
 

 

 

 

 

 

           

 

 

 

DDT C14H9Cl5    DDE C14H8Cl4    DDD C14H10Cl4 

MW(g/mol)  = 354.5   318.0     320.0 

 

log CW
sat

 (M) = -7.80              -6.90     -6.80 

Tm = 109.0    89.0     109.5 

Tb = n/a 

Log P (Pa) = -4.70   -3.20     -3.90 

 

Aqueous Solubility Prediction based on conceptual arguments: left to right: 3 (least soluble), 1, 2 

 

Reasoning: DDT is the biggest by a fairly substantial amount. Larger molecules force larger “ice” 

cavities, which disrupt Hbonds in water (enthalpy argument); moreover, both the “ice” and solute are 

more constrained (solute is trapped in “ice”, and “ice” exists) due to nonideal mixing effects (entropy). 

Hence, DDT should have the lowest solubility (see above, it does!). DDE and DDD are nearly identical in 

mass, polarity, polarizability. DDE is VERY slightly smaller (good for solubility), more rigid (also good 

for solubility b/c a) the molecules experience weaker “self-attraction” (i.e., attraction to itself in its own 

pure phase) so they are easier to isolate (smaller ΔH1) (notice, for example how much lower DDE’s Tm is 

as compared to the DDD’s) and b) because it is more rigid, it doesn’t experience as dramatic a drop in 

freedom/entropy when it becomes entrapped in the “ice” cavity. Both (a) and (b) would lead to DDE have 

slightly higher solubility. If you argued along these lines up until now, you are in great shape (you 

understand class material beautifully, would receive full credit on an exam, etc.)… but interestingly…if 

you look above, you’ll see that the experimental solubility for DDD and DDE are very close, with DDD 

actually winning out, not DDE as I/we would expect. I explain this by noting that 1) the rigidity 

differences between the molecules is subtle (1 double bond out of 27-29 bonds in the two molecules!?) 

and 2) that we often report solubilities in log units for a reason: namely, because they reflect a lesser 

certainty in the values. We know that such tiny solublities are difficult to measure, and we know 

experimental values are not perfect. In other words, our reasoning is sound – it’s just that the differences 

may well be too subtle to see in the experimental data, especially given the precision of our 

measurements. 

Summary: when all are nonpolar size dominates. 



   
3,3’,4,4’-tetrachlorobiphenyl  2,3,7,8-tetrachloro    2,3,7,8-tetrachloro  

 C12H6Cl4  dibenzo-p-dioxin C12H4Cl4O2  dibenzofuran C12H4Cl4O 

 

MW (g/mol) = 292.0   322.0     306.0 

log Cw
sat

 (M) = -7.47   -10.22     -8.86 

Tm = 180.0    305.0     227.0 

Tb = n/a     446.5     438.0 

Log P (Pa) = n/a   -6.70     -5.70 

 

Aq Solubility Prediction: left to right: 1 (most soluble), 3, 2 

 

Reasoning: the dioxin is a larger than the other two (MW-wise by a fair amount (16 g/mol) and by 

volume, too because of the ring shape – notice how the furan rings are pulled in to be more compact) and 

has the greater number of polar functional groups (ethers). As such, it requires both the largest energy to 

isolate a molecule from its own pure phase (larger ΔH1) and forces a larger water cavity, both of which 

would decrease its solubility. It is true that its greater polarity should help solubility, but the size issue is 

very often the dominant factor -- a net loss of more Hbonds just isn’t outweighed by 1-2 additional 

Hbonds afforded by the polar ether groups (consider that a water:water Hbond is stronger than a 

water:ether Hbond so it’s not an even trade). OK, so the dioxin should be least soluble (and experimental 

data  above agree). 

 

Now for biphenyl and the furan. The argument can go about like for the dioxin above. The biphenyl is 14 

g/mol smaller, but also smaller from a volume standpoint b/c of the ring, so it should be more soluble. 

The furan is more polar and more rigid which can help solubility, but again – the polarity means stronger 

self-attraction for the furan (bigger ΔH1; notice its much higher Tm as compared to the biphenyl) such that 

an additional Hbond or 2 due to the ether group is insufficient to offset its larger size. Experimental data 

agree.  

 

Summary: a sufficient size difference on already large molecules generally dominates over the presence 

of a polar group or two. Note: if the molecules we were talking about were much smaller, the addition of 

a polar group or two would be more important than it is here, b/c it would be represent a much larger 

fraction of the molecular surface area. 



 

 

    
Dimethyl phthalate C10H10O4  simazine C7H12ClN5 

MW (g/mol) = 194.2   201.7 

log Cw
sat

 (M) = -1.66   -4.55 

Tm = 5.5    226.0 

Tb = 283.7    n/a 

Log P (Pa) = 0.38   -5.07 

 

Aqueous Solubility Prediction: from left to right: 1 (highest sol), 2 

 

Reasoning: Sizes are similar, but the phthalate is smaller, which favors higher solubility from a “net 

reduction in water’s Hbonds” cavity-size point of view. Both molecules have important (both in their 

“magnitude of polarity” and number of polar groups relative to their overall size), but the phthalate cannot 

Hbond with itself, hence its ΔH1 term will be much smaller (favoring higher solubility) than simazine’s 

(notice how high simazine’s melting point is!). Straightforward, the phthalate will be much more soluble, 

which agrees with experiment. 

 


