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CHAPTER 5: WHY DO THINGS HAPPEN? 
 
 Once Lavoisier had come up with the idea of “elements” and Dalton had proposed that 
“atoms” existed and Cannizzaro had calculated accurate relative weights of those atoms, 
people could determine the composition of compounds. They finally figured out that water 
was H2O! But people still had no idea why a compound had the composition that it did. For 
example, they had no idea why hydrogen and oxygen could combine to make H2O (water) or 
H2O2 (hydrogen peroxide) but did not combine to form H3O2 or H2O3…. 
 
 The answer to why elements combine to form the compounds that they actually form 
begins with figuring out why anything happens…. 
 Why does your coffee cool off rather than get hotter? 

Why does your coffee cup fall rather than rising if you push it off your desk? 
 Why does the smell of bread baking spread out from your kitchen rather than 

 becoming more concentrated in the bread?  
 Why does wood burn but the stove that it is in doesn’t burn? 

   
 Somewhat surprisingly, the key to explaining all such things came from the study of 
the first: “Why do hot things cool off?” So let’s start there…  
 
5.1) Why is “temperature” not the same as “how warm something feels?”  
 

We should start by talking about temperature – that thing we’ve been assuming we sort of 
understand but which I warned you is a difficult concept… 
 

 Many high temperature things don’t feel very warm. The sparks from sparklers are 
~1100oC - but they don’t feel very warm. The molecules in outer space also have quite 
high temperatures, but if you could stick your hand out there, it would feel very cold.  

 

 Many low temperature things don’t feel cold. When you hop out of bed in the 
morning and plop your feet on the brick floor, it feels cold. But when you step onto your 
rug it feels warmer - even though they're both the same temperature!  

 

 Many things that are the same temperature as you are actually feel colder or 
hotter. If you pour some body-temperature alcohol onto your hand, it feels cold - even 
though it’s the same temperature as your hand! If you put one hand in cold water, one 
in hot, then plunge both of them into lukewarm water, one hand will tell you it’s hot, the 
other will feel cold. 
 

So what’s going on? 
 
5.2) Why isn’t temperature “How much heat something contains?”  
 

Until 1800, “heat” was thought to be a ‘thing’ – the so-called “caloric fluid.” After all, 
heat behaves a lot like a fluid:   

 
• it seemed to flowed from where there was a lot of it to where there was less 
• it seemed flowed faster through some materials than others 
• it seemed to be conserved (if something cooled, something else warmed) 
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In fact, “1 calorie” was originally defined to be the amount of “caloric fluid” that would increase 
the temperature of 1 gram of water by 1oC. One “British thermal unit” (BTU) was defined as 
the amount of caloric that would raise the temperature of 1 lb of water by 1oF. One BTU 
equals ~252 calories.  
 

But around 1798, Benjamin Thomson (aka Count Rumford) became bothered by 
drilling holes in metal cylinders to make cannons. He observed that as they were drilled, the 
cannons got REALLY hot - but they never got measurably heavier. He wondered if so much 
“caloric fluid” could really have such little weight. And how could one thing (the cannon) get 
hotter if nothing else was getting colder? Where could the needed “caloric fluid” be coming 
from? At first he thought that maybe it was squeezed out of the cannon by the drilling. But 
drills which gave different size shavings (i.e. different amounts of “squeezing”) gave about the 
same amount of heat. And if the caloric was being squeezed out of the cannon, why didn’t 
the cannon ever ‘run out’ of its caloric fluid? 

 
Thomson’s answer was amazingly simple: Maybe “caloric fluid” didn’t exist?  Maybe 

heat was actually a re-manifestation of the motion of the drill as some sort of internal, 
microscopic motion - even though the cannons overall appeared to not be moving. Maybe 
warmth was the sensation created by such microscopic movement. That could explain why  

 
• hot things weren’t heavier than cold things (because they had more motion, not 

more ‘stuff’) 
• cannons never ran out of caloric fluid (because the heat comes from the motion 

of drilling, not from stuff in the cannon) 
• it took more heat to heat things when they can expand (since some heat would 

go into doing work of expansion) 
 

Unfortunately, Rumford’s idea wasn’t widely accepted because he couldn’t predict the 
expected temperature rise from any motion that caused heating and he couldn’t explain 
things like how the sun’s heat could travel through the vacuum of space…but his ideas 
would, eventually, be accepted … 

 
3) What is “energy?”  
 

Around 1840 James Joule finally convinced people that heat was a 
form of “energy,” not a form of stuff 
 

Joule was born in 1818 into a wealthy English brewing family. From 
age 16-19 he was tutored by John “atomic theory” Dalton and grew up in the 
early days of electricity. While we will have much more to say about 
electricity in the next chapter, here it is enough to know 2 key facts: 

 
In 1827 Ohm developed “Ohms Law” that says that the amount of 
electricity that flows (the current = I) depends on the “voltage” (V) that 
“pushes” it and the resistance (R) through which it flows: I = V/R.  
 
In 1832, PIxii built the first “generator” – a way of mechanically generating electric 
currents by rotating a coil of wire in a magnetic field. 
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In the late 1830’s, Joule decided to use the newly popular “electricity” to replace steam 
as a heat source in the family brewery. After playing around with electrical heating for a bit, in 
1840 (at age 22) Joule developed “Joules Law:” the heat made by an electric current (I) 
flowing through a resistance (R) is proportional to I2R. That is: doubling the resistance that 
electricity flows through doubles the heat output but doubling the electric current quadruples 
the heat output… 

 
In 1843 (age 25) Joule related the work that it took to generate electricity to the 

heating that the electricity could produce. In fact, Joule was the first to define work as 
“exerting a force through a distance.” He also got to define the unit used to measure it:  

 
1 “Joule” = the work of exerting 1 Newton of force through a distance of 1 meter  
1 Joule ~ lifting 100ml of water through 1 meter 

How much work is done in lifting 100ml of water 1m? 
The 100ml of water has a mass of 0.1kg  
The force of gravity on 0.1kg at the earth’s surface = mg = 0.1 x 9.8 = 0.98 Newtons 
So to lift it, you need to apply a force of 0.98N  
If this force is exerted through a distance of 1 meter, W = 0.98x1 = 0.98 J  ~1J 

 
Of course today, there are many other common units of work: 
  

Unit Joule Erg 
Kilowatt 
hours 

Foot-lbs 
kilotons 
of TNT 

electron 
volts (eV) 

Liter-atm 

equivalence 1 107 2.77x10-7 .737 2.3x10-13 6.242x1018 .00987 

  
“Power” = the rate at which work is done or at which heat is transferred. Doing 1 
joule of work each second = 1 “watt” = 1 Joule/sec. (Names after James Watt – the 
“improver” of the steam engine.) A horse can do ~746 joules of work each second, 
which gives us the other common unit of power: one horsepower (hp) = 746 watts.   
 
Joule’s experiments showed that every 4.184J of working that went into 

generating electricity produced 1 calorie of heating (i.e. heated 1g of water by 
1oC).  
 

Six years later, in 1849 (age 31), Joule skipped the “generate electricity” 
part of his experiment and showed that if the work that turned his generator 
was used to turn paddlewheels, every 4.184 Joules of work still produced 1 
calorie of heating (heated 1g of water by 1oC).  

 
This result led Joule to proclaim the “mechanical equivalent of heat:”  

 
 4.184J of work = 1 calorie of heat 

 
Next came what may have been Joules’ most amazing insight: If “working” and 

“heating” were inter-convertible, they must both be examples of some other “thing.” 
Joule called this thing “energy” and defined it as “the ability to do work.” That is, energy = 
“the ability of something to exert a force through a distance.” And Joule said that the 
something’s “energy” was equal to how much “work” it could do.  
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That’s right, “energy” had been around forever, but nobody had ever noticed that it 
existed. How cool is that? Sort of makes one wonder what else may exist that just hasn’t 
been noticed yet, doesn’t it?  
 
4) What forms of energy are there?  
 

There are 4 common forms of energy (situations that can do work).   
 
Gravitational energy: Two masses m1 and m2 that are separated by a distance R can 

do work (i.e., they have “gravitational” energy). The work they can do (their energy)  
= -Gm1m2/R where G = 6.67x10-11 Nm2/kg2(the “gravitational constant”). Since G, m1, m2 and 
R are all >0, gravitation energies are negative. This is because “zero” gravitational energy is 
taken to be when objects are infinitely far apart. But as objects get closer together, they can 
do less work (they have less distance to ‘fall’) – so their energy must decrease. But if energy 
starts at zero and decreases as objects approach each other, it must be negative. This 
confusion doesn’t appear in intro physics where the “gravitational potential energy” of an 
object of mass “m” at a height “h” above the earth is usually given as “mgh” where g = the 
acceleration of gravity. This is correct because, while the -Gm1m2/R formula shows that 
energies are everywhere negative, it also shows that the energy increases by mgh when an 
object goes from a separation of r to a separation of r+h.  

 
Gravitational energies are pretty negligible in chemistry. If you plug in a typical atomic 

mass (~10-26kg) and a typical atomic distance (~10-10m), gravitational energies are very, very 
small: 

Egravitational ~-(10-11)(10-26)(10-26)/10-10 = -10-53 joules 
 
Electrical energy: Two electrical charges q1 and q2 (measured in “Coulombs” – which 

will be defined in the next chapter) separated by a distance R (in meters) can do work (i.e., 
have energy) = kq1q2/R where k = 9x109 Nm2/C2. Note that, as with gravitational energy, 
electrical energy  0 as R  ∞. If q1 and q2 have the same sign (both charges are negative 
or positive), electrical energy is >0 and gets larger as the charges approach. This means they 
can do more work as they approach – because their repulsion increases and can do more 
work as they can operate over a greater distance. If the charges have opposite signs, 
electrical energy is <0 and gets more negative as R decreases. This means the charges can 
do less work as they approach each other – because they attract each other and have a 
smaller distance over which they can exert their attractive force.   

 
Charges on atoms usually around 10-19 Coulombs. It’s not too hard to see that at 

atomic scales, electrical energies are much larger than gravitational energies: 
  

Eelectrical ~(1010)(10-19)(10-19)/(10-10) = 10-18joules = 1035 x gravity 
 

Kinetic energy: An object with mass “m” that is moving at velocity “v” can do work 
(i.e. has energy = “kinetic energy”). The amount of work it can do is given by = ½ mv2. 
Plugging in a typical atomic mass (10-26kg) shows that to have kinetic energy equal to a 
typical electrical energy, an atom would have to be moving at: 

 
  10-18 = ½ (10-26kg) v2  v = 14,000 m/sec ~ 30,000mph.  

 
Such speeds are only reached by atoms at high temperatures (~50,000oC).  
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Thermal energy: Hot things “have energy” because they can do work (exert a force 

through a distance) – though it’s a little hard to see how a hot thing can do work. The siplest 
way is to use it to heat up a gas, which will make the gas’ pressure increase, which can 
cause it to expand – i.e. exert a force through a distance. This is how a steam engine works. 
We will soon have much more to say about steam engines….   

 
5) What rules govern the behavior of energy?  
 

Joule’s insight that “working” and “heating” were both just ways of transferring “energy” 
led to his formulation of the “first law of thermodynamics.” This law has 4 parts: 
 

1) Energy (the ability to do work) is conserved. If something gains or loses energy, 
something else loses or gains energy. This should not be obvious, since we seem 
to be “using up” energy – but we’re not. 
 

2) Energy (E) can only be transferred through work (W) or heat (Q): E = W + Q. 

This says that something’s energy change (E) = the work done on it (W) + the 
heat absorbed by it (Q). If something does work, W <0 and if it loses heat, Q<0.  
 

3) E is independent of how a process happens. This means that E only depends 
on what state something is at, not how it got there, Energy is said to be a “state 
function.” This means that if something changes from one state to another, the 
change in its energy is independent of how that change occurs. A donut releases 
the same amount of energy if it’s burned on a grill or digested in your body.  
 

4) While E is independent of how a change happens, the amounts of energy 
that appear as work and heat do depend on how the change happens. If 
gasoline is burned in an open barrel, most energy appears as heat. If gasoline is 
burned in a car engine, some of the energy appears as heat and some as work.  

 
Today, conservation of energy is one of 3 laws governing the conservation of various 

aspects of motion: 
 
1) Conservation of energy (+mass: E = mc2) is equivalent to saying that the 

 outcome of an experiment is independent of when you do the experiment. This 
means that physical laws now = physical laws a long time ago and in the future 
 

2) Conservation of momentum (=mass x velocity) is equivalent to saying that the 
 outcome of an experiment is independent of where you do  the experiment. 
This means that the same physical laws hold throughout the universe 
 

3) Conservation of angular momentum (= mass x velocity x radius) is equivalent 
to saying that the outcome an experiment is independent of the direction you 
face as you do the experiment.  
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6) So what is temperature?  
 

An object’s temperature indicates its ability to change the “energy” of another 
object without “doing any work” on it 

 
OK, this isn’t the way most people define temperature. But then chemists are a little 

odd in lots of ways…  
 

If you exert a force through a distance on something (ie. do work W=F•d), then the 

thing that you work on either speeds up, is moved further from something that’s attracting it or 
gets warmer. In either case, it can do more work than before you worked on it, so its energy 

(E) has increased by an amount E = W.  
 
But an object’s energy (the work that it can do) may also increase with no work being 

done on it. For example, if you gently touch an object to a cylinder which contains a gas, the 
pressure of the gas sometimes increases - so it’s ability to do work (exert a force) increases, 
so its energy increases – all with no work having been done on it. What do we call the 
property of an object that can increase the energy of another object (like the gas in the 
cylinder) without doing work on it? We call this property “having a higher temperature.” And 
what do we call the process by which the gas’ energy is increased? We call it “being heated” 

by an amount Q and E =Q. 
 

If an object A can increase the energy of an object B without doing work on it, A is said 
to have a “higher” temperature than B. 
 

Caution: this is tricky… “being heated” is not the same as “getting warmer:” 
 

An object’s temperature can increase (it can become able to increase the 
energy of something without doing work on it) without its being heated  

• e.g. by having work done on it 
 

An object can be heated (have its energy increased without having work done on 
it) without increasing its temperature  

• e.g. ice melting 
 
7) How is temperatures usually measured? 
 

If temperature measures the ability of things to transfer energy without doing work, 
how can we measure the temperature of something? Well, we could have a bunch of 
“standard things” and bring “our thing” up to them in a way that does no work and see which 
ones get their energy raised and which ones don’t – and use that to figure out how the 
temperature of our thing compared to our standard temperatures. Fortunately, there’s an 
easier way: as the ability of something to increase the energy of another thing without 
doing work on it (its temperature) increases, it almost always expands. We saw this back 
in chapter 1. To refresh your memory, here are the “coefficients of volume expansion” (k) of 
materials discussed back there. (= the fraction that their volumes increase per 1oC 

temperature rise): V/V = kT 
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Here are some coefficients of thermal volume expansion:  
 
air & most gases   ethanol  mercury aluminum iron   flint glass  Pyrex glass 
.003670                 .001100 .000180 .000075 .000036 .000027     .000009 

 
 

 
From this data you can see that if you warm a Pyrex glass tube that’s filled with air, 

alcohol, water or mercury, the liquid will expand more than the tube and so the liquid will rise 
in the tube. So, all that’s needed to make a “thermo-meter” is to scratch lines into such a 
glass tube and label them with numbers. What numbers go where is arbitrary and over the 
years different folks have used different “scratch” systems: 

 
The first such thermo-meter that we know of was made by Philo of Byzantium in the 

2nd century BC. He took a hollow lead sphere connected 
with a tight seal to one end of a pipe, the other end of the 
pipe being under water in another vessel To quote Philo: 
“…if you expose the sphere to the sun, part of the air 
enclosed in the tube will pass out when the sphere 
becomes hot. This will be evident because the air will 
descend from the tube into the water, agitating it and 
producing a succession of bubbles. Now if the sphere is 
put back in the shade, that is, where the sun’s rays do not 
reach it, the water will rise and pass through the tube …” 
“No matter how many times you repeat the operation, the 
same thing will happen. In fact, if you heat the sphere with 
fire, or even if you pour hot water over it, the result will be 
the same.” A similar thermometer was re-invented by 
Galileo around 1603. Unfortunately, thermometers 
like these whose reservoirs were open to the air 
were also affected by changes in air pressure and so 
were of limited value. It wasn’t until the 1630’s, that 
liquid in sealed-glass thermometers appeared.  

 
 
In 1701 Newton published the first study of a 

wide range of different temperatures (spanning over 
600oC). His scale used 18 fixed points based on the 
melting and freezing points of alloys of Pb, Sn, Bi 
and Sb. The table to the right gives his values as well 
as modern Celsius values:  
To measure temperatures between the ice point and 
point “M” (the “tin point” = 232oC) Newton used a 
thermometer with linseed oil in glass. To measure 
higher temperatures Newton placed small samples of 
metals onto a thick piece of iron that was heated to 
red hot and measured the time it took for the metals 
to solidify. (Longer times = lower melting points). He then used his ‘Newton’s law of cooling’ 
to convert from time to temperature.  
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 In 1720, the first really good thermometer (using mercury in a tube of uniform cross-
sectional area) was made by Gabriel Fahrenheit. He scratched 100 evenly spaced marks between 

the freezing point of water-saturated-with-salt (which he called “0") and body temperature (which he 
called “100").  

 
In 1741, Anders Celsius scratched 100 evenly spaced lines between the freezing point of 

pure water (which he called “100") and pure water’s boiling point (which he called “0"). In 1744, 
Linnaeus suggested switching the “0” and the “100” to where they are today. 

 
By 1772, there were many competing temperature scales:  
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In 1848, Lord Kelvin graphed the decreasing pressure of a sealed sample of a gas as it was 
cooled in a series of dry ice + solvent slush baths: 
 
 

 
 
 
 
 
 
 
 
 

 
 
 
Kelvin defined his “0" to be the temperature at which 
the gas would have “zero” volume - if it continued to 
shrink linearly. He left the size of his unit the same as 
what Celsius used. On his scale, the freezing point of 
water came out to be 273.15 Kelvins. (When using 
this scale, it’s conventional to just say “Kelvins,” not 
“degrees Kelvin.”)      

 
This chart compares these three common 
temperature scales (bold #s = defining points).  
 

 
 
 

      ACTIVITY 5.1 
 
1) Consider a steel block that’s 10cm x 10cm x 10cm at 20oC By how many cm will each 
edge expand if the block is warmed to 100oC? to 1000oC? 
 
2) How much will sea level rise if the world’s oceans are warmed by 1oC? (Ocean area = 
3.6x1014m2, average ocean depth = 3740m, seawater’s coefficient of volume expansion = 
3x10-4/oC)  
 
3) How far will the earth’s 30,000ft thick atmosphere expand if it’s warmed 1oC? (Aerospace 
engineers are actually concerned about how global warming may slow (and harm) satellites 
due to increased air friction from an expanded atmosphere.)  
 
4) How does the chart in this section explain why Pyrex rather than soda glass is used in 
applications involving large temperature changes? 
 
5) Why is life that’s based on water better able to deal with temperature changes than a life 
based on alcohol? (i.e., these as intercellular fluid - not as beverages.) 
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8) How do you convert from one temperature scale to another? 
  
 It’s easy to convert between Kelvin and Celsius, because the two scales have units of 
equal size – only their zero changes: K = oC + 273.15. 
 
 It’s harder to convert between oF and oC because  

a) their zeros are different: 0oC = 32oC and 
b) their units differ in size: it takes 100oC to go from freezing water to boiling 

water but it takes 212-32 = 180oF to cover the same range. This means that 
each oF is smaller than a oC. Each oF is 100/180=5/9ths as big as each oC. 

 
 To convert from oF to oC you must do two things: 

a) subtract 32 from your oF to account for the fact that 0oC = 32oF  
b) multiply the remaining oF by 5/9 since each of those oF = 5/9th of a oC 

 That is:  
        TCelsius = (TFahrenheit - 32)x5/9      
 
 To convert from oC to oF, you need to figure out how many oF you are above the 
freezing point of water (= 9/5 x oC) and then add 32o to account for that being the freezing 
point on the Fahrenheit scale:   
 
   TFahrenheit = (TCelsius x 9/5)+32  

 
Note: these formulas convert a temperature in one scale to a temperature on 
another scale. But a Celsius degree is the same size as a Kelvin and 212 
Fahrenheit degrees are the same size as 100 Celsius degrees (or 1 Fahrenheit 
degree = 100/212ths = 5/9th of a Celsius degree). That is, it takes the same 
amount of energy to warm something by 1oC or by 1K, but only 5/9 as much 
energy to warm something by 1oF)  

 

ACTIVITY 5.2 
 

1) Arrange these metals in order of increasing boiling points: 
  Pt (3827oC)  Au (3239K)   Ag (4014oF) 
 
2) (THIS ONE IS HARDER, AND OPTIONAL) Devise an equation for converting from oC into 
the Don scale (oD) which is defined by: 
  -20oD = 0oC    200oD = 100oC 
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9) Are thermometers really as simple as they seem?  
 

No, thermometers are actually a lot more complicated than described above (in at 
least 7 ways)... 
 
i) Materials don’t really expand linearly with temperature. Yeah, I know I said they did – 

that whole V/V=kT thing. But I lied. Or, rather, I “approximated.” Over small T, things 

expand linearly, but over larger T’s, things get non-linear. This means that you can’t really 
evenly space your “degree lines” between your “fixed points.” Some materials (like mercury) 
are more linear than others - that’s one reason mercury is preferred for accurate 
thermometers. (The graph below has thick real curves and thinner roughly straight lines.) 

 
ii) It isn’t clear how much fluid you should put in your thermometer:  
 

If V/V = cT, then V = cVT. That is, you’ll get a larger V if you use a larger V. (The 

total V is the sum of the Vs of each part of your V of fluid – so the more little parts 
you have, the greater the total expansion you get.) Thermometers get more accurate 
the larger the volume of fluid in them.  

 
If Hg expands ~10-4/K and you want an r=0.1mm column of it to rise 1mm/K,  

V = r2h = 0.03mm3 = 10-4*V so V should = 314mm3 = 0.3cm3  
  

But if you stick a thermometer into something with a different temperature, the 
thermometer will slightly change the temperature of the thing being measured – and 
this will increase as your thermometer gets larger. So….you need to use as small a 
thermometer as possible and to be aware of its possible effect on the object being 
measured. But this need conflicts with the previous goal of increasing the amount of 
fluid used to increase its expansion. Obviously a compromise is needed.  

 



CHAPTER 5: WHY DO THINGS HAPPEN 
PAGE: 12 

iii) It isn’t obvious how much of your thermometer should be in contact with what’s 
being measured. 
 

If you only expose the thermometer’s tip, only the fluid there will expand. The fluid not 
in contact with the object being measured will not change its volume. The fluid won’t 
rise as much as if you exposed the whole thermometer (and all of the fluid expanded).  

 
This is why thermometers are either specified as “total immersion” or have “immersion 
lengths” marked on them - indicating the amount to expose to the object of interest.  
 
When a total immersion thermometer is used with a portion of 
its fluid at a different temperature from the bulb, an “emergent 
stem correction” must be applied to correct for the part of the 
stem that has emerged from the thing being measured.  
The reading: Tc = To+ K x n(To-Tm) where 

     Tc = corrected temperature   
     To = observed temperature 
     Tm= average temperature of fluid column of n degrees 
       n = number of degrees above the surface of the medium 

    K = differential expansion coefficient in the thermometer (The value of K for mercury 
filled thermometers is 0.00016 for Celsius scales and 0.00009 for Fahrenheit scales.)  

 
For example, say a total immersion thermometer indicates the 
temperature of an oil bath is 176oC.  Say the thermometer is 

immersed to the 20oC position so the length of the emergent 

column is 156oC. Say the average temperature of the emergent 

column (i.e. the air around it) has been measured at 50oC. 
Then the “corrected” temperature would be:            

 T = 176 + 0.00016* 156(176 - 50) = 176 + 3.14 = 179.14oC 
The same process can be applied a 2nd time to this estimate:  

  T = 176 + 0.00016 *156(179.14 - 50) = 176 + 3.22 = 

179.22oC 
The more times you repeat this, the better your estimate 
 becomes.   

 
iv) It isn’t obvious what should be in the space above the fluid in 
a thermometer: 
 

If there’s air above the fluid, it will compress as the fluid rises, increasing the pressure 
on the fluid and compressing it - making it rise less than it would without the air. And 

you’ll also have to deal with the effect of any T on the pressure of the air.  Even if the 
air was removed before sealing the thermometer, the space will be filled with vapor 
from the fluid and as T increases, more of the liquid will evaporate, increasing the 
pressure, causing some compression and some increase in non-linear expansion. 
Again, this is minimal with mercury (it vaporizes much than alcohol) - but it needs to be 
considered in precise work.  
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v) It isn’t obvious if you should 
believe a thermometer. 
 

If you measure room 
temperature using a bunch of 
thermometers, you’ll probably get a 
variety of readings. Thermometers 
need to be calibrated by comparing 
their readings to known values. 
Here’s a typical calibration report: 
 

You can see that the thermometer’s 
reading was 0.04oF too low at 88oF, 
and 0.02oF too high at 70oF. This 
illustrates that needed corrections 
usually vary with temperature.  
  
 
 

vi) It isn’t obvious that there are any temperatures which are “always the same” and 
can be used to calibrate a thermometer.  
 
For example, “boiling water” is often used to set T = 100oC. But you need to be careful: 
 

-If you heat your water too quickly, you may “superheat” it. Water can actually reach 
140oC before starting to boil! 
 
-Don’t use the T at which bubbles first appear (those are usually bubbles of air, not of 
boiling water). Get your water to a boil & wait a bit & then record the temperature. 
 
-The temperature at which water boils varies with atmospheric pressure. It boils at 
~94oC in Denver (where P=.8atm) 
 
-Make sure you use clean water. Water’s boiling point rises if stuff is dissolved in it.  

 
vii) It isn’t obvious how to measure a temperature above the boiling point or below the 
freezing point of the liquid in your thermometer (for mercury: -38.7oC & 357oC). 
 
You can use other fluids. The "Red Spirit" in some thermometers is usually Kerosene – with a 
fp = -20oC, bp = 150oC. Its useful range is less than mercury’s. The "Blue Spirit" is often iso-
amyl-benzoate bp=260oC). Or you need to switch to electrical or other methods. 
 
  

ACTIVITY 5.3 
 

If you completely immerse a thermometer in a fluid to record its temperature when the 
thermometer is only meant to be partially immersed, will your observed temperature be 
higher or lower than the fluid's actual temperature? Explain your reasoning. 
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10) Do temperatures follow any laws like energy does? 
 

Left to themselves, things come to the same temperatures. This is sometimes 
called the “zeroth law of thermodynamics” – and was first proposed by Joseph Black in the 
mid 1700’s:  
 

“If we take 1000, or more, different kinds of matter, such as metals, stones, salts, 
woods, cork, feathers, wool, water … although they be all at first of different heats, let 
them be placed together in the same room without a fire, and into which the sun does 
not shine, the heat will be communicated from the hotter of these bodies to the colder, 
during some hours perhaps … at the end of which time, if we apply a thermometer to 
them all in succession, after the first to which it is applied has reduced the instrument 
to its own temperature, none of the rest are disposed to increase or diminish the 
quantity of heat which that first one left in it. This is what has been commonly called an 
equal heat… I call it the equilibrium of heat” 
 

Here Black was confusing temperature with heat. In the next section, you will see that while 
things come to equal temperatures, they do not end up containing equal amounts of heat.   
 
11) How much energy does ittake to increase the 
temperature of 1g of something? 
 

Black was also the first to realize that something’s 
temperature did not indicate ‘how much heat’ was in 
something. (At this time, people still thought of “heat” as “caloric 
fluid.”)  As he put it: 
 

 “It was formerly a supposition that the quantities of heat 
required to increase the heat of different bodies by the same 
number of degrees were directly in proportion to the quantity of 
matter in each … But very soon after I began to think on this 
subject I perceived that this opinion is a mistake, and that the 
quantities of heat which different kinds of matter must receive to 
reduce them to an equilibrium with one another, or to raise their 
temperatures by an equal number of degrees, are not in 
proportion to the quantity of matter of each, but in proportions 
widely different from this, and for which no general principle or 
reason can yet be assigned” 

 
One calorie was defined to be the amount of heating that 

warms 1 g of water by 1oC. But it takes different amounts of heat 
to warm 1g of other things by 1oC (1K). (See the chart to the 
right.) These amounts of heat are known as the “specific heats” of 
different materials. (“Specific” usually means the amount of 
something to produce a certain response in 1 gram of 
something.)  
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Activity 5.4 
 
Why do you think it takes more heat to warm up a gram of some materials vs others? For 
example, hydrogen & helium are very simple substances- yet they require the most energy to 
be warmed up. Why might this be?  
 
 
What’s going on here: specific heats increase as the # of ways that a substance can absorb 
energy increases. Temperature reflects the kinetic energy of the particles in stuff – but energy 
is always evenly distributed over all possible forms (e.g. rotations, vibrations, etc). So the 
more ways something can absorb energy, the more energy must be added to increase the 
kinetic energy by a given amount – so the greater the specific heat.  
 
12) What if you’re interested in heating or cooling more or less than 1 gram of stuff? 
 

From the definition of specific heat (c), it follows that the heat (Q) needed to change 

the temperature of a mass (m, in grams) by an amount T (in oC) is given by  

Q = mcT 
 

This Q = mcT formula is basically just a units conversion. It says that the amount 
of heat needed to warm up something by a given amount (Q) is the amount of heat needed to 
warm one gram by one degree (c) x (how many grams you’ve got (m)) x (how many degrees 

you want to warm it (T)). It’s a very useful equation because it relates the amounts of heat 

gained or lost by something (Q) to the resulting temperature change of the thing (T). It’s the 
equation to use whenever you want to know how much something must be heated or cooled 
to achieve a given temperature change or what temperature change will be caused by a given 
amount of heating or cooling.  
 

You can read this as saying that the amount of heat (Q) required to warm something 

by an amount (T) depends on the object’s mass (m) and its specific heat (c): larger objects or 
objects with larger specific heats require more energy.  Alternatively, you can rearrange this 

equation to get T = Q/mc which says that the amount that something’s temperature changes 

(T) increases as its mass or specific heat gets smaller.  
 

 The concept of specific heat was quite amazing.  
 

ACTIVITY 5.5 
 

a) What mass of 150
o
F water is needed to warm the air in an 8'x12'x10' room from 45

o
F to 65

o
F? (Assume the 

water also ends up at 65
o
F.)  

 
b) How long will it take for a 500 watt (500J/sec) heater to warm the 250 gallons of water in a hot tub from 40

o
F 

to 103
o
F?  

 
c) Suppose you have a gas stove with a burner that delivers 16,000 BTU/hr. How long will it take to heat 2 
quarts of water from 25C to 100C? How long will it take to heat 2 quarts of vegetable oil (specific heat = 2J/gK) 
from 25C to 100C?   
 
d) How many wash cloths, each containing 25g of 5

o
C water will it take to cool an 80kg person from 103

o
F to 

99
o
F? 
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e) How much will a 1200C, .01g iron spark (from a sparkler) warm up the 1cm
3
 of your hand where it lands? 

(Assume that your hand is pure water) 
 
f) How much energy will go into the air, walls and furnishings of a room as they are warmed from 15

o
C to 20

o
C? 

Assume that the room is 4m x 5m x 3m, that 1m
3
 of air has a mass of 1100g, and specific heat of 1.01J/g, that 

the walls are 1cm thick sheetrock (gypsum, specific heat = 1.09J/gK, density = 2.31g/cm
3
) and that the room 

contains 3 chairs and a table - each of which contains .5m
3
 of wood (specific heat = .42J/gK, density = .5g/cm

3
) 

 
g) Why do the coasts of continents experience less extreme temperatures than the interiors of climates? What 
do you think the climate was like in the interior of Pangea (the supercontinent ~250 million yeas ago when all of 
today’s continents were assembled as one)? 
 
h) Assume that most of the energy of the asteroid whose impact is thought to have ended the reign of the 
dinosaurs eventually ended up warming the oceans. By about how much would the oceans have warmed? 
(From Consider a Spherical Cow) Assume: 
   a) asteroid was a sphere with diameter ~5km 
   b) asteroid density was ~3g/cm

3
 

   c) the asteroid was moving at v = 200m/sec 
   d) the asteroid’s energy was its kinetic energy (=½ mv

2
 : kg & m/sec  energy in joules) 

   e) the oceans have a volume of ~3x10
8
km

3
, density = 1g/cm

3 
and specific heat of 4.18J/gK 

 

 
13) How is “thermal conductivity” different from “specific heat?” 
 

The reason that (cold) slippers feel warmer than an equal temperature concrete floor is 
that the slippers are poorer conductors of heat. Once your feet have lost enough heat to warm 
the inside of your slippers to body temperature, you need to only lose additional heat to 
replace the tiny bit transmitted by your slippers to the cold floor. On the other hand, the floor 
rapidly conducts heat away from its surface near your feet, keeping it cold, so you need to 
give off more and more heat in a (mostly) futile attempt to warm the floor.    
 

Thermal conductivity is usually described in terms of the units of the heat (Q=Joules) 
transmitted through unit thickness (d, cm) per unit area (A, cm2) per unit time (t, sec) per unit 

temperature difference (T, K) temperature difference. That is Q = c*t*T*A/d 
  

 Here are some thermal conductivities: 
    J*cm/(sec*cm2*K)  

          Nitrogen .000234 
                     oxygen .000238 
  gasoline .0017  
  water  .005  
  granite .034  
  mercury .08  
  lead  .35  
  iron  .80  
  tungsten 1.74  
  carbon 1.29  
  aluminum 2.37  

  copper 4.01  
 
 
 
 

d = 1cm 

T = 1 oC 

1cm 2

heat flow

d = 1cm 

T = 1 oC 

1cm 2

heat flow
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ACTIVITY 5.6 
 
a) How long would it take to melt a 10cm3 ice cube sitting on a 1cm x 10cm x 10cm block of 
aluminum in a 25oC room? (This is the basis of the “Miracle Thaw” product sold on TV for a 
few years - until the FTC stopped it - thawing food at room temperature is not safe.) 
 
b) Why can you boil water in birch bark over an open fire without the bark catching on fire? 
 
c) Many people believe that as air rises, it cools because it loses heat to the surrounding air. 
This isn’t true. Why should the above chart help you realize this? (Rising air actually cools 
because as the pressure around it decreases, so it expands, doing work on the surrounding 
air & thereby losing energy which cools it off.)  
 
d) Why are the insulating tiles on the space shuttle a loose lattice (with lots of empty space)? 
What’s in the empty space when the shuttle is in orbit? Is what’s there a good insulator?  
 
e) Why does it only take 3.5 minutes/lb to deep fry a turkey, but ~15minutes/lb to bake one in 
your oven? (Both the oven & the oil are ~350oF) 
 

What’s going on here? A high thermal conductivity reflects a good ability of a material 
to transfer molecular energy from one molecule to its neighbors. Metals conduct heat 
best - they contain many very fast moving, light weight electrons. Conduction is slowed 
by impurities (e.g. the Ni, Cr, etc. in stainless steel makes stainless a much poorer 
conductor than copper or cast iron). Nonmetal solids conduct heat by vibrations = 
slower than metals’ electrons. Solids like plastics have weak molecule-molecule 
connections, making them really poor conductors (good insulators). Liquids have 
poorer connections than solids = poorer conductors (as we’ll see, water has more 
molecule-molecule connections, making it a bit better than other liquids). Gas particles 
must collide = very slow transfer.  

 
14) How much work can be turned into heat – and visa-versa?  
  

Joule’s equivalence that “1 calorie of heating = 4.184 Joules of working” is an odd one. 
Usually, equivalence factors “go both ways.” For example, a distance of 1 inch = a distance of 
2.54 cm and a distance of 2.54 cm = a distance of 1 inch. Heat and energy are a bit different. 
While 4.184 joules of work can be completely transformed into 1 calorie of heating, 1 
calorie of heating cannot be completely transformed into 4.184 Joules of work - 
although for each 4.184 Joules of work that you do get from heat, you do use up 1 
calorie of heat. This is subtle, but very important.   
 

I think this situation is sort of like money flowing to and from a tax-free charity. If I give 
a charity $1000, they get to keep it all. (100% of work  heating.) But if a charity pays 
me $1000, I only get $700 because our friendly US government takes its 30% tax cut. 
(<100% of heating can  work).  
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The standard way to illustrate this asymmetry between heat and work is to picture 
some heat being used to do work by expanding a gas in a piston (as in a steam engine). The 
3 pictures below demonstrate how a steam engine operates. On the left, water (red) is heated 
and the steam (red) is let into a cylinder, where it does work by forcing its piston upwards 
(middle). Then some cool water (blue) is let into the cylinder, where it cools the steam, 
condensing it, decreasing the pressure and allowing the outside air to push the piston back 
down, forcing the condensed steam out to the right.   

 
In order to continue doing work, 

the gas in the piston must be re-shrunk so 
that it can be re-expanded. But shrinking 
the gas requires cooling it off (such as by 
pouring cold water over it). But this means 
that some of the thermal energy that 
originally went into expanding the gas 
ends up warming up the cold water- it 
can’t all have gone into work: 
 

 
Somewhat amazingly, the amount of cooling that it takes to condense the steam and 

allow the piston to move downward is less than the amount of heating it takes to vaporize the 
water to push the piston upwards. The difference is the amount of energy that can appear as 
the work of the engine. In 1824, in what some consider the most original scientific thought 
ever, Sadi Carnot figured out that the maximum work can be obtained when the heat is 
absorbed and released “reversibly” (i.e., at an only slightly higher or lower temperature than 
the cylinder). This maximum % of the original heat that can appear as work is given in terms of 
the Kelvin temperature of the heat source (TH) and the Kelvin temperature that the piston is re-
cooled to (TC):  
 
 
      

For example, such a “reversible” engine running with varying hot temperatures (TH’s) 
and with TC=25oC (298K), gives the following maximum possible efficiencies: 
 
  TH (K) =   400 500 1000  2000 3000 
  max effic=  25%  40%   70%  80%    90% 
 
 Notice how efficiencies improve as the temperature of their heat source increases. 
This is a major reason why many people are working on developing ceramic car engines – 
because ceramics can withstand higher temperatures than metals & thus achieve higher 
efficiencies. 

x100
T

TT

in heat

out work
  efficiency % maximum

H

CH 
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Note: this is the maximum efficiency that you can achieve assuming that you 

have a perfect engine (zero friction, etc.). This efficiency (Wout/Qin) is not <100% because of 
friction or other “imperfections” in your engine. This efficiency is a profound result of the nature 
of heat flow. This maximum efficiency (Wout/Qin) is often called an engine’s “1st law 
efficiencies.” An engine that achieves its maximum “first law” efficiency is, in some sense 
actually 100% efficient (it’s as good as it can be). This second meaning of efficiency (what % 
of its maximum efficiency it actually achieves) is called the engine’s “the 2nd law” efficiency.  
 
 

ACTIVITY 4.7 
1) What is the 1st law efficiency of a steam engine running at TH = 2000oC and TC = 25oC?  
 
2) What is the second law efficiency a steam engine running at TH = 2000oC and TC = 25oC if 
it produces 2.5Joules of work for every 1 calorie of heat that flow from the hot reservoir to the 
cold reservoir?   
 
 
15) Why is the maximum efficiency of a steam engine what it is?  
 

In 1854, Rudolf Clausius showed that Carnot’s formula for the maximum possible 
efficiency of a steam engine was equivalent to saying that in one complete heating/cooling 
cycle of a maximally efficient engine, the sum of the heats absorbed or lost by the 
engine (QH, QC) divided by the temperatures (TH, TC) at which the heats were gained or 
lost is zero. That is: 
  

  Q/T = 0 ( = capital Greek “sigma” stands for the sum of whatever comes after it) 
 

For example, say that you’re running a perfect engine at TH = 1000 and TC = 300. Your 
maximum possible efficiency = (TH-TC)/TH = (1000-300)/1000 = .70 = 70%. So if you put 100 
units of heat into this perfect engine at TH=1000K, and you then cool it to TC=300K, you get 
out 70 units as work and 30 units as waste heat. But this means that (QH/TH) = (100/1000) 
=0.1. But also (QC/TC) = (-30/300) = -0.1 so the sum of these Q/T’s is zero!  
 

Clausius realized that when the gas was carried through its heating & cooling cycle, 
the sum of the changes of any other properties (such as the gas’ volume, the gas’ 
temperature or the gas’ energy) was also zero. But since the sum of reversible changes 
in Q/T was also zero, it too must represent the change in some property of the gas. 
Clausius called this property the “entropy” of the gas (from the Greek for ‘change’ as in 
troposphere). In 1865, he gave entropy it’s commonly used symbol:  
 

entropy = S = Q/T (units = Joule/Kelvin) 
 

Entropy = a property which changes with heat flow – a change equal to the amount of 
heat that flows into/out of a material divided by the Kelvin temperature of the material.  
 

A material’s entropy is probably its most important property because:  
 

All spontaneous changes cause an increase in the entropy of the universe 
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It’s easy to calculate the entropy change for a process that only involves reversible heat flow:   

 
Suppose Q units of heat flows from some THot to some TCold (THot >TCold)   

The entropy change of the cold place is S = +Q/TCold  

The entropy change of the hot place is S = -Q/THot  

So the total entropy change of the process is S = Q/TCold - Q/THot.  
But because THot > TCold it follows that Q/THot < Q/TCold  
So the total entropy change for the process is >0.  
 

This was amazing. Here was a reason why heat flowed from hot to cold. Here was a 
criterion of spontaneity. In Clausius’ words: 
 
 “The energy of the universe is constant. The entropy tends toward a maximum.” 
  

In time, this principle would extend far beyond heat flow to explain all spontaneous processes. 
 
    "All spontaneous changes cause an increase in the entropy of the universe: ΔS > 0"  
  
    THIS IS IMPORTANT and is known as the 2nd law of thermodynamics.  
 
The 2nd law of thermodynamics explains  
  

-Why does hot water dissolve the caffeine in your coffee but not your coffee cup? 
 -Why does coffee smell like coffee? 
 -Why is your coffee acidic? 

-Why does your coffee cup break when it falls on the floor?  
-Why does your coffee spread over the floor? 

 -How much energy does it takes for you to curse at having broken your favorite cup? 
 -Why can a mop soak up the spilled coffee but not the pieces of your coffee cup? 
 -and much, much more...  
  
16) Why do many people think of entropy as “disorder”? 
 

While there’s currently a good deal of spirited debate over the value or problems of 
identifying something’s “entropy” with its “disorder,” I still think that it’s useful - if you know 
what you mean by “disorder.” To a physicist or chemist, disorder = how many ways 
something can be the way it is. 
 

For example, some faculty members have very “ordered” offices. If you snuck in and 
rearranged something, they’d realize it. There’s really only one way that they can look the way 
they look. “Having few ways to exist” = “very ordered.” My office, on the other hand, isn’t 
nearly so “ordered.” You could sneak in and move all sorts of things around and I wouldn’t 
realize it. “Having lots of ways to be the same” = “disordered.”  
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As another example, consider a box with two halves and which contains 4 particles 
which are free to move from side to side. There are 5 possible arrangements of these 
particles: 
          #1                           #2                           #3                          #4                          #5 

 
There’s only one way you can choose which of the 4 particles to be in either side if 

they’re all there, so there’s 1 way of getting states #1 & #5. But there are 4 ways to choose 
which single particle is in a half of the box, so there are 4 ways of getting states #2 and #4. 
There are 4 ways of choosing the first of two particles to put in a half and then 3 ways to 
choose the 2nd = 12 possible ways of getting state #3 – though you need to divide by 2 (to get  
6 ways) - because the order of choosing the two doesn’t matter. (ie. A then b = b then a):  

 
 
Now a great assumption of modern physics and chemistry is that any one particular 
arrangement of the world is as likely as any other, so a state with many corresponding 
micro-states is more likely than a state with fewer micro-states.  
 
 This means that any one of the 1 + 4 + 6 + 4 + 1 = 16 possible arrangements of 
particles is as likely as any other. So the probabilities of finding each state reflect the # of 
ways that they can exist: 
 
 State 1 = 1/16 = .0625 = 6.25%   State 2 = 4/16 = .25 = 25% 
 State 3 = 6/16 = .375 = 37.5%  State 4 = 4/16 = .25 = 25% 

State 5 = 1/16 = .0625 = 6.25% 
  
This means that, if you start with all your particles on one side (state #1 or #5), when you look 
later, it’s more likely that they’ve moved to some state which can exist in more ways = a 
‘more disordered’ state (states #2, #3 or #4). 
 

Interpreting entropy as “disorder” can make some sense out of the formula for the 

entropy change caused by a flow of heat Q at temperature T: S = Q/T. How much disorder is 
created by something’s absorbing an amount of heat Q depends on how warm the thing 
already is. A given amount of heat will cause more disorder if it’s absorbed by something 

that’s cold than if it’s absorbed by something that’s already warm. But that’s just what S = 
Q/T says: Q/T is larger the smaller T is and is smaller as T gets larger.  
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Around 1872, Ludwig Boltzmann formalized the connection between “disorder” and 
“entropy.” Boltzmann was impressed with Darwin’s ideas that random individuals (mutations) 
could account for the coordinated behavior (evolution) of groups. So Boltzmann set out to 
show that the averages of random motions could account for the simple large-scale 
properties of things like gases.  

 
Boltzmann knew that a) things spontaneously got more random and b) entropy 

spontaneously increased, so it seemed like entropy should be related to randomness. This 

was also suggested by Clausius’ S=Q/T – which sort of represents how much impact a 
given amount of heat has on something. (The “impact” on something’s disorder of absorbing 
a given amount of heat (Q) should depend on the thing’s temperature. Q should have a 
bigger impact on a cold (ordered) thing than on a thing that’s already hot (disordered). But 
this is just what Q/T says: it’s larger as T is smaller.  

 
But Boltzmann also realized that entropy couldn’t just be “the number of ways you can 

exist” because  
a) The entropy of objects A + B (SAB) should be the sum of the entropies of A and the 

entropy of B (SAB = SA + SB). (That is: the entropy of each shouldn’t depend on the 
presence of the other.) 

b) But the # of ways that some “compound” thing like A+B can exist is the product of 
the numbers of ways that each part of it can exist (WAB = WA x WB). (If A can exist 
in 2 ways (a or b) and B can exist in 3 ways (c or d or e), then A+B can exist in 
2x3=6 ways: ac, ad, ae, bc, bd or be.) 

However, Boltzmann realized that the logarithm of WAB = WA x WB is the sum of the logs of 
WA and WB, so Boltzmann proposed that S = k * lnW. (Boltzmann used natural logarithms: 
ln(x) is the power you have to raise “e”=2.71828… to to get “x.”)  This constant “k” has come 
to be called Boltzmann’s constant and it equals 1.38x10-23 J/K. (Interestingly, k = R/N = the 

gas constant / Avogadro’s number.)   
 
17) How can you calculate the entropy of something? 
 

How can we actually figure out how many micro-states correspond to a given material 
at a given temperature? The key is what’s known as the “Third Law of Thermodynamics:”  

 
The entropy of all materials is “0” at 0 Kelvin  

 
This fits nicely with Boltzmann’s S = k * ln(W) if you assume that at 0 K things are in their 
lowest energy state (of which there is usually only one) so S = k * ln(1). But ln(1)=0 so S=0.  

 
Combining this fact that S=0 at 0 K with Clausius’ idea that Q/T represents the change 

in something’s entropy means that if you add up all the Q/T’s (heat absorbed at a temperature 
T / the temperature T) as you warm something from 0K to whatever temperature you want, 
you’ll end up the thing’s entropy at that temperature. This means that entropies have units of 
energy/temperature (J/K).  
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Here are some entropies of materials (at 25oC and P = 1atm):  

 entropy per gram (J/gK) entropy per “mole” (J/moleK) 

material: solids liquids gases solids Liquids gases 

oxygen   6.4   205 

nitrogen   6.8   191.5 

methane   11.6   186.1 

carbon dioxide   4.86   213.7 

water  3.8 10.4  69.94 188.72 

ethanol  3.5 6.13  161 282.6 

carbon (diamond) .202   2.43   

aluminum 1.04   28.3   

lead .31   64.78   

iron .49   27.3   

limestone .929   92.9   

 
(I usually find my entropies at the NIST WebBook site: http://webbook.nist.gov/chemistry/ 

 
Since entropies reflect how many ways something can exist, they are sensitive to how 

many units you have. (There are more ways to arrange several pieces than a few.) This 
means that some of the differences in entropies per gram reflect varying weights of the units 
that make up the material (atoms or molecules). You can avoid this factor if you compare 
entropies of equal numbers of units - this is what the right hand half of the chart gives. 
(Remember that 1 mole of something = 6x1023 units of it.)   
 

Sure enough, most gases are more disordered than most liquids and most liquids are 
more disordered than most solids. Diamond is one of the most ordered (least disordered) 
materials. 

 
18) How can you use entropies of materials to predict what can happen? 
 

For example, does diamond (carbon) spontaneously combine with oxygen to form 
carbon dioxide?  
 

First, you have to know that if this does occur, it takes one unit of oxygen to combine 
with one unit of carbon to form 1 unit of carbon dioxide: 1C + 1O2  1CO2. To see if this will 
be spontaneous, look at the entropy change of the process: 
   
             1 C + 1 O2         1 CO2 
       entropy (J/mol K)             2.43  205             213.7 
 

If this process were to occur, you’d start with 205 + 2.43 =  207.43 units of entropy and you’d 
end up with 213.7 units of entropy. This means that if this process occurs, the entropy of the 

chemicals would increase by 213.7 – 207.43 = 6.27 units (S=+6.27). Since entropy increases 
in spontaneous processes, you might think that this should be spontaneous... 
 

But not so fast, it’s the entropy OF THE UNIVERSE that increases in spontaneous processes, 
and we’ve only looked at the entropy of the materials reacting. What about the entropy of their 
surroundings? Well, generally the only impact a chemical reaction has on its surroundings is 
to either heat them up (if the reaction releases energy) or to cool them off (if the reaction 

http://webbook.nist.gov/chemistry/
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absorbs energy). And Clausius has already taught us how to calculate the change in entropy 

due to a heating or cooling, Q: S = Q/T. So, if you can decide how much heat a reaction 
gives off or absorbs, and if you know the temperature of the surroundings which 
absorb/release that energy you can figure out the surrounding’s entropy change and combine 
that with the entropy change of your chemicals and get the entropy change of the universe.  
  

The energy absorbed or released in a chemical reaction depends on the strengths of the 
chemical bonds which are broken (absorbs energy) and made (releases energy) in a reaction. 
We’re not ready to discuss this in detail, so you’ll just have to believe if 1 unit (1 mole) of this 
reaction were to occur, it would release 395kJ (395,000J) of energy. This would disorder the 
298K surroundings by 395,000/298 = 1325J/K.  
 

If you add the disordering of the chemicals (Schemicals=+6.27J/K) to the disordering of the 

surroundings (Ssurroundings=+1325J/K), you get a disordering of the universe of Suniverse= 
+1331.27J/K. This large increase in disorder means that diamonds do spontaneously burn.  

 
4 comments: 
 

1) Our calculation assumes that all the chemicals are at P=1 atmosphere, whereas in normal 
air, oxygen’s pressure ~0.2 atm and carbon dioxide’s is ~0.000350atm. There are ways to 
deal with this, but they are too complicated to discuss right now and don’t change our overall 
conclusion. (For how to deal with it, see Part 3 of activity 5.8.) 
 
2) Notice how much larger the entropy change of the surroundings (+1325J/K) was compared 
to the entropy change of the chemicals (+6.27J/K)? This is often (but not always) true: the 
effect that the absorption or release of energy has on the entropy of the surroundings often 
determines if the reaction happens or not. This is where the almost intuitive idea that “things 
that release energy are spontaneous” comes from. While usually true, it’s not always true. 
For example, alcohol evaporates from your hand even though the process cools your hand 
(absorbing energy from your hand and decreasing its entropy). In this case the entropy of the 
alcohol vapor increases more than the entropy of your hand decreases and so the process is 
spontaneous. Those of you interested in the chemistry of biological systems should 
take this discussion of entropy very seriously. The shapes that complex biomolecules 
(such as DNA or proteins) have when they are dissolved in water (such as in living 
things) are thought to be determined as much by the extent to which their different 
forms order the water around them as by attractive and repulsive energies between 
their parts and between them and water. The importance of this can be demonstrated 
by the fact that things like gasoline which “don’t spontaneously dissolve” in water 
actually do release energy when they dissolve - but too little to make up for the great 
extent to which they order the waters around them - so they don’t dissolve (very 
much). This is complicated, but worth understanding.   
 

3) To the delight of diamond merchants, just because something will happen spontaneously, 
doesn’t mean that it will happen quickly. While diamonds do spontaneously react with oxygen 
change into carbon dioxide, it happens so slowly that most normal non-chemist people 
consider that it doesn’t happen.   
 

4) In general, the world is balanced between stuff and energy being spread out. On the one 
hand, the entropy of stuff increases if it breaks into smaller pieces and spreads out more. But 



CHAPTER 5: WHY DO THINGS HAPPEN 
PAGE: 25 

it takes energy to break things apart and this decreases the entropy of the surroundings. 
Where you end up is a balance between the two. (It’s a lot like relationships: what makes A 
happy may make B sad - and you end up somewhere in between.) 
  

The second law is a powerful generalization. It is the answer to almost every “Why?” 
question that chemists ask or answer. Remember it. Learn to love it.  
 

ACTIVITY 5.8 
1) For each of the following events indicate if the  disorder (entropy) of the material and of its 
surroundings increases or decreases 
        material  surroundings 
 dry ice (solid CO2) turns to vapor    _______  ________  
 iron rusts      _______  ________ 
 my coffee cup falls to the floor and shatters _______  ________  
 
2) Suppose you fill a flask with 1atm of N2, 1 atm of O2 and 1 atm of NO2. Which will be 
spontaneous at 300K? The reaction to form 2NO2  absorbs 68.38 kJ of heat. Will N2 + 2O2 
combine to make 2NO2 or will 2NO2 fall apart to make N2 + 2O2? Here are the standard 
entropies of the materials:  
   N2 2O2   2NO2 
  S 191.6 410.28 480.34 J/K 

       a) What is S of the chemicals if N2 + 2O2  2NO2? 
 

       b) S of the surroundings = heat they absorb/T.  What is S of the surroundings if  

             N2 + 2O2 2NO2? S = ________ 
 

       c) What is the total S of the universe if  N2 + 2O2 2NO2? ____________ 
 
       d) So will N2 + 2O2  2NO2 or will 2NO2 N2 + 2O2 ? 
 
       e) Is there some temperature at which the reaction will reverse the direction on which it  
       happens spontaneously?  
 
3) While tabulated entropies allow you to predict what changes will be spontaneous when 
things are at standard conditions, predicting spontaneity at non-standard conditions requires 
knowing how entropies change with conditions. One useful formula gives the entropy change 

(S) when the pressure when n moles of a gas changes from initial pressure Pi to final 

pressure Pf: S = nRln(Pi/Pf). (Here R = the “gas constant” = 8.314 J/molK.  
 
   a) Do gases spontaneously increase or spontaneously decrease their pressures?  
 
   b) Does this formula support your answer to 3a?  
 
   c) How do you think the amounts that a gas’s disorder decreases as its pressure increases    
    by 1 atm from 1 to 2 atm should compare to the decrease in disorder when a gas’s  
    pressure increases by 1 atm from 1000 to 1001 atm?  
 
   d) Plug the changes in 3c into the formula and see if it supports your intuition.      
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   e) Do you think the tendency for N2 + 2O2  2NO2 should increase or decrease as the 
   pressure of NO2 that you have present decreases?  
 
   f) Let’s calculate the entropy change of the universe for N2 + 2O2  2NO2 if the pressure  
   of NO2 = .001 atm.  
         i) The entropy change of the surrounding will be the same as in 2b: _______.  

ii) But the entropy change of the chemicals will be what it was in 2a (_______) plus 
 whatever entropy change occurs when NO2 goes from P=1atm to P=.001 atm. You 
 can calculate the latter from the formula in the introduction to this problem:  

           S = ___________.  
iii)  Adding these 3 entropy changes gives the total entropy change of the universe:  

          iv) Does this mean the reaction happens more or less spontaneously than when NO2  
                 = 1atm? 
          v) Does this agree with your answer to 3e?  



CHAPTER 5: WHY DO THINGS HAPPEN 
PAGE: 27 

19) Are ice, water and water vapor all the same thing?  
 

Since you were very young, you've probably been taught that ice, liquid water & water 
vapor were all the same "stuff," and that you could convert one into another by warming or 
cooling it. It is really quite remarkable that you believed this! After all, ice. liquid water, and 
water vapor are different from each other in more ways than they are the same. So why do 
you believe that they are the same? Why couldn't it be (for example), that upon standing, a 
puddle of water reacts with something in the air (one thing when warm and another when cold) 
to turn into new materials which are a gas or a solid?  
 

Well, the major reasons for claiming that ice, water and water vapor are "the same" are: 
 

a) There is no change in mass when ice  liquid  gas, so the ice has probably 
neither combined with anything nor decomposed into anything. Of course, it could be 
that exactly compensating decompositions & combinations occur at the same time… 
 

b) Ice, water and water vapor are all 11.1% hydrogen and 88.9% oxygen (Of course 
the ways the atoms of these materials are combined within ice, water and water vapor 
COULD be different. For example, both grain (ethyl) alcohol and diethyl ether are 
52.2% carbon, 13% hydrogen and 34.8% oxygen - and yet are very different 
substances.) 
 
c) A whole bunch of sophisticated analytical tools suggest the nature of the 
fundamental units 
that make up ice, liquid water, and water vapor are "pretty much" identical. 

 
So if ice, water, and water vapor are all "the same," and yet they're so different, what shall we 
call them? Chemists say they are different "phases" of water.  
 
 A phase or a "state" of matter is a region with "homogeneous" properties.  
 

("Homogeneous" generally means that something has the same properties no matter where 
you look at it, but exactly what properties need to be how much 'the same' over what distance 
is a bit vague.)  
 
You are probably familiar with the 3 most common types of phases: 
 
 gases: materials that expand to fill their container 
 

liquids: materials that "stick together" - don't fill their containers, but do take the 
shape of their container 

 
 solids: materials that maintain their own shapes  

 
 Although we commonly think of a particular material as being a gas, a liquid or a solid: 
 

ESSENTIALLY ANY MATERIAL CAN BE A SOLID, A LIQUID, OR A GAS - 
DEPENDING ON ITS TEMPERATURE AND PRESSURE. 
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For example: 
 

Nitrogen is normally a gas, but if it is cooled to -195.8oC (while keeping its pressure 
=1atm), it becomes liquid nitrogen. If it is cooled to -209.86oC, it becomes solid 
nitrogen. (If the pressure is increased, these transitions occur at warmer 
temperatures.)  

 
Common table salt is “normally” a solid. But, if (at P=1atm), it is heated to 801oC, it 
melts and becomes liquid salt. If it is further heated to 1413oC, it actually boils and 
becomes gaseous salt!  
 
Even carbon dioxide (which is familiar to most 
people as either a gas or as solid dry ice) can, by 
adjusting temperature and pressure, be 
transformed into a liquid – such as in this picture 
on the seabed at a depth of 3650 meters:  

 
Below is a graph of the temperature ranges over 

which different materials (at 1atm pressure) exist as 
liquids. Each material is a solid at temperatures to the left 
of its line, and a gas at temperatures to the right of it.   
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A couple of things may frustrate attempts to melt or boil materials:  
 

1) Chemical reactions may frustrate attempts to change phases. For example, as they 
are heated, many compounds may decompose before they boil, and you may need to 
exclude air or other materials to prevent substances from undergoing chemical 
reactions at high temperatures. For example, attempts to vaporize a log fail because 
the cellulose that makes up the log decomposes to form substances like methanol 
(“wood alcohol”) which then react with oxygen (burn) to form carbon dioxide and water. 

 
2) Every solid also has some pressure below which, when it is warmed, it changes 
directly into a gas, rather than a liquid (it “sublimes,” rather than melts).  

 
 Changes like these should raise many questions:  
 
 Why do things change state at the pressures and temperatures that they do?  
 

Why do some materials (e.g., tungsten, W) have wide liquid ranges and others (e.g., 
magnesium, Mg) have narrow liquid ranges? 

 
 Why are such changes "abrupt?" Why, as ice warms up toward its melting point, 

doesn't it become "squishy" or "half-liquid" water. Why does it stay solid ice until 
reaching 0oC, and only then start to change to liquid?  

 
Phase changes like these are also practically important. For example: 
 
 -Liquefying natural gas allows much larger amounts to be carried for delivery in trucks 
 
 -A critter’s biological membranes are known to undergo a solid-like to liquid-like phase  

transition at a temperature near the critter’s body temperature. Such transitions 
may play a role in both intra-cellular communication and in regulating the 
entrance of toxins and nutrients into cells.  
 

 -The temperatures and pressures under which rocks were formed can be inferred from 
  the minerals they contain 
 
 -The magnetic fields of magnets disappear at certain temperatures (much like a solid 
  melting) 
 
 -Some people even think that social phenomena such as revolutions, divorces, or riots 
  can be understood as abrupt transitions from one social "phase" to another.   

 
So what’s going on here? As you might expect, entropy changes explain melting and 

boiling... Although materials increase their disorder as they go from solid  liquid  gas, it 
takes energy (Q) to cause such transitions, and using that energy orders the surroundings by 

an amount S=Q/T. At low temperatures (small T), the ordering caused by this cooling is 
greater than the disordering of the transition, so it doesn’t happen. But as T increases, at 
some T, the ordering of the surroundings (Q/T) becomes smaller than the disordering of the 
material and the transition occurs.   
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For example, here’s some data on the entropies and relative energy contents of solid, 
liquid and gaseous water: 
   solid liquid    gas  
S (entropy, J/gK) 2.66 3.889   9.939 
Relative energy (J/g)  0 333   2593  
 

(These are at T=298K and P = 1atm, but let’s 
assume that they don’t change much with 
temperature).  
 

 
 
At what temperature will ice melt? Well, each gram of ice requires 333J to melt, which 

will order the surroundings by 333/T. But each gram will become disordered by 3.889-
2.66=1.22 JgK. So melting will occur at any T at which 333/T < 1.22 or at T > 273K = 0oC = 
water’s actual melting point! Note: the reason ice only melts above 0oC is not that at such 
temperatures there “is enough energy” to melt it. There is plenty of energy even at much lower 
temperatures. The reason ice only melts above 0oC is that at such a high temperature, the 
surroundings contain so much heat that the heat withdrawn from them to melt the ice orders 
the surroundings less than the ice gets disordered when it melts. At any temperature below 
0oC, the heat that is withdrawn from the surroundings orders it more than the ice is disordered 
by melting - so the ice doesn’t melt.  

 
At what T will water boil (that is “turn into vapor with P=1atm)? Well, the data above 

suggests that each gram of water requires 2593-333=2260J to vaporize. And each gram that 
vaporizes will become disordered by 9.939-3.88 = 6.05 J/gK. So vaporization can occur if 6.05 
> 2260/T or T > 2260/6.05 = 373K = 100oC – which is water’s boiling point. Again, water does 
NOT boil above 100oC because that’s when there “is enough energy to make it boil.” The key 
is that at any temperature above 100oC, the ordering of the surroundings caused by their loss 
of heat to the water is less than the disordering of the water when it vaporizes.  
 

ACTIVITY 5.9 
Use the following data for octane to calculate its boiling point (experimental = 125oC): 

 liquid Vapor 

Entropy 361.2 J/molK 467J/molK 

Heat content 250.3kJ/mol 208.7kJ/mol 

 
 
 
20) How does the energy and entropy of things change when they melt or vaporize?  
 

When materials melt or boil, they stay at their melting or boiling points as they absorb 
energy until they’ve completely melted or vaporized. The heat needed to melt or boil 
something is sometimes called it’s “latent” (“hidden”) heat of fusion (or melting) or of 
vaporization because the heat seemed to vanish (become latent) rather than “showing up” as 

a temperature rise. (Q=mcT or c = Q/mT shows that this means that they seem to have 
infinite specific heats. That is, as heat (Q) is added to them, their temperatures don’t change 

(T=0) so their specific heat (Q/mT) = something/0 = ∞.) 
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Materials differ a good deal in how much energy it takes to melt or boil them as well as 
in the entropy changes of those processes:  

 
Note:  
 

1) Heats and entropy changes of boiling/vaporization are greater than for melting.  
  

2) Heats and entropy changes are generally not correlated. Materials with approximately 
equal heats of transition may have very different entropies of transition: 

        S  Q 
   fusion (melting) of lead   8 4.8 
   fusion (melting) of ethanol  32.1 5.0   
 
Materials with very similar entropies of transition may have very different heats of transition.  
 

        S  Q    
   fusion (melting) of mercury  9.8 2.3    
   fusion (melting) of copper  9.6 13.1 
 

3) Heats of melting and vaporization can be much greater than the heats needed to warm 
materials up to their melting or boiling points. For example, the graph below shows how the 
temperature of 1 gram of ice changes as heat is added to it: 
 

1. First, the ice warms up according to its 
specific heat (2.08J/gK), requiring 41.6J to 
warm from -20oC to its melting point (0oC).  

2. It then requires its heat of melting (33.4J/g) 
to melt.  

3. The liquid then warms up according to its 
specific heat (4.184J/gK), requiring 418.4J 
to warm to its boiling point (100oC).  

4. The 1g of water then requires a whopping 
2261J to vaporize.  

5. Finally, the vapor warms according to its 
specific heat of 1.83J/gK, requiring 36.6J to 
warm to 120oC.  
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WHAT’S GOING ON HERE: When materials melt or boil, their microscopic units don’t 
change, they just change how they are related to each other. In solids, units are close 
together and aligned in a regular fashion. In a liquid, they are still close together, but less well 
aligned. In a gas, the units are far apart and not-aligned. This said, a material’s heat of 
melting is a measure of the strength with which its units are aligned: strong alignment = large 
heat of melting. In boiling, you have to actually separate the units away from each other 
which requires more energy than in melting, so heats of boiling are larger than heats of 
melting.  
 

This understanding of how a material’s melting and boiling occurs when the 
temperature is high enough to make the ordering of the surroundings less than the disordering 
of the material explains some interesting trends. Here’s some data and a graph of the boiling 
points (top, yellow, line) heats (middle line) and entropies (bottom, violet, line) of vaporization 
of a number of materials. 

 
 
 
  
 
 
 
 
 
 

 
 

 
Let’s think about this in light of the fact that boiling occurs when a material’s 

surroundings are warm enough that the surrounding’s ordering (Q/T) is less than the 
disordering that occurs during vaporization.  

 Hydrogen and nitrogen have very low boiling points because they have small heats of 
vaporization, so only a little cooling occurs, so T can be small and still make the 
ordering of their surroundings (Q/T) be less than  the disordering of their vaporization.  

 But as heats of vaporization (Q) increase in other materials, the ordering of the 
surroundings when they vaporize (Q/T) increases and T must increase in order to make 
the ordering small enough for boiling to occur.  

 I think that the 4 most interesting materials are methanol, ethanol, isobutanol and 
ethylene glycol - whose boiling points are lower than expected from their heats of 
vaporization. (I’m amused that many people talk about how water has an “unexpectedly 
high boiling point” when it’s actually lower than expected). These 4 materials all have 
lower boiling points than other materials which have higher heats of vaporization. 
What’s up? Well, if you look at their entropies of vaporization, you can see that they are 
slightly higher than other materials. (As we’ll see in a later chapter, these 4 materials 
have unusually ordered liquid phases, so they are disordered more when they vaporize 
than are other materials.) But this means that their surroundings can be ordered more 
than for other materials and still be ordered less than the material is disordered when it 
vaporizes. So they can boil at lower T’s.     
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      ACTIVITY 5.10 
1) Explain why it’s incorrect to say that things melt or boil at the temperatures that they do 
because “at those temperatures there’s enough energy to disorder (in the case of melting) or 
separate (in the case of boiling) the material.  
 
2) Why do phase transitions occur at higher temperatures as they require larger amounts of 
energy?  
 
 
21) Why do solids and liquids often have odors? 
 

A material’s boiling point is the temperature at which it can form vapor with P=1atm. 
This is a great enough pressure that the vapor can push back the atmosphere and form the 
bubbles in the liquid that are characteristic of boiling. As we’ve seen above, this can only 
happen at temperatures which are high enough so that the ordering of the surroundings (by 
the heat withdrawn) is less than the disordering of the material that vaporizes.  

 
But until now, we’ve (implicitly) been assuming that the vapor we were concerned with 

was at a pressure of 1 atm (like it is when it boils). But if the vapor is at a lower pressure: 

 it will be more disordered that at 1 atm 

 so the material will undergo a greater disordering when it vaporizes 

 which will be able to overcome a greater Q/T ordering of the surroundings 

 so the vaporization can occur  at a lower temperature…  
 
What this means is that, although vaporization into P=1atm stuff only occurs above a 

substance’s boiling point, it can vaporize (to form a lower pressure vapor) at lower 
temperatures. The pressure of such vapor is called the substances “vapor pressure.” As 
temperatures rise,  

 the Q/T ordering of the surroundings gets less 

 so there needs to be less disordering due to vaporization 

 so the material can vaporize into a higher pressure vapor 

 so vapor pressure increases  
 
Vapor pressures determine the maximum level of materials that can be present in the 

air, and so are important for many reasons:  
 

 Vapor pressures determine the amounts of materials which we breathe, which may 
affect our health.  
 

 Vapor pressures determine the rates at which materials evaporate to reach their vapor 
pressure - which determines how quickly the air fills with the material.  
 

 Vapor pressures determine the rates of chemical reactions in the atmosphere (such as 
smog formation).  
 

 Vapor pressures determine the rates of energy flow through the atmosphere (as in how 
much hotter it feels on humid days and in the “greenhouse” effect”).    
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Given the tendency of the universe to be as disordered as possible, and given the “far 
apart and not aligned” nature of gases, it shouldn’t be a surprise that gases often form 
spontaneously from more ordered solids and liquids. Indeed, if it weren’t for two factors, 
everything in the universe would vaporize: 
 

1) Vaporization does require heat (Q), the absorption of which cools the surroundings, 
ordering them by Q/T. 

 
2) The disorder produced when something vaporizes gets less and less the more that 
has already vaporized (the greater the vapor’s pressure) 

 
The roles of these factors 
can be illustrated in figures 
like that to the right:  
 

In this figure, the x axis 
represents increasing 
vaporization of some 
material, which increases 
the vapor’s pressure. The y 
axis indicates changes in 
the disorder of the 
universe. Positive values 
indicate increasing 
disorder. Negative values 
indicate decreasing 
disorder. The sloping 
dotted line indicates how, as additional material vaporizes, its disorder (entropy) increases, but 
less and less as each additional molecule vaporizes into a more and more crowded region. 
The horizontal dashed line indicates the ordering of the surroundings as they are cooled by 
the vaporizing material. The various vertical arrows illustrate the amounts of ordering and 
disordering occurring at particular stages of vaporization. Initially, disordering (dashed upward 
arrow) > ordering (solid downward arrow) and vaporization occurs. But, as more vaporization 
occurs, the disordering gets less and less until, at some point (the boxed in vertical arrows), 
it’s no longer greater than the ordering. Were vaporization to proceed beyond this point, it 
would order the universe - which is not observed. Therefore, vaporization stops: defining the 
vapor pressure of the material.      
 
Diagrams such as this make it obvious what factors influence a material’s vapor pressure. For 
example, there are two ways that you can increase vapor pressure (make the up and down 
arrows not become equal until further to the right): 
1) You can increase vapor pressure by raising the horizontal dashed line (i.e. decrease Q/T by 
either decreasing Q, the heat needed to vaporize, or by increasing T, the temperature).  
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For example, compare the 
vapor pressures of water and 
aniline which have 
remarkable similar entropies 
of vaporization (118J/molK 
and122J/molK), but quite 
different heats of vaporization 
(44 kJ/mol and 55.8kJ/mol).  
 

Or you could compare either 
of these (or any) material at 
several temperatures.  
 

It’s good to remember that vapor pressures do not increase at higher temperatures because 
“there’s more energy available to vaporize more stuff” - vapor pressures increase occurs 
because at higher temperatures, the energy withdrawn from the surroundings causes less 
ordering, so vaporization can continue until it causes less disordering.  
 

2) You can also increase vapor pressure by raising the dotted line (make disorder increase 
more upon vaporization: i.e. start with a more ordered solid or liquid). For example, compare 
decane and methanol:  

 heat of 
vaporization 

entropy of 
vaporization 

Decane 8.67 .019 

Methanol 8.56 .025 

  
Even though both of these require about the 
same energy to vaporize, methanol’s vapor 
pressure is much larger than decane’s. Why 
is this? Because methanol’s disorder 
increases more when it vaporizes, so, at a given temperature, it can continue to vaporize to a 
higher pressure. That is, its vapor pressure is higher than decane’s.  
 
22) What’s the connection between vapor pressure and boiling?  
 

As long as a material’s vapor pressure is below atmospheric pressure, the only place 
that it can form vapor is at its surface. If a bubble of vapor were to form within the material with 
pressure less than the atmosphere’s pressure, it would be squeezed into nothingness by the 
material surrounding it. When, however, a bubble forms with pressure = to that of the 
atmosphere, it can proudly exert its existence, proclaiming “I’m pushing back as hard as you 
are - so I have a right to exist!” Such bubbles have lower densities than the materials that they 
form in and so rise to the surface to join the vapor phase. This is boiling.  
 

With this interpretation of “boiling” you can see how “boiling points” depend on applied 
pressure. As pressure drops (e.g. on a mountaintop), the vapor pressure of a material will 
equal the applied pressure (it will boil) at a lower temperature. As the applied pressure 
increases (e.g. in a pressure-cooker), the vapor pressure will only equal the applied pressure 
at a higher temperature.  
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ACTIVITY 5.11 
 

a) Suppose take a flask containing some boiling water and 
stopper it and invert it (see picture to the right):  
If you pour ice water over its top, it begins to boil again. 
How can you explain this? (Hints: What happens to the 
vapor pressure as the water is cooled? What does this do 
to the pressure in the flask above the water? What does 
this do to the boiling point of the water?) 
 
b) Why is tea never very satisfying when brewed atop 
Mount Everest? 
 

 
23) How do the melting and freezing points of mixtures compare to those of pure 
materials? 
 

If you believe that spontaneous change always increases disorder and that when 
separate things come together they tend to, spontaneously “mix” it must be true that mixed 
things are more disordered than un-mixed things. You can confirm this by counting up the 
possible arrangements of mixed and unmixed things... Say that you have two A’s (A1 and A2) 
and 2 B’s (B1 and B2). And 4 places that they can be. If the A’s and B’s are separated (A’s on 
the left & B’s on the right), there are 4 possible arrangements: 
 
  A1 A2 B1 B2   A1 A2 B2 B1 
  A2 A1 B1 B2   A2 A1 B2 B1 
 
But if the A’s and B’s are allowed to mix (either can be on left or right) , there are 24 possible 
arrangements: 
 
  A1 A2 B1 B2   A1 A2 B2 B1 
  A1 B1 A2 B2   A1 B1 B2 A2 
  A1 B2 A2 B1   A1 B2 B1 A2 
  A2 A1 B1 B2   A2 A1 B2 B1 
  A2 B1 A1 B2   A2 B1 B2 A1 
  A2 B2 A1 B1   A2 B2 B1 A1 
  B1 A2 A1 B2   B1 A2 B2 A1 
  B1 A1 A2 B2   B1 A1 B2 A2 
  B1 B2 A1 A2   B1 B2 A2 A1 
  B2 A2 A1 B2   B2 A2 B2 A1 
  B2 A1 A2 B1   B2 A1 B1 A2 
  B2 B1 A1 A2   B2 B1 A2 A1 

 
Since 24 is larger than 4, “mixed” is more disordered than “unmixed.”  
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ACTIVITY 5.12  
1) Given that the water in salt water is more disordered than pure water, will the change in 
water’s disorder when it vaporizes be greater 
or less with salt dissolved in it than without 
salt?  
 
2) Draw a new ↑ disorder line on this graph 
to illustrate the effect of your answer to 1 
 
3) Assuming that water’s heat of vaporization 
doesn’t change much when salt is dissolved 
in the water, what does your new graph say 
about the vapor pressure of saltwater 
compared to fresh water? 
 
4) What does your answer to 3 say will happen 
if you put a half-full, uncovered container of 
saltwater next to a half-full, uncovered container 
of seawater under a common cover:     
 
5) Given your new line (for salt water) in part 2, 
would the Q/T line have to rise or fall in order for water’s evaporation to proceed to the same 
extent as it does with fresh water?  
 
6) Given that adding salt to water doesn’t change Q (the heat it takes to evaporate the water), 
what would have to happen to T to make the Q/T line move to make water’s evaporation to 
proceed to the same extent as it 
does with fresh water?  
 
7) What does your answer to 7 say 
about the boiling point of salt water 
compared to the boiling point of 
fresh water?  
 
8) When water freezes, its disorder 
decreases. It can only do this if the 
surroundings are cold enough that 
the heat, Q, released upon freezing, 
creates more disorder (Q/T) than 
the freezing creates order. The 
graph to the right attempts to show this:   
Will the ordering when salt water freezes be greater or less than will fresh water?  
 
9) Does this mean that saltwater will freeze at a higher or lower temperature than fresh 
water? 
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24) How can phases of materials be graphically displayed?  
 

A “normal phase diagram” has the x axis representing one environmental variable 
(usually T) and the y axis representing the other environmental variable (usually P). Note: P 
here refers to the pressure of the material of interest, not the total pressure exerted on it. 
Lines are then drawn designating the regions of P & T where the material is most stable as 
solid (low T and high P), gas (high T and low P) and liquid (intermediate P and T). For 
example, here’s water’s phase diagram: 

        
There’s always only one P & T at which 

you can have all 3 phases present: the 
material’s so-called “triple point.” For water, 
this could be a glass of ice water: you have 
solid water, liquid water, and water vapor all 
at the same time. Water’s triple point is at T 
= 0.01oC and P = 0.006 atm. You may be a 
bit shocked that P=0.006atm above your 
glass of ice water - seems mighty low 
doesn’t it? But don’t panic, remember that 
the pressure on a phase diagram refers to 
the pressure of the substance it describes. 
So 0.006 atm is the pressure of water vapor 
above the ice/water mixture.  
 

Most people think that the water in a glass 
of ice water is at its “freezing point” of 0oC - 
but it’s not really – it’s at its triple point. A 
material’s freezing point is the temperature 
at which solid changes to liquid when P = 

1atm, not 0.006 atm. On water’s phase diagram, that would be where the P=1.0atm line 
crosses the solid/liquid boundary – at 0oC. For water, the temperatures of the freezing point, 
and triple point are so close that they’re often confused. 
 

The line separating the solid or liquid region from the gas region is just the curve of the 
solid or liquid’s vapor pressure at different T’s. Points on the solid/gas line would represent ice 
cubes with vapor above them, but no liquid. Points on the liquid/gas line represent liquid water 
with water vapor above it. The temperature where this reaches P = 1atm is the material’s 
boiling point (point C in this picture).   
 

Notice that the line separating the liquid from the gas ends. The point where it ends is 
called the material’s “critical point.” (Water’s critical point is at T=374oC and P=218atm.) A 
material at its critical point can’t quite decide what state it is. If you cool it or squeeze it a bit, it 
forms a liquid. If you warm it or expand it, it forms a gas. If you heat some liquid so that it 
passes through its critical point, it “magically” turns to gas all at once (there’s no sitting there 
“boiling”).   
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It’s hard to move off of a material’s solid & liquid vapor pressure line. The easiest way 
to visualize it is to enclose your material (say some liquid with vapor above it at point C) in a 
piston, and then cool your container until all the vapor condenses (your piston will be sitting 
atop your liquid). Further cooling will move you along the “C to A” line on the above diagram. 
 

Water’s phase diagram is a bit 
unusual in that the solid/liquid line 
slopes from top left to bottom right. In 
most materials (like carbon dioxide 
shown to the right), the line slopes 
from bottom left to top right:  
 

The carbon dioxide line makes some 
sense: as P increases, you have to 
cool liquid carbon dioxide less to 
make it freeze (the pressure “helps” it 
freeze).  
 

Water’s diagram is just bizarre: as the 
pressure on liquid water increases 
(as you go deeper in the ocean), you 
have to cool the water more to get it 
to freeze. This should seem bizarre, 
since “squeezing” (increasing P) 
usually helps to solidify things.  
 
 
  
 
  
  
 
 


