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ABSTRACT 

 

Oxalic acid is the most abundant atmospheric dicarboxylic acid. Its salts are very 

hygroscopic and can act as cloud condensation nuclei. In this work, vapor pressure of 

oxalic acid was measured in the laboratory at atmospherically relevant temperatures and 

these data were used to explain the observed gas-aerosol partitioning of the summertime 

oxalic acid data collected from three major US cities. We inferred that below 50% 

relative humidity, the oxalic acid aerosol in the atmosphere behaves like pure oxalic acid. 

The median oxalate concentration is nearly an order of magnitude greater than gas phase 

oxalic acid concentration. Data analysis shows that the main mechanism of formation is 

aqueous phase photochemical production. There was no correlation between oxalic acid 

and traffic markers such as NOx and CO, suggesting that traffic emissions are not a 

significant source for oxalic acid or its precursors. 

Perchlorate has received much attention following its discovery in waterways in 

the US. Perchlorate interferes with the uptake of iodide by the thyroid gland affecting 

thyroid hormone production. A sensitive and selective method for determination of 

perchlorate in various matrices using ion chromatography-mass spectrometry (IC-MS) 

was developed. Perchlorate forms an ion-pair with a dicationic reagent; the ion-pair is 

detected by MS. The detection limit for perchlorate in real samples was 100 ng/L.  A 

rapid and simple pretreatment technique for the determination of urinary perchlorate was 

developed. The sensitivity for measuring perchlorate is high using this method since there 

was no dilution of sample and the matrix effects are reduced.  Perchlorate and iodide 

levels in seaweed samples were measured and their bioconcentration factors were 

calculated to assess the efficiency of seaweed as a source of iodide. We examined the 

possibility of the formation of perchlorate in the atmosphere and studied its mechanism. 

We showed that perchlorate is readily formed when chloride aerosol was exposed to 

electrical discharge. Many precipitation samples contain detectable levels of perchlorate.  

This strongly suggests that some perchlorate is formed in the atmosphere and a natural 

perchlorate background of atmospheric origin should exist. 
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CHAPTER I 

INTRODUCTION: OXALATE 

 

Atmospheric aerosols affect the earth’s net radiation by absorbing and scattering 

solar radiation. Dicarboxylic acids (DCAs) have been shown to be a major organic 

constituent of atmospheric aerosols. They are highly soluble in water and have low vapor 

pressures and are hence primarily present in the particle phase. Oxalic acid is the most 

abundant dicarboxylic acid followed by malonic and succinic acids.1 The occurrence of 

oxalic acid (H2Ox) and/or oxalate (Ox) in snow, rain, particulate matter and possibly in 

the gas phase was first demonstrated by Norton et al. in 1983.2 There is a large body of 

work that has since accumulated which unequivocally shows that H2OX/Ox is the 

dominant DCA in the continental (urban and rural), remote marine, and arctic 

atmospheres.  

The salts of DCAs are as hygroscopic as NaCl and (NH4)2SO4 and could 

potentially act as cloud condensation nuclei (CCN). They can also reduce surface tension 

of CCN,1 which affects cloud formation. A strong correlation exists between CCN and 

oxalate concentration, suggesting that oxalate may play a role in activating CCN.3 The 

three main organic acids in the atmosphere are formic acid, acetic acid, and oxalic acid.  

Due to their high vapor pressures, formic and acetic acids exist primarily in the gas 

phase, whereas oxalic acid, due to its relatively low vapor pressure, exists primarily in the 

aerosol phase.  In non-urban rain, the concentration of oxalate routinely exceeds that of 

formate and sometimes even acetate. In urban rain water, the concentrations of oxalic, 

formic, and acetic acids were found to be within an order of magnitude of acidic nitrate 

and sulfate, and hence can contribute significantly to lowering the pH of the rain water.4 

These are the main reasons for the increased interest in the study of DCAs, especially 

those of low molecular weight. 
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1.1 Sources of oxalic acid 

  The main sources of DCAs, oxalic acid in particular, are photochemical oxidation 

of biogenic, anthropogenic, and oceanic emissions and/or primary traffic emissions.5,6 

 

1.1.1 Biogenic/ oceanic source 

Oxalic acid has been found in Pacific Ocean waters and was considered a product 

and substrate of marine bacteria. However, the concentration of oxalic acid in Pacific 

rainfall was 2-40 times higher than those reported in the sea water, suggesting that sea-to-

air transport of oxalic acid is not an important process.7 Soil particles are a possible 

source for atmospheric DCAs because they contain microorganisms that may produce 

DCAs. Soil is also the repository for plant metabolites released from roots.6 Oxalic acid is 

the major metabolic product of fungi in the natural environment and is present in the soil 

as calcium oxalate. Nevertheless, the concentration of oxalic acid in the soil is much 

lower than in urban dust particles part of which originate from the dry deposition of 

aerosols.6  

Dicarboxylic acids in bog sediments are both plant metabolic products and 

degradation products of plant debris.  The distribution of DCAs in bogs is similar to that 

of soil samples and different from atmospheric DCAs, suggesting that atmospheric DCAs 

may not be of predominantly biogenic origin, at least directly.  However, very high 

concentrations of oxalic acid are present in biomass burning plumes, suggesting that 

either oxalic acid is directly emitted or formed in the plume from a biogenic precursor.8  

Isoprene is the major organic compound emitted by plants. It has been shown that 

pyruvic acid and methylglyoxal formed by the oxidation of isoprene act as intermediates 

in the in-cloud formation of oxalic acid.9,10    

 

1.1.2 Anthropogenic source 

Automotive exhaust emissions have been suggested as a source of DCAs – auto 

emissions display a similar distribution of DCAs to that found in the atmosphere. 

Kawamura et al. found the concentration of oxalic acid in motor exhaust to be 30-60 
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times higher than those in the ambient air. Hence, they concluded that auto emissions are 

the primary source of atmospheric dicarboxylic acids.6 On reflection, this seems to be 

stretched.  Ambient air, fortunately, is not 1.6% or 3.2% auto exhaust.  

 
1.2 Proposed mechanisms of formation 

Dicarboxylic acids are produced by the photooxidation of various volatile organic 

compounds. Precursors include cycloalkenes (R1), aliphatic dialkenes (R2),11 aldehydes, 

carboxylic acids, and aromatic hydrocarbons such as benzene and toluene. 

Photooxidation of aromatic hydrocarbon leads to ring-cleavage reactions and produces 

C2-C5 dicarbonyls. These can be further oxidized to form dicarboxylic acids. Pun et al. 

also identified alkanes, alkenes, alcohols, hydroxyalkenes, and aromatics as possible 

precursors of dicarboxylic acids by reterosynthetic analysis.12 Intermediates, like 

hydroxyaldehydes and unsaturated aldehydes, could be directly emitted into the 

atmosphere.11 Dicarboxylic acids are also formed by autooxidation of unsaturated lipids 

during meat cooking operations.13 

 

  

(CH2)n-2

CH

CH

+

+

O3

OH

Cn-1 diacid

Cn diacid

 
Reaction R1: Mechanism of formation of DCAs from cycloalkenes. 

CH2 CH (CH2)n-4 CH CH2 + O3 Cn-1 diacid  
           Reaction R2: Mechanism of formation of DCAs from alkenes. 
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COOH
HOOC

COOH
HOOC

OH

O

COOHHOOC + HOOC COOHO

COOHHOOC
OHOOC COOH

Succinic acid Malic acid

Malonic acidOxalic acid

 
Reaction R3: Formation of oxalic acid as the final oxidation product of photochemical 

reactions.  

The maximum concentration of oxalic acid during summertime14 and positive 

correlation with oxidants confirm that oxalic acid is the product of photochemical 

reactions of organic pollutants. Oxalic acid is formed by the photooxidation of glyoxal 

and methylglyoxal (which are oxidation products of aromatic hydrocarbons and 

unsaturated aliphatic compounds) in the gas phase or in cloud droplets. Oxalic acid is 

very stable and exists as fine particles; the only removal mechanism is by wet deposition. 

It is very likely that oxalic acid is an end product of the photochemical oxidation 

reactions (R1-R3) and can accumulate in the atmosphere.11,15  

 

1.3 Oxalic acid in the literature 

Sempéré and Kawamura16 compared the distribution of oxalic acid in wet 

precipitation and aerosols. The aerosol samples were collected near ground level. Wet 

precipitation scavenges dicarboxylic acids from the air column including the upper levels 

of the troposphere. This would reflect the difference in the dicarboxylic acid distributions 
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in the ground and upper levels of the troposphere. They found that the concentration of 

oxalic acid near ground level is higher, due possibly to the greater concentration of 

anthropogenically emitted precursors that then undergo photooxidation. If oxalic acid 

was significantly present in the gas phase, wet precipitation should show higher 

concentration of oxalic acid since it scavenges both aerosol and gas. But that was not the 

case. It was suggested that oxalic acid in the upper troposphere is photodegraded by 

exposure to solar radiation. 

They also studied the origin and molecular distribution of low molecular weight 

dicarboxylic acids in the remote marine rain samples collected from the Western Pacific7 

and found that the total concentration of DCAs (13-461 µg/L) to be unexpectedly high 

compared to continental rain water (4.09-205 µg/L for Tokyo).16 This could be explained 

by long-range transport of the continental air mass containing DCAs and related polar 

compounds, and production of DCAs in marine atmosphere by photoinduced oxidation of  

longer chain (> C3) organic precursors of both marine and continental origin. Oxalic acid 

showed higher relative abundance (~50%) in remote rain water than in continental 

rain/snow (28-33%) and Greenland snow/ice (28%) samples.  

Kerminen et al. measured the concentrations of DCAs in urban, rural, and 

forested areas.17  The temporal patterns of three dicarboxylate ions (oxalate, malonate and 

succinate) for various seasons were relatively similar between the three measurement 

sites. This indicates the dominance of long-range transport and meteorological 

parameters over local sources in determining the concentration of DCAs.   

Yao et al. compared the size distribution of various dicarboxylic acids with 

inorganic ions and concluded that the aqueous phase reactions may be more important 

than gas phase photochemical reactions in oxalate formation and that in-cloud processes 

are the principal pathways to form DCAs.1  In the studies by Kerminen et al. oxalate was 

found to be distributed over the whole particle size spectrum (0.08 – 15 µm), having a 

dominant accumulation mode, an Aitken mode centering below 0.15 µm, and modes 

corresponding to sea-salt and crustal particle size ranges.18 The strong association of 



 6

oxalate with sea-salt particles indicates that they may influence heterogeneous reactions 

occurring in sea-salt particles and/or are formed in sea-salt aerosol. 

Tables 1.1 and 1.2 list the published gas phase and aerosol phase concentrations 

of oxalic acid in the air and other samples, respectively. In most studies conducted thus 

far, oxalic acid has not been observed in the gas phase in measurable quantities.19 This 

could largely be due to inadequate sensitivity/methods. Limbeck et al.20 used a dual filter 

sampling strategy to determine the gas/aerosol distribution of oxalic acid and other polar 

organics. They reported a gas phase concentration of 22.6 ± 15 ng/m3 and aerosol 

concentration of 67.9 ± 40 ng/m3 after considering possible positive artifacts. However, 

there were negative artifacts and the uncertainty of these values was high.  

Boring et al.21 presented a new fully automated instrument for the measurement of 

acid gases using a parallel plate wet denuder with an on-line particle collector and 

analyzer following it. At a highly industrialized site close to the shipping channel in 

Houston, TX, gas phase concentration of oxalic acid was observed in the range of 0.6 – 

762 ng/m3 and the particle phase concentration was 1.3 – 749 ng/m3.  

 

1.4 Objectives of the present work  

(a) To measure fundamental thermodynamic values for the formation of gaseous 

oxalic acid which could shed light on the formation and gas – particle partitioning 

of oxalic acid in the atmosphere.  

(b) To infer the relationship between gas and particle-phase oxalate and other species 

in the atmosphere by the interpretation of the wealth of unanalyzed data available 

from the continuous measurement of atmospheric gases and particles over a 

period of time in summer in major US cities that this laboratory has generated.   
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Table 1.1 Published gas phase and aerosol phase concentrations of oxalic acid in the air  

Sampling site Gas phase 
Concentration 
(ng/m3) 

Aerosol phase 
Concentration 
(ng/m3) 

Reference

Hong Kong 20-50 220-480 1 

Houston, TX 0.6-762 1.3-749 21 

Artic ALERT 2000  13.2-40.9 22 

Germany (Marine- Continental)  16-637 23 

Rügen Island, Germany (Marine)  21-180 23 

Nylsvley, RSA 26 +/- 15 90.4 ± 48 20 

Helsinki, Finland  20-300 17 

Artic ALERT 1987-88  1.8-70 5 

Schenectady, NY <DL 58-360 24 

Tokyo  521-1680 16 

Tokyo  36-730 15 

Los Angeles, CA  190-779 6 

Colorado Mountain, CO  184 2 

Finland  50.5-106.7 18 

Finland (Marine)  11.0-50.5 18 

Finokalia, Crete Island 255.3±19.7W 

68.6±5.4S 
25 

Dhaka, Bangladesh 680-740 26 

Helsinki 98 27 

Helsinki 1.9-2.1 28 

Vienna 6700 ± 3200  29 

Mt. Sonnblick, Austria 7.9-15.2 30 

Savanna, Africa 140 ± 5G 
820 ± 180SB 
650 ± 300FB 
1170 ± 500H 

31 
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Table 1.1 contd.  

Sampling site Gas phase  Aerosol phase  Reference

Las Vegas, NV 0-800 32 

Remote marine (Tropical to 
Western North Pacific) 

6.5 - 161 33 

Sevettijärvi, Finland 6-55 34 

São Paulo, Brazil 80-3170 17 

Hahajima, Northwest Pacific 89.4 35 

Chebogue Point, Nova Scotia <30-410 36 

Antartica 1.59-10.29 37 

Alaska 20.68B 

16.28T 

38 

Takasaki, Japan 5.1 39 

Karuizawa, Japan 3.9 39 

Savanna, South Africa 130-260 40 

Central Greenland 0.88-272.8 8 

Mainz, Germany 24-112*  41 

Bellhiem, Germany 0-160*  41 

Vienna (urban) 340 42 

South Africa (background) 193 42 

Sonnblick (background) 153 42 

Atlantic 24.5 ± 21.7*   51.8 ± 45.8* 43 

Northern Hemisphere  

pure oceanic 
Continentally influenced 

12.1 ± 12.5*

27.3 ± 19.7*

 

 

43 

Southern Hemisphere 

Pure oceanic 
Continentally influenced 

25.3 ± 18.1*

32.5 ± 14.9*

 43 

Chichi-jima, western North Pacific 130 a 

72 b 
44 
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Table 1.1 contd.   

Sampling site Gas phase  Aerosol phase  Reference

Bermuda 
Marine 
Continental 

 
70.4 – 1777 
308 - 3572 

45 

Indian Ocean 
Continental boundary layer 

25 ± 16 (ppt) 
71 ± 38(ppt) 

46 

Arctic boundary layer 0 - 48.4W 47 

North Pacific <0.1-52.9 L 

<0.1-14.3M 

<0.1-12.1U 

48 

Subarctic, Canada 4-157* 49 

Marine samples <4-64* 49 

Alert, 1989 6.4 ± 0.4* 49 

Fraserdale, Ontario 44.2 ± 33.3* 49 

Hudson Bay 12.1 ± 8.0* 49 

Quebec-Labrador 20.1 ± 16.1B* 
4.0 ±4.0T* 

49 

Arctic/Alaska 21.3 ± 12.9B* 
16.9 ± 10.0T* 

49 

Indonesian forest fire 22-2400 50 

Atmosphere over East Asia 26.1-656 51 

W – winter, S- summer, G-ground level, B-boundary layer, SB-Savanna boundary layer, 

FB-forest boundary layer, H- harmattan layer, T-free troposphere, a-January-June, b- 

July-December, L, M & U – lower, middle and upper troposphere respectively 
* - original data was given in other units, STP were assumed for conversion to ng/m3
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Table 1.2 Published oxalic acid concentrations in precipitation and ice core samples 

Type of sample Sampling site Concentration Reference

Snow pack Artic ALERT 2000 5.9-15.9 µg/L 22 

Snow pack Barrow, Alaska 0.05-0.43 µM 52 

Ice core  Greenland 0.36-10.7 ng/g 53 

Ice core Summit, Greenland 0-13.2 µg/L 40 

Wet precipitation Southern California 0.25-13.51 µM 4 

Wet precipitation Tokyo 7.34-13.4 µg/L 16 

Rain water Los Angeles, CA 0.18-28 µM 14 

Rain water Western Pacific (Marine) 13-461 µg/L 7 

Rain water West Los Angeles, CA 0.27-28.30 µM 4 

Rain water Tokyo 4.09-205 µg/L 16 

Cloud water Mt. Sonnblick, Austria 44.5-268.5 µg/L 30 

Fog Central Greenland 15.8-157.5ng/g 8 

 



 11

1.5 References 

                                                 

1.   Yao, X.; Fang, M.; Chan, C.K. Size distribution and formation of dicarboxylic 
acids in atmospheric particles. Atmos. Environ. 2002, 36, 2099-2107. 

2.   Norton, R.B.; Roberts, J.M.; Huebert, B.J. Tropospheric oxalate. Geophys. Res. 
Lett. 1983, 10, 517-520. 

3.   Yu, S. Role of organic acids (formic, acetic, pyruvic and oxalic) in the formation 
of cloud condensation nuclei (CCN): A review. Atmos. Res. 2000, 53, 185-217. 

4.   Kawamura, K.; Steinberg, S.; Kaplan, I.R. Concentrations of monocarboxylic and 
dicarboxylic acids and aldehydes in southern California wet precipitations: 
Comparison of urban and nonurban samples and compositional changes during 
scavenging. Atmos. Environ. 1996, 30, 1035-1052. 

5.   Kawamura, K.; Kasukabe, H.; Barrie, L.A. Source and reaction pathways of 
dicarboxylic acids, ketoacids and dicarbonyls in arctic aerosols: One year of 
observations. Atmos. Environ. 1996, 30, 1709-1722. 

6.   Kawamura, K.; Kaplan, I.R. Motor exhaust emissions as a primary source for 
dicarboxylic acids in Los Angeles ambient air. Environ. Sci. Technol. 1987, 21, 
105-110. 

7.   Sempere, R.; Kawamura, K. Low molecular weight dicarboxylic acids and related 
polar compounds in the remote marine rain samples collected from western 
Pacific. Atmos. Environ. 1996, 30, 1609-1619. 

8.   Jaffrezo, J.L.; Davidson, C..I.; Kuhns, H.D.; Bergin, M.H.; Hillamo, R.; Maenhaut, 
W.; Kahl, J.W.; Harris, J.M. Biomass burning signatures in the atmosphere of 
central Greenland. J. Geophys. Res.- Atmos. 1998, 103, 31067-31078. 

9.   Ervens, B.; Feingold, G.; Frost, G.J.; Kreidenweis, S.M. A modeling study of 
aqueous production of dicarboxylic acids: 1. Chemical pathways and speciated 
organic mass production. J. Geophys. Res.- Atmos. 2004, 109, D15205. 

10. Lim, H.J.; Carlton, A.G.; Turpin, B.J. Isoprene forms secondary organic aerosol 
through cloud processing: Model simulations. Environ. Sci. Technol. 2005, 39, 
4441-4446. 

11. Chebbi, A.; Carlier, P. Carboxylic acids in the troposphere, occurrence, sources, 
and sinks: A review. Atmos. Environ. 1996, 30, 4233-4249.  

12. Pun, B.K.; Seigneur, C.; Grosjean, D.; Saxena, P. Gas-phase formation of water-
soluble organic compounds in the atmosphere: A retrosynthetic analysis. J. Atmos. 
Chem. 2000, 35, 199-223. 



 12

                                                                                                                                                 
13. Rogge, W.F.; Mazurek, M.A.; Hildemann, L.M.; Cass, G.R.; Simoneit, B.R.T. 

Sources of fine organic aerosol: 1. charbroilers and meat cooking operations. 
Environ. Sci. Technol. 1991, 25, 1112-1125. 

14. Kawamura, K.; Steinberg, S.; Ng, L.; Kaplan, I.R. Wet deposition of low 
molecular weight mono- and di-carboxylic acids, aldehydes and inorganic species 
in Los Angeles. Atmos. Environ. 2001, 35, 3917-3926. 

15. Kawamura, K.; Ikushima, K. Seasonal changes in the distribution of dicarboxylic 
acids in the urban atmosphere. Environ. Sci. Tech. 1993, 27, 2227-2235. 

16. Sempere, R.; Kawamura, K. Comparative distributions of dicarboxylic-acids and 
related polar compounds in snow rain and aerosols from urban atmosphere. Atmos. 
Environ. 1994, 28, 449-459. 

17. Kerminen, V.M.; Ojanen, C.; Pakkanen, T.; Hillamo, R.; Aurela, M.; Merilainen, 
J. Low-molecular-weight dicarboxylic acids in an urban and rural atmosphere. J. 
Aerosol Sci. 2000, 31, 349-362. 

18. Fridlind, A.M.; Jacobson, M.Z.; Kerminen V.-M.; Hillamo, R.E.; Ricard, V.; 
Jaffrezo, J.L. Analysis of gas-aerosol partitioning in the Artic: Comparison of size-
resolved equilibrium model results with field data. J. Geophys. Res.- Atmos. 2000, 
105 (D15), 19891-19903. 

19. Saxena, P.; Hildemann, L.M. Water soluble organics in atmospheric particles: A 
critical review of the literature and application of thermodynamics to identify 
candidate compounds. J. Atmos. Chem. 1996, 24, 57-109. 

20. Limbeck, A.; Puxbaum, H.; Otter, L.; Scholes, M.C. Semivolatile behavior of 
dicarboxylic acids and other polar organic species at a rural background site 
(Nylsvley, RSA). Atmos. Environ. 2001, 35, 1853-1862. 

21. Boring, C.B.; Al-Horr R.; Genfa, Z.; Dasgupta, P.K.; Martin, M.W.; Smith, W.F. 
Field Measurement of acid gases and soluble anions in atmospheric particulate 
matter using a parallel plate wet denuder and an alternating filter-based automated 
analysis system. Anal. Chem. 2002, 74, 1256-1268. 

22. Narukawa, M.; Kawamura. K.; Li, S.M.; Bottenheim, J.W. Dicarboxylic acids in 
the arctic aerosols and snowpacks collected during ALERT 2000. Atmos. Environ. 
2002 36, 2491-2499. 

23. Rohrl, A.; Lammel, G. Low-molecular weight dicarboxylic acids and glyoxylic 
acids: seasonal and air mass characteristics. Environ. Sci. Technol. 2001, 35, 95-
101. 

24. Khwaja, H.A. Atmospheric concentrations of carboxylic-acids and related-
compounds at a semiurban site. Atmos. Environ. 1995, 29, 127-139. 



 13

                                                                                                                                                 
25. Bardouki, H.; Liakakou, H.; Economou, C.; Sciare, J.; Smolik, J.; Zdimal, V.; 

Eleftheriadis, K.; Lazaridis, M.; Dye, C.; Mihalopoulos, N. Chemical composition 
of size-resolved atmospheric aerosols in the eastern Mediterranean during summer 
and winter. Atmos. Environ. 2003, 37, 195-208.  

26. Salam, A.; Bauer, H.; Kassin, K.; Ullah, S.M.; Puxbaum, H. Aerosol chemical 
characteristics of a mega-city in Southeast Asia (Dhaka-Bangladesh). Atmos. 
Environ. 2003, 37, 2517-2528. 

27. Pakkanen, T.A.; Kerminen, V.M.; Loukkola, K.; Hillamo, R.E.; Aarnio, P.; 
Koskentalo, T.; Maenhaut, W. Size distributions of mass and chemical 
components in street-level and rooftop PM1 particles in Helsinki. Atmos. Environ. 
2003, 37, 1673-1690. 

28. Pakkanen, T.A.; Kerminen, V.M.; Korhonen, C.H.; Hillamo, R.E.; Aarnio, P.; 
Koskentalo, T.; Maenhaut, W. Urban and rural ultrafine (PM0.1) particles in the 
Helsinki area. Atmos. Environ. 2001, 35, 4593-4607. 

29. Loflund, M.; Kasper-Giebl, A.; Tscherwenka, W.; Schmid, M.; Giebl, H.; 
Hitzenberger, R.; Reischl, G.; Puxbaum, H. The performance of a gas and aerosol 
monitoring system (GAMS) for the determination of acidic water soluble organic 
and inorganic gases and ammonia as well as related particles from the atmosphere. 
Atmos. Environ. 2001, 35, 2861-2869. 

30. Limbeck, A.; Puxbaum, H. Dependence of in-cloud scavenging of polar organic 
aerosol compounds on the water solubility. J. Geophys. Res.- Atmos. 2000, 105 
(D15), 19857-19867.  

31. Ruellan, S.; Cachier, H.; Gaudichet, A.; Masclet, P.; Lacaux, J.P. Airborne 
aerosols over central Africa during the experiment for regional sources and sinks 
of oxidants (EXPRESSO) J. Geophys. Res.- Atmos. 1999, 104 (D23), 30673-
30690. 

32. Tran, N.K.; Steinberg, S.M.; Johnson, B.J. Volatile aromatic hydrocarbons and 
dicarboxylic acid concentrations in air at an urban site in the Southwestern US. 
Atmos. Environ. 2000, 34, 1845-1852. 

33. Kawamura, K.; Sakaguchi, F. Molecular distributions of water soluble 
dicarboxylic acids in marine aerosols over the Pacific Ocean including tropics. J. 
Geophys. Res.- Atmos. 1999, 104 (D3), 3501-3509. 

34. Kerminen, V.M.; Teinila, K.; Hillamo, R.; Makela, T. Size-segregated chemistry 
of particulate dicarboxylic acids in the Arctic atmosphere Atmos. Environ. 1999, 
33, 2089-2100. 

35. Matsumoto, K.; Nagao, I.; Tanaka, H.; Miyaji, H.; Iida, T.; Ikebe, Y. Seasonal 
characteristics of organic and inorganic species and their size distribution in 



 14

                                                                                                                                                 
atmospheric aerosols over the northwest pacific ocean. Atmos. Environ. 1998, 32, 
1931-1946. 

36. Liu, P.S.K.; Leaitch, W.R.; Banic, C.M.; Li, S.-M.; Ngo, D.; Megaw, W.J. Aerosol 
observations at Chebogue Point during the 1993 North Atlantic Regional 
Experiment: Relationships among cloud condensation nuclei, size distribution, and 
chemistry. J. Geophys. Res.- Atmos. 1996, 101 (D22), 28971-28990. 

37. Kawamura, K.; Semere, R.; Imai, Y.; Fujii, Y., Hayashi, M.J. Water soluble 
dicarboxylic acids and related compounds in Antarctic aerosols. J. Geophys. Res.- 
Atmos. 1996, 101 (D13), 18721-18728. 

38. Talbot, R.W.; Vijgen, A.S.; Harriss, R.C. Soluble species in the Arctic summer 
troposphere: acidic gases, aerosols, and precipitation. J. Geophys. Res.- Atmos. 
1992, 97 (D15), 16531-16543. 

39. Satsumabayashi, H.; Kurita, H.; Yokouchi, Y.; Ueda, H. Photochemical formation 
of particulate dicarboxylic acids under long-range transport in central Japan. 
Atmos. Environ., 1990, 24A, 1443-1450. 

40. Legrand, M.; DeAngelis, M. Light carboxylic acids in Greenland ice: A record of 
past forest fires and vegetation emissions from the boreal zone. J. Geophys. Res.- 
Atmos. 1996, 101 (D2), 4129-4145. 

41. Hofmann, U.; Weller, D.; Ammann, C.; Jork, E.; Kesselmeier, J. Cryogenic 
trapping of atmospheric organic acids under laboratory and field conditions. 
Atmos. Environ., 1997, 31, 1275-1284. 

42. Limbeck, A.; Puxbaum, H. Organic acids in continental background aerosols.  
Atmos. Environ. 1999, 33, 1847-1852. 

43. Baboukas, E.D.; Kanakidou, M.; Mihalopoulos, N. Carboxylic acids in gas and 
particulate phase above the Atlantic Ocean. J. Geophys. Res.- Atmos. 1996, 105 
(D11), 14459-14471. 

44. Mochida, M.; Kawabata, A.; Kawamura, K.; Hatsushika, H.; and Yamazaki, K. 
Seasonal variations and origins of dicarboxylic acids in the marine atmosphere 
over the western North Pacific. J. Geophys. Res.- Atmos. 2003, 108 (D6), Art. No. 
4193. 

45. Turekian, V.C.; Macko, S.A.; Keene, W.C. Concentrations, isotopic compositions, 
and sources of size-resoled, particulate organic carbon and oxalate in near-surface 
marine air at Bermuda during spring. J. Geophys. Res.- Atmos. 2003, 108 (D5), 
Art. No. 4157. 

46. Gabriel, R.; Mayol-Bracero, O.L.; Andreae, M.O. Chemical characterization of 
submicron aerosol particles collected over the Indian Ocean. J. Geophys. Res.- 
Atmos. 2003, 107 (D19), Art. No. 8005. 



 15

                                                                                                                                                 
47. Hara, K.; Osada, K.; Matsunaga, K.; Sakai, T.; Iwasaka, Y.; Furuya, K. 

Concentration trends and mixing states of particulate oxalate in Artic boundary 
layer in winter/spring. J. Geophys. Res.- Atmos. 2002, 107 (D19), Art. No. 4399. 

48. Narukawa, M.; Kawamura, K.; Ohada, K.; Zaizen, Y.; and Makino, Y. Aircraft 
measurement of dicarboxylic acids in the free tropospheric aerosols over the 
western to central North Pacific. Tellus Series B – Chem.Phys. Meteorol. 2003, 55, 
777-786. 

49. Gorzelska, K.; Talbot, R.W.; Klemm, K.; Lefer, B.; Klemm, O.; Gregory, G.L.; 
Anderson, B.; Barrie, L.A. Chemical composition of the atmospheric aerosol in the 
troposphere over the Hudson Bay lowlands and Quebec-Labrador regions of 
Canada. J. Geophys. Res.- Atmos. 1994, 99 (D1), 1763-1779. 

50. Narukawa, M.; Kawamura, K.; Takeuchi, N.; Nakajima, T. Distribution of 
dicarboxylic acids and carbon isotopic compositions in aerosols from 1997 
Indonesian forest fires. Geophys. Res. Lett. 1999, 26, 3101-3104. 

51. Kawamura, K.; Umemoto, N.; Mochida, M.; Bertram, T.; Howell, S.; Huebert, 
B.J. Water-soluble dicarboxylic acids in the tropospheric aerosols collected over 
east Asia and western North Pacific by ACE-Asia C-130 aircraft. J. Geophys. 
Res.- Atmos. 1994, 108 (D23), Art. No. 8639. 

52. Li, S-M.; Winchester, J.W. Water soluble constituents in arctic aerosols and snow 
pack. Geophys. Res. Lett. 1993, 20, 45-48. 

53. Kawamura, K.; Yokoyama, K.; Fujii, Y.; Watanabe, O. A Greenland ice core 
record of low molecular weight dicarboxylic acids, ketocarboxylic acids, and 
alpha-dicarbonyls: A trend from Little Ice Age to the present (1540 to 1989 AD). 
J. Geophys. Res.- Atmos. 2001, 106 (D1), 1331-1345. 



 16

CHAPTER II 

ATMOSPHERIC PRODUCTION OF OXALIC ACID/ 

OXALATE AND NITRIC ACID/NITRATE  

IN THE TAMPA BAY AIRSHED:  

PARALLEL PATHWAYS∗ 

 

2.1 Background 

A central concern in the Bay Region Atmospheric Chemistry Experiment 

(BRACE) studies was the extent of nitrogen deposition in the Tampa bay estuary.  The 

hydroxyl radical (•OH ) is primarily responsible for the conversion of NO2 (a gas with a 

low deposition velocity) to HNO3 (a gas with a high deposition velocity).  The primary 

agent responsible for the formation of oxalic acid is also believed to be •OH.  We are 

fortunate to have a wealth of near-real time data from continuous measurement of 

atmospheric gases and particles over a 5-week period in 2002 at the Tampa Bay airshed.  

Here we intend to show that the production of HNO3/nitrates and H2Ox/Ox often follow 

such parallel pathways, that the production rate of one is well correlated with that of the 

other. 

In the present work, the gas-aerosol partitioning of H2Ox - Ox, the equilibrium 

relationship between ammonia, H2Ox and particulate ammonium oxalate and the 

influence of different parameters like temperature, ozone, concentration of other gas and 

aerosol species on the concentrations of H2Ox and Ox are discussed.  

 

2.2 Experimental section 

2.2.1 Field data 

Data were obtained from 4/27/02 to 5/31/02 at the BRACE supersite at Sydney, 

FL (27° 58’ N, 82° 13’ W). This site is located at a suburban–rural interface, ~22 km 

                                                 
∗ Martinelango, P.K., Dasgupta, P.K., Al-Horr, R.S. Atmospheric Environment 2006 (in press) 
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ENE of downtown Tampa.  Gas and aerosol samples were collected using a parallel plate 

wet denuder (PPWD), 1 coupled to a mist chamber - hydrophobic filter reflux particle 

collector,2 with the sample inlet ~1 m above shelter rooftop and ~4.5 m from the ground 

level.  The particle collection system had an effective cutoff at ~12.5 µm. 

 

2.2.2 Instrument for collecting and analyzing gases and particles 

Soluble gases, including oxalic acid, were collected using a PPWD. 0.5 mM H2O2 

serves as the denuder liquid which captures the gases.  The denuder liquid containing the 

soluble gases was aspirated by a peristaltic pump at a flow rate of 1 ml min-1 and sent into 

the IC.   

The collection efficiency of oxalic acid by the PPWD was tested in our laboratory 

(680 mm Hg, 22°C) by generating oxalic acid gas by soaking a 47 mm Whatman GF/B 

glass fiber filter in 0.1 M oxalic acid solution, drying it and drawing air though it at 8 

standard liters per minute (SLPM).  This was found to generate oxalic acid at a 

concentration of 768±6 µg m-3.  This stream was sampled at 5 SLPM through two serial 

PPWDs.  The collection efficiency for oxalic acid gas under these conditions was 

measured to be 97.6±0.2%.  Considering that this concentration is much higher than 

ambient concentrations and the fact that at Tampa atmospheric pressure is sea-level 

pressure such that sampling at 5 SLPM actually represents a significantly lower flow 

velocity, we believe that the denuder capture of H2Ox was essentially quantitative. 

For particle collection and analysis, ambient air was first passed through a PPWD 

to remove the gases.  Disodium hydrogen phosphate Na2HPO4 (10 mM, adjusted to pH 6) 

containing 0.5 mM H2O2 was used as denuder liquid to remove both acidic and basic 

gases.  The effluent stream containing the particles entered the hydrophobic filter based 

particle collection system.  Water was pumped into the particle collector through a 

capillary and the air was drawn through a small aperture surrounding it.  The liquid 

generated a fine mist.  The flow was ultimately drawn through a 0.5 µm pore size PTFE 

filter.  Water droplets coalesced on the filter forming a film in which the aerosols were 

captured.  The droplets fell below and were collected at the bottom of the particle 
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collector.  The liquid was then aspirated by a peristaltic pump and sent to the IC for 

analysis.   

The IC analysis system consisted of alternating TAC-LP1 anion preconcentrator 

columns, AG11HC guard and AS11HC separation columns and an electrodialytically 

regenerated suppressor (ASRS, operated at 100 mA).  The chromatographic system itself 

consisted of an IS-25 chromatographic pump coupled to an EG-40 electrodialytic eluent 

generator (15.5 mM KOH, 1.5 mL/min, LC-30 oven at 29 °C), and a conductivity 

detector (CD, model ED40). Chromatography was conducted either on a 10- or a 15-min 

cycle.  All chromatographic equipment and columns were from Dionex Corp. 

The dichotomous filter sampler was a Partisol®-Plus Model 2025 (Rupprecht and 

Patashnik, East Greenbush, NY) that separated the samples into PM2.5 and PM10-2.5 

components.  More details are given in Poor et al.3 

 

2.3. Results and Discussion 

2.3.1 Gas – particle partitioning of oxalic acid 

Over the period of the study, gaseous oxalic acid concentrations ranged from 

0.014-0.81 µg/m3 with mean and median values of 0.074 and 0.059 µg/m3.  Particulate 

Ox was present typically at ~4x greater concentration, ranging from 0.025-5.8 µg/m3 with 

mean and median values of 0.29 and 0.21 µg/m3 (Figure 2.1). This is consistent with 

what has been observed elsewhere: In Hong Kong, another coastal city, only ~ 6 – 12 % 

of the total oxalate (OxT) was H2Ox.1  Clegg et al.4 reported that OxT in the atmosphere 

partitions almost completely into aqueous aerosols, except under conditions of combined 

low relative humidity, low aerosol pH, and temperatures greater than about 15°C. 

Oxalate has been reported to be distributed over the whole particle size spectrum, having 

a dominant accumulation mode (0.1 – 2 µm), an Aitken mode (< 0.1 µm) and a coarse 

particle mode (> 2 µm).5  This suggests that multiple pathways may exist for the 

formation of oxalate: while some of the H2Ox is formed as gaseous H2Ox and condenses 

to fine particles, another portion of oxalate may be formed in the aqueous phase and 

H2Ox may even degas from it given appropriate conditions of droplet acidity, 
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temperature and RH.  In Tampa, NaCl aerosol concentration is large and it is present with 

a mode around 4 µm.  This can provide a significant surface area for condensation / 

dissolution of H2Ox leading to a prominent coarse particle mode for Ox.  Previously we 

had measured H2Ox and PM2.5 Ox in Houston and Philadelphia.  In Tampa, a coastal city, 

the overall mode of ambient aerosol size is shifted up due to the major presence of sea-

salt particles, this is not the case in the other two cities and a comparison of PM12.5 Ox in 

Tampa with PM2.5 Ox in Houston and Philadelphia is not inappropriate.  Median 

concentrations of Ox (H, P, T:  41, 369 and 214 ng/m3) and especially H2Ox (H, P, T:  

66, 67, 59 ng/m3) are not dramatically different in the three cities but the highest 

concentration of Ox is significantly higher in Tampa (5.9 µg/m3), compared to those in 

Houston (0.75 µg/m3) or Philadelphia (1.9 µg/m3).  We believe this may be related to 

actual production of Ox in the solution phase associated with sea-salt aerosol from 

isoprene and/or ethene and acytelene.6,7 Warneck7 have previously suggested that ethene 

and acetylene may serve as precursors for the intermediates glyoxal, glyoxylic acid, 

glycolic acid that are oxidized to form oxalic acid in the aqueous phase and Crahan et al.8 

have observed evidence of in-cloud production of oxalate. Very recently Yu et al.9 have 

also argued that cloud processing must be involved in the formation of Ox and Warneck10 

have explored in detail the conversion of ethene and acetylene in the marine atmosphere 

in a box model.   

Other evidence also indicates that oxalate in the Tampa Bay airshed does not 

solely form in the gas phase and then condense to fine particles.  We analyzed 19 

randomly selected PM10-2.5 and PM2.5 filter pairs from a dichotomous sampler from the 

period spanning June, 2002 - May, 2003.  The data were reconstituted to PM10 and PM2.5.  

The ratio of PM10/PM2.5 for sulfate which forms dominantly in the fine particles was 

1.1±0.1 while nitrate which forms nearly exclusively in coarse particles was 14.1±17.0.  

This ratio for oxalate was 1.4±0.2.  Moreover, for individual filter samples, the 

PM10/PM2.5 ratio for nitrate and oxalate was reasonably well correlated (r2 = 0.49). 
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The large concentration of NaCl present in Tampa can result in a substantial 

liquid water content associated with the aerosol phase at high RH values.  The sampling 

period, however, was mostly an exceptionally dry period for the region that year; only 4 

days had any rainfall during these 5 weeks.  With respect to in-cloud formation of 

oxalate, it is interesting to note that Ox was the highest on May 18th and 19th, the two 

days on which the rainfall was the highest (1.5 and 0.9 cm, respectively).   

 

2.3.2. Diurnal variation 

As has been previously observed in many other locations, in Tampa, daytime 

concentrations of both Ox and H2Ox were almost always higher than the corresponding 

nighttime concentrations.  Only on occasion, when the day time concentrations were very 

low for reasons that are presently unclear to us, did the nighttime concentrations exceed 

those during the day. 

We have recently measured the gaseous H2Ox concentrations in equilibrium with 

solid oxalic acid as a function of temperature.  These results will be published elsewhere.  

It is sufficient to note here that pH2Ox is 3-5 orders of magnitude lower than predicted by 

the equilibrium above. Limbeck and Puxbaum11 have shown that the atmospheric phase 

distribution of dicarboxylic acids is not necessarily directly related to the vapor pressure; 

rather, other physical and chemical processes such as adsorption onto available particle 

surfaces, absorption into a liquid phase etc., greatly modify the observed results.  Indeed, 

some gas to particle conversion occurs even when pH2Ox is significantly below the 

predicted equilibrium pressure at that temperature. 

 The concentration maxima for H2Ox occur during the time of the day when the 

temperature and light intensity are at their maximum (Figure 2.2).  This is consistent with 

a photochemically mediated path for the formation of oxalate, whether via homogeneous 

gas phase or heterogeneous solution phase pathways.  Oxalate peaks after gaseous H2Ox 

when the temperature starts to decrease; as condensation is favored as the temperature 

decreases.  
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Figure 2.2. Diurnal variation (5/7/2002) of particulate oxalate and gaseous oxalic acid 
with light intensity and temperature.  
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 Regardless of day or night, H2Ox concentration exhibits a good positive 

correlation with temperature.  Figure 2.3 shows hourly average data, covering 5% to 95% 

of the total concentration span sorted in 45 degree wind direction bins (the 315°-360° bin 

does not contain enough data to plot) and sorted in daytime (10 AM-6 PM) and nighttime 

(8 PM-6 AM) values.  Both the nighttime and the day time concentrations of gaseous 

H2Ox appear to be driven by temperature and there is no obvious dependence on wind 

direction. 

 As shown in Figure 2.4, the maxima in oxalate concentrations always coincide 

with the minima in RH.  Since the latter is also related to temperature, we suspect that 

this is more directly related to temperature than to RH; however, at this point, no 

definitive conclusions can be drawn, especially as temperature and RH changes are 

diurnal and thus also associated with change in air mass origin.  

 

2.3.3. Is oxalate present as ammonium oxalate?   

Lefer and Talbot12 studied the similarity of the size distributions of oxalate and 

ammonium and suggested that (NH4)2C2O4 aerosol may be directly formed from the 

gaseous precursors: NH3 and H2Ox.  If (NH4)2C2O4 is indeed the form in which oxalate is 

present in the aerosol phase, the temperature dependent dissociation of (NH4)2C2O4 

(rather than H2Ox directly) may well predict the observed temperature dependence 

behavior of the ambient aerosol.  It is not of course possible to definitively determine in 

what form Ox exists in the Tampa aerosol without single particle analysis.  However, we 

note that that particulate NH4
+ and Ox are generally well correlated, especially in the 

nighttime (the data for a 10-day period are shown in Figure 2.5, r2 = 0.686) and less so 

during the daytime (r2 = 0.253).  The overall correlation between gaseous ammonia and 

H2Ox is poor and is of the same order both during day and night (r2 = 0.247 for day and 

nighttime data combined).  It does not therefore appear that the data conform to NH3 and 

H2Ox primarily originating from the dissociation of (NH4)2C2O4.  Other auxiliary 

experiments not discussed here indicate that NH4
+ in the Tampa aerosol is primarily in 

PM2.5 whereas as previously discussed, Ox is dominantly in the PM10-2.5 fraction.  
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Figure 2.5. Relation between particulate oxalate and ammonium (5/4/02 to 5/13/02).  
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2.3.4. Evidence of photochemical production 

Formaldehyde is also a product of atmospheric photooxidation.  Formaldehyde 

was measured at the site at the same time13,14 During May 6 to May 11 the wind field was 

stable and referring to these data, gaseous oxalic acid concentrations were very well 

correlated with that of HCHO (Figure 2.6a, r2 = 0.784).  The correlation between H2Ox 

concentrations and O3 is almost as good (Figure 2.6b, r2 = 0.700).  Hydrogen peroxide 

and methyl hydroperoxide were similarly measured at the site.15  It is interesting that 

H2Ox and H2O2 exhibited no correlation (r2 < 0.0001) whereas methyl hydroperoxide, 

which requires an active hydrocarbon intermediate to be formed, is reasonably well 

correlated with H2Ox (Figure 2.7, r2 = 0.609).  Significant production of alkyl 

hydroperoxides during olefin oxidation is predicted by the Warneck model.10 Similar 

photochemical origins of HNO3/nitrate and H2Ox/Ox are suggested by other, significant 

portions of the data.  For the 10-day period beginning on 5/4/02 for example, gaseous 

HNO3 and H2Ox concentrations during the daytime were well correlated (Figure 2.8, r2 = 

0.642).  

In the liquid phase, oxalate is dominantly ionized and remains as such irrespective 

of the change in other parameters such as light intensity, oxidant concentration etc.  Thus 

the correlations between particulate oxalate and HCHO, O3, or MHP are significantly 

weaker (r2 = 0.310, 0.361, and 0.404, respectively) during these periods.  For particulate 

nitrate and Ox, we sorted the hourly averaged data into night and day bins and also 

calculated the wind direction (and standard deviation) during this period.  These data are 

plotted in Figure 2.9.  In all cases, when the windfield is stable (this is more typical in the 

nighttime than during the day), there is superb correlation between the two species.  

Moreover, on all but one of the nighttime datasets, the air mass flows out to sea, 

originating in a 90-120° direction.  The sampling site is 30 km due west of Old Tampa 

Bay and ~60 km west from the Gulf of Mexico.  On the west of the sampling site, the 

Atlantic Ocean is more than 200 km distant, across the width of the peninsula.  The 

recent history of the sampled air mass is thus of inland origin.  The nitrate-oxalate 

relationship has a slope 7.0±1.0 on all five data sets and on the one occasion that the 
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Figure 2.7. Evidence of photochemical production. Relation between gaseous oxalic acid 
and methyl hydroperoxide (5/6/02 to 5/11/02). 
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Figure 2.8. Relation between gaseous oxalic and nitric acids (5/4/02 to 5/13/02). 
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Figure 2.9. Relation between particulate nitrate and oxalate, night and day sorted (5/5/02 
to 5/11/02).   
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daytime wind direction falls within these bounds, it has a slope of 7.3.  Remarkably, on 

the one night (May 4-5) that the wind direction was very variable and significantly 

originated from the direction of the bay where the power plants are located, nitrate was 

proportionally much greater than oxalate. 

All of these observations suggest a photochemical origin for oxalic acid and 

further support the contention that the formation of oxalate is linked with that of nitrate.  

 

2.3.5. Is automotive emission a significant source of oxalic acid? 

The bulk of the extant literature proposes that the primary source of oxalic acid is 

homogeneous gas phase oxidation of aromatic hydrocarbons, most notably toluene, 

originating from automotive exhaust.6,16 Dasgupta was responsible for deploying the first 

airborne IC for trace gas measurements in the summer of 1988.17  He observed at the time 

that gaseous H2Ox concentration was always higher above forest canopies and has had 

reservations about auto exhaust being the dominant source of oxalic acid since that time.  

Only very recently have alternative mechanisms and precursors been proposed for oxalic 

acid. 6-10  In a major urban area such as Tampa, automotive exhaust emission could 

conceivably be the dominant source for OxT.  However, the correlation of H2Ox with 

potential traffic markers such as NO, NO2, NOx, and especially CO were extremely poor 

(r2 values, 0.0025, 0.0189, 0.0183, and 0.0308, respectively).  The correlation with 

toluene (data courtesy of R. Zika, University of Miami) was investigated and also found 

to be poor (r2 = 0.0037).  Analysis of the oxalic acid /oxalate data as a function of wind 

direction did not indicate that high oxalate concentrations are correlated with incoming 

air mass from downtown Tampa.  These results do not support the contention that 

automotive exhaust emissions are a major source of H2Ox or precursors thereof.  The 

corresponding correlations with Ox with any of the above parameters were also very 

poor. 
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2.3.6 Oxalic acid formation and its implications in nitrogen processing 

A central concern in the BRACE studies is the extent of nitrogen deposition in the 

Tampa bay estuary.  The location of N deposition can be dependent on the efficiency 

with which primary emissions of NOx, gases with relatively low deposition velocity, are 

converted to HNO3, a gas with very high deposition velocity,18 or to particulate nitrate.  

The conversion of NO2 to HNO3 is brought about by •OH and the aqueous phase 

formation of oxalic acid from alkenes is also thought to be brought about by •OH.6,8 

Indeed, one end product of oxidation of some of these alkenes is formaldehyde, with 

which the excellent correlation of H2Ox has already been mentioned.  We make the 

following assumptions: 

(a) the production of oxalic acid is limited by the availability of •OH (since we do not 

have data on reactive hydrocarbons, we cannot take into account any dependence on 

potential hydrocarbon precursors), and 

(b) the loss of OxT and NO3T (particulate nitrate and gaseous HNO3) from our system in a 

box occur at comparable rates. 

With these assumptions, if we confine ourselves to the daytime data when the OxT and 

NO3T are both increasing, the incremental increase of OxT between two successive 15 

min periods, ∆OxT, should be related directly to the •OH concentration during that 

period.  Considering that NO3T originates from the reaction: 

NO2 + •OH  →  HNO3  →  NO3¯   …(1) 

If ∆OxT is multiplied by the prevalent NO2 concentration, this should approximately 

predict ∆NO3T during the same period, ∆NO3T being defined the same way as ∆OxT.  

Although data meeting both criteria were no plentiful, such a plot is shown for hourly 

averaged data in Fig. 2.10 for a 12-day period.  Particulate oxalate alone is also 

reasonably correlated with the f(•OH), the •OH concentration parameter being defined as 

f(•OH) = ∆NO3T/NO2 (r2 = 0.514). 
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Figure 2.10. Oxalate as OH marker. Relation between the product of nitrogen dioxide and 
∆(total oxalate)daytime and ∆(total nitrate)daytime for the period 5/10/02 -5/21/02. 
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2.4 Conclusions  

Gas and aerosol phase data of several atmospheric species collected from a five 

week study in Tampa, FL has been used to study the gas-aerosol partitioning behavior of 

H2Ox / Ox and to shed light into the parameters influencing the formation of oxalic acid. 

Good correlation of H2Ox with HCHO, HNO3 and O3 is consistent with a 

photochemically mediated path for the formation of oxalate. We did not find any 

correlation between H2Ox and/or Ox and traffic markers such as NO, NO2, NOx, and 

especially CO.   

Since the primary focus of BRACE was to study the extent of nitrogen deposition 

in the Tampa bay estuary, we examined the lessons the formation of H2Ox/Ox provides 

regarding nitrogen processing.  The production of H2Ox/Ox from alkenes and 

HNO3/NO3
- from NO2 are parallel reactions mediated by •OH. Assuming the production 

oxalic acid is limited by the availability of •OH and that the depositional loss processes 

of oxalate and nitrate species occur at comparable rates, we were able to show that the 

incremental increase in nitrate species during any given period is typically well correlated 

to the incremental increase in oxalate species during the same period multiplied by the 

NO2 concentration.  This suggests that the availability of •OH for the conversion of NO2 

to HNO3 is also being limited by the production of oxalic acid. 
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CHAPTER III 

SOLID-VAPOR EQUILIBRIUM OF OXALIC ACID 

 

3.1 Introduction 

Oxalic acid is the most abundant atmospheric dicarboxylic acid (DCA) followed 

by malonic and succinic acids.1 The presence of oxalate (Ox) in the troposphere was first 

reported by Norton et al.2 Since then there have been many reports on the presence of 

oxalate in the continental (urban and rural), remote marine, and artic atmospheres. In 

mid-ocean rain water, oxalic acid (H2Ox) frequently constitutes ~50% of total DCAs.3  In 

non-urban rainwater in southern California, Ox routinely exceeded formate and 

sometimes acetate;4 in Schenectady aerosol, Ox was reported to frequently exceed the 

sum of formate and acetate.5  Oxalate was reported to constitute up to 86% of DCAs in 

urban (Nanjing, China) PM10 and up to 65% of the PM2.5 fraction.6  Oxalate may well be 

the most important aerosol species in its role as cloud condensation nuclei.7 

Yao et al.1 compared the size distribution of various DCAs with inorganic ions 

and concluded that the aqueous phase reactions may be more important than gas phase 

photochemical reactions in oxalate formation and the in-cloud processes are the principal 

pathways to form DCAs.   

de Wit et al.8 measured vapor pressure of both anhydrous and dihydrate oxalic 

acid in the temperature range of 250 to 326 K. From the estimated air-water equilibrium 

constant for oxalic acid, Saxena and Hildemann9 concluded that a substantial fraction of 

oxalic acid may be present in the gas phase, although they added that oxalic acid had not 

been observed at that time in the gas phase in measurable quantities. Since then there 

have been several reports of the presence of oxalic acid in the gas phase. At room 

temperature, oxalic acid efflorescence occurs at RH ≤ 5% and deliquescence occurs only 

at RH close to 100%.10 As such, if oxalic acid itself were to exist in the particle phase, it 

will be expected to do so in the anhydrous form. 

Main sources of oxalic acid are thought to be photochemical oxidation of 

anthropogenic, biogenic and oceanic emissions and/or primary traffic emissions.4,11  
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Isoprene, ethane, and acytelene have been considered main precursor compounds for the 

photochemical formation of oxalic acid.12,13  Warneck13 have previously suggested that 

ethene and acetylene may serve as precursors for the intermediates glyoxal, glyoxylic 

acid, and glycolic acid, which are oxidized to form oxalic acid in the aqueous phase. 

Crahan et al.14 have observed evidence of in-cloud production of oxalate.  Very recently 

Yu et al.15 have also argued that cloud processing must be involved in the formation of 

Ox and Warneck16 has explored in detail the conversion of ethene and acetylene in the 

marine atmosphere in a box model.  Isoprene is the major organic compound emitted by 

plants.  It has been shown that pyruvic acid and methylglyoxal formed by the oxidation of 

isoprene act as intermediates in the in-cloud formation of oxalic acid.12,17  Oxalic acid is a 

likely end product of photochemical oxidation reactions and can accumulate in the 

atmosphere.18,19  It is very stable and exists predominantly in the aersosol phase; the 

primary removal mechanism is by wet deposition. 

In this work, we measured the vapor pressure of gaseous oxalic acid over the 

anhydrous solid at atmospherically relevant temperatures. We have a wealth of real time 

data from the continuous measurement of gaseous oxalic acid and particulate oxalate over 

a period of time in summer in three major US cities. The results of field studies 

conducted in Houston, Philadelphia and Tampa during various time spans ranging from 

August 2000 to June 2002 were analyzed. The gas-aerosol partitioning of H2Ox - Ox, the 

influence of relative humidity and temperature on the concentrations of H2Ox – Ox were 

explored.  

 

3.2 Experimental section 

3.2.1 Laboratory experiments on solid-vapor equilibrium of oxalic acid 

The experimental setup for the generation of gaseous oxalic acid is shown in 

Figure 3.1.  Nitrogen carrier gas flowed via a thermostated copper coil through a bed of 

solid anhydrous oxalic acid packed in a glass tube (1 x 15 cm).  The passage of the carrier 

gas through H2C2O4(s)-packed column generated H2C2O4(g).  This stream was sampled by 

a porous membrane based diffusion scrubber (DS, see, Ref. 20 ) of active length 20 cm 
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where the H2C2O4(g) was collected by 1 mM NaOH as the scrubber liquid.  The copper 

coil, H2C2O4(s) column, and the DS were all placed inside a FIAtron Systems, Inc., CH-30 

heater with a TC-55 temperature controller which claims to control temperature within 

0.01 °C.  The flow rate of carrier gas was measured at the exit point using a digital 

bubble flow meter and was maintained at 50 cm3/min.  The DS liquid containing oxalate 

was aspirated by a peristaltic pump and pre-concentrated onto an anion exchange pre-

concentrator (IonPac® TAC LP1, 4 x 50 mm) for 15 min prior to chromatography on 

IonPac® 4 mm AG11/AS11 guard and separation columns housed in a DX-100 IC.  The 

IC was interfaced to a personal computer via an advanced computer interface (all 

chromatographic hardware from Dionex) for data acquisition.  Sodium oxalate solutions 

were used as calibration standards. 

 

3.2.2 Field data 
Laboratory measurements were compared with the data from the following 

summertime field studies, each with 4-6 week duration:  

Houston EPA Supersite (29° 45', 95° 10' W, The Texas Air Quality Study 2000)– 

8/19/00 to 9/15/00.  

Philadelphia (40° 00’, 75° 09’ W, North East- Oxidant and Particle Study ) – 

7/1/01 to 7/31/01  

Sydney, Tampa, FL. (27° 58’, 82° 28’ W, Bay Region Atmospheric Chemistry 

Experiment) – 4/27/02 to 5/31/02. 
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Figure 3.1. Schematic of oxalic acid generation system.  MFM – mass flow meter,  
HC – copper coil where nitrogen gets heated, GC – glass column packed with oxalic acid, 
DS – diffusion scrubber, PP – peristaltic pump, IC – ion chromatograph, _____ gas flow, 
------ liquid flow.
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3.3. Results and Discussion 

3.3.1 Free energy of formation of gaseous oxalic acid 

The vapor pressure of H2Ox was calculated from the concentration of the H2Ox 

over H2C2O4(s) at different temperatures. At the very low gas flow rate used, the DS 

collected the H2Ox quantitatively.  The collection efficiency (f) of the DS can also be 

calculated as a function of the dimensionless quantity X where X is given by:21 

X = µ (do + di)/[4(do-di)]    (1) 

and µ = πDL/Q, do = inner diameter of the jacket tube, di = outer diameter of the 

membrane, D = diffusion coefficient of gaseous H2Ox, L = length of the membrane and 

Q = volumetric flow rate. Such an estimate also suggests quantitative capture of the H2Ox 

by the DS. 

The Clausius-Clapeyron plot of the data obtained is shown in Figure 3.2. The ∆H 

for the sublimation of oxalic acid was calculated to be 99.6 kJ mol-1 from the best fit 

equation:  

ln pH2C2O4  = -12006.51/T + 22.57, r2 = 0.9847   (2) 

where the slope is –∆H/R and the  intercept is ∆S/R.  The ∆Gf
0 for gaseous oxalic acid is 

not available in the literature and was computed from the above data to be -653.9 kJ mol-1 

at 298 K. Our vapor pressure data was compared with the published vapor pressure data 

for oxalic acid and is shown in Fig. 3.3. ∆H for the sublimation of oxalic acid, ∆S and 

∆Gf
0 at 298 K can be calculated from the best fit equation and are shown in Table 3.1. 

The results from the current work compare reasonably well with the previous work.22  
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Figure 3.2.  Clausius-Clapeyron plot of the H2C2O4 (g) over H2C2O4 (s). 
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Figure 3.3 Comparison of our vapor pressure measurement with those reported in the 
literature. 
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Table 3.1 Comparison of the thermodynamic data for gaseous oxalic acid.  

 ∆Hsub 
(kJ/mol)

∆S 
(J/mol/K)

∆Gf
0 @ 298 K 

(kJ/mol) 
Noyes & Wobbe22 90.3 178.4 -660.7

de Wit et al.8 96.9 196.7 -659.5

Current work 99.6 187.6 -653.9
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3.3.2 Gas – particle partitioning of oxalic acid 

Clausius–Clapeyron plot: The available day time H2Ox data were sorted in four 

groups according to the prevailing RH and plotted in the log concentration – reciprocal 

absolute temperature format in Figure 3.4.  It can be seen that at < 50% RH, the linear 

relationship is much more pronounced (r2 = 0.33, compared to r2 = 0.05-0.16 for the rest) 

and the ∆H value (96.95 kJ/mol) calculated from the slope of the plot for data <50% RH 

is very close to the ∆H value for pure H2Ox (99.6 kJ/mol).  Although the deliquescence 

of pure H2Ox occurs at very high RH values,23 in real ambient aerosol such as that in 

Tampa, other more hygroscopic salts may be present as the major components.  This may 

cause deliquescence to occur at a lower RH.  The aerosol-gas partitioning behavior of 

ambient H2Ox at higher humidity is not therefore expected to correspond to that of pure 

dry H2Ox.   

Figure 3.5 shows the frequency distribution of the concentrations of Ox and 

H2Ox. It can be seen that the median Ox concentration is nearly an order of magnitude 

greater than the median H2Ox concentration.  This is consistent with what has been 

observed elsewhere: In Hong Kong, another coastal city, only ~ 6 – 12 % of the total 

oxalate (OxT) was H2Ox.1  Clegg et al.24 reported that OxT in the atmosphere partitions 

almost completely into aqueous aerosols, except under conditions of combined low 

relative humidity, low aerosol pH, and temperatures greater than about 15°C. 

 

3.3.3 Diurnal variation 

Daytime concentrations of both Ox and H2Ox were almost always higher than the 

corresponding nighttime concentrations (Figure 3.6).  The gas-phase concentration of 

H2Ox is ~25% of the measured vapor pressure of oxalic acid at the respective 

temperatures. Thus while it would be tempting to conclude, based on the similarity of the 

observed temperature dependence for the < 50% RH ambient aerosol to that of pure 

H2Ox in the laboratory, that under these conditions, H2Ox probably does exist as a pure 

crystalline phase in the airborne particles, the absolute magnitude of the H2Ox 

concentrations do not bear this out.  
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Limbeck and Puxbaum25 have shown that the atmospheric phase distribution of DCAs is 

not necessarily directly related to the vapor pressure; rather, other physical and chemical 

processes such as adsorption onto available particle surfaces or absorption into a liquid 

phase greatly modify the observed results.  Indeed, some gas to particle conversion 

occurs even when pH2Ox is significantly below the saturation vapor pressure of H2Ox at 

that temperature. 

Figure 3.7 shows the frequency (concentration) distribution of oxalate and oxalic 

acid in Houston, Philadelphia, and Tampa. It can be seen that the distribution of both gas 

and particle phase are similar in Houston whereas in other places, the particulate oxalate 

concentration was much higher (5 – 7 times) than gaseous oxalic acid concentration. 

Houston was located close to many refineries, hence it was possible that gaseous oxalic 

acid and/or the precursors were emitted directly in very high concentration. About 6 – 12 

% of the total oxalic acid was found in the gas phase1 in Hong Kong.  

The oxalate concentration in Tampa represents total particulate matter (PM) 

whereas in the other two sites only PM2.5 (particles less than 2.5 µm) was measured. 

Particulate oxalate has been reported to be distributed over the whole particle size 

spectrum, having a dominant accumulation mode (0.1 – 2 µm), an Aitken mode (< 0.1 

µm) and a coarse particle mode (> 2 µm ).26 So the concentration of oxalate measured in 

Tampa has higher mean oxalate concentration than the other sites (Figure 3.8).  

The correlation of gaseous oxalic acid with temperature (Figure 3.9) suggests that 

temperature dependence can explain in part its diurnal fluctuation in concentration. There 

is a good inverse correlation of % relative humidity (Figure 3.10) with gaseous oxalic 

acid concentration. 
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Figure 3.8. Statistical distribution of a) gas phase and b) particle phase oxalic acid from 
the three sites.          
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Figure 3.9. Relationship between temperature and gaseous oxalic acid.                                                        
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Figure 3.10. Relationship between % relative humidity and gaseous oxalic acid. 
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3.4 Conclusion 

In this work, the vapor pressure of oxalic acid was measured in the laboratory at 

atmospherically relevant temperatures. The measured vapor pressure at 25 oC was   

1.85E-8 atm. The experimental ∆Gf
0 for gaseous oxalic acid computed from a Clausius–

Clapeyron plot was 653.9 kJ mol-1 at 298 K. The temperature dependence of the 

partitioning of oxalic acid present in the Tampa aerosol at < 50% RH corresponds well to 

that of pure oxalic acid. 
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CHAPTER IV 

CONCLUSIONS: OXALATE 

 

Gas and aerosol phase data of several atmospheric species collected over a period 

of time in summer in three major US cities has been used to study the gas-aerosol 

partitioning behavior of oxalic acid and to shed light into the parameters influencing its 

formation. The results of field studies conducted in Houston, Philadelphia and Tampa 

during various time spans ranging from August 2000 to June 2002 were analyzed. From 

the frequency (concentration) distribution of oxalate and oxalic acid, it can be seen that 

the distribution of both gas and particle phase are similar in Houston whereas in other 

places, the particulate oxalate concentration was much higher (5 – 7 times) than gaseous 

oxalic acid concentration. The sampling location in Houston was located very close to 

several petrochemical operations.  Hence it was possible that gaseous oxalic acid and/or 

the precursors were emitted directly in very high concentration.  The median Ox 

concentration in Tampa and other places is nearly an order of magnitude greater than 

H2Ox concentration which is consistent with what others have observed elsewhere.  In 

Tampa, significant amounts of oxalate occurred in an aerosol size larger than 2.5 µm.  

This is consistent with appreciable amounts of oxalate being formed in liquid water 

associated with coarse particles. The gas-phase concentration of H2Ox is ~25% of the 

measured vapor pressure of oxalic acid at the respective temperatures. 

In this work, the vapor pressure of oxalic acid was measured in the laboratory at 

atmospherically relevant temperatures. The measured vapor pressure at 25 oC was    

1.85E-8 atm. The experimental ∆Gf
o for gaseous oxalic acid computed from a Clausius–

Clapeyron plot was -653.9 kJ mol-1 at 298 K. The temperature dependence of the 

partitioning of oxalic acid present in the Tampa aerosol at < 50% RH corresponds well to 

that of pure oxalic acid. 

The concentration maxima for H2Ox coincide with the maxima in temperature 

and insolation intensity.  Gaseous H2Ox concentrations are often well correlated with 

levels of HCHO, HNO3 and O3 (r2 = 0.784, 0.642 and 0.704, respectively), all consistent 
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with a photochemically mediated path for the formation of oxalate.  The concentrations 

of particulate NH4
+ and Ox are also often well correlated, especially in the nighttime     

(r2 = 0.686) which suggests that as temperature decreases, H2Ox may be condensing as 

ammonium oxalate.  

Much of the extant literature suggests that the primary source of oxalic acid is 

homogeneous gas phase oxidation of aromatic hydrocarbons originating from automotive 

exhaust followed by condensed phase reaction of the intermediates.  We did not find any 

correlation between H2Ox and/or Ox and traffic markers such as NO, NO2, NOx, and 

especially CO.   

In order to study the extent of nitrogen deposition in the Tampa bay estuary, we 

examined the lessons the formation of H2Ox/Ox provides regarding nitrogen processing.  

The production of H2Ox/Ox from alkenes and HNO3/NO3
- from NO2 are parallel 

reactions mediated by •OH. Assuming the production of oxalic acid is limited by the 

availability of •OH and that the depositional loss processes of oxalate and nitrate species 

occur at comparable rates, we were able to show that the incremental increase in nitrate 

species during any given period is typically well correlated to the incremental increase in 

oxalate species during the same period multiplied by the NO2 concentration.  This 

suggests that the availability of •OH for the conversion of NO2 to HNO3 is also being 

limited by the production of oxalic acid. 

The analysis of the data clearly shows that oxalic acid is a product of 

photochemical reactions and is most probably formed in the liquid phase. This claim has 

also been recently supported by others.1-3 
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CHAPTER V 

INTRODUCTION: PERCHLORATE 

 

About 90% of the perchlorate manufactured in the United States is used as the 

primary ingredient in solid propellant mixtures for rockets. Large-scale production of 

perchlorate salts began in the US in the mid–1940s, when the military started to use 

perchlorate in munitions and explosives, and large volumes have been disposed of in 

various states since the 1950’s. Perchlorate salts have also found a wide variety of uses in 

nuclear reactors and electronic tubes, as additives in lubricating oils, in electroplating and 

aluminum refining, in tanning and finishing leather, in the production of paints and 

enamels,1 in mining, excavation and demolition, and in fireworks.2  

Perchlorate has received much attention recently after its discovery in the 

waterways in California, Arizona and Nevada. In recent years, the analytical ability to 

detect low levels of perchlorate in various matrices has dramatically improved.  In the 

US, the presence of perchlorate in ground and surface waters, in a variety of vegetables 

and fruits, agricultural products such as tobacco, and in dairy and human milk is now 

being routinely reported.3-10 In 1992, US Environmental Protection Agency (USEPA) 

proposed "provisional" Reference Dose (safe exposure level) for perchlorate of 4 µg/L in 

drinking water. In March 2004, California set the drinking water standard for perchlorate 

at 6 µg/L and six other states (AZ, MA, MD, NM, NV, NY, TX) have advisory levels of 

1–18 µg/L. At the time of this writing, the USEPA has suggested a drinking water 

equivalent level (DWEL) of 24.5 µg/L of perchlorate in water based on the National 

Academy of Sciences recommendation of 0.7 µg/(kg•d) safe dose. However, the DWEL 

does not take into effect the perchlorate exposure through food.  

 

5.1 Concern about perchlorate 

Concern about perchlorate stems from the fact that it affects the thyroid gland. 

The iodide ion (I¯) in blood is actively sequestered by the Na+/I¯ symporter (NIS) present 

in the follicular cells of the thyroid gland. The perchlorate ion competes with I¯ for 
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uptake into the thyroid by the NIS.11 The thyroid gland can compensate for partial 

inhibition in I¯ uptake by thyroid-stimulating hormone (TSH)-stimulated up-regulation of 

the thyroid to produce more thyroid hormones. 

 

5.2 Mechanism of action of thyroid gland 

The iodide ion, sequestered by the NIS, passively diffuses into the colloid where 

organification of iodine takes place. As a result, two types of thyroid hormones, 

triiodothyronine (T3) and thyroxine (T4) are produced and released into the blood stream. 

The level of the thyroid hormones in blood is maintained by two feedback mechanisms. 

When T4 and T3 levels are low (negative-feedback loop), the hypothalamus synthesizes 

the thyroid-releasing hormone (TRH), which stimulates the pituitary gland to produce the 

TSH (Figure 5.1). TSH stimulates the up-regulation of thyroid (positive-feedback loop) 

to secrete more T4 and T3.12  

 Thyroid hormones are very important in both developing and adult mammals for 

basic metabolic functions and cell replication.13  It is of particular concern for pregnant 

and lactating mothers and their fetuses and infants as thyroid hormones are essential for 

normal development of the central nervous system. In both rodents and children, thyroid 

hormone deficiency results in characteristic functional deficits. Four persistent functional 

deficits in children identified as having hypothyroidism at birth have been identified: (a) 

difficulty in processing visual–spatial information, (b) memory deficits, (c) poor 

sensorimotor coordination, and (d) attention deficits.14 Around the 1950’s, the medical 

community had used perchlorate at very high levels (equivalent to 70 to 300 mg/L in 

drinking water) to treat hyperthyroidism. Perchlorate is no longer used therapeutically in 

the United States due to reported cases of agranulocytosis and aplastic anemia with 

fatalities. On a molar basis perchlorate is 15 times as potent as thiocyanate and 240 times 

as nitrate in inhibiting the uptake of iodide.15 The order of affinity for anions by the NIS 

is:16  

TcO4¯  ≥ ClO4¯ > ReO4¯ > SCN¯ > BF4¯ > I¯ > NO3¯ > Br¯ > Cl¯   
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Figure 5.1. Feedback mechanism involved with regulating the production of thyroid 
hormones (adapted from Ref.17) 
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5.3 Toxicological assessment 

5.3.1 Environmental exposure of perchlorate 

Much of the environmental and toxicologic studies on perchlorate are considered 

suspect by many because the large majority of these studies have been funded or even 

conducted by the perchlorate industry.  A study of adults in Nevada exposed to 

perchlorate in drinking water (4–24 µg/L) showed no evidence of increased rate of adult 

thyroid disease (like goiter, nodule, thyrotoxicosis, congenital hypothyroidism, acquired 

hypothyroidism, thyroiditis, and other thyroid disorders) associated with perchlorate 

exposure.18 Crump et al. reported no association between perchlorate in drinking water 

supplies as high as 120 µg/L and thyroid function in newborns and school-aged children 

for several cities in Chile.19 Li et al.20 found no significant differences in the relationship 

between the TSH levels in newborns and residence in Las Vegas, Nevada (perchlorate 

concentrations in water supplies ranged from below the detection limit (4 µg/L) to         

15 µg/L) and those in Reno, Nevada (no perchlorate detected). The observation of 

children in the exposure area in NV (Clark County) found no increased risk of either 

ADHD or autism with perchlorate contamination in the drinking water. Fourth-grade 

standardized test results were not different between those in the high exposure area and 

the rest of the state.21 As we shall see in this dissertation, drinking water is not the only 

vector for perchlorate and may not even be the major vector.  In the epidemiological 

studies that have been conducted, the possibility that the control group was also exposed 

to perchlorate was not considered.  

 

5.3.2 Occupational exposure of perchlorate 

Employees at an ammonium perchlorate production facility in Utah and control 

group from the same chemical complex (the control group consisted of white collar 

workers who had no direct exposure to ammonium perchlorate) were studied. Single-shift 

inhaled (subsequent absorption) dose ranged from 0.2–436 µg/kg with an average of 36 

µg/kg and working life time cumulative doses ranged from 8–88 mg/kg with an average 
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of 38 mg/kg. From thyroid profiles and standard clinical blood tests, no perchlorate-

attributable effects on thyroid, bone marrow, kidney or liver function were detectable.22 

In another study,23 workers with an intake of 1–34 mg perchlorate per day were 

studied for one single shift and working life time and no evidence of any effect of 

perchlorate on thyroid function or blood cells was found. Hence, a no-observed-adverse-

effect-level (NOAEL) of 34 mg/day was suggested for further evaluation of human health 

risks from environmental perchlorate contamination. However, in either study there is no 

mention of the intake of iodide supplement by the workers, if any. 

 

5.3.3 Volunteer studies 

Recent human volunteer studies have evaluated thyroid function (including serum 

T3 , T4, and TSH, iodide uptake, and urinary iodide) associated with ingestion of 

perchlorate in drinking water. In the Lawrence et al. study,24,25 healthy adult human 

volunteers consumed 10 or 3 mg of perchlorate in drinking water each day for 14 days. 

The authors reported a significant reduction on iodide uptake upon 10 mg ingestion and 

slight reduction upon 3 mg ingested without impacts to thyroid hormone or TSH 

concentrations in either case. In the study by Greer et al.,26 human volunteers consumed 

0.007, 0.02, 0.1, or 0.5 mg/kg per day of perchlorate in drinking water for 14 days. Based 

on the dose-response for iodide uptake inhibition, Greer et al. estimated the true no-

effect-level (NEL) to range from 5.2 to 6.4 µg/kg per day (equivalent to a drinking water 

concentration of 180 to 220 µg/L).  

In healthy adults, thyroid gland has significant iodide reserves which will be 

utilized in the event of reduced iodide uptake. Almost all of the ingested perchlorate is 

excreted in 24 h. Hence long term effects of perchlorate exposure (> 14 days) needs to be 

studied. The impact of iodide deficiency on the thyroid gland is well documented.  
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5.3.4 Animal studies 

 In a study conducted with New Zealand white rabbits,27 the maternal no-

observable-adverse-effect-level (NOAEL) for ammonium perchlorate was found to be 1.0 

mg/(kg•d) and the developmental NOAEL to be 100.0 mg/(kg•d).  

 Sprague-Dawley rats treated to ammonium perchlorate at a dose of 10 mg/(kg•d) 

showed significantly increased thyroid weights and thyroid histopathology consisting 

primarily of follicular cell hypertrophy with microfollicle formation and colloid 

depletion.1 These changes were reversible after a nontreatment recovery period of 30 

days. However no thyroid organ weight or histopathological effects were observed at 

ammonium perchlorate dosage levels ≤ 1.0 mg/(kg•d). Statistically significant changes in 

TSH and thyroid hormones were observed at all ammonium perchlorate dosage levels 

(0.01–10.0 mg/(kg•d)) tested.  

However, studies on inhibition of iodide uptake by perchlorate have not been 

conducted on infants, for obvious reasons.  In rodent pups, observable brain morphology 

changes have been reported at doses as low as 10 µg/(kg•d).27  A change in the 

neurobehavioral development was observed when ammonium perchlorate was 

administered orally in drinking water to rats.28 

  

5.4 Chemical properties of perchlorate 

Perchlorate is the most oxidized form of chlorine. It is very stable and may persist 

indefinitely in waterways.  At room temperature and all but very low pH conditions, the 

reactivity of perchlorate as an oxidant is very low.  It is also a very poor ligand and is 

therefore often used in various studies as a supporting electrolyte and to adjust the ionic 

strength. The stability of perchlorates to reduction (reaction 1 & 2) can be explained by 

thermodynamics.  

ClO4¯ → ClO3¯ + ½ O2    ∆Gr  = +6 kJ/mol            (1) 

ClO4¯ + 3Cl¯ → 4ClO¯     ∆Gr  = +272 kJ/mol         (2) 

As stated, it is a very poor complexing agent and is thus used extensively as a 

counter ion in studies of metal cation chemistry, especially in non-aqueous solution. The 
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large size of the symmetric anion and the low charge result in a highly delocalized charge 

distribution, which contributes to its low affinity towards positively–charged metallic 

centers and the extreme solubility of perchlorate salts in both aqueous and polar non-

aqueous media (solubility of NaClO4 in water is about 2.0 kg/L). The high stability and 

low affinity for forming adducts makes perchlorate remediation highly challenging, 

especially at low levels.  

 

5.5 Methods for quantification of perchlorate 

  Techniques such as gravimetry, spectrophotometry, atomic absorption 

spectrometry, ion selective potentiometry, Raman spectrometry and mass spectrometry 

have been used to quantify perchlorate with or without pre-separation by ion 

chromatography or capillary electrophoresis.  An early colorimetric method to determine 

perchlorate was developed by Nabar and Ramachandran;29  perchlorate reacts with 

methylene blue to form a precipitate and the excess methylene blue is determined to give 

an indirect measure of the perchlorate concentration.  Many anions including NO3¯, I¯, 

Cl¯, SO4
2¯, interfere.  Weiss and Stanbury30 passed the sample through an anion exchange 

resin column with high selectivity for perchlorate, thus eliminating many other 

interferents.  Iodide was then used as the eluent to displace the perchlorate from the resin.  

The liberated perchlorate was extracted as an ion pair with neocuproin into an organic 

solvent and measured spectrophotometrically.  

A number of studies address the determination of perchlorate by using 

perchlorate-selective electrodes.31-34  Although little or no sample preparation is required, 

the detection limit is too high (80–500 µg/L) to be of use in environmental analysis. This 

can, however, be used for quality control purposes in perchlorate production.  

Raman spectroscopy has been shown to be an attractive tool for the determination 

of oxychlorine anions. Perchlorate can be determined by Raman spectrometry in complex 

matrices such as fertilizers, containing high TDS, without prior chromatographic 

separation. Raman spectroscopy has also been successfully used in the qualitative 

confirmation of plant extracts after sample clean up with solid phase extraction 
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columns.35 For fertilizer samples, the LOD of perchlorate is about 50 mg/kg. Recently, 

gold-silica composite nanoparticles36 and cystamine–modified gold nanoparticles37 have 

been developed as substrates for surface enhanced Raman spectroscopy. These 

developments have improved the detection limits markedly (0.5 to 0.1 mg/L). This is still 

several orders of magnitude higher than those achievable by IC and IC-MS.    

Ion chromatography using a polystyrene-divinylbenzene column with 

tetrabutylammonium as the ion interaction agent has also been used for the determination 

of perchlorate.  The detection limit for perchlorate by this technique was 100 µg/L.38  

Analysis of urine samples for perchlorate by ESI-high-field asymmetric waveform ion 

mobility spectrometry has been reported.39  The sample is diluted 100-fold in 9:1 

methanol-DI water.  The LOD was 48 ng/L corresponding to 4.8 µg/L in urine.  In an IC-

based determination, Narayanan et al. treated the urine sample with 4 volumes of chilled 

ethanol and ultracentrifuged twice for 30 min at 4 °C.40  The supernatant was subjected to 

warm nitrogen evaporation and reconstituted in deionized water prior to IC analysis.  The 

limit of detection (LOD) was 5 µg/L.  The combination of ion chromatography and 

tandem isotope dilution mass spectrometry can attain excellent detection limits (25 ng/L) 

in urine samples41 and will be applicable to many samples other than urine.  Such 

equipment, however, is expensive.  

 

5.6 Objective of the current work 

Perchlorate contamination has been attributed largely to the manufacture and use 

of ammonium perchlorate (the oxidizer in solid fuel rockets) and/or the earlier use of 

Chilean nitrate as fertilizer (~0.1% perchlorate). However, there are regions such as the 

southern high plains (Texas Panhandle) where there is no clear historical or current 

evidence of rocket fuel or Chilean fertilizer sources. The occurrence of easily measurable 

concentrations of perchlorate in such places is difficult to understand. Perchlorate was 

detected at high levels in drinking water during a routine, uncontrolled chemical 

monitoring program of municipal drinking water in Levelland, TX. Further studies have 

concluded that the perchlorate contamination of the stored chlorinated water was due to 
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the use of cathodic protection system which generates perchlorate electrochemically in 

situ.42 In many instances, the perchlorate contamination of ground water is attributed to 

unrecognized sources. Hence to find the origin of the perchlorate or to elucidate the 

mechanism of formation, fast, sensitive and reliable analytical techniques are required.  

The objectives of the current work were: 

(a) To develop a selective and sensitive method for detection of low/sub-ppb level 

perchlorate in various matrices using IC–MS. 

(b) To elucidate the mechanism of natural formation of perchlorate and to identify the 

precursors.  

(c) To develop sample pretreatment methods for the determination of perchlorate in 

complex biological matrices. 
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CHAPTER VI 

FAST, SELECTIVE AND SENSITIVE DETERMINATION OF  

PERCHLORATE USING ION CHROMATOGRAPHY–ION  

ASSOCIATION–ELECTROSPRAY IONIZATION– 

MASS SPECTROMETRY∗ 

 

6.1 Introduction 

Determination of trace perchlorate in high-salinity water samples by 

preconcentration-preelution suppressed conductivity ion chromatography (PC–PE–IC) 

with the limit of detection (LOD) as low as 0.77 µg/L has been previously reported.1  

However, IC does not provide unambiguous identification.  In many real samples, we 

have observed high concentrations of species that elute in the same region as perchlorate 

but mass spectrometry showed that no perchlorate was present in the eluite.   

In principle, perchlorate can be measured without chromatography, by mass 

spectrometry alone.  In practice, some separation from the matrix is necessary in most 

real samples.  This can be provided by solvent extraction after pairing with a suitable 

cationic reagent to form a neutral adduct.  Several such ion–pairing–solvent–extraction 

electrospray ionization–mass spectrometry (ESI–MS) detection methods for perchlorate 

have been reported.2-4 Similar extraction methods with spectrophotometric measurements 

have long been used5 and are now being rediscovered as field screening methods.6  ESI–

MS/MS methods have also been developed for groundwater with an LOD of 0.5 µg/L.  

However, because of matrix dependent ionization suppression, standard addition must be 

used; in 12 of 16 samples analyzed ESI–MS/MS results were higher than corresponding 

IC results.7  The extant literature on the determination of various analytes in many 

environmental matrices suggests that almost always chromatography–mass spectrometric 

methods are the most useful.  For milk, both IC–ESI–MS8 and IC–ESI–MS/MS9 methods 

have been used.  In the latter case, ClO4¯ is fragmented to ClO3¯; albeit the LOD is not 

                                                 
∗ Martinelango, P.K.; Anderson, J.L.; Dasgupta, P.K.; Armstrong, D.W.; Al-Horr, R.S.; Slingsby, 
R.W. Anal. Chem. 2005, 77, 4829 
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necessarily better.  Others have been more successful with LC–ESI–MS/MS methods 

with an LOD of 0.05 µg/L in real groundwater samples;10 however, one must make 

extensive use of barium-loaded ion exchange cartridges to remove sulfate in high sulfate 

samples.  In order to avoid using off-line ion exchange cartridges, in-line diversion of 

matrix ions including chloride and sulfate to waste has been adopted for IC–ESI–MS and 

IC–ESI–MS/MS.11,12  By using ion exchange columns which selectively elute chloride, 

carbonate and sulfate earlier than perchlorate, an in–line valve is used to divert the early–

eluting ions to waste.  The analytical stream is switched back in to the mass spectrometer 

inlet ~2 min before perchlorate elutes.  This method is effective for matrix ion 

concentrations up to ~1000 mg/L.  By using exhaustively 18O–labeled ClO4
- as an 

internal standard, it is possible to confirm perchlorate elution and correct for ionization 

suppression.  With state of the art LC–MS/MS instrumentation it is possible to achieve 5–

25 ng/L LODs in a variety of samples including water,13 urine,14 amniotic fluid,15 wine16 

and food stuffs.17  It would be desirable to develop comparably sensitive methods with 

simpler and more affordable LC/IC–ESI–MS instrumentation. 

Compared to higher m/z ions, low m/z ions are often not as efficiently transferred 

by ESI due to mass discrimination.18  Further, background noise tends to be higher at low 

m/z.  Most commercial single quadrupole mass spectrometers are designed to have their 

optimum performance at m/z values significantly higher than 100.  One potential way to 

convert a low-mass analyte to a higher mass measurand is to form an adduct with a 

reagent of appreciable mass.  As previously stated, there are numerous methods in which 

perchlorate is extracted into an organic solvent as a neutral ion pair using a singly 

charged cationic reagent.  However, this is not directly useful because an adduct that 

remains uncharged in the mass spectrometer will not be detectable.  What is desired is an 

adduct that already is or produces a charged species at a low ionization/fragmentation 

voltage.  Of potential reagents that will produce a charged adduct, it will be difficult to 

bind an anion by another anionic species.  We know of no neutral ionophores that will 

bind perchlorate, although alkali metal complexes of neutral ionophores do bind 

perchlorate.19  If a cationic reagent is used, it must be multiply charged so that one or 
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more net positive charges remain.  Any such reagent ion should ideally be dipositive to 

maximize the m/z value.  Moreover, it should bind perchlorate with high affinity and 

selectivity. Presently we use ESI–MS to evaluate ten dicationic reagents for the above 

scheme. 

 

6.2 Experimental Section 

6.2.1 Reagents 

Tetra alkyl ammonium bromide (converted to hydroxide by passing through an 

anion exchange resin in the hydroxide form) (ethyl, C2 to heptyl, C7), an amino 

substituted calixarene (p-[N,N – dimethyl amino methyl] calixarene) and ten dicationic 

agents were evaluated for their use as ion-pairing/complexing agent for perchlorate. The 

dicationic reagents tested are shown in Figure 6.1.  Compound I, containing 

tetraalkylammonium end groups and a straight C-12 chain connecting them, 1,12–

Bis(trimethylammonium) dodecane diiodide, was synthesized from the α,ω-diamine and 

excess CH3I according to the literature.20  All the other dicationic reagents (II-X) 

consisted of substituted imidazolium or pyrrolidinium end groups, also joined by straight 

hydrocarbon chains (C3-C12) and synthesized as the bromide.21   

 

6.2.2 Conversion to F form through ion exchange 

In order to maximize the production of the dication D2+ in the mass spectrometer 

from the dihalide, the bromide or iodide salt was converted to the fluoride form DF2 by 

anion exchange.  Four milliliters of a strongly basic anion exchange resin (Amberlite 

IRA–400) in the chloride form was packed in a 10 mL disposable syringe.  The resin was 

converted to the hydroxide form by passing 10 column volumes of 1 M NaOH and then 

washed thoroughly with water.  The resin was next converted to the fluoride form by 

passing 7 column volumes of 0.5 M NaF followed by washing with 10 column volumes 

of water.  One mL of a 0.1 M solution of the dicationic compound was passed through  
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Figure 6.1. Structures of different ion pair agents used in this study  
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the resin bed and collected in a 10 mL volumetric flask.  The bed was washed further 

with water and the washings are collected in the flask to make a 10 mM stock solution. 

 

6.2.3 Methods 

6.2.3.1 Ion Chromatography (IC) 

Except as noted, Ion Chromatography with suppressed conductivity detection was 

carried out on a Dionex DX-600 ion chromatograph with a GS50 gradient pump, an 

ASRS-Ultra 4-mm suppressor and a CD25 conductivity detector.  Columns used were     

4 mm in bore except as noted.  PeakNet V6.2 was used for system control, and area-

based analyte quantification (external standard mode, 5-point calibration) was used.  The 

preconcentration-preelution method developed by Tian et al.1 has been used with 

necessary modifications. The separation of perchlorate was done on a Dionex Ionpac® 

AG-16 (4 X 50 mm) guard column and Ionpac® AS 16 (4 X 250 mm) analytical anion 

exchange column. TAC-LP1 (4 X 35 mm) anion concentrator was used as a 

preconcentrator column (PC). Samples (1 mL) were loaded on the preconcentrator 

column and preeluted with 2.0 mL 10 mM NaOH and then switched to the main 

separation column (Figure 6.2). 100 mM NaOH was used as eluent at a flow rate of         

1 mL/min. Preelution removes weakly retained contaminant anions like chloride, nitrate, 

sulfate etc.  

 

6.2.3.2 Electrospray Spray Ionization – Mass Spectrometry (ESI–MS) 

Except as stated, mass spectrometric studies were performed using a 

ThermoQuest Finnigan AQA single quadrupole mass spectrometer in the positive ion 

mode with Xcalibur (V 1.1) used for acquiring the MS data. The electrospray voltage and 

desolvation temperature were maintained at 3.0 kV and 350 ºC, respectively.  The source 

(ionization) voltage used was +2V.  
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6.2.3.3 Direct introduction into the MS 

For direct introduction into the MS, solutions containing different concentrations 

of perchlorate and the ion–pair agent were prepared and a 100 µL aliquot was injected 

into the system using a 6–port valve and air as carrier. 

 

6.2.3.4 Post column addition of ion-pair agent 

For post column reagent (PCR) addition, the conductivity detector effluent was 

split at a tee.  Using a restrictor, 0.4 mL/min was allowed to go to waste.  The dicationic 

reagent (100 µM in water) was introduced at a second tee into the 0.6 mL/min stream at a 

flow rate of 0.06 mL/min and flowed through a 0.8 mm i.d. x 1.15 m mixing coil before 

entry into the MS.  Direct testing of interference from sulfate and other anions was 

conducted in a 2–line flow injection manifold that simulated the chromatographic system 

in its flow scheme.  Samples containing perchlorate and/or sulfate or other ions were 

injected into a water carrier (0.6 mL/min) and flowed through a cation exchange resin 

bed in H+–form (that acts as a suppressor) and merged with a flow stream of 100 µM DF2 

(0.06 mL/min) before proceeding through a mixing coil into the mass spectrometer 

(Figure 6.3). 

 

6.3 Results and discussion 

6.3.1. Tetrabutyl ammonium (TBA) salts 

Tetraalkylammonium (TAA) salts were considered first due to their affinity for  

C–18 and the ability to form strong ion pair with perchlorate. Preliminary experiments 

showed that the sensitivity of the perchlorate by MS increased almost an order of 

magnitude upon the addition of TBA (Figure 6.4), especially at lower fragmentation 

voltages (< -5 V).  

Trials using various TAA salts ranging from ethyl (C2) to heptyl (C7) were 

conducted and the sensitivity for perchlorate decreased as the number of carbon increased 

ethyl being most sensitive and heptyl least. TBA has higher affinity for C-18 and the 

sensitivity was only slightly lower compared to TEA. Hence, TBA was used for further  
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Figure 6.4. Increase in the ESI-MS signal intensity for perchlorate upon addition of 
tetrabutyl ammonium ion (m/z monitored @ 98.7 at 350 C and -35 V).  



 83

experiments. It worked very well for standard solutions of perchlorate, upon the addition 

of high concentration of common anions like sulfate, chloride and carbonate, the 

sensitivity decreased considerably (Figure 6.5).  

The sensitivity increased on passing the sample (containing TBA) through the   

C–18 cartridge and eluting the TBA-ClO4 ion pair with methanol and injecting into the 

MS. But still it was lower than that for a clean sample. In general, the sensitivity of the 

MS increases with increasing m/z. If the pairing cation (Mn+) is multiply charged, it may 

be possible to form a positively charged aggregate MClO4
(n-1)+ at a low fragmentation 

voltage that can be detected as a positive ion. For best results, M should be hydrophobic 

and high in MW and n should be 2, to maximize m/z. There is evidence for the formation 

of TBA(ClO4)2¯  ion-pair in the literature.2 But this ion could not be detected in the 

current work under the conditions studied.  This is reasonable as perchlorate is our trace 

analyte and not ever present in excess. 

Unsatisfied with the results thus far, post column treatment of IC effluent with 

TBA was attempted.  The MS signals for perchlorate decreased on addition of TBA 

(without changing the conditions, 300 °C and -35 V) (Figure 6.6). On changing the 

voltage, with constant TBA (0.5 mM) and perchlorate constant at 50 µg/L, the signals 

increased on decreasing the voltage reached a maximum at –15 V and then started to 

decrease. But even at –15 V the intensity was not comparable to perchlorate without 

TBA. 

   

6.3.2 Calixarene 

A dimethyl amine substituted calix[4]arene was evaluated for its effectiveness as 

a complexing agent for perchlorate.  The calixarene by itself gave a peak in the MS at 

m/z 653 and upon addition of perchlorate a (calixarene–ClO4)+ peak at m/z 753 was 

detected.  
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Figure 6.5 Calibration curve for perchlorate using TBA as ionpair agent. 
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Figure 6.6 Post-column treatment of perchlorate using TBA. Sample: 50 µg/L perchlorate 
with various concentrations of TBA (m/z monitored at 98.7 at 350 C and -35 V). 
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N

OH 4

p-[N,N - dimethyl amino methyl calixarene
 

To use the calixarene as a post column treatment for perchlorate, a membrane 

device using nafion with the sample passing through the inside of the membrane and the 

calixarene present in a jacket around the membrane was constructed. The calixarene 

being, positively charged at neutral pH, can diffuse through the membrane and react with 

the perchlorate. Unfortunately no diffusion of calixarene through the membrane was 

observed. Hence, the calixarene was added directly to the IC effluent through syringe 

pump.  

Post column treatment of calixarene with perchlorate gave a significant 

improvement in the signal in the MS. In addition, it moves the m/z from low mass 

negative region to high m/z positive region, where the MS sensitivity is higher and other 

interferences are relatively low. Initial experiments showed the calixarene produced 

greater improvement in signal better than one of the dicationic agents tested (I, see 

Section 6.3.3, Figure 6.7). However, the limited solubility of calixarene caused problems 

of ionization suppression on prolonged use. Hence, the calixarene was deemed unsuitable 

for continuous use.  

 

6.3.3 Dicationic agents 

Since the trials with TBA and calixarene were rather unsuccessful, alternative ion 

pairing agents such as dicationic agents (I – X) were considered.  
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Figure 6.7 Comparison of the increase in sensitivity for perchlorate determination using 
calixarene and dicationic agent, I. 
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6.3.3.1 System Optimization   

Initial system optimization was carried out with I and a perchlorate concentration 

of 25 µg/L was used.  A probe temperature of 350 °C was chosen on this basis.  The 

thermal stability of most of the dicationic compounds (II–X) studied here was previously 

reported to be very high,21 no significant thermal decomposition of any of these 

compounds are therefore expected within the short residence time in the desolvation 

zone.  The best S/N was reached with a relatively low reagent concentration of 10 µM in 

the final mixture.  Figure 6.8 shows the behavior of DCl2 and DF2 as a function of the 

fragmentation voltage.  DF2 gives a better signal to blank ratio with 25 µg/L perchlorate 

sample producing signal 2.5 orders of magnitude greater than the blank.  The most 

remarkable aspect of this is that an optimum signal level is already reached by an 

ionization voltage of +2 V.   

 

6.3.3.2 Affinity for Perchlorate   

All of the compounds tested, exhibited a very high propensity for forming 

DClO4
+.  An exact measurement of gas phase equilibrium constants for the process D2+ + 

ClO4¯ ⇔ DClO4
+ is difficult because detector response for the different species can vary 

considerably.  Nevertheless, let us consider the following data.  The injection of 0.1 mL 

of 10 nM (1 µg/L) ClO4¯ produced an area count of 4.5E4 for 35ClO4¯.  In the presence of 

7.9 µM introduced DF2 (compound I), the 35ClO4¯ area count decreases to 1.6E4 and the 

D35ClO4
+ response provides an area count of 2.25E5.  If we interpret this as if all the 

processes are taking place in the liquid phase, based on the eluite peak base width, we 

estimate that the average concentration of 35ClO4¯ prior to the introduction of I is 2.1 nM.  

This decreases to 0.75 nM upon introduction of the dication and we can assume that the 

balance 1.35 nM (64% of the total) is converted to D35ClO4
+.  This is notable given the 

low concentration of DF2 introduced (which almost certainly does not quantitatively 

produce D2+).  It is also apparent that the perchlorate adduct ion produces nearly an order 

of magnitude greater signal than the original perchlorate; this greatly increases detection 

sensitivity.  
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Figure 6.8.  Blank and 25 µg/L signal response with 10 µM I as PCR as a function of 
ionization voltage.  Note logarithmic ordinate.  
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The intensities for D2+, 35ClO4¯ and D35ClO4
+ were simultaneously monitored for the ten 

different dicationic reagents in concentrations of 1–20 µM of the reagent and 0.5–6 µM 

of ClO4
-, with 8–12 different combinations tested for each reagent.  The results are shown 

in Figure 6.9 in a log-log plot with the adduct ion intensity being plotted against the 

product of the concentrations of the reactants.  In general, the reagents that produce the 

highest DClO4
+ signals, at a given [DF2][ClO4

-] concentration product (as introduced, 

especially at low values of the same), would seem to be the better candidates.  Table 6.1 

numerically indicates the relative sensitivities. For the different dicationic reagents, we 

first list the intensity of the D2+ ion signal originating from a fixed constant concentration 

of DF2.  Assuming the intrinsic response of the electrometer to various D2+ ions is 

comparable, this value is essentially a measure of the ease with which DF2 ionizes into 

D2+.  The slope is the analytical sensitivity, ∆DClO4
+ signal divided by the increase in the 

product of the input concentrations ∆[DF2][ClO4
-].For an actual use situation where [DF2] 

is invariant, this is indeed the observed experimental calibration slope (∆DClO4
+ signal/ 

∆[ClO4
-], count-s/µM).  Since this may not be linear over large ranges of [DF2][ClO4¯], 

we separately record the slope for two different decadic values of [DF2][ClO4¯].  

Compounds VI–VIII have essentially the same sensitivity throughout, compounds I and 

X have lower sensitivity at higher values of [DF2][ClO4¯] while all the others have higher 

sensitivity at higher values of [DF2][ClO4¯].  For trace level perchlorate measurement, the 

[DF2][ClO4¯] product will always be small.  We chose therefore to conduct further 

experiments with I, IV and IX, the three compounds that displayed the highest 

sensitivities at low values of the [DF2][ClO4¯] concentration product.  It will be observed 

that these three compounds fall in the top, middle, and the bottom of the list in their ease 

of ionization.  If overall sensitivities are comparable, it follows that compound IX 

probably has the highest affinity for forming the perchlorate adduct.   
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Table 6.1.  Relative signal intensities of different dicationic reagents 

D2+ signal intensity for  [DF2][ClO4
-] Product, µM2 

 1 µM DF2 (109 count-s) 0.4-3 µM2 4-30 µM2 Dication 

 Slope Slope 

I 1.67 0.82 0.39 

II 0.39 0.48 0.72 

III 0.345 0.59 0.8 

IV 0.89 0.74 0.82 

V 0.705 0.63 0.69 

VI 0.865 0.61 0.62 

VII 1.1 0.725 0.75 

VIII 1.18 0.52 0.53 

IX 0.35 0.89 1.02 

X 0.65 0.73 0.68 
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6.3.3.3 Selectivity over Sulfate   

In trace perchlorate analysis, sulfate is most commonly the biggest problem.  

First, it is present in many samples in high concentrations; second, it elutes last among 

common anions, closest to perchlorate, such that the profile of perchlorate response in a 

suppressed conductivity based chromatogram of a high sulfate sample often resembles 

the topography of a shrub on the slope of a mountain.1 Third, the natural abundance of 
34S is 4.3%; H34SO4¯ is only ~0.01 amu heavier than 35ClO4¯ and the required M/∆M 

resolution of 104 is well beyond quadrupole MS.  A single quadrupole MS cannot 

distinguish between H34SO4¯ and 35ClO4¯ or DH34SO4
+ and D35ClO4

+.  With reference to 

(a) conventional measurement at m/z 98.7 and 100.7 for 35ClO4¯ and 37ClO4¯, 

respectively, the performance of the dicationic reagents, I, IV, and IX were tested using 

the 2-line flow injection analysis manifold mentioned in the experimental section, 

injected samples contained 25 µg/L of ClO4¯ and/or 500 µg/L and 750 µg/L SO4
2¯ while 

monitoring (b) D35ClO4
+, (c) D37ClO4

+, and (d) D35Cl18O4
+ where in the last case an 

additional (nominally 5 µg/L) 35Cl18O4¯ was spiked into the sample.  The relative 

intensities of DH32SO4
+ and DH34SO4

+ in samples containing only sulfate was first 

measured and the latter amounted to ~9% of the former, rather than the tabulated value of 

4.5% for the 34S/32S abundance ratio.  In samples in which both perchlorate and sulfate 

were present, the D35ClO4
+ was corrected for DH34SO4

+ contribution by subtracting from 

it 0.09 times the DH32SO4
+ signal.  The results are shown in Figure 6.10.  It is observed 

that not only the DClO4
+ signals are much more intense (approximately an order of 

magnitude greater than the ClO4¯) signals, within experimental uncertainty, these signals 

are unaffected by the presence of 500 and 750 µg/L sulfate (up to 30 times the amount of 

perchlorate taken).  Similar immunities were observed for interference from other ions 

such as carbonate and nitrate.  In a chromatographic context, interference from these ions 

will be less important, anyway. 
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6.3.3.4 Detection limits and calibration behavior  

Figure 6.11a shows the chromatogram for 1 µg/L perchlorate without and with 

three different post column reagents.  The improvement is obvious.  Figure 6.11b shows 

100 µL of a 100 ng/L standard injected on a 2-mm bore IC system coupled to a single 

quadrupole MS system.  The bottom chromatogram shows the signal at m/z 99 for 

unreacted 35ClO4¯ and the top chromatogram shows the signal at m/z 395 for D35ClO4
+. 

With PCR, the S/N=3 LOD is estimated to be 25 ng/L.   

Typical calibration curves with I and IV as PCR, D35ClO4+ intensity exhibited 

excellent linearity for ClO4¯ concentrations up to 100 µg/L:  

 

I:    D35ClO4
+ (m/z 385, count-s) = 2.64 ± 0.025.x 106 [ClO4¯, µg/L] + 2.86 ± 1.27 x 106,  

 r2 = 0.9993, n = 10,      …(1) 

 

IV:  D35ClO4
+ (m/z 389, count-s) = 1.34 ± 0.01.x 106 [ClO4¯, µg/L] + 8.50 ± 5.95 x 106,  

r2 = 0.9994, n = 10      …(2) 

 

On the same instrument, calibration at m/z 99 exhibited significantly poorer 

precision, linearity, absolute sensitivity, and sensitivity relative to background counts: 
 

35ClO4¯ (m/z 99 count-s) = 2.35 ± 0.09.x 104 [ClO4¯, µg/L] + 7.79 ± 4.52 x 104  

r2 = 0.9884, n = 10   …(3)  

 

6.3.3.5 Application to real samples   

We have found the presently described analytical method to be of great value for 

quantifying perchlorate with greater accuracy and certainty in samples that represent a 

complex matrix (typical biological samples) or with very low perchlorate content, or 

both.8,22  Figure 6.12 shows several examples.  Panel (a) shows the perchlorate response 

region of the chromatogram of a high salinity (Specific Conductance ~3 mS/cm) ground 

water sample1 containing 11.2 µg/L perchlorate and a urine sample from an animal which 
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has been drinking water containing 250 µg/L perchlorate, with two different dicationic 

reagents.  Such reagents also greatly enhance the sensitivity of detection for other 

hydrophobic ions such as iodide, which is of considerable interest in many samples where 

perchlorate quantification is sought, most notably milk.8 This is shown in panel (b).  

Panel (c) shows the perchlorate present in very low concentrations (200 ng/L) in surface 

water samples can be easily detected by the present approach. Table 6.2 shows 

comparative analytical data on various samples with and without I as PCR 
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Figure 6.11. (a) 1 µg/L perchlorate with and without post column reagent (PCR) addition. 
The intensity was monitored at m/z 98.7 @ -35 V for perchlorate without PCR and at m/z 
384.8, 388.7 and 394.8 @ +2 V corresponding to the DClO4

+ for I, IV and IX 
respectively. (b) 100 µL 100 ng/L perchlorate injected on 2 mm AS 21 column, 21 mM 
KOH eluent @ 0.35 mL/min, 100 µM IX in 50 % acetonitrile @ 0.03 mL/min as PCR, 
detector: ThermoQuest Finnigan MSQ  
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Figure 6.12. Chromatograms: (a) groundwater sample (11.2 µg/L ClO4¯) and a goat urine 
sample (diluted 12.5x, originally containing ~ 450 µg/L ClO4¯) with IV and IX PCRs; (b) 
human milk sample8 with 22 µg/L I ¯ and 2 µg/L ClO4¯; both D129I+ and D35ClO4

+ were 
monitored, (c) surface water sample (specific conductance 0.4 mS/cm) containing 0.2 
µg/L perchlorate, conditions for this chromatogram are as in Figure 6.11b.  The ordinate 
scales in the three chromatograms differ. 
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Table 6.2.  Comparative analysis of various samples with and without the use of 
dicationic agent as a postcolumn reagent 

Sample Perchlorate  (µg/L) 

 With I as PCR No PCR 

5 µg/L nominal standard 5.6±0.0 5.6±0.6 

10 µg/L nominal standard 10.3±0.4 11.0±0.5 

20 µg/L nominal standard 19.7±0.1 19.3±0.7 

Deionized water (DIW) ND ND 

ground water 12.1±0.0 13.1±1.0 

ground water 12.4±0.2 13.0±1.8 

ground water spiked w/ 5 µg/L ClO4¯ 18.1±0.4 17.6±0.4 

10 µg/L nominal standard 10.8±0.1 9.9±0.4 

rain 1 ND ND 

rain 1 spiked w/ 5 µg/L ClO4¯ 5.1±0.0 4.9±0.0 

rain 1 spiked w/ 5 µg/L nominal 

standard 5.4±0.1 4.6±0.3 

DIW spiked w/ 5 µg/L ClO4¯ 5.0±0.2 6.3±0.2 

Milk 1 5.7±0.0 5.3±0.5 

Milk 1 spiked w/ 5 µg/L ClO4¯ 12.0±0.1 9.2±0.1 

Chlorine bleach (20x dilution) 12.4±0.1 9.5±0.8 

DIW – Deionized water 
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6.4 Evaluation of commercially available dicationic agents 

All of the above mentioned dicationic agents which were selective and sensitive 

for perchlorate were synthesized by us in the laboratory. This limits the use of the 

compounds by others. Two commercially available dicationic agents, 1,10-

bis(trimethylammonium) decane dibromide (XI) and 1,6- bis(trimethylammonium) 

hexane dibromide (XII), purchased from Sigma whose structures are shown below, were 

evaluated for their efficacy as the ion pair agents for perchlorate. The sensitivities of 

these ion pair agents were compared with I.   

 

               

Br
-

CH3 N
+

CH3

CH3

(CH2)10 N
+

CH3

CH3

CH3

Br
-

Br
-

CH3 N
+

CH3

CH3

(CH2)6 N
+

CH3

CH3

CH3

Br
-

XI

XII

1, 10 - Bis (trimethylammonium) decane dibromide

1, 6 - Bis (trimethylammonium) hexane dibromide  
The dicationic agents XI and XII were evaluated both in the bromide form and in the 

fluoride form (converted as described in Section 6.2.2) 

 Figure 6.13 shows the MS chromatogram of 1 µg/L perchlorate using I, XI and 

XII as PCR. The F form has higher sensitivity for perchlorate than the Br form (as seen 

before in Fig. 6.8 which compares the F and Cl forms). The peak shape for XI in F form 

is slightly distorted. Both XI and XII have better sensitivity compared to I.  

 Figure 6.14 shows the calibration curve for perchlorate in the range of 0.2 – 10 

µg/L.  It can be seen that XII in the F form has better sensitivity and reproducibility 

compared to the others. Considering the excellent peak shape, sensitivity and 

reproducibility, XII was used as ion-pair agent for further studies. 
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Figure 6.13. Comparison of MS chromatograms of 1 ppb of perchlorate using dicationic 
agent I (F form), XI and XII (both in F and Br form) as PCR.   
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Figure 6.14. Comparison of the calibration curves of dicationic agents XI, XII and I 
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The effect of matrix ions in the samples was evaluated by preparing a synthetic 

matrix containing 2000 mg/L each of Cl¯, CO3
2¯ and SO4

2¯. When 2.5 µM and 5.0 µM 

XII were used as PCR, the signal suppression due to high matrix seems to be negligible. 

Whereas when either XII or I was used as PCR at 10 µM concentration, the area was 

reduced to almost 50 – 60% in presence of the high matrix ion concentration. This can be 

compensated for on the basis of an 18O isotopically labeled internal 35Cl18O4¯ standard, 

however, if suppression is negligible to begin with that is undoubtedly a better option.  

Typical calibration curves (Fig. 6.15) with XII as PCR at different concentrations 

show excellent linearity up to 100 µg/L: 

 

XII - 2.5 µM  

DClO4
+ (m/z 300.7, count-s) = 8.38 ± 0.05 x 105 [ClO4¯, µg/L] + 3.80 ± 2.14 x 105 

    r2 = 0.9994, n = 18 

 

XII - 5.0 µM  

DClO4
+ (m/z 300.7, count-s) = 5.62 ± 0.02 x 105 [ClO4¯, µg/L] + 3.38 ± 0.82 x 105 

    r2 = 0.9998, n = 18 

 

XII - 10 µM 

DClO4
+ (m/z 300.7, count-s) =  4.45 ± 0.02 x 105 [ClO4¯, µg/L] + 3.79 ± 0.87 x 105 

     r2 = 0.9996, n = 18 

 

6.4.1 Application to real samples 

Perchlorate concentration of four real samples (Lubbock tap water, ground water, 

milk and seaweed) was determined using XII and I as PCR. The results agree very well 

and are shown in Table 6.3 along with the results of the perchlorate spiked high matrix 

samples.  
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Figure 6.15. Comparison of the calibration curves of XII at three different ion pair agent 
concentration. 
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Table 6.3 Comparison of XII and I as PCR  

Sample 2.5 µM of XII 5 µM of XII 10 µM of XII 10 µM of I 

 ClO4¯ SD ClO4¯ SD ClO4¯ SD ClO4¯ SD 

0.2 µg/L 0.25 0.01 0.27 0.01 0.34 0.04 0.24 0.03

1 µg/L 1.10 0.04 1.21 0.05 1.30 0.06 1.10 0.04

5 µg/L 5.58 0.04 6.06 0.21 5.68 0.23 4.86 0.08

10 µg/L 10.7 0.16 10.6 0.16 11.0 0.14 10.0 0.22

20 µg/L 20.5 0.32 20.7 0.40 21.7 0.28 20.0 0.13

100 µg/L 99.8 2.26 99.8 0.79 99.5 0.61   

HB 0 ⊕ 0.00 0.00 0.00  0.00 

HB 0.2  0.26 0.01 0.27 0.01 0.29 0.05   

HB 1  1.20 0.02 1.17 0.03 1.25 0.07 1.18 0.09

HB 5  5.42 0.05 5.48 0.10 5.73 0.22 5.34 0.10

HB 10  10.8 0.15 10.9 0.20 11.0 0.14 10.7 0.17

HB 20  19.4 0.05 21.4 0.08 21.9 0.14 21.0 0.36

Tap water 1.00 0.01 1.02 0.05 1.01 0.02 1.02 0.02

Ground 
water 3.49 0.06 3.51 0.08 3.62 0.03 3.52 0.04

Milk 3.80 0.08 3.93 0.04 3.96 0.08 4.14 0.05

Seaweed 0.31 0.27 0.44 0.02 0.49 0.03 0.45 0.01

⊕ HB x refers to x µg/L perchlorate spike in synthetic matrix containing 2000 ppm each 

of Cl¯, CO3
2¯, and SO4

2¯ 
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6.5 Conclusion 

Ion Chromatography–Ion Association–Electrospray Ionization–Mass 

Spectrometry (IC–IA–ESI–MS) method reported here is of substantially greater 

selectivity and sensitivity than other available single stage MS approaches. The use of ion 

pair agents as the post column reagents increases the sensitivity of the ESI-MS for 

perchlorate detection at least 10 fold. We show results for various dicationic agents which 

vary in their selectivity and affinity for ClO4¯, typically being at least one order of 

magnitude more selective for ClO4¯ over HSO4¯.  For a 100 µL injected standard, limits 

of detection (LOD, S/N=3) are as good as 25 ng/L on a single quadrupole mass 

spectrometer.  Calibration for concentrations up to 100 µg/L displays an r2 value of 

>0.9993.  We show applicability to various real samples.  A number of the studied 

reagents are suitable for such applications. With increasing demand for detecting 

perchlorate in very low concentration in increasingly complex samples, this technique 

can be of significant benefit in IC–MS analysis of samples containing perchlorate. 

Particularly, the use of commercially available ion pair agents broadens the utility of this 

method.  



 107

6.6 References 

                                                 

1.   Tian, K.; Dasgupta, P.K.; Anderson, T.A. Determination of trace perchlorate in 
high-salinity water samples by ion chromatography with on-line preconcentration 
and preelution. Anal. Chem. 2003, 75, 701-706. 

2.   Urbansky, E.T.; Magnuson, M.L.; Freeman, D.; Jelks,C. Quantitation of 
perchlorate ion by ESI-MS using stable association complexes with organic 
cations and bases to enhance selectivity. J. Anal. At. Spectrom. 1999, 14, 1861-
1866. 

3.   Magnuson, M.L.; Urbansky, E.T.; Kelty, C.A. Microscale extraction of 
perchlorate in drinking water with low level detection by electrospray-mass 
spectrometry. Talanta 2000, 52, 285-291. 

4.   Urbansky, E.T.; Gu, B.; Magnuson, M.L.; Brown, G.M.; Kelty, C.A. Survey of 
bottled waters for perchlorates by electrospray ionization mass spectrometry (ESI-
MS) and ion chromatography. J. Sci. Food Agric. 2000, 80, 1798-1804. 

5.   Urbansky, E.T. Quantitation of perchlorate ion: Practices and advances applied to 
the analysis of common matrices. Crit. Rev. Anal. Chem. 2000, 30, 311–343. 

6.   Thorne, P.G. Field screening method for perchlorate in water and soil. US Army 
Corps of Engineers, Cold Regions Research and Engineering Laboratory.  
ERDC/CRREL TR-04-8, April 2004. 

7.   Koester, C.J.; Beller, H.R.; Halden, R.U. Analysis of perchlorate in groundwater 
by electrospray ionization mass spectrometry/mass spectrometry. Environ. Sci. 
Technol. 2000, 34, 1862-1864. 

8.   Kirk, A.B.; Martinelango, P. K.; Tian, K.; Dutta, A.; Smith, E. E.; Dasgupta, P.K. 
Perchlorate and Iodide in Dairy and Breast Milk. Environ. Sci. Technol. 2005, 39, 
2011-2017. 

9.   Krynitsky, A.J.; Niemann, R.A.; Nortrup, D.A. Determination of Perchlorate 
Anion in Foods by Ion Chromatography-Tandem Mass Spectrometry. Anal. 
Chem. 2004, 76, 6618-6622. 

10. Winkler, P.; Minteer, M.; Willey, J. Analysis of perchlorate in water and soil by 
electrospray LC/MS/MS. Anal. Chem. 2004, 76, 469-473. 

11. U.S. EPA Method 330.0, Determination of perchlorate in drinking water by ion 
chromatography with suppressed conductivity and electrospray ionization mass 
spectrometry. Office of Research and Development, Cincinnati, Ohio, Draft 
Version 1, November, 2004. 



 108

                                                                                                                                                 

12. Lin, R.; De Borba, R.; Srinivasan, K.; Woodruff, A.; Pohl, C. Matrix diversion 
methods for improved analysis of perchlorate by suppressed ion chromatography 
and conductivity detection. Anal. Chim. Acta 2006, 567, 135-142. 

13. Burrows, R.  Advanced Mass Spectrometric Techniques for DOD analytes of  
interest.                                                                 
www.dtic.mil/ndia/2004Chemistry/ Burrows_AFCEE_2004_MS_techniques.pdf  

14. Valentín-Blasini, L.; Mauldin, J.P.; Maple, D.; Blount, B.C. Analysis of 
perchlorate in human urine using ion chromatography and electrospray tandem 
mass spectrometry. Anal. Chem. 2005, 77, 2475-2481. 

15. Blount, B.C.; Valentín-Blasini, L. Analysis of perchlorate, thiocyanate, nitrate and 
iodide in human amniotic fluid using ion chromatography and electrospray 
tandem mass spectrometry. Anal. Chim. Acta 2006, 567, 87-93.  

16. El Aribi, H.; Le Blanc, Y.J.C.; Antonsen, S.; Sakuma, T. Analysis of perchlorate 
in foods and beverages by ion chromatography coupled with tandem mass 
spectrometry (IC-ESI-MS/MS). Anal. Chim. Acta 2006, 567, 39-47. 

17. Krynitsky, A.J.; Niemann, R.A.; Williams, A.D.; Hopper, M.L. Streamlined 
sample preparation procedure for determination of perchlorate anion in foods by 
ion chromatography–tandem mass spectrometry. Anal. Chim. Acta 2006, 567, 94-
99. 

18. Kempen, E.C.; Brodbelt, J.S. A method for the determination of binding constants 
by ESI MS. Anal. Chem. 2000, 72, 5411-5416. 

19. Wittenkeller, L.; Lin, W.; Diven, C.; Ciaccia, A.; Wang, F.; Mota de Freitas, D.  
Ion pairing between Cl- or ClO4- and alkali metal complexes of ionophore 
antibiotics in organic solvents: a multinuclear NMR and FT-IR study. Inorg. 
Chem. 2001, 40, 1654-1662. 

20. Blomquist, A.T.; Hallam, B.F.; Josey, A.D. Many-membered carbon rings. XX. 
Azacyclohendecane via reduction of cyclodecanone oxime. J. Am. Chem. Soc. 
1959, 81, 678-680. 

21. Anderson, J.L.; Ding, R.; Ellern, A.; Armstrong, D.W. Structure and Properties of 
High Stability Geminal Dicationic Ionic Liquids. J. Am. Chem. Soc. 2005, 127, 
593-604. 

22. Dasgupta, P.K.; Martinelango, P.K.; Jackson, W.A; Anderson, T.A.; Tian, K.; 
Tock, R.W.; Rajagopalan, S. The origin of naturally occurring perchlorate: The 
role of atmospheric processes. Environ. Sci. Technol. 2005, 39, 1569-1575. 



 109

CHAPTER VII 

BIOCONCENTRATION OF PERCHLORATE  

AND IODIDE BY SEAWEEDS∗ 

 

7.1. Introduction 

Seaweeds (kelps) are a type of macro algae present in the ocean and are the 

richest source of iodine.  Indeed, iodine was first discovered in the form of a violet 

effluvium that condensed to dark crystals by Courtois in 1811 when he added an excess 

of sulfuric acid to seaweed extract.1  Iodine in edible seaweed samples is predominantly 

iodide, with very small fraction of the iodine present as iodate and organic iodine in the 

form of monoiodotyrosine and diiodotyrosine.2 Iodine is essential for all life forms 

although only vertebrates have a thyroid gland and iodinated hormones.3 In humans, 

about 60-80% of the total iodine is present in extrathyroidal tissues and is not involved 

with the functioning of the thyroid gland.4 The mechanism of iodine concentration in kelp 

and the biological function of iodine in kelp are largely unknown.5 Algae were the first 

and foremost species to produce oxygen in the terrestrial atmosphere and needed an 

antioxidant to protect them against toxic oxygen.  It has been hypothesized that volatile 

halocarbons produced as metabolites from iodine may have served to scavenge reactive 

oxygen species.6  Kelps are very important species in the marine ecosystem due to their 

relatively early evolutionary emergence.  Kelp forests might have played a prominent 

role in influencing the makeup of life forms that have appeared later in the evolutionary 

tree.  Iodine also has antibacterial properties that help protect the algae from protozoans 

and bacteria.7  

In the United States the recommended dietary allowance (RDA) for iodine is    

150 µg/d for adults.8  Iodine is essential for the production of iodine-containing thyroid 

hormones.  Thyroid hormones are very important in mammalian development, for basic 

metabolic functions and cell replication.9  In humans, it is of particular concern for 

pregnant and lactating mothers and infants as thyroid hormones are essential for the 

                                                 
∗ Martinelango, P.K.; Tian, K.; Dasgupta, P.K. Anal. Chim. Acta 2006, 567, 100-107. 
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normal development of the central nervous system.  In both rodents and humans, thyroid 

hormone deficiency results in characteristic functional deficits.10  Urinary iodine 

concentration is usually taken to be the metric for iodine intake.  This has decreased by 

more than 50% in the US population between 1974 and 1994.11  Pregnant women and 

women of child-bearing age may be particularly at risk of iodine deficiency: a study of 

100 healthy pregnant women in Boston showed that 49% had an iodine intake below the 

US RDA (220 µg/d for pregnant women).12   

The effect of iodine deficiency can potentially be aggravated by the increased 

exposure of perchlorate through food and water.  With the caveat that iodine intake 

should not exceed limits that are considered safe (the upper safe limit of iodine intake is 

believed to be 1–2 mg/d,13), a simple solution might be to improve one’s iodine nutrition 

by increasing the iodine intake.14  

Seaweed is an important dietary component in the orient.  Some of this is deeply 

rooted in tradition.  In Korea, for a week after childbirth, the mother’s diet primarily 

consists of rice and Miyuk-guk, a seaweed soup.15  In the US, seaweed has been used to 

enrich soil to promote healthier forage growth16,17 and indirectly as an animal food 

supplement.18,19 In recent years it has also been increasingly used as food and in health 

supplements.  In Japanese women, the low incidence of benign and malignant breast 

tumors has been associated with regular consumption of seaweed.20  

In lettuce, perchlorate was shown to accumulate more in the outer leaves 

compared to the preferred edible core.21  It was suggested that the perchlorate moves into 

plants in the transpiration stream and accumulates as water transpires through the leaves, 

which occurs mainly through the outer leaves for lettuce.  In others, the plant is capable 

of metabolizing the perchlorate and this can be successfully utilized in the 

phytoremediation of contaminated waters.22-24   

Early reports that large concentrations of perchlorate exist in seawater or in a 

number of natural brine and saline deposits25 were discredited by subsequent work .26,27  

Since that time, we are unaware of any report that demonstrates the existence of 

perchlorate in seawater.  Since perchlorate occurs in rainfall,28 it is reasonable that 
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perchlorate should also exist in seawater.  This is supported by the report of Harvey et 

al.29 that they could find perchlorate in some (but not all) seaweed samples at a level of 4-

13 mg/kg.  However, this was never subsequently published in the peer-reviewed 

literature and more importantly, the analytical technique then available to these authors 

was not unambiguous, especially for complex biological sample extracts.  In the current 

work, we report the iodide and perchlorate concentrations of 11 different species of 

seaweed growing in the same general region off the coast of Northeastern Maine, the 

iodide and perchlorate content of the same seawater, and the bioconcentration factors 

(BCF) of perchlorate and iodide in these seaweed species. 

 

7.2. Experimental 

7.2.1. Materials 

 Eleven species of seaweed and four seawater samples were collected from the 

Atlantic ocean near NE Maine, 58km SSE of Bar Harbor (Long. 44º N Lat. 68º W).  The 

seaweed samples studied were Ulva lactuca, Fucus vesiculosis, Porphyra umbilicalis, 

Laminaria saccarina, Alaria esculenta from annual and perennial zone, Laminaria 

digitata, Saccorhiza dermatodea, Palmaria palmate (Dulse), Fucus edentatus, 

Ascophyllum nodosum, and Chondrus crispus (Irish Moss). P. palmata, P. umbilicalis 

and C. crispus belong to the Rhodophyta (red algae) group; Laminaria species, Fucus 

species and A. nodosum, A. esulenta and S. dermatodea belong to the phaeophyta 

(brown) algae; U. lactuva belongs to the chlorophyta (green) group. 

 

7.2.2. Extraction of water soluble matter from the seaweed 

An Accelerated Solvent Extractor (ASE) (Model 300, Dionex Corp.) was used for 

extraction of the seaweed samples.  One gram of chopped, dried seaweed was placed in a 

22 mL ASE cell.  The sample was extracted using deionized (DI) water at 100 °C and 

1300 psi for 10 min.  The final extract volume was 36 ml. The extract was diluted 

appropriately for the determination of iodide and perchlorate.  
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7.2.3. Sample preparation for seawater 

For perchlorate determination, the samples were treated with serially placed 

OnGuard Ag (1.0 cm3) and OnGuard Ba (2.5 cm3) cartridges to remove chloride and 

sulfate ions, respectively.  The flow rate through these cartridges has to be maintained 

very low (~0.2 mL/min) to ensure equilibrium removal.  The sample was then treated 

with strongly acidic cation exchange resin in the H+ form (Dowex HCR-W2) to remove 

residual cations, especially Ag+.  Unless removed, the residual Ag+ contaminates 

separation columns and causes significant problems with iodide recovery in subsequent 

analyses.  The samples were then filtered through a 0.45 µm pore size nylon membrane 

filter and analyzed for perchlorate by IC–MS. 

Iodide was only determined for the Maine seawater samples.  Seawater in this 

case can not be treated with silver cartridge, as iodide is even more effectively removed 

than chloride. The samples were diluted 80–100 times with DI water and filtered before 

injecting into the IC–MS.  This degree of dilution reduces the salt content sufficiently to 

permit analysis and yet allows an adequate LOD to quantitate iodide.  

 

7.2.4. IC-MS determination of perchlorate, iodide and thiocyanate 

The seaweed extracts and the Maine seawater samples, after appropriate dilutions, 

were analyzed by the following method.  Ion Chromatography with suppressed 

conductivity detection was carried out on a Dionex DX-600 ion chromatograph with IS25 

pump, ASRS-Ultra 4-mm suppressor and CD25 conductivity detector.  The preelution-

preconcentration (PC-PE) IC method was used to separate the perchlorate.30  Samples    

(1 mL) were loaded on the TAC-LP1 preconcentrator column and preeluted with 2.0 ml  

5 mM NaOH and then switched to the Dionex IonPac AG16/AS16 separation column 

where separation was effected by 100 mM NaOH eluent flowing at 1 mL/min.  Under 

these conditions, iodide, thiocyanate and perchlorate respectively elute at 5.5, 7.7 and 9.3 

min (as observed at the MS). 

 Mass spectrometric studies were performed using a ThermoQuest Finnigan AQA 

in the positive ion mode.  A splitter was used postcolumn to divert 40% of the column 



 113

effluent to waste and then 1,12-bis(trimethylammonium)dodecane difluoride (DF2) was 

added at a tee as described in detail elsewhere.31 The electrospray voltage and desolvation 

temperature were maintained at 3.0 kV and 350 ºC, respectively.  The source voltage 

used was +2 V.  Iodide, thiocyanate and perchlorate were detected in the MS as 

respective ion pairs at m/z of 413, 344, and 384.8, respectively.   

 For perchlorate determination, calibration standards and the seaweed extracts 

were all spiked with 5 µg/L quadruply 18O labeled internal standard (35Cl18O4¯).  In the 

MS, the corresponding ion pair was monitored at m/z of 393. The quantification of 

perchlorate was done by using the area ratio of the perchlorate to internal standard. For 

iodide and thiocyanate external standard calibration was used. 

 The seawater samples were analyzed both spiked and unspiked. The samples were 

spiked with 0.2 µg/L of perchlorate and 1 µg/L of iodide.  Perchlorate concentration was 

determined as before by area ratio; for iodide we merely ensured the recovery was 

quantitative (> 95 %).   

 

7.3. Results and discussion 

7.3.1. Perchlorate in seawater 

Table 7.1 shows the relevant data.  The results show that perchlorate is present in 

sea water at about 100 ng/L.  To our knowledge, this is the first unambiguous 

confirmation of the presence of perchlorate in sea water since the original such report25 

was discredited.  The variation of the concentration among the samples in Maine is an 

accurate reflection within a 4 square mile region and sampling and analytical variability.  

Figure 7.1 shows an illustrative MS chromatogram of the Maine-1 sample.  The total 

iodine content of sea water is about 0.45 µM   (~60 µg/L).32 The major iodine species in 

the surface sea water is iodide, whereas in the deep ocean iodate is present in higher 

concentration than iodide.33 Iodide concentrations in Maine seawater in our study ranged 

from 21 – 50 µg/L with an average of 30 ± 11 µg/L.  
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Table 7.1.  Perchlorate concentrations in seawater. 

Location ClO4¯, µg/L SD 

Maine 1 0.24 0.016 

Maine 2 0.10 0.004 

Maine 3 0.078 0.008 

Maine 4 0.26 0.007 
*LOD is 0.07 µg/L  
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Figure 7.1. MS chromatogram of a seawater sample showing iodide (diluted 100 fold, 
originally containing 50 µg/L) and perchlorate (diluted 1.5 fold, originally containing 
0.22 µg/L). 
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By the IC-MS technique, the LOD (S/N = 3) for iodide (50 fold diluted) and 

perchlorate in seawater were 0.10 and 0.060 µg/L, respectively.  By the short column LC-

MS/MS technique, the LOD of perchlorate in seawater was 0.070 µg/L. 

 

7.3.2. Effect of washing seaweed samples before extraction 

While the principal data we report pertain to samples that were not pre-washed in 

any manner, it is common to wash a culinary ingredient prior to food preparation.  It was 

therefore of interest to determine to what extent casual washing, as one would carry out 

prior to cooking, removes the analytes.  This washing procedure involved washing one 

gram of chopped seaweed with 30 ml of DI water once, prior to ASE extraction.  For the 

four seaweed samples that were so studied, perchlorate was generally removed most 

efficiently (up to 73%). Thiocyanate was removed, from not at all, up to 56% and the loss 

for iodide generally being in-between.  Table 7.2 shows the relevant data.   

 

7.3.3. Iodide, thiocyanate and perchlorate in seaweeds 

The reproducibility of the extraction of the anions by ASE was found to be 7, 12 

and 6% in replicate samples for iodide, thiocyanate and perchlorate respectively (n= 2).  

All of the seaweed extracts had very high specific conductance (> 3.9 mS/cm) due to the 

presence of high concentrations of chloride and other anions. For most species, the 

extract was also intensely colored.  We found that passing 5 ml of sample through a 15 

mm diameter column packed with 1.5 g of activated basic alumina (Acros Organics), 

prewashed with water, completely removes the color.  Interestingly enough, although 

spike recoveries showed that the alumina has virtually no retention of iodide, thiocyanate 

and perchlorate, the specific conductance of the sample is reduced by > 75% by passage 

through the alumina column.  

If the extract is directly injected into the IC-MS system, even with the PC-PE 

cleanup, there is significant suppression of the signal by concurrent elution of other 

unknown substances.  The signal suppression is almost completely eliminated either by 

the alumina treatment or by diluting the extract 20 fold (Figure 7.2).   
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Table 7.2.  Effect of room temperature washing before hot water extraction.  

% removed on washing 

Sample Iodide Thiocyanate Perchlorate 

Ulva lactuca 38 + 0.3 56 + 5.9 38 + 0.4 

Fucus vesiculosis 44 + 1.1 35 + 1.9 72 + 4.8 

Fucus edentatus 42 + 0.8 0 73 + 11 

Ascophyllum nodosum 34 + 1.4 7 + 0.7 58 + 0.9 
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Figure 7.2. MS chromatogram of the water soluble extract from Laminaria digitata. a. 
extract diluted 6 fold, b. extract diluted 20 fold, c. extract cleaned by treating with 
activated alumina.  The perchlorate signal peak area is 10 times bigger for c, relative to b 
(perchlorate quantified using area ratio).  
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It is well known that high concentrations of analyte itself can also cause ionization 

suppression, resulting in signal saturation and compromising accurate quantification.  

This was the case for iodide because iodide content of the seaweed extract was very high.  

The extract was diluted 100 – 1000 fold, depending on an initial iodide analysis by 

suppressed conductometric IC, to quantify iodide by MS. The retention times for iodide, 

thiocyanate and perchlorate are 5.5, 7.7, and 9.3 min in the MS (Figure 7.3). The LOD 

(S/N = 3) for iodide in seaweed extracts that were > 50x diluted was 0.20 µg/L.  For 20x 

diluted seaweed extract, used for the determination of thiocyanate and perchlorate, the 

respective LODs were 0.070 and 0.065 µg/L.   

Table 7.3 lists the perchlorate, iodide and thiocyanate concentrations of the 

seaweed samples based on their dry weight. Iodide content of the seaweed species varied 

over 2.3 orders of magnitude, from 16 – 3134 mg/kg dry weight.  Perchlorate 

concentrations varied by 1.4 orders of magnitude, ranging from 29 – 878 µg/kg.  

Thiocyanate, also an iodide transport inhibitor, is believed to be 15 times less potent than 

perchlorate in this respect.34  Except for the S. dermatodea species, all the others had 

measurable thiocyanate concentrations that ranged from 107 – 1029 µg/kg, comparable to 

the perchlorate concentrations.   

Figure 7.4 shows the interrelationship of iodide versus perchlorate.  In almost all 

the seaweed species studied, iodide and perchlorate concentrations have good positive 

correlation (ignoring iodide concentration higher than 500 mg/kg and perchlorate 

concentration higher than 500 µg/kg; r2 = 0.765); whereas thiocyanate is well correlated 

with inverse of iodide (Figure 7.5).  This suggests that in these seaweeds (which do not 

include either of the Laminaria species) the perchlorate may be taken up in a similar 

fashion as iodide.  In general, red and green algae have lower iodide and perchlorate 

content than the brown algae (except the L. saccarina which has similar perchlorate 

levels as the red and green variety); whereas they have higher thiocyanate content.  It is 

also interesting to note that Nori, the seaweed type most commonly used in making 

Sushi,35 contains the least amount of iodide and among the smallest amounts of 

perchlorate.  The only non-Maine seaweed sample that we analyzed here is Sample x.   
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Table 7.3. Concentrations of iodide, thiocyanate and perchlorate on various commercially 
available seaweed species 
 

Sample Name Common 
Name 

I¯   

mg/kg SD* SCN¯  
µg/kg SD* ClO4¯ 

µg/kg SD*

Alaria esculenta - 
annual zone Wakame 111 3.4 198 41 142 13

Alaria esculenta - 
perennial zone Wakame 151 2.5 117 19 102 12

Ascophyllum 
nodosum 

Knotted 
wrack 275 7.4 107 2.2 498 2.6

Chondrus crispus Irish moss 22 0.1 1029 17 29 5.3

Fucus edentatus Rockweed 125 0.5 116 6.2 380 16

Fucus vesiculosis Bladder 
wrack 108 1.2 137 4.4 878 16

Laminaria digitata Horsetail 
kelp 3134 15 565 29 376 8.1

Laminaria 
saccarina Sugar kelp 574 21 424 1.3 59 11

Palmaria palmata Dulse 39 0.9 847 21 63 2.5

Porphyra 
umbilicalis Nori 16 0.1 701 86 47 1.9

Saccorhiza 
dermatodea Kelp 176 2.7 ND  377 7.3

Ulva lactuca Sea 
lettuce 25 0.1 1000 46 54 0.4

Sample x  2053 77 497 8.5 331 12
* N = 2
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Figure 7.3. MS chromatogram of the seaweed species Laminaria digitata showing the 
iodide, thiocyanate, and perchlorate peaks. Extract was diluted 1000 fold for quantifying 
iodide and 20 fold for thiocyanate and perchlorate. 
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Figure 7.4. Perchlorate versus iodide concentration of various Maine seaweed species 
(ignoring iodide concentration > 500 mg/kg and perchlorate concentration > 500 µg/kg). 
The red (open circle), green (closed circle) and brown (diamond) represents the red, 
green, and brown algae groups, respectively. 
 

 



 123

0 0.01 0.02 0.03 0.04 0.05
1/Iodide, Kg/mg

0

400

800

1200

Th
io

cy
an

at
e,

 µ
g/

K
g

1

2

3

5

4

7

6

8

1 - Chondrus crispus
2 - Palmaria palmata
3 - Ulva lactuca
4 - Alaria esculenta - annual zone
5 - Alaria esculenta - perennial zone
6 - Ascophyllum nodosum
7 - Fucus edentatus
8 - Fucus vesiculosis

r2 = 0.947

 
Figure 7.5. Thiocyanate versus reciprocal iodide concentrations of the Maine seaweed 
samples showing an inverse relationship between thiocyanate and iodide. The red (open 
circle), green (closed circle), and brown (diamond) represents the red, green and brown 
algae groups, respectively. 
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It was a sample packed (and presumably grown) in China, bought from our local grocery 

store.  In appearance, it seems to be a member of the brown algae group.  Although 

harvested from an entirely different area of the world, the concentrations of both iodide 

and perchlorate for this sample fall within the range of those observed for Maine brown 

algae.  The Laminaria species are known for their iodine accumulation prowess36 and 

have the highest iodine concentration in our study as well. In humans, bioavailability of 

iodine from iodide is better than any other form of iodine.2 About 95% of the total iodine 

content of Laminaria species is inorganic iodide;2 whereas species such as P. palmata 

and P. umbilicalis has only about 20% and 40%, respectively, of the total iodine as 

iodide.37 The concentration of iodide for the different species from our data matches 

reasonably well with one report on the iodine content of the seaweed species harvested 

off coastal Maine38 as shown in Table 7.4. The amount of iodide present in the seaweed 

varies over a wide range and is dependent on many factors such as age, length of the 

plants, harvesting conditions, location, harvesting season,32,38 etc.  

 

7.3.4. Bioconcentration factor 

Seaweeds are known to accumulate iodide from the seawater. Some species such 

as L. digitata have been reported to have a 30,000-fold accumulation of iodine from sea 

water.36 We calculated the iodide (BCFi) and perchlorate (BCFp) BCFs for the various 

seaweed species studied. In this study, we found that the L. digitata accumulated iodide 

100,000 fold from seawater.  The ratio of BCFi to BCFp varied widely for different 

species and ranged over two orders of magnitude from 0.66 – 53 as listed in Table 7.5. 

The Laminaria species concentrated iodide more selectively compared to perchlorate: L. 

digitata and L. saccarina had BCF ratios of 45 and 53, respectively.  This suggests that 

the concentration of iodide and perchlorate by these species does not involve simple 

anion exchange mechanism, as perchlorate is always more selectively up taken by anion 

exchangers. L. digitata is the seaweed species most commonly present in kelp tablets sold 

in health food stores.  
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Table 7.4. Comparison of the iodide data from this study and study by Teas et al. 

Genus and species Location
Total 

iodine38 
mg/kg 

SD Iodide† 
mg/kg SD 

Alaria esculenta  Maine 110 30 131 23 

Ascophyllum nodosum  Maine 646 392 275 7 

Fucus vesiculosis  Maine 276 82 108 1 

Laminaria digitata Maine 1997 563 3134 15 

Palmaria palmata  Maine 72 23 39 1 
† This study 
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Table 7.5. Bioconcentration* factors of various seaweed species studied. 

Sample name BCFp SD   BCFi SD  BCFi/BCFp SD  

Alaria esculenta – 
annual zone 876 440 3689 1358 4.2 2.6

Alaria esculenta – 
perennial zone 631 320 5038 1849 8.0 5.0

Ascophyllum 
nodosum 3079 1520 9183 3376 3.0 1.8

Chondripus crispus 185 97 746 273 4.0 2.6

Fucus edentatus 2346 1163 4162 1526 1.8 1.1

Fucus vesiculosis 5421 2679 3603 1322 0.66 0.41

Laminaria digitata 2320 1147 104479 38312 45 28

Laminaria 
saccarina 364 191 19124 7046 53 34

Palmaria palmata 388 192 1307 480 3.4 2.1

Porphyra 
umbilicalis 289 143 549 201 1.9 1.2

Saccorhiza 
dermatodea 2328 1151 5867 2153 2.5 1.6

Ulva lactuca 333 164 847 310 2.5 1.6

* Iodide and perchlorate concentrations of seawater were 30 + 11 µg/L and 0.16 + 0.084 
µg/L respectively 
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Klemperer39 observed a ClO4¯ and NO3¯ - induced reduction in uptake of 131I- by 

the seaweed F. ceranoides.  This led him to conclude that this was due to competitive 

inhibition and further that the mechanism of iodide uptake in seaweed was similar to that 

in the thyroid gland.  The NIS symporter protein present in the thyroid gland has 30 times 

more affinity for perchlorate compared to iodide.  In the case of L. digitata, recent 

experiments show that iodoperoxidases are involved in the uptake of iodide from 

seawater.  Iodoperoxidase, present in the cell wall of the seaweed, catalyzes the oxidation 

of iodide to form hypoiodous acid and molecular iodine.  Molecular iodine can then 

easily cross the plasma membrane and enter the cell where it is either reduced back to 

iodide or forms organic iodine species.  Hence the concentration of iodide by seaweed 

can be considered of as a facilitated-diffusion mechanism.36  This mechanism, which will 

not be applicable to perchlorate, would explain why some seaweed species exhibit a 

BCFi/BCFp ratio approaching 50.  

 

7.4 Conclusion 

We have unambiguously confirmed the presence of perchlorate in seawater in the 

range of <0.07 to 0.34 µg/L. Perchlorate present in seaweed originates from the 

perchlorate in seawater. It has been well known that seaweed concentrates iodide from 

seawater. We have shown here that various seaweed species also concentrate perchlorate 

about 200 to 5000 fold. The ratio of BCFi to BCFp varied widely for different species and 

ranged over two orders of magnitude from 0.66 – 53. The most commonly used 

Laminaria species concentrated iodide more selectively compared to perchlorate: L. 

digitata and L. saccarina had BCF ratios of 45 and 53, respectively. The mechanism by 

which seaweed bioconcentrates perchlorate is not known and should be studied in detail. 

Although most seaweed samples contain some amount of perchlorate, the great majority 

contains iodide in much higher amounts and should thus result in net beneficial iodine 

nutrition. 
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CHAPTER VIII 

MATRIX INTERFERENCE FREE DETERMINATION OF  

PERCHLORATE IN URINE BY ION ASSOCIATION  

– ION CHROMATOGRAPHY – MASS  

SPECTROMETRY∗ 

 

8.1 Introduction 

 Quantitative measurement of perchlorate in biological fluids is of importance for 

assessing its effects.  It has been known for some time that perchlorate inhibits the uptake 

of iodide by the thyroid gland.  It has also been known that if given in high enough 

dosage, perchlorate can completely discharge stored iodide from the thyroid gland.1,2  

Accordingly, there has been considerable interest in the analysis of perchlorate in 

biological fluids.  The sodium iodide symporter (NIS) present in the thyroid gland is 

responsible for the uptake of iodide from the plasma into the thyroid follicle.  Adequate 

iodide is essential for the proper functioning of the thyroid and the production of thyroid 

hormones.  Thyroid hormones are very important in developing as well as adult mammals 

for basic metabolic functions and cell replication.3  It is of particular concern for pregnant 

women, lactating mothers, and infants as thyroid hormones are essential for normal 

development of the central nervous system.  The NIS is 30 times more selective for 

perchlorate compared to iodide.4  Hence if significant concentrations of perchlorate are 

present in the plasma, the uptake of iodide by the NIS is reduced.  

  Except for lactating women, perchlorate is eliminated from the body almost 

exclusively via urine.  The perchlorate level peaks in blood just after 3 h of intake.  With 

the possible exception of ruminant animals,5 perchlorate appears not to be metabolized 

and is excreted virtually unchanged in both humans6 and animals.7  In less than 24 h after 

administering a dose, ~90% of the perchlorate is excreted in urine in both rats and 

humans.8,9  In humans, the clearance half-time is ~6 to 8 h.10 

                                                 
∗ Martinelango, P.K.; Gumus, G.; Dasgupta, P.K. Anal. Chim. Acta 2006, 567, 79-86. 



 133

  Beginning in the 1950’s, perchlorate was used as a drug at very high levels 

(equivalent to 70 to 300 mg/L in drinking water) to treat hyperthyroidism.  Because of 

reported fatal cases of agranulocytosis and aplastic anemia,11 therapeutic use was 

discontinued in the US.  However, according to Urbansky,12 in 2000 it was still being 

used for diagnostic purposes, to identify thyroid diseases such as congenital iodine 

organification defect.  

  Much of the recent attention on perchlorate followed the discovery of its presence 

in the waterways in California, Arizona and Nevada.  With the recent advances in the 

detection of perchlorate in low – sub parts per billion (ppb, µg/L) levels, it has been 

detected in ground and surface waters, in many foods and in human urine.13-15  A panel 

appointed by the National Academy of Sciences has recommended a safe dose level of 

0.7 µg/kg/d.16 Based on this, the US Environmental Protection Agency has suggested a 

drinking water equivalent level of 24.5 µg/L of perchlorate in water; no contribution of 

foods is included in this.  These recent advisory and regulatory actions have reinvigorated 

interest in the determination of perchlorate in biological samples.  The challenge would 

now be to measure trace concentrations of perchlorate in such complex matrices.  

 

8.1.1 Importance of urinalysis 

  For toxicological and epidemiological studies urinalysis is often preferred due to 

the noninvasive nature of the sample collection process.  In an occupational exposure 

study of workers in an ammonium perchlorate manufacturing facility, individual 

perchlorate absorption rates were calculated from the difference between the pre-and 

post-shift urinary perchlorate concentrations.17 This was shown to be strongly correlated 

with exposure to airborne perchlorate aerosol and established that systemic absorption of 

inhaled perchlorate occurs readily.  Exposure studies in volunteers had been primarily 

conducted for two disparate reasons.  Prior to the 1950’s, such studies were aimed mostly 

at judging the therapeutic effectiveness of perchlorate in the treatment of 

hyperthyroidism, Grave’s disease and iodine-induced thyroid diseases.18,19  The first 

human exposure study was carried out by Eichler19 in 1929, who established the 
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clearance half-life.  In contrast, in much of the studies conducted after the 1970’s, the 

toxicity of perchlorate (especially on the thyroid) was the main focus.10,20-23  Urinalysis is 

an ideal way of determining iodide or perchlorate intake.  Although 24 h urinalysis will 

be ideal, this is often logistically difficult.  Typically the measured concentration of 

perchlorate or iodide in spot urine samples is adjusted by calculating its ratio to the 

simultaneously determined creatinine concentration.  The creatinine adjustment is 

designed to account for variable liquid intake and thus variable urine output.  Since the 

human perchlorate intake is not only from water but also from food sources, urinalysis 

can be used to judge the total perchlorate intake.  To determine the intake from each and 

every item of food consumed by an individual (i.e., measurement of the perchlorate 

content of individual items in the food basket and preparing an appropriately weighted 

estimate) and thus assess the perchlorate exposure of an individual will be a much more 

difficult task.  

  Given that the primary role of perchlorate is inhibition of iodine uptake by the 

thyroid, the effect of perchlorate is of greater concern in iodine deficient populations.  In 

the National Health and Nutrition Examination Survey II (1988-1994), it was shown that 

the urinary iodine decreased by more than 50% in the U.S. population between 1974 and 

1994.24  This alarming trend prompted a phase III study in 2001-2002 in which the 

urinary iodine values were found to be similar to the phase II study, suggesting that the 

iodine intake has been stabilized in the US population.25  This underscores the continued 

need to monitor urinary iodine to assess the adequacy of iodine intake as this might be an 

early indicator of hypothyroidism and other iodine-related thyroid diseases.  The 

hormone production by the thyroid gland is governed in a negative feedback stabilized 

control loop.  Manifestations of any irregularities or external symptoms become apparent 

only when the malfunction, including iodine deficiency, is severe.  Of course, urinalysis 

is routinely used as a diagnostic tool for scores of other diseases and disorders. 
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8.1.2 Earlier reports on determination of perchlorate in urine 

  Early work on the amount of perchlorate excreted in urine upon certain amount of 

dosage was done by colorimetric method developed by Nabar and Ramachandran.26  

Weiss and Stanbury27 modified the method to eliminate the interference from NO3¯, I¯,  

Cl¯, SO4
2¯.  In large doses perchlorate causes thyreostasis, which results in water 

retention and thus weight gain.  It has thus been used for the fraudulent purpose of 

increasing the weight of beef cattle just prior to auctioning them for sale.28 Some of the 

early work in determining perchlorate in urine thus dealt with measurement in cattle 

urine, as a policing measure.28  Study of the workers in the ammonium perchlorate 

producing facility showed that the workers had as much as 1200 µg/L perchlorate in their 

urine after a 8-h shift.29 

  We present here a sample pretreatment technique for the measurement of urinary 

perchlorate.  The method takes advantage of the following: (a) perchlorate neither 

absorbs nor is decomposed by 254 nm UV radiation, whereas many other potentially 

interfering compounds present in urine do; (b) many protolyzable compounds present in 

biological samples (this includes virtually all compounds with an amine functionality) 

can be effectively adsorbed by a cation exchange resin in H+-form without removing 

anions; and (c) many residual compounds can be removed by alumina adsorption.  The 

method involves no significant dilution and most of the non-ionic and to a significant 

extent the ionic background are removed.  This work also addresses the use of DD-6 

activated alumina for cleanup of samples containing perchlorate, which has been so used 

in several previous studies and the potential pitfalls. 

 

8.2 Experimental 

8.2.1. Instrumentation 

Ion Chromatography with suppressed conductivity detection was carried out on a 

Dionex DX-600 ion chromatograph consisting of an IS25 pump, an ASRS-Ultra 4-mm 

suppressor and a CD25 conductivity detector.  The preelution-preconcentration (PC-PE) 

IC method was used.30  Samples (1 mL) were loaded on a TAC-LP1 preconcentrator 
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column and preeluted with 2.0 ml 5 mM NaOH and then switched to the Dionex IonPac 

AG16/AS16 guard/separation columns whereupon separation was effected by a 100 mM 

NaOH eluent flowing at 1 mL/min. The total run time for one analysis is 16 minutes.  

A Thermoquest-Finnigan AQA mass spectrometer (MS) was used in the 

electrospray ionization mode.  The MS data was acquired using the Xcalibur version 1.1 

software package.  The mass spectrometric detection of perchlorate was aided by ion 

pairing the perchlorate ion postcolumn with DQ2+ derived from 1,12-

Bis(trimethylammonium) dodecane difluoride (DQF2).31  The effluent from the column 

was split to allow 60% of the flow to the MS and 40% to waste.  A syringe pump 

introduced 100 µM DQF2 at 60 µL/min to mix with the effluent before entering the MS.  

The electrospray voltage and desolvation temperature were maintained at 3.0 kV and   

350 °C, respectively. The source voltage used was +2 V.  The MS operated in the 

selective ion monitoring mode (SIM).  The monitored ions had m/z ratios of: 384.8 

(DQ35Cl16O4
+), 386.8 (DQ37Cl16O4

+), 393.0 (DQ35Cl18O4
+), 395.0 (DQ37Cl18O4

+), 344.0 

(DQ32SCN+) and 413.0 (DQI+).  Perchlorate was quantified using the area ratio of 

perchlorate to the internal isotopic standard. The calibration range was 1 to 40 µg/L of 

perchlorate, 3 to 120 µg/L of iodide and 3 to 120 µg/L of thiocyanate.  

 

8.2.2. UV reactor 

  A flow-through UV reactor was constructed using a 450 cm long fluorinated 

ethylene propylene copolymer (FEP Teflon®) tube (18 LW, 1.07 mm i.d., 1.37 mm o.d. 

Zeus Industrial Products, Orangeburg SC) made into a ~2 cm i.d. coil, placed 

concentrically around a 7 inch long low pressure Hg pen lamp (Analamp, BHK Inc., 

Monrovia, CA; 9 mm dia., principal emission wavelength 254 nm).  As shown in Figure 

8.1, a pair of donut-shaped spacers held the coil about 5 mm away from the lamp.  The 

tubing is virtually transparent and the coil was wrapped on the outside with a layer of 

shiny Al-foil to increase the efficiency of UV exposure.  We did not characterize the UV 

radiation intensity; however, (http://bhkinc.com/images/AnaLamp%20Datasheet.pdf) the  
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Figure 8.1. Experimental setup showing the UV lamp with a flow-through tubular 
photochemical reactor. 
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manufacturer specifies that the 254 nm radiation flux for a 2 inch lamp of this type is 65-

70 µW/cm2 at 20 cm distance from the lamp. The tube was not directly coiled on the 

lamp to avoid thermal effects.  The lamp was operated with a manufacturer recommended 

power supply (model 90-0002-01) at a lamp current of 20 mA.  The lamp was turned on 

at least 20 min before the reactor was used. 

 

8.2.3. Sample collection and storage 

  Urine samples were collected from nine adult volunteers (3 women, 6 men) in 

precleaned dry polypropylene containers and stored frozen at -10 °C until analysis.  The 

samples were thawed to room temperature, mixed well by shaking and filtered with a 

paper filter (type P8, Fisher Scientific) to remove suspended and precipitated solids.  A 4 

ml aliquot was spiked with 20 µL of 1 mg/L 35Cl18O4
-, (99 %, Dionex) to achieve a spike 

concentration of 5 µg/L. Typically 5 mL of urine sample is enough for a triplicate 

analysis.  

 

8.2.4 Urine pretreatment 

  The samples were then peristaltically pumped (Gilson Minipuls 2, Pharmed® 

tubing) through the UV reactor at a flow rate of 120 µL/min, (exposure time ~30 min) 

and collected in a pre-cleaned 15 ml capacity polypropylene conical bottom cap-equipped 

test tube (FalconTM tube, Becton-Dickinson).  In between the samples, water and then air 

were pumped at a higher flow rate through the coil to reduce sample carryover.  At the 

time the present samples were analyzed, the UV treatment procedure was not automated; 

it is presently being automated with the aid of an autosampler. 

  The UV treated sample was then passed through 3 g of prewashed strongly acidic 

gel-type cation exchange resin in the H+ form (Dowex HCR-W2) packed in a 10 mL 

disposable syringe at a flow rate of 1 mL/min. 100 µl 1.5 M ammonium hydroxide was 

added to raise the pH.  Prior experiments had shown that this amount of ammonia is 

enough to raise the sample pH to >~10.  The sample was then passed through a small 

packed bed (15 x 10 mm length x dia) of basic activated alumina (Acros Organic, 
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AC18999-0010).  The effluent was filtered through 0.45 µm pore size syringe filters 

(nylon, Fisher Scientific) before loading into autosampler vials for IC-MS analysis.  

 

8.3 Results and discussion 

8.3.1. Selection of an effective sample pretreatment technique 

  Urine is about 90-95% water, depending on the water intake of the individual.  

The balance is composed primarily of urea, uric acid, ammonia, amines, creatinine and 

other salts.  Although normal urine does not contain proteins, there are other species that 

cause high backgrounds and broad tailing peaks in suppressed conductometric IC and 

thus interfere with the sensitive determination of our analytes of interest.  For many 

analytes, sample preparation for urinalysis simply involves dilution.  While this is 

effective in many instances, the necessary large dilution adversely affects the attainable 

LOD.  Perchlorate, which is often present in low µg/L concentrations, may not be 

detectable after such dilution, especially on less expensive single quadrupole mass 

spectrometers.  Ideally, sample preconcentration/ pretreatment should protect the analysis 

system, eliminate interferences and improve the attainable LOD of the trace analyte of 

interest.  

  Sample pretreatment should involve few steps with near-quantitative analyte 

recovery.  In the present case, these steps included: (a) UV exposure to 

destroy/decompose large organic molecules present, (b) treatment with a H+-form cation 

exchange resin in to remove protolyzable molecules (c) treatment with activated alumina 

to remove colored and other compounds.   

  The order or the necessity of the individual steps was not clear.  Initially cation 

exchange was not used.  UV exposure caused an intensification of the color of all 

samples.  The samples were then treated with activated alumina (Almatis DD-6 28 x 48 

mesh was the only type of alumina initially used) which did remove the color very 

effectively. The samples were then filtered through a 0.45 µm filter prior to IC analysis.  

Even though the sample was colorless and exhibited a fairly low background in 

conductometric IC, spiking the samples with known amounts of perchlorate after the 
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treatment resulted in a recovery of only 65% in MS analysis, indicating significant signal 

suppression.  

  If the sample was pretreated with cation exchange resin prior to UV exposure and 

passage through DD-6, the post treatment spike recovery was essentially quantitative, 

indicating that ionization suppression problem in the MS has been solved.  We note here 

that a gel-type resin worked better in this application than a macroreticular resin, the 

reverse was found to be true with milk samples.32 

  Figures 8.2 and 8.3 respectively show the UV-visible absorption spectrum and the 

suppressed conductometric ion chromatogram after each stage of the above treatment.  

Note that iodide, thiocyanate, and perchlorate elutes in the 5-9 min time window under 

our chromatographic conditions.  The UV-visible spectrum shows that the UV absorbing 

substances in the samples were removed in every step with the greatest contribution from 

the alumina.  The IC chromatogram also shows the ionic background becoming less with 

each step and the co-eluting peaks are completely removed on DD-6 treatment.  

Unfortunately when the recovery of a spike added to the sample prior to any of 

the above treatment steps was checked after the above sequence, recovery was found to 

be very low (30 – 40%).  When a blank (deionized water) was run through the treatment 

process, no perchlorate was found to be introduced due to the treatment process.  When 5 

and 100 µg/L aqueous perchlorate standards were taken through the treatment process, 

the recovery was substantially higher.  Clearly the loss of perchlorate was related to the 

sample matrix.  We reasoned that the sample turns acidic upon cation exchange treatment 

(the pH was measured to be ~3).  In the acidic condition, perchlorate may be oxidizing 

some of the organics present, aided by the heat and light generated by the lamp, itself 

getting reduced during the process.  We therefore switched the cation exchange step to 

take place after the UV treatment.  The recovery improved only marginally (in the best 

case to 50%), suggesting that perchlorate is still being lost in one of the steps. 
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Figure 8.2. UV spectrum of human urine sample after each step of sample pretreatment. 
a. untreated sample, b. H+-exchanged, c. H+-exchanged and UV treated, and d. 
H+-exchanged, UV and activated alumina treated.  
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Figure 8.3. IC chromatogram of human urine sample after each step of sample 
pretreatment (original sample produces too large and broad a response to be shown in this 
scale). a. urine treated with cation exchange resin, b. urine treated with cation exchange 
resin and exposed to UV light for 30 minutes and c. urine samples sequentially treated 
with cation exchange resin, UV and activated alumina. 
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8.3.2. Adsorption of perchlorate to alumina 

  Ellington and Evans33 have previously reported that the acidic sites in DD-6 

removed up to 40% of perchlorate from the solution.  We reasoned that DD-6 may be 

responsible for the observed low recoveries.  This was hence studied in greater detail. 

 

8.3.2.1. Effect of washing the DD-6  

  The effect of treating DD-6 with ammonia on the adsorption of perchlorate was 

studied.  A urine sample which has undergone UV treatment and then H+-exchange was 

taken.  Six aliquots of this were processed as shown in Scheme I along with the results.  

From the results it can be seen that post washing is essential; either post washing or 

prewashing the DD-6 with ammonia is also necessary.  Even without NH4OH prewash, 

the recovery can be very good if post washed with NH4OH.  Apparently, the binding of 

perchlorate to the acidic sites on DD-6 is easily reversible; ammonia elutes perchlorate 

and presumably other adsorbed anions by changing the pH and thus deactivating the 

acidic sites.  Nevertheless, one also notes from these results that neither pre or post-wash, 

or a combination thereof, with ammonia or water, led to reproducibly quantitative 

recovery of the perchlorate.  

 

8.3.2.3. Nature and amount of alumina used 

  Alumina, often with highly specific prior treatment, has long been used in 

urinalysis, to specifically adsorb trace analytes with subsequent release brought about by 

adding an appropriate agent.34  In the present case, alumina treatment removed color 

almost completely and also removed a large portion of ionic substances that make for a 

complex ion chromatogram and perhaps also substances that would otherwise be 

irreversibly adsorbed on the IC column.  Since quantitative recovery from DD-6 alumina 

was not attained regardless of the steps taken, an excess of alumina would likely lead to 

worse recoveries.  The results in Table 8.2 show that the perchlorate recoveries do 

decrease with increasing amounts of DD-6.   Even though the alumina was post washed 
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with NH4OH, the amount of alumina used is critical.  Using more than 0.5 g DD-6 per ml 

urine is clearly inadvisable 

  We also chose to experiment with alumina which, unlike DD-6, is reportedly 

intrinsically basic.  This activated basic alumina performed much better and even with a 

much lower amount used (225 mg/mL urine). Not only the ionic background removal 

was as good or better, analyte recovery was consistently near-quantitative whether or not 

any pre- or post-washing was used.  This is attractive since there is no sample dilution.  

Note however, we have found that even with the basic alumina, if large amounts are used, 

some perchlorate loss is discernible.  

 

8.3.3. Recovery and reproducibility 

  To study the recovery of perchlorate, urine samples from one male and one 

female subject were respectively spiked with 0-10 and 0-15 µg/L levels of perchlorate 

and then taken through the sample treatment process.  A subset of the treated samples 

were spiked with the isotopic standard and reanalyzed to check if ionization suppression 

is occurring.  No evidence for ionization suppression was found.  The results in Table 8.3 

show the recovery and reproducibility of the current sample pretreatment method; note 

that no isotope dilution based correction was used.  The spike recovery averaged 

111±13% or within 0.8±0.9 µg/L.  The sample pretreatment process was reproducible, 

the uncertainty in repeat measurements ranged from 0.0 to 1.3 µg/L, averaging 0.4±0.5 

µg/L.    
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Table 8.1. Effect of sample pH on the recovery of perchlorate in DD-6 treated 
samples  

 

Sample* 
pH before DD-6 

treatment 

Perchlorate* 

µg/L 

No DD-6 treatment 22.3± 1.7 

pH adjusted to 4 2.3±1.1 

pH adjusted to 7 3.5±0.80 

20 µg/L perchlorate 

standard 

pH adjusted to 11 21.3±1.2 

   

No DD-6 treatment, 

dilution before analysis 
26.3±1.6 

pH adjusted to 4 7.6±0.50 

pH adjusted to 8.5 18.7±0.27 

Urine sample spiked 

with 20 µg/L 

perchlorate 

pH adjusted to 11 19.8±0.71 
*Values reported refer to calibration conducted before this set of analyses; isotope 

dilution method was not used. 
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Table 8.2. Effect of the nature and amount of alumina used on perchlorate retention.a  

Type of 

Alumina 

Amount of alumina (g) per  

4 ml sample 

Perchlorate 

found, µg/L 

1.5b 22.6±1.3 

2b 19.8±0.7 DD-6 

2.5b 16.7±0.5 

   

0.9b 20.5±2.1 
Basic alumina 

0.9c 20.7±3.6 

aSample pH was adjusted to ~11 before passage through alumina  

bpost wash with NH3  

cno post wash 
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Table 8.3. Recovery and reproducibility of perchlorate determination using the 
proposed pretreatment technique. 
 

Sample 

Spiked 

concentration,(µg/L) 

Perchlorate 

found (µg/L) 

Recovery 

(%) 

0 10.4±0.2  

5 15.3±0.2 98±5 MQ01 

10 21.9±0.2 115±2 

    

0 2.1±0.0  

5 8.5±0.7 129±18 

10 13.7±1.3 115±12 
FK 01 

15 16.9±0.2 97±3 
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8.3.4. Perchlorate, iodide and thiocyanate in urine 

  Samples were spiked with isotopically labeled perchlorate standard.  For 

perchlorate determinations, this accounts for any sample dilution during sample 

pretreatment as well as any ionization suppression in the MS.   

  Isotopic standards were not available to us for iodide and thiocyanate.  Also, 

these anions are present at much higher concentrations than perchlorate and 

regardless of prior sample processing and cleanup, the analyte concentrations are 

often too high to be analyzed directly without causing ionization suppression.  If the 

sample must be diluted, there is little merit of processing the sample for this purpose 

before dilution, rather than direct dilution.  To check if ionization suppression is 

occurring in the MS for iodide and thiocyanate, the samples were reanalyzed after 

dilution and yet again until self-consistent results were obtained.  In all cases, a 2 – 5 

fold dilution was minimally needed to eliminate ionization suppression.   

  The retention times of iodide, thiocyanate and perchlorate were 5.4, 7.0 and 

8.2 min respectively, as observed at the MS.  Figure 8.4 shows the respective SIM 

traces in the chromatogram of a urine sample (MN 01, see Table 8.4).  

  The limit of detection (S/N = 3) for iodide, thiocyanate and perchlorate was 

0.40, 0.10 and 0.080 µg/L respectively. The analytical results are presented in Table 

8.4.  Perchlorate was present in all the samples analyzed with levels ranging from 2.2 

– 14.9 µg/L with a median value of 8.1 µg/L.  All of the subjects used local tap water 

(perchlorate content typically <2-3 µg/L) or bottled water (with even less perchlorate 

content) as their drinking water source.  These results suggest that water is not the 

principal vector for perchlorate intake for most of these subjects. Evaluation of urine 

from 61 subjects in Atlanta, GA15 showed that they had perchlorate in the range of 

0.66 – 21 µg/L with a median value of 3.2 µg/L.    This study also pointed out that 

food, rather than water, was the main exposure route of perchlorate.  The iodide and 

thiocyanate concentrations ranged from 45 – 1350 µg/L (median 280 µg/L) and 78 – 

2862 µg/L (median 786 µg/L), respectively.   
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Table 8.4 Concentrations of perchlorate, thiocyanate and iodide in human urine 
samples analyzed. 
 

Sample ClO4
- (µg/L)a ClO4

- (µg/L)b SCN- (µg/L)b I- (µg/L)b 

MN01 2.2±0.1 NDc 186±2.3 45±0.3 

FK 01 4.5±0.0  84±5.9  62±0.3 

FR01 4.9±0.2 4.5±0.1 397±11 289±11 

ML01 5.1±0.0 2.6±0.5 857±51 1350±91 

FL 01 8.1±0.1 5.7±0.4 1062±41 280±19 

MY01 8.7±0.1 10.8±1.0 1130±85 439±23 

MR01 9.3±0.8 6.0±0.9 78±12 99±7 

MQ01 10.7±0.2 12.0±0.1 2862±266 914±98 

MJ 01 14.9±1.0 17.2±1.9 786±14 229±11 
aPerchlorate determination by the present treatment procedure 
bDirect determination after 10-fold dilution 
cNot detectable 
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Figure 8.4. MS chromatogram of MN01 showing 4.5, 18.6 and 2.2 µg/L of iodide, 
thiocyanate and perchlorate.  The iodide and thiocyanate levels were determined by 
diluting the sample 10 fold.  
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The minimum adequate daily dosage of iodine in an adult being 150 µg and the 

nominal daily urine volume being 1.5 L, the minimum urinary iodine concentration in 

an iodine-replete individual should be 100 µg/L.  Although the median values were 

higher than that of the NHANES phase III study of 167.8 µg/L,25 two of nine subjects 

studied clearly had less than adequate iodine intake as judged from the urinary iodine 

concentration.  There were no particular correlations between any of the pair of 

analytes that we were able to discern.   

  In the absence of any other reference method, the concentration of perchlorate 

obtained by the sample pretreatment method used in this study was compared with 

perchlorate determined by just diluting the sample 10 times for four samples; these 

results are shown in the third column of Table 8.4.  For the sample MN01 which had 

a perchlorate concentration of 2.2 µg/L, after 10 x dilution and direct measurement, 

no perchlorate was detectable even the LOD of the MS method for perchlorate 

aqueous standards was 0.080 µg/L.  The signal suppression due to the matrix was 

greater in the untreated sample hence a 0.22 µg/L concentration could not be 

detected.  For the two other samples FL01 and MR01 the directly measured value 

after dilution was also lower relative to the present method.  For the sample MJ01, the 

analytical value for the diluted and directly analyzed value was higher; however, the 

values are not statistically significant. 

 

8.4. Conclusion 

  The proposed sample pretreatment technique provides a reliable means for 

sensitive determination of perchlorate in urine samples by single quadrupole mass 

spectrometers and will be of benefit for assessing environmental exposure to 

perchlorate. This method leads to excellent LOD’s for perchlorate since there is 

essentially no dilution of sample and the matrix effects are eliminated. The total 

sample preparation time was 40 minutes per sample. Currently we are investigating 

ways to automate the whole procedure such that the sample throughput can be 

increased.  
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CHAPTER IX 

MECHANISMS OF NATURAL FORMATION  

OF PERCHLORATE 

 

9.1 Introduction 

Although “rocket fuel” has become a synonym of perchlorate in the popular press, 

perchlorate has consistently been found in easily measurable concentrations in places 

where no sources of manmade perchlorate can be readily ascertained.  For example, the 

groundwater in a 300 sq. mi area straddling Gaines and Dawson Counties in the Southern 

part of the Texas panhandle consistently measures over 20 µg/L perchlorate, some 

samples approach 60 µg/L perchlorate.1  

 

9.1.1 Chilean nitrate – source of perchlorate contamination 

The occurrence of perchlorate in natural deposits was discovered by Beckurts2 in 

the Chilean saltpeter in 1886. The nitrate from Chilean saltpeter has been used as 

fertilizer in the US until recently and this has been known to contain very high 

concentrations of perchlorate (about 100-1000 mg/Kg). If anthropogenic perchlorate 

made for use as an oxidizer is not obviously responsible, perchlorate originating from 

Chilean nitrate, which has been used as fertilizer throughout the US, is typically 

presumed to be the source of the contamination.  The average Chilean caliche ore 

reportedly contains 6.3% nitrate and 0.03% perchlorate by weight.3  The nitrate fertilizer 

is produced by solution processing of the deposit.  A typical bag of such a “natural” 

nitrate fertilizer is labeled 98% NaNO3 and 0.1% KClO4
4 (measurements suggest that 

commonly marketed Chilean nitrate based “natural” fertilizers may actually contain 

higher amounts, 0.2-0.4 wt% ClO4
-).5,6 Until the 1930’s, Chilean nitrate was a major 

source of nitrogen fertilizer worldwide.  With few exceptions, there is no historical record 

of how much Chilean nitrate fertilizer has been used in specific geographical regions.  

However, in many areas away from rocket fuel contamination, reasonable estimates on 

runoff from fertilizer use as well as use of fireworks, matches, roadside flares, explosive 
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disposal etc. suggest that the sum total cannot account for the observed levels of 

perchlorate in groundwater.  The estimated total mass of perchlorate in the aquifer 

beneath Gaines and Dawson counties, TX, is 370 metric tons,7 at 0.1% perchlorate 

content, it would have required 0.4 million metric tons of Chilean NaNO3 fertilizer to 

generate this perchlorate without any loss or adsorption. The total production of Peruvian 

and Chilean NaNO3 from 1830 to 1980 (peak production was in 1930) for worldwide 

distribution was ~140 million metric tons.8 

 

9.1.2 Natural perchlorate 

Early reports that large concentrations of perchlorate exist in sea water or in a 

number of Australian natural brine and saline deposit9 were discredited by subsequent 

work.10,11  However, one of these studies11 showed the presence of perchlorate in natural 

products e.g., cabbages and beets (9-12 µg/kg) suggesting its presence in the natural 

environment at low levels.  Interestingly, analysis of some fertilizers and fertilizer 

components that did not contain the nitrate from the Chilean saltpeter also showed the 

presence of perchlorate.12,13 

Of all the cases of naturally occurring perchlorate, the Chilean deposits represent 

the greatest enigma.  Ericksen, who spent a lifetime on the origin of these deposits8 

believed most of his career that the nitrate in Chilean saltpeter had a biological origin.  

However, a posthumous paper by Ericksen14 concluded that from the nitrogen and 

oxygen isotopic ratio, it has been found that a significant fraction (close to 100%) of the 

nitrate in the Chilean deposits was derived from N in atmospheric deposition. Isotopic 

analysis of perchlorate in the Chilean nitrate deposits have shown to be of atmospheric 

origin as well based on the 17O isotopic signature.15  

If perchlorate is naturally formed, there should be detectable background levels in 

a variety of samples.  Evidence towards this has become more recently available, as 

detection limits have been pushed below the parts per billion levels through IC-MS and 

LC-MS/MS methods.  Roefer et al.16 have reported detectable levels of perchlorate in the 

upper Colorado river nearly to the headwaters and in Lake Mead; in our own IC-MS 
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analysis of precipitation samples from various parts of the US, in 60% of the samples we 

have detected the presence of perchlorate in sub-ppb levels (using large volume 

preconcentration,17 limit of detection of 0.05 µg/L). 

 

9.1.3 Perchlorate formation pathways 

Simonaitis and Heicklen18 proposed in 1975 that HClO4, not as subject to 

photodecomposition and radical attack as HCl, may be an important sink for stratospheric 

chlorine.  Chlorate radical (•ClO3) may be formed as an intermediate via Reaction 1 and 

may then be acted on by •OH to produce stable HClO4. 

Cl + O2 + O3 → •ClO3 + O2                     (1) 

ClO3 + •OH → HClO4                            (2) 

Using balloon-borne interferometric measurements, Jaegle et al.19 reported that at 

altitudes between 15 and 20 km, up to 60% of the inorganic chlorine could not be 

accounted for by the sum of measured HCl, ClONO2, and HOCl.  Based on laboratory 

measurements of the reaction of •ClO with sulfuric acid to form small amounts of 

HClO4, they suggested that HClO4 may account for the balance of the stratospheric 

chlorine.  

More recently, in flights on the WB-57 aircraft that extended to altitudes up to   

19 km, Murphy and Thomson used single particle mass spectrometry for chemical 

characterization and reported the presence of small amounts of perchlorate in 

stratospheric sulfate aerosols.20 

 

9.1.4 Tropospheric perchlorate production  

Of all chlorine containing anions, Cl- (∆Gf° = - 137 kJ mol-1) is the most stable.  

Hypochlorite (OCl¯ ∆Gf° = - 37 kJ mol-1) is routinely formed when molecular Cl2 

dissolves in water.  It is industrially sold in large quantities as one of the products from 

chlor-alkali cells.  Hypochlorite spontaneously disproportionates to chlorate (ClO3¯, ∆Gf° 

= - 3 kJ mol-1); this process is slow at room temperature but accelerates rapidly when 

heated.  Chlorate is industrially produced by electrochemical oxidation of OCl¯ for use as 
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an oxidizer in a multitude of products.  Perchlorate (∆Gf° = - 9 kJ mol-1) is not only 

kinetically stable, its formation from hypothetical processes such as the 

disproportionation of OCl¯ into Cl¯ and ClO4¯, or by addition of oxygen to ClO3¯ would 

be thermodynamically favored.  The reasons that ClO4
- is not formed in appreciable 

amounts from the disproportionation of OCl¯ or during the electrochemical oxidation of 

the latter to ClO3
- may be kinetic.21 

Given the precursor ingredients and sufficiently energetic conditions, it should thus 

be possible to induce formation of perchlorate.  As to OCl¯ as a precursor, based on 

experimental evidence, Winkler et al. first suggested that active chlorine (including 

molecular or atomic Cl2 and its aqueous dissolution product HOCl) can be formed from 

sea-salt – NOx reactions via the production of NOCl and its subsequent photolysis.22  In 

the marine troposphere, under some conditions oxidation of organics by atomic chlorine 

may rival or even exceed that by •OH.23 Experimental evidence for the presence of 

Cl2/HOCl in the marine atmosphere in the range of 0.025-0.25 ppbv is now a decade 

old.24  Oum et al.25 have since suggested that an important global source of molecular 

chlorine (and hence aqueous hypochlorite) is the photolysis of ozone in the presence of 

sea-salt.  Recent model calculations confirm that HOCl should be present in sea-salt 

aerosols as well as cloud water.26 Very recently, Cl2 and HOCl were found in measurable 

levels in both super- and sub-micron marine aerosol in Oahu, HI.27 

Either ClO2 or •ClO3 may be plausibly formed in the troposphere in a number of 

pathways (R2 – R12, Table 9.1).  Either ClO2 or ClO3• can then be converted to HClO4 

by respective reactions with •OOH and •OH. 
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Table 9.1 Reactions 

Reaction 

number 

Reactions 

R1 Cl• + O3 +M → ClO3• + M 

R2 Cl• + O2 + M → ClO2 

R3 Cl• + O3 → ClO2 + •O 

R4 Cl• + O3 → ClO• + O2 

R5 ClO• + •O + M → ClO2 

R6 ClO• +O2 → ClO2 + •O 

R7 ClO• +O3 + M→ ClO2 + O2 

R8 ClO• + ClO• + M → Cl2O2 

R9 Cl2O2 → Cl• + ClO2 

R10 ClO• + O2 + M → ClO3• 

R11 Cl2O2 + O3 → ClO3• + ClO2 

R12 Cl• + O3+ M → ClO3• 

 



 161

9.2 Experimental 

9.2.1 Analysis of Sylvite and Langbeinite ores  

 A 5 w/v% solution of Sylvite (KCl) and Langbeinite ((K2Mg2(SO4)3) ores from 

Carlsbad, NM were respectively treated with a slight super stoichiometric excess of Ag2O 

and Ba(OH)2, respectively, for an extended period to precipitate the chloride and the 

sulfate.  The resulting membrane-filtered solution was then subjected to 

preconcentration-preelution (PC-PE) IC analysis28 and confirmation by MS.29   

 

9.2.2 Rain Analysis by Large Volume Preconcentration 

Between 5 and 20 ml sample was preconcentrated from N2-pressurized containers 

prior to PC-PE IC-MS analysis. 

 

9.2.3 Experimental simulation of lightning (Production of perchlorate from chloride 
aerosols using high energy sparks) 

9.2.3.1 Circuit design for producing sparks 

The circuit shown in Figure 9.1 was used for producing sparks. A +14 V is 

supplied to an ignition coil and the frequency of the output spark is regulated by the 

timing resistors and capacitors connected to the 555-timer. The timer generates a square 

wave and the output from the timer is fed into a power transistor, 2N3055 which acts like 

a switch. The ignition coil acts as an inductor and a transformer in this case. When the 

base voltage of the transistor is low, no current flows from collector to emitter and the 

current builds up in the ignition coil (it is charged). When the base voltage goes high, the 

ignition coil produces high voltage at its high voltage terminal and this is again amplified 

by the transformer and output is high enough to produce spark. The discharge occurred at 

758 Hz with a spark voltage of 1.5 kV and a primary energy input of 14.4 W. Spark is 

produced between two spark plugs (S1, S2) connected to the high voltage terminal of the 

ignition coil and ground, respectively.  
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Figure 9.1. Circuit design for producing sparks from an ignition coil 
(http://www.geocities.com/CapeCanaveral/Lab/5322/coildrv.htm) 
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9.2.3.2 Aerosol generation and characterization 

NaCl and NaCl/NaOCl aerosols were generated by a pneumatic concentric 

nebulizer.  The aerosol size was measured by a laser optical particle counter (A2212, 

Met-One Inc.) The aerosol had a mass median aerodynamic diameter of 0.66 µm with a 

geometric standard deviation (σg) of 2.55.  Aerosol mass concentration was measured by 

filter collection, extraction and IC analysis to be 0.5 - 1.0 µg/m3.  Commercial NaOCl 

contains measurable amounts of perchlorate.  Addition of commercial NaOCl to the NaCl 

nebulizer feed raised perchlorate level in the control aerosol to levels that were deemed 

too high to permit ready detection of additional perchlorate.  For this reason, we 

generated NaOCl in-situ by passing an electrical current (20 mA) through 500 ml of    

500 mM NaCl between a platinum anode and a stainless steel cathode (5 x 6 cm active 

area each) placed 6 cm apart.  The total coulombs passed would have converted 0.7% of 

the NaCl present to NaOCl if NaOCl production was 100% current efficient.  However, 

some of the anodic product is O2 rather than OCl¯ resulting in conversion of 0.5% of the 

NaCl to NaOCl.  This solution was diluted 10-fold to generate the nebulizer feed.  The 

actual feed NaOCl concentration was iodometrically assessed to be 0.25 mM. 

 

9.2.3.3 Generation of sustained electrical discharge and analysis of aerosol 

The aerosols are dried in the PVC chamber and are focused using a nozzle into 

the spark chamber (Figure 9.2(a) & (b)).  Air is aspirated through the spark chamber by 

an air pump and the flow rate is controlled by the mass flow controller.  The excess air 

with some aerosol is vented.  Electrical discharge was created between two automotive 

spark plugs placed 0.3 cm apart and sealed in two opposing arms of a 2.5 cm bore cross-

fitting.  An arrangement based on a square wave generator and an automotive ignition 

coil that produces a high voltage of 15-20 kV was used.  The discharge occurred at 758 

Hz with a primary energy input of 15 W.  The aerosol passed through the perpendicular 

arms of the cross at 0.14-0.2 standard L/min and was collected on prewashed and dried 

PVDF membrane filters (0.22µm).  The experimental duration was 24 h and the filter was 

then extracted in deionized water and analyzed by IC and IC-MS for both Cl¯ and ClO4¯. 
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Figure 9.2(a) Schematic of experimental setup for producing perchlorate by passing 
chloride aerosol thorough an electrical discharge. IG – 12 V ignition coil, S1 & S2 – two 
spark plugs, Filter 1- filtering the particles out of the air for producing NaCl aerosols, 
Filter 2 – to collect the aerosols (both chloride and perchlorate) exiting the spark 
chamber.
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Figure 9.2 (b) Pictures showing the experimental setup, spark chamber and spark. 
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9.3 Results and discussion 

We examined several experimental situations where aggressive reactants or other 

external energy input could potentially provide sufficiently energetic conditions that may 

overcome activation barriers for kinetic limitations for perchlorate production. The 

ubiquitous presence of chloride aerosols along with UV/ozone or energy from the 

lightning discharge could produce perchlorate.  

 

9.3.1 Analysis of Sylvite and Langbeinite ores  

Recently, an evaluation of minerals and other materials formed in environments 

geochemically and (or) geologically similar to that of the Chilean nitrates have been 

done.30 The results reveal that some potash ores, playa crust, hanksite, and kelp obtained 

from various regions in the US contain perchlorate concentrations of 0.025 – 3.741 g/Kg. 

Our analysis of potash ores, Sylvite and Langbenite, from Carlsbad, NM showed that 

perchlorate was undetectable in those samples.  

 

9.3.2 Perchlorate in rain 

The presence of perchlorate in rain samples (in preliminary studies, we have 

found low but unambiguously detectable (50-500 ng/L) Table 9.2) levels of perchlorate 

in 60% of rain samples collected from various parts of the US) suggests that it is present 

in the atmosphere and is scavenged by rain. The limit of detection for analyzing rain 

water by the large volume concentration method was 50 ng/L. 

 

9.3.3 Experimental simulation of lightning 

An experiment was designed to produce perchlorate from chloride aerosols using 

high energy electrical discharge. Sodium chloride aerosol was passed through an 

electrical discharge and the aerosols exiting the spark chamber were collected on a filter 

for 24 h. The filter was then extracted and analyzed for Cl¯ and ClO4¯ by IC-MS (Table 

9.3). 
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Table 9.2 Determination of perchlorate in rain and snow samples. 

Sample Date ClO4¯ (µg/L) 

9/20/2003 0.10 

4/6/2004 0.24 

4/8/2004 ND 

4/30/2004 ND 

Rain 

water 

5/10/2004 0.56 

   

Sample 1 0.30 

2/24/2004 0.085 
Snow 

Sample 
2/24/2004 0.086 

   ND – Not detected 
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Table 9.3. Ratio of perchlorate to chloride produced by passing Cl¯ aerosol through spark. 

Conditions Sample ClO4¯/Cl¯ * 10 6

Sample 1 147 

Sample 2 255 

Sample 3 3420 

Sample 4 4982 

50 mM NaCl, Airflow 

ranging from 120 – 200 

ml/min 

Blank 1 0 

   

Sample 6 483 

Sample 7 667 

Sample 8 755 

Sample 9 921 

Sample 10 1119 

Sample 11 3182 

Sample 12 5025 

Sample 13 7000 

Blank 2 12 

Blank 3 12 

50 mM NaCl 

containing 0.5% OCl-, 

Airflow ranging from 

140 – 200 ml/min 

Blank 4 31 
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There was no detectable perchlorate on the filter ([ClO4¯ ]/ [Cl¯ ] = 0) in the 

absence of an electrical discharge.  When passed through the discharge, perchlorate was 

detectable on the filter in 9 out of 10 experiments with the [ClO4¯ ]/[Cl¯ ] ratio ranging 

from 1.5 x 10-4 - 4.9 x 10-3 with aerosol flow rates ranging from 120-190 cm3 min-1 and 

this ratio increased with increasing residence time in the discharge.  

 In a second analogous set of experiments, the 50 mM NaCl feed solution used for 

generating the aerosol was partially oxidized so that 0.25 mM of the chloride was 

oxidized to OCl¯ ; some traces of perchlorate may be formed during this oxidation 

because the control aerosol in this case exhibited measurable perchlorate levels with 

[ClO4¯ ]/ [Cl¯ ] = (1.2 -3.1) x 10-5. Perchlorate was not only detectable in 8 of 8 samples 

that passed through the discharge, the [ClO4¯ ]/ [Cl¯ ] ratio was (0.48 -7.0) x 10-3, two 

orders of magnitude greater than that in the control.  

While any benefit from the prior presence of OCl¯ in the aerosol cannot be 

gleaned from a comparison of these two sets of results, further, more detailed 

experiments will be conducted to determine if OCl¯ is mechanistically involved in the 

pathway of perchlorate formation. The experiments should be conducted using inert 

gas/O2 mixtures to understand the role of NOx, if any, in perchlorate formation.   

 

9.4 Conclusions 

Although perchlorate contamination in some situations is undoubtedly 

anthropogenic, the presence of perchlorate in many matrices appears to be of natural, 

most likely atmospheric origin. We have unequivocally established that perchlorate can 

be formed from other precursors by processes that routinely occur in nature, most 

importantly, atmospheric lightning.  We show that perchlorate is readily formed from 

chloride aerosol by electrical discharge.  This strongly suggests that perchlorate is formed 

during lightning and a natural perchlorate background of atmospheric origin should exist. 

The correlation of perchlorate with iodate, substantially stronger than with any other 

measured parameter in the Texas Panhandle groundwater, strongly supports a hypothesis 

of atmospheric origin.  
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CHAPTER X 

CONCLUSIONS: PERCHLORATE 

 

The IC-IA-ESI-MS method, for the detection of perchlorate, having substantially 

greater selectivity and sensitivity than other available single stage MS approaches was 

developed. We show results for various dicationic agents which vary in their selectivity 

and affinity for ClO4
-, typically being at least one order of magnitude more selective for 

ClO4
- over HSO4

-.  For a 100 µL injected standard, limits of detection (LOD, S/N=3) are 

as good as 25 ng/L on a single quadrupole mass spectrometer.  We show applicability to 

various real samples.  With increasing demand for detecting perchlorate in very low 

concentration in increasingly complex samples, this technique can be of significant 

benefit in IC-MS analysis of samples containing perchlorate. Particularly, the use of 

commercially available ion pair agents broadens the utility of this method.  

Quantitative measurement of perchlorate in biological fluids is of importance to 

assess its toxicity and to study its effects on the thyroid gland.  Whenever possible, urine 

samples are preferred in toxicologic/epidemiologic studies because sample collection is 

noninvasive.  We present here a pretreatment method for the determination of perchlorate 

in urine samples that lead to a clean matrix.  Urine samples are initially exposed to UV to 

destroy/decompose organic molecules and then sequentially treated with an H+-form 

cation exchange resin to remove protolyzable compounds, with ammonia to raise the pH 

to 10-11 and finally with basic alumina to remove the color and other organic matter.  

This method leads to excellent LOD’s for perchlorate since there is essentially no dilution 

of sample and the matrix effects are eliminated. The total sample preparation time was 40 

minutes per sample. Automation of the entire procedure to increase the sample 

throughput is currently underway.  

We have unambiguously confirmed the presence of perchlorate in seawater in the 

range of <0.07 to 0.34 µg/L. It has been well known that seaweed concentrates iodide 

from seawater. We have shown here that various seaweed species also concentrate 

perchlorate about 200 to 5000 fold. The ratio of bioconcentraion factor for iodide (BCFi) 
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to the bioconcentration factor for perchlorate (BCFp) varied widely for different seaweed 

species and ranged over two orders of magnitude from 0.66 – 53. The most commonly 

used Laminaria species concentrated iodide more selectively compared to perchlorate: L. 

digitata and L. saccarina had BCF ratios of 45 and 53 respectively. The mechanism by 

which seaweeds bioconcentrate perchlorate is not well known. Although most seaweed 

samples contain some amount of perchlorate, the great majority contains iodide in much 

higher amounts and should thus result in net beneficial iodine nutrition. 

Although perchlorate contamination in some situations is undoubtedly 

anthropogenic, the presence of perchlorate in many matrices appears to be of natural, 

most likely atmospheric origin. We show that, perchlorate is readily formed from 

chloride aerosol by electrical discharge.  This strongly suggests that perchlorate is formed 

during lightning and a natural perchlorate background of atmospheric origin should exist. 

The correlation of perchlorate with iodate, substantially stronger than with any other 

measured parameter in the Texas Panhandle groundwater, strongly supports a hypothesis 

of atmospheric origin. 

  




