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CHAPTER 4: HOW THE WEIGHTS OF ATOMS LED TO THE FORMULAS OF COMPOUNDS 
 

Dalton's atomic theory predicted the impossibility of many things. For example, it should be 
impossible to make water from gold because gold doesn't contain the hydrogen and oxygen atoms 
needed to make water. However, Dalton's theory could not predict:  
 

-What is actually possible?  
Given that water and hydrogen peroxide both contain only hydrogen and oxygen, 
is it actually possible to actually turn water into hydrogen peroxide? If so, what 
conditions are needed? And how fast will the conversion happen?  

-How much of X do you need to make some Y that you actually can make? 
If you can make water from hydrogen peroxide, how much hydrogen peroxide 
would it take to make 100g of water?    

-How much Y can you make from a given amount of X? 
If you can make water from hydrogen peroxide, how much water could you make 
from 100g of hydrogen peroxide? 

 
The questions of what is actually possible and what conditions are needed are “disorder of the 

universe” questions - and will have to wait until chapter 5. And although the speed at which possible 
transformations occur is very important, it is also very complicated – and we won’t get to it until 
chapter 15 (in Chem 2). But we can now attack the last two questions… 
 

4.1) What do you need to know in order to know the numbers of different atoms in a 

molecule?  

 
To see what you need to answer questions about amounts of materials used or produced in 

chemical transformations, let’s start with a similar everyday process: making cheese sandwiches…  
 

Activity 4.1 
 

What’s the least amount of information that you need to know to figure out how many grams of 
bread it takes to turn 100 grams of cheese slices into cheese sandwiches?  
 

 
The way I approached this problem was to first think about what information would be enough 

and to then think about whether I really needed all that I thought I did… Initially, I thought I’d need to 
know 3 things:  
 

1) If I knew the mass of a cheese slice I could figure out how many cheese slices were in 100g. If a 
slice is 10g, I’d have 10 slices of cheese.  
 

2) I’d need to know the “formula” for a cheese sandwich so I could figure out how many slices of 
bread it takes for the # of slices of cheese that I have. Say that 1 sandwich = 2 slices of bread + 2 
slices of cheese (=B2C2), so 10 slices of cheese can make 5 sandwiches, each of which needs 2 
slices of bread, so I’d need 10 slices of bread.  
 

3) Finally, I’d need to know the mass of a slice of bread so I could convert from # of slices of bread 
into mass of bread. Say that a slice of bread is 15g. Then I’d need 150g of bread. Ta da! 
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In terms of conversion factors, this process would look like:  

bread 150g
bread slice 1

bread 15g
x

cheese slices 2

bread slices 2
 x 

cheese 10g

cheese slice 1
 x cheese 100g   

This would work, but I don’t really need all this information…  
 
First, I don’t really need to know the masses of 1 slice of cheese and 1 slice of bread. If I knew 

the masses of 2, or 3, or some number N, things would still work: 

bread 150g
bread slices N

bread 15Ng
x

cheese slices 2

bread slices 2
 x 

cheese 10Ng

cheese slices N
 x cheese 100g   

All I really need to know is that the mass of a slice of bread is 1.5x the mass of a slice of cheese. 
That is, I need to know the relative weights of units of cheese and bread.  
 
 Second, I don’t really need to know how many slices of bread and slices of cheese go into a 
sandwich. I just need to know that the #s of each are equal. That is, I need to know the relative #s 
of slices of cheese and bread that are in a sandwich.  

 
 The same thing goes for figuring out amounts of chemicals used or produced in 

transformations: You can determine the relative numbers of atoms of each element in a 

compound if you know the weights of the elements that actually combine to make the 

compound and the relative weights of the atoms of the elements 
 

For example, we know (experimentally) that when making water, 8g of oxygen combines with 
1g of hydrogen to make 9g of water. What does this tell us about the relative #s of O atoms and H 
atoms in water?  
 

Activity 4.2 
If an atom of oxygen weighs 8x the weight of an atom of hydrogen, what would the fact that 8g 
of oxygen combines with 1g of hydrogen to make 9g of water say about the relative #s of H’s 
and O’s in water?  
 
If each oxygen atom is only 4x as heavy as a hydrogen, what would the fact that 8g of oxygen 
combines with 1g of hydrogen to make 9g of water say about the relative #s of H’s and O’s in 
water? 

 
For many years, people tried to reverse the reasoning of activity 4.2 to try to figure out the 

relative weights of atoms. Instead of using the relative weights of atoms to get formulas, they 
assumed a formula and used it to get the relative weights of atoms. For example, since 1g of 
hydrogen combines with 8g of oxygen to make 9g of water, if you call the number of "molecules" in 
9g of water "N" then: 

 
            if water contains equal #s of H’s and O’s (water = HxOx)          
            9g of water would contain      N HxOx's       

            so the 1g hydrogen in 9g water would contain  xN H's      

            and the 8g oxygen in 9g water would contain   xN O's       

            so 1 hydrogen atom would weigh   1/xN g      

            and 1 oxygen atom would weigh   8/xN g      

            so 1 oxygen atom weighs the same as              8 H atoms          
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          so if 1 H weighs "1" unit, then 1 O weighs   8 units           
 

On the other hand, if water contains twice as many H’s as O’s (water = H2xOx)            
            then 9g water would contain    N H2xOx's      

            so the 1g hydrogen in 9g water contains  2xN  H's        

            and the 8g oxygen in 9g water contains   xN O's       

            so 1 hydrogen weighs        1/2xN  g        

            and  1 oxygen weighs        8/xN  g       

            and 1 oxygen  weighs the same as              16 H         
          so if 1 H weighs "1" unit then 1 O weighs   16 units        

 
 

Activity 4.3 
 

To see if you follow this reasoning, repeat the above reasoning to figure out the weight of an 

O atom compared to an H atom if water is really HO2  
 
           if water is           HO2 
           then 9g water contains        ______ HO2’s 
           so the 1g hydrogen in 9g water contains  ______ H’s 
           and the 8g oxygen in 9g water contains   ______ O’s 
           so 1 hydrogen weighs        ______ g 
           and  1 oxygen weighs        ______ g 
           and 1 oxygen  weighs the same as              ______ H’s 
         so if 1 H weighs "1" unit then 1 O weighs   ______ units 
 

 
The problem with using the above method to determine the relative weights of atoms was that 

there was no way to tell if water was really HO or H2O or HO2.  Dalton claimed that the tendency of 
things to vaporize probably meant that atoms repelled each other - so no more would stick together 
than were needed. This made him assume (incorrectly) that the correct formula for something would 
be the simplest one - e.g., water was HO. Following the reasoning above, he proposed that if 1 H 
atom = 1 unit of mass, then 1 O atom = 8 units of mass. Similar reasoning with other compounds led 
to: N = 5 units of mass, C = 4.5 units of mass, etc. 

 
Once Dalton had his (incorrect) relative weights of atoms, he went on to use them to get 

(incorrect) formulas of compounds from their percent composition. For example, experiments had 
showed that  
 

100g oxalic acid was made from 2.22g H + 26.66g C + 72.22g O     
 
If N = the # of atoms in 1g of H, then Dalton’s atomic weights meant that N O atoms would = 8g and N 

C atoms would = 4.5g. But this meant that the number of H atoms in 100g of oxalic acid was 2.22g H 
x (N H atoms/1g H) = 2.22N  H atoms. Similarly, the number of C atoms in 100g of oxalic acid must be 

26.66gC x (N C atoms / 4.5g C) = 5.92N  C atoms. And the number of O atoms in 100g of oxalic acid 

must be 72.22gO x (N / 8g O) = 9.03N O atoms. In other words, the formula for oxalic acid was  

 
     C5.92NH2.22NO9.03N 
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Dividing each of these by the smallest of them (2.22N) simplifies these element ratios to H = 

2.22N/2.22N  = 1, C = 5.92N /2.22N = 2.66 and O = 9.03N/2.22N = 4.06 O=s, so  

 
              oxalic acid =     C2.66H1O4.06 

 
Multiplying these by 3 makes them all whole #s: C8H3O12 
 
Here’s the method in a table form:  
 

 hydrogen carbon oxygen 

100g oxalic acid contains 2.22g H 26.66g C 72.22g O 

If N atoms = 1gH, 8gO and 4.5gC (Dalton) 2.22 N 26.66 N /4.5=5.92 N 72.22 N /8 = 9.03 N 

Divide all by 2.22 N 1 2.66 4.06 

multiply all by 3 3 8 12 

 
Of course, oxalic acid could also be H6C16O24 or H9C24O36 - all Dalton’s method really tells us is the 
ratios of the elements in it.    

 
Unfortunately, since Dalton’s guess for the formula of water (HO) was wrong, his atomic weights 
were wrong, and that made his formulas for things like oxalic acid wrong too. OOPS…  
 

Activity 4.4 
 

Repeat the above argument, assuming that water is H2O (so the mass of 1 O atom = 16x the 
mass of 1 H atom) and use the fact that the mass of a C atom is really 12x the mass of an H 
atom to show that the formula for oxalic acid is really HCO2 (or H2C2O4, H3C3O6, etc.)  
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4.2) How did people decide what the relative weights of atoms actually are?  

 
By 1850, depending on what people assumed for the composition of simple compounds like 

water, they had proposed at least 50 different formulas for the composition of oxalic acid. The issue 
of which formula was correct was finally resolved at the 1860 “Karlsruhe Conference” and led to the 
atomic weights listed on the periodic table.  

 
Encouraged by revolution in France (1789-99), Greek independence (1821-32), the Belgium-

Netherlands split (1830), and uprisings in 1848 in Vienna, Warsaw, Berlin, Venice and Milan, life in 
the early 1800’s gradually became more speculative & imaginative. This spirit was reflected in 
growing detachment of art from everyday reality such as GERICAULT (1818) and DELACROIX 
(1845): 

:  
 
 

 
 

 
 
 
 
 

 
 
 

This imaginative spirit was also reflected in physics’ becoming increasingly abstract & 
mathematical. As we’ll see in the next chapter, this was the time when Joule proposed the crazy idea 
that “heat” and “work” were really just different forms of the same thing (energy). It was also the time 
when Carnot used the idea of “entropy” to explain the maximum efficiency of steam engines.  
 

By 1850, Europe was tired of crazy ideas, revolutions and uncertainty and was settling down 
into its new national identities: Austria joined Hungary to battle the Turks, Italy was unified, and 
Britain entered the glory of its empire under Queen Victoria. Art also turned its attention to more 
everyday affairs, first realistically:  

 
 
 

 
 
 
 
 
 
 
 
 
 

CONSTABLE: The Hay Wain 1821    COURBET: The Meeting 1850 
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and then more impressionistically: 
 
 
 
TURNER: Giudecca, La Donna della Salute and 
San Giorgio 1840 (sold in 2007 for 
$38.5million!) 

 
 
 
 
 
 
 
  
 
 
 
 
 
MONET – Coquelicots 
 (Poppies) 1873 
 

 
 
 
 
 
 
 
 
 
 
 
 
Paralleling the quest for political calm & certainty throughout Europe, the 

modern values of the relative weights of atoms and thus the formulas of compounds 
were finally pinned down at a meeting in 1860 in Karlsruhe, Germany.  

 
Stanislao Cannizzaro achieved this amazing feat by reviving two ideas from 

the early 1800's…   
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Cannizzaro first considered Joseph Louis Gay Lussac’s 1805 "Law of Combining Volumes." 
This was similar to Dalton’s "Law of Multiple Proportions" but focused on volumes of gases, rather 
than on masses. From experiments designed to confirm Dalton's Law of Multiple Proportions, people 
already knew that nitrogen & oxygen could combine in at least three ways to form three different 
products: 
 

28g nitrogen + 16g oxygen  44g product A  
28g nitrogen + 32g oxygen  60g product B 
28g nitrogen + 64g oxygen  92g product C 
 

Just as predicted by Dalton’s Law of Multiple Proportions, the masses of oxygen used with a given 
mass of nitrogen were small whole number ratios of each other (64:32:16 = 4:2:1). Gay Lussac’s 

discovery was that the volumes of oxygen that combined with any fixed volume of nitrogen were 
also small whole # ratios of each other. For example, using 10ml of nitrogen in each experiment, 
Gay-Lussac found that: 
                    
 

10ml Nitrogen + 5ml Oxygen    10ml A 
 

10ml Nitrogen + 10ml Oxygen  20ml B 
 

10ml Nitrogen + 20ml Oxygen   20ml C 
 

From this you can see that the volumes of 
oxygen used in each reaction (when 
reacting with the same volume (10ml) of 
nitrogen) were small whole numbered ratios 
(20:10:5 = 4:2:1). Also, the volumes of the 
products were also small whole # ratios to 
each other (20:20:10 = 2:2:1) 

 
As the following activity shows, explaining this data ran into some problems...  
 

ACTIVITY 4.5 
First, follow Dalton’s reasoning and assume that the composition of gas “A” is NO (the simplest 
combination). Next, assume that the 10ml of A contains “X” NO molecules 
a) How many N atoms (in the NO’s) would the 10ml of A contain? _______   
b) How many O atoms (in the NO’s) would the 10ml of A contain? _______ 
c) Since the only place the N atoms could come from is the 10ml of nitrogen gas, it must have 
contained ______ N atoms and since the only place the O atoms come from is the oxygen gas, the 
5ml of oxygen must have contained ______O atoms.  
d) Can you use these ideas to argue that N atoms and NO molecules are the same size and that 
they are twice as big as O atoms?  
e) Why does this seem odd?  
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A similar argument based on the 
second experiment above wasn’t quite so 
bad: it would suggest that adding 2 O 
atoms to an N (since it used twice the 
volume of oxygen) made a product twice 
as large as the N.  
 
 

Activity 4.6 
 

How would you apply the reasoning above to interpret what was happening in the third 
experiment (making “C”)? 
 

 
Most people used such reasoning to suggest that there must be some pretty odd rules about 

volume changes of atoms when they combined...  
 
Cannizzaro resolved such problems by reviving a suggestion made in 1811 (6 years after Gay 

Lussac) by Amedeo Avogadro: At any given temperature and pressure, equal volumes of gases 

contain equal #s of particles.  
 
It’s worth trying to comprehend what a crazy notion this was: it seemed to mean that all gas 

particles (H2, O2, CH4, C2H6, C2H2, C3H8, etc) were the same size. But this sounds, ah, stupid.  How 
could a particle of CH4 be the same size as a particle of C3H8? But it wasn’t really stupid - because 
Avogadro’s idea was that most of a gas might really be empty space!  

 
(He thought this because gases occupy much greater volumes than their liquids. For example, at T = 25C and P = 
1atm, 1 liter of liquid water vaporizes to form 1360 liters of water vapor! This must either mean that gas particles 
expand enormously when they form from a liquid or that most of the gas is empty space between the gas particles. 

If the particles of a gas were really only a tiny fraction of the gas’ total volume, then equal #s of particles of any 
gas might actually occupy ~ the same volume.)  

 
If Avogadro was right, then you could say that 10ml of any gas always contained the same 

number (say “X”) particles. And 5ml would contain X/2 particles. And 20ml would contain 2X particles. 
Applying this to Gay Lussac’s observed volumes meant: 
 
10ml Nitrogen +  5ml Oxygen    10ml A        X N's + (X/2) O's X    A's     so  A = NO1/2 
 
10ml Nitrogen + 10ml Oxygen   20ml B        X N's +   X    O's  2X B's     so  B = N1/2O1/2 
 
10ml Nitrogen + 20ml Oxygen   20ml C        X N's +  2X   O's  2X C's     so  C = N1/2O 
 

But this led to a new problem. Dalton had asserted that you couldn’t divide atoms, so how 
could a gas be NO1/2? Cannizzaro realized that this problem could be overcome if you assumed that 
the particles in pure nitrogen were “N2's” rather than individual “N’s” and that the particles in pure 
oxygen were “O2's” rather than individual O’s. If this was true, the above would become:  
 
                       X N2's + (X/2) O2's   X   A's  so  that A = N2O                 

X N2's +   X    O2's   2X B's  so  that B = NO 
                       X N2's +  2X   O2's   2X C's  so  that C = NO2 
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Cannizzaro argued that this explanation made perfect sense, and that these were the correct 

formulas for gases A, B and C. These formulas could then be used to derive atomic weights. For 
example, his formulas transformed Dalton’s law of multiple proportions data from “28g nitrogen + 16g 
oxygen  44g A” into “28g N2 + 16g O2 -> 44g N2O.”  
 

Since the product is N2O, the 28g of N2 must have twice as many N’s as the 16g of oxygen 
has O’s. Therefore, if you define one O atom to have a mass of “16 units,” then one N atom must 
have a mass of “14 units.” Cannnizaro defined one of these 'units of mass' as "one atomic mass unit" 
(1 amu), and expressed the masses of single atoms of other in these units. These are 
(approximately) the "atomic masses" (or “atomic weights”) found on the modern periodic table. It’s 
worth memorizing at least these: 

 
   H = 1  C = 12  N = 14  O = 16  
 

4.3) What other elements occur as polyatomic particles? Similar experiments showed that  

a) some other elements were also found to occur as diatomic units: H2 N2 O2 F2 Cl2 Br2 I2 

b) some other elements occur as polyatomic units: P4 S8 As4 
 

4.4) So what’s all this about “moles?” A mass in grams of ANY element equal to the element=s 

atomic mass contains “1 mole” of atoms 

 

The # of C atoms in 12g of carbon is defined as “1 mole” of carbon atoms. If a nitrogen 
atom is 14/12 times as massive as a C atom, then the mass of any number of N atoms will be 14/12 
x the mass of the same number of C atoms. But a mole of C atoms has a mass of 12g so a mass of 
an equivalent number (a mole) of N atoms would have a mass of 14/12 x 12 = 14g. The same 
argument holds for any element. This means that the atomic weights (AWs) of elements can be 
used to inter-convert grams and moles of that element: 

 

   grams of an element = (moles of atoms of the element) x (the atomic weight of the element) 

 

   moles of atoms of an element = (grams of the element) / (the atomic weight of the element)  
 

Activity 4.7 
Complete the following conversions: 
 
 1 mole Au atoms = ___g  1 mole Al atoms = ____g    
  
 2.5 moles C atoms = ______x______=____ g 
 

 25g Ba = ____/____ = _____  moles of Ba atoms 
   
 120g Ag = ____/____ = ____ moles of Ag atoms 
 

 
 Moles are important because when chemicals combine, they combine in fixed numbers. For 
example, 2 H atoms combine with 1 O atom to form 1 water molecule. But there’s no simple way to 

count how many atoms you have. What’s easy to do is to weigh them. So chemists are always 
using atomic weights to convert between weights of things and numbers of things. 
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4.5) How can you use atomic weights and the experimental composition of compounds to 

determine the formulas of the compounds?         
For example, say you want to know the formula of the compound that is formed when Mg 

(magnesium) burns (combines with oxygen)? Here’s some data: 
 

mass of an empty, heated & cooled crucible  = 10.567 g 
               weight of the crucible + some Mg                    = 12.739 g 
          weight of Mg                                 = 12.739-10.567 = 2.172 
  moles of Mg (AW = 24.31) used                         = 2.172 / 24.31 = .08935 
 
  weight of crucible + product after burning           = 14.170 g 
            weight of product                            = 14.170 – 10.567 = 3.603 
 
          weight of Oxygen gained                     = 3.603 – 2.172 = 1.431 
         moles of oxygen (AW = 16) used                     = 1.431 /16.00 = .08945 
 
                     ratio of moles Mg / moles O                             = .08935/.08945 = .9989  ~ 1/1  
 
 
This means that the formula of the product is some 1:1 compound of Mg and O (i.e., MgO, Mg2O2, 
Mg3O3, etc.) The simplest of these (MgO) is called the "empirical" formula = MgO. To decide the true 
"molecular formula," you also need the "molecular weight" of the compound (coming soon......). 
 

Activity 4.8 
 

Determine the formula of the compound formed when 0.2g phosphorus reacts with oxygen if 
0.458g of product forms. 
 

 

 

4.6) Is there any pattern to compounds that exist? Combining % composition data with atomic 

weights has revealed the composition of millions of compounds. The metal/non-metal stair-

step division on the periodic table serves to crudely classify compounds into 3 types:   

 

a) Compounds made from only metallic elements = alloys.  

 

b) Compounds made from only non-metallic elements = “covalent” compounds. 
 

c) Compounds made from metallic + nonmetallic elements = “ionic” compounds    

 
 
Each of these types is briefly discussed below: 
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         a) Compounds made by combining metallic elements with other metallic elements are called 
alloys. Some common examples include:  

 
brass =  Cu+Zn       pewter = Sn+Cu+Bi     bronze = Cu/Sn solder = Pb+Sn 

 
Alloys are a bit different from other compounds in that they are actually more like 
mixtures – often having variable ratios of the atoms of the different elements.  Such 
compounds are sometimes called “berthollide” compounds to honor Dalton’s 
contemporary Berthellot who believed that substances could have variable 
compositions depending on how they had been formed. Generally, metals can form 
alloys with each other if they consist of atoms of roughly the same size (i.e. if they are 
close together on periodic table).  

 
 b) Compounds made from only non-metallic elements = "covalent" compounds (NOTE: 

hydrogen is usually considered to be a non-metallic element, despite its occurrence on the 
metallic side of the periodic table.)  

 
Covalent compounds consist of tightly-bound-together groups of atoms (= “molecules”) 
which then stick more loosely to other, adjacent, molecules by “intermolecular forces.”  

 
The "molecular weight" of such a molecule = the sum of the atomic weights of the 
atoms within it. A “mole of a covalent compound” means a mole of molecules of the 
compound and has a weight (in grams) equal to its molecular weight. Covalent 
molecules can be small (H2 MW = 2) or large (polyethylene, as is found in cheap plastic 
food wrap has MW = ~1000-10000). Biological proteins commonly have MWs = 
>100,000, and the MW of DNA is ~660,000,000. 

 
Small covalent molecules often have high vapor pressures and low boiling points - 
meaning that they vaporize (evaporate) easily (so they may have appreciable odor). In 
many cases, they are actually gases at standard temperature & pressure. 

 
             Here are some examples of "covalent" substances: 
                

i) Poly-atomic Elements: N2, O2, F2, etc.  
 

ii) “Binary compounds” contain only two elements and are generally named by 
giving the names of the elements starting with the one found furthest to the left 

on the periodic table (~the more metallic element). Prefixes are used to indicate 
the numbers of atoms of each element in the compound: 

                  CO     carbon monoxide     CO2      carbon dioxide 

                  SO2    sulfur dioxide       N2O      dinitrogen oxide  (=nitrous oxide) 

                  NO     nitrogen oxide (=nitric oxide) NO2       nitrogen dioxide 

                  N2O5   dinitrogen pentoxide    HCl    hydrogen chloride (=hydrochloric acid) 
 

Binary compounds of carbon and hydrogen are called hydrocarbons and have their 
own system of nomenclature based on how many C atoms they contain: 

CH4 1C = methane   C2H6  2C = ethane 
                  C3H8   3C = propane   C4H10  4C = butane 

C5H12 5C = pentane   C6H14  6C = hexane 
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iii) Covalent compounds that contain carbon are called “organic compounds.” (The 
hydrocarbons mentioned above are a type of organic compound.)  
 
Originally, “organic” referred to any material produced by a living thing. However, after Wohler 
synthesized the “organic” compound urea by heating the “inorganic” compound ammonium 
cyanate, people came to believe that there was no fundamental difference between molecules 
produced by living things and those produced from non-living things. (As far as anyone knows, 
this is still true. Perhaps someday, the vanilla obtained from vanilla beans will be found to 
possess qualities different from the vanilla produced from petrochemicals. But today, apart 
from what trace impurities may accompany the vanilla, they are thought to be identical.)  
 
A chemist’s use of the term “organic” is very different from the environmentalists’ use of the 
word. To a chemist, carbon-based pesticides are as “organic” as sugar.  

 
The names of organic compounds depend on how the atoms are connected to each other and 
are too complicated to discuss here, but here are a few examples.  

    
C2H6O = dimethyl ether or ethanol  
(Which you are depends on how your atoms are 
connected. An O between two C’s makes you an 
ether. An –OH attached to a C makes you an 
alcohol.) 

 
C6H12O6 = any of several sugars, depending on how the atoms are connected: 

 

 
 

 
 
C2H5O2N = any of 22 different 
chemicals – including glycine (the 
simplest of the amino acids - from 
which proteins are built:  
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iv) When a compound consists of hydrogen + one or more non-metals other than carbon, it is 
often named as an “acid” by changing the name of the nonmetal group to “-ic” and adding 
“acid:” 

      
                                   HNO3   H2SO4  H3PO4 

    nitrate  sulfate  phosphate 

 
    nitric   sulfuric   phosphoricacid      acid      acid 
  
 

  One of my favorite print resources for the structures, names and properties of 
covalent compounds is the Merck Index. 
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HERE ARE THE WORLD’S MOST USED INDUSTRIAL COVALENT COMPOUNDS 
 

Chemical 
 

Formula 

 
US 2006 

 production 

 1000’s of  

metric tons 

 
Uses 

 
sulfuric acid 

 
H2SO4 

 
35954 

 
30%  fertilizer 

20%  oil refining 
16%  chemicals 

11%  steel 
10%  batteries 

 
ethylene 

 

 
25020 

 
 polyethylene 

 
ammonia 

 
NH3 

 
10359 

 
85%  fertilizer 

5%  explosives 
5%  textiles 

 
chlorine 

 
Cl2 

 
10248 

 
30%  PVC 

24%  solvents 
13% organics 

13%  inorganics 
5%  paper 
5%  water 

 
phosphoric acid 

 
H3PO4 

 
10704 

 
~all  fertilizer 

 
ethylene dichloride 

 

 

 
9732 

 
PVC 

 
sodium hydroxide 

 
NaOH 

=caustic soda 

=lye 

 
7993 

 
25%  misc. 

18%  organics 
18%  paper 

15%  inorganics 
12%  soaps 

8%  aluminum 

 
Benzene 

 

 
6714 

 
 
 
 
 
 
 

 styrene & phenol 
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nitric acid HNO3 6636 80%  fertilizer 
10%  org chemicals 

5%  nylon 
 

ammonium nitrate 
 

NH4NO3 
 

6301 
 

 fertilizer & explosives 

 
urea 

 

 
5431 

 
 N fertilizer 

 
ethyl benzene 

 

 
5286 

 
styrene 

 
styrene 

 

 

 
4827 

 
polystryrene 

 
hydrochloric acid 

 
HCl 

 
4113 

 
29%  organics 

12%  inorganics 
11%   food proc 

8%  steel 

 
cumene 

 

 
3559 

 
 phenol + acetone 

 
ethylene oxide 

 

 

 
3445 

 
 epoxies 

 
ammonium sulfate 

 
(NH4) 2SO4 

 
2603 

 
= fertilizer for alkaline 

soils 

 

 
1,3 butadiene 

 

 

 
1836 

 
 synthetic rubber 

 
acrylonitrile 

 

 

 
1358 

 
 acrylic fibers  

(~fake cashmere) 
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 c) Compounds made from metallic + nonmetallic elements = "ionic" compounds 
            (e.g.: NaCl, CaCl2, Fe2O3) 

           
               We will soon see that ionic compounds are formed when metal atoms lose one or more 

negative electrons and a nonmetal atom (or group of nonmetal atoms) picks up those 
electrons to become negatively charged. This makes the metal atom become an 
electrically positive ion (a “cation”) and makes the nonmetal atom become an 
electrically negative ion (an “anion”). These oppositely charged ions then attract each 
other to form a lattice. Ionic compounds usually have high melting/boiling points and are 
usually white (unless they contain a “transition” metal - those in the middle of the 
periodic table). 

            
  Ionic compounds are named by naming the metal first, and then the non-metal. The 

non-metal name ends in “-ide” if it’s a single atom.  
 

                                NaCl = sodium chloride  Na2S = sodium sulfide 
 

Occasionally, there may be more than one form of an ionic compounds containing the 
same elements. For example, CuO and Cu2O which are both “copper oxide.” For 
reasons that will become obvious later 
 

CuO = copper (II) oxide  Cu2O = “copper (I) oxide”  
 
(beware: this is somewhat the reverse of what you might expect, Cu(II) oxide only 
has 1 Cu in its formula but is named with the Roman numeral II and Cu(I) oxide 
has 2 Cu’s but is named with the Roman numeral I) 
 
The suffixes -ous and -ic suffixes used to be used in place of Roman numerals like (I) 

and (II), with -ous denoting the lower Roman numeral, and -ic for the higher Roman 
numeral:  
 

             CuO = copper (II) oxide = cupric oxide Cu2O = copper (I) oxide = cuprous oxide  
 
Sometimes, small groups of nonmetal atoms bond together covalently to form 
“polyatomic ions” which then bond ionically to a metal. I say that such compounds 
exhibit “mixed” bonding. There are conventional names for the most common of these 
polyatomic groups:  
                    

    Na2SO4  sodium sulfate   NaOH sodium hydroxide  

NaNO3 sodium nitrate  Na3PO4 sodium phosphate 

Na2CO3 sodium carbonate  NaHCO3 sodium bicarbonate 

NaMnO4 sodium permanganate  
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Some common ionic compounds are given below. (Those in red & bold are more common 
than the others): 
 

OXIDES: form when metals are exposed to oxygen; oxides are generally insoluble in water and 
stable to high temperatures 

        SiO2             quartz         sand, glass, ceramics  
ZnO              clown white  paint pigments 
PbO      litharge         leaded glazes   
Pb3O4        red lead         paints for metals 

CaO          lime             fertilizer, mortar    
Al2O3       alumina          protects aluminum 
MgO              magnesia     firebricks    
SnO2             cassiterite      tin ore 

 

HYDROXIDES: (contain OH-) form when oxides pick up moisture; except for NaOH & KOH,  
hydroxides are generally insoluble  and are basic or alkaline 

NaOH         caustic soda    = lye = oven & drain cleaner, -> soap 
           KOH           caustic potash   soft soaps 

Mg(OH)2   + water  milk of magnesia 
Ca(OH)2      slaked lime      = lime + water 

 

SULFIDES: (contain S-2) form in anaerobic regions where oxides can’t form; are generally 
insoluble in water; are often valuable ores of metals 

PbS             galena   ZnS             sphalerite 
CuFeS2       chalcopyrite  HgS             cinnabar  
AsS             realgar   FeS2            pyrite = fools gold 

 

SULFATES: (contain SO4
-2)form when sulfides are exposed to oxygen; are generally soluble in 

water (except for Sr+2, Ba+2, Pb+2 and Ca+2 + Ag+1 are only moderately soluble) 
           NaSO4•10H2O      glauber's salt    heat storage medium 

           CaSO4•2H2O       gypsum            heating gives plaster of paris  

           MgSO4             epsom salts      fireproofing fabrics, decreasing swelling 

           AlK(SO4)2•12H2O  alum              mordant, flocculant 
           CuSO4•5H2O       blue vitriol      mordant, pesticide 
           FeSO4•7H2O       green vitriol 
 

CARBONATES: (contain CO3
-2) form from carbon dioxide; generally insoluble, release 

 CO2g with acids  

           NaHCO3           sodium bicarbonate = baking soda  
K2CO3             potash            

           CaCO3             limestone = chalk (heating gives lime)     
CaMg(CO3)2       dolomite          
(NH4)2CO3   hartshorn (smelling salts -> NH3) 

          

NITRATES: (contain NO3
-) generally soluble; like to rip electrons off of other things ( they are 

“oxidizing agents”) 

           KNO3              saltpeter       gunpowder 
 

PHOSPHATES: generally insoluble, fertilizers, detergent boosters 
   Na3PO4  sodium phosphate 
   Na2HPO4  sodium hydrogen phosphate 
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Activity 4.9 
 

Classify each of the following as an A = alloy, I = an ionic compound, C = a covalent 
compound or M = a mixed compound: 
 
 SCl2 ____  MgCl2 ____ CaSO4 _____ CHCl3 _____ 
 

 

4.7) How can you write accurate equations to describe what happens in chemical reactions.  
 

For example, consider burning magnesium:  
         
                          magnesium + oxygen produce magnesium oxide 
            
           Using masses & atomic weights you can get the formulas for the individual chemicals       

      Mg         +     O2                             MgO 
 

           An arrow (“”) is added to symbolize the reaction: Mg    +    O2        MgO  
         
           Coefficients are added to make sure that no atoms appear or disappear during the reaction: 
               2 Mg    +    1 O2     2 MgO  
   or      1 Mg    + ½ O2       1 MgO 
                  but not:        1 Mg    +    1 O      1 MgO (oxygen comes as O2’s, not O’s) 
              and not:        1 Mg    +    1 O2     1 MgO2 (magnesium oxide is MgO, not MgO2) 

 
            (You can only change the #s in front of formulas, which indicate how much of a 

material is used or produced. Changing the subscripts within a formula changes 
the identity of the substance.) 

 
This process = “balancing an equation for a chemical reaction”  

 
Some people also like to add subscripts to indicate the state of the various chemicals in a 
reaction: s=solid, l=liquid, g=gas, "aq"=dissolved in water: 

Mgs   +    O2g      MgOs  
 

For another example, try to balance the following reaction by adding coefficients in front of the 
chemicals to make sure no atoms are created or destroyed: 

            
                       MnO2 + KOH + O2  K2MnO4 + H2O 
 

(Hint: Since O occurs by itself, leave it until after you balance Mn, K and H, because you can 
change its coefficient without messing up the amounts of other elements) 

 
Mn: is already balanced (1 Mn on each side)  MnO2 + KOH + O2  K2MnO4 + H2O 
K: you have 2 on the right, so put 2 in front of KOH MnO2 + 2KOH + O2  K2MnO4 + H2O 
H: is balanced (2 on each side)        MnO2 + 2KOH + O2  K2MnO4 + H2O 

O: 5 on right, 6 on left, so use only ½ O2         MnO2 + 2KOH + ½ O2  K2MnO4 + H2O 
X by 2 to get rid of fractions:    2MnO2 + 4KOH + 1O2  2K2MnO4 + 2H2O 
Sometimes, there may be no way, or more than 1 way to balance the equation for a reaction. For 
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example, there is no way to balance this reaction: Pb(NO3)2   Pb3O4 + NO.  
You can see this if you try to find coefficients a, b and c to balance a Pb(NO3)2   b Pb3O4 + c NO.  
You have 3 unknowns (a, b and c) and 3 constraints:  
 Constant # Pb atoms  a = 3b 
 Constant # of N atoms  2a = c 
 Constant # of O atoms  6a = 4b + c 
You might think this would mean you could find a solution, but if you plug b = a/3 and c = 2a into the 
constraint for O atoms, you get 6a = 4(a/3)+2a. If you multiply this by 3, you get 18a = 4a+6a or 18a 
= 10a – which is only true if a = 0. The other equations then give b = 0/3=0 and c=2a = 0. NO solution 
is possible.  
 
Sometimes, there may be many ways to balance a reaction. For example, C + O2  CO + CO2 can 
be balanced in many ways. If you try to find coefficients a, b and c:  a C + b O2  c CO + d CO2.  
This has 4 unknowns (a, b, c and d) but only 2 constraints: 
 Constant # of C atoms  a = c + d   
 Constant # of O atoms  2b = c + 2d 
This leaves room for more variation than just multiples of coefficients. You can pick and #s for c and 
d and then calculate values of a and b that will work. For example:  

5 C +   2.5 O2 →   CO + 4 CO2  
5 C +   4 O2 →   2CO + 3 CO2  
5 C +   3.5 O2 →   3CO + 2 CO2  
5 C +   3 O2 →   4CO +  CO2  

 
 
An equation can be balanced (to within any multiples of its coefficients) if you have one less 
constraint than unknows. For example, consider trying to find coefficients a, b, c and d to balance the 
reaction for burning sugar: a C6H12O6 + b O2  c CO2 + d H2O. You have 4 unknowns (a, b, c, d) and 
3 constraints: 
 Constant # C atoms  6a = c 
 Constant # H atoms  12a = 2d 
 Constant # of O atoms  6a + 2b = 2c + d 
If you pick a value for “a” you can calculate c = 6a and d = 6a and b = c + ½ d – 3a = 6a + 3a – 3a = 
6a. So you can find a solution for any value of “a” but the ratio of a:b:c:d will always be 1:6:6:6. There 
is a solution, and any multiple of it is also a solution: 
 C6H12O6 + 6 O2  6 CO2 + 6 H2O 
 2 C6H12O6 + 12 O2  12 CO2 + 12 H2O 
 Etc.  

 

Activity 4.10 
Try to balance these reactions: 
  
a) using sulfur to immobilize spilled mercury: ____ Hg + ____ S8   ___ HgS   
b) using P2O5 to remove water vapor from air: _____P2O5 + ____H2O  ____H3PO4 
c) using HF to vaporize glass: ____ HF + ____ CaSiO3   ___ SiF4(g) + __ CaF2 + __ H2O 
d) combustion of a gummy bear using sodium chlorate:  

____NaClO3 + ____ C12H22O11  ____ CO2 + ____ H2O + __ NaCl 
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4.8) How can you use use atomic weights and balanced chemical reactions to predict the 

amounts of chemicals used or produced in reactions? By following a 5-step “path to 

enlightenment:”  

 

I. Write an equation for the reaction of interest 

 

II. Balance the equation 

 

III. Convert any given amounts of materials into moles 

 

IV. Use the balanced equation to convert from moles of given stuff  moles of 

desired stuff 

 

V. Convert from moles of desired stuff to the correct units of desired stuff 
 
 

For example, "How many grams of oxygen can we get from 100 grams of H2O2?"  
 

I) Write an equation for the reaction of interest:   H2O2  O2 + H2O 
 

II) Balance the equation:      2 H2O2  O2 + 2 H2O 

 

III) Convert any given amounts of materials into moles: 

 
Well, we know that we’re dealing with 100g of H2O2. And we know that 1 mole of H2O2 would 
have a mass of 2x1 + 2x16 = 34 grams.  

 
Remember: the mass of 1 mole of molecules of a compound = a mass in grams equal to the 
sum of the atomic weights of the atoms in the compound 

 

If 34g of H2O2 = 1 mole of H2O2 and we have 100g, we have 100/34 = 2.94 moles of H2O2.  

 

IV) Use the balanced equation to convert from the moles of given stuff to the moles of  

desired stuff 
 

The useful thing about balanced equations is that they tell you the relative #s of things that are 
involved in a reaction. (Note: #s, not masses.) For example, our balanced equation tells us 
that you get 1 O2 for each 2 H2O2’s. So, if we have 2.94 moles of H2O2, we should get 2.94/2 = 

1.47moles of O2. I like to think of the coefficients in the balanced equation as conversion 
factors: 

 
 

V) Convert from moles of desired stuff to the correct units of desired stuff 
 

“1.47 moles” of O2 is not a very convenient way of describing an amount of O2. Maybe 
grams would be more useful? 

 

1.47 moles O2 * 32gO2/mole O2 = 47.06 grams O2   

2

22

2
22 47.1

2

1
94.2 molesO

OmolesH

moleO
xOmolesH 
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Activity 4.11 
a)  How much lye (NaOH) must be used per gram of fat (C57H110O6) to make soap? 
                3 NaOH + C57H110O6 = C3O3H8 + 3 NaC18H35O2 
  
b) How much baking soda would it take to neutralize the spill of 1 liter of concentrated 

hydrochloric acid (12 moles/liter)? 
                   NaHCO3 + HCl = NaCl + H2O + CO2 

c) Which base would neutralize the acid (HCl) most inexpensively? 
BASE            reaction   base MW cents/lb  

 CaCO3  + 2 HCl -> CaCl2 + CO2 + H2O 100  .5 
 Ca(OH)2  + 2 HCl -> 2 H2O + CaCl2  74  1 
 NH3   + HCl -> NH4Cl   17  3 
 NaOH  + HCl -> NaCl + H2O  40  5 
  

d) HOW MANY Rolaids (1 = 334mg AlNa(OH)2CO3) neutralizes the same amount of acid (H+) as 
2 Maalox ( 2 tablets = 200 mg Al(OH)3 + 200 mg Mg(OH)2)? 

AlNa(OH)2CO3 + 4H+  Al
+3

 + Na
+1

 + 3H2O + CO2 
Al(OH)3 + 3H+  Al

+3
 + 3 H2O 

Mg(OH)2 + 2 H+  Mg
+2

 + 2H2O 

  
e) Calculate the % Zn in a Cu/Zn alloy if a .5065 g sample gave .0985g ZnCl2 upon treatment 
with hydrochloric acid (HCl): Zn + HCl = ZnCl2 + H2 

 

 

4.9) How can you easily figure out how many moles of a gas you have? Reactions involving 

gases often require use of the “Ideal Gas Law:” PV=nRT. In this P = pressure, V = volume, n = 

# of moles, R = .082 liter atm/mol K and T = the Kelvin temperature 
 

Gases are easier to deal with than solids or liquids because, while changes in T and P 
compress and expand solids and liquids by different amounts (depending on what they’re made 
from), all gases behave amazingly similarly to each other (as long as they’re not at P’s or T’s that are 
close to conditions that make them condense). Such “ideal gases” obey several simple relationships 

among P (pressure), V (volume), T (Kelvin temperature) and n (# of moles). (Here “” means “is 
proportional to”)  
 

Who? When What If what’s constant? For example: 

Boyle 1662 P  1/V T & amount of gas If you double P, V gets cut in half 

Amonton 1701 P  T V & amount of gas If you double T, P doubles 

Charles 1787 V  T P & amount of gas If you double T (Kelvin), V doubles 

Avogadro 1811 V  n T & P If you double the amount of gas, V 
doubles 
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In 1834, in one of the great feats of consolidating numerous equations (and minimizing ink), 

Benoît Paul Émile Clapeyron realized that all of these earlier gas laws could be seen as special 
cases of ONE law: the “Ideal Gas Law:”  
     PV/nT = a constant  
This predicts:       
  -if P doubles and n & T are constant, V must get cut in half = Boyle’s Law 
  -if T doubles and n and V are constant, P must double = Amonton’s Law 

-if T doubles and P & n are constant, V must double = Charles’ Law 
  -if n doubles and P and T are constant, V must double = Avogadro’s Law 
 
This is way cool.... 
 

What shall we call the constant that PV/nT equals? How about “R” for “Really cool constant?” 
OK, I don’t actually know why it’s called “R” - but it’s also called the “gas constant” which makes more 
sense.   
 

 In these terms, PV/nT = R or, as is more commonly written, PV=nRT (as I like to say, “pivnert”)  
 

The value of R depends on what units you use for P and V (n is always in moles & T is always 
in Kelvin). Usually I measure pressures in atmospheres, and volumes in liters, and R = .082 l atm / 
mol K. Here’s R in some other units:  

 

Pressure Volume R 

Atm liters .082  

N/m
2
 m

3
 8.31  

mm Hg liters 62.36 

 
Of course, if you’re abnormal and measure P in inches of water, V in cubic furlongs, #s in dozens and 
T in snoobies (where 1 snoobie = .1567 Kelvin), then R = 1.21x10

-32
 furlong

3
 inches of water / dozen 

snoobies. Let’s hope we’re all sort of normal…. 
 

This PV=nRT relationship allows you to convert a volume of a gas into moles of gas and visa-
versa, so you can solve problems about the amounts of gases consumed or produced in reactions: 
 

ACTIVITY 4.12 

a) What will the pressure of a 2 liter sample of gas be if it’s compressed to 1 liter?   

b) By what factor would a diver’s lung expand if s/he rose to the surface from a depth of 125ft without 

exhaling? (The pressure of water is 1 atm per 32 ft of depth.) 

c) If a lung can expand by 1.5x before rupturing, how high could the diver ascend before needing to 

exhale? 

d) If a diver exhales a 200ml bubble at a depth where P = 2 atm and T = 280K, how big will the 

bubble be when it reaches the surface (P=1atm, T = 298K)? 

e) What is the mass of 1 mole of a gas if 206 ng of it occupies .206L at P = 388 torr and T = 45
o
C? 

f) One cylinder of a car’s engine takes in 400cm
3
 of air (at 15C and P=1atm) and compresses it to V 

= 50cm
3
 and T = 77C. What is the pressure after compression? 

g) How hot can a bike tire get without bursting if it can withstand an internal of P = 7.25 atm, has an 

internal volume of 1.52 liters and contains .4 moles of air? 
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ACTIVITY 4.13 
a) Some baked goods "rise" due to CO2 produced from heated baking soda: 
                                                            
                  NaHCO3 = CO2 + Na2CO3 + H2O 
    
   i) WHAT VOLUME of CO2 is produced from 1/4 tsp baking soda? (at 25

o
C) 

 
   ii) WHAT VOLUME of lemon juice (5% by mass citric acid) must be used to decompose 1 tsp 
of baking soda?   
                  NaHCO3 + C6H8O7 -----> CO2 + Na3C6H5O7 + H2O need to add waters 
 
   iii) WHAT MASS of cream of tartar (KHC4H4O6) must you combine with 1g of baking soda  
      (NaHCO3) to prepare baking powder (an equimolar mixture of the two)? 
 

b) Whenever a fuel burns, it consumes oxygen. This may be life-threatening in 
 circumstances (eg. snow caves) where air can only slowly diffuse into the space holding the 
 fire.  
 
   i) Assuming that no air can diffuse in, calculate THE VOLUME OF GASOLINE (eg. C8H18) that 
     can be burned in a 1 m

3
 snow cave before its oxygen is depleted:  

                            C8H18 + O2 = CO2 + H2O 
 
   ii) HOW LONG will it take a 20,000 BTU/hr woodstove to use up 50% of the oxygen in an    
      airtight 2000 ft

2
 house? 

     
c) Nitroglycerine "explodes" due to the large volume of gas produced when it decomposes 
(no air is needed): 
              4 C3H5N3O5 = 6 N2 + 12 CO2 + 10 H2O + O2 
    
TNT explodes in a similar fashion but requires O2: 
 

                     4 C7H5N3O6 + 21 O2 -> 6 N2 + 28 CO2 + 10 H2O  
 
    i) WHAT VOLUME of gases is produced when 10g nitroglycerine explodes? 
 

ii) HOW MUCH pressure will be exerted by the explosion of 10g of TNT? 
 
d) Assuming that wood is cellulose (C6H11O5),  
 

    i) WHAT VOLUME OF AIR (20% O2) is needed to completely burn 1kg of wood?  
 
 
   ii) WHAT MASS of additional cellulose would have to be being burned each year to account 
       for the yearly increase of 388 x 10

12
 moles of CO2 in the air? (assuming 50% of CO2 stays 

      in the air 
 


