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S1. Kinetic Modeling Information

Table S1. Elementary Reaction Steps, Reaction Rate Constants, and Diffusion Coefficients 
used in Kinetiscope© Simulations. Recreated from Ref 1

# Step Rate Constant or Diffusion 
Coefficient°

Reference(s)

S1
𝑂3(𝑑𝑖𝑓𝑓) + 𝑠𝑖𝑡𝑒𝑂3

𝑘𝑎𝑑𝑠
⇄

𝑘𝑑𝑒𝑠

𝑂3(𝑎𝑑𝑠)

𝑘𝑎𝑑𝑠 = 1.77 𝑥 10 ‒ 11·[𝑂3(𝑔)] 𝑠 ‒ 1

𝑘𝑑𝑒𝑠 = 1.93 𝑥 1010𝑠 ‒ 1

2

See section 2.1.1.

S2
𝑂3(𝑎𝑑𝑠)

𝑘𝑠𝑜𝑙𝑣
⇄

𝑘𝑑𝑒𝑠𝑜𝑙𝑣

𝑂3(𝑏) + 𝑠𝑖𝑡𝑒𝑂3

𝑘𝑠𝑜𝑙𝑣 = 1.90 𝑥 108·𝑠 ‒ 1

𝑘𝑑𝑒𝑠𝑜𝑙𝑣 = 1.20 𝑥 10 ‒ 12 𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1

2

See section 2.1.1.

S3
𝑆2𝑂 2 ‒

3(𝑎𝑑𝑠) + 𝑂3(𝑎𝑑𝑠)

𝑘𝑆𝑇𝑆
→ [𝑆2𝑂3𝑂𝑂𝑂] 2 ‒

(𝑎𝑑𝑠) + 𝑠𝑖𝑡𝑒𝑂3

𝑘𝑆𝑇𝑆 = 1.20 𝑥 10 ‒ 13𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 13

S4
[𝑆2𝑂3𝑂𝑂𝑂] 2 ‒

(𝑎𝑑𝑠) +  𝐻 + +  𝑠𝑖𝑡𝑒𝑆𝑂2

𝑘1𝑎
→ 𝑆𝑂 2 ‒

4(𝑎𝑑𝑠) + 𝑆𝑂2(𝑎𝑑𝑠) +  𝐻 +𝑘1𝑎 = 𝑘𝐻𝑑𝑖𝑓𝑓 ·[𝐻 + ] 𝑠 ‒ 1 See note *

S5
[𝑆2𝑂3𝑂𝑂𝑂] 2 ‒

(𝑎𝑑𝑠)

𝑘1𝑏
→  𝑆2𝑂 2 ‒

4(𝑎𝑑𝑠) + 𝑂2
𝑘1𝑏 = 1 𝑥 105 𝑠 ‒ 1 1

S6
[𝑆2𝑂3𝑂𝑂𝑂] 2 ‒

(𝑎𝑑𝑠) +  𝐻 +  
𝑘1𝑐
→  𝐻𝑆2𝑂 2 ‒

4(𝑎𝑑𝑠) + 𝑂2
𝑘1𝑐 = 𝑘𝐻𝑑𝑖𝑓𝑓 ·[𝐻 + ] 𝑠 ‒ 1 See note *

S7
𝑆2𝑂 2 ‒

4(𝑎𝑑𝑠) +  𝐻 +  
𝑘𝑓
⇄
𝑘𝑏

 𝐻𝑆2𝑂 2 ‒
4(𝑎𝑑𝑠)

𝑘𝑓 = 𝑘𝐻𝑑𝑖𝑓𝑓 ·[𝐻 + ] 𝑠 ‒ 1

𝑘𝑏 = 3.6 𝑥 108 𝑠 ‒ 1

4

See note *, ǂ

S8
𝑆2𝑂 2 ‒

4(𝑎𝑑𝑠) + 𝑂2(𝑠𝑢𝑟𝑓) + 𝑠𝑖𝑡𝑒𝑆𝑂2

𝑘3𝑎
→ 𝑆𝑂 2 ‒

4(𝑎𝑑𝑠) + 𝑆𝑂2
𝑘2𝑎 = 𝑘0

𝑒·[𝑂2(𝑠𝑢𝑟𝑓)]
𝑘0

𝑒 = 8 𝑥 10 ‒ 11 (𝑐𝑚3)0.5·𝑚𝑜𝑙𝑒𝑐 ‒ 1/2·𝑠 ‒ 1 

1, 5

S9
𝑆2𝑂 2 ‒

4(𝑎𝑑𝑠) + 𝑆𝑂2(𝑎𝑑𝑠)

𝑘3𝑏
→  𝑆3𝑂 2 ‒

6(𝑎𝑑𝑠) + 𝑠𝑖𝑡𝑒𝑆𝑂2

𝑘2𝑏 = 1 𝑥 10 ‒ 12𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1 1

S10
𝐻𝑆2𝑂 ‒

4(𝑎𝑑𝑠) + 𝑆2𝑂3(𝑎𝑑𝑠)

𝑘3𝑐
→  𝑆3𝑂 2 ‒

6(𝑎𝑑𝑠) + 𝑂𝐻 ‒ + 𝑠𝑖𝑡𝑒
𝑘2𝑐 = 1 𝑥 10 ‒ 19𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1 1

S11
𝑆𝑂2(𝑎𝑑𝑠)

𝑘𝑑𝑒𝑠
→ 𝑆𝑂2(𝑔𝑎𝑠) + 𝑠𝑖𝑡𝑒𝑆𝑂2

𝑘𝑑𝑒𝑠 = 3.70 𝑥 107𝑠 ‒ 1 See Section S1.1.

S12
𝑆𝑂2(𝑎𝑑𝑠) +  𝐻2𝑂 + 𝑠𝑖𝑡𝑒 

𝑘𝑓𝑇
⇄

𝑘𝑏𝑇

𝑆𝑂 2 ‒
3(𝑎𝑑𝑠) +  2𝐻 + + 𝑠𝑖𝑡𝑒𝑆𝑂2

𝑘𝑓𝑇 =
𝐾𝑎1𝐾𝑎2𝑘𝑏2

[𝐻 + ]
𝑠 ‒ 1

𝑘𝑏𝑇 =
𝑘𝑏1[𝐻 + ]2

𝐾𝑎2
𝑠 ‒ 1

𝑝𝐾𝑎1 =  1.9; 𝑝𝐾𝑎2 = 7.2
𝑘𝑏1 = 𝑘𝑏2 = 𝑘𝐻𝑑𝑖𝑓𝑓 

6-9

See Section S1.1.

S13
𝑆𝑂 2 ‒

3(𝑎𝑑𝑠) + 𝑂3(𝑎𝑑𝑠)

𝑘𝑆𝑂3, 𝑒𝑓𝑓

→ 𝑆𝑂 2 ‒
4(𝑎𝑑𝑠) + 𝑠𝑖𝑡𝑒𝑂3

𝑝𝐻 5: 𝑘𝑆𝑂3, 𝑒𝑓𝑓 = 1.1 𝑥 10 ‒ 14𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1

𝑝𝐻 9: 𝑘𝑆𝑂3, 𝑒𝑓𝑓 = 1.6 𝑥 10 ‒ 12𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1

𝑝𝐻 13: 𝑘𝑆𝑂3, 𝑒𝑓𝑓 = 1.7 𝑥 10 ‒ 12𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1

8

S14
𝑆2𝑂 2 ‒

3(𝑎𝑑𝑠)

𝑘𝑠𝑜𝑙𝑣
⇄

𝑘𝑑𝑒𝑠𝑜𝑙𝑣

𝑆2𝑂 2 ‒
3(𝑏) + 𝑠𝑖𝑡𝑒 

𝑘𝑠𝑜𝑙𝑣 = 1.0 𝑥 103·𝑠 ‒ 1

𝑘𝑑𝑒𝑠𝑜𝑙𝑣 = 5.9 𝑥 10 ‒ 19 𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1

1

S15
[𝑆2𝑂3𝑂𝑂𝑂] 2 ‒

(𝑏𝑢𝑙𝑘) + 𝑠𝑖𝑡𝑒
𝑘𝑑𝑒𝑠𝑜𝑙𝑣

→   
[𝑆2𝑂3𝑂𝑂𝑂] 2 ‒

(𝑎𝑑𝑠)

𝑘𝑑𝑒𝑠𝑜𝑙𝑣 = 1.0 𝑥 10 ‒ 15 𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1See note‖
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S16
𝑆2𝑂 2 ‒

4(𝑎𝑑𝑠)

𝑘𝑠𝑜𝑙𝑣
⇄

𝑘𝑑𝑒𝑠𝑜𝑙𝑣

𝑆2𝑂 2 ‒
4(𝑏) + 𝑠𝑖𝑡𝑒

𝑘𝑠𝑜𝑙𝑣 = 1.0 𝑥 103·𝑠 ‒ 1

𝑘𝑑𝑒𝑠𝑜𝑙𝑣 = 5.9 𝑥 10 ‒ 18 𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1
See section 2.1.2.

S17
𝐻𝑆2𝑂 ‒

4(𝑎𝑑𝑠)

𝑘𝑠𝑜𝑙𝑣
⇄

𝑘𝑑𝑒𝑠𝑜𝑙𝑣

𝐻𝑆2𝑂 ‒
4(𝑏) + 𝑠𝑖𝑡𝑒

𝑘𝑠𝑜𝑙𝑣 = 1.0 𝑥 103·𝑠 ‒ 1

𝑘𝑑𝑒𝑠𝑜𝑙𝑣 = 5.9 𝑥 10 ‒ 19 𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1
See section 2.1.2.

S18
𝑆𝑂2(𝑎𝑑𝑠)

𝑘𝑠𝑜𝑙𝑣
⇄

𝑘𝑑𝑒𝑠𝑜𝑙𝑣

𝑆𝑂2(𝑏) + 𝑠𝑖𝑡𝑒 
𝑘𝑠𝑜𝑙𝑣 = 4.6 𝑥 106𝑠 ‒ 1

𝑘𝑑𝑒𝑠𝑜𝑙𝑣 = 3.3 𝑥 10 ‒ 14 𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1
See section 2.1.1.

S19
 𝑆𝑂 2 ‒

3(𝑎𝑑𝑠)

𝑘𝑠𝑜𝑙𝑣
⇄

𝑘𝑑𝑒𝑠𝑜𝑙𝑣

𝑆𝑂 2 ‒
3(𝑏) + 𝑠𝑖𝑡𝑒

𝑘𝑠𝑜𝑙𝑣 = 1.0 𝑥 103·𝑠 ‒ 1

𝑘𝑑𝑒𝑠𝑜𝑙𝑣 = 5.9 𝑥 10 ‒ 20 𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1

10, See section 
2.1.2.

S20
𝑆𝑂 2 ‒

4(𝑎𝑑𝑠)

𝑘𝑠𝑜𝑙𝑣
⇄

𝑘𝑑𝑒𝑠𝑜𝑙𝑣

𝑆𝑂 2 ‒
4(𝑏) + 𝑠𝑖𝑡𝑒

𝑘𝑠𝑜𝑙𝑣 = 1.0 𝑥 103·𝑠 ‒ 1

𝑘𝑑𝑒𝑠𝑜𝑙𝑣 = 5.9 𝑥 10 ‒ 20 𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1

11, See section 
2.1.2.

S21
𝑆3𝑂 2 ‒

6(𝑎𝑑𝑠)

𝑘𝑠𝑜𝑙𝑣
⇄

𝑘𝑑𝑒𝑠𝑜𝑙𝑣

𝑆3𝑂 2 ‒
6(𝑏) + 𝑠𝑖𝑡𝑒 

𝑘𝑠𝑜𝑙𝑣 = 1.0 𝑥 103·𝑠 ‒ 1

𝑘𝑑𝑒𝑠𝑜𝑙𝑣 = 5.9 𝑥 10 ‒ 19 𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1
See section 2.1.2.

S22
𝑆4𝑂 2 ‒

6(𝑎𝑑𝑠)

𝑘𝑠𝑜𝑙𝑣
⇄

𝑘𝑑𝑒𝑠𝑜𝑙𝑣

𝑆4𝑂 2 ‒
6(𝑏) + 𝑠𝑖𝑡𝑒

𝑘𝑠𝑜𝑙𝑣 = 1.0 𝑥 103·𝑠 ‒ 1

𝑘𝑑𝑒𝑠𝑜𝑙𝑣 = 5.9 𝑥 10 ‒ 19 𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1
See section 2.1.2.

D1 𝑂3(𝑏) 𝐷 = 1.76 𝑥 10 ‒ 5 𝑐𝑚2·𝑠 ‒ 1 12

D2 𝑆2𝑂 2 ‒
3(𝑏) 𝐷 = 8 𝑥 10 ‒ 6 𝑐𝑚2·𝑠 ‒ 1 See note§

D3 [𝑆2𝑂3𝑂𝑂𝑂] 2 ‒
(𝑏𝑢𝑙𝑘) 𝐷 = 8 𝑥 10 ‒ 6 𝑐𝑚2·𝑠 ‒ 1 See note§

D4 𝑆2𝑂 2 ‒
4(𝑎𝑑𝑠) 𝐷 = 8 𝑥 10 ‒ 6 𝑐𝑚2·𝑠 ‒ 1 See note§

D5 𝐻𝑆2𝑂 ‒
4(𝑎𝑑𝑠) 𝐷 = 8 𝑥 10 ‒ 6 𝑐𝑚2·𝑠 ‒ 1 See note§

D6 𝑆𝑂2(𝑏) 𝐷 = 1.83 𝑥 10 ‒ 5 𝑐𝑚2·𝑠 ‒ 1 13

D7 𝑆𝑂 2 ‒
3(𝑏) 𝐷 = 9.59 𝑥 10 ‒ 6𝑐𝑚2·𝑠 ‒ 1 13

D8 𝑆𝑂 2 ‒
4(𝑏) 𝐷 = 8.33 𝑥 10 ‒ 6 𝑐𝑚2·𝑠 ‒ 1 14

D10 𝑆3𝑂 2 ‒
6(𝑏) 𝐷 = 8 𝑥 10 ‒ 6 𝑐𝑚2·𝑠 ‒ 1 See note§

D11 𝑆4𝑂 2 ‒
6(𝑏) 𝐷 = 8 𝑥 10 ‒ 6 𝑐𝑚2·𝑠 ‒ 1 See note§

B1
𝑆2𝑂 2 ‒

3(𝑏) + 𝑂3(𝑏)

𝑘𝑆𝑇𝑆
→ [𝑆2𝑂3𝑂𝑂𝑂]2 ‒

(𝑏)
𝑘𝑆𝑇𝑆 = 1.20 𝑥 10 ‒ 13𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 13

B2
[𝑆2𝑂3𝑂𝑂𝑂]2 ‒

(𝑏) +  𝐻 +
𝑘1𝑎
→ 𝑆𝑂 2 ‒

4(𝑏) + 𝑆𝑂2(𝑏) +  𝐻 +𝑘1𝑎 = 𝑘𝐻𝑑𝑖𝑓𝑓 ·[𝐻 + ] 𝑠 ‒ 1 See note *

B3
[𝑆2𝑂3𝑂𝑂𝑂]2 ‒

(𝑏)

𝑘1𝑏
→  𝑆2𝑂 2 ‒

4(𝑏) + 𝑂2
𝑘1𝑏 = 1 𝑥 105 𝑠 ‒ 1 1

B4
[𝑆2𝑂3𝑂𝑂𝑂]2 ‒

(𝑏) +  𝐻 +  
𝑘1𝑐
→  𝐻𝑆2𝑂 2 ‒

4(𝑏) + 𝑂2
𝑘1𝑐 = 𝑘𝐻𝑑𝑖𝑓𝑓 ·[𝐻 + ] 𝑠 ‒ 1 See note *

B5
𝑆2𝑂 2 ‒

4(𝑏) +  𝐻 +  
𝑘𝑓
⇄
𝑘𝑏

 𝐻𝑆2𝑂 2 ‒
4(𝑏)

𝑘𝑓 = 𝑘𝐻𝑑𝑖𝑓𝑓 ·[𝐻 + ] 𝑠 ‒ 1

𝑘𝑏 = 3.6 𝑥 108 𝑠 ‒ 1

4

See note *, ǂ

B6
𝑆2𝑂 2 ‒

4(𝑏) + 𝑂2(𝑏)

𝑘3𝑎
→ 𝑆𝑂 2 ‒

4(𝑏) + 𝑆𝑂2
𝑘2𝑎 = 𝑘0

𝑒·[𝑂2(𝑏)]
𝑘0

𝑒 = 8.0 𝑥 10 ‒ 11 (𝑐𝑚3)1/2·𝑚𝑜𝑙𝑒𝑐 ‒ 1/2·𝑠 ‒ 1 

1, 5

B7
𝑆2𝑂 2 ‒

4(𝑏) + 𝑆𝑂2(𝑏)

𝑘3𝑏
→  𝑆3𝑂 2 ‒

6(𝑏)
𝑘2𝑏 = 1 𝑥 10 ‒ 12𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1 1

B8
𝐻𝑆2𝑂 ‒

4(𝑏) + 𝑆2𝑂3(𝑏)

𝑘3𝑐
→  𝑆3𝑂 2 ‒

6(𝑏) + 𝑂𝐻 ‒ 𝑘2𝑐 = 1 𝑥 10 ‒ 19𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1 1

B9
𝑆𝑂2(𝑏) +  𝐻2𝑂 

𝑘𝑓
⇄
𝑘𝑏

𝑆𝑂 2 ‒
3(𝑏) +  2𝐻 + 𝑘𝑓𝑇 =

𝐾𝑎1𝐾𝑎2𝑘𝑏2

[𝐻 + ]
𝑠 ‒ 1

6-9

See Section S1.1
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𝑘𝑏𝑇 =
𝑘𝑏1[𝐻 + ]2

𝐾𝑎2
𝑠 ‒ 1

𝑝𝐾𝑎1 =  1.9; 𝑝𝐾𝑎2 = 7.2
𝑘𝑏1 = 𝑘𝑏2 = 𝑘𝐻𝑑𝑖𝑓𝑓 

B10
𝑆𝑂 2 ‒

3(𝑏) + 𝑂3(𝑏)

𝑘𝑆𝑂3, 𝑒𝑓𝑓

→ 𝑆𝑂 2 ‒
4(𝑏)

𝑝𝐻 5: 𝑘𝑆𝑂3, 𝑒𝑓𝑓 = 1.1 𝑥 10 ‒ 14𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1

𝑝𝐻 9: 𝑘𝑆𝑂3, 𝑒𝑓𝑓 = 1.6 𝑥 10 ‒ 12𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1

𝑝𝐻 13: 𝑘𝑆𝑂3, 𝑒𝑓𝑓 = 1.7 𝑥 10 ‒ 12𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1

8

*[H+] is not explicitly defined in simulations. Instead, a pseudo-first order rate constant is used, assuming a 
constant [H+] calculated from the measured pH and and assuming the upper limit for the rate constant of 

proton recombination, , measured previously.6, 7 𝑘𝐻𝑑𝑖𝑓𝑓 = 1.66 𝑥 10 ‒ 11 𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1

ǂAcid equilibria are modeled using the pseudo-first order and diffusion limited assumptions shown in Note 
* for the forward rate. The literature value for the acid dissociation constant is used to calculate the 
backwards rate .𝑘𝑏 =  𝐾𝑎·𝑘𝐻𝑑𝑖𝑓𝑓
§To our knowledge, diffusivities of [S2O3OOO]2-, S2O4

2-, HS2O4
-, S2O3

2-, S3O6
2-, and S4O6

2- have not been 
measured, but we estimate that diffusivities for these species would be like those of SO2, SO3

2-, and SO4
2-, 

and simulations are insensitive to the exact values used. 
‖The thiosulfate-ozone complex is considered most stable at the interface, so no solvation step is included. 
Desolvation (step S16) is included so that the small amounts of the complex formed in the bulk will adsorb 
to the interface prior to reaction. 
°Concentrations of sites are not included in the rate equations for reactions S1-S15, but these reactions 
cannot occur if there are no available sites of the type indicated. 

S1.1. SO2 Equilibria and Evaporation

Simulation results showed that the overall kinetics are sensitive to both the partitioning and 

equilibria of sulfur dioxide (SO2). Once formed, SO2 can adsorb to/desorb from the interface, 

evaporate from the interface into the gas-phase, or hydrolyze, forming an equilibrium with HSO3
- 

and SO3
2-. Although the kinetics of SO2 hydrolysis and its equilibrium with bisulfite/sulfite are well 

known, the gas-interface-bulk partitioning of SO2 is harder to constrain. 

Here, we model SO2 as ozone is modeled, using a Langmuir framework for adsorption to the 

interface and the Henry’s law components,  and , for partitioning between the three 𝐻𝑔𝑠
𝑐𝑐 𝐻𝑠𝑏

𝑐𝑐

regimes. To do this, we use literature values for the mass accommodation coefficient, α, surface 

excess, , gas-to-bulk Henry’s law coefficient, , and the Gibbs free energy for gas-to-
Γ ∞

𝑆𝑂2 𝐻𝑔𝑏
𝑐𝑐

interface adsorption, . We test two mass accommodation coefficients: 0.110 as calculated by Δ𝐺𝑔𝑠

Worsnop, et al.15 and 0.175 as calculated by Boniface, et al.16 Sander7 provides multiple values 
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for , ranging from 27 to 71, with most studies centering around values between 27 and 37. 𝐻𝑔𝑏
𝑐𝑐

While many studies agree that SO2 has a strong surface affinity,10, 16-19 determining the free energy 

for adsorption and the surface excess can be challenging due to the equilibrium between SO2, 

HSO3
-, and SO3

2-. Experimental and computational values for the gas to interface solvation free 

energy,  , range from -2.7 kcal/mol to -5.3 kcal/mol17, 18, 20, 21 and values for the surface excess, Δ𝐺𝑔𝑠

, range from 4.0 x 1014 molec·cm-2 to 4.3 x 1015 molec·cm-2.21, 22
Γ ∞

𝑆𝑂2

As summarized in Table S2, we can create an envelope for SO2 partitioning by using this 

literature data to calculate minimum and maximum values for , , and  Following the 𝑘𝑑𝑒𝑠 𝑘𝑠𝑜𝑙𝑣 𝑘𝑑𝑒𝑠𝑜𝑙𝑣.

framework used for ozone in this work and in previous work:2, 23

, (1)
𝑘𝑑𝑒𝑠 =

𝑘𝑎𝑑𝑠·Γ ∞
𝑆𝑂2

𝐻𝑔𝑠
𝑐𝑐·𝛿

where , ,   is the thickness of the interface (1 
𝑘𝑎𝑑𝑠 =

1
4

𝐴�̅�𝜎 (𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1) 𝐻𝑔𝑠
𝑐𝑐 = exp ( ‒ Δ𝐺𝑔𝑠

𝑅𝑇 ) 𝛿

nm), A is the area of the interface (1 nm x 1 nm),  is the mean free speed of the SO2 molecule in �̅�

the gas-phase, and σ is the sticking coefficient (assumed to be 1 for simplicity). Given that we 

have a range of values for surface excess and adsorption free energy, we calculate a minimum 

value of  using  and  (𝑘𝑚𝑖𝑛
𝑑𝑒𝑠 = 9.3 𝑥 106𝑠 ‒ 1 Γ ∞

𝑆𝑂2
= 4.0 𝑥 1014 𝑚𝑜𝑙𝑒𝑐·𝑐𝑚 ‒ 2

Δ𝐺𝑔𝑠 =‒ 5.3 𝑘𝑐𝑎𝑙/𝑚𝑜𝑙

) and a maximum value of  using  𝐻𝑔𝑠
𝑐𝑐 = 8,400 𝑘𝑚𝑎𝑥

𝑑𝑒𝑠 = 3.4 𝑥 1010𝑠 ‒ 1 Γ ∞
𝑆𝑂2

= 4.3 𝑥 1015 𝑚𝑜𝑙𝑒𝑐·𝑐𝑚 ‒ 2

and  ( ).  is then calculated from the mass accommodation Δ𝐺𝑔𝑠 =‒ 2.7 𝑘𝑐𝑎𝑙/𝑚𝑜𝑙 𝐻𝑔𝑠
𝑐𝑐 = 100 𝑘𝑠𝑜𝑙𝑣

coefficient via   giving  using  and 
𝛼 =

𝑘𝑠𝑜𝑙𝑣
(𝑘𝑑𝑒𝑠 +  𝑘𝑠𝑜𝑙𝑣) 𝑘𝑚𝑖𝑛

𝑠𝑜𝑙𝑣 = 1.1 𝑥 106𝑠 ‒ 1
𝛼 = 0.110

 using . Finally, we calculate the rate of adsorption from the bulk 𝑘𝑚𝑎𝑥
𝑠𝑜𝑙𝑣 = 7.1 𝑥 1012𝑠 ‒ 1

𝛼 = 0.175

phase to the interface:
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, (2)

𝑘𝑑𝑒𝑠𝑜𝑙𝑣 =
𝑘𝑠𝑜𝑙𝑣·𝛿

𝐻𝑠𝑏
𝑐𝑐·Γ ∞

𝑆𝑂2

where . Thus,  using 
𝐻𝑠𝑏

𝑐𝑐 =
𝐻𝑔𝑏

𝑐𝑐
𝐻𝑔𝑠

𝑐𝑐 𝑘 𝑚𝑖𝑛
𝑑𝑒𝑠𝑜𝑙𝑣 = 8.3 𝑥 10 ‒ 15 𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1

 and  and  using 
Γ ∞

𝑆𝑂2
= 4.3 𝑥 1015 𝑚𝑜𝑙𝑒𝑐·𝑐𝑚 ‒ 2

𝐻𝑔𝑠
𝑐𝑐 = 8,400 𝑘 𝑚𝑎𝑥

𝑑𝑒𝑠𝑜𝑙𝑣 = 6.6 𝑥 10 ‒ 12 𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1

 and .
Γ ∞

𝑆𝑂2
= 4.0 𝑥 1014 𝑚𝑜𝑙𝑒𝑐·𝑐𝑚 ‒ 2

 𝐻𝑔𝑠
𝑐𝑐 = 100

Table S2. Summary of Limiting Parameters Governing SO2 Partitioning and Calculated Rate 
Coefficients.

Parameter Minimum Maximum
𝛼 0.110 0.175

 (
Γ ∞

𝑆𝑂2 𝑚𝑜𝑙𝑒𝑐·𝑐𝑚 ‒ 2) 4.0 x 1014 4.3 x 1015

𝐻𝑔𝑠
𝑐𝑐 = exp ( ‒ Δ𝐺𝑔𝑠

𝑅𝑇 ) 100 8,400

a𝑘𝑑𝑒𝑠 (𝑠 ‒ 1) 9.3 x 106 3.4 x 1010

𝑘
𝑠𝑜𝑙𝑣 (𝑠 ‒ 1) 1.1 x 106 7.1 x 109

b  (𝑘𝑑𝑒𝑠𝑜𝑙𝑣  𝑐𝑚3·𝑚𝑜𝑙𝑒𝑐 ‒ 1·𝑠 ‒ 1) 8.3 x 10-15 6.6 x 10-12

a  is inversely proportional to , thus  is calculated using the maximum value of  and 𝑘𝑑𝑒𝑠 𝐻𝑔𝑠
𝑐𝑐 𝑘𝑚𝑖𝑛

𝑑𝑒𝑠 𝐻𝑔𝑠
𝑐𝑐

 is calculated using the minimum value of .𝑘𝑚𝑖𝑛
𝑑𝑒𝑠 𝐻𝑔𝑠

𝑐𝑐

b  is inversely proportional to , thus  is calculated using the maximum value of 𝑘𝑑𝑒𝑠𝑜𝑙𝑣
Γ ∞

𝑆𝑂2 𝑘 𝑚𝑖𝑛
𝑑𝑒𝑠𝑜𝑙𝑣

 and  is calculated using the minimum value of .
Γ ∞

𝑆𝑂2 𝑘 𝑚𝑎𝑥
𝑑𝑒𝑠𝑜𝑙𝑣

Γ ∞
𝑆𝑂2

Simulations run using the minimum and maximum values shown in Table S2 showed that the 

minimum values for SO2 partitioning rate constants most closely replicated experimental data. 

These values are thus used in all simulations presented here. Hydrated SO2 (SO2·H2O) also 

participates in coupled equilibria with sulfite and bisulfite with the net reaction:

(RS1)
𝑆𝑂2 + 𝐻2𝑂 

𝑘𝑓𝑇
⇄

𝑘𝑏𝑇

𝑆𝑂2 ‒
3 + 2𝐻 + , 

where the rate constants are calculated by:
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(S3)
𝑘𝑓𝑇 =

𝐾𝑎1𝐾𝑎2𝑘𝑏2

[𝐻 + ]
𝑠 ‒ 1; 𝑘𝑏𝑇 =

𝑘𝑏1[𝐻 + ]2

𝐾𝑎2
𝑠 ‒ 1

See Deal, et al.1 for the derivation of reaction RS1 and Equation S3. 

S1.2. 2-Compartment and 3-Compartment Models

Typical kinetic simulations consist of two compartments (Figure S1A): a surface compartment 

with thickness of 1 nm and a bulk compartment with a thickness of r/3, or ~8500 nm for the 

experiments modeled here. When Kinetiscope models diffusion between these compartments, 

the probability of a molecule diffusing is proportional to the difference in concentration and to the 

distance between the midpoints of each compartment, or ~4000 nm for the experiments modeled 

here. When modeling ‘bulk only’ kinetics, this distance dramatically slows reaction kinetics making 

it appear that no thiosulfate decay occurs and when determining surface reaction fractions that 

can artificially enhance the number of reactions occurring at the interface. To circumvent these 

issues, we add a third ‘reaction-diffusion compartment’ (Figure S1B) with a compartment 

thickness corresponding to the reacto-diffusive length:

𝑙 =  
𝐷𝑂3

𝑘·[𝑆2𝑂 2 ‒
3(𝑏)]

where  is the diffusion coefficient for ozone and k is the rate constant for the reaction between 
𝐷𝑂3

ozone and thiosulfate. Data recreated from Deal, et al.1 were acquired with a bulk thiosulfate 

concentration of 0.25 M, resulting in l ~ 10 nm. 
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Figure S1. Schematics for the 2-compartment (A) and 3-compartment (B) kinetic models.

This method is only used in select cases as it is computationally expensive. Sensitivity checks 

were performed as shown in Section S1.3 to confirm that the two-compartment model is sufficient 

when modeling full droplet chemistry.

S1.3. Comparison Between Two-Compartment and Three-Compartment Models

Simulations at all three pH values were run using the two-compartment model (surface and 

bulk) and three-compartment model (surface, reaction-diffusion, and bulk), and results are shown 

in Figure S2. While there are some differences in results, we find that the two-compartment model 

adequately reproduces the experimental results given the range of equilibrium constants and 

surface concentrations of thiosulfate discussed in Section 3.1 of the main manuscript.
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Figure S2. Results from simulations run with two compartments (surface and bulk) or three 
compartments (surface, reaction-diffusion, and bulk) compared to experimental data. Simulations 
run with the two-compartment model took 15 minutes to complete while simulations run with the 
three-compartment model took 24+ hours to complete. 
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S2. Liquid Flat Jet APXPS Measurements

Ambient pressure X-ray photoelectron spectroscopy (APXPS) is an excellent tool to provide 

insights into the interfacial chemical composition systems like atmospheric aerosols10, 24 due to 

the near ambient pressure conditions in the experimental chamber (up to a few millibar), which 

are in the pressure range of the stratosphere,25 and the short effective attenuation length (EAL) 

of the excited electrons makes the technique surface sensitive. By changing the photon energy, 

and respectively the photoelectron kinetic energy, the EAL and the information depth of the 

measurement can be deliberately fine-tuned in the range of a few nm, allowing for depth profiling 

near the interface. Liquid jet systems have, in recent years, made the investigation of liquid/vapor 

interfaces more accessible.24, 26-28 One of the great advantages of liquid jet systems is the constant 

flow of liquid leading to a permanent interchange of the probed solution at the measurement 

position. Potential beam damage effects can thus be excluded from the measurements in this 

study. Liquid flat jet systems provide a nearly planar liquid surface.26 The flat liquid sheet 

enhances, compared to the more common circular jet systems, the achievable electron intensities 

by a factor of π/2 (for a 90º incident beam compared to the electron detector direction), resulting 

in a better signal to noise ratio, optimal to study lower concentrated solutions.24, 28, 29 

S2.1. Experimental Methods

An aqueous 0.5 M sodium thiosulfate solution was prepared with sodium thiosulfate powder 

(Na2S2O3, Sigma-Aldrich, ReagentPlus®, 99.0 %) solved in DI water. The APXPS measurements 

were conducted at the Advanced Light Source (ALS) at beamline 11.0.2.1 in the LARaXS 

endstation using a colliding micro liquid flat jet system described elsewhere.29 In this setup the 

electric field vector of the linear polarized light is approximately at an angle of 35.3º with respect 

to the analyzer direction, which means that the influence of the anisotropy parameter (β) to the 

differential cross section is not negligible. The jet nozzles had an aperture diameter of 33 µm and 

the solution was supplied using a Knauer Blue Shadow 40P HPLC pump operated with a flow 
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rate of 3.8 mL/min and pressures around 65 bar. During all measurements, the pressure in the 

experimental chamber was in the low 10-4 Torr region, achieved with the help of a liquid nitrogen 

filled cooling trap, but the pressure was likely higher in the proximity of the liquid flat sheet. 

A survey spectrum of the 0.5 M sodium thiosulfate (Na2S2O3) solution measured with an 

excitation energy of 900 eV is shown in Figure S3. All expected core level peaks and the O KLL 

Auger peak related to water and sodium thiosulfate are present. The S 2s and S 2p core level 

show the two different sulfur components of Na2S2O3, related to sulfur with different oxidation 

states.
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Figure S3. Survey spectra of the 0.5 M sodium thiosulfate (Na2S2O3) solution measured with an 
excitation energy of 900 eV. The water and sodium thiosulfate core levels, the O KLL Auger peak 
and the valence band maximum (VBM) are labelled.

S2.2. O 1s Core Level Fits

The O 1s core level spectra, shown in Figure S4, are measured with different excitation 

energies, which result in different excess kinetic energies and an increasing EAL. Excitation 

energies were varied to produce electrons with excess kinetic energies of 100 eV, 215 eV, 250 
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eV, 300 eV, 350 eV, 400 eV, 450 eV, 500 eV, 550 eV, 600 eV, 700 eV, and 800 eV. Peak areas 

were determined by fitting three Voigt functions and a linear background function for each 

spectrum using the program fityk 0.9.3©.30 The three Voigt functions account for the main peak 

around 536.9 eV, corresponding to water in the liquid phase (O(l)), a peak around 538.7 eV, 

corresponding to water in the gas phase (O(g)) and a small peak around 535.1 eV for the 

thiosulfate (S2O3
2-) component. The S2O3

2- component is additionally shown as an inset in each 

spectrum to increase visibility.

The Lorentzian FWHM of all Voigt functions was restricted to be the same in every spectrum 

and the fit delivered a value of 0.18 eV, close to the literature value of core-hole lifetime 

calculations of 0.1 eV.31 The Gaussian FWHM reflecting the experimental broadening was 

allowed to be different for each excitation energy and for the peak accounting for the water gas 

phase, but it was restricted to be the same for the liquid water and the S2O3
2- peak for each 

excitation energy. Furthermore, the distance between the S2O3
2- peak and the liquid water peak 

was restricted to be the same in each spectrum and the fit delivered 1.76 eV. The binding energy 

of all peaks have been corrected by measurements of the valence band and shifting the water 

gas phase orbital (1b1(g)) to a binding energy of 12.60 eV. 

Due to the energy dependence of the EAL, each kinetic energy corresponds to a different 

information depth into the solution, increasing with the electron kinetic energy. Using data for pure 

water as an estimate, the 100 eV kinetic energy spectrum corresponds to an EAL of ~1.5 nm and 

the 800 eV kinetic energy spectra corresponds to an EAL of 5 nm.32 The increased surface 

sensitivity of the APXPS measurements towards lower electron kinetic energies is nicely visible 

in Figure S4 by the relative increase of the water gas phase peak.
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Figure S4. The O 1s spectra of the prepared 0.5 M aqueous sodium thiosulfate solution recorded 
with different excitation energies resulting in electrons with kinetic energies of 100 eV, 215 eV, 
250 eV, 300 eV, 350 eV, 400 eV, 450 eV, 500 eV, 550 eV, 600 eV, 700 eV, and 800 eV. The 
three peaks correspond to the liquid (green, O(l)) and gas water (blue, O(g)) and thiosulfate 
(magenta, S2O3

2-) components.
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S2.3. Thiosulfate (S2O32-) surface concentration

Derived O 1s peak areas can be used to calculate the S2O3
2- molar concentration. The 

corrected S2O3
2- peak area was divided by the corrected liquid water peak area, divided by three 

to account for stoichiometry, and multiplied by the concentration of water (55.5 M). The liquid 

water peak areas are corrected by the O 1s differential cross section accounting for the anisotropy 

parameter (β) for liquid water derived by Thürmer et al., ~1.5 in the energy range used here.32 

The S2O3
2- peak areas were corrected with the O 1s differential cross section values of 

Trzhaskovskaya et al. calculated with the quadrupole approximation with β close to 2.33, 34 

Whether the differential cross section values derived for elements in the gas phase are correct 

for solvated ions like thiosulfate is debatable,28, 35 but, to our knowledge, β values for thiosulfate 

in the O 1s core level are not available in the literature. Both peaks were measured with the same 

excitation energy, thus photon flux and detector transmission function corrections are not 

required. 

The calculated thiosulfate concentration is shown in Figure S5A as a function of photoelectron 

kinetic energy. From left to right the information depth, i.e. the EAL of the results, increases from 

roughly 1.5 nm to 5 nm,32 meaning that the most surface sensitive measurement is presented at 

the far left. Given that the signal comes from electrons originating from the region confined by the 

interface and the EAL, the noted depths should be considered the maximum penetration depth. 

The measured thiosulfate concentration, with the uncertainty derived from the fit, is consistent 

with the 0.5 M concentration of the prepared solution represented by the dashed line. Towards 

the lower kinetic energy measurement, i.e. the more surface sensitive measurement, the average 

thiosulfate concentration slightly decreases, but uncertainty still encompasses the 0.5 M 

concentration. The increased uncertainty of concentration is due to the decreased signal to noise 

ratio of the spectra, resulting in a larger uncertainty of the peak areas derived from the fit. Overall, 

the surface concentration of thiosulfate appears approximately equal to the bulk concentration of 
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0.5 M with the most surface sensitive measurement giving  0.4 ± 0.2 M. Note [𝑆2𝑂 2 ‒
3 (𝑎𝑑𝑠)]𝑏 = 0.5 𝑀 =

that this is a different value than that used for kinetic modeling, [𝑆2𝑂 2 ‒
3 (𝑎𝑑𝑠)]𝑏 = 0.25 𝑀
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Figure S5. a) The molar S2O3
2- concentration calculated for each kinetic energy as explained in 

the text. The dashed black line indicates the molar concentration of the prepared 0.5 M aqueous 
sodium thiosulfate solution. b) the molar S2O3

2- concentration calculated without a cross-section 
correction.

To show the influence of the used different cross section values, we calculated the molar 

thiosulfate concentration without the cross-section correction shown in Figure S5. This calculation 

assumes that the differential cross section and anisotropy parameter of liquid water and solvated 

thiosulfate are similar. The impact on the results is small, leading to ~0.05 M higher thiosulfate 

concentrations, and the main result, that the measured molar thiosulfate concentration agrees 

with the concentration of the prepared 0.5 M solution, is still valid. Combining the results of both 

approaches shown in Figure S5A,B, we constrain the thiosulfate concentration of our most 

surface sensitive measurement as between 0.2 and 0.6 M.
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S3. Constraining [S2O32-(ads)]max Using DUV-SHG and APXPS Experiments

Given the uncertainty in the surface concentration of thiosulfate (0.2 to 0.6 M) measured with 

APXPS for a thiosulfate solution with a bulk concentration of 0.5 M (Section S2.3) we examine a 

range of values for the maximum concentration for adsorbed thiosulfate, . First, the [𝑆2𝑂 2 ‒
3 (𝑎𝑑𝑠)]𝑚𝑎𝑥

equilibrium constant for adsorption, , is calculated by where CW is the 𝐾𝑎𝑑𝑠
𝑒𝑞

𝐾𝑎𝑑𝑠
𝑒𝑞 = exp (Δ𝐺𝑎𝑑𝑠

𝑅𝑇 ) ∗ 𝐶𝑊, 

concentration of water (55.5 M), R is the universal gas constant, and T = 298K. We note that there 

is also some uncertainty in the Gibbs free energy for adsorption for thiosulfate, 

, measured in DUV-SHG experiments (Section 3.1 in the main text). For Δ𝐺
𝑆2𝑂2 ‒

3
𝑎𝑑𝑠 =‒ 7.3 ± 2.5𝑘𝐽/𝑚𝑜𝑙

simplicity, we use the average value (-7.3 kJ/mol), resulting in .  is then 𝐾𝑎𝑑𝑠
𝑒𝑞 = 19 [𝑆2𝑂 2 ‒

3 (𝑎𝑏𝑠)]𝑚𝑎𝑥

calculated by rearranging the Langmuir equation:

, (4)

[𝑆2𝑂 2 ‒
3 (𝑎𝑑𝑠)]𝑚𝑎𝑥 = [𝑆2𝑂 2 ‒

3 (𝑎𝑑𝑠)]𝑏 = 0.5 𝑀

𝐾𝑎𝑑𝑠 
𝑒𝑞 · 0.5 𝑀

1 +  𝐾𝑎𝑑𝑠
𝑒𝑞 · 0.5 𝑀

where  and  is the average value measured by APXPS (0.4 M), [𝑤𝑎𝑡𝑒𝑟(𝑏)] = 55.5 𝑀 [𝑆2𝑂 2 ‒
3 (𝑎𝑑𝑠)]𝑏 = 0.5 𝑀

the average value minus one standard deviation (0.2 M), or the average value plus one standard 

deviation (0.6 M). This results in  = 1.3 M, 2.7 M, and 4.0 M. Note that although [𝑆2𝑂 2 ‒
3 (𝑎𝑑𝑠)]𝑚𝑎𝑥

 should only have 1 significant figure, two are used here to avoid confusion due to [𝑆2𝑂 2 ‒
3 (𝑎𝑑𝑠)]𝑚𝑎𝑥

rounding. 

As shown in Figure S6, Deal, et al.1 found that  most closely Δ𝐺
𝑆2𝑂2 ‒

3
𝑎𝑑𝑠 =‒ 7.3 𝑘𝐽/𝑚𝑜𝑙

represents thiosulfate decay at pH 5 and pH 9 and  most closely represents Δ𝐺
𝑆2𝑂2 ‒

3
𝑎𝑑𝑠 =‒ 4.8 𝑘𝐽/𝑚𝑜𝑙

thiosulfate decay at pH 13. Thus,  values are benchmarked to experimental data [𝑆2𝑂 2 ‒
3 (𝑎𝑑𝑠)]𝑚𝑎𝑥

using two sets of kinetic simulations with  (Figure S7) and Δ𝐺
𝑆2𝑂2 ‒

3
𝑎𝑑𝑠 =‒ 7.3 𝑘𝐽/𝑚𝑜𝑙
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 (shown in Figure 3 in the main text). The results are discussed in Section Δ𝐺
𝑆2𝑂2 ‒

3
𝑎𝑑𝑠 =‒ 4.8 𝑘𝐽/𝑚𝑜𝑙

3.1 of the main text. 
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Figure S6. Model (lines) comparison to experimental data (points) as a function of ΔGads at each 
pH. Recreated with permission from Deal, et al.1 Copyright 2024 American Chemical Society.

Figure S7. Representative reaction kinetics for the ozone oxidation of thiosulfate (S2O3
2-) in pH 5 

(A,D,G), pH 9 (B,E,H), and pH 13 (C,F,J) solutions compared with simulation results using 𝛥G = 
-7.3 kJ/mol and three values for the maximum concentration of adsorbed thiosulfate (values 
shown in legend). Experimental data (points) are recreated from Deal, et al.1 with error bars 
representing one standard deviation in a set of 5 repeats. 
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Figure S8. Representative reaction kinetics for the ozone oxidation of thiosulfate (S2O3
2-) in pH 5 

(A,D,G), pH 9 (B,E,H), and pH 13 (C,F,J) solutions compared with simulation results using 𝛥G = -
4.8 kJ/mol and three values for the maximum concentration of adsorbed thiosulfate (values 
shown in legend). Experimental data (points) are recreated from Deal, et al.1 with error bars 
representing one standard deviation in a set of 5 repeats. Also shown as Figure 3 in the main 
text.

As stated in the main text, we find that the ΔGads = -7.3 kJ/mol simulations only recreate 

experimental data at pH 5 and pH 9 (Figure S7), while the ΔGads = -4.8 kJ/mol simulations with 

varying recreate the experimental data at all three pH values (Figure S8). [𝑆2𝑂 2 ‒
3 (𝑎𝑑𝑠)]𝑚𝑎𝑥 

Specifically, the simulated thiosulfate decay (Figure S8A,B,C black), trithionate production (Figure 

S8G,H blue), and tetrathionate production (Figure S8G purple) show excellent agreement with 

experimental data. The simulated sulfate production (red) also shows excellent agreement with 

experimental data at pH 5 (Figure S8G) but overestimates the amount of observed sulfate 

production at pH 9 (Figure S8H). This discrepancy at pH 9 is likely due to the high sulfur loss (Fig. 
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S8B, orange point), which the kinetic model does not account for. Comparing the simulated and 

experimental results for dithionite and sulfite is more complicated due to uncertainties in the 

concentrations for each of these species. Dithionite is not stable in aqueous solution, where it 

decomposes into sulfite and sulfate,36 meaning that calibration curves were not obtained for 

dithionite and the concentrations shown here are qualitative rather than quantitative. Furthermore, 

because dithionite decomposes into sulfite, the experimental sulfite signal at pH 9 (Figure S8E 

grey) may be skewed. Despite these issues, we find that the kinetic simulations do accurately 

replicate the kinetic behavior of dithionite (Figure S8D,E,F green). 

We note that although OH- is known to react with ozone, which could also explain the reduced 

thiosulfate decay observed at pH 13, the rate constant (< 100 M-1 s-1 or < 2 x 10-19 cm3 molec-1 s-

1)37 is ~6 orders of magnitude smaller than the rate constant for the reaction of thiosulfate with 

ozone (7.2 x 107 M-1 s-1 or 1.20 x 10-13 cm3 molec-1 s-1).3, 38 This means that almost all of the 

thiosulfate has to be depleted before the OH- + O3 reaction becomes competitive. Given that we 

still detect significant amounts of thiosulfate at long reaction times, we consider OH- + O3 as a 

negligible contributor to the reaction kinetics. We also note that although we model the pH as the 

same in the bulk and surface compartments, there is some evidence for enhanced acidity near 

the interface.39 While it is possible our modeling of pH is too simplistic, enhanced acidity at the 

interface likely does not explain the pH 13 kinetics as we would expect to see formation of 

trithionate or tetrathionate. On the other hand, there is some evidence that anion reactions with 

ozone are slower at the interface in highly alkaline environments.2 
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S4. DUV-SHG of Thiosulfate at pH 13

Additional DUV-SHG measurements of thiosulfate solutions adjusted to pH 13 were 

performed to uncover potential changes in the interfacial response. A suppression of thiosulfate 

ions at the interface would manifest as decreased SHG intensity and may exhibit a non-Langmuir 

response. Figure S9 displays the normalized SHG response of thiosulfate at pH 13 and at first 

glance the extracted ΔGads of thiosulfate appears to shift in agreement with the kinetic model. 

However, the uncertainty in these measurements remains large and the intensity of the SHG 

response is not significantly different than the pH 6 measurements. Why then does the alkaline 

environment data predict a less favorable free energy? Analyzing the data in Figure S9 closer, 

we find that the high concentration points significantly affect the value of the extracted free energy. 

This observation is highlighted in Figure S9B where we track the ΔGads as more points are 

included in the fit. Previous SHG studies observed increased SHG signal at high concentrations 

that was not well fit using a Langmuir model.40 This response was attributed to ion pairing effects 

that become more prominent with increased solute concentration.  The SHG response appears 

to shift away from a Langmuir shape and may be indicative of unfavorable ion-pairing 

contributions.

Additionally, studies indicate that hydroxide ions are repelled from the air-water interface and 

accumulate in a subsurface layer.12 It is unclear how this accumulated hydroxide layer may 

interact with co-solvated ions such as thiosulfate. Seki et al. saw an increased surface activity (< 

50%) in hydrophobic ions with the addition of co-solvated hydrophilic ions.7 Their work finds the 

addition of hydrophilic ions affects ion speciation across the interfacial landscape. This reasoning 

does not explain why the magnitude of the SHG response remains similar for pH 13 solutions 

since we would then expect a greater response from thiosulfate. Thus, while our data suggests 

that the ΔGads of thiosulfate at the air-water interface is less favorable with increased pH, we do 

not have the complete molecular details to explain this effect. 
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Figure S9. Normalized DUV-SHG response of sodium thiosulfate solutions at pH 13. A) DUV-
SHG response of thiosulfate fit to a Langmuir model exhibiting a less favorable ΔGads. B) The 
extracted ΔGads is recorded as high concentration points are included in the fit. For reference, a 
fixed ΔGads Langmuir fit is provided (solid blue line). 
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S5. Agreement Between Experimental Data and Kinetic Model Predictions

As shown by the dashed lines Figure S10D,E,F, restricting chemistry to the surface does not 

accurately capture the decay kinetics for dithionite (S2O4
2-, green) and results in negligible sulfite 

(SO3
2-, grey) formation. Note that although experimental results cannot distinguish between S2O4

2- 

and its conjugate acid, HS2O4
-, simulations suggest that [S2O4

2-] >> [HS2O4
-] at all pH values 

studied here. In Figure S10G,H,J, we see that restricting chemistry to the surface compartment 

produces a negligible amount of the expected final products in pH 9 and pH 13 solutions (Figure 

S10H,J), and no tetrathionate (S4O6
2-, purple) and too much trithionate (S3O6

2-, blue) in the pH 5 

solution (Figure S10G). On the other hand, restricting chemistry to the bulk compartment shows 

reasonable agreement with dithionite (S2O4
2-, green) kinetics (Figure S10D,E,F) and reasonable 

agreement with the final concentrations of final products at pH 5 (Figure S10G) but does not 

accurately capture the maximum dithionite concentration at pH 9 (Figure S10E), final product 

kinetics at early times at pH 5 (Figure S10G), or trithionate (S3O6
2-, blue) production at pH 9 

(Figure S10H). This suggests that the ozonation of thiosulfate in droplets formed from pH 5 and 

pH 9 solutions relies on both surface and bulk chemistry. 
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Figure S10. Contributions from surface and bulk chemistry to the ozone oxidation of thiosulfate 
(S2O3

2-) in pH 5 (A,D,G), pH 9 (B,E,H), and pH 13 (C,F,J) solutions. Experimental data (points) 
are recreated from Deal, et al.1 with error bars representing the standard deviation in a set of 5 
repeats. Simulation results include both surface and bulk reactions (solid lines), only surface 
reactions (dashed lines), or only bulk reactions (dotted lines). 

Table S3. Agreement Between Experimental Data and Kinetic Model Predictions 
Species Kinetic Role Surface Rxns Only Bulk Rxns Only Full Model
Thiosulfate 
(S2O3

2-; black)
Reactant Good Fair; too slow Good

Dithionite 
(S2O4

2-; green)
Intermediate Poor; does not 

capture decay 
kinetics

Fair; good kinetic 
agreement, does 
not always capture 
maximum 
concentration

Fair; good kinetic 
agreement, does not 
always capture 
maximum 
concentration

Sulfite 
(SO3

2-; grey)
Intermediate Poor; predicts 

negligible production
Poor; predicts 
minimal 
production

Fair; good kinetic 
agreement, does not 
always capture 
maximum 
concentration
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Sulfate 
(SO4

2-; red)
Final product Poor; good 

agreement at pH 5, 
predicts negligible 
production at pH 9 
and 13

Fair; good kinetic 
agreement at long 
times, does not 
capture kinetics at 
early times and 
overpredicts 
concentrations at 
pH 9 and 13

Fair; good kinetic 
agreement, 
overpredicts 
concentrations at pH 
9 and 13

Trithionate 
(S3O6

2-; blue)
Final product Poor; overpredicts at 

pH 5, predicts 
negligible production 
at pH 9

Fair; good 
agreement for pH 
5, predicts 
negligible 
production at pH 9

Fair; good 
agreement for pH 9, 
does not capture 
kinetics at early 
times for pH 5

Tetrathionate 
(S4O6

2-; purple)
Final product Poor; predicts 

negligible production
Fair; does not 
capture kinetics at 
early times

Good

S6. Comparison Between Modeled Kinetics and All Data Reported by Hsu, et al.41 

All experimental data in this section was recreated from Hsu, et al.41 and simulations were run 

using the same kinetic model described in the main manuscript and in Section S1. We note that 

our model deviates from the Hsu, et al.41 data for ozone concentrations <0.5 ppm (Experiments 

6-9). Given the large error bars for these experimental data sets and extremely slow thiosulfate 

decay it is possible that there are ozone sinks in the experiments that are unaccounted for. 

Alternatively, it is possible there are missing steps in our reaction mechanism, but it is difficult to 

determine what this might be given the agreement with other portions of the data set such as 

experiments 4, 14, 15. Taking the data set as a whole, we find reasonable to fair agreement 

between our simulation results and the Hsu, et al.41 experimental data. 



S26

Figure S11. Comparisons between the kinetic model from this paper (lines) and data from Hsu, 
et al.41 (points, experiments 1-6). The concentration of thiosulfate and gas-phase ozone are 
shown in the figures. All droplets were ~3 μm in radius. 
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Figure S12. Comparisons between the kinetic model from this paper (lines) and data from Hsu, 
et al.41 (points, experiments 7-12). The concentration of thiosulfate and gas-phase ozone are 
shown in the figures. All droplets were ~3 μm in radius.
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Figure S13. Comparisons between the kinetic model from this paper (lines) and data from Hsu, 
et al.41 (points, experiments 13-15). The concentration of thiosulfate and gas-phase ozone are 
shown in the figures. All droplets were ~3 μm in radius.
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S7. Levitated Droplets Experimental Schematic

Figure S14. Experimental schematic of the quadrupole electrodynamic trap (QET) and (inset) 
the open-port sampling interface (OPSI) to the mass spectrometer. Adapted with permission 
from Deal, et al.1 Copyright 2024 American Chemical Society.
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S8. Calculated Ozone Concentration Near the Interface

Figure S15. Calculated density of ozone (red) and water (purple) at the air-water interface. 
Recreated with permission from Prophet, et al.42 Copyright 2024 American Chemical Society.
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S9. 3-Compartment Model Comparisons for Figure 7

See Section S1.2. for descriptions of the 2- and 3- compartment models and see Section S1.3. 

for a general comparison between 2-compartment and 3-compartment models. In Figure S16, we 

show select examples from Figure 7 in the main text run with a 3-compartment model to ensure 

that the overall trends in product yields and surface reaction probabilities are not affected by the 

2-comparment approximation. The size of the reaction-diffusion compartment is set to reflect the 

reacto-diffusive length as calculated by Equation 16 in the main text. We see that the percent 

yield for each of the products calculated by the 3-compartment model (Figure S16A,B) is not 

significantly different than the percent yield for each of the products calculated by the 2-

compartment model (Figure 7A,B in the main text). We note that all the % surface reaction values 

calculated by the 3-compartment model (Figure S16C,D) are lower than the % surface reaction 

values calculated by the 2-compartment model (Figure 7C,D in the main text). However, the 

general trends with changes in r, [O3](gas), and [S2O3
2-]0 remain consistent with the conclusions 

gleaned in the main text. 
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Figure S16. Select 3-compartment model results for product distributions (A,B) and proportion of 
reactions occurring at the droplet surface (C,D) for a range of gas-phase ozone concentrations 
([O3]gas), initial bulk thiosulfate concentrations ([S2O3

2-]0), and droplet radii. Data not shown was 
not calculated with the 3-compartment model due to extensive computation time. 
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S10. Average Sulfur Oxidation States for a Range of Droplet Sizes and Concentrations

Figure S17. Average sulfur oxidation state for a range of gas-phase ozone concentrations, 
[O3]gas, (A), initial bulk thiosulfate concentrations ([S2O3

2-]0), (B) and droplet radii (indicated 
across the top of each panel. Note: The average oxidation state is broken down into 
contributions from each product. Contributions from SO4

2-, S3O6
2-, S4O6

2-, and SO2 are indicated 
by red, blue, purple, and orange, respectively.
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