AP Chemistry – Chapters 7-8 Atomic Structure and Periodicity FAQ

Q: What is electron affinity, and what is its periodic trend?

A: The electron affinity is a very specific measure of the tendency for atoms to gain electrons. Specifically, it is the amount of energy released by an electron when the electron joins or attaches to an isolated atom. This measurement is very sensitive to the difference between the types of orbitals and to the number of electrons in those orbitals. Consequently, the zigs and zags in a graph of electron affinity are even more pronounced than in the graph of ionization energy. Therefore we won't deal with the electron affinity trends - they get kind of lost in the fluctuations. You should remember what electron affinity is but don't worry about how it varies as you go across and up and down the periodic table. 

But if you must know……

The electron affinity of an element is the energy given off when a neutral atom in the gas phase gains an extra electron to form a negatively charged ion. A fluorine atom in the gas phase, for example, gives off energy when it gains an electron to form a fluoride ion. 
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F(g) + e- --> F-
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Electron affinities are more difficult to measure than ionization energies and are usually known to fewer significant figures. The electron affinities of the main group elements become more positive up a group and right in a period. 
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Several patterns can be found in these data. 

· Electron affinities generally become smaller as we go down a column of the periodic table for two reasons. First, the electron being added to the atom is placed in larger orbitals, where it spends less time near the nucleus of the atom. Second, the number of electrons on an atom increases as we go down a column, so the force of repulsion between the electron being added and the electrons already present on a neutral atom becomes larger. 

· Electron affinity data are complicated by the fact that the repulsion between the electron being added to the atom and the electrons already present on the atom depends on the volume of the atom. Among the nonmetals in Groups VIA and VIIA, this force of repulsion is largest for the very smallest atoms in these columns: oxygen and fluorine. As a result, these elements have a smaller electron affinity than the elements below them in these columns as shown in the figure below. From that point on, however, the electron affinities decrease as we continue down these columns. 

Q:  What is the dual nature of light?

A: An age-old debate which has persisted among scientists is related to the question, "Is light a wave or a stream of particles?" Very noteworthy and distinguished physicists have taken up each side of the argument, providing a wealth of evidence for each side. The fact is that light exhibits behaviors which are characteristic of both waves and particles. 

In 1690 Christian Huygens theorized that light was composed of waves, while in 1704 Isaac Newton explained that light was made of tiny particles. Experiments supported each of their theories. However, neither a completely-particle theory nor a completely-wave theory could explain all of the phenomena associated with light! So scientists began to think of light as both a particle and a wave. In 1923 Louis de Broglie hypothesized that a material particle could also exhibit wavelike properties, and in 1927 it was shown (by Davisson and Germer) that electrons can indeed behave like waves. 

How can something be both a particle and a wave at the same time? For one thing, it is incorrect to think of light as a stream of particles moving up and down in a wavelike manner. Actually, light and matter exist as particles; what behaves like a wave is the probability of where that particle will be. The reason light sometimes appears to act as a wave is because we are noticing the accumulation of many of the light particles distributed over the probabilities of where each particle could be. 

For instance, suppose we had a dart-throwing machine that had a 5% chance of hitting the bulls-eye and a 95% chance of hitting the outer ring and no chance of hitting any other place on the dart board. Now, suppose we let the machine throw 100 darts, keeping all of them stuck in the board. We can see each individual dart (so we know they behave like a particle) but we can also see a pattern on the board of a large ring of darts surrounding a small cluster in the middle. This pattern is the accumulation of the individual darts over the probabilities of where each dart could have landed, and represents the 'wavelike' behavior of the darts. 

Light exhibits certain behaviors which are characteristic of any wave and would be difficult to explain with a pure particle-view. Light diffracts in the same manner that any wave would diffract. Light undergoes interference in the same manner that any wave would interfere. And light exhibits the Doppler effect just as any wave would exhibit the Doppler effect. Light behaves in a way that is consistent with our conceptual and mathematical understanding of waves on three specific behaviors - reflection, refraction and diffraction. Since light behaves like a wave, one would have good reason to believe that it might be a wave. 

In 1922 Otto Stern and Walther Gerlach performed an experiment whose results could not be explained by classical physics. Their experiment indicated that atomic particles possess an intrinsic angular momentum, or spin, and that this spin is quantized (that is, it can only have certain discrete values). Spin is a completely quantum mechanical property of a particle and cannot be explained in any way by classical physics. 

It is important to realize that the spin of an atomic particle is not a measure of how it is spinning! In fact, it is impossible to tell whether something as small as an electron is spinning at all! The word 'spin' is just a convenient way of talking about the intrinsic angular momentum of a particle. 

Magnetic resonance imaging (MRI) uses the fact that under certain conditions the spin of hydrogen nuclei can be 'flipped' from one state to another. By measuring the location of these flips, a picture can be formed of where the hydrogen atoms (mainly as a part of water) are in a body. Since tumors tend to have a different water concentration from the surrounding tissue, they would stand out in such a picture. 

Q:  What are the quantum numbers?

A: The Bohr model was a one-dimensional model that used one quantum number to describe the distribution of electrons in the atom. The only information that was important was the size of the orbit, which was described by the n quantum number. Schrödinger's model allowed the electron to occupy three-dimensional space. It therefore required three coordinates, or three quantum numbers, to describe the orbitals in which electrons can be found.

The three coordinates that come from Schrödinger's wave equations are the principal (n), angular (l), and magnetic (m) quantum numbers. These quantum numbers describe the size, shape, and orientation in space of the orbitals on an atom.

The principal quantum number (n) describes the size of the orbital. Orbitals for which n = 2 are larger than those for which n = 1, for example. Because they have opposite electrical charges, electrons are attracted to the nucleus of the atom. Energy must therefore be absorbed to excite an electron from an orbital in which the electron is close to the nucleus (n = 1) into an orbital in which it is further from the nucleus (n = 2). The principal quantum number therefore indirectly describes the energy of an orbital.

The orbital (angular) quantum number (l) describes the shape of the orbital. Orbitals have shapes that are best described as spherical (l = 0), polar (l = 1), or cloverleaf (l = 2). They can even take on more complex shapes as the value of the angular quantum number becomes larger. 
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There is only one way in which a sphere (l = 0) can be oriented in space. Orbitals that have polar (l = 1) or cloverleaf (l = 2) shapes, however, can point in different directions. We therefore need a third quantum number, known as the magnetic quantum number (m), to describe the orientation in space of a particular orbital. (It is called the magnetic quantum number because the effect of different orientations of orbitals was first observed in the presence of a magnetic field.)  For example, the p orbital can line up with the x axis, y axis, or z axis.  Numerically, the options are expressed as –1, 0, and +1.  The “middle” orientation is always expressed as zero, and the others are +/- integers.

To distinguish between the two electrons in an orbital, we need a fourth quantum number. This is called the spin quantum number (s) because electrons behave as if they were spinning in either a clockwise or counterclockwise fashion. One of the electrons in an orbital is arbitrarily assigned an s quantum number of +1/2, the other is assigned an s quantum number of -1/2. Thus, it takes three quantum numbers to define an orbital but four quantum numbers to identify one of the electrons that can occupy the orbital. 

Q:  How do you find the energy of a wave?

A:
E = h (, where h is Planck’s constant (6.626 X 10-34 J sec), and ( is the frequency in Hertz.

Q:  How do you find the energy of an electron?

A:
E = -2.178 X 10-18 Joules * (Z2/N2).  If you are changing from one energy to another energy, you can take E final – E initial.  But, to save time, you can distribute the constant to make the equation E = -2.178 X 10-18 Joules * [ (1/Nfinal 2) – (1/Ninitial 2) ]

Z is the atomic number, and N is the energy level of the electron in question.

Q:  Can you explain the reasons for periodic trends again?

A: yes!

Atomic Radii 

1) As you move down a group, atomic radius increases. 

	· PRIVATE
WHY? - The number of energy levels increases as you move down a group as the number of electrons increases. Each subsequent energy level is further from the nucleus than the last. Therefore, the atomic radius increases as the group and energy levels increase. 
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2) As you move across a period, atomic radius decreases. 

· WHY? - As you go across a period, electrons are added to the same energy level. At the same time, protons are being added to the nucleus. The concentration of more protons in the nucleus creates a "higher effective nuclear charge." In other words, there is a stronger force of attraction pulling the electrons closer to the nucleus resulting in a smaller atomic radius. 

Ionic Radii 

1) Anions (negative ions) are larger than their respective atoms. 

· WHY? 

1. Electron-electron repulsion forces them to spread further apart. 

2. Electrons outnumber protons; the protons cannot pull the extra electrons as tightly toward the nucleus. 

2) Cations (positive ions) are smaller than their respective atoms. 

· WHY? 

1. There is less electron-electron repulsion, so they can come closer together. 

2. Protons outnumber electrons; the protons can pull the fewer electrons toward the nucleus more tightly. 

3. If the electron that is lost is the only valence electron so that the electron configuration of the cation is like that of a noble gas, then an entire energy level is lost. In this case, the radius of the cation is much smaller than its respective atom. 

First Ionization Energy 

· Definition: The energy required to remove the outermost (highest energy) electron from a neutral atom in its ground state. 

1) As you move down a group, first ionization energy decreases. 

· WHY? 

1. Electrons are further from the nucleus and thus easier to remove the outermost one. 

2. "SHIELDING" - Inner electrons at lower energy levels essentially block the protons' force of attraction toward the nucleus. It therefore becomes easier to remove the outer electron 

2) As you move across a period, first ionization energy increases. 

· WHY? - As you move across a period, the atomic radius decreases, that is, the atom is smaller. The outer electrons are closer to the nucleus and more strongly attracted to the center. Therefore, it becomes more difficult to remove the outermost electron. 

Exceptions to First Ionization Energy Trends 
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1) Xs2 > Xp1 e.g. 4Be > 5B 

· WHY? - The energy of an electron in an Xp orbital is greater than the energy of an electron in its respective Xs orbital. Therefore, it requires less energy to remove the first electron in a p orbital than it is to remove one from a filled s orbital. 

2) Xp3 > Xp4 e.g. 7N > 8O 

· WHY? - After the separate degenerate orbitals have been filled with single electrons, the fourth electron must be paired. The electron-electron repulsion makes it easier to remove the outermost, paired electron.
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Second and Higher Ionization Energies 

· Definition: Second Ionization Energy is the energy required to remove a second outermost electron from a ground state atom. 

· Subsequent ionization energies increase greatly once an ion has reached the state like that of a noble gas. In other words, it becomes extremely difficult to remove an electron from an atom once it loses enough electrons to lose an entire energy level so that its valence shell is filled. 

· Ionization Energies (kJ/mol) 

	PRIVATE
Element
Na
Mg
Al
	
	1st IE
495.8
737.7
577.6
	
	2nd IE
4562.4
1450.6
1816.6
	
	3rd IE
6912
7732.6
2744.7
	
	4th IE
9543
10,540
11,577


Electron Affinity 

· Definition: The energy given off when a neutral atom in the gas phase gains an extra electron to form a negatively charged ion. 

1) As you move down a group, electron affinity decreases. 

2) As you move across a period, electron affinity increases. 
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Exceptions 

· Among nonmetals, however, the elements in the first period have lower electron affinities than the elements below them in their respective groups. 

· Elements with electron configurations of Xs2, Xp3, and Xp6 have electron affinities less than zero because they are unusually stable. In other words instead of energy being given off, these elements actually require an input of energy in order to gain electrons. e.g. Be, N, Ne 

· WHY? - Electron affinities are all much smaller than ionization energies. 

1. Xs2 < 0: Stable, diamagnetic atom with no unpaired electrons. 

2. Xp3 < 0: Stable atom with 3 unpaired p-orbital electrons each occupying its own subshell. 

3. Xp6 < 0: Stable atom with filled valence (outermost) shell. 


