Chapter 5
Chemistry 112
Electrons in Atoms
9

Rutherford’s model of the atom was the nuclear model; the atom consisted of a small dense highly charged (+) nucleus surrounded by electrons. Rutherford did not put the electrons in any specific place around the nucleus. Niels Bohr was one of Rutherford’s students. Bohr asked the question “Why don’t the electrons fall into the nucleus?” Opposite charges attract so the electron should be attracted into the nucleus. The nucleus has a very strong positive charge. Positive charge attracts negative charges, so why don’t atoms collapse. 

In trying to answer this question Bohr saw the atom with a structure similar to our solar system. Bohr proposed a Planetary Model for the atom. The electrons travel around the nucleus in orbits – like the planets around the sun.

Bodies in motion tend to travel in straight lines. A body in orbit has two forces acting on it. The Earth tends to travel in a straight line but the gravitational force from the sun pulls it toward the sun. In the atom the electron tries to travel in a straight line but the positive force field from the nucleus pulls it toward the nucleus (force of attraction). The electron has two forces acting on it; the resultant of these forces creates an orbital path around the nucleus.
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The electron will stay in this orbit as long as the two forces are equal. If the electron loses energy the electron slows; the forces of straight line motion decreases so the electron moves in closer to the nucleus to establish a new orbit. The closer the electron is to the nucleus the lower its energy. Bohr proposed that there is a minimum energy level for the electron. Once the electron is in this minimum energy level it cannot lose any more energy. This lowest energy level is called the ground state. 

How do the electrons move from one orbit to another? Bohr had empirical evidence (atomic spectra) that lead him to believe that electron orbits did not decay (change slowly over time). These spectra showed that the electrons jumped from one discrete orbit to another. We will study the atomic spectra after we learn about light energy in the next section. The electron jumping from one orbit to another is called an electron transition. The jump from one orbit to another is completed in one step; the electron cannot just go half way to the next orbit. Bohr based his theory on his study of the Hydrogen atom.

BOHR MODEL 
The Bohr model shows electrons circling the nucleus, which contains protons and neutrons. The electrons travel around the nucleus in definite orbits or paths. The electrons in different orbits have different levels of energy. When the electron is close to the nucleus it has lower energy. Electrons move from one energy state to another, the further away from the nucleus means more energy. There is no “in between” energy; electrons can only exist at definite energy levels. The energy absorbed or released when electrons change energy levels is in the form of electromagnetic radiation (light).

The first shell or energy level can only hold a maximum of 2 electrons. (0, 1 or 2)

Every level afterward holds up to eight electrons.
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Hydrogen atoms have 1 electron. The electron is lowest in energy when it is in the orbit closest to the nucleus (energy level 1). To move to energy level 2 (an orbit further from the nucleus), the electron must absorb the amount of energy needed to complete this transition. Let us say that this transition requires 20 units of energy. The electron must absorb the 20 units all at once; it cannot absorb 5 units then 10 units and then another 5 units. The amount of energy absorbed is restricted to the amount of energy needed to complete the transition – not more or less. Going from one orbit to another is like climbing a ladder you must go up or down at least one rung at a time. You cannot go halfway to the next rung. If the hydrogen electron is in an orbit far from the nucleus, it must lose energy to get into an orbit closer to the nucleus. The energy released is restricted to the amount of energy needed to complete the transition. The energy released by the electron is in the form of electromagnetic radiation (discussed below). The restricted values of energy for the electron transitions mean that the energy of electron transitions is quantized – specific quantities of energy.
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Light

The study of light led to the development of the quantum mechanical model. Light is a kind of electromagnetic radiation. Electromagnetic radiation includes many kinds of waves.
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Frequency - The number of waves that pass a given point per second. Units are cycles/sec or hertz (hz).

Frequency and wavelength are inversely related; as wavelength increases the frequency decreases (goes down.). Different frequencies of light have different energy levels. High frequency light has high energy and low frequency light has low energy. Different frequencies of light have different colors. High energy visible light is blue (violet), low energy is red in colour. White light contains a wide variety of frequencies or colours. White light is made up of all the colors of the visible spectrum. The whole range of colours is called a continuous spectrum; one colour leads into the next with no break.

Atomic Emission Spectrum

Within an atom the electrons are arranged so that they occupy the lowest energy levels, making the atom stable (low energy content). When the electrons are in their lowest energy levels we refer to the electrons as being in their ground state. If the electrons interact with energy they may absorb quanta of energy and move away from the nucleus. The movement of electrons toward or away from the nucleus is referred to as an electron transition. If the electrons are no longer in the ground state they are in an excited state – an energy state greater than the ground state. The electrons will try to return to the ground state by releasing quanta of energy. The energy that we see is released in the form of visible light. The light released has definite quantities of energy. The energy of electron transitions are quantized, quantum of energy is released. 

The energy of light is related to frequency; the higher the frequency the more energetic the light. Light of different frequencies have different characteristic colours. A mixture of light colours produces white light. White light can be broken down into it constituent colours – red, orange, yellow, green, blue, indigo and violet, the rainbow. Low energy, low frequency light is seen as red light. High frequency, high energy light is seen as blue (violet) light. 
In electron transitions small energy changes produce red light. Large energy changes produce light at the blue end of the spectrum (See Figure 1 below).  Since there are many atoms, all possible jumps from one energy level to another can occur at the same time, each giving off its characteristic colour. The colour that we see is a mixture of colours; we can separate these colours by using a diffraction grating (acts the same as a prism). The diffraction grating breaks up the predominant colour into bright lines of specific colours that represent the electron transitions occurring.
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An explanation of Atomic Spectra

Let’s look at a hydrogen atom, follow the link below

http://www.mhhe.com/physsci/chemistry/chang7/esp/folder_structure/pe/m1/s3/
The Quantum Mechanical Model

The quantum mechanical model kept Bohr’s idea of energy levels. The basis of this model is energy is quantized. It comes in chunks, a quanta is the amount of energy needed to move an electron from one energy level to another. Since the energy of an atom is never “in between” there must be a quantum leap in energy.

Schrödinger derived an equation that described the energy and position of the electrons in an atom. The Quantum Mechanical Model is based on a mathematical model of the atom. This model treats matter that is very small differently from things big enough to see. There is a movement away from classical big body physics. 

The atom is seen as having energy levels for electrons. Instead of definite orbits the electron position is based on the probability of finding the electron in a region around the nucleus. A region of space gives us the probability of finding an electron a certain distance from the nucleus. The nucleus is found inside a blurry “electron cloud” which is a volume or space where there is a chance of finding an electron. The shape of the region is drawn by a 90% probability of finding the electron within that region. The shape of the probable region is defined by an atomic orbital. The location of the electron within the atom is given by:

Principal Quantum Number (n) 
The value of n determines the energy level of the electron.  Within each energy level the complex math of Schrödinger’s equation describes several shapes. Each type of shape is identified as a sublevel containing a specific atomic orbital. So the atomic orbital is a region where there is a high probability of finding an electron.

Energy level 1 (n=1) has one sublevel that contains one s orbital. Every succeeding energy level contains an s sublevel with an s orbital. The s orbital is Spherical shaped.
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1s and 2s orbital

Each s orbital can hold 2 electrons. Each s sublevel is identified by its principal quantum number n, so they are called the 1s, 2s, 3s, etc.. each s sublevel has one s type orbital.

Energy level 2 (n=2) has 2 sublevels, the s sublevel (shown above) and a p sublevel. Every succeeding energy level (3, 4, 5 …) contains a p sublevel with three p orbitals. The p orbital is shaped like a dumbbell, one p orbital is oriented along the x-axis, another p orbital is oriented along the y-axis and the third is oriented along the z-axis.
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P orbitals are sometimes labeled as px, py and pz (3 different directions). Each p orbital has the same shape
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Each p orbital can hold 2 electrons, so the p sublevel can hold a maximum of six electrons

Energy level 3 (n=3) has three sublevels: s sublevel with one s orbitals, p sublevel with three p orbitals
and the d sublevel with five d orbitals. The d orbitals are more complex in shape and are oriented along planes not axes. Each of the five orbitals can hold two electrons so the d sublevel can hold a maximum of ten electrons.
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Energy level 4 (n=4) has four sublevels: s sublevel with one s orbital, p sublevel with three p orbitals, 
d sublevel with five d orbital, and the f sublevel with seven f orbitals. The f orbitals are even more complex in shape but each of the seven orbitals can hold two electrons so the f sublevel can hold a maximum of fourteen electrons.

Summary - By Energy Level

First Energy Level only s sublevel with an s orbital that holds at most 2 electrons - 1s2.

Second Energy Level

s and p sublevels are available 2 in s, 6 in p - 2s22p6 (8 total electrons

Third energy level s, p, and d sublevels 2 in s, 6 in p, and 10 in d - 3s23p63d10  (18 total electrons

Fourth energy level

s,p,d, and f sublevels 2 in s, 6 in p, 10 in d, and 14 in f - 4s24p64d104f14 (32 total electrons

	Energy Level
	Number of sublevels
	Total number of orbitals
	Total number of electrons

	n
	n
	n2
	2n2

	1
	1          (s)  
	1
	2

	2
	2    (s & p)
	4
	8

	3
	3  (s p & d)
	9
	18

	4
	4 (s p d & f)
	16
	32


Electron Configuration

The arrangement of the electrons within an atom is called the Electron Configuration. The atomic orbitals do not fill up in a neat order; the energy levels overlap. This overlap is due to the large complex orbital shapes cause the electron to be, on average further from the nucleus than the simple orbital shapes from greater energy levels. 
The electron configuration (the way electrons are arranged in atoms) follows specific rules or principles:

1. Aufbau principle- electrons enter the lowest available energy level or sublevel first.

This causes difficulties because of the overlap of orbitals of different energies.

2. Pauli Exclusion Principle- at most 2 electrons per orbital. Electrons have the same charge and will repel each other, this repulsion can be reduced if the electrons have different spins (paired spins) leading to opposite magnetic force fields.

3. Hund’s Rule- When electrons occupy orbitals of equal energy (orbitals within the same sublevel) they don’t pair up until the sublevel is half full.

Applying the above rules results in the following fill order:
	Electron Configuration

	 
	
	
	
	

	
	7p
	6d
	5f
	←

	7s
	6p
	5d
	4f
	←

	6s
	5p
	4d
	←
	

	5s
	4p
	3d
	←
	

	4s
	3p
	←
	
	

	3s
	2p
	←
	
	

	2s
	←
	
	
	

	1s
	← 
	start
	
	


Let’s determine the electron configuration for Phosphorus 

Need to account for 15 electrons

The first two electrons go into the 1s orbital – 1s2 - remember electrons have opposite spins

The next two electrons go into the 2s orbital – 2s2.

The next six electrons go to the 2p sublevel – 2p6 3 paired spins.

Next is the 3s orbital with 2 electrons 3s2 (total is now 12, only 3 more to place).

The next three electrons go 3px1, 3py1, 3pz1

The Electron Configuration for phosphorus is: 1s2 2s2 2p6 3s2 3px1, 3py1, 3pz1 or 
1s2 2s2 2p6 3s2 3p3 (not showing the individual p orbitals).

Valence Shell and Valence electrons
The highest numbered energy level is given a special name – the valence shell
The electrons in this valence shell are referred to as valence electrons.

 

Identify each element, state the valence shell and the number of valence electrons for:
 a)   1s22s22p63s23p64s23d7 
b)   1s22s22p63s23p64s23d3 
c)   1s2 2s2 2p6 3s2 3p6 4s2 3d10 4p4
d)  1s2 2s2 2p6 3s2 3p6 4s2 3d10 4p6 5s2 4d10 5p2
 

Exceptions to Electron Configuration
Orbitals fill in order of lowest to highest energy. The most stable sublevel or energy level is a full energy level. The next most stable is a half full sublevel. Adding electrons can change the energy of the orbital or sublevel.

More than half filled sublevels or less than half filled sublevels are higher in energy than those that are exactly half full. The most stable is a full sublevel. These factors can lead to exceptions to the order of fill.

Write these electron configurations:

Titanium - 22 electrons
1s22s22p63s23p64s23d2
Vanadium - 23 electrons 
1s22s22p63s23p64s23d3
Chromium - 24 electrons
1s22s22p63s23p64s23d4 is expected
But this is wrong.

Chromium is actually

1s22s22p63s23p64s13d5


Why?  This gives us two half filled orbitals which is slightly lower in energy.

The same principal applies to copper. Copper has two possible charges. Why?

Copper’s electron configuration

Copper has 29 electrons so we expect
1s22s22p63s23p64s23d9
The valence (outside) electrons are in energy level 4 – there are 2 electrons, if copper loses these two a 2+ cation is formed. But if the electron configuration for the copper is:
1s22s22p63s23p64s13d10 – a 4s electron has been promoted to a 3d orbital, leaving a valence shell with only one electron. This gives one filled orbital and one half filled orbital. When this valence electron is lost a 1+ cation is formed. Copper can form two cations; 2+ or 1+.

Iron (Fe) with 26 electrons has an electron configuration of 1s22s22p63s23p64s23d6. When the iron reacts it can lose the 2 valence electrons 4s2 electrons creating a 2+ cation. Iron can also lose the two valence electrons plus one 3d electron to yield a half full 3d sublevel 3d5 which means a total loss of three electrons to create a 3+ cation.

Remember these exceptions explain why some elements form more than one possible cation.

Review Questions

1. How many orbitals are in the following sublevels?
a) 3p sublevel
b) 2s sublevel
c) 3d sublevel

d) 4f sublevel

e) 4p sublevel

2. Arrange the following sublevels in order of decreasing energy: (largest value to smallest value):
a) 3s

b) 3p

c) 2s


d) 4s


e) 3d

3. Write electron configuration for each of the following elements. How many unpaired electrons does each atom have?
a) boron

b) nitrogen
c) fluorine

d) neon

e) sodium

4. How many electrons are in the highest occupied energy level of the following atoms?
a) magnesium
b) potassium
c) aluminium

d) oxygen

e) argon

5. Explain how the quantum mechanical model describes the electron structure of the atom?
6. State and explain the three rules that govern an atom’s electron configuration (the filling of atomic orbitals by electrons).
7. Write the electron configurations for the following elements:
a) nitrogen
b) bromine
c) magnesium

d) aluminium

e) sulphur

f) cobalt

g) argon
h) rubidium

i) zinc


j) tin


k) sodium

l) potassium
8. How many electrons are in the third energy level of an atom for the following elements:
a) nickel
b) calcium

c) iron

d) magnesium

e) neon ?

9. Give the name and symbol for the atom whose electron configuration corresponds to each of the following electron configurations.
a) 1s22s22p63s23p5 

b) 1s22s22p63s23p6 3d104s24p3 

c) 1s22s22p63s23p6 3d104s24p65s24d6  

d) 1s22s22p63s23p2  

e) 1s22s22p63s23p6 3d104s24p65s1 

10. Identify the valence shell and the number of valence electrons for each of the atoms in #9.
11. What is the highest occupied energy level and how many electrons are in the highest occupied energy level (valence electrons) in each of the following atoms:
a)  barium  
b) bromine  
c)sodium   
d)nitrogen

12. The most stable energy level is one that is full. Sublevels that are full are stable. The next most stable sublevel is one that is half full. Partially filled sublevels are least stable. Atoms have their electrons arrange to give the most stability. Use this information to explain why the following metal atoms can lose different numbers of electrons:
a) Cu can lose 1 electron or two electrons
b) Fe can lose 2 electrons or three electrons
c) Ag loses only 1 electron
13. Complete the following table.
	Energy level
	Number and identity of sublevels
	Total number of orbitals
	Total number of e-

	1
	 
	 
	 

	 2
	 
	 
	 

	 3
	 
	 
	 

	 4
	 
	 
	 


 
