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Graphical Abstract 

 
Active and passive manganese and iron impurities in drinking water-grade lime hydrate are 
removed through redox treatment. 
 

 

Water Impact Statement 

Reducing the amount of manganese and iron impurities present in drinking water treatment 

chemicals can improve both the æsthetic water quality and the integrity of its distribution 

pipelines, as it reduces the occurrence of discoloured water and pipescale.  Herein, we 

develop treatments to remove these species from lime hydrate manufactured for the water 

industry, and provide “rules-of-thumb” for their scale-up. 

 

 

Abstract 

Hydrated limes are amongst the most economically valuable alkalis used by the water 

industry for the treatment of potable water.  They are typically manufactured from the thermal 

decomposition of high purity limestones.  However, the latter contain both manganese and 

iron impurities, which are transformed into the oxides Mn3O4 and Fe2O3 on burning in kilns 

(between 900 – 1100 oC) during the manufacture of lime, and are retained in the lime hydrate 

upon slaking.  These impurities can be released through oxidation by conventional water 

disinfection chemicals (such as alkaline hypochlorite) during the use of lime hydrate as the 

alkaline pH modifier during conventional operations in water treatment works.  This work 

investigates the redox mechanisms for manganese and iron removal from lime hydrate using 

alkaline hypochlorite: for manganese, interfacial electron transfer occurs first leading to 

dissolution as permanganate;  in the case of iron impurities, solubility is encouraged in 

oxygenated solutions first through formation of solid ferrite, with oxidative dissolution of ferrite 

to ferrate.  As expected for activation-controlled reactions, the oxidative dissolution is 

enhanced with increased temperatures;  mapping the dissolution process with time allows for 

the unravelling of “rule-of-thumb” relationships for impurity removal of ~1%/min for 

manganese and ~3%/min for iron at 90 oC in alkaline hypochlorite. 

 

Key words:   Water treatment, manganese and iron impurities, lime, permanganate, ferrate, 

surface kinetics, dissolution, activation controlled reaction, climate-smart impurity removal 
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Introduction 

Although access to safe drinking water is a mandated human right,1 clean water distribution 

has been plagued by pipeline integrity issues, even in high-income countries, for at least the 

last 90 years.2  In England, drinking water, supplied by water companies and authorities, is 

subjected to economic, environmental and public health regulation, by the Water Services 

Regulation Authority (Ofwat), the Environment Agency, and the Drinking Water Inspectorate 

(DWI), respectively.3  Drinking water quality is governed by compliance with legislative 

standards (such as the European Drinking Water Directive 98/83/EC), which are based on 

guidelines published by the World Health Organisation.4  These standards set upper limits on 

the presence of a wide range of ions and compounds, predominantly based on their toxicity;  

potable water is frequently contaminated by both natural effects (associated with 

groundwater/reservoir hydrology and biology),5 and anthropogenic causes.6  These impurities 

can be removed in water treatment works through the addition of chemical coagulants (such 

as alum and ferric sulphate) followed by clarification and filtration, with a subsequent 

disinfection step using, amongst others, chlorine or ozone, to remove micro-organisms.7  

There is an additional consequence for drinking water treatment that results from the 

historical use of lead piping infrastructure in its distribution:  the corrosion of this material is a 

public health hazard (most infamously demonstrated through the 2014-19 Flint Water Crisis);8  

plumbosolvency control in the water mains relies on tiny solubility products, necessitating the 

addition of phosphates during water treatment, so as to maintain an extremely low 

concentration of soluble lead ions. 

 

Manganese and iron are two essential mineral elements which are, likewise, regulated as a 

result of both toxicity (as Mn2+), and their propensity (as black and red oxides) to cause pipe-

scale4,9 – the lining of the water distribution pipelines, causing restricted flow, and ultimately 

requiring more energy to be expended so as to deliver water to consumers than in an de-

scaled pipeline.  Although iron in drinking water is generally present at sufficiently low 

concentrations so as not to present a health hazard (there is no toxicity-based limit on iron in 

drinking water), manganese in drinking water may have adverse effects on intellectual and 

cognitive development, causing it to have an upper guideline value of 400 ppb.4,9  

Nevertheless, the guidelines recommend upper thresholds on manganese (50 ppb) and iron 

(200 ppb), to reduce “metallic taste” and prevent so-called “black water” and “red water” 

phenomena, respectively.4,9  In the UK, these two discoloured water types are often a source 

of customer contacts (complaints) with water companies and authorities:  in 2020, 1.8 M 

consumers (up from 1.1 M in 2019) were affected by the supply of tap water with an 

unæsthetic appearance (colour, taste and odour), as catalogued in Chief Inspector’s Report 

from the DWI,10  with the largest number of complaints stemming from North-West England, 

the Midlands and Wales – areas where the water supply is fed by upland surface waters.10,11  

Such contacts cause the water companies and authorities to be fined by Ofwat.  These 

problems with drinking water distribution, arise from a variety of factors, such as the increase 
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in water use due to hot weather,10,11 the inadequate treatment of raw waters,11,12 or during the 

improvement of the energy efficiency of water distribution by dislodging manganese- and iron-

based oxide debris and pipe-scale using increased hydraulic pressure.9,11,12  Since the 

solubility of manganese and iron oxides is both redox- and pH-sensitive, control of 

manganese and iron in the water supply is achieved through (1) understanding reservoir 

geology and water hydrology,11 (2) designing water treatment works to incorporate elaborate 

filtration operations13 which may be gravel-based, or involve “greensand” (glauconite, 

(K,Na)(FeIII,Al,Mg)2(Si,Al)4O10(OH)2, coated with manganese dioxide), and (3) reducing the 

amount of manganese-oxidising bacterial biofilms,9,12a,14 via efficient disinfection of the water 

supply.9,15,16 

 

It is also important to control the impurity level present in the chemicals used to treat drinking 

water:  the volume of chemicals used in water treatment mean that even small reductions can 

provide benefit.  Alkalis (pH modifiers) represent one of the largest group (by volume) of 

chemicals used by the UK water industry (in excess of 70 kTe/yr),17 with a slight favouring 

(53%) of slaked lime (portlandite, lime hydrate, Ca(OH)2) over caustic soda (NaOH).17a  Lime 

is unusual in that it can be used both to remove manganese from reservoir water,2,18a,b and, 

as observed in KwaZulu-Natal, South Africa, brown lime (added during the treatment process) 

can be a source of manganese, even when the raw water has appreciable amounts of 

manganese.18c  Lime softening of water through impurity removal is thought to occur via 

carbonation of portlandite,19a followed by heavy metal removal through sorption.19a,b  Removal 

of impurities containing silicon and phosphorous, can be achieved through their reactive 

addition to lime or hydrate.19c  In the UK, water-grade alkalis currently conform to European 

Standard CEN TC 164/WG9/TG5, with purity criteria for both caustic (BS EN 896) and lime 

(BS EN 12518) regulating the concentrations of fluorides, radionuclides and heavy metals 

(arsenic, cadmium, chromium, mercury, nickel, lead, antimony and selenium), with further 

limits imposed on lime for SiO2, Al2O3, Fe2O3, MnO2 and CaCO3 impurities.17a  This mandates 

the use of lime derived from industrial grade limestones only for water treatment.  Such 

limestones are often referred to as pure carbonates (>95 wt.% combined CaCO3 and 

MgCO3), which are readily available across the globe:  Figure 1a depicts the distribution of 

the total area (4.1 million km2) of pure carbonate outcrops in the world,20 with the distribution 

of the manufacture of 420 MTe/yr of lime (the average global production rate in 2016-2020)21a 

presented in Figure 1b.  Using the data for the UK as an example, it is clear that ca. 2 wt.% of 

all lime production is required for water treatment purposes,21b so that the global requirement 

of lime hydrate is ca. 11 MTe/yr – a quantity that is not economically viable to manufacture 

without calcination of limestone. 

 

The British Geological Survey have mapped the areas where pure calcium carbonate 

outcrops occur in England and Wales (see Table 1);22 current UK lime manufacturing23 is 

derived from either the high, or very high, purity limestones found in North Lincolnshire  
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(a) 

 
 
(b) 

 
 

Figure 1:  World distribution maps illustrating the country breakdown of (a) pure carbonate rock 
outcrops, and (b) lime production.  In both cases, data are expressed as a percentage of the world 
totals:  (a) 4.1 million km2 and (b) 420 MTe/yr (average for 2016-2022), with the country with the 

greatest pure carbonate rock outcrop area (USA) or the highest lime production (Republic of China) 
indicated separately.  Note that in (b), only the sum total of the individual countries is given with the 
colour corresponding to 0.473%, and that other nations (in grey) may have produced lime over the 

2016-2020 period.  Data taken from (a) reference 20, and (b) reference 21, with both maps being drawn 
using software available at MapChart.Net. 
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(Welton Formation of Cretaceous Chalk)24 or the Derbyshire Dome (Bee Woo Formation of 

Carboniferous Limestones).25  However, although these are all >97 wt.% CaCO3, they are 

typically not “manganese-free”, and therefore may introduce manganese into the drinking 

water distribution network, unless first cleaned to remove the manganese impurities. 

 

In this paper, we illustrate redox chemical processes to treat water-grade lime derived from 

both high purity and very high purity limestones, so as to reduce the extent of manganese 

and iron impurities that they contain.  We use insights into the physicochemical dynamics 

underpinning the impurity removal process to develop important design relationships for 

suitable process operations that could be integrated within existing lime manufacturing plants.  

We first provide an overview of the distribution of these impurities in both Carboniferous 

Limestone and Cretaceous Chalk (see Electronic Supplementary Information, ESI1), and 

indicate how these change during the lime cycle for the production of slaked lime.  

 

 

 

Table 1:  Typical iron and manganese impurity levels in industrial grade limestones in 
England and Wales.†,‡ 

 
 
Location  Formation  CaO  Fe2O3  MnO 

/wt.%   /wt.%  /wt.% 
 

 
Carboniferous Limestone 
Peak District  Bee Low  55.41  0.07  0.02 
Mendips  Burrington Oolite 55.24  0.01  0.00 
South Wales  Oxwich Head  55.80  0.02  0.01 
North Wales  Llandulas  55.38  0.10  0.15 
North Pennines  Cove   55.73  0.01  0.01 
Lake District  Park   55.52  0.03  0.05 
Average (Carboniferous Limestone)  55.51  0.04  0.04 
Standard Deviation    0.21  0.04  0.06 
 
Cretaceous Chalk 
Humberside  Welton   54.81  0.04  0.05 
Humberside  Flamborough  53.60  0.10  0.06 
Wiltshire  Upper Chalk  54.87  0.06  0.15 
Wiltshire  Upper Chalk  54.93  0.03  0.03 
Kent   Upper Chalk  55.45  0.04  0.04 
Suffolk   Upper Chalk  54.94  0.08  0.06 
Average (Cretaceous Chalk)   54.77  0.06  0.07 
Standard Deviation    0.62  0.03  0.04 
 

 
†Adapted from data provided as Tables 3 and 12 in reference 22c. 
‡Very high purity limestone is >98.5 wt.% CaCO3, corresponding to >55.2 wt.% CaO;  high purity 
limestone has CaCO3 in the range 97-98.5 wt.%, corresponding to CaO in the range 54.3 – 55.2 wt.%, 
using conventional assessment criteria – see Table 5 of reference 26a.  Note that the Flamborourgh 
Chalk Formation is technically of medium purity. 
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Manganese and Iron Impurities in High Purity Limestones 

The British Geological Survey describes limestones as being high purity, or very high purity 

depending on whether the mass fraction of CaCO3 present therein is between 97.0% and 

98.5%, or above 98.5%, respectively.26  These are the only two categories of limestone 

considered to be suitable as industrial grade for use in the water treatment, iron and steel, 

chemicals, glass making, filters and pigments, paper and flue gas desulphurization 

industries.22,27  Table 1 illustrates the typical compositional variation of both manganese (as 

MnO) and iron (as Fe2O3) impurities within high and very high purity limestone (limestone and 

chalk) strata in England and Wales.22c  It is clear that, with the exception of the Burlington 

Oolite, all high purity (Cretaceous) and very high purity (Carboniferous) limestones in Table 1 

are contaminated by both iron and manganese, with the slightly lower purity chalk being more 

uniform in its impurity distribution – the relative standard deviations are high for Carboniferous 

Limestones (92% (Fe) and 141% (Mn)), but much lower for the Cretaceous Chalk (47% (Fe) 

and 67% (Mn)), across all locations.  This general picture is slightly misleading, since different 

parts of a limestone quarry can expose different depths of the limestone stratigraphy – for 

example, the Hindlow Quarry (Carboniferous Limestone from the Peak District) is reported to 

have manganese levels between 80-160 ppm, and iron levels between 200-500 ppm;25  in 

contrast the Tunstead Quarry (Carboniferous Limestone from the Peak District) has 

manganese levels in the range 80-960 ppm, with iron levels ranging between 200-

3000 ppm.25  It appears that small variations in the rock lithology can lead to a wide variation 

in the level of the iron and manganese contaminants:22,26  such local variations can 

downgrade the purity of limestones,22,26 and, since limestones (including hard Northern 

Province Chalk – see Electronic Supplementary Information, ESI1) are typically blasted from 

a rock face, it is not always possible to separate out these impurities.27 

 

Manganese and iron impurities in limestones derive from a number of sources, such as the 

iron sulphides (pyrite and marcasite) present in clay bands (wayboards), through 

dolomitization (minerals such as ankerite and kutnohorite), or through “accessory” minerals 

including tourmaline, garnet, magnetite, rhodochrosite and siderite.22,24,25,28  Since limestones 

are permeable, it is thought that incongruent reactions at the particle surfaces release Mn2+ 

and Fe2+ ions into either recharge or connate water, resulting in a purer calcite.28  Thus, under 

oxidising conditions (Eh > ca. 300 mV, see Electronic Supplementary Information, ESI2), 

manganese and iron can be deposited as dendrites at shallow fracture surfaces as the oxides 

(such as pyrolusite, MnO2), sesquioxides (braunite, Mn2O3, bixbyite, and hæmatite, Fe2O3), 

oxohydroxides (for example, manganite, MnOOH, and gœthite,  α-FeOOH), hydroxides and 

hydrated iron oxides (including limonite).29-32  Typically iron and manganese oxides in 

limestones occur in separate deposits.  However, where they occur together, the iron oxides 

typically overlay the older manganese oxide deposits,29 indicating that the manganese oxides 

enable the precipitation of iron oxides.33  Under reducing conditions, the divalent impurities   



	   8 

 
 
 

 
 

Figure 2:  Schematic illustration of dissolution/re-precipitation reactions causing the mineralisation of 
manganese (as radial dendritic growths) through incongruent reactions at fracture surfaces in the 

presence of interstitial or connate or recharge water.  Adapted from reference 28. 
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can be incorporated as interstitial solid solutions in the calcite (or, in the case of Limestone, 

calcite and aragonite) particles.29,34  Such solution/re-deposition chemical processes (see 

Figure 2) are characteristic origins of manganese ores,29 including the famous deposits at 

Nikopol (Ukraine) and Chiaturi (in the Caucasus).35 

 

 

Manganese and Iron Impurities in Slaked Limes 

The manufacture of lime hydrate first involves the comminution of limestones, followed by the 

stages of calcination and then reaction with water (see Electronic Supplementary Information, 

ESI3).27  During the calcination process to form quicklime (CaO, molar mass 56 g/mol), 

carbon dioxide is lost from the calcite (CaCO3, molar mass 100 g/mol), so that although there 

is a small degree of shrinkage of the rock,27 the concentration of solid impurities increases.  

Singleton Birch, Ltd.’s high calcium quicklime, Burnt Lime 40,36 although hard to quantify 

exactly owing to its high reactivity with atmospheric moisture and carbon dioxide, typically 

comprises >90 wt.% CaO, with small degrees of impurities derived from both the limestone 

rock and the sulphur from the natural gas used in the calcination.  Digestive analysis (see 

Electronic Supplementary Information, ESI4) of quicklime indicates a doubling of the 

manganese and iron concentration in lime compared with chalk (Figure 3).  No differences 

were found between the size fractions investigated (~50 mm for Burnt Lime 40, or 3.35 mm 

finer screenings).  The slight difference between the ratios for manganese and iron in lime 

versus the quarried rock, is indicative of the fact that both impurities derived from different 

oxidation forms in the chalk:  the mass loss is consistent with Fe2O3
 (FeIII) and Mn3O4 

(hausmannite, where (Jahn-Teller distorted) MnIII occupies all of the octahedral sites, with 

MnII distributed in the tetrahedral sites in a cubic oxide lattice) being the impurities in 

quicklime, and Mn2O3 and either FeCO3 or FeS2 as the impurities in the chalk.  This 

interpretation is consistent with the reported thermodynamic stability of manganese and iron 

oxides, carbonates and disulphides at kiln temperatures (900 – 1100 oC).37,38  Note that whilst 

the kiln temperature is controlled to avoid sintering (“dead-burned lime”), the maximum upper 

temperature is close to that for the tetragonal-to-cubic phase change of the hausmannite 

spinel (1170 oC).39 

 

Slaked lime is manufactured through reacting quicklime with a slight excess of the 

stoichiometric amount of water, to afford lime hydrate (Ca(OH)2).  The exothermicity of this 

reaction (temperatures can reach up to 150 oC) causes the excess water to vaporise, so that 

the impurities will remain in the solid state.  The lime hydrate is a fine white powder, with an 

average particle diameter of 5  µm, and is a porous material of extremely high specific surface 

area (>20 m2/g).36  As indicated in Figure 3, on slaking the lime, the mass increase in going 

from CaO to Ca(OH)2 (molar mass 74 g/mol) causes the impurity concentration to decrease 

by similar amounts for manganese and iron impurities.  This suggests that the chemical 

nature of the manganese impurity is essentially unaffected by slaking, even if the iron   



	   10 

 
 
 

 
 

Figure 3:  Manganese and iron impurities within the lime cycle (Chalk is CaCO3;  lime refers to CaO;  
hydrate refers to Ca(OH)2).  Data obtained through HF digestion of the sample, followed by ICP-OES 

analysis (see Electronic Supplementary Information, ESI4).  Note that in these plots, manganese (grey) 
and iron (red) levels, recorded as ppm (mg/kg), have been normalised to the average manganese or 

iron level present in quarried chalk.  Error bars indicate one standard deviation over at least three 
samples. 
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contaminants form hydrated oxides.  As indicated in Electronic Supplementary Information, 

ESI5, slaked lime manufactured by Singleton Birch, Ltd. is typically ca. 97 wt.% portlandite 

(Ca(OH)2).    Accordingly, we may envisage that the particles of lime hydrate can be 

considered as existing with both “hard” core of CaCO3 surrounded by a “softer”, porous shell 

of Ca(OH)2.  This visualisation is a little primitive, since re-carbonation of the surface of the 

intermediate lime particles can take place.  Nevertheless, in terms of impurity distribution and 

dispersion, we consider the following: Fe2O3 (core/shell), FeS2/FeCO3, (core),  Mn2O3 (core) 

and Mn3O4 (core/shell). 

 

The manganese and iron impurities in lime hydrate cannot be removed by water alone, as will 

be discussed later.  It follows that a solution-based chemical etching process is necessary to 

remove iron and manganese impurities from lime hydrate.  However, as the hydrate buffers 

the solution at very high pH (ca. 12.3), an etching process involving reduction of the impurities 

to the soluble divalent ions is flawed, as this will cause the impurities to be precipitated as the 

(coloured) hydroxides onto the white hydrate.40  Accordingly, we consider the oxidative 

etching of the impurities. 

 

 

Oxidative Removal of Manganese and Iron Impurities from Slaked Lime 

In preliminary experiments, 1 g of slaked lime were incubated overnight with 100 g (80 mL) of  

of alkaline hypochlorite solution (~8%, density ~1.25 g/mL) and left, without stirring, in an 

open beaker at ambient temperature, after which a pale pink supernatant was observed.  

Spectroscopic analysis (see Electronic Supplementary Information, ESI6) afforded both a 

split-peak at ca. 520 nm, corresponding to the permanganate (MnO4
-) anion, and a peak at 

505 nm, which matches-up with that expected from ferrate (FeO4
2-).41  (Indeed, when the 

inverse spinel magnetite, Fe3O4, was treated under similar conditions, a purple supernatant, 

corresponding to ferrate was observed.)  These experiments were repeated using slaked lime 

manufactured from rocks derived from throughout the Welton Formation of the Cretaceous 

Chalk at the Melton Ross Quarry ((North Lincolnshire, UK), in addition to slaked lime derived 

from Bee Low Carboniferous Limestone (Derbyshire, UK), both in the presence and absence 

of oxygen.  In these experiments, after soaking the slaked lime in alkaline hypochlorite for a 

variable, fixed time periods, the pink supernatant was removed through vacuum filtration, and 

owing to the reduction of the supernatant by the filter paper (see Electronic Supplementary 

Information, ESI4),42 on the upper part of the dried filter cake was analysed via ICP-OES.  

Figure 4 illustrates the temporal variation of both the manganese and the iron in the filter 

cake, where it is clear that after ca. 72 hr of incubation, the manganese level drops by ca. 

60%, and the iron content decreases by ca. 70%.  These results are general, and hold 

irrespective of the origin of the slaked lime feedstock - Northern Province Cretaceous Chalk 

(derived from a wide range of lithostratigraphies within the Welton Formation) or 

Carboniferous Limestone (Bee Low Formation).  However, there is a subtle difference in the   
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(a) 

 
 

(b) 

 
Figure 4:  Variation of (a) Mn and (b) Fe under quiescent conditions during incubation with 8% alkaline 
hypochlorite solution.  Note that the data have been normalised to the average manganese or iron level 
present in untreated sample (when time = 0 hr, and where the relative concentration is unity).  Unless 

stated, experiments were undertaken without oxygen purged-solutions.  Key:  Dark blue circles 
correspond to lime hydrate derived from Welton formation Chalk derived from screenings obtained from 

the middle stratitographic section (between the Melton Ross Marl and the Barton Marl 1);  red circles 
correspond to slaked lime derived from Bee Woo Limestone;  green and gold circles correspond to lime 
hydrate derived from chalk or chalk screenings, respectively, taken from the bottom bed (between the 
Grasby Marl to just below the Chalk Hill Marl, but above the Black Band);  light blue circles correspond 

to conditions identical to the dark blue circles, except under anærobic (oxygen-purged) conditions.  Error 
bars indicate one standard deviation over at least three samples. 
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 trends for manganese and iron:  the filter cake becomes progressively depleted from 

manganese impurities during the treatment (irrespective of whether oxygen is present), at an 

initial rate of ~1%/hr;  in contrast, the removal of iron impurities is affected by the presence of 

oxygen in the solution.  Under ærobic conditions, the iron content of the filter cake appears 

first to increase, and then decrease;  however, there is no apparent loss of iron impurity under 

anærobic conditions. 

 

These results indicate that the removal of both the manganese and the iron impurities occurs 

in slightly different ways, likely linked to the difference in the oxidation states of the two 

different transition metal ion impurities, and reaction mechanism.  The manganese is present 

in Mn3O4 as both MnII and MnIII, so that oxidation to MnVII can be achieved through reaction 

with alkaline hypochlorite, without requiring the presence of oxygen. 

  (A) 

This reaction (A) does not have to occur in a single step;  rather, since the presence of green 

MnVI is noticeable during the filter paper reduction of the supernatant (see Electronic 

Supplementary Information, ESI4), we may propose the following reaction sequence. 

   

Mn3O4 s( ) +ClO− aq( )⎯→⎯ Mn2O3 s( ) + MnO2 s( ) +Cl− aq( )
Mn2O3 s( ) +ClO− aq( )⎯→⎯ 2MnO2 s( ) +Cl− aq( )
MnO2 s( ) +ClO− aq( ) + 2OH − aq( )⎯→⎯ MnO4

2− aq( ) +Cl− aq( ) + H2O ( )
2MnO4

2− aq( ) +ClO− aq( ) + H2O ( )⎯→⎯ 2MnO4
− aq( ) +Cl− aq( ) + 2OH − aq( )    (B) 

This scheme is in agreement with literature observations on the oxidation of manganese 

species at high pH to afford permanganate.43  Indeed, we observed that pyrolusite ( β-MnO2) 

behaved in an analogous manner (data not shown).  Note that, in agreement with literature 

observations for aragonite,44 we were unable to observe the removal of manganese from 

chalk immersed in alkaline hypochlorite. 

 

In contrast, since the iron impurities are present as FeIII, the oxidation to afford FeVI in the 

presence of concentrated sodium hydroxide (which stabilises the hypochlorite solution) must 

occur first through the solubilisation of the FeIII species,45 

   
Fe2O3 s( ) + 2OH − aq( )⎯→⎯ 2FeO2

− aq( ) + H2O ( )      (C) 

In the above, although we have depicted the iron impurities as hæmatite ( α-Fe2O3), we 

recognise this could be a different form of FeIII.  This solubilisation is also observed as a route 

for removing iron impurities from aragonite.44   Indeed, we also observed that maghæmite ( γ-

Fe2O3) was partially solubilised by oxygenated, concentrated sodium hydroxide solution when 

incubated overnight, affording a pale yellow solution, corresponding to ferrite (data not 

shown).  This is consistent with the low solubility of ferric oxide at ambient temperature,45 

which is reported to increase with both temperature and hydroxide concentration;  it has been 

recognised that the solubility of hæmatite in alkali-metal hydroxide solutions changes with the 

   
2Mn3O4 s( ) +13ClO− aq( ) + 6OH − aq( )⎯→⎯ 6MnO4

− aq( ) +13Cl− aq( ) + 3H2O ( )
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alkali metal cation, and follows the order for oxygen oxidation of metallic iron in those 

solutions.45b 

 

In the absence of oxygen, there is little loss of iron from the filter-cake (Figure 5) in the 

presence of alkaline hypochlorite, suggesting no oxidation takes place. However, in the 

presence of oxygen, the concentration of iron in the filter-cake first increases (by 40%), and 

then reduces to close to 60% of the original content.  This is suggestive of an oxygen-

catalysed FeIII dissolution process:  oxygen is not sufficiently strong an oxidant in basic media 

to oxidise ferrite (FeO2
-) to ferrate,  

   
FeO2

− aq( ) + 4OH − aq( )⎯→⎯← ⎯⎯ FeO4
2− aq( ) + 2H2O ( ) + 3e−

     (D)
 

However, half-reaction (D) is viable for alkaline hypochlorite:  the standard potential for the 

ferrite/ferrate redox couple, though not very well defined,43c,45a is estimated to be ~+0.8 -

 +0.9 V vs. SHE at pH 14.  We thus propose that in the absence of oxygen, Fe2O3 (or some 

hydroxylated solid form) remains in the solid state;  in the presence of oxygen, adsorption 

onto the surface of the iron(III) oxide/oxohydroxide first enables solid NaFeO2(s) to form 

(giving rise to the 40% increase in concentration),45b,c which can then dissolve under oxidative 

conditions to yield the purple ferrate ion in solution.  To confirm this, an experiment was 

undertaken in which magnetite (Fe3O4 – a inverse spinel with FeIII in the tetrahedral sites and 

half of the octahedral sites, with the remaining octahedral sites occupied by FeII) was 

incubated with oxygenated, concentrated sodium hydroxide solution.  After one week of 

incubation, the supernatant above the black solid was still clear and colourless;  addition of 

alkaline hypochlorite caused no immediate colour change, except after an overnight 

incubation, whence the deep purple ferrate anion was observed.   

 

In contrast, experiments using an ironstone (~82% calcite, ~17% gœthite and <1% siderite, 

see Electronic Supplementary Information, ESI7) refluxed with alkaline hypochlorite did not 

give rise to a purple solution, indicating the need for ferrite formation to occur through 

dissolution prior to oxidation.   

 

This confirms the nature of the oxidative etching process of iron-based impurities in lime, 

which can be written as the overall reaction: 

   
Fe2O3 s( ) + 3ClO− aq( ) + 4OH − aq( )⎯→⎯ 2FeO4

2− aq( ) + 3Cl− aq( ) + 2H2O ( )    (E) 

Although no effort was made to shield the solutions from direct sunlight, it is unlikely that 

photo-reductive dissolution of FeII by superoxide46 is viable in these experiments:  superoxide 

is readily oxidised by hypochlorite. 

 

From a chemical process perspective, it is insightful to identify whether the chemical etching 

process is limited by slow transport of hypochlorite to the slaked lime particle surface, or by 

slow surface kinetics:  in the former case, greater impurity removal will occur with increased  
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(a) 

 
 

(b) 

 
Figure 5:  Variation of (a) Mn and (b) Fe under stirred conditions (indicated by the rotation speed of the 
magnetic flea used) during incubation with 8% alkaline hypochlorite solution.  Note that the data have 
been normalised to the average manganese or iron level present in untreated (and unstirred) sample 
(when time = 0 hr, and where the relative concentration is unity).  All experiments were undertaken 

under ærobic conditions with lime hydrate derived from Welton formation Chalk derived from screenings 
obtained from the middle stratitographic section (between the Melton Ross Marl and the Barton Marl 1).  

Key:  Dark blue circles correspond to rotation speeds of 480 rpm;  red circles correspond to rotation 
speeds of 580 rpm;  green circles correspond to rotation speeds of 2580 rpm.  Error bars indicate one 

standard deviation over at least three samples. 
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agitation of the slaked lime/alkaline hypochlorite slurry;  in the latter, greater removal 

necessitates longer incubation times.  The comparison of Figure 5 with Figure 4 indicates that 

increasing the agitation of the hydrate/hypochlorite solution slurry does not translate into a 

greater loss of manganese from the resulting filter cake, indicating that the etching is limited 

by the surface kinetics;  this is less evident for the case of iron removal, as expected from the 

inferred solubilisation prior to oxidation (reaction (E)). 

 

Owing to the control due to slow surface kinetics (50% of impurity removal through chemical 

etching using alkaline hypochlorite requires between 10-20 hr), reaction variables (such as 

temperature and hypochlorite concentration) were next varied, so as both to unravel the 

mechanism further, and to optimise the impurity removal chemistry, in order to develop a 

more useful and practical process operation. 

 

 

Optimisation of Dissolutive Process Chemistry 

Under ærobic conditions, increasing the temperature from ambient (20 oC) to 90 oC in ~8% 

alkaline hypochlorite solution, causes the initial rate of removal of both manganese and iron 

impurities in the filter cake to increase to ca. 1 %/min (Mn) and ca. 3 %/min (Fe), Figure 6.  

This increase does not results from an apparent increase in solubility:  the retrograde 

solubility of Ca(OH)2 with temperature,47 in addition to the common-ion effect, serves to 

reduce hydrate dissolution to negligible values (~0.003 wt.%, see Electronic Supplementary 

Information, ESI8).  Indeed, control experiments using deionised water (1.0 g of lime hydrate 

equilibrated (20 min at 90 oC) in 80 mL of deionised water), reveal a 20% increase in the 

concentration of manganese in the solids, but ca. 60% decrease in iron (Figure 6).  Inasmuch 

as an increase in the manganese content is expected:  ~5 wt.% of hydrate will dissolve (see 

Electronic Supplementary Information, ESI8), enriching the impurity concentration, the 

decrease in iron content of the resulting filter cake is consistent with the formation (and 

thermally enhanced solubility) of ferrite.45b  Again, the effect of increasing the mass transport 

of hypochlorite (higher than that due to thermal convection) has only very limited effect 

(Figure 6). 

 

The plots in Figure 6 indicate that prolonged incubation at 90 oC has little effect on the 

etching.  This likely results from the thermal decomposition of hypochlorite, which can be 

catalysed by ferric oxide, and is thought48 to proceed via a slow initial disproportionation 

reaction of hypochlorite to chlorite, followed by faster oxidation to chlorate: 

  

2ClO− aq( )⎯→⎯ ClO2
− aq( ) +Cl− aq( )

ClO− aq( ) +ClO2
− aq( )⎯→⎯ ClO3

− aq( ) +Cl− aq( )       (F)
 

It follows that a cascade chemical etching process, where in a batch of slaked lime is treated 

for a fixed, short period of time (intervals of 1, 2 and 3 hr) at 90 oC with alkaline hypochlorite, 

filtered and then re-treated using fresh hypochlorite reagent under the same conditions, would   
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(a) 

 
 

(b) 

 
Figure 6:  Variation of Mn and Fe concentrations in lime hydrate filter cake during incubation with 8% 

alkaline hypochlorite solution or deionised water at 90 oC, under (a) non-stirred but thermally convective, 
and (b) stirred at an arbitrary rotation speed of the magnetic flea used.  Note that the data have been 
normalised to the average manganese or iron level present in untreated (and unstirred) sample (when 

time = 0 hr, and where the relative concentration is unity).  All experiments were undertaken under 
ærobic conditions with lime hydrate derived from Welton formation Chalk derived from screenings 

obtained from the middle stratitographic section (between the Melton Ross Marl and the Barton Marl 1).  
Key:  purple circles correspond to Mn concentrations using alkaline hypochlorite solution;  sky blue 

circles correspond to Mn concentration using deionised water;  orange circles correspond to Fe 
concentrations using alkaline hypochlorite solution; blue circles correspond to Fe concentration using 

deionised water.  Error bars indicate one standard deviation over at least three samples. 
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(a) 

 
 

(b) 

 
Figure 7:  Variation of (a) Mn and (b) Fe concentrations in lime hydrate filter cake during variable time 
incubation intervals (1, 2 and 3 hr) with 8% alkaline hypochlorite solution or deionised water at 90 oC 
whilst stirred at an arbitrary rotation speed of the magnetic flea used.  Note that the data have been 

normalised to the average manganese or iron level present in untreated (and unstirred) sample (when 
time = 0 hr, and where the relative concentration is unity).  All experiments were undertaken under 
ærobic conditions with lime hydrate derived from Welton formation Chalk derived from screenings 

obtained from the middle stratitographic section (between the Melton Ross Marl and the Barton Marl 1).  
Key:  green, blue and red circles correspond to incubation times of 1, 2 and 3 hr, respectively.  Error 

bars indicate one standard deviation over at least three samples. 
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(a) 

 
 

(b) 

 
Figure 8:  Variation of (a) Mn and (b) Fe concentrations in lime hydrate filter cake during fixed 20 min 
incubation cascades with 8% or 14% alkaline hypochlorite solution or deionised water at 90 oC whilst 

stirred at an arbitrary rotation speed of the magnetic flea used.  Note that the data have been 
normalised to the average manganese or iron level present in untreated (and unstirred) sample (when 

time = 0 hr, and where the relative concentration is unity).  All experiments were undertaken under 
ærobic conditions with lime hydrate derived from Welton formation Chalk derived from screenings 

obtained from the middle stratitographic section (between the Melton Ross Marl and the Barton Marl 1).  
Key:  blue, red and green circles correspond to hypochlorite chloride levels of 8% (batch 1), 8% (batch 

2) and 14%, respectively.  Error bars indicate one standard deviation over at least three samples. 
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enable shorter treatment times and, overall faster impurity removal.  This is indeed observed, 

as illustrated in Figures 7 and 8, where it is appreciated that the initial rate of removal with 

fresh hypochlorite solution is maintained though this staged process.  Moreover, as expected, 

the shortest cascade incubation (20 min) soonest yields the purest filter cake (Figure 8) in 

terms of manganese and iron removal. Again, the contrast between the iron and the 

manganese data is likely due to the requirement to solubilise the iron species as ferrite, 

especially at the higher temperature, suggesting that this first step (assisted by oxygen) is 

rate-determining for iron impurity removal at the higher temperature. 

 

Under these conditions of temperature (90 oC) and cascade interval (20 min), increasing the 

hypochlorite concentration from ~8% to ~14% (a concentration factor of 1.75), has little effect 

on the removal of manganese or iron (Figure 8).  This indicates that removal of both 

manganese and iron follows zeroth-order kinetics in hypochlorite in both cases.  Focussing on 

the mechanistically less complicated manganese dissolution, the manganese-removal rate,  

 

d nMn( )solid

dt
= −khet         (1) 

where 
 

nMn( )solid
 is the number of moles of manganese in the solid lime hydrate (virgin material 

or filter-cake) to which alkaline hypochlorite solution is added, and khet is the zeroth-order rate 

constant corresponding to the rate-limiting step in the sequence of steps provided in reaction 

(B) – see also Electronic Supplementary Information, ESI9.  The solid manganese 

concentration determined using ICP-OES (see Electronic Supplementary Information, ESI4) 

affords manganese concentrations as parts-per-million by mass (ppm, mg/kg), so that at any 

time t, 
  

nMn( )solid

t
=

10−6 ppm( )t
ms − qsV{ }

M Mn

, in which (ppm)t is the manganese concentration in the 

filter-cake, ms is the mass of the virgin lime hydrate used at the start of the experimental 

cascade (in g), s is the solubility of the lime hydrate in the alkaline solution at the 

experimental temperature (in g/L), V is volume of the alkaline hypochlorite solution used (in 

L), which is kept at a constant value throughout the cascade, q is the cascade number, with 

the first batch taking q = 1, and MMn is the molar mass of manganese (in g/mol).  This enables 

equation (1) to be re-cast in terms of the solid manganese concentration, and integrated 

using the boundary condition t = 0, (ppm)t = (ppm)0, to yield equation (2): 

  

ppm( )t

ppm( )0 = 1− keff t          (2) 

in which the effective rate constant, 
  

keff = khet

106 M Mn

ppm( )0
ms − qsV{ }

.  For the extremely low lime 

hydrate solubilities (for further discussion, see Electronic Supplementary Information, ESI8 

and ESI9), the corrected mass is essentially constant, so that plots of relative manganese 

concentration against time are linear, as observed in Figure 9 for small cascade numbers.  

These afford values of khet = 6.1 ± 1.5 × 10-8 mol/min at 90 oC for the removal of manganese   
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Figure 9:  Variation of Mn concentrations in lime hydrate filter cake during fixed 20 min incubation 
cascades with 14% alkaline hypochlorite solution or deionised water at 90 oC whilst stirred at an 

arbitrary rotation speed of the magnetic flea used.  Note that the data have been normalised to the 
average manganese or iron level present in untreated (and unstirred) sample (when time = 0 hr, and 
where the relative concentration is unity).  All experiments were undertaken under ærobic conditions.  
Blue and green circles correspond to lime hydrate derived from Welton formation Chalk derived from 
screenings obtained from the middle stratitographic section (between the Melton Ross Marl and the 

Barton Marl 1), with initial hydrate mass of 2.0 and 1.0 g, respectively;  red circles correspond to lime 
hydrate derived from Carboniferous Limestone, with initial hydrate mass of 1.0 g.  Error bars indicate 
one standard deviation over at least three samples.  The purple line corresponds to equation (2), with 

the average effective rate constant, keff = 7.3 ± 1.9 x 10-3 min-1. 
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impurities in lime hydrate, which are independent of both the derived limestone type 

(Cretaceous Chalk or Carboniferous Limestone), and the mass of the material treated, 

suggesting all samples are approximately monodisperse and with similar particle sizes. 

 

For manganese removal, these are pure kinetics – they have no contribution from mass 

transfer:  under the approximation that the Sherwood number (Sh) is 2, viz.,49 , an 

equation relevant for mass transfer to small particles, where dp is the slaked lime particle 

diameter (5  µm),36 D is the diffusion coefficient of hypochlorite in aqueous alkaline solution 

(~10-5 cm2 s-1), the mass transfer coefficient (kL) is estimated as being 0.04 cm/s. In the 

experiments in Figure 9, the etching rate constant at 90 oC is ~ 10-9 mol/s from a surface area 

of36 ~20 m2/g using an hypochlorite concentration of ~5 M, affording a mass transfer 

coefficient of ~10-12 cm/s, which is many orders of magnitude less than the transport-limited 

rate, confirming no contribution from mass transfer.50 

 

The low temperature data illustrated in Figure 4 can also be analysed through equation (2), to 

afford khet = 8.0 ± 3.4 × 10-10 mol/min at 20 oC for manganese removal from lime hydrate.  

Again, this is independent of the derived limestone type, and whether the etching is 

undertaken in the presence, or absence of oxygen.  These low and high temperature rate 

constants enable the estimation of the activation barrier for the etching process to be 

0.58 ± 0.07 eV, using an Arrhenius-type relationship.  This activation energy is similar to 

literature estimates for the DC conductivity (via electron hopping between MnII and MnIII sites) 

within nano-crystalline (~10 nm) Mn3O4 (0.45-0.69 eV),51 and suggests that the slow step for 

manganese etching is an interfacial electron transfer event: 

  
Mn3O4 s( ) +ClO− aq( ) slow⎯ →⎯⎯ Mn2O3 s( ) + MnO2 s( ) +Cl− aq( )    (G) 

where the manganese impurities remain in the solid state, during inner-sphere oxidation52 by 

hypochlorite ions across the solid/liquid interface. 

 

In order to confirm the dissolution rate as being controlled by an interfacial electron transfer 

process, ambient temperature experiments were undertaken in which the chemical oxidant 

was replaced by distilled water saturated with both ozone and lime hydrate (pH 12.3).  In this 

case (data not shown), the value of khet was observed to be 2.2 ± 0.1 × 10-8 mol/min (when 

corrected for the greater solubility of lime hydrate in water than in sodium hydroxide solution).  

This value is significantly larger than that observed at ambient temperature for alkaline 

hypochlorite oxidants, even after accounting for the concentration differences53 between 

ozone (at saturation, ~5 mM) and the hypochlorite solution used (~2.5 M).  Nevertheless, 

these results are consistent with the expected linear free energy nature of the 

activation/driving force within the normal Marcus region:54  the standard potentials at45a pH 14, 

E0
B = +1.24 V vs. SHE (for O3/O2), with E0

B = +0.89 V vs. SHE (for ClO-/Cl-) confirm the 

  
Sh =

dpkL

D
= 2
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greater oxidising strength of ozone compared with hypochlorite, and, thence, the faster 

dissolution rate in the presence of ozone. 

 

The observation of zeroth-order kinetics for manganese loss from slaked lime gives rise to a 

“rule-of-thumb” for the scale-up of this process chemistry.  However, it is important to realise 

that after removal of ca. 75% of the original manganese impurity, a constant amount remains, 

as determined via ICP-OES (Figure 9).  This is “inactive” manganese – it is inaccessible and 

cannot be removed through a chemical etch with hypochlorite – either because it is too deep 

within the core of the hydrate particles (within the 3% calcite), or because it is in a different 

“shell” of the hydrate, or even in a different oxidation form, compared with the “active 

manganese”, and thus has a slower etching rate constant. 

 

We next consider how the insights into this chemical etching chemistry can adapted to 

existing processes where lime is used for the drinking water distribution network. 

 

Adaptation for End-use 

Current methods the removal of soluble iron and manganese in drinking water typically uses 

elaborate filtration beds, each with a unit treatment cost of €0.12/m3 (for a mid-sized water 

treatment plant).9  The removal of iron or manganese in drinking water treatment chemicals is 

not a standard practice, so that implementation of corrective actions, such as those indicated 

herein, necessarily has to be of low cost.  Given this, considering typical water treatment 

plants employ pH modifiers such as lime, and oxidative disinfection chemicals such as 

chlorine or hypochlorite at a number of process stages, “manganese-free” lime is only needed 

if there is no filtration bed after the last combination of lime and oxidant.  This reduces the 

demand for “manganese-free” lime. 

 

The chemical etching pathway demonstrated herein suffers from slow, zeroth-order 

heterogeneous kinetics, and this requires process heat to raise the temperature to 90 oC.  

However, these high temperatures facilitate the decomposition of the alkaline oxidant 

required, so that a cascade approach is required, if hypochlorite is used as the oxidant, which 

adds to the overall operational expenditure required:  this work has demonstrated capability 

only using at a solid hydrate to liquid solution oxidant ratio of between 0.0125 - 0.025 g/mL.  

Whilst further work may be able to demonstrate viability through increasing this ratio, an 

alternative is to employ the use of a different oxidant, such as the continual bubbling of 

chlorine gas in an aqueous lime slurry (“aqualime”).  Although lime manufacturers do 

distribute aqualime, they tend not to have chlorine gas on-site.  However, water treatment 

plants typically have opportunities to make aqualime on-plant, and sometimes may have the 

process safety infrastructure needed to use chlorine on-plant, so that water companies may 

use this chemistry.  An additional advantage of performing this chemistry on a water 

treatment plant is that the permanganate and ferrate generated can be used to remove the 
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odour associated with reduced gases (such as hydrogen sulphide and ammonia) that are 

typically present on such sites. 

 

 

Conclusions 

In this work, we have developed high pH redox chemistry that demonstrates how both 

manganese and iron impurities can be removed from lime hydrate derived from quarried 

limestones.  The mechanism for the oxidative removal is different for both iron and 

manganese:  in the former, oxygenated solutions are required to transform the surface ferric 

oxide into ferrite, which can be solubilised through oxidation with hypochlorite to yield soluble 

ferrate;  in contrast, hausmannite is oxidised stepwise by hypochlorite (or ozone), ultimately to 

furnish soluble permanganate. 

 

These reactions are under activation control, with the kinetics of oxidation increasing with 

temperature.  For manganese, these dissolution kinetics are zeroth-order that appear to be 

limited by the rate of electron transfer, enabling design rules for the up-scale of this process 

to be determined of ~1%/min for manganese and ~3%/min for iron, at 90 oC.  However, it is 

important to realise that this chemistry cannot create a completely “manganese-free” or “iron-

free” product: around 25% of the total manganese (“inactive” manganese) remains, 

irrespective of the feedstock (Carboniferous Limestone or Cretaceous Chalk). 

 

Although further work is needed to examine the economic viability of this process chemistry at 

scale, it nevertheless provides an opportunity for manufacturers to develop suitable lime 

hydrate products that hold very low levels of manganese and iron impurities.  Alternatively, 

given the simplicity of the operations, and that the treatment chemicals are similar to those 

already deployed for disinfection in the water industry, the impurity-removal process could 

potentially be integrated on the site of existing water treatment works. 

 

Last, we note that control of manganese in lime products is important for processes other 

than in those employed by the water industry.55-57 
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ESI1:  Chalk and Limestone 

Limestones are rocks containing essentially calcium carbonate.S1  These can be formed 

through precipitation from water, usually in widespread but shallow seas (non-clastic, 

chemical or inorganic limestone), through the secretions or capture by aquatic organisms 

such as coral or microorganisms (biogenic limestone),S2 or through the shells of dead sea 

creatures such as coccolithophores or foraminifera (bioclastic limestone – the grains and 

clasts are fossils which do not interlock, but rather are agglomerated and cemented in an 

ooze).S3  Limestones often contain impurities such as clay and sands.  In the United Kingdom, 

there are four common types of limestone:  chalk, Carboniferous Limestone, oolitic limestone 

and magnesian limestone (dolomite, CaCO3.MgCO3).S4  The members of the British Lime 

Association – the national trade organisation for industrial lime producers, use limestones 

quarried from either Carboniferous Limestone (Lhoist UK and Tarmac Buxton Lime) in the 

Peak District, or Cretaceous Chalk (Singleton Birch, Ltd.) in Humberside.  We consider both 

limestones in turn. 

 

Cretaceous Chalk is a friable limestone.S5  This rock, extracted at the Melton Ross Quarries 

by Singleton Birch, Ltd. (with an output of over 1.5 MTe/yr),S6 is of the Welton Formation.S7  

The Chalk, formed through the deposition of the planktonic algæ (such as Haptophyta),S8 is 

micritic (<1% allochemical rock), and is classified as being of the Northern Province.S9  This 

rock is significantly stronger, more dense and contains less moisture (moisture content is 8-

10% for the Welton Formation)S7 than that of the Southern Province,S9,S10-S12 owing to the twin 

occurrence of pressure solution effects (cementing due to dissolution and re-precipitation 

reactions),S13 and folding (pressure release) during the Alpine uplift.S10,S14  Northern Province 

Chalk, which has greater faunal affinities with those of Germany, Poland and Russia, 

compared with the Chalk of the Anglo-Paris Basin,S10,S15 was deposited in a deeper-water 

environment than for the Southern Province ChalkS10,S16 – the nodular chalks and flint 

horizons are only weakly developed, and glauconitised and phosphatised hard-grounds are 

much less well-developed in Northern Province Chalk.S16  This enables Northern Province 

Chalk to be used as a building stone, in for, example, Louth Park Abbey almost 900 years 

ago.S17  The Chalk is characterised by calcitic particles (coccoliths in the size range of 0.5 –

 4  µm within a matrix of larger, polygonal calcite crystals),S12 with high porosity (ca. 22% for 

the Welton Formation),S18 and, owing to it being more brittle than the Southern Province 

Chalk, is of high permeability (~0.01 – 10 m/day), through clean fractures.S18 

 

The Chalk at Melton Ross Quarries has been reported as being extremely pure, containing 

99% CaCO3,S5,S7 with flints (chert) that are, for the most part of the succession, rare.S7  

Detailed stratigraphy have been reported.S7,S10  Certain flint bands are prominent, such as the 

semi-tabular, pink, Ferruginious Flint, which contains pyrite-coated fractures that have been 

oxidised to limonite or hæmatite.S7  A variety of marl bands (argillaceous rocks) are dispersed 

throughout the formation.S7,S10  Although the Welton Chalk is softer than the overlying 
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Burnham Chalk, it is still indurated, with both a lateral and vertical variation in this 

hardness.S10  Accordingly, Chalk is currently blasted from the outcrop from ca. 2 m above the 

Ferruginious Flint to between the Barton Marls 2 and 1, having previously been taken from 

deeper lithographies (from about 3 m above the Croxton Marl to about 2 m above the organic 

matter derived Black Band).  As demonstrated in Electronic Supplementary Information ESI5, 

X-ray powder diffraction of a sample from the current quarry face confirms that the only 

crystalline phase present is calcite.  Digestive analysis through ICP-OES (see Electronic 

Supplementary Information ESI4)  revealed that the manganese level in chalk derived from 

the current quarry face is 30 mg/kg less than that from the deeper Welton Chalk lithographies 

previously quarried. 

 

The Bee Low Limestone in Derbyshire is quarried by two UK lime manufacturers: Lhoist and 

Tarmac.  This Carboniferous formation forms around 90% of the limestone outcrop in this 

area, and is of considerable economic importance.S19,S20  The pale grey, limestone beds were 

deposited in an open-marine shelf environment, and are chert-free:  they are typically 

lithographically uniform.S19,S20  However, several clay bands (red-brown to green-grey), 

typically 0.5 m thick, are dispersed within the formation, thought to originate from the wide-

spread, but intermittent falling of volcanic ash – volcanism was most active in the later part of 

the Dinantian.S20  Nevertheless, the limestone is considered to be very high purity (CaO 

content is between 52.40 – 56.18 wt.%, with a mean of 55.41 ± 0.83 wt.%), with small 

impurities due to iron (Fe2O3 is reported to range between 70 – 31100 ppm, with a mean of 

713 ± 2973 ppm) and manganese (MnO ranges between 40 – 700 ppm, with a mean of 

119 ± 93 ppm).S19,S20 
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ESI2:  Redox Boundaries in Groundwater Geochemistry 

The redox potential (Eh, open-circuit potential vs. the Standard Hydrogen Electrode) of 

groundwater is an important parameter that marks its quality (chemical composition).S21  For 

iron and manganese, this parameter is crucial as oxidised and reduced states have different 

(pH-dependent) aqueous solubilities.  As an optimised parameter, however, Eh, which is 

measured as the potential of a platinum electrode with respect to a reference, is plagued by 

instabilities and experimental difficulties, since (1) the platinum surface can be fouled by both 

oxygen (forming platinum oxides) and hydroden sulfide (forming platinum sulfides), leading to 

inaccurate measurements under both oxic and anoxic conditions;  (2) reactions can occur at 

the liquid junction of the reference electrode (including precipitation of heavy metal sulfides), 

causing measurement drift;  and (3) the occurrence of mixed potentials during operations can 

give rise to poor reproducibility in measurements.  Indeed, WhitfieldS22 has suggested that in 

the oxygenated environment of an unconfined aquifer, platinum electrodes behave as 

platinum oxide electrodes and respond to pH;  in a confined aquifer environment, where H2S 

is present, the slow formation of platinum sulfides pushes the value of Eh to more negative 

potentials.  Nevertheless, Eh continues to be used as a convenient operational parameter to 

monitor changes in the redox system in flowing groundwater, as it is considered to provide an 

indication of the redox states of the water.S23   

 

Manganese and iron ions are both redox active in bicarbonate-rich water at pH betweenS24 

6.75 and 7.75.  Under these conditions, divalent manganese (Mn2+) and iron (Fe2+) are 

soluble in water, but tetravalent manganese (MnO2) and trivalent iron (FeOOH and Fe(OH)3) 

are not.  In the (Northern Province) Chalk aquifer of the East Riding of Yorkshire, for example, 

there is a small difference of ca. 300 mV in groundwater Eh on either side the former cliff-line 

buried in the Eemian (Ipswichian interglacial).S25  This difference in redox potential (redox 

boundary) coincides with a change in dissolved oxygen (from >10 ppm to <4 ppm), and 

enables the hydrogeochemical mapping of the unconfined, semi-confined and confined 

aquifers.S16,S25  Indeed, in the confined aquifer, Mn2+ and Fe2+ have been quantified at levels 

of as much as 100 and 1000 ppb, respectively, whilst in the unconfined and semi-confined 

aquifers, Mn2+ and Fe2+ have been measured to have levels below 20 and 50 ppb, 

respectively.S16,S25 

 

A similar picture has been found in the (Southern Province) Chalk aquifer of the Anglo-Paris 

Basin:S26  Eh values in the range 330-420 mV are associated with the unconfined aquifer, 

where dissolved oxygen levels are typically between 8-10 mg/L;  these drop sharply to 

<160 mV with the complete disappearance of oxygen in the confined aquifer, which marks the 

redox boundary.S26  It follows that such redox boundaries not only mark the changes in 

hydrogeochemistry, but also in the chemistry of the trace redox elements in the aquifer rocks. 
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ESI3:  The Lime Cycle 

The lime cycle refers to the process of mining calcium carbonate (CaCO3), calcining this at 

temperatures up to 1100 oC to form quicklime (CaO), followed by hydration with water to yield 

slaked lime (Ca(OH)2), which can be re-carbonated to CaCO3 using carbon dioxide.S27  As 

indicated in the Abstract of the main paper, the lime cycle is also used for dolomites. 

 

At the Melton Ross Quarries, Singelton Birch, Ltd. manufacture slaked lime from quarried 

rock through the following typical manufacturing operations. 

1. Limestone is blasted from the quarry face, to yield blocks typically in excess of 2 m.  

Unlike other limestones, the rock cannot be washed and cleaned with water, since 

the chalk is too friable. 

2. The blocks are hauled into the primary crusher, which produces smaller stones 

(<200 mm in size) and fines.  These are conveyed to the quarry fines plant, where 

very fine dust (< 5mm) is removed and supplied for use, whilst the remaining rocks 

are further conveyed to the stone blending plant, where they are separated by size 

into large (ca. 180 – 80 mm), medium (ca. 80 – 50 mm) and small (down to ca. 2 in).  

Small and medium stones are sorted optically, whilst the larger stones pass through 

X-ray sorting.  These then pass through to the 180 Te storage hoppers, before 

waiting to enter the kiln in turn. 

3. The sorted carbonate stones are fed, batch-wise, into the tops of highly efficient, gas-

fired, vertical, Maerz PFR kilns, where they are calcined to afford calcium oxide.  The 

top part of the kiln acts as a pre-heating zone, and is above the burning zone where 

the gas lances are located.  As material falls below the gas lances, cold air is blown 

to cool the lime product.  The kilns are fitted with a venturi scrubber, so as to remove 

any reactive lime particles from the flue gases, whilst at the same time abating both 

SO2 (from the natural gas used) and CO2 (from both gas combustion and carbonate 

decomposition) from the exhaust.   

4. The produced lime (Burnt Lime 40) passes first to storage, and then is crushed and 

screened using a vibrating plate. 

5. The majority of the screened lime is progressed to the hydrators, where reaction with 

a water spray takes place, to furnish the slaked lime product. 

6. The oversize lime from the screen, if the quality is sufficiently high, is sent to the 

microlime plant, where the lime is further crushed to yield micron-sized lime 

(microlime 90), or processed through air classification to yield two lime products:  one 

with size ≤ 45  µm and the rest (microlime 10-90). 

7. Products are assessed for quality compliance, for example through analysis of the 

silica content, loss-on-ignition, etc., and packed for storage, shipping and onward 

operations. 
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ESI4:  Experimental Methods 

Chemical Reagents 

All manufactured samples of CaCO3, CaO and Ca(OH)2 were used, as received, from 

Singleton Birch, Ltd.  This included a sample of lime hydrate derived from Carboniferous 

Limestone.  The chalk, screenings and chalk-derived lime hydrate used were processed at 

the Melton Ross Quarries, from Cretaceous Chalk derived from both the middle 

stratitographic section (between the Melton Ross Marl and the Barton Marl 1) and the bottom 

bed (between the Grasby Marl, to just below the Chalk Hill Marl, but above the organic Black 

Band) of the Melton Ross Quarries.  All other chemical reagents used were supplied by 

Fisher Scientific (aklaine sodium hypochlorite solution, laboratory grade), or Sigma-Adrich, 

with magnetite and maghæmite generously supplied by ParagonID, Ltd.  Doubly deionised 

and filtered water, with a resistivity greater than 18 MΩ cm was taken from an Elgastat 

system (Vivendi).  Oxygen and nitrogen were supplied by Air Products.  Ozone was 

generated from a pure oxygen supply using an ozone generator (LAM2, Suez Water 

Technologies & Solutions). 

 

 

Chemical Etching Methods 

Unless otherwise specified, all experiments were undertaken under ambient temperature 

conditions (20 ± 2 oC).  Chemical etching experiments were undertaken in triplicate, typically 

involved a 1 g of lime hydrate and 80 mL (100 g) of alkaline hypochlorite solution (8% or 

14%), either in an open beaker under quiescent conditions (or stirred with a magnetic flea), or 

in a round-bottomed flask equipped with a Liebig condenser and refluxed at 90 oC for a fixed 

time period, in a fume cupboard.  Ozone etching was undertaken under ambient temperature, 

using a similar volume of water as in the hypochlorite experiments, with continued bubbling of 

ozone in a stirred aqueous Ca(OH)2 slurry for a specified length of time, in a fume cupboard.  

In both cases, pink supernatants were observed, which were removed through either vacuum 

filtration or centrifugation for spectrophotometric analysis.  In the former case, the resulting 

filter cake was dried in an oven at 110 oC, and the upper part analysed via inductively coupled 

plasma-optical emission spectrometry (ICP-OES).  For vacuum filtration, ceramic filters were 

preferred, since when paper-based filters were used, the filtrate changed colourS28 from pink 

to blue and green, and then to yield a colourless solution!  This could be due to the reduction 

of pink permanganate (MnO4
-) to unstable blue hypomanganate (MnO4

3-),S29 and then to 

green manganate (MnO4
2-), and ultimately yielding solid brown manganese dioxide (MnO2), 

with the red ferrate ion (FeO4
2-) being reduced to yellow ferric hydroxide (Fe(OH)3), 

presumably by sulfite-derivatised celluloid fibres in the paper filter, formed during the paper 

pulping process.S30  In the case of experimental cascade etches, the dried filter cake was 

used as the feed for each subsequent etch, with each feed appearing increasingly more 

“white”. 
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For the case of experiments using calcite with gœthite (ironstone), the raw ironstone sample, 

generously supplied by Johnston Quarry Group, was broken up, and ground using an agate 

pestle and mortar.  1.0 g of this sample was refluxed with 80 mL of alkaline hypochlorite 

(14%) at 90 oC for 1 hr.  The absence of a pink or red coloration was noted. 

 

ICP-OES Analysis 

Chalk, lime and lime hydrate contain silicate-based impurities.  Accordingly, solid samples 

were first digested in HF:  solid samples were weighed to four decimal place and transferred 

into PTFE digestion vessels.  Sample size ranged typically from 0.1 - 0.5 g.  A solution of 

3 mL of concentrated nitric acid, 1 mL of concentrated hydrochloric acid (i.e. aqua regia) and 

1 mL of 40% hydrofluoric acid were also added to each digestion vessel, to dissolve any silica 

present in the solid sample.  All acids used were Romil super-purity spectroscopic grade.   

The digestion vessels were then closed and inserted into a carousel, which was then placed 

in a CEM Mars 5 microwave-assisted digester.  Following a pre-set programme the vessel 

temperature was heated to 200 °C over a 15 min period, then was held constant at this 

temperature for a further 20 min.  The temperature of the solution and pressures within 

digestion vessel were constantly measured in real time within the No 1 or control vessel. 

Pressures of 200 – 250 psi are typical at the higher temperatures.  After cooling, each vessel 

was opened and 4mL of 4% spectroscopic grade boric acid was injected. The vessels were 

then placed back into the microwave and heated again to 170 °C in 15 min, and held at this 

temperature for 15 min.  The addition of the boric acid “mops up” any remaining HF by 

forming BF4
-.  This second stage is required because samples containing free HF cannot be 

introduced into the ICP due to its internal glass components.  After cooling again, the digests 

were then transferred to tared Sarstedt tubes.  The digestion vessels were rinsed three times 

with ultra high quality (UHQ) water, the washings added to the tubes and the whole solution 

made up to 40 mL with UHQ water.  The tubes were then weighed to four decimal places 

giving the weight of the digest, followed by their analysis for their iron and manganese 

contents by ICP-OES.  The instrument used was a Perkin Elmer Optima 5300 DV, and each 

run was calibrated using Romil certified Standards. 

 

Iron and manganese levels in the original solid samples were then calculated using the 

measured levels within the digest, the digest weight and the original sample weight. 

 

Visible Spectroscopy 

Visible spectroscopy of the pink supernatant was undertaken using a PerkinElmer Lambda-

25-Scan-UV–Vis instrument, using a quartz cell of 1.0 cm path length.	  

 

X-Ray Powder Diffraction 

Samples of chalk and lime hydrate derived from chalk were examined by X-ray powder 

diffraction performed on a PANAlytical Empyrean X-ray diffractometer (XRD) operating in 
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Bragg-Brentano geometry using copper Kα1 radiation ( λ = 1.54056 Å), and a PIXEL detector. 

Patterns were fitted and the phases present identified using the PDF2 database.S31  

 

The pattern for the lime hydrate sample was fitted using Rietveld refinementS32 to obtain a 

quantitative assessment of the amount of each crystalline phase present. The background 

was fitted using a nine-term shifted Chebyshev polynomial. Peaks were fitted using a pseudo-

Voigt peak shape. For each phase, lattice parameters and profile parameters were refined. A 

single zero-point correction was refined. Preferred orientation in the portlandite phase was 

treated using standard methods.  
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ESI5:  X-Ray Diffraction Studies of Chalk and Lime Hydrate 

The X-ray powder diffraction pattern of chalk taken from the Melton Ross Quarries is shown 

in Figure S1. This confirms that the only crystalline phase present is calcite, which is highly 

crystalline.  

 

 
Figure S1:  X-Ray powder diffraction pattern of chalk. The lower panel shows the allowed peak 

positions for calcite and the relative peak intensities.  The sample was of Welton formation Chalk 
derived from screenings obtained from the middle stratitographic section (between the Melton Ross Marl 

and the Barton Marl 1). 
 

 

The X-ray powder diffraction pattern of lime hydrate is shown in Figure S2. This sample 

contains two crystalline phases; the dominant phase is portlandite and there is a smaller 

amount of highly crystalline calcite. It was possible to fit the observed data using the Rietveld 

method and a good fit was obtained (Rp = 5.63 %). This revealed the sample contained 

portlandite and calcite in the ratio 97.2 : 2.8 ± 0.2 % by weight.  
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Figure S2:  X-Ray powder diffraction pattern of lime hydrate derived from Welton formation Chalk 

screenings obtained from the middle stratitographic section (between the Melton Ross Marl and the 
Barton Marl 1). The lower panels show the allowed positions and relative intensities of peaks for calcite 

and portlandite.  
 

 
Note that the ratio of portlandite to calcite was estimated through performing a routine two-

phase Rietveld refinement, using GSAS implemented within EXP-GUI.  The portlandite phase 

is well known to suffer from preferred orientation and this was treated using standard 

methods in GSAS employing spherical harmonics.S33 The fit is less than ideal because of this 

effect but the fit indicators are reasonable: wRp = 0.0895 and Rp = 0.0563. The fit to the 

observed data is shown in Figure S3.  
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Figure S3:  X-Ray diffraction profiles for lime hydrate derived from Welton formation Chalk screenings 

obtained from the middle stratitographic section (between the Melton Ross Marl and the Barton Marl 1).  
Raw data are shown as black crosses; green line is the calculated pattern; the lower solid line is the 
difference plot. The upper tick marks represent allowed peak positions for calcite and the lower tick 

marks represent allowed peak positions for portlandite. 
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ESI6:  Spectroscopic Evidence of MnO4
- and FeO4

2- 

Figure S4 illustrates the visible spectrum of the pink supernatant obtained on incubating lime 

hydrate with alkaline hypochlorite at under ambient conditions for 72 hr.  The split-peak at ca. 

520 nm fingerprints the permanganate (MnO4
-) anion, with the two further peaks at ca. 

495 nm, and 540 nm, which match-up with that expected from ferrate (FeO4
2-).S34   

 

 
Figure S4:  Spectrophotometric fingerprinting of MnO4

- and FeO4
2- present in the supernatant following 

incubation of lime hydrate derived from Welton formation Chalk screenings obtained from the middle 
stratitographic section (between the Melton Ross Marl and the Barton Marl 1), with alkaline hypochlorite. 
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ESI7:  Experiments with an Ironstone 

A sample of Great Tew Ironstone (Great Tew, Chipping Norton, Oxfordshire, UK) was 

generously provided by Johnston Quarry Group.  The sample was crushed in an agate pestle 

and mortar, and analysed by X-ray diffraction, see Figure S5. 

 

 
Figure S5:  X-Ray diffraction profiles for ironstone derived from Great Tew quarry.  Raw data are shown 
as grey crosses; green line is the calculated pattern; the lower solid line is the difference plot. The upper 
tick marks represent allowed peak positions for siderite;  middle tick marks show allowed peak positions 

for calcite;  the lower tick marks represent allowed peak positions for gœthite. 
 

The X-ray powder diffraction pattern is dominated by peaks of calcite, with a smaller amount 

of gœthite and a trace amount of siderite.  It was possible to undertake undertake quantitative 

analysis of the diffraction data using the Rietveld method and a good fit was obtained (Rp = 

3.48 %). The composition of the sample by weight is calcite 82.4(3)%, goethite 17.2(3)%, and 

siderite (0.43(7)%). 

 

The analysis is complicated by the fact that the powder diffraction pattern of siderite is 

dominated by a single peak vastly more intense than the others; here that peak is 100 times 

less intense than the strongest peak for calcite.  Accordingly, a zoom-in on the low angle 

region helped identify the three phases (see Figure S6). 
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Figure S6:  X-Ray powder diffraction pattern of Great Tew Ironstone with raw data shown as black 

crosses in the range 15 < 2 θ/o < 45.  Upper tick marks show allowed peak positions of gœthite;  middle 
ticks show allowed peak positions of calcite;  lower tick marks show peak positions for siderite. 

 

Refined unit cell parameters for the three phases are given below. 

 a / Å b / Å c / Å α / 
° 

β / 
° 

γ / ° Volume / 
Å3 

Space 
group 

Gœthite 9.862(4) 3.0044(12) 4.6143(18) 90 90 90 136.72(7) Pnma 
Calcite 4.98156(15)   4.98156(15)   17.0285(6) 90 90 120 365.96(3) R -3 c 
Siderite  4.687(2) 4.687(2) 15.417(11) 90 90 90 293.34(19) R -3 c 
 
Quality of fit factors (31 variables): 

wRp (fitted) Rp (fitted) wRp (no background) Rp (no background) χ2 

0.0451 0.0348 0.0686 0.0491 1.147 
 
 
 
  



	   45 

ESI8:  Retrograde Solubility of Ca(OH)2 with Temperature 

We consider the solubility equilibrium for calcium hydroxide in water: 

       (S1) 

for which the solubility product isS35  at 25 oC (yielding a solution of 

pH 12.3).  Assuming the standard enthalpy change for this dissolution equilibrium is 

independent of temperature (viz.,   ΔH 0 = −12.60 kJ / mol , based on the value calculated using 

standard enthalpies of formation, and validated experimentally),S36 the van’t Hoff equation, 

  

ln
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⎝⎜
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⎠⎟
, enables the estimation of the temperature dependence of the 

solubility product.  We find that at 20 oC, Ksp = 5.10 x 10-6, and at 90 oC, Ksp = 1.88 x 10-6.  

Assuming activity coefficients are unity, this corresponds to lime hydrate solubilities of 

0.80 g/L at 20 oC, which reduces to 0.58 g/L as the temperature increases to 90 oC.  This is 

the retrograde solubility of lime hydrate with temperature – the solubility of Ca(OH)2 

decreases with temperature, in agreement with experimental observations.S36,S37 

 

It follows that, at the ambient temperatures used in this work (20 oC), in 80 mL of pure water, 

1.0 g of pure Ca(OH)2 (mole fraction ratios 0.003 : 0.997) will lose only 6.4% of its mass 

through dissolution;  this decreases to 4.6 wt.% at 90 oC.  However, these values are 

decreased further by the common-ion effect in the alkaline hypochlorite solutions used 

(alkalinity ≤ 2% by mass, density ~1.25 g/mL), where the hydroxide ion concentration is 

estimated as 0.6 M (recognising that sodium hydroxide solutions are hygroscopic), 

corresponding to pH ~ 13.8.  Under these conditions, at 20 oC, the solubility of Ca(OH)2 

reduces to 1.1 mg/L, so that only 0.01% (by mass of Ca(OH)2 would dissolve under the 

typical experimental conditions used.  The retrograde solubility of Ca(OH)2 causes this 

dissolutive loss to reduce to 0.003 wt.% by mass at 90 oC.  This loss is essentially negligible 

at the experimental scale considered in this work. 
 

 

 

  

  
Ca OH( )2

s( )⎯→⎯← ⎯⎯ Ca2+ aq( ) + 2OH − aq( )

  
Ksp = a

Ca2+ a
OH −( )2

= 4.68×10−6
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ESI9:  Zeroth-Order Heterogeneous Kinetics for Impurity Dissolution 

The observation of zeroth-order heterogeneous kinetics results from (1) a very slow rate 

constant for the oxidative etching process, and (2) the large concentrations of the 

hypochlorite (or ozone) oxidant, as demonstrated below.   

 

We consider the case where the manganese surface impurity of an inert solid, spherical 

particles (monodisperse in size) dissolves when suspended and mixed uniformly in an 

aqueous solution containing an oxidant (of bulk concentration c0).  The surface reaction flux 

(jint): 

  jint = k scint         (S2) 

comprises the product of the interfacial concentration of the oxidant (cint) and the interfacial 

rate constant (ks, given in length per unit time).  This interfacial rate constant is the product of 

the surface coverage of the manganese impurity (as amount per unit area,  ΓMn) and a “true” 

heterogeneous rate constant, ks
0:   ks = ks

0ΓMn .  The mass transport flux (jsol) of chemical oxidant 

to the surface is given by: 

  
jsol = kL c0 − cint( )         (S3) 

in which kL is the mass transfer coefficient.  The flux expressions in (S2) and (S3) are equal at 

the interface,S38 yielding, 

  
cint =

kL

ks + kL

c0         (S4) 

Since the dissolutive rate of reaction (
 

d Mn⎡⎣ ⎤⎦
dt

) is given by 
  

d Mn⎡⎣ ⎤⎦
dt

= − jint

S
V

, where [Mn] is the 

concentration of the manganese impurity in the solid, S is the total interfacial area exposed 

for reaction and V is the total volume of the solid particles, we find, 

  

−
d Mn⎡⎣ ⎤⎦

dt
=

kskL

k s + kL

S
V

c0 =
3
r0

kskL

k s + kL

c0 =
3
3m

4πNρ
3

kskL

k s + kL

c0     (S5) 

where r0 is the radius of the inert solid particles,  ρ is the density of the inert solid, m is the 

mass of the inert solid and N is the number of solid particles present.  Thus, from equation 

(S5), monodispersity in the solid causes limited, if any, variation in the dissolution rate with 

mass of solid present.  Thus, in the limit when the mass transport is faster than the surface 

dissolution reaction, the dissolution rate is given by, 

  

−
d Mn⎡⎣ ⎤⎦

dt
≈ 3

3m
4πNρ

3

ksc0        (S6) 

Since the manganese impurity is present at a trace level compared with the oxidant, all of the 

variables on the right-hand side of equation (S6) are effectively constant, leading to the 

observation of zeroth-order heterogeneous reaction kinetics.  Since equation (1) in the main 

paper is in terms of the number moles of the manganese impurity, viz., , it 
 

d nMn( )solid

dt
= −khet
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follows that 
  
khet ≈ 4πr0

2ksc0 = 4π 3m
4πNρ

⎛
⎝⎜

⎞
⎠⎟

2
3

ksc0  is effectively constant since ks is tiny and m/N is 

fixed for monodisperse particle distributions.  Note that these relationships assume that the 

particle size remains constant throughout the impurity removal process, since it is assumed 

that only the impurity dissolves.  This distinguishes these expressions from those developed 

for the surface-controlled, complete dissolution of both liquidS39 and solidS40 microparticles 

discussed in the published literature. 
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