock solution 87

was prepared using NaOCl (Fisher Chemical, 4-6% w/w) and ultrapure water. Plattnerite (β-PbO2)88

was purchased from Acros Organics. Scrutinyite (α-PbO2) was synthesized in a 500 mL 89

polypropylene batch reactor with hydrocerussite as a precursor with the pH maintained at 10. The 90

synthesis was conducted at carbonate-free conditions by sparging the solution with air that had 91

been scrubbed of CO2 using a 1 M NaOH solution.  During the scrutinyite synthesis, the free 92

chlorine concentration was maintained at 50 mg/L (0.70 mM) as Cl2.  The XRD pattern (Figure 93

S1) confirmed the high purity of synthesized scrutinyite. Synthetic δ-MnO2 (Figure S2) was 94

prepared by reacting KMnO4 with MnCl2 at basic pH following a published method.41,42 The 95

identities of the solids synthesized were confirmed by X-ray diffraction (XRD). Reagent grade 96

NaHCO3, NaNO3, NaOH, MnCl2 and concentrated HNO3 were purchased from Fisher Scientific.97

All solutions were prepared using ultrapure water (resistivity >18.2 MΩ-cm, Milli-Q, Millipore 98

Corp., Milford, MA).99

Experimental design100

Three sets of batch experiments were conducted. To study cerussite or hydrocerussite 101

oxidation in isolation, the first set of experiments were conducted with 200 mL of 2 mM cerussite 102

or hydrocerussite suspensions with a DIC concentration of 0.2 mM (2.4 mg/L as C), 0.28 ± 0.03 103

mM free chlorine (20 ± 2 mg/L as Cl2) and pH 6.5 to 8.5 ± 0.2 maintained by 0.1 M HNO3 and 0.1 104

M NaOH. The high chlorine concentration was chosen to facilitate the development of a kinetic 105

model for oxidation of Pb(II) in Pb(II) carbonate solids by free chlorine. A lower free chlorine 106

concentration will yield a relatively short reaction time and we may not be able to capture some 107

crucial features of the reactions in the batch experiment. To investigate the effect of an initial 108

amount of scrutinyite and plattnerite on lead carbonate oxidation, the second set of experiments 109
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had certain amounts of scrutinyite or plattnerite added to the suspensions of cerussite or 110

hydrocerussite solutions with the same DIC, free chlorine, and pH as in the first set of experiments. 111

In support of this second set of experiments, control experiments were conducted with just112

scrutinyite or plattnerite and free chlorine and no Pb(II) carbonate solids.  In the third set of 113

experiments, the effect of Mn(II) was studied by adding 0.1 or 1 mL of 0.25 M MnCl2 solution to 114

the cerussite or hydrocerussite suspensions to reach 0.1 mM or 1 M initial Mn(II) concentrations.  115

All batch experiments were performed in 250 mL glass bottles with their contents stirred with 116

polypropylene-coated stir bars at a speed of 500 rpm on a multi-position stirrer (VARIOMAG, 117

Thermo, U.S.A) at room temperature (21 ± 1 °C). 118

For all batch experiments, 5 mL samples of suspension were collected at selected times. 119

Reactions between solutes and the surfaces of solids were quenched by immediately filtering 120

suspensions through 0.05 µm pore diameter polyethersulfone (PES) membranes (Tisch Scientific, 121

U.S.A) with a collection of 2 mL of filtrate. Samples after this additional filtration step were 122

acidified to 2% HNO3 and preserved for dissolved lead analysis by ICP-MS. Samples of the 123

suspension that included solids were collected at the beginning of the experiment and after 5 and 124

24 h of reaction. The suspensions were centrifuged and freeze-dried to yield solids for further 125

analysis.126

Flow-through experiments with suspensions of lead carbonate reacting with free chlorine 127

were conducted in continuously stirred tank reactors (CSTRs). In contrast to the batch reactors in 128

which free chlorine was added at a relatively high initial concentration, the flow-through reactors 129

could provide a steady supply of free chlorine at a lower concentration that is more directly relevant 130

to the drinking water supply. The reactions were examined both in the absence and presence of 0.1 131

mM δ-MnO2 at the ambient room temperature (21 ± 1 °C). The δ-MnO2 solid was employed 132
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instead of Mn(II) solution in the flow-through experiments because any Mn(II) in the solution that 133

was not oxidized by the initial influx of free chlorine would have been flushed out of the reactors 134

(Figure S3). The volume of each reactor was 40 mL and lead carbonate suspensions were loaded 135

to a concentration of 1 mM as Pb. Specific amounts of δ-MnO2 that provided the same Pb:Mn ratio 136

as a set of the batch experiments were added to CSTRs. Mixing was achieved by continuous 137

stirring with a polypropylene-coated magnetic stir bar at 250 rpm. A 0.22 μm mixed cellulose filter 138

membrane at the reactor outlet prevented the loss of solids from the reactor. Influent was pumped 139

into the reactor at 2 mL/min using a peristaltic pump (Cole-Parmer), so the reactor hydraulic 140

residence time (τ) was 20 min. The pH and free chlorine concentrations of the effluents were 141

monitored, and aqueous samples were periodically collected for dissolved Pb(II) concentration 142

analysis. The influents were prepared in 4-L polypropylene bottles covered with aluminum foil to 143

minimize CO2 exchange with the atmosphere and prevent photodegradation of free chlorine. 144

Addition of an aliquot of 1 M NaHCO3 solution to the bottles provided the DIC concentration of 145

0.02 mM (2.4 mg/L) as C. An aliquot of a NaOCl stock solution was added to reach a concentration 146

of 0.034 mM (2.4 mg/L) as Cl2. The pH was adjusted to the target values by addition of 147

concentrated HNO3 or freshly prepared 0.5 M NaOH solutions to reach pH 7.5 ± 0.2. The flow 148

through experiments were conducted for 2000 min (i.e. 100 residence times). 149

Analytical methods150

The residual free chlorine concentration was measured with the standard DPD method.43 Dissolved 151

lead was analyzed by inductively coupled plasma-mass spectrometry (ICP-MS) (PerkinElmer 152

ELAN DRC II). Solution pH was measured with a glass pH electrode and pH meter (Accumet).153

XRD patterns were collected using Cu Kα radiation (Bruker d8 Advance X-ray diffractometer).154

Scanning Electron Microscopes (SEM) examination was performed with FEI Nova NanoSEM 230.155
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The specific surface areas of dry solids were determined by the Brunauer–Emmett–Teller-N2156

(BET- N2) adsorption (Quantachrome Instruments) method.157

Model development:158

All the models were developed using constraints of mass balances and the stoichiometry of the 159

oxidation-reduction reactions. The specific rate equations used are presented in the Results and 160

Discussion section, and a brief overview of the modeling approach is provided here. The 161

conceptual model of the processes occurring is presented in Figure 2. The formation of PbO2162

included noncatalytic oxidation of Pb(II), autocatalytic oxidation of Pb(II) with PbO2 formed in 163

situ, and catalytic oxidation of Pb(II) and Mn oxides. The consumption of free chlorine included 164

noncatalytic oxidation of Pb(II), autocatalytic oxidation of Pb(II) with PbO2 formed in situ, 165

oxidation of Mn(II) to δ-MnO2, and catalytic oxidation of Pb(II) with δ-MnO2 formed in situ. In 166

this study, in situ means in the reactor. For cerussite and hydrocerussite oxidation, the consumption 167

of free chlorine was assumed to equal the formation of PbO2 in molar concentration (reactions 1 168

and 2). For cerussite and hydrocerussite reaction with free chlorine in the presence of Mn, the 169

consumption of free chlorine included oxidation of Pb(II) as well as oxidation of Mn(II) (reaction170

3). Mole balance equations were developed for free chlorine and PbO2 that included terms for the 171

rates of oxidation of Pb(II) carbonate directly, catalyzed by PbO2, and catalyzed by MnO2. The pH 172

dependence was not accounted in model development since the data examined in comparison with 173

the model were all collected at pH 7.5 ± 0.2. For the flow-through experiment, the free chlorine in 174

the influent and δ-MnO2 concentrations were treated as constants since it was continuously 175

supplied from a well mixed 4 L reservoir. Although catalytic reactions were surface-related 176

reactions, the surface area was incorporated into reaction rate constants in our model development.177

Differential equations obtained from the mass balance equations were solved by MATLAB 178
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R2018a. Optimization of the fit of data to model by adjusting multiple parameters at the same time 179

to obtain the minimum coefficient of determination (R2).180
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Results and Discussion184

The catalytic effect of PbO2 on lead carbonate oxidation185

The trends in the consumption of free chlorine for oxidation of cerussite provided insights into an 186

autocatalytic reaction in which the production of an initial amount of PbO2 accelerated the rate of 187

further PbO2 formation (Figure 3). We observed the oxidation occurring with a lag stage followed 188

by a rapid stage for both cerussite and hydrocerussite. These two stages of oxidation for lead 189

carbonate were also observed by other researchers.16 The addition of PbO2 (either plattnerite or190

scrutinyite) accelerated cerussite oxidation by free chlorine and dramatically shortened the lag 191

stage of the reaction (Figure 3). With the increasing amount of PbO2 (from 0.5 to 1 g/L), the free 192

chlorine consumption speed increased, indicating the increasing rate of cerussite oxidation. A 193

shortened lag stage was still observed with high PbO2 concentration (1 g/L). Control experiments 194

determined that plattnerite and scrutinyite by themselves did not accelerate chlorine degradation 195

(Figure S4). While the data presented in Figure 3 are for cerussite, similar trends were observed 196

for hydrocerussite and are shown in the supporting information (Figure S6).197

When comparing the rate of chlorine consumption associated with oxidation of cerussite and 198

hydrocerussite, the rate was faster with hydrocerussite (Figure S6), which was consistent with 199
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previous findings.16,44 The lower oxidation speed of cerussite by free chlorine may due to200

cerussite’s lower specific surface area (3.28 m2/g versus 10.70 m2/g for hydrocerussite) that may 201

be related to lower concentration of active surface sites for oxidation or to a slower release of 202

dissolved Pb(II) from the Pb(II) carbonate solid.203

Kinetic models were developed to interpret the rates of cerussite and hydrocerussite oxidation204

under the experimental conditions. For cerussite and hydrocerussite oxidation with or without 205

initial PbO2 (scrutinyite or plattnerite), the consumption of free chlorine included noncatalytic 206

oxidation of Pb(II) and autocatalytic oxidation of Pb(II) with PbO2 added or formed in situ207

(equation 1). The moles of PbO2 formed were the same as the moles of free chlorine consumed208

(equation 2). For Pb(II) carbonate oxidation without any added PbO2, the consumption of free 209

chlorine and the formation of PbO2 were described as simplified forms of equations 1 and 2 with 210

a value of zero for [Pb(IV)added] which eliminated particular terms in the equations. The term 211

[HOCl] indicates all free chlorine (both HOCl and OCl-). Good fits of the model to the data 212

required different rate constants for Pb(II) oxidation catalyzed by PbO2 formed in situ versus PbO2213

added as pre-synthesized solids.  An initial modeling effort attempted to interpret the data using a 214

single rate constant for PbO2, but this provided much poorer fits (equations S1-S4 and Figure S5). 215

The kinetic constants k1
* and k2

* correspond to the noncatalytic and autocatalytic reaction proposed 216

in other studies.8,16,45 The catalytic reaction rate constants (k2
*, k3

*, and k4
*) were the value of 217

apparent rate constants k2, k3, and k4 multiplied by the amount of PbO2 in the system (equations 3218

and 4). The added scrutinyite and plattnerite were assumed to have different catalytic reaction rate219

constants (k3
* and k4

*, respectively). Equations 1-5 were employed for kinetic model development 220

with scrutinyite and equations S5-S9 were used with plattnerite. The four unknown constants were 221

estimated by finding the values that provided the optimal fit of five sets of experimentally 222
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measured chlorine consumption data (Figure 3 and Figure S6). The definition and unit of each 223

constant are listed in Table 1. These constants in Table 1 are apparent rate constants for oxidation 224

reactions. The dissolution of lead carbonate solids and adsorption of Pb(II) onto PbO2 or δ-MnO2225

were not considered in the model development because they are much faster compared with the 226

oxidation reactions so they can be ignored.227

−
�[����]

��
= ��

∗ ∗ [��(��)���� ���������] ∗ [����] + ��
∗ ∗ [��(��)���� ���������] ∗ [����] + ��

∗ ∗228

[��(��)���� ���������] ∗ [����]                                                                                                                                 (1)229

�[��(��)]

��
= ��

∗ ∗ [��(��)���� ���������] ∗ [����] + ��
∗ ∗ [��(��)���� ��������� ] ∗ [����] + ��

∗ ∗230

[��(��)���� ���������] ∗ [����]                                                                                                                                  (2)231

��
∗ = �� ∗ [��(��)]                                                                                                                                                  (3)232

��
∗ = �� ∗ [��(��)�����]                                                                                                                                         (4)233

[��(��)���� ���������] = [��(��)�] − [��(��)]                                                                                                         (5)234

        The constants that provided the best fit of the model output to the experimental results are235

compiled in Table 2.  The simulated free chlorine concentration trends based on these reactions 236

and apparent constants are shown together with the experimental data in Figure 3 (cerussite) and 237

Figure S6 (hydrocerussite). The apparent constant for cerussite oxidation on PbO2 formed in situ238

(k2 = 5.5×105 M-2∙h-1) was two orders of magnitude higher than the constants for Pb(II) oxidation 239

on the added PbO2 (k3 = 6×103 M-2∙h-1 and k4 =6×103 M-2∙h-1). The apparent constants for 240

hydrocerussite followed the same trend. The oxidation rate constants k2
* - k4

* were calculated by 241

multiplying k2 - k4 by the concentration of PbO2 present (equations 3, 4, and S8). The rate 242

constants used here are related to the moles of PbO2 present, but for surface-based reactions, the 243
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controlling factor is probably the surface area of PbO2 present. The higher specific surface area of 244

PbO2 formed in situ may be one reason for its more robust catalytic effect on Pb(II) carbonate 245

oxidation than that of pre-synthesized PbO2. Unfortunately, we did not have a means of measuring 246

the surface area of PbO2 formed in situ. Comparing hydrocerussite and cerussite, hydrocerussite 247

exhibited a higher autocatalytic oxidation speed than cerussite and k1* and k2 of hydrocerussite 248

were both greater than these of cerussite. The reaction rate constants k1
* and apparent rate constants 249

k3 and k4 in Table 2 were almost 10 times higher than in the study by Liu et al.16 because the 250

surface areas of cerussite and hydrocerussite (3.38 and 10.70 m2/g) employed in this study were 251

almost 10 times higher than Liu et al.16 (0.42 and 0.81 m2/g).252

The effect of pH on cerussite oxidation was examined (Figure 4). The duration of the lag 253

stage was not affected by increasing pH for cerussite. Free chlorine consumption speeds were 254

almost the same at pH 6.5, 7.5, and 8.5 for cerussite. For hydrocerussite oxidation, the free chlorine 255

consumption speed decreased with increasing pH (Figure S7). Similar results were observed by 256

Zhang and Lin.42 The influence of pH on Pb(II) carbonate oxidation by free chlorine could be 257

related to two phenomena.  First, the pH determines the ratio of HOCl/OCl-, and for many species,258

oxidation rates are faster with HOCl than with OCl-.46 Second, the pH determines the species of 259

dissolved Pb(II), which also affects the oxidation rates according to Figure 3. Prior research 260

demonstrated that high DIC concentration could inhibit Pb(II) carbonate oxidation by free chlorine 261

via formation of dissolved Pb(II) carbonate complexes, which are much less reactive compared 262

with lead hydroxo complexes.8,16,44263

The catalytic effect of Mn oxide on lead carbonate oxidation264
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The addition of Mn(II) significantly enhanced the rate of cerussite oxidation (Figure 5). With free 265

chlorine Mn(II), oxidation was much faster than Pb(II) oxidation and it produced δ-MnO2 (Figure 266

S2). The free chlorine concentration was in excess of the amount required to oxidize 0.1 mM 267

Mn(II), so after Mn(II) was completely oxidized, there was still sufficient free chlorine to oxidize 268

Pb(II) carbonate.  The rate of Pb(II) carbonate oxidation was accelerated as the rate of free chlorine 269

consumption was much higher than with the lead carbonate oxidation in the absence of Mn(II).  270

Hydrocerussite oxidation with the presence of Mn(II) showed the same trends as cerussite (Figure 271

S9). 272

A kinetic model for free chlorine concentration during Pb(II) oxidation in systems to which 273

Mn(II) had been added was developed (equations 6 and 7). Because the rate of Mn(II) oxidation 274

was at least 3 orders of magnitude higher than the rates of other reactions used in the model, we 275

assumed that all of the Mn(II) was instantaneously oxidized to δ-MnO2; efforts to account for the 276

kinetics of Mn(II) oxidation made the model more complicated but did not improve the ability to 277

simulate Pb(II) oxidation. This assumption was confirmed by the similar catalytic effects on Pb(II) 278

carbonate oxidation of δ-MnO2 solids formed in situ and added (Figure 5, S8, and S9). In 279

developing the model of Pb(II) oxidation in the presence of Mn oxide, the constants for non-280

catalytic Pb(II) oxidation and for oxidation catalyzed by PbO2 were set at the values determined 281

from the previously discussed experiments in which no Mn had been added. k5 value was 282

determined by fitting the model output to experimental data of chlorine consumption in the 283

presence of 0.1 mM Mn(II). The value obtained then can be successfully applied to the system 284

with 1mM Mn(II) (Figure 5). The definition and units of each constant are listed in Table 1. The 285

actual second order oxidation rate constants were determined using apparent constants as noted in 286

equation 7. 287
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Based on our modeling results (Table 2), the apparent constants for Pb(II) oxidation with δ-291

MnO2 were one order of magnitude higher than these of PbO2 formed in situ. Considering the 292

amount of δ-MnO2 in the system, the actual catalytic rate constant with δ-MnO2 could be at least 293

3 orders of magnitude higher than that of PbO2 formed in situ and PbO2 added. Apart from the 294

catalytic effect of Mn(II) on Pb(II) carbonate oxidation, we also observed faster chlorine 295

consumption rates for Mn(II) when Pb(II) carbonate was present than when Mn(II) was present on 296

its own, which may indicate that the surface of Pb(II) carbonate helped catalyze the oxidation of 297

Mn(II) by chlorine.298

Products of Pb(II) carbonate oxidation299

The reaction of cerussite and hydrocerussite with free chlorine produced PbO2. Scrutinyite 300

was formed from lead carbonate oxidation as determined by XRD (Figure 6). The effect of Mn(II) 301

on lead carbonate oxidation by free chlorine was further confirmed by XRD patterns. The 302

structural changes of Pb(II) carbonate solids and the formation of PbO2 were also observed by 303

SEM results (Figure S10).  With 1 mM Mn(II), there was no change in the cerussite XRD pattern 304

because all the free chlorine was consumed by Mn(II) oxidation. For cerussite oxidation by free 305

chlorine, the XRD patterns for 5 h samples were almost the same as those of the initial cerussite, 306

which was consistent with batch experiment results that the reactions were in a lag stage for the 307

first 5 h. After 24 h reaction with free chlorine, peaks for scrutinyite at 2θ of 23° and 28° were 308

observed for the reacted cerussite. Liu et al.16 examined cerussite and hydrocerussite oxidation by 309
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50 mg/L free chlorine and observed the signature peaks for scrutinyite at a longer oxidation time, 310

which was probably because of the higher DIC concentration (0.001 M) used in their experiments.311

With the presence of Mn(II), the same peaks for scrutinyite were observed after cerussite 312

reaction with free chlorine for both 5 h and 24 h. These XRD results were consistent with the 313

observed free chlorine consumption profiles from batch experiments. As shown in Figure 6, 314

scrutinyite was the only product of cerussite oxidation by free chlorine. The same overall trend 315

was observed for hydrocerussite oxidation (Figure S11); with the addition of 0.1 mM Mn(II), 316

scrutinyite was observed in the solid sample for 5 h and 24 h reaction with free chlorine. The 317

formation of pure scrutinyite from hydrocerussite oxidation was also observed in the studies by 318

Wang et al.8 and Liu et al.16 When starting with cerussite and no DIC, Wang et al.8 observed 319

cerussite transformed to hydrocerussite after one day and a mixture of scrutinyite and plattnerite 320

formed after 28 days. Nevertheless, in both the work of Liu et al.16 and our research, plattnerite 321

was not observed after cerussite oxidation. The difference in these studies may be due to difference 322

in experimental pH and carbonate concentration. Higher pH and higher carbonate concentration 323

can lead to higher generation of scrutinyite over plattnerite in PbO2 formation. We also note that 324

there are two possible processes for the oxidation of lead carbonate solids to PbO2, dissolution-325

oxidation-reprecipitation (DOR) and direct solid-state oxidation.8,16,47 In this study, DOR is326

considered to be the main PbO2 formation pathways.  Although there might be direct solid-state 327

oxidation of a Pb(II) layer at the surface of lead carbonate solids, this process will yield a protective 328

layer of PbO2 on lead carbonate solid surface and inhibit further oxidation. Nevertheless, thorough 329

oxidation of Pb(II) carbonate solids to PbO2 was observed by previous studies8,48, which indicates 330

that DOR is more significant.331
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Flow-through experiment332

In the batch experiments, a high free chlorine concentration (0.28 ± 0.03 mM as Cl2) was applied 333

initially and then depleted as it oxidized Pb(II) and Mn(II) species. In contrast to the batch 334

experiments, flow-through experiments were conducted with a more realistic free chlorine 335

concentration (0.034 mM or 2.4 mg/L as Cl2) that was continuously supplied. The oxidation of 336

cerussite was enhanced with δ-MnO2 in the flow-through experiment (Figure 7). After a period of 337

relatively high effluent concentrations (~1.5 μM) of Pb(II) as the CSTRs started up, the 338

concentrations of Pb(II) dropped to much lower values (0.05-0.32 μM). The effluent 339

concentrations of Pb(II) were lower with δ-MnO2 (0.05 μM) than without (0.32 μM). For the 340

system without δ-MnO2, the concentrations of Pb(II) stabilized at a steady-state concentration. A 341

steady-state was not necessarily expected since the rate of Pb(II) consumption would be expected 342

to increase as more PbO2 accumulated in the reactor; however, the rate of PbO2 accumulation may 343

have been slow enough for the system to be at steady-state. For the system with δ-MnO2, a steady 344

state was not reached and Pb(II) concentrations decreased over the duration of the experiment, 345

which indicates that the amount of PbO2 in the system was probably increasing with time. The 346

faster oxidation of cerussite with δ-MnO2 was also confirmed by higher chlorine consumption in 347

the effluent. When similar experiments were conducted with hydrocerussite (Figure S12), we 348

observed the similar trend that δ-MnO2 accelerates hydrocerussite oxidation.349

For model development, we considered the conditions with and without δ-MnO2 (equations 350

8 and 9). Q and V are the flow rate and volume, respectively. The amount of Pb(II) (≤ 1.2 μmol) 351

in the total outlet was neglected in the model development because it was negligible when 352

compared with the amount of Pb(II) and Pb(IV) solids (≥ 38.8 μmol) left in the CSTRs after the 353

experiment. For cerussite oxidation without δ-MnO2, the δ-MnO2 concentration was set to zero in 354
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equations 8 and 9 which eliminated particular terms in the equations. The constants were defined 355

in Table 1, and rate constants (k1
*, k2

*, and k5
*) were obtained by using the same rate constants 356

obtained from batch experiments (Table 2). The application of parameters from batch experiments 357

to flow-through experiment was based on the hypothesis that the behavior of solids in batch 358

experiment was consistent with the behavior of solids in the flow-through experiments, which was 359

confirmed by the overall agreement between experimental and modeled chlorine concentrations in 360

the effluent. Chlorine concentration profiles in the effluent derived from modeling work ae shown 361

in Figure 7 and Figure S11 as dashed lines. The simulations provided general agreement with the 362

flow-through experimental data that the presence of δ-MnO2 accelerates chlorine consumption, 363

which indicates a higher rate of Pb(II) oxidation.364
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Environmental Implications369

PbO2 solids can maintain low dissolved Pb(II) concentrations, but they are not always observed 370

on LSLs that deliver drinking water with free chlorine as the disinfectant. Water chemistry can 371

strongly influence the oxidation of Pb(II) carbonate in the actual distribution system. Under a more 372

realistic and continuously supplied free chlorine concentration (0.034 mM or 2.4 mg/L as Cl2), δ-373

MnO2 also enhanced Pb(II) carbonate oxidation.374

The effect of Mn on Pb(II) carbonate oxidation can be successfully explained by the δ-MnO2375

that formed in situ acting as a heterogeneous catalyst for Pb(II) oxidation. Modeling work showed376
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that the catalytic effect of δ-MnO2 formed in situ is almost three orders of magnitude faster than 377

that of an equal amount of PbO2 formed in situ. Although results in this study were obtained from 378

batch and flow-through experiments, it can be extrapolated to LSLs. In a pipe reactor study by Bae379

et al.,49 an accidental dosage of Mn(II) was found to skyrocket the free chlorine consumption speed 380

and decrease the Pb(II) concentration from ~50 μg/L to less than 10 μg/L in the effluent of lead 381

pipes. Our experimental and modeling results can help explain the phenomenon of Pb(II) 382

decreasing in the effluent of lead pipes by PbO2 formation catalyzed by in situ formation of MnO2. 383

We anticipate that the study of water chemistry in bench-scale experiments can be employed to 384

study the Pb corrosion in drinking water distribution systems with different levels of Mn in the 385

water. The same findings may potentially be extended to other metal oxide deposits on the inner 386

surface of LSLs, such as those of iron and copper. Nevertheless, the catalytic effect of these metal 387

oxide may not as robust as δ-MnO2, which has a relative high surface area, fast Pb(II) adsorption388

kinetics, and high Pb(II) adsorption capacity.50 Furthermore, our findings likely have broader 389

implications for the role of deposits (such as Mn, Fe, and Cu oxide) in drinking water distribution 390

systems. Previous studies have explored the role of these deposits as sinks for trace inorganic 391

contaminants (arsenic, selenium, vanadium, etc.) via sorption process.11,14,51,52 Here, our findings392

reveal another possible role of these deposits in mediating redox transformations of trace inorganic 393

contaminants such as Pb(II).394

Supporting Information395

One table and twelve figures show the initial model development for Pb(II) carbonate oxidation 396

with added PbO2, standard reduction potentials of chemicals in the experiment, XRD patterns for 397

synthesized scrutinyite and solids obtained from Mn(II) oxidation, flow-through experiment set-398

up, chlorine concentration with PbO2, free chlorine concentration profiles for hydrocerussite 399
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oxidation with and without PbO2, the effect of pH on hydrocerussite oxidation by chlorine,400

oxidation of Pb(II) carbonate by chlorine with and without 0.1 mM δ-MnO2 solids, oxidation of 401

hydrocerussite by chlorine with different Mn(II) concentrations, SEM images of Pb(II) carbonate402

before and after reactions, XRD patterns for of solids from hydrocerussite oxidation experiments, 403

and results of flow-through experiments with hydrocerussite.404
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Table 1 Definitions and units for constants in kinetic model.560

Constants Definitions Units

*[HOCl]0 Initial free chlorine concentration         mM

Pb(II)0 Initial Pb(II) carbonate concentrations mM

Pb(IV)add The concentration of Pb(IV) solids added mM

δ-MnO2 The concentration of Mn(IV) formed in the batch 
experiments

mM

k1
* Rate constant of homogeneous Pb(II) carbonate oxidation 

by chlorine
M-1∙h-1

        k2
* Rate constant for heterogeneous Pb(II) carbonate oxidation 

by chlorine catalyzed by PbO2 generated in situ
M-1∙h-1

k3
* Rate constant for heterogeneous Pb(II) carbonate oxidation 

by chlorine catalyzed by scrutinyite
M-1∙h-1

k4
* Rate constant for heterogeneous Pb(II) carbonate oxidation 

by chlorine catalyzed by plattnerite 
M-1∙h-1

k5
* Rate constant for heterogeneous Pb(II) carbonate oxidation 

by chlorine catalyzed by manganese oxide
M-1∙h-1

        k2
Apparent constant for heterogeneous Pb(II) carbonate 

oxidation by chlorine catalyzed by PbO2 generated in situ
M-2∙h-1

k3
Apparent constant for heterogeneous Pb(II) carbonate 

oxidation by chlorine catalyzed by scrutinyite
M-2∙h-1

k4
Apparent constant for heterogeneous Pb(II) carbonate 

oxidation by chlorine catalyzed by plattnerite
M-2∙h-1

k5
Apparent constant for heterogeneous Pb(II) carbonate 
oxidation by chlorine catalyzed by manganese oxide

M-2∙h-1

561
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Table 2. Constants for modeling the dynamics of HClO during Pb(II) carbonate oxidation at 562

pH 7.5.563

Constants Cerussite Hydrocerussite References

k1
* 20.0 ± 4.0 M-1∙h-1 30.0 ± 2.4 M-1∙h-1 our study

k2          (5.5 ± 1.1) ×105 M-2∙h-1 (7.5 ± 0.6) ×105 M-2∙h-1 our study

k3 (6.0 ± 1.3) ×103 M-2∙h-1 (6.0 ± 1.0) ×103 M-2∙h-1 our study

k4 (6.0 ± 1.2) ×103 M-2∙h-1 (4.0 ± 0.7) ×103 M-2∙h-1 our study

k5 (3.0 ± 0.3) ×106 M-2∙h-1 (5.5 ± 0.6) ×106 M-2∙h-1 our study

564
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565

566

Figure 1. Eh-pH diagram of Pb-Mn-Cl at 25 °C and 1 bar total pressure. Predominance areas were 567

calculated for conditions with 2 mM Pb, 0.1 mM Mn, and 0.2 mM inorganic carbon. Boundaries 568

of predominance areas are shown for chlorine (purple), lead (black), and manganese (green) 569

species.  Blue lines indicate the stability limits of water.  570
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571

Figure 2. Conceptual model of PbO2 formation from cerussite considering PbO2 autocatalytic and 572

MnO2 catalytic effects. Both the hypochlorite ion and hypochlorous acid can oxidize Pb(II) to 573

Pb(IV), and only the hypochlorite ion is shown here for the sake of simplicity.574
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575

Figure 3. Oxidation of cerussite (C) by chlorine with and without (a) plattnerite and (b) scrutinyite. 576

Conditions: pH = 7.5 ± 0.2, initial free chlorine = 0.31 mM (22 mg/L as Cl2), initial cerussite = 2 577

mM as Pb, DIC = 0.2 mM as C. Experimental results are shown as points and modeling results are 578

shown as dashed lines. The average values from duplicate experiments are shown, and the error 579

bars represent the standard deviation from the duplicate experiments.580
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581

Figure 4. Effect of pH on cerussite oxidation. Condition: initial free chlorine = 0.31 mM (22 mg/L) 582

as Cl2, initial Pb = 2mM, carbonate = 0.2 mM as C. Experimental results were shown as points.583
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584

Figure 5. Oxidation of cerussite (C) by chlorine with (a) 0.1 and (b) 1 mM Mn(II) concentrations. 585

Conditions: pH = 7.5 ± 0.2, initial free chlorine = 0.31 mM (22 mg/L as Cl2), initial Pb = 2 mM, 586

carbonate = 0.2 mM as C. Experimental results are shown as points and modeling results are shown 587

as dashed lines. The average values from duplicate experiments are shown, and the error bars 588

represent the standard deviation from the duplicate experiments.589
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590

Figure 6. X-ray diffraction patterns of solids from cerussite (C) oxidation experiments. Dominant 591

peaks associated with scrutinyite and cerussite were indicated, and reference powder diffraction 592

file patterns are included for these phases (04-008-7674 and 01-073-4362). The main peaks of 593

scrutinyite are indicated as S. The main peaks of cerussite are indicated as *.594

10 20 30 40 50 60 70 80

C with 1 mM Mn(II) 5 h

C no Mn(II) 24 h

C with 0.1 mM Mn(II) 24 h

Scrutinyite standard

C no Mn(II) 5 h

Cerussite standard

C with 0.1 mM Mn(II) 5 h

Initial C

a
.u

.

2θ (◦)

S

S

S

S

S

S

*

*

*
*

*

*

*

*

*

*

*

*



37

595

Figure 7. Effluent lead and chlorine concentrations from flow-through experiments with cerussite 596

in the absence and presence of δ-MnO2. Experiments were conducted at a hydraulic residence time 597

of 20 minutes. Samples were not taken during the middle of the experiments (50 to 80 τ). Modeling 598

results are shown as dashed lines. Conditions: pH = 7.5 ± 0.2, initial free chlorine = 0.034 mM 599

(2.4 mg/L) as Cl2, initial Pb = 2 mM, carbonate = 0.2 mM as C.600

Initial Cl2 conc.




