Objectives: Atomic masses, mole, stoichiometry, molar masses, maybe % com​po​sit​ion of a compound, empirical formulas PRIVATE 

Atomic masses: e.g. for electrons me is detected by deflection and oil-droplet exp.

Definition: (1961): 126C has exactly a mass of 12 amu (atomic mass unit)

Atomic masses can be measured with a mass spectrometer

For carbon: C + e- ( C+ + 2e-: an electron is kicked out of C by collision with another electron

natural carbon contains 98.89 % 12C + 1.110 % 13C. 12C has exactly 12 amu and thus 

a high peak at 12.000000 amu, while the 13C peak at 13.003355 amu is much lower.

The mass ratio 13C/12C is 1.0836129

atomic mass of an element = average mass of all isotopes. Two isotopes, A and B:
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Definition of a mole:

1 mole: amount of substance that contains the same number of atoms or molecules as the number of C atoms contained in 12.00 g of pure 12C

The mass of 1 mole of an atom in g corresponds to the atomic weight with amu re​plac​ed by g/mol

Avogadro's number, NA: number of atoms or molecules in 1 mole of a compound:

NA = 6.022 x 1023 mol-1
Thus: 1 mol of any compound contains NA particles (molecules or atoms) of the compound: 1 mol eggs = 6.022 x 1023 eggs

How many g is 1 amu? 6.022 x 1023 12C atoms = 12 g and 1 12C atom = 12 amu, thus
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Thus 6.022 x 1023 amu = 1 g; 1 amu = 1.661 x 10-22 g

Example: natural 10Ne has 3 isotopes:

90.92 % 20Ne (19.9924 amu), 0.264 % 21Ne (20.9940 amu), and 22Ne

The (average) atomic weight of Ne is 20.17 amu. What is the atomic weight of 22Ne

abundance of 22Ne = (100 - 90.92 - 0.264) % = 8.82 %, and thus

20.17 amu = (90.92/100) 19.9924 amu + (0.264/100) 20.994 amu + (8.82/100) x

= 18.18 amu + 0.055 amu + 0.0882 x, thus 

   x = (20.17 - 18.18 -0.055)/0.0882 amu = 1.94/0.0882 amu = 22.0 amu

Example: How many moles and how many atoms are there in 1.00 g Au?

1 mol Au = 197.0 g Au = 6.022 x 1023 atoms
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Molar mass
1 mol CH4 has 1 mol C + 4 mol H. The molar mass MM is then defined as the mass of 1 mol CH4:
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4
ni: number of atoms of kind i in the molecule, or number of moles of i in 1 mol CH4
Ai: atomic mass of atom i given in g/mol (take the number in amu and change amu to g/mol)

MM in g: for 1 mol of compound or in g/mol 

Example 1. μg (1 significant figure) isopentylacetate, C7H14O2, is released when a bee stings.

(a) How many molecules are injected in a sting?

(b) How many C atoms are injected?

(c) How many O atoms are injected?

(a) MM = ( 7 x 12.01 + 14 x 1.008 + 2 x 16.00 ) g/mol = 130.18 g/mol

Thus 130.18 g = 1 mol = 6.022 x 1023 molecules
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Mass % of an atom A in a molecule B
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7
For our example (C7H14O2, MM = 130.18 g/mol):
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8
The number of atoms per molecule is integer and has an infinite number of significant figures.

The atomic masses have 4 significant figures.

The molar mass has 5 significant figures. Thus the results must have 4.
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9
nA = number of atoms A in a molecule of the compound, MA: atomic mass of atom A 

MM: molar mass of the compound

Example: Calculate the % mass of carbon, hydrogen and oxygen in C10H14O.

In 1 mol of the compound are 10 mol of C, 14 mol of H and 1 mol of O atoms. 

masses:
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10
molar mass: MM = ( 10 x 12.01 + 14 x 1.008 + 16.00) g/mol = 150.2 g/mol



[image: image11.wmf]%

 

10.65

 

=

 

%

 

100

 

 

g

 

150.2

g

 

16.00

 

=

 

O

 

mass

 

%

 

 

%

 

9.394

 

=

 

%

 

100

 

 

g

 

150.2

g

 

14.11

 

=

 

H

 

mass

 

%

 

 

%

 

79.96

 

=

 

%

 

100

 

 

g

 

150.2

g

 

120.1

 

=

 

C

 

mass

 

%

·

·

·


11
% mass C + % mass H + % mass O = 100.04 %

Always test if the rounded sum of percentages is 100 % as it must be.

Objectives: empirical formulas, balancing of chemical equations

Empirical formula = experimentally determined chemical formula of a compound

The determination of a chemical formula can in general be done by combustion 

(burning in oxygen) of the compound:

    CNHM + (N + M/4) O2 ( N CO2 + (M/2) H2O:


Figure 1 (figures are at the end)

Example
When 0.1156 g of a compound, containing C, H and N, (sample) are combusted 

(burned in excess oxygen), then 0.1638 g CO2 and 0.1676 g H2O are produced. N 

simply goes as N2 into the oxygen stream. Determine the empirical chemical formula 

of the compound.

C combustion: C + O2 ( CO2  MM(CO2) = (12.01+2 x 16.00) g/mol = 44.01 g/mol

H combustion: 2H+(1/2)O2(H2O  MM(H2O)=(16.00+2 x 1.008)g/mol=18.02 g/mol 

in a compound is H, not H2
1 mol C = 12.01 g C = 1 mol CO2 = 44.01 g CO2
2 mol H = 2.016 g H = 1 mol H2O = 18.02 g H2O

N only forms N2 which does not react at that temperatures.

C in the compound:
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H in the compound: 
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13
Since the compound contains only C, H and N, the part of the sample mass which is 

not C or H must be N:

 mN = mtotal - mC - mH = (0.1156 - 0.04470 - 0.01875) g N = 0.0522 g N

Numbers of moles in the sample of the compound:
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14
This is needed, since the numbers in a chemical formula must be mole numbers:
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Chemical formula: whole or integer numbers (corresponding to no. of atoms).

First and most easy try to get this, is to divide all the numbers in the formula by the

smallest one of them, here 0.003722, then at least 1 of the numbers is equal to 1:
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This is working ok, when the numbers are close to integers as in this case.

If not, when you have numbers around .5, then multiply all numbers by 2, or when you have numbers around .33 or .66, then multiply all numbers by 3.

The next step is to round the numbers to the nearest integers, which gives the empirical 

formula:
CH5N

The formula for the real molecule can now be the empirical formula as it is, or it can 

be the empirical formula multiplied by an integer number, e.g. 2, 3, 4, ...

The real molecular formula could be CH5N, or C2H10N2, or C3H15N3, ...

or in general (CH5N)n, n=1,2,3,.. integer

thus the molar mass of the compound is MM = n x MMempirical
Thus we need another experiment giving the real molar mass MM to get n.

Here: MM = 31.06 g/mol

MMempirical is the molar mass as calculated from the empirical formula:

MMempirical = (12.01 + 5 x 1.008 + 14.01) g/mol = 31.06 g/mol and thus
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17
So in our example (only in this example) the molecular formula (the real one) and the 

empirical formula for the compound are the same.

Example A compound contains 71.65 % Cl, 24.27 % C and 4.07 % H (by mass). 

What is the molecular formula of the compound, if the molar mass is 98.96 g/mol?

To do this we must use a sample mass of the compound. Since we are given % mass, 

it is most easy to use a 100g sample. Then the % can be replaced by g, giving the 

mass of each atom in 100 g of the compound.

Now we can again calculate the number of moles of the atoms in the 100 g of com-​

pound: 
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18
Thus the raw empirical formula is Cl2.021C2.021H4.04 and to get integer numbers, we divide again all of them by the smallest one of them, here 2.021. This gives the empirical formula as ClCH2.

From this formula we can calculate the empirical molar mass:

MMemp = (35.45 + 12.01 + 2 x 1.008) g/mol = 49.48 g/mol

From this we get the factor n (which also must be rounded to an integer) and the real 

molecular formula: since MMreal = n x MMemp
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19
And so the molecular formula must be (ClCH2)2 = C2H4Cl2 which is dichloro ethane.  


Balancing of chemical equations
example: CH4 + 2 O2 ( CO2 + 2 H2O, where CH4 and O2 are the reactants which 

form the products CO2 and H2O.

Since atoms are not created and also not lost, the numbers of each atom must be the 

same on the left and on the right side in a balanced equation:

Number of atoms (left) = Number of atoms (right)

Rules
(1)
The numbers in front of the molecules are called the stoichiometric numbers.

(2)
The numbers which are subscripts at the elements are the numbers of the cor​​-


respond​ing atoms in the molecule (molecular formulas).

(3)
Never change a molecular formula! 

The equation gives also quantitative informations:

1 molecule CH4 + 2 molecules O2 ( 1 molecule CO2 + 2 molecules H2O

1 mol CH4 + 2 mol O2 ( 1 mol CO2 + 2 mol H2O

6.022 x 1023 CH4 + 2 x 6.022 x 1023 O2 ( 6.022 x 1023 CO2 + 2 x 6.022 x 1023 H2O

16.05 g CH4 + 64.00 g O2 ( 44.01 g CO2 + 36.04 g H2O

There is even more information if the states are given:

CH4(g) + 2 O2(g) ( CO2(g) + 2 H2O(l)

Other examples:

HCl(aq) + NaHCO3(aq) ( CO2(g) + H2O(l) + NaCl(aq)

2HgO(s) ( 2Hg(l) + O2(g)

H2O(l) ( H2O(g)  evaporation (physical process)

            H2O

NaCl(s)   (   NaCl(aq)  salt dissolves in water


Balancing of simple reactions 

C2H5OH + O2 ( CO2 + H2O    combustion of ethanol

You always start the balancing with the most complicated molecule.

ethanol, C2H5OH, has 2 carbons, C, which are changed to CO2, so each ethanol molecule must give 2 molecules CO2
1 molecule ethanol has also 6 H atoms, which change to 3 H2O molecules.

so on the right hand side we have 2 CO2 + 3 H2O, and thus 2 x 2 + 3 = 7 O atoms.

On the left hand side we have 1 O atom in ethanol, so we must provide 6 O atoms 

from O2 and thus we must have 3 O2, so the balanced equation is

C2H5OH + 3 O2 ( 2 CO2 + 3 H2O: 2C + 6H + 7O both on the left and on the right, 

so it is ok.

(NH4)2Cr2O7 ( Cr2O3 + H2O + N2
left: 7O + 2Cr + 8H + 2N; right: 4O + 2Cr + 2H + 2N, so 3O and 6H are missing 

on the right and correspond to 3 H2O, so when we add 3 water on the right, then the 

balance of atoms is ok. Balanced equation:

(NH4)2Cr2O7 ( Cr2O3 + 4 H2O + N2 

NH3 + O2 ( NO + H2O  no complicated molecules

N is ok on both sides.

Because there are 3H on the left, we must have (3/2) H2O on the right.

Factors like 3/2 are ok, but usually not very much liked. So we multiply what 

we have (especially the 3/2) by 2: 2 NH3 + 2 O2 ( 2 NO + 3 H2O: now N and H ok,  

but there are 4O atoms on the left and 5O atoms on the right

so when we use (5/2) O2, then we have 5O atoms on the left and on the right side, and 

all atom balances are ok: 2 NH3 + (5/2) O2 ( 2 NO + 3 H2O.

Because of the 5/2, we multiply all finally by 2: 4 NH3 + 5 O2 ( 4 NO + 6 H2O, 

which has 4N + 10O + 12H on both sides: balance ok 

KClO3 ( KCl + O2: K and Cl are ok, so 3/2 O2 must be produced because of the 3O 

in KClO3, and we multiply all by 2 to get the 3/2 away:

2 KClO3 ( 2 KCl + 3 O2
C2H6 + O2 ( H2O + CO2: ethane must give 2 CO2 and 3 H2O, thus we need 7O atoms

for that and thus (7/2) O2. Multiplication of all by 2 removes the half:

2 C2H6 + 7 O2 ( 6 H2O + 4 CO2 ok

Fe2O3 + CO ( Fe + CO2: to clear the iron 2 Fe must be produced:

Fe2O3 + CO ( 2 Fe + CO2: to clear the 3O atoms in Fe2O3, we must give 3 CO and 

add to each of them one oxygen to give 3 CO2: Fe2O3 + 3 CO ( 2 Fe + 3 CO2, ok

N2H4 + N2O4 ( N2 + H2O: we must change the 4O atoms in N2O4 to 4 H2O. For that 

we need 8 H atoms, which we get from 2 N2H4:

2 N2H4 + N2O4 ( N2 + 4 H2O: now H and O are ok, but we have 6N atoms on the 

left, so 3 N2 must be produced:

2 N2H4 + N2O4 ( 3 N2 + 4 H2O

Objectives: Stoichiometric Calculations, Limiting Reactant


C3H8 + 5O2 ( 3CO2 + 4H2O

What mass of oxygen (O2) can react with 96.1 g propane (C3H8)?

How many moles of CO2 are produced?


1 mol C3H8 + 5 mol O2 ( 3 mol CO2 + 4 mol H2O


44.11 g C3H8 + 160.00 g O2 ( 132.03 g CO2 + 72.08 g H2O

Molar weights:

C3H8 : 1 mol x (3 x 12.01 + 8 x 1.01) g/mol = 44.11 g

5O2 : 5 mol x (2 x 16.00) g/mol = 160.00 g

3CO2 : 3 mol x (12.01 + 2 x 16.00) g/mol = 132.03 g

4H2O : 4 mol x (2 x 1.01 + 16.00) g/mol = 72.08 g

From balanced equation:  1 mol C3H8 = 5 mol O2 = 3 mol CO2 = 4 mol H2O

Unit factors as mol/mol ratios from the balanced equation:
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mass/mass ratios: number of moles x molar mass of compound:
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21
Look what you have: that unit must cancel.

So we need a unit factor from the balanced equation with the unit we have in the 

denominator and in the nominator must be the unit we need:
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3 significant figures in the 96.1 g C3H8 given.
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Limiting Reactant
N2 + 3 H2 ( 2 NH3
If we let 25.0 kg of N2 react with 5.00 kg of H2, then

(a) how much NH3 in kg can be produced if there is a yield of 100%?

Theoretical (100%) yield means that all N2 and H2 react fully according to the 

equation with no side reactions occurring, giving the amount of products as calculated 

from the equation.

Actual yield denotes the amount of product really (experimentally) obtained.

(b) which one is the limiting reactant?

Each molecule N2 needs to find 3 H2 molecules to react. So when N2 or H2 is com​ple​-

te​ly finished (all has reacted) then the reaction stops, and the reactant that is com​ple​-

te​ly used up is called limiting reactant and that one which is still there is called excess 

reactant.

Example: CH4 + H2O ( CO + 3 H2
(Transperancy: figure from the book about limiting reactant)

Back to our first example: First we have to see what are the masses of reactants and 

products according to the equation:

1 mol N2 + 3 mol H2 ( 2 mol NH3
28.02 g N2 + 6.06 g H2 ( 34.08 g NH3
N2: 2 x mN; 3 H2: 6 x mH; 2 NH3: 2 x mN + 6 x mH
Now we calculate for each reactant how much NH3 can be produced, if it can react 

completely.

That reactant which can produce less product is the limiting reactant.

Because when the lesser amount of product is obtained, then all of the limiting

reactant is finished and what is left of the excess reactant cannot react further.

1. reactant, N2:
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The unit factor is from the equation again, and there are 3 figures in the data given.

So if all N2 that we have, finds H2 to react, then we can get 30.4 kg of product.

2. reactant, H2:
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25
So when all H2 that we have has reacted, then we get 28.1 kg of product. When we 

have these 28.1 kg of product then all H2 is gone, and the remaining N2 has no more 

partners to react.

Only H2 can react completely, and when it is used all up, then the reaction must stop 

and some N2 is left that cannot react.

When you do the calculation like that, then take the reactant that produces the 

smallest amount of product as limiting reactant:

1. 28.1 kg NH3 can be produced.

2. H2 is the limiting reactant.

Other way which is also correct and gives the right results:

Calculate from one reactant how much of the other one is needed that it all can react:
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So to react with 25.0 kg N2 actually 5.4 kg H2 would be needed, but we have only 

5.00 kg H2 in our mixture. Since there is not enough H2 to react with all the N2, H2 is 

the limiting reactant.

The calculations can also be done with moles instead of masses:

Number of moles of NH3 that can be produced if both reactants could react 

completely:
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Thus: 1.65 kmol NH3 are produced and then all H2 in the mixture is used up and some 

N2 is left.

Example: 6.0 g S reacts with 6.0 g O2 resulting in 8.0 g SO3, according to

               catalyst

2 S + 3 O2    (    2 SO3
(a) What is the limiting reactant?

(b) What is the theoretical yield (if all the limiting reactant reacts according to the 

equation)?

(c) What is the actual yield (experimental)?

(d) What is the percent yield?

(e) How much of the excess reactant is left over?

(a) We need again the molar weights of the reactants times their stoichiometric factors

in the equation:

2 S + 3 O2 ( 2 SO3
64 g S + 96 g O2 ( 160 g SO3
If there is enough oxygen, sulfur can produce
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If there is enough sulfur, oxygen can produce
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So when 10 g SO3 are produced, then all O2 is used up, the reaction stops and some 

S is left over: O2 is the limiting reactant, S the excess reactant. The other possible method (to

calculate how much oxygen is needed to react with all the sulfur) gives the same result:
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Thus 9.0 g O2 are needed to react with all 6.0 g S, but we have only 6.0 g O2. Thus 

O2 is the limiting reactant.

(b) theoretical yield: maximum possible amount of product, if the limiting reactant 

reacts completely to the product according to the equation (no side reactions, like 

possible SO2 production).

Thus theoretical yield = 10 g SO3
(c) the actual, experimental yield must be given and is 8.0 g SO3 in our example.

(d)
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(e) S is the excess reactant. The limiting reactant uses
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Thus the amount of S left over would be
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if the reaction would occur completely according to the equation.

Example:

When 100.00 g V (vanadine) metal reacts with 100.00 g O2 according to the equation


2 V(s) + 5/2 O2(g) ( V2O5(s),

exactly 151.35 g of V2O5 are obtained. What is the actual yield of reaction in percent 

of the theoretical yield?
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1.9631 mol V for complete reaction needs O2 as given in the equation (unit factor):
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Thus O2 is in excess and all V (limiting reactant) can react.

You can also calculate for each reactant how much product it could yield if it could react

completely and the one with the smallest amount of product is the limiting reactant (also

 possible for more than 2 reactants).

Theoretical yield:
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Actual % yield:
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Handout on identification of an element X from combustion of its compoundPRIVATE 

100.00 g of a hydride, XH3, of an unknown element X is combusted in excess oxy​gen according to 2 XH3 + 4 O2 ( X2O5 + 3 H2O, and forms 208.77 g of its oxide X2O5 and water. Identify element X.


A
Al;
B
Si;
C
P;
D
S;
E
Cl

The problem can be solved in two ways. One way is to use the difference of masses between the pentoxide, X2O5, and the trihydride, XH3:

The mass difference between product and reactant is Δm = mX2O5 - mXH3 = 208.77 g - 100.00 g = 108.77 g. If we call the number of moles of X2O5 formed n, we can express Δm in terms of atomic weights A and n. This gives then n (note that n moles X2O5 correspond to 2n moles XH3):
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This yields the molar mass, MM, of X2O5, and in turn the atomic weight of X:
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This is exactly the atomic weight of phosphorus, P.

Another way is using the ratio of masses of the diX pentoxide, X2O5, and the X trihydride, XH3:

The ratio of masses we call α and that can be calculated directly:
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As next step we assume that the mass of XH3 contains an unknown number of moles, n, of XH3 and that therefore X2O5 must contain n/2 moles of X2O5. This is true because the reaction equation tells us 2n XH3 ( n X2O5 and thus n XH3 ( n/2 X2O5. Further we rewrite the molar masses in terms of average atomic masses, A:
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This we can now solve for the unknown average atomic mass of element X, AX:
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5
With the numbers we get the average atomic mass of the element X:
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The periodic table tells that this is exactly the mass of one and only one element, being phosphorus, P. Thus X = P.

Experience tells that phosphorus has a trihydride, PH3 (like NH3) and, besides a diphosphorus trioxide, P2O3, also a diphosphorus pentoxide, P2O5, which is obtained in combustion of PH3 with excess oxygen at high enough temperatures.

Also the elements below P in the table (not N and also not Bi) show this kind of reaction and such hydrides as well as pentoxides:

phosphorus: 2 PH3 + 4 O2 ( P2O5 + 3 H2O

arsenic: 2 AsH3 + 4 O2 ( As2O5 + 3 H2O

antimony: 2 SbH3 + 4 O2 ( Sb2O5 + 3 H2O
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